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Preface 

The aim of this book is to provide an introduction to the chemistry of the solid-water 
interface. Of primary interest are the important interfaces in natural systems, above 
all in geochemistry, in natural waters, soils, and sediments. The processes occur
ring at mineral-water, particle-water, and organism-water interfaces play critical 
roles in regulating the composition and the ecology of oceans and fresh waters, in 
the development of soils and the supply of plant nutrients, in preserving the integrity 
of waste repositories, and in technical applications such as in water technology and 
in corrosion science. 

This book is a teaching book; it progresses from the simple to the more complex 
and applied. It is addressed to students and researchers (chemists, geochemists, 
oceanographers, limnologists, soil scientists and environmental engineers). Rather 
than providing descriptive data, this book tries to stress surface chemical principles 
that can be applied in the geochemistry of natural waters, soils, and sediments, and 
in water technology. 

Interface and colloid science has a very wide scope and depends on many 
branches of the physical sciences, including thermodynamics, kinetics, electrolyte 
and electrochemistry, and solid state chemistry. Throughout, this book explores one 
fundamental mechanism, the interaction of solutes with solid surfaces (adsorption 
and desorption). This interaction is characterized in terms of the chemical and 
physical properties of water, the solute, and the sorbent. Two basic processes in 
the reaction of solutes with natural surfaces are: 1) the formation of coordinative 
bonds (surface complexation), and 2) hydrophobic adsorption, driven by the incom
patibility of the nonpolar compounds with water (and not by the attraction of the 
compounds to the particulate surface). Both processes need to be understood to 
explain many processes in natural systems and to derive rate laws for geochemical 
processes. 

The geochemical fate of most reactive substances (trace metals, pollutants) is con
trolled by the reaction of solutes with solid surfaces. Simple chemical models for 
the residence time of reactive elements in oceans, lakes, sediment, and soil sys
tems are based on the partitioning of chemical species between the aqueous 
solution and the particle surface. The rates of processes involved in precipitation 
(heterogeneous nucleation, crystal growth) and dissolution of mineral phases, of 
importance in the weathering of rocks, in the formation of soils, and sediment dia
genesiS, are critically dependent on surface species and their structural identity. 

The dynamics of particles, especially the role of particle-particle interactions (coa
gulation) is critically assessed. The effects of particle surfaces on the catalysis of 

IX 



X Preface 

redox processes and on photochemically induced processes are discussed, and it 
is shown that the geochemical cycling of electrons is not only mediated by micro
organisms but also by suitable surfaces, and is thus of general importance at 
particle-water interfaces. 

The chemical, physical, and biological processes that are analyzed here at the 
micro level influence the major geochemical cycles. Understanding how geo
chemical cycles are coupled by particles and organisms may aid our understand
ing of global ecosystems, and on how interacting systems may become disturbed 
by civilization. 
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Chapter 1 

Introduction 
Scope of Aquatic Surface Chemistry 

The various reservoirs of the earth (atmosphere, water, sediments, soils, biota) 
contain material that is characterized by high area to volume ratios. Even the 
atmosphere contains solid-water-gas interfaces. There are trillions of square kilo
meters of surfaces of inorganic, organic and biological material that cover our 
sediments and soils and that are dispersed in our waters. Very efficient interface 
chemistry must occur to maintain appropriate atmospheric chemistry and hydro
spheric chemistry. Mineral-based assemblages and humus make up our soil sys
tems that provide the supply of nutrients and support our vegetation. The action of 
water (and CO2 and organiC matter) on minerals is one of the most important pro
cesses which produce extremely high surface areas and reactive and catalytic 
materials in the surface environments. The geological processes creating topo
graphy involve erosion by solution and particle transport. Such processes provide 
nutrient supply to the biosphere. The mass of material eroded off the continents 
annually is thus of an order of magnitude similar to that of the rate of crust formation 
and subduction (Fyfe, 1987). Human activity is greatly increasing erosion; and soil 
erosion has become a most serious world problem. The oceanic microcosmos of 
particles - biological particles dominate the detrital phases - plays a vital role in 
ocean chemistry. 

The actual natural systems usually consist of numerous mineral assemblages and 
often a gas phase in addition to the aqueous phase; they nearly always include a 
portion of the biosphere. Hence natural systems are characterized by a complexity 
seldom encountered in the laboratory. In order to understand the pertinent vari
ables out of a bewildering number of possible ones it is advantageous to compare 
the real system with idealized counterparts, and to abstract from the complexity of 
nature. 

Adsorption 

Adsorption, the accumulation of matter at the solid-water interface, is the basis of 
most surface-chemical processes. 
1} It influences the distribution of substances between the aqueous phase and 

particulate matter, which, in turn, affects their transport through the various 
reservoirs of the earth. The affinity of the solutes to the surfaces of the "conveyor 
belt" of the settling inorganic and biotic particles in the ocean (and in lakes) 
regulate their (relative) residence time, their residual concentrations and their 

1 



2 Scope of Aquatic Surface Chemistry 

ultimate fate (Fig. 1.1). Adsorption has a pronouced effect on the speciation of 
aquatic constituents. 
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Circulation of rocks, water and biota. Steady state model for the earth's surface geochemical system 
likened to a chemical engineering plant. The interaction of water with rocks in the presence of photo
synthesized organic matter continuously produces reactive material of high surface area in the surface 
environment. This process provides nutrient supply to the biosphere and, along with biota, forms the 
array of small particles (soils). Weathering imparts solutes to the water and erosion brings particles into 
surface waters and oceans. A large flux of settling detrital and biogenic particles continuously runs 
through the water column. The steady state conveyor belt of settling particles which are efficient 
sorbents of heavy metals and other trace elements regulates their concentrations in the water column. 
The sediments are the predominant sink of trace elements. 
(Modified from Siever (1968) 
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2) Adsorption affects the electrostatic properties of suspended particles and col
loids, which, in turn, influences their tendency to aggregate and attach (coagula
tion, settling, filtration). 

3) Adsorption influences the reactivity of surfaces. It has been shown that the rates 
of processes such as precipitation (heterogeneous nucleation and surface pre
cipitation), dissolution of minerals (of importance in the weathering of rocks, in 
the formation of soils and sediments, and in the corrosion of structures and 
metals), and in the catalysis and photocatalysis of redox processes, are critically 
dependent on the properties of the surfaces (surface species and their strucutral 
identity). 

Atoms, molecules and ions exert forces upon each other at the interface. In this 
book, adsorption reactions are discussed primarily in terms of intermolecular inter
actions between solute and solid phases. This includes: 1) Surface complexation 
reactions (surface hydrolysis, the formation of coordinative bonds at the surface 
with metals and with ligands). 2) The electric interactions at surfaces, extending 
over longer distances than chemical forces. 3) Hydrophobic expUlsion (hydro
phobic substances) - this includes non-polar organic solutes - which are usually 
only sparingly soluble in water, tend to reduce the contact in water and seek rela
tively non-polar environments and thus may accumulate at solid surfaces and may 
become absorbed on organic sorbents. 4) Adsorption of surfactants (molecules that 
contain a hydrophobic moiety). (interfacial tension and adsorption are intimately re
lated through the Gibbs adsorption law; its main message - expressed in a simple 
way - is that substances that tend to reduce surface tension, tend to become ad
sorbed at interfaces). 5) The adsorption of polymers and of polyelectrolytes -
above all humic substances and proteins - is a rather general phenomenon in 
natural waters and soil systems that has far-reaching consequences for the inter
action of particles with each other and on the attachment of colloids (and bacteria) 
to surfaces. 

Surface Coordination 

One of the more important generalizations emphasized in this book is that the 
solids can be considered as inorganic and organic polymers, the surfaces of which 
can be looked at as extending structures bearing surface functional groups. These 
functional groups contain the same donor atoms which are found in functional 

-:::::,0 
groups of solute ligands such as -OH, -SH, -SS, - c::.. OH etc. Such functional 

groups provide a diversity of interactions through the formation of coordinative 
bonds. Fig. 1.2 illustrates three possible adsorption mechanisms of metal ions on 
an oxide-water interface as well as sorption through the formation of a surface pre
cipitate. In a similar way ligands can replace surface OH groups (ligand exchange) 
to form ligand surface complexes. The concept of active sites has been a highly 
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COMPLEX 

INNER-SPHERE 
COMPLEXES 

9-+--0... __ OH2 

1»--... 0-- CU ..... OH2 

Figure 1.2 

Structural arrangements in surface complexes at an oxide surface. 

SURFACE 
PRECIPITATE 

a) Definition of possible sorption complexes at the solid/water interface, which is represented by the 
horizontal line. The solid substrate is below the line and the solution is above the line. The circles 
labeled M represent sorbed metal atoms in various types of sorption complexes. The larger shaded 
spheres in the solid substrate and surrounding the metal in the solution phase are oxygens. The 
smaller dark spheres in the solid substrate are metal ions, as are the spheres labeled M in the sorp
tion complexes and surface precipitate. (From Brown, 1990) 

b) Surface complex of Cu(II) on o-A1 20 3 (structure inferred from EPR measurements). (From 
Motschi, 1987) 

c) Proposed structure for SeO~- coordinated with Fe atoms of goethite based on Extended X-ray 
Absorption Fine Structure (EXAFS) spectroscopy. (From Hayes, Roe, Brown, Hodgson, Leckie, 
and Parks, 1981) 

productive one in understanding catalysis by enzymes and coenzymes. Although 
surface functional groups at solid-water interfaces are often characterized by less 
specificity than that of enzymes, they form an array of surface complexes, whose 
reactivities determine the mechanism of many surface controlled processes. We 
know from research on nucleation and biomineralization that the specific surface 
sites can extent "molecular recognition"; they determine in nucleation not only what 
allotropic modification of the solid phase is formed but also the morphology of the 
new phase. It is only today that we are discovering some of the basic mechanistic 
steps. Many mechanisms can readily be described in terms of Bmnsted acid sites 
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Table 1.1 Coordination Chemistry of the Solid-Water Interface: Concepts and 
important Applications in natural and technical Systems 

Surface Complex 
Formation 

Interaction with 

- W, OH-
- Metal ions 
- Ligands (ligand exchange) 

Thermodynamics of 
Surface Complex 
Formation 

- K (mass law constants, 
corrected for electrostatic 
effects) 

- ~G,~H 

Kinetics of Surface 
Complex Formation 

Rates of sorption and 
desorption 

Structure of Surface 
Compounds 

(Surface Speciation) 
- Inner· sphere versus outer

sphere 
- Monodentate versus 

binuclear 
- Monodentate versus 

bidentate 

Establishment of Surface 
Charge 

Structure of Lattice 

- Defect sites 
- Adatoms, kinks, steps, 

ledges 
- Lattice statistics 

Microtopography 

Applications: Distribution 
of Solutes between Water 

and Solid Surface 

Binding of Reactive 
Elements to Aquatic 
Particles in Natural 
Systems 

- Regulation of metals in soil, 
sediment, and water systems 

- Regulation of oxyanions of P, 
As, Se, Si in water and soil 
systems 

- Interaction with phenols 
carboxylates and humic acids 

- Transport of reactive 
elements including radio· 
nuclides in soils and aquifers 

Binding of Cations, 
Anions and Weak Acids to 
Hydrous Oxides in 
Technical Systems 

- Corrosion; passive films 
- Processing of ores, flotation 
- Coagulation, flocculation, 

filtration 
- Ceramics, cements 
- (Photo)electrochemistry 

(electrodes, oxide electrodes 
and semiconductors) 

Surface Charge resulting 
from the Sorption of 
Solutes 

- Particle-particle interaction; 
coagulation, filtration 

Applications: Rates 
depend on Surface 

Speciation 

Natural Systems 
Dissolution of Oxides, 
Silicates and other 
minerals 

- Weathering of minerals 
- Proton and ligand promoted 

dissolution 
- Reductive dissolution of 

Fe(I1I) and Mn(I1I, IV) oxides 

Formation of Solid Phases 

- Heterogeneous nucleation 
- Surface precipitation, crystal 

growth 
- Biomineralization 

Surface Catalyzed 
Processes 

- (Photo)redox processes 
- Hydrolysis of esters 
- Transformations of organic 

matter by Fe and Mn 
(photo )redox-cycles 

- Oxygenation of Fe(II), Mn(U), 
Cu(I) and V(IV) 

Technical Systems 

- Passive films (corrosion) 
- Photoredox processes with 

colloidal semiconductor 
particles as photo-catalyst, 
e.g. degradation of refractory 
organic substances 

- Photoelectrochemistry, e.g. 
photoredox processes at 
semiconductor electrodes 
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or Lewis acid sites. Of course, the properties of the surfaces are influenced with the 
properties and conditions of the bulk structure and the action of special surface 
structural entities will be influenced by the properties of both surface and bulk. 
Table 1.1 gives an overview of the major concepts and important applications. 
Emphasis is on surface chemistry of the oxide-water interface not only because the 
oxides are of great importance at the mineral-water (including the clay water) inter
face but because its coordination chemistry is much better understood than that of 
other surfaces. Experimental studies on the surface interactions of carbonates, 
sulfides, disulfides, phosphates and biological materials are only now emerging. 
The results of these studies show, that the concepts of surface coordination chemis
try can also be applied to these interfaces. 

Some emphasis is given in the first two chapters to show that complex formation 
equilibria permit to predict quantitatively the extent of adsorption of H+, OW, of 
metal ions and ligands as a function of pH, solution variables and of surface char
acteristics. Although the surface chemistry of hydrous oxides is somewhat similar to 
that of reversible electrodes the charge development and sorption mechanism for 
oxides and other mineral surfaces are different. Charge development on hydrous 
oxides often results from coordinative interactions at the oxide surface. The surface 
coordinative model describes quantitatively how surface charge develops, and per
mits to incorporate the central features of the Electric Double Layer theory, above 
all the Gouy-Chapman diffuse double layer model. 

The Hydrophobic Effect 

The hydrophobic effect, due to the incomptability of the hydrophobic substance with 
water, plays an important role in the adsorption of non-polar organic substances 
(Tanford, 1980). The sorption of hydrophobic substances to solid materials (parti
cles, soils, sediments) that contain organic carbon may be compared with the par
titioning of a solute between two solvents - water and the organic phase. It is pos
sible to characterize the sorption of a wide range of the organic compounds based 
on a single property of the compound, i.e., its octanol-water partition constant, Kow, 
(Fig. 1.3) and the property of the sorbent, i.e., the fraction of the sorbent that is or
ganic carbon (Westall, 1987). Many organic substances, such as fatty acids, deter
gents, contain a hydrophobic part and a hydrophilic polar or ionic group; they are 
amphipathic. Such substances may, depending on the configuration, become ad
sorbed either by hydrophobic effect or by coordinative interaction. 

Col/aids 

Colloids will receive attention throughout this book. They are usually defined on the 
basis of size; they are entities having at least in one direction a dimension between 
1 nm and 1 Ilm (Lyklema, 1991). Colloids are ubiquitous in seawater, in fresh sur
face waters, in soils and sediments and in groundwaters and are typically present 
at substantial concentrations (usually more than 106 colloids cm-3). A renewed re-
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search interest concerns the stability of col/oids, their genesis and dissolution, their 
coagulation and attachment and their role in the transport of reactive elements, of 
radionuclides and other pollutants. The presence of colloids causes major opera
tional difficulties in distinguishing between dissolved and particulate matter. All 
what we learn about interfaces is applicable to the colloid surface; because of the 
small size of the colloids they have relatively large area per given volume. 

Figure 1.3 

4r---~--~----~---r--~ 

Q. 

~ 3 
OJ 
o 

2~--~--~--~--~--~ 
2.5 3.0 3.5 4.0 4.5 5.0 

log Kow 

Partition constant for the distribution of various aromatic substances (mono-, di-, tri-, and tetramethyl, 
and chlorobenzenes) between water and an aquifer material (0.15 % organic carbon) as a function of 
the octanol-water partition coefficient, Kow. The values of log Kp have been adjusted to be correct for a 
sorbent of 100 % organic carbon. Kow is "defined for the partition of a substance A between octanol 
water: Kow = [Aoct]/[A(aq)]. 
(Modified from Westall, 1987) 

With a chapter on particle-particle interaction (coagulation) the characteristics of 
particles and colloids as chemical reactants are discussed. Since charge, and in 
turn the surface potential of the colloids is important in coagulation, it is illustrated 
how in simple cases the modelling of surface complex formation permits the calcu
lation of surface charge and potential. The role of particle-particle interaction in 
natural water and soil systems and in water technology (coagulation, filtration, 
flotation) is exemplified. 

Surface Structure and Surface Reactivity 

Three applications in geochemistry, in soil science and sediment chemistry are of 
importance: 
1) Dissolution (weathering) of minerals; 
2) The formation of the solid phase (nucleation, precipitation, crystal growth, bio

mineralization) ; 
3) Redox processes at the solid-water interface. 
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In analyzing the kinetics of surface reactions, it will be illustrated that many of these 
processes are rate-controlled at the surface (and not by transport). Thus, the sur
face structure (the surface speciation and its microtopography) determine the kinet
ics. Heterogeneous kinetics is often not more diff.icult than the kinetics in homo
geneous systems; as will be shown, rate laws should be written in terms of concen
trations of surface species. 

Because surfaces can adsorb reductants and oxidants and modify redox intensity, 
the solid-solution interface can catalyze many redox reactions. The geochemical 
cycling of electrons is not only mediated by microorganisms but is of importance at 
particle-water interfaces (especially at the sediment-water interface due to strong 
redox gradients) and in surface waters due to heterogeneous photo-chemical pro
cesses. Many of the naturally occurring soid phases, such as Fe(III) oxides, Ti02 , 

CdS, have electronic structures with semiconductor properties. Light can induce -
as in biological photosynthesis - transformations that are important in the cycling of 
elements; such light-catalyzed redox processes are also of importance in prebiotic 
geochemistry. Applications of heterogeneous photochemical redox processes in
clude the catalytic degradation of toxic inorganic and organic substances in waters 
and wastes, and, of course, the exploration of the possibility of using semiconduct
ing minerals in the splitting of water. 

The Bonding between Solids and Solutes; The Need for a better Understanding 

The structural identity of the surface speCies, the geometry of the coordinating shell 
of surface sites and of reactants at surfaces need to be known. The overlapping 
orbital of the inner-sphere surface complex interconnects the solid phase (metal, 
ionic or covalent solid, polymer) with the aqueous solution phase; it is a key to 
understanding of the reactivity of the solid-water interface (dissolution and forma
tion of solids, heterogeneous catalysis). The mechanism of most surface controlled 
processes depend on the coordinative environment at the solid-water interface. We 
lack sufficient knowledge on the ways molecules, atoms and ions interact at solid
water interfaces, above all, on the electronic structure of the bonding between 
solids and solutes. The recent book by R. Hoffmann on Solids and Surfaces; a 
Chemist's View of Bonding in Extended Structures (1988) shows how chemistry 
and physics come together in the solid state and on surfaces and how the basic 
mechanistic steps in heterogeneous catalysis can be understood. Although water 
at the interface of the solid is not considered in Hoffmanns book, it gives us an idea 
in which direction we should go. A better understanding on the electronic structure 
of the bonding between solids and aquatic solutes would push the boundaries of 
aquatic surface chemistry. 



Appendix 

The International Units, some useful Conversion Factors, 
and numerical Constants 

The "Systeme International" (SI) units, based on the metric system, were designed 
to achieve maximum internal consistency. The SI system is based on the following 
set of defined units: 

Physical quantity 

Length 
Mass 
Time 
Electric current 
Temperature 
Luminous intensity 
Amount of material 

The main derived units are: 1) 

Force 
Energy, work, heat 
Pressure 
Power 
Electric charge 
Electric potential 
Electric capacitance 
Electric resistance 
Frequency 
Conductance 

Useful Conversion Factors 

Unit 

meter 
kilogram 
second 
ampere 
kelvin 
candela 
mole 

newton 
joule 
pascal 
watt 
coulomb 
volt 
farad 
ohm 
hertz 
siemens 

Symbol 

m 
kg 
s 
A 
K 

cd 
mol 

N = kg m S-2 
J = Nm 
1 Pa = Nm-2 

W = J S-1 
C = As 
V = W A-1 
F = As V-1 
Q = V A-1 
Hz = S-1 

S = AV-1 

Energy, Work, Heat 1 joule = 1 volt-coulomb = 1 newton meter 
= 1 watt-second = 2.7778 x 10-7 kilowatt hours 

1) In this book we will continue to use the following traditional pressure and concentration units: 
1 atm (= 1.013 x 105 Pal 
1 mol kg·1 (mass of solvent), molality 
1 mol e-1 (volume of solution) = M, molarity 

9 
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Power 

Entropy (S) 

Pressure 

Coulombic Force 

= 107 erg 
= 9.9 x 10-3 liter atmospheres 
= 0.239 calorie 
= 1.0365 x 10-5 volt-faraday 
= 6.242 x 1018 e V 

= 5.035 x 1022 cm-1 (wave number) 
= 9.484 x 10-4 BTU (British thermal unit) 
'" 3 x 10-8 kg coal equivalent 

1 watt = 1 kg m2 S-3 
= 2.39 x 10-4 kcal S-1 = 0.860 kcal h-1 

1 entropy unit, cal mol-1 K-1 = 4.184 J mol-1 K-1 

1 atm = 760 torr = 760 mm Hg 
= 1.013 x 105 N m-2 = 1.013 x 105 Pa (Pascal) 

= 1.013 bar 

Coulomb's law of electrostatic force is written, in 81 units, 
as 

(1) t) 

The charges q1 and q2 are expressed in coulombs (C), the distance in meters (m), 
and the force F in newtons (N). The dielectric constant £ is dimensionless. The per
mittivity in vacuum is £0 = 8.854 x 10-12 C2 m-1 J-1. Thus, to calculate a coulombic 
energy, E, we have 

E(joules) = (2) 

Important Constants 

Avogadro's number (12C = 12.000 ... ) NA = 6.022 x 1023 mol-1 

Electron charge, e = 4.803 x 10-10 abs esu 

t) In the old cgs system of units, Eq. (1) was written as F = q1 x qylEd2 in which units were so defined 
that E was dimensionless; with E in vacuum, E = 1. 



(= charge of a proton) 
1 Faraday 

Electron mass, m 
Permittivity of a vacuum, £0 

Speed of light in a vacuum, c 
Gas constant, R 

Molar volume (ideal gas, 0° C, 1 atm) 
Planck's constant, h 
Boltzmann's constant, k 
Ice point 
R In 10 

RT298.15 In X 

RTF-1 In 10 
RTF-1 In X 

The Earth-Hydrosphere System 

Earth area 
Oceans area 
Land area 
Atmosphere mass 
Ocean mass 
Pore waters in rocks 
Water locked in ice 
Water in lakes, rivers 
Water in atmosphere 
Total stream discharge 
Evaporation = precipitation 

Appendix 11 

= 1.602x10-19C 

= 96.490 C mol-1 (= electric charge 
of 1 mol of electrons) 

= 9.1091 x 10-31 kg 
= 8.854 x 10-12 C2 m-1 J-1 

= 2.998 x 10S m S-1 
= 8.314 J mol-1 K-1 
= 0.082057 liter atm deg-1 mol-1 

= 1.987 cal deg-1 mol-1 

= 22.414 x 103 cm3 mol-1 

= 6.626 x 10-34 J s 
= 1.3805 x 10-23 J K-1 

= 273.15 K 
= 19.14 J mol-1 K-1 

= 5706.6 log X J mol-1 or 
1364.1 log X cal mol-1 

= 59.16 mV at 298.15 K 
= 0.05916 log X, volt at 298.15 K 

5.1 x 1018 cm2 

3.6 x 1018 cm2 

1.5 x 1018 cm2 

52 x 1017 kg 
13700 x 1017 kg 
3200 x 1017 kg 
165 x 1017 kg 
0.34 x 1017 kg 
0.105 x 1017 kg 
0.32 x 1017 kg year1 
4.5 x 1017 kg year1 
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Chapter 2 

The Coordination Chemistry of the Hydrous Oxide-Water 
Interface 

2.1 Introduction 

Oxides, especially those of Si, AI and Fe, are abundant components of the earth's 
crust. Hence a large fraction of the solid phases in natural waters, sediments and 
soils contain such oxides or hydroxides. In the presence of water the surface of 
these oxides are generally covered with surface hydroxyl groups (Fig. 2.1). 

a 

H HH HH 

b 

H H 

c 

Figure 2.1 

Schematic representation of the cross section of the surface layer of a metal oxide. e, Metal ions; 0, 
oxide ions. The metal ions in the surface layer (a) have a reduced coordination number. They thus be
have as Lewis acids. In the presence of water the surface metal ions may first tend to coordinate H20 
molecules (b). For most of the oxides dissociative chemisorption of water molecules (c) seems ener
getically favored. 

(From P. Schindler, in Adsorption of Inorganics at the Solid/Uquid Interface, Anderson, N. and Rubin, 
A., Eds., Ann Arbor Science, Ann Arbor, 1981) 
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Geometrical considerations and chemical measurements indicate an average sur
face density of 5 (typical range 2 - 12) hydroxyls per square nanometer of an oxide 
mineral. 

The various surface hydroxyls formed may structurally and chemically not be fully 
equivalent, but to facilitate the schematic representation of reactions and of equilib
ria, one usually considers the chemical reaction of "a" surface hydroxyl group, S
OH 1) (see the remarks on mean field statistics in Chapter 3.7). 

These functional groups contain the same donor atoms as found in functional 
groups of soluble ligands; i.e. the surface hydroxyl group on a hydrous oxide has 
similar donor properties as the corresponding counterparts in dissolved solutes, 
such as hydroxides, carboxylates, e.g., (S-OH is a surface group) 

R-COOH + Cu2+ = RCOOCu+ + W 
S-OH + Cu2+ = S-OCu+ + W 

(2.1 ) 
(2.2) 

i.e. deprotonated surface groups (S-O-) behave as Lewis bases and the sorption of 
metal ions (and protons) can be understood as competitive complex formation. 

The adsorption of ligands (anions and weak acids) on metal oxide (and silicate) 
surfaces can also be compared with complex formation reactions in solution, e.g., 

Fe(OH)2+ + F = FeF2+ + OH

S-OH + F = S-F + OH-

(2.3) 

(2.4) 

The central ion of a mineral surface (in this case we take for example the surface of 
a Fe(II1) oxide and S-OH corresponds to =Fe-OH) acts as Lewis acid and ex
changes its stuctural OH against other ligands (ligand exchange). Table 2.1 lists 
the most important adsorption (= surface complex formation) equilibria. The follow
ing criteria are characteristic for all surface complexation models: (Dzombak and 
Morel, 1990.) 

i) Sorption takes place at specific surface coordination sites; 
ii) Sorption reactions can be described by mass law equations; 
iii) Surface charge results from the sorption (surface complex formation) reaction 

itself; and 
iv) The effect of surface charge on sorption (extent of complex formation) can be 

taken into account by applying a correction factor derived from the electric 
double layer theory to the mass law constants for surface reactions. 

1) The following surface groups can be envisaged (Schindler, 1985): 

/ OH 
S" S-OH S/OH 2 S- OH 
S/ OH " OH " OH 
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Table 2. 1 Adsorption (Surface Complex Formation Equilibria) 

Acid base equilibria 
S-OH + W 
S-OH (+ OH-) 

Metal binding 
S-OH + MZ+ 

2 S-OH + MZ+ 
S-OH + MZ+ + H20 

Ligand exchange (L - = ligand) 
S-OH + L-

2S-OH + L-

Ternary surface complex formation 
S-OH + L- + MZ+ 

S-OH + L- + MZ+ 

< 

• 

• 

• 
• 

• 

• 

• 

• 

From Schindler and Stumm, 1987 (modified) 

> 

> 

> 

> 

> 

> 

> 

> 

> 

S-OM(z-1)+ + W 
(S-OhM(Z-2)+ + 2 W 
S-OMOH(z-2)+ + 2W 

S-L + OH
SrL+ + +20H-

S-L-MZ+ + OH
S-OM-L (z-2)+ + W 

2.2 The Acid - Base Chemistry of Oxides; pH of Zero Point of Charge 

Uptake and release of protons can be described by the acidity constants (assuming 
a solution of constant ionic strength, we imply that the activity coefficients of the sur
face species are equal): 

K~l = {SOH} [W] molle 
{SOH~} 

s {SO-} [W] 
Ka2 = {SOH} molle 

(2.5) 

(2.6) 

where { } denotes the concentrations of surface species in moles per kilogram of 
adsorbing solid and [ ] denotes the concentrations of solutes [M] 1). In many cases, it 
is more desirable to express the concentrations of the surface species as surface 
densities (mol m-2) or in the same units as the concentrations of dissolved species 
mol e-1]. Then conversion is easily accomplished with the equations. 

t) M means molle. We will frequently use solute concentrations (rather than activities). Often the 
experiments are done in a constant ionic medium. If the concentrations of the solutes are smaller 
than the concentrations of the background electrolyte, it is justified setting the aqueous phase 
activity coefficients equal to 1 on the scale of the constant ionic medium reference state (Stumm 
and Morgan, 1981). 
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(SOH) = s-1{SOH} [mol m-2] (2.7a) 

[SOH] = a{SOH} [mol e-1] (2.7b) 

where (SOH) is the surface concentration in mol m-2 and s = specific surface area 
of the solid [m2 kg-1] and a is the quantity of oxide used [kg e-1]. 

Example 2. 1: Evaluation of Surface Charge from Alkalimetric and Acidimetric 
Titration CUNes and Determination of Surface Acidity Constants 

We will demonstrate how the surface charge of a hydrous oxide (a-FeOOH) can be 
calculated from an experimental titration curve 1) (e.g., Fig. 2.2). 

In titrating a suspension of a-FeOOH (6 g e-1 , 120 m2 g-1; 2 x 10-4 mol g-1 surface 
functional groups (=FeOHTOT)) in an inert electrolyte (10-1 M NaCI04) with NaOH 
or HCI (CB and CA = concentration of base and acid, respectively, added per liter), 
we can write for any point on the titration curve 

(i) 

where [] indicates concentrations of solute and surface species per unit volume 
solution (M). Equation (i) can also be derived from a charge balance. The right
hand side gives the net number of moles per liter of W ions bound to a-FeOOH. 
The mean surface charge (i.e., the portion of the charge due to OW or W) can be 
calculated as a function of pH from the difference between total added base or acid 
and the equilibrium OH- and W ion concentration for a given quantity a (kg liter 1) of 
oxide used: 

CA - CB + [OW] - [H+] 
a = {=FeOH~} - {=FeO-} = Q (ii) 

where { } indicates the concentration of surface species in mol kg-1 (e.g., [=FeO-] / 
a = {=FeO-}). If the specific surface area s (m2 kg-1) of the iron oxide used is known 
(in this case 1.2 x 105 m2 kg-1), the surface charge 0' (C m-2) can be calculated: 

(i ii) 

1) [W] is measured potentiometrically with a glass electrode. Briefly, the method involves the use of a 
glass electrode and a double-junction calomel reference electrode in the titration cell: 

glass suspension of background liquid calomel 
electrode solid background electrolyte junctions electrode 

electrolyte solution 



pH 
a 

3 
1_0 

pH b 

o 

3 +10 

c 

Figure 2.2 
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TITRATION 

0 

CHCIO• 

FeOOHT = 69 to, 
1= O_lM NaCI04 

0.5 1.0 [mM) 

CNaOH 

1= 0.1 MNaCI04 

+5 0 -5 -10 Charge 

Q 10-5 mol go, 

pKa~ 

-10 Charge 

Q 

Titration of a suspension of a-FeOOH (goethite) in absence of specifically adsorbable ions. 
a) Acidimetric-alkalimetric titration in the presence of an inert electrolyte 
b) Charge calculated from the titration curve (charge balance) 
c) Microscopic acidity constants calculated from a) and b)_ Extrapolation to charge zero gives intrinsic 

pK~1 and pK~_ 
(Data from Sigg and Stumm, 1981) 
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where F is the Faraday constant (96,490 C mol-1) and r wand r OH- are the "ad
sorption" densities of H+ and OH- (mol m-2). 

The point of zero charge pHpzc corresponds to the zero proton condition at the sur
face: 

pHpzc (point of zero charge) (for definitions of points of zero charge see Chapter 
3.2): 

{=FeOH~} = {=FeO-}; (iv) 

In this case pHpzc = 7.9 (ct. Fig. 2.2b). 

We can now calculate the surface acidity equilibrium constants (Eqs. 2.5, 2.6). 
There are 5 species: =FeOH~, =FeOH, =FeO-, W, OH-, that are interrelated by the 
two acidity mass law constants (Eqs. 2.5, 2.6), by the ion product of water (Kw = 
[WHOW], where [W] and [OW] are the activities of Wand OH-, respectively and 
two mass balance equations: 

= [=FeOH~] - [=FeO-] + [W] - [OH-] 

(compare Eq. i) and 

[=FeOHTOT] = [=FeOH~] + [=FeOH] + [=FeO-] (v) 

The calculation is facilitated by the following assumptions: 

Q == {=FeOH~} for pH < pHpzc ; Q == {=FeO-} for pH > pHpzc 

Then, Eq. (2.5) becomes 

S ({=FeOHTOT} - Q) [H+] 
Ka1 = Q for pH < pHpzc 

and Eq. (2.6) 

KS _ Q [H+] 
a2 - ({=FeOHTOT} _ Q) 

for pH > pHpzc 

The acidity constants calculated from every point in the titration curve (Figure 2.2a 
and b) are microscopic acidity constants (Eqs. 2.5, 2.6). Each loss of a proton re
duces the charge on the surface and thus affects the acidity of the neighboring 
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groups. The free energy of deprotonation consists of the dissociation as measured 
by an intrinsic acidity constant, i.e., a constant valid for an uncharged surface, and 
the removal of the proton from the site of the dissociation in the bulk of the solution. 
As shown in Fig. 2.2, the intrinsic values for the acidity constants can be obtained 
by linear extrapolation of the log KS vs charge, Q, curve to the zero charge condi
tion; (as we shall show later, this somewhat empirical approach can be justified 
theoretically) . 

log K~ = log K~(int) - 13 Q (vi) 

where Q is the surface charge in mol kg-1, and 13 is a coefficient. 

The pHpzc (zero proton condition, point of zero charge) is not affected by the con
centration of the inert electrolyte. As Fig. 2.3 shows, there is a common intersection 
point of the titration curves obtained with different concentrations of inert electrolyte. 

Obviously at the condition where [=FeOH~] = [=FeO-] 

pHpzc = 0.5 [pKa1 (int) + pKa2(int)] (vii) 

0.2 
TOT Fe = 10-3 M 30 ~ , 

0 
Q) 
u.. 20 
..!!!... 0.1 

-'+"' 10 N 
N E 

I Q 
0 0 
Q) 0 0 ::1. 
u.. '-' 

..!!!... t:> 
II - -10 
~ 
E -0.1 
'-' -~o 
a 

4 5 6 7 8 9 10 11 
pH 

Figure 2.3 

Surface charge as a function of pH and ionic strength (1 : 1 electrolyte) for a 90-mgle (TOTFe = 10-3 M) 
suspension of hydrous ferric oxide. 

(From Dzombak and Morel, 1990) 

Points of Zero Charge. Points of zero charge (pzc) are pH-values where the net sur
face charge is zero. We consider here above all the surface conditions where the 
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charge is established by proton exchange at the surface. For a more detailed defi
nition of points of zero charge see Chapter 3.1. If the surface charge is established 
solely by W exchange (binding and dissociation of W) one may also refer to the 
point of zero net proton charge, pznpc. We can estimate the pHpznpc of metal oxides 
from electrostatic considerations. Parks (1967) has shown that the pHzpnc of a 
simple oxide is related to the appropriate cationic charge and radius of the central 
ion. As shown by Parks and illustrated by a few examples in Table 2.2, the pOints of 
zero charge of a composite oxide is approximately the weighted average of the 
values of its components. Predictable shifts in points of zero charge occur in re
sponse to state of hydration, cleavage habit, and crystallinity. 

The points of zero charge of salt-type minerals depends, sometimes in a compli
cated way, upon pH and on the concentration (activities) of all potential-determin
ing ions. Thus, in the case of calcite, possible potential-determining species, in 
addition to Wand OH-, are HCOj, CO2, and Ca2+; various mechanisms of charge 
development are possible. When referring to a point of zero charge of such non
oxides the solution composition should be specified. In the absence of complica
tions such as those caused by structural or adsorbed impurities, the point of zero 
charge of the solid should correspond to the pH of charge balance (electroneutral
ity) of potential-determining ions. 

Table 2.2 Point of Zero Charge caused by Binding or Dissociation of Protons a) 

Material pHpznpc Material pHpznpc 

a-A120 3 9.1 o-Mn02 2.8 
a-AI(OHb 5.0 f3- Mn02 7.2 
y-AIOOH 8.2 Si02 2.0 
CuO 9.5 ZrSi04 5 
Fe30 4 6.5 Feldspars 2 - 2.4 
a-FeOOH 7.8 Kaolinite 4.6 
a-Fe20 3 8.5 Montmorillonite 2.5 
"Fe(OHh" (amorph) 8.5 Albite 2.0 
MgO 12.4 Chrysotile >10 

a) The values are from different investigators who have used different methods and are not 
necessarily comparable. They are given here for illustration. 

Table 1.1 summarizes some of the concepts of the coordination chemistry of the 
solid-water interface and illustrates some important applications in natural and 
technical systems. Some of these applications will be discussed in later chapters. 
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2.3 Surface Complex Formation with Metal Ions 

Surfayecomplex formation of cations by hydrous oxides involves the coordination 
oCtI1~ionswith the oxygen donor atoms and the release of protons from the 
su rfCl~~,~.g., 

S-OH + Cu2+.. .. S-OCu+ + W 

There is also the possibility that bidentate surface complexes are formed: 

2 S-OH + Cu+2 = (S-OhCu + 2 W 

-S-OH 
I + ctl+ :;;:=< ~> 

-S-OH 

-S-O 
I "Cu + 2 H+ 

/ 
-S-O 

Eqs. (2.8) and (2.9) can also be formulated in terms of mass laws, e.g., 

S {S-OCu+} [W] 
KCu = 2+ {S-OH} [Cu ] 

s {(S-0)2CU} [W]2 
~2Cu = {(S-OH)2} [Cu2+] 

(2.8) 

(2.9a) 

(2.9b) 

(2.10a) 

(2.10b) 

These constants have the rank of conditional stability constants. For exact consid
erations we need to correct by a coulombic term for electrostatic interaction (see 
Chapter 4). 

Inner-sphere and Outer-sphere Complexes 

As Fig. 2.4 illustrates, a cation can associate with a surface as an inner sphere, or 
outer-sphere complex depending on whether a chemical, i.e., a largely covalent 
bond, between the metal and the electron donating oxygen ions, is formed (as in an 
inner-sphere type solute complex) or if a cation of opposite charge approaches the 
surface groups within a critical distance; as with solute ion pairs the cation and the 
base are separated by one (or more) water molecules. Furthermore, ions may be in 
the diffuse swarm of the double layer. 

It is important to distinguish between outer-sphere and inner-sphere complexes. In 
inner-sphere complexes the surface hydroxyl groups act as O'-donor ligands which 
increase the electron density of the coordinated metal ion. Cu(lI) bound inner-
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spherically is a different chemical entity than if it were bound outer-spherically or 
present in the diffuse part of the double layer; the inner-spheric Cu(II) has chemi
cally different properties, e.g., a different redox potential (with regard to CU(J)) and 
its equatorial water are expected to exchange faster than in Cu(U). As we shall see 
(Chapters 5, 9), the reactivity of a surface is affected by inner-sphere complexes. 

Outer-sphere 
complex 

Figure 2.4 

a 

# Diffuse ion 

b 

Oxygen 
Central ion 

s a B d 

Surface complex formation of an ion (e.g., cation) on the hydrous oxide surface. The ion may form an 
inner-sphere complex ("chemical bond"), an outer-sphere complex (ion pair) or be in the diffuse swarm 
of the electric double layer. (From Sposito, 1989) 

Fig. b shows a schematic portrayal of the hydrous oxide surface, showing planes associated with sur
face hydroxyl groups ("s"), inner-sphere complexes ("a"), outer-sphere complexes ("W') and the dif
fuse ion swarm ("d"). (Modified from Sposito, 1984) 

Structural Identity 

Direct evidence for inner-sphere complexes comes from spectroscopic methods; 
unfortunately, spectroscopic methods alone are seldom sufficiently sensitive to 
reveal the specific structure of surface complexes. Motschi (1987) used electron 
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spin resonance spectroscopy to study Cu(II) surface complexes. Additional studies 
were carried out with electron nuclear double resonance spectroscopy (ENDOR) 
and electron spin echo envelope modulation (ESEEM) in order to elucidate struc
tural aspects of surface-bound Cu(II), of ternary copper complexes (in which coor
dinated water is replaced by ligands), and of vanadyl ions on 8-AI203. Application 
of ENDOR spectroscopy allows the resolution of weak interactions between the 
unpaired electron and nuclei within a distance of about 5 A. From these so-called 
hyperfine data, structural parameters can be derived, e.g., bond distances of the 
paramagnetic center to the coupling nuclei or ligands. In the ENDOR spectrum of 
adsorbed V02+ on 8-AI203, signals caused by the coupling with the surface Lewis 
center (27 AI) are more strongly split than is calculated from molecular modeling. 
The existence of an inner-sphere coordination between the hydrated oxide and the 
metal is confirmed experimentally (Motschi, 1987). 

Direct in situ X ray (from synchroton radiation) adsorption measurements (EXAFS) 
(Hayes et aL, 1987, Brown et aL, 1989) permit the determination of adsorbed spe
cies to neighboring ions and to central ions on oxide surfaces in the presence of 
water. Such investigations showed, for example, that selenite is inner-spherically 
and selenate is outer-spherically bound to the central Fe(III) ions of a goethite sur
face. It was also shown by this technique that Pb(II) is inner-spherically bound to 
8-A1203 (Chisholm-Brause et aL, 1989). 

A simple method to distinguish between inner-sphere and outer-sphere complexes 
is to assess the effect of ionic strength on the surface complex formation equilibria. 
A strong dependence on ionic strength is typical for an outer-sphere complex. 
Furthermore, outer-sphere complexes involve electrostatic bonding mechanisms, 
and therefore are less stable than inner-sphere surface complexes, which neces
sarily involve largely covalent bonding or some combinations of covalent and ionic 
bonding. 

As we shall see (Chapter 4), the kinetics of surface complex formation is often re
lated to the rate of H20 loss from the aquo cation. This is another (indirect) evi
dence for inner-sphere complex formation. 

pH-Dependence of Surface Binding 

As evidenced by the mass laws of Eqs. (2.8), (2.9), the binding of a metal ion by 
-S!,lrJaceJigands - similar to the binding of a metal ion by a solute ligand -is strong
ly pH dependent (Fig,· 2.5a). QQmp1exformation iSG9mP.§ltiEII.e (e.g., metal ion vs W 
iQO .. OLys..anotherIOOtalion). Fig. 2.5b illustrates the sorption orva-rlous-metalions 
on hydrous ferric oxide. f()r each metal ion there is a narrow interval of 1 - 2 pH 
u.ill1s..w_herE} Jhe extent oi.sorption rises from zero to almost 100 %. 
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Figure 2.5 

pH-dependence of the binding of metal ions by solute and surface ligands 
a) Comparison of the complexation of Cu2+ by dissolved ligand (glycine) and by surface OH groups of 

AI20 3 as a function of pH. (The curves are calculated on the basis of experimentally determined 
equilibrium constants.) 

b) Extent of surface complex formation as a function of pH (measured as mol % of the metal ions in the 
system adsorbed or surface bound). 
[TOTF e 1 = 10.3 M (2 x 10-4 mol reactive sites e-1); Metal concentrations in solution = 5 x 10.7 M; 
I = 0.1 M NaN03 . (The curves are based on data compiled by Dzombak and Morel, 1990.) 

2.4 Ligand Exchange; Surface Complex Formation of Anions and Weak 
Acids 

The main mechanism of ligand adsorption is ligand exchange; the surface hydroxyl 
is exchanged by another ligand. This surface complex formation is also competi
tive; OH- ions and other ligands compete for the Lewis acid of the central ion 1) of 
the hydrous oxide (e.g., the AI(III) or the Fe(III) in aluminum or ferric (hydr)oxides). 
The extent of surface complex formation (adsorption) is, as with metal ions, strongly 

1) A Lewis acid site is a surface site capable of receiving a pair of electrons from the adsorbate. A 
Lewis base is a site having a free pair of electrons (like an oxygen donor atom in a surface OH
group) that can be transferred to the adsorbate. 
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dependent on pH. Since the adsorption of anionS is coupled with a release of OH
ions, adsorption is favored by lower pH values (Fig. 2.6) e.g., 

=AIOH + F.. ' =AIF + OH- (2.11 ) 

With bidentate ligands (mono nuclear or binuclear), surface chelates are formed. 

=FeOH + H C2 04 
(Oxalate) 

=FeOH 

... .. 

I + H2 P04 ;c= .. ~ ... 

=FeOH 

a 100r---~~~~------~~~~---------. 

b 100 

Figure 2.6 

6 
pH 

Surface complex formation with ligands (anions) as a function of pH 

(2.12) 

(2.13) 

a) binding of anions from dilute solutions (5 x 10-7 M) to hydrous ferric oxide [TOTFe = 10-3 MJ. Based 
on data from Dzombak and Morel, 1990. I = 0.1. 

b) binding of phosphate, silicate and fluoride on goethite (a-FeOOH); the species shown are surface 
species. (6g FeOOH per liter, PT = 10-3 M, SiT = 8 x 10-4 M.) (Sigg and Stumm, 1981). 

(The curves are calculated with the help of experimentally determined equilibrium constants.) 
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The extent of surface coordination and its pH dependence can again be explained 
by considering the affinity of the surface sites for metal ion or ligand and the pH 
dependence of the activity of surface sites and ligands. The tendency to form sur
face complexes may be compared with the tendency to form corresponding (inner
sphere) solute complexes (Fig. 2.7), e.g., 

=Fe-OH + F ;;c=< ~> =Fe-F + OW 

Fe(OH)2+(aq) + F ;;c=, ~> FeF2+ + OH-

log K~ a 
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(2.14a) 

(2.14b) 

-5 -10 -15 -20 

log *K1 [*1321 

Linear free energy relations between the tendency to form solute complexes and corresponding sur
face complexes. 
a) Comparison between intrinsic equilibrium constants of the reactions 

=MeOH + H0 ~ =MeHA + H20 Kf 
MeOH2+ + H0 ~ =MeHN+ + H20 ; K1 
where 0 Me = Fe3+, and. Me = AI3+. 
(From Sigg and Stumm, 1981) 

b) Correlation of stability constants of surface complexes of amorphous silica with metal ions 
=SiOH + Mez+ ~ =SiOMe(z-1) + W *Ks 

2 =SiOH + MeZ+ ~ (=SiO)2Me(Z-2) + W *~~ 
with corresponding hydrolysis reactions 
H20 + Mez+ ~ MeOH(z-1j+ + W *K 
2 H20 + Mez+ ~ Me(OH)2(z-2)+ + 2 W *~: 
(From Schindler, 1985) 

As with metal complexes, we can distinguish between outer-sphere and inner
sphere ligand complexes. Orbital overlap with the surface metal centers changes 
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the electro density in inner-sphere ligand complexes and may reduce the activation 
energy for reduction of a higher valent surface metal center such as Fe(III) or 
Mn(III.IV). The orbital overlap in outer-sphere complexes is much smaller than in 
inner-sphere complexes. 

Ternary Complexes 

Since the coordination sphere of a complex of a metal on the surface of a hydrous 
oxide is only partially occupied by the surface ligands, further ligands may be ac
quired to form a ternary complex (type A) (Schindler, 1990). 

S-OH + Me2+ + L- < >S-OMe-L + W (2.15) 

A (type B) ternary complex can also be formed when it is a polydentate ligand 

S-OH + L- + Me2+ < >S-L-Me2+ + OH- (2.16) 

Hydrolysis and Adsorption. Some years ago, a theory was advanced, that hydro
lyzed metal species, rather than free metal ions, are adsorbed to hydrous oxides. 
The pH-dependence of adsorption (the pH edge for adsorption is often close to the 
pH for hydrolysis) was involved to account for this hypothesis. As Figs. 2.7b and c 
illustrate, there is a correlation between adsorption and hydrolysis; but this correla
tion is caused by the tendency of metal ions to interact chemically with the oxygen 
donor atoms with OH-, and with S-OH. The kinetic work of Hachiya et al. (1984) 
and spectroscopic information are in accord with the reaction of (free) metal ions 
with the surface. 

There is however the possibility, especially with trivalent ions, and within given pH
ranges, that surface hydroxo species can be formed. 

S-OH + A13+ + H20 < >S-O-AIOW + 2 W 

Example 2.2: pH-Dependence of Surface Complex Formation 

In order to exemplify simple complex formation equilibria, we calculate the pH-de
pendence of the binding of a) a metal ion, Me2+, and b) of a ligand, A-, to a hydrous 
oxide. The metal oxide, S-OH, is characterized by two surface acidity constants 
pK~ = 4 and p~ = 9. Its specific surface area is 10m2 g-1. The surface contains 10-4 

mol surface sites per gram (- 6 sites nm-2) and we use 1 g e-1. Thus, there are 10-4 

mol surface sites per liter solution. The ligand A- is characterized by a pK-value of 
its conjugate acid of pKHA = 5. The total concentration of the adsorbates are a) 
TOTMe = 10-7 M and b) TOTHA = 10-7 M. We first make the calculation without 
correction for electrostatic interaction (we will come back in Chapter 3 (Example 
3.3, Figs. 3.14 and 3.15) with the same problem and repeat the calculations using 
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Gouy Chapman theory). We use the following equilibrium constants: 

S - OW .. S - OH + W log K~ -4 (i) .. = 2 

S - OH .. S-O- + W log K~ -9 (ii) .. = 
S - OH + Me2+ .. S - 0 Me+ + H+ log K~ -1 (iii) "' = 
S - OH + HA .. S - A + H2O log K~ 5 (iv) .. = 
HA = W + A- log KHA = -5 (v) 

For a) the following total concentrations can be defined: 

Tot SOH = [SOH~] + [SOH] + [SO-] + [SOMe+] = 10-4 M (vi a) 

Tot Me = [Me2+] + [SOMe+] = 10-7 M (vii a) 

For b): 

TOT SOH = [SOH~] + [SOH] + [SO-] + [SA] = 10-4 M (vi b) 

TOTHA = [HA] + [A-] + [SA] = 10-7 M (vii b) 

We keep this example as simple as possible so that it can be calculated by hand. 

There are various ways to approach the solving of the problem. One way is to use a 
trial and error approach expressing Eqs. (vi a) and (vii a) as functions of [W]/[Me2+] 
and [SOH]: 

(
[W] K~ K ~ [Me2+]) 

[TOT SOH] = 10-4 M = [SOH] K~ + 1 + [W] + [W] (viii a) 

[TOT Me] = 10-7 M = [Me2+] (1 + [~~] [SOH]) (ix a) 

These two equations contain (for any preselected [W] two unknowns ([Me2+] and 
[SOH)), and can readily be solved simultaneously by trial and error (systematic 
variations of assumed values of [SOH] and [Me2+]) until the left and right hand sight 
of these equations are equal; since [SOH] » [Me2+], one may start by assuming 
[SOH] "" 1 0-4 M. 

Results are given in Figs. 2.8a and b. Of course such calculations are more conven
iently carried out with a computer program. The solution techniques are described 
by Dzombak and Morel (1990). A program, to include adsorption on charged sur-
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faces, developed by Westall (1979) (MICROQL, II) has been adapted to personal 
computers. The same approach can be used to calculate adsorption equilibrium of 
the ligand A-. 

The two equations, expressing total concentrations, are: 

(
[W] KS J 

[TOT SOH] = 10-4 M = [SOH] K~ + 1 + [H~] + K~ [HA] (viii b) 

( 
KHA ) [TOT HA] = 10-7 M = [HA] 1 + [W] + K~ [SOH] (ix b) 

The final results are displayed in Figs. 2.9a and b. Note that so far no corrections 
have been made for electrostatic effects (cf. Chapter 3 (Fig. 3.15)). 

Figs. 2.8 and 2.9 exemplify the typical pH dependence for cation and ligand ad
sorption. As Fig. 2.9 illustrates the adsorption of the ligand A (or HA) goes through a 
maximum at a pH value that is near the pK value of HA. All kind of explanations 
have been given for the pH-dependence of this maximum; it is important to realize 
that this maximum is a consequence of the mass law. 

Surface Catalyzed Ester Hydrolysis 

Mineral surfaces may accelerate the rate of ester hydrolysis (Stone, 1989; Hoff
mann, 1990; Torrents and Stone, 1991). One plausible scheme for this hetero
geneous catalysis assumes a nucleophilic addition of the ester to the surface 
functional group, e.g., in case of a carboxylic acid ester 

o OH 
II I 

S - OH + C - 0 - R 2 ;;;=, ~> S - 0 - C - 0 - R 2 

I I 
R1 R1 

OH 
I 

S-O-C-O-R2 
I 
R1 
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Metal binding by a hydrous oxide from a 10-7 M solution (SOH + Me2+ ~ SOMe+ + W) for a set of 
selected equilibrium constants (see Eqs. (i) - (iii)) and concentration conditions (see text). No correc
tions have been made for electrostatic interactions (compare Fig. 3.14). The pH edge reflects a narrow 
pH range in which the metal ion is adsorbed. 
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Figure 2.9 

Ligand binding by a hydrous oxide from a 10-7 M solution (SOH + HA ~ SA + H20) for a set of se
lected equilibrium constants (see Eqs. (i), (ii), (iv), (v)) and concentration conditions (see text). No 
corrections have been made for electrostatic interactions (compare Fig. 3.15). 
Fig. b illustrates that a maximum of adsorption of the ligand occurs near the pK value of its conjugate 
acid. 

2.5 Affinities of Cations and Anions for Surface Complex Formation with 
Oxides and Silicates 

The relationship given in Fig. 2.7 illustrates the affinities of cations and anions to 
the Lewis bases and Lewis acids of oxide and silicate surfaces. For alkali and earth 
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alkali cations the tendency to become sorbed increases with the ionic radius of the 
ion: 

Cs+ > Rb+ > K+ > Na+ > Li+ 

Ba2+ > Sr2+ > Ca2+ > Mg2+ 
(2.17) 

This selectivity sequence conform to what has often been observed in soil adsorp
tion experiments. For transition elements, the electron configuration of the ions 
influences the adsorption affinity. The Irving-Williams order 

is often observed (Fig. 2.10). 
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Stability constants (ethylendiamine, glycinate, oxalate), surface complex formation constants and solu
bility products (sulfides) of transition ions. The surface complex formation constant is for the binding of 
metal ions to hydrous ferric oxide: =Fe-OH + Me2+ ~ =FeOMe+ + W; K ~. 

The anions cr, NOj, CI04, for some oxides also SO~- and SeO~ are considered to 
adsorb mainly in outer-sphere complexes and as diffuse ion swarm. 

Extensive tabulations on experimentally determined surface equilibrium constants 
(Schindler and Stumm, 1987; Dzombak and Morel, 1990) reflecting the acid-base 
characteristic of surface hydroxyl groups and the stability of surface metal com-
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plexes, of anion (ligand) complexes and of ternary surface complexes are now 
available and assist the application to practical problems. With the help of such 
constants one can describe how the concentration of reactive elements (metal ions, 
ligands) in soils, waters and sediments depend on the distribution between sur
faces and the solution and on pH and other solution variables. The geochemical 
fate of most trace elements is controlled by the reaction of solutes with solid 
surfaces. 

Example 2.3: Stoichiometry of H+ Release by Binding of Metal Ions; 
The Kurbatov Plot 

Metal ion binding to hydrous oxides can occur as monodentate or bidentate surface 
complexes (Eqs. 2.9a and 2.9b) where, respectively, one or two protons are re
leased per mol of metal ion bound. Develop a simple graphical method to distin
guish between monodentate and bidentate metal binding. 

In principle, it appears possible to distinguish between the formation of mono
dentate and bidentate surface complexes if the stoichiometry of the W release is 
know. A mean surface complex stoichiometry can be formulated 

n =S-OH + Me2+, .. (=S-O)n Me(2-n) + n W; p~ (i) 

Taking the log of the mass law of (i) (and setting [Meads] for [(=S-O)n Me(2-nl]) one 
obtains 

Figure 2.11 
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Binding of metal ions by amorphous silica. 300 mg Si02 dm-3, [MeT ~ 10-5 M). The fraction of metal ion 
bound was calculated from peak currents measured with differential pulse polarography. 
In the inset, linearized plots of log [Mebound)/[Me2+) are plotted as a function of pH. The slopes n = 
d log [Me2J Id pH are 1 .72, 1.77 and 1 .1 2 for Pb2+, Cu2+ and Cd2+, respectively. 

(From Wang and Stumm, 1987) 
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[Meads] 
log [Me2+] = log 13~ + n log [=S-OH] + n pH (ii) 

In a simplified form Eq. (ii) was used, decades ago, to assess metal ion adsorption 
to surfaces, by plotting log ([Meads] I [Me2+]) vs pH. (Kurbatov et aI., 1951). The 
slope of this curve gives an idea on n. The model for this "Kurbatov-plot" assumes 
that the adsorbent =S is present in large excess and that the adsorption at constant 
pH is not affected by surface charge. Fig. 2.11 gives an example for the binding of 
metal ions to amorphous Si02 . 

The Kurbatov plot is a convenient tool to display in a simple way adsorption (sur
face complex formation) data. But care must be exercised in the interpretation of the 
data, because n varies with pH and may vary with the adsorption coverage. For an 
exact analysis of the proton release stoichiometry, see Hohl and Stumm (1976) or 
Honeyman and Leckie (1986). 

Example 2.4: Shift in the Alkalimetric Titration Curve of an Oxide in the Presence of 
an Adsorbable Metal Ion or Ligand 

We resume the Example 2.1, where we calculated the surface charge of FeOOH 
from alkalimetric (acidimetric) titration curves as a function of pH. We now make a 
similar calculation, using an AI20 3 suspension; but we add to this suspension a 
dilute Pb(N03b solution from which the AI20 3 adsorbs some of the Pb2+ ions to 
form =AIOPb+. The adsorption of Pb2+ causes a shift in the titration curve (Fig. 
2.12a) because of the reaction 

=AIOH + Pb2+ = =AIOPb+ + W (i) 1) 

The charge balance (written for all species in mol/e) in the absence of Pb2+ is as be
fore (Example 2.1) 

(ii) 

where CA is the concentration [M] of a strong acid added (e.g., [HCI04] added = 
[CI04]) and CB, the concentration of a strong base added (e.g., [NaOH]added = [Na+]). 
Alternatively, Eq. (ii) can be written as a charge QH (in mol kg-1) or rH (in mol m-2) as 

(iia) 

1) In the corresponding experimental evaluation, a bidentate (=AIO)2Pb complex was formed in addi
tion to =AIOPb+. To keep our argumentation simple, we neglect the bidentate species (Hohl and 
Stumm, 1976). 
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Figure 2.12 
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a) Comparison of the interaction of AI20 3 with [CO(NH3)613+ with that of Pb2+. The kinetically inert co
balt complex cannot form inner-sphere complexes and thus behaves like an inert electrolyte (com
mon intersection at point of zero salt effect; (ct. Eq. 3.6) whereas Pb2+ is specifically adsorbed to 
the positively charged aluminum oxide. The adsorption is accompanied by a displacement of the 
titration curve (=AI-OH + Pb2+ ~ ",AIOPb + W). The shift in the titration curve at constant pH can 
be used to determine the extent of Pb2+ adsorption. The adsorption is accompanied by a de
crease in surface protonation of the oxide surface (from Stumm, Hohl, Dalang, 1976). 

b) The specific adsorption (surface concentration) of F- causes a displacement of the titration curve 
for a-FeOOH from which the extent of adsorption and the resulting surface charge can be calcu
lated. The adsorption is accompanied by an increase in surface protonation (from Sigg and 
Stumm, 1981) 
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or 
(iib) 

where a = amount of oxide used kg e-1, and s = specific surface area m2 kg-1 and F 
= Faraday = 96500 [coul mol-1]. 

Upon addition of Pb(N03h the charge condition (or the proton balance) is changed 
to 

Concentrations with an asterik are those in the presence of Pb2+. 

Because of the mass balance for the Pb(N03h 

2 [Pbr] = [NOj] 

2 [Pb2+] + 2 [=AIOPb+] = [NOj] (iv) 

Eq. (iii) can be rewritten as 

C ~ - C~ + [OH-] - [W] + 2 [Pb2+] + 2 [AIOPb+] = 
* * [=AIOH~ ] + [=AIOPb+] - [=AIO- ] + 2 [Pb2+] 

or 
C~ - C~ + [OH-] - [W] = [=AIOHn - [=AIOPb+] - [=AIO-*] (v) 1) 

or the proton charge [mol kg-1] 

while the net charge [mol kg-1] 

(vii) 

or 
(viii) 

or, in terms of surface charge [coul m-2] 

1) To facilitate understanding, Eq. (v) was derived on the basis of charge balance; it can be derived 
directly on the basis of the proton condition (using H20, and ;AIOH as a reference). 
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(ix) 

(ct. Eq. 3.1). 

How is the shift in the titration curve related to the quantity of Pb(II) bound to AI20 3 ? 

Considering that 

a1 = 
[=AIOH] 

[=AIOHTOT] 

and that in presence of adsorbed Pb2+, a~ = [=AIOHf] / [=AIOHTOT] - [=AIOPb+], 
we can deduct Eq. (v) from Eq. (ii) under conditions of constant pH to obtain 

l1CB = (CA - CB) - (C; - C~) = [=AIOHTOT] (ao - (2)

([=AIOHTOT] - [=AIOPb+]) (a; - a;) + [=AIOPb+] (x) 

it we assume that the a* values are the same as the a values (at least at low cover
age) we can write 

(xi) 

Thus, the shift in the titration curve, l1CB, at constant pH, is directly related to the 
extent of Pb(II) binding to the oxide surface. The adsorption of a metal ion de
creases the surface proton at ion. 

In a similar way one can treat the shift (in the opposite direction) of an alkalimetric
acidimetric titration curve by the adsorption of a ligand (Sigg and Stumm, 1981), 
e.g., 

(xii) 

For example the adsorption of F- on goethite induces a shift in the titration curve 
(Fig. 2.10b) (Sigg and Stumm, 1981). 
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-~CB = (C~ - C~) - (CA - CB) = (1 + (X2 - (Xo) [=FeF] (xiii) 

The net charge [mol kg·1] is given by 

(xiv) 

while 

(xv) 

2.6 The Coordinative Unsaturation of Non-Hydrous Oxide Surfaces 

As we have seen in Fig. 2.1 the dissociative chemisorption of water to an oxide sur
face, schematically represented by 

(j2-

I 

- -
OH OH 

I I 
(2.19) 

establishes the functional groups on hydrous oxide surfaces. The driving force for 
this water absorption is the coordinative unsaturation of the (non-hydrous) oxide. 

In a similar way other molecules such as H2, CO, O2, NO, alkenes, alcohols be
come adsorbed, e.g., 

H H+ 
I 

-Zn2+ - 0 2- + H2 < >-Zn2+ - 0 2- (2.20) 

FO H 

I I 
Zn - 0 + ROH < >Zn - 0 (2.21 ) 

Transition metal oxides (in absence of water) are therefore essential catalysts for 
many chemical processes such as oxidation (e.g., oxidation of CO in emission con
trol), dehydrogenation (e.g., production of aldehydes from alcohol), and selective 
reduction (e.g., reduction of NO). Usually, activation of an oxide by heating is a pre-
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requisit for chemisorption and catalysis; one of the reasons is that H20 "poisons" 
the surface and hydroxyl groups that are formed in a moist atmosphere usually 
inhibits molecular adsorption. 

Coordinative unsaturation arises from the fact that because of steric and electronic 
reasons, only a limited number of ligands or nearest neighbors can be within bond
ing distance of a metal atom or ion. In most transition metal oxides, the oxygen 
anions in the bulk form closed-packed layers and the metal cations occupy holes 
among the anions as schematically depicted in Fig. 2.1. In this picture, the oxide ion 
ligands appear to have saturated the coordination sphere of the bulk cation. 

There are two approaches to picture the formation of coordinative unsaturation de
pending on the way the surface is prepared: 
1) The oxide surfaces prepared by condensation and polymerization of hydroxo 

metal ions (see Schneider, 1988 on iron(III) hydrolysis) usually have lower co
ordination numbers than bulk oxide ions of the surface hydroxyles. Often the co
ordinatively unsaturated Mn+ site behaves like a Lewis acid and the coordina
tively unsaturated 0 2- ion is more basic than the bulk ions; 

2) The second approach to picture the formation of surface coordinative unsatura
tion is by cleaving a single crystal which involves among many other phenom
ena the breaking of a small number of bonds. Different exposed surfaces pos
sess ions of different degrees of coordinative unsaturation. Different crystalline 
faces have different degrees of coordinative unsaturation. In addition to these, 
ions or other types of coordinative unsaturation can be created by introducing 
defects in the surface. Although much information on the surface chemistry of 
non-hydrous oxides is of great interest in surface science we cannot cover this 
subject in this book. The reader is referred to an excellent introduction into 
transition metal oxide surfaces by Kung (1989). 
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Problems 

1) a) Explain qualitatively the pH-dependence of cation- and of anion-adsorption, 
respectively. 

b) Why does surface complex formation with a weak acid lead to a relative 
maximum in the extent of surface complex formation (adsorption) at a pH 
which is usually near the value of -log acidity constant of the weak acid 
(pKHA)? 

2) A sample of goethite is characterized by the following reactions: 

=FeOH~ = W + =FeOH pK~ = 6 
=FeOH = W + =FeO- pK~ = 8.8 
=FeOH + Cu2+ = =FeOCu + W pKs = -8 

Electrostatic effects are considered negligible. 

a) Calculate an adsorption isotherm for Cu2+ from a dilute Cu(N03ksolution at 
pH = 7 and =FeOHTOT = 10-6 M. 

b) What is the qualitative effect on the extent of adsorption of the following fac-
tors?: 

i) presence of HC03 in solution 
ii) increase in temperature of the solution 
iii) addition of 10-3 M Ca2+ 

3) Discuss the binding of metal ions and of ligands in terms of the Lewis-acid
base theory. 

4) Compare the alkalimetric titration of a polyprotic acid (e.g., polyaspartic acid) 
with that of an AI20 3 dispersion; show in either case the effect of the presence 
of a metal ion (e.g., Cu2+) on the titration curve. 

5) Describe semiquantitatively the effect of increased pH (at constant alkalinity) or 
of increased alkalinity (at constant pH) on the binding of Cu(II) to soil particles. 
(Consider that Cu2+ forms soluble carbonato complexes.) 

6) Does the addition of small quantities of the following solutes to a suspension of 
a-Fe203 affect pHpznpc, 

i) increase, 
ii) decrease, or 
iii) cause no effect? 

1) NaCI 
2) KF 
3) NaH2P04 

4) 
5) 
6) 

PbCI2 
Na2C20 4 (oxalate) 
Humic acid 
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7) Compare the solubility of amorphous Fe(OHb(s), as given in the figure below 
with the acid base properties of a solid hydrous ferric oxide (cf. Fig. 2.3). Is 
there a connection between the solubility minimum and the pHpznpc? 

·Iog c 

(M) 2 

am' Fe(OH}J(s) 

14 

pH dependence of the solubility of amorphous Fe(OH)3 

8) Soil particles were found to have a capacity for ligand binding of 2 x 10-4 mol 
g-1; these surface functional groups are characterized by an apparent "mono
protic" acidity constant 

SOH. .. SO- + W ; Ka = 10-6 

The soil particles are characterized by a specific surface area of 30 m2 g-1; they 
are present at a concentration of 100 g e- 1• What fraction of the surface, e, is 
covered by organic matter if the organic matter is present (at equilibrium) at a 
concentration of 10-4 M? The organiC matter is characterized by 

HA. .. W + A - ; K = 4 x 1 0-5 

and the adsorption is characterized by 

SOH + HA... .. SA + H20 ; K = 10-5 

9) The wall of a glass beaker contains ",SiOH groups. Why can dilute solutions of 
metal ions (pH >7) not be stored in glass vessels? 

1 0) Check the validity of the following statement: If a suspension of a hydrous oxide 
does not change its pH upon addition of NaN03 then this pH value is the pHpzc. 
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Chapter 3 

Surface Charge and the Electric Double Layer 

3.1 Introduction 
Acquiring Surface Charge 

Fig. 3.1 shows that many suspended and colloidal solids encountered in waters 
sediments and soils have a surface charge and that this charge may be strongly 
affected by pH. 

0.1 

-0.1 

-0.2 L---=-_..1....310---7~-'--~~ ___ ~.....J...~~""'-L_~~ 

0.2~~-~~~-r-~~-~-~~-~-~~ 

Figure 3.1 

Effect of pH on charge and electrophoretic mobility. In the neutral pH range most suspended solids 
typically encountered in natural waters are negatively charged. These simplified curves are based on 
results by different investigators whose experimental procedures are not comparable and may de
pend upon solution variables other than pH. The curves are meant to exemplify trends and are mean
ingful in a semiquantative way only. The curve for calcite is for an equilibrium suspension of CaC03 
with air (PC0

2 
= 10-3.5 atm). 

Solid particle surfaces can develop electric charge in three principal ways: 

1) The charge may arise from chemical reactions at the surface. Many solid sur
faces contain ionizable functional groups: -OH, -COOH, -OP03H2' -SH. The 
charge of these particles becomes dependent on the degree of ionization 

43 
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(proton transfer) and consequently on the pH of the medium. As we have seen, 
the electric charge of a hydrous oxide can be explained by the acid base behav
ior of the surface hydroxyl groups S-OH 

KS KS 
1 2 

S-OH~... > S-OH. > S-O-

Most oxides and hydroxides exhibit such amphoteric behavior; thus, the charge 
is strongly pH-dependent, being positive at low pH values (cf. Table 2.2). Simi
larly, for an organic surface, for example, that of a bacterium or of biological 
debris one may visualize the charge as resulting from protolysis of functional 
amino and carboxyl groups, for example, 

... 

At low pH a positively charged surface prevails; at high pH, a negatively charged 
surface is formed. At some intermediate pH the net surface charge will be zero. 

Charge can also originate by processes in which solutes become coordinatively 
bound to solid surfaces, for example, 

=Fe-OH + Cu2+ ... > =FeOCu+ + H+ 

=Fe-OH + HP02-
4 

... =Fe-OPO~- + H2O 

=S HS- > =S-SH-+ • 

=AgBr B( > =AgBr2 + • 

=RCOOH Ca2+ > =RCOOCa+ + H+ + ... 

2) Surface charge at the phase boundary may be caused by lattice imperfections 
at the solid surface and by isomorphous replacements within the lattice. For ex
ample, if in any array of solid Si02 tetrahedra an Si atom is replaced by an AI 
atom (AI has one electron less than Si), a negatively charged framework is 
established: 
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Similarly, isomorphous replacement of the AI atom by Mg atoms in networks of 
aluminum oxide octahedra leads to a negatively charged lattice. Clays are rep
resentative examples where such atomic substitution causes the charge at the 
phase boundary. Sparingly soluble salts also carry a surface charge because of 
lattice imperfections. 

Thus, the net surface charge of a hydrous oxide is determined by the proton 
transfer and reactions with other cations or anions. In general, the net surface 
charge density of a hydrous oxide is given by 

(3.1 ) 

where CJp = net surface charge in Coulombs m-2, F is the Faraday constant 
(96490 C mol-1), Z the valency of the sorbing ion, IH, lOH, 1M and lA, respec
tively are the sorption densities (mol m-2) of W, OH-, metal ions and anions. 

The net proton charge (in Coulombs m-2), the charge due to the binding of pro
tons or W ions - one also speaks of the surface protonation - is given by 

where rH and rOH are the sorption densities of W'and OH- expressed in mol m-2, 
F is the Faraday constant 96490 [Coulomb mol-1]. 

The surface charge in mol kg-1, OH and OOH, is obtained as OH = rHS and OOH = 
rOHS, where s is the specific surface area of the solid [m2 kg-1]. 

The net surface charge, Op, is experimentally accessible (by measuring cations 
and Wand OH- and anions that have been bound to the surface), e.g., in case 
of adsorption of a metal, M2+, or a ligand, A2-: 

Op = {S-OH~} - {S-O-} + {S-OM+} 

Op = {S-OH~} - {S-O-} - {SA-} 

(3.2a) 

(3.2b) 

where Op is the surface charge accumulated at the interface in mol kg-1. Op can 
be converted into CJp (Coulombs m-2): CJp = Op Fls where s is the specific surface 
area in m2 kg-1. 

Although aquatic particles bear electric charge, this charge is balanced by the 
charges in the diffuse swarm which move about freely in solution while remain
ing near enough to colloid surfaces to create the effective (counter) charge CJD 
that balances CJp 
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(Jp + (JD = 0 (3.3) 

The following points of zero charge can be distinguished: 

pzc: Point of zero charge: (Jp = 0 (3.4) 

This is often referred to as isoelectric point. It is the condition where particles do 
not move in an applied electric field. If one wants to specify that the pzc is estab
lished solely due to binding of W or OH- one may specify: 

pznpc: Point of zero net proton charge (or condition): (JH = 0 (3.5) 

pzse: Point of zero salt effect: oor/81 = 0 (3.6) 

where I = ionic strength. At pzse the surface charge is not effected by a change 
in concentration of an "inert" background electrolyte. 

Each diffuse swarm ion contributes to (JD the effective surface charge of an indi
vidual ion i can be apportioned according to 

~ f (JDj = ms [Cj(x) - Co j] dV (3.7) 
v 

where Zj is the valence of the ion, Cj(x) is its concentration at point x in the solu
tion, and Co j is its concentration in the solution far enough from any particle sur
face to avoid adsorption in the diffuse ion swarm (Sposito, 1989). The integral in 
Eq. (3.7) is over the entire volume V of aqueous solution contacting the mass ms 
of solid adsorbent. Thus, this equation represents the excess charge of ion i in 
aqueous solution: if Cj(x) = Co j uniformly, there could be no contribution of ion ito 
(JD. Note that Eq. (3.7) applies to all ions in the solution including Wand OH
and that (JD is the sum of all (JDj' 

3) A surface charge may be established by adsorption of a hydrophobic species or 
a surfactant ion. Preferential adsorption of a "surface active" ion can arise from 
so-called hydrophobic bonding (cf. Chapter 4.7), or from bonding via hydrogen 
bonds or from London-van der Waals interactions. The mechanism of sorption of 
some ions e.g., fulvates or humates, is not certain. Ionic species carrying a 
hydrophobic moiety may bind inner-spherically or outer-spherically depending 
on whether the surface-coordinative or the hydrophobic interaction prevails. 
(See Chapter 4.) 
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3.2 The Net Total Particle Charge; Surface Potential 

Thus, different types of surface charge contribute to the net total particle charge on 
a colloid, denoted (Jp. 

(Jp = (Jo + (JH + (JIS + (Jos 

where (Jp = total net surface charge 

(Jo = permanent structural charge (usually for a mineral) caused by 
isomorphic substitutions in minerals. Significant charge is produced 
primarily in the 2 : 1 phyllosilicates; 

(JH = net proton charge, i.e., the charge due to the binding of protons or the 
binding of OH- ions (equivalent to the dissociation of W). Protons in 
the diffuse layer are not included in (JH; 

(JIS = inner-sphere complex charge; 

(JOS = outer-sphere complex charge. 

The unit of (J is usually Coulomb m·2 (1 mol of charge units equals 1 Faraday or 
96490 Coulombs). 

As we have seen, the electric state of a surface depends on the spatial distribution 
of free (electronic or ionic) charges in its neighborhood. The distribution is usually 
idealized as an electric double layer; one layer is envisaged as a fixed charge or 
surface charge attached to the particle or solid surface while the other is distributed 
more or less diffusively in the liquid in contact (Gouy-Chapman diffuse model, Fig. 
3.2). A balance between electrostatic and thermal forces is attained. 

According to the Gouy-Chapman theory the surface charge density (Jp [C m·2] is 
related to the potential at the surface 'If [volt] (Eq. (vi) in Fig. 3.2) 

(Jp = (8 RTff.o c x 103 )'12 sinh (Z'lfF/2 RT) (3.8a) 

where R = molar gas constant (8.314 J mol-1 K-1), T the absolute temperature (K), £ 
the dielectric constant of water (£ = 78.5 at 25° C), £0 the permittivity of free space 
(8.854 x 10-12 C V-1 m-1 or 8.854 x 10-12 C2 J-1 m-1), c = molar electrolyte concentra
tion [M]. Eq. (3.8a) is valid for a symmetrical electrolyte (Z = ionic charge). At low 
potential Eq. (3.8a) can be linearized as 

(Jp = ff.o l( 'If (3.8b) 
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a) 

b) 

c) 

d) 
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Figure 3.2 

The diffuse double layer 

approximately 

'" = "'0 exp (-Kd) 

C+ = Cx=oo exp ( -zF'!' ) 
RT 

C- = Cx=oo exp ( zF'!' ) 
RT 

(j ( 3)112 . (ZF,!,) P = SRT EEo Cx 1 0 • sinh 2RT 

a) Diffuseness results from thermal motion in solution. 

(ii) 

(iii) 

(iv) 

(v) 

(vi) 

b) Schematic representation of ion binding on an oxide surface on the basis of the surface complexa
tion model. s = specific surface area m2 kg-1. Braces refer to concentrations in mol kg·1. 

c) The electric surface potential. IV. falls off (simplified model) with distance from the surface. The de
crease with distance is exponential when IV < 25 mV. At a distance lC·1 the potential has dropped by 
a factor of (1/e). This distance can be used as a measure of the extension (thickness) of the double 
layer (see Eq. 3.Sc). At the plane of shear (moving particle) a zeta potential can be established with 
the help of electrophoretic mobility measurements. 

d) Variation of charge distribution (concentration of positive and negative ions) with distance from the 
surface (Z = charge of the ion). 

e) The net excess charge. 
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where the double layer thickness (compare Eq. (iii) in Fig. 3.2) lC1 (in meters) is de
fined by 

K = ~ F2 I x 103 )1/2 
l ££0 RT 

where I is the ionic strength [M]. 

(3.8e) 1) 

Eq. (3.8a) and (3.8b) can be written for 25° C where £, the dielectric constant of 
water, is 78.5 as 

(jp = 0.1174 c1f2 sinh (Z",x 19.46) (3.8d) 
and 

(3.8e) 

(jp = has the units C m-2 . 

The Stern Layer. The Gouy-Chapman treatment runs into diffuculties at small KX 

values when the surface potential is high. The local concentrations of ions near the 
surface (Eqs. (3) and (4) in Table A.3.1 of the the Appendix) become far too large; 
this is because of the assumptions of point charges and neglect of ionic diameter. 
Stern suggested that the surface be divided into two parts, the first consisiting of a 
compact layer of ions adsorbed at the surface (Stern layer) and the second consist
ing of a diffuse double layer. In the Stern treatment Wand OH- are incorporated in 
the solid and specifically adsorbed ions are placed at a plane separated from the 
solid by a short distance. In the surface complex formation model, specifically ad
sorbed (inner-spherically bound) ions belong like Wand OH- ions to the solid 
phase. 

The surface complexation approach is distinct from the Stern model in the primacy 
given the specific chemical interaction at the surface over electrostatic effects, and 
the assignment of the surface reaction to the sorption reactions themselves 
(Dzombak and Morel, 1990). 

In the surface complex formation model the amount of surface charge that can be 
developed on an oxide surface is restricted by the number of surface sites. (This 
limitation is inherently not a part of the Gouy-Chapman theory.) 

The Triple Layer Model. This model developped by Yates et al. (1974) and Davis et 
al. (1978) uses a similar idea as the Stern model: the specifically adsorbed ions are 

1) The simplified equation 1C = 3.29 x 109 1'12 [m-1] valid for 25° C is useful. Thus, JC'"1 for a 10-3 M NaCI 
solution is ca. 10 nm; for seawater JC'"1 '" 0.4 nm. 
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placed as partially solvated ions at a plane of closest approach. From there on the 
Gouy-Chapman layer extends. 

Zeta-Potential 

The electrokinetic potential (zeta potential, ~) is the potential drop across the mobile 
part of the double layer (Fig. 3.2c) that is responsible for electrokinetic phenomena, 
for example, elecrophoresis (= motion of colloidal particles in an electric field). It is 
assumed that the liquid adhering to the solid (particle) surface and the mobile liquid 
are separated by a shear plane (slipping plane). The electrokinetic charge is the 
charge on the shear plane. 

The surface potential is not accessible by direct experimental measurement; it can 
be calculated from the experimentally determined surface charge (Eqs. 3.1 - 3.3) 
by Eqs. (3.3a) and (3.3b). The zeta potential, ~, calculated from electrophoretic 
measurements is typically lower than the surface potential, 'V, calculated from dif
fuse double layer theory. The zeta potential reflects the potential difference be
tween the plane of shear and the bulk phase. The distance between the surface 
and the shear plane cannot be defined rigorously. 

Electrophoresis refers to the movement of charged particles relative to a stationary 
solution in an applied potential gradient, whereas in electroosmosis the migration 
of solvent with respect to a stationary charged surface is caused by an imposed 
electric field. The streaming potential is the opposite of electroosmosis and arises 
from an imposed movement of solvent through capillaries; conversely a sedimenta
tion potential arises from an imposed movement of charged particles through a 
solution. Operationally the zeta potential can be computed from electrophoretic 
mobility and other electrokinetic measurements. For example, for nonconducting 
particles whose radii are large when compared with their double-layer ticknesses, 
the zeta potential, ~, is related to the electrophoretic mobility, me (= velocity per unit 
of electric field). Frequently many corrections that are difficult to evaluate must be 
considered in the computation of ~. The measurement of electrophoretic mobility is 
treated by Hunter (1989); the measurement in natural waters is discussed by 
Neihof and Loeb (1972). 

Example 3.1 

A hydrous iron (III) oxide suspension (10-3 moles per liter) at pH = 6.0 has ad
sorbed 20 % of Zn2+ from a solution that contained incipiently 10-4 moll e of Zn2+ 
and an inert electrolyte (I = 10-2 M) (25 0 C). The hydrous iron oxide has been 
characterized to have a specific surface of 600 m2 g-l and 0.2 moles of active sites 
per mol of Fe(OHb. From an alkalimetric acidimetric titration curve, we know that at 
pH = 6 the 10-3 M Fe(OHb suspension contains [=Fe-OH~] - [=Fe-O-] = 3 x 10-5 M 
charge units. 
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Calculate the surface charge 0" [C m-2] and the surface potential and the "thickness" 
of the double layer, lC1 . 

i) The surface speciation in molle is given by [=Fe-OZn+] = 2 x 10-5 M and by 
([=Fe-OH~] - [=Fe-O-]) = 3 x 10-5. (Since the active sites in the suspension is 
[=Fe-OHTocl = 2 x 10-4 M and [=FeOH~] > [=FeO-], the molar concentration of 
[=Fe-OH] :::: 1.5 x 10-4 M.) Thus, the hydrous ferric oxide suspension carries on 
its surface a total of 5 x 10-5 moles of positive charge units per liter (ct. Eq. 3.2), 
i.e., ca. 25 % of the total sites are positively charged and nearly 75 % are un
charged. On a per surface area basis [m2] we get 

5 x 10-5 mol charge units e 1 g Fe(OHb mol Fe(OHb 96500 C 
O"p = 2 e 10-3 mol Fe(OHb(s) 600 m 107 g mol 

O"p = 7.5 x 1 0-2 Coulombs m-2 or 7.5 IlC cm-2 (i) 

ii) The surface potential is obtained from Eq. (3.8d): 

sinh (\jI x 19.46) 
7.5x10·2 

= 6.4 -0.1174xO.1 

\jI x 19.46 = 2.554 

2.554 
= 0.13 V \jI = 19.46 

iii) 1C can be calculated according to Eq. (3.8c) for 1= 10-2 M; 

2 x (96490)2 mol2 x 10-2 x 103 mol 

( 

C2 J~ 
= 3.29 x 108 m-1 

Thus, the thickness of the double layer as characterized by 1('1 = 3 nm. 

3.3 The Relation between pH, Surface Charge and Surface Potential 

Dzombak and Morel, 1990, have illustratively and compactly summarized (Fig. 3.3) 
the interdependence of the Coulombic interaction energy with pH and surface 
charge density at various ionic strengths for hydrous ferric oxide suspensions in 
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Figure 3.3 
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Relationship between pH, surface potential, \jI (or Coulombic term, log P, or Coulombic free energy, 
~Gcoul)' and surface charge density, a (or surface protonation) for various ionic strengths of a 1:1 
electrolyte for a hydrous ferric oxide surface (P = exp(-F\jI/RT). 
a) dependence of the coulombic term and surface potential on solution pH; note the near-Nernstian 

behavior at low ionic strength; 
b) \jI versus a; these curves correspond to the Gouy-Chapman theory; 
c) a versus pH; these are the curves obtained experimentally 
(From Dzombak and Morel, 1990) 

which H+ is the only potential determining ion. In explaining this figure we follow 
largely their explanation. The influence of pH and ionic strength on the Coulombic 
interaction energy and on the Coulombic correction factor [exp(-F'If/RT}] is calcu
lated according to the diffuse double layer model. The only experimental basis for 
the relationships depicted are the pH vs cr curves (panel C), as calculated from the 
surface protonation as measured from alkalimetric and/or acidimetric titration. The 
surface potential 'If cannot be measured. The \jf vs cr graphs (panel b) are obtained 
strictly from Gouy-Chapman theory. This relationship is predicted to be linear at low 
potentials, and exponential at higher potentials. Greater surface charges are de
veloped at higher ionic strengths and greater surface potentials at lower ionic 
strengths. The Coulombic factor P [= exp(-F\jf/RT)) varies by ca. seven orders of 
magnitude between pH = 4 and pH = 7. The Coulombic effect can be expressed in 
conventional energy units [kJ mol-1] (.1G = -F\jf). As shown, Coulombic effects can 
contribute up to ca 20 kJ mol-1 (corresponding to 200 mV) to surface reactions. 
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Charge vs pH for Different Metal Oxides 

Fig. 3.4a gives plots of charge resulting from surface protonation vs pH for various 
oxides. Dots represent experimental data from different authors (Table 3.1 a) from 
titration curves at ionic strength I = 0.1 M (hematite = 0.2 M). It is interesting to note 
that the data "of different oxides" can be "normalised" i.e., made congruent, if we 
chose the master variable 

~pH = pHpzc - pH (3.9) 1) 

as the abscissa (Fig. 3.4b). A simple explanation is that the free energy of interac
tion for the surface protonation is composed of a chemical interaction ~Gint and an 
electrostatic interaction term (~G~oul) 

~G~ot = ~Gi ntr + ~G~oul 
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Surface protonation isotherms. Dots represent experimental data from titration curves at ionic strength 
I = 0.1 (Hematite, I = 0.2). References are indicated in Table 3.1. The concentration of protonated 
sites {=MOH~} is given in moles m-2• BET surface data were used to calculate the surface concentra
tion. 
a) surface protonation vs pH; 
b) surface concentration as a function of pHpzc - pH = ~pH (Eq. 3.5) 

(From Wieland, Wehrli and Stumm, 1988) 

1) In this and many subsequent equations we often use the more general parameter pHpzc rather 
than the more specific pHpznpc despite the fact that in the cases discussed surface charge is due to 
protons only. 
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The chemical or intrinsic free energy term is reflected in the pHpzc; this pHpzc varies 
for every oxide depending on each oxide's proton affinity. The Coulombic term, 
however, is approximately the same for different oxides (~G~oul = ZF",) at a given 
~pH and at a given ionic strength. This will be discussed further in Chapter 3.8. 

Table 3.1 Protonation isotherm parameters of different oxides 
(see Fig. 3.4) 

a) b) c) d) 

Surface pH pzc pK~1 (int) C a 
JlF/cm2 kJ/mol 

Ti02 f) 6.25 4.92 79 99 
Zr02 g) 6.4 4.72 148 51 
8-A1203 h) 8.7 7.32 115 68 
a-FeOOH i) 7.28 6.03 167 47 
a-Fe203 k) 8.67 7.47 94 83 
Fe304 g) 6.8 5.63 151 52 
BeO I) 10.2 8.71 134 58 
Latex m) 8.0 6.45 113 69 

a) pH of the point of zero charge 
b) Intrinsic protonation equilibrium constant (Eq. 2.5) 
c) Integral double layer capacitance 
d) Interaction energy parameter of the Frumkin Fowler Guggenheim FFG isotherm 

(see Chapter 4) 
The high site's density used in these calculations yields high values of a 

e) Freundlich slope for tipH > 2 (slope of Freundlich isotherm; see Chapter 4) 
f) Wieland, Wehrli and Stumm (1988) 
g) Regazzoni, Blesa and Maroto (1983) 
h) Kummert and Stumm (1980) 
i) Sigg and Stumm (1981) 
k) Fokkink (1987) 
I) Furrer and Stumm (1986); n was calculated for tipH > 4 
m) Harding and Healy (1985) 

Effect of Metals and Ligands on Surface Charge 

e) 

n 

0.19 

0.13 
0.16 
0.16 

0.085 
0.14 

As we have seen, the net surface charge of a hydrous oxide surface is established 
by proton transfer reactions and the surface complexation (specific sorption) of 
metal ions and ligands. As Fig. 3.5 illustrates, the titration curve for a hydrous oxide 
dispersion in the presence of a coordinatable cation is shifted towards lower pH 
values (because protons are released as consequence of metal ion binding, S-OH 
+ Me2+ ~ SOMe+ + W) in such a way as to lower the pH of zero proton condition 
at the surface. 
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At this point (pHpznpd the portion of the charge due to Wand OH- or their com
plexes 1) becomes zero. Because of the binding of MZ+ to the surface (r MZ+). the 
fixed surface charge increases or becomes less negative2) and, at the pH where 
the fixed surface charge becomes zero, the point of zero charge, pzc, is shifted to 
higher pH values. Correspondingly, specifically adsorbable anions increase the pH 
of the zero proton condition but lower the pH of the pzc (Fig. 3.5). 

Absence of specifi
cally adsorbable 
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Acid 

Specifically 
adsorbable MZ+ 
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L-----------~pH pH 

~rH-r Lr 
N OH 
E 
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E + + 

o 
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Figure 3.5 
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The net charge at the hydrous oxide surface is established by the proton balance (adsorption of H or 
OH- and their complexes at the interface and specifically bound cations or anions. This charge can be 
determined from an alkalimetric-acidimetric titration curve and from a measurement of the extent of 
adsorption of specifically adsorbed ions. Specifically adsorbed cations (anions) increase (decrease) 
the pH of the point of zero charge (pzc) or the isoelectric point but lower (raise) the pH of the zero net 
proton condition (pznpc). 
Addition of a ligand, at constant pH, increases surface protonation while the addition of a metal ion 
(that is specifically adsorbed) lowers surface protonation. 

(Modified from Hohl, Sigg and Stumm,1980, and from Stumm and Morgan, 1981) 

1) If a hydrolyzed metal ion is adsorbed, its OH- will be included in the proton balance; similarly, in case 
of adsorption of protonated anions, their W will be included in the proton balance. 

2) Some colloid chemists often place these specifically bound cations and anions in the Stern layer 
(see Chapter 3.2). From a coordination chemistry point of view it does not appear very meaningful 
to assign a surface-coordinating ion to a layer different than H or OH in a ",MeOH group. 
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A Simplified Double Layer Model; (Constant Capacitance) 

The simplest structure of the double layer is the surface charge in one plane and 
the counter charge in a similar parallel plane. Then, to a first approximation, the 
double layer may be visualized as a parallel plate condenser of distance d be
tween the two plates and with its capacitance, C 

ffo 
C = d or (3.10a) 

C = ffoK (3.10b) 

where the distance d may be approximated by K-1. In this constant capacitance or 
Helmholtz model, the surface charge cr is related to the surface potential through a 
constant (for the conditions selected) capacitance 

(3.10c) 

(Compare Eqs. (13), (14a) and (14b) in Table A.3.1 in the Appendix.) 

This model is valid when the total surface charge is small in absolute magnitude or 
when the concentration of the inert electrolyte is large (compressed double layer). 

3.4 Surface Charge on Carbonates, Silicates,Sulfides and Phosphates 

Although we have used for exemplification largely the surfaces of hydrous oxides, 
the concepts given apply to all surfaces. As has been pointed out, most hydrous 
surfaces are characterized by functional groups that acquire charge by chemical 
interaction with W, OH-, metal ions and by ligands. (For the moment we ignore 
redox reactions.) 

There are various possibilities for functional groups on the surface of carbonates, 
sulfides, phosphates etc. Using a very simple approach similar to the one in Fig. 2.1 
for hydrous oxides one could postulate surface groups for carbonates (e.g., FeC03) 

and sulfides (e.g., ZnS), as follows: 

H OH H OH H OH water t 
......................... 

C03 Fe C03 Fe C03 Fe solid ~ 
Fe C03 Fe C03 Fe C03 

(3.11 a) 

C03 Fe C03 Fe C03 Fe 
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OH H OH H OH H water i 
......................... 

Zn S Zn S Zn S solid ~ 
S Zn S Zn 

(3.11b) 
S Zn 

Zn S Zn S Zn S 

Stipp and Hochella (1991), on the basis X-ray photoelectron spectroscopy (XPS) 
and low energy electron diffraction (LEED), have shown that CaC03 exposed to 
water, contains at the surface =C03 H and =CaOH functional groups and van 
Capellen (1991) has proposed a surface complex formation model for carbonates. 
Similarly, Ronngren et al. (1991) have proposed =SH and =ZnOH functional 
groups for the surface of hydrous ZnS(s). 

The functional groups proposed can interact with the potential determining species 
W, OH-, metal ions and in case of carbonate with H2C03 and HC03; and in case of 
sulfides with H2S and HS-. 

Carbonates 

Many processes involving carbonates - ubiquitous minerals in natural systems -
are controlled by their surface properties. In particular, flotation studies on calcite 
have revealed the presence of a pH-variable charge and of a point of zero charge 
(Somasundaran and Agar, 1967). Furthermore, electrokinetic measurements have 
shown that Ca2+ is a charge (potential) determining cation of calcite. (Thompson 
and Pownall, 1989). 

It is reasonable to assume that W, OH-, HC03, and CO2(aq) are able to interact as 
"potential determining" species (adsorption or desorption) with CaC03(s) and affect 
its surface charge. In a system (CaC03(s), CO2 , H20) where CaC03(s) (calcite) is 
equilibrated with Pco2 = constant, the equilibrium Eq. (3.12) is valid: 

CaC03(s) + 2 W < " Ca2+ + CO2(g) + H20; K = 109.7 (250 C, I = 0) (3.12) t) 

t) The equilibrium constant of (3.12) can be obtained by combining the following equilibria: 

CaCOa = Ca2+ + CO~- Kso = 1 0-8.3 

CO~ + W = HCOj K21 = 1010.2 

-1 6 HC03+W = C02(aq)+ H20 K1 = 10.3 

C02(aq) = CO2(g) K~ = 10+1.5 
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The equilibrium concentration (activity) of the species W, OW, Ca2+, HC03, CO~
and CO2(aq) are known for a given PC02' In addition to the four equilibria (Eq. 3.12 
and footnote) the electroneutrality (charge balance) condition 

(3.13a) 

or approximately, 

2 [Ca2+] ::: [HC03] (3.13b) 

is needed to compute the composition. Fig. 3.6 plots these equilibria in a double 
logarithmic plot. The pH of a CaC03 (calcite) suspension in equilibrium with Pco2 = 
10-3.5 atm and 1 atm is (250 C, I = 0) pH = 8.2 and pH = 6.45, respectively. 

cj 
c: 
o 
() 

a 

-1 

Figure 3.6 

pH 

-1 

-3 

-5 

b Peo =1 atm 
2 

-7~--~~J---JL--~~--~ 
4 6 8 

pH 

Equilibrium diagram of CaC03 as a function of pH at constant partial pressure of C02 
a) p~ = 3.2 x 10-4 atm; 
b) PC02 = 1 atm. 
The equilibrium composition reflected by the charge balance 2 [Ca2+] == [HCO;] (log [Ca2+] + 0.3 = log 
[HC03]) corresponding to the vertical arrow. The point of zero charge is at pH = 8.2 (a) and 6.45 (b). 

The pH value in accordance with Eqs. (3.13a) or (3.13b), at least in a first approxi
mation, corresponds to the point of zero charge, because at this pHpzc the surface 
species do not contribute to the overall electroneutrality of the aqueous suspen-
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sion. Thus, pHpzc depends on Pco2 ; the higher Pco the lower is the pH of the sus
pension and the pHpzc. The pHpzc of different metar carbonates decreases with de
creasing solubility (Stumm and Morgan, 1970). 

The addition of acid (CA) or base (Cs) to a CaC03 system (while Pco2 = constant) 
will change the alkalinity in solution and produce (i) a shift in the HC03, CO~-, Ca2+ 
equilibrium (and in pH), (ii) an adsorption of potential determining ions on the 
CaC03 surface, and (iii) a dissolution or precipitation of CaC03 . 

(3.14) 

Upon addition of acid the charge determining positively charged species will in
crease at the expense of the negatively charged charge determining species 

(3.15a) 

and upon addition of base 

(3.15b) 

Thus, the surface charge of the CaC03 will, respectively, increase or decrease with 
addition of acid or base. 

In principle, the surface charge on solid carbonates can be determined - as with 
hydrous oxides from alkalimetric or acidimetric titration curves; but the procedure is 
more involved because in addition to the sorption of charge determining ions (the 
extent of which can be assessed from alkalimetric or acidimetric titration) there is 
also the additional effect of dissolution or precipitation of the carbonates. It was 
shown in case of MnC03(s) (rhodochrosite) and FeC03(s) (siderite) that the precipi
tation or dissolution of the carbonates was slow in comparison to the adsorption of 
the charge determining ions (Charlet et aI., 1990) and thus, a rapid titration proce
dure permits a surface charge determination (see Fig. 3.7). In the case of CaC03 
precipitation and dissolution was too fast, relatively, and thus, an experimental 
surface charge determination was not possible. But the same concept should also 
be valid for CaC03 and other carbonates. 

We do not know the details at the atomic scale how the surface charge develop
ment on a carbonate mineral is established, but formally and schematically one 
could visualize the following type of charging reactions for a hydrous surface 

OHO 

carbonate group of metal carbonate (MeC03) such as =C03 Ho or I c( ~ 
(Stipp and Hochella, 1991; van Capellen, 1991). 
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Surface charge of MnC03 (rhodochrosite) as a function of pH and PCO as determined from surface 
titration curves. The values of pHpzc (point of zero charge as calculated ffom equilibrium (ct. Eq. 3.12)) 
are given by arrows. 

(From Charlet, Wersin and Stumm, 1990) 
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Figure 3.8 

A plot of percent adsorbed Zn on calcite as a function of pH and different PC02 (data from Zachara, 
Kittrick and Harsh, 1988). Total [Zn] = 10-6 M. 
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.MeO- • H+. I ~MeOHo I • H+ • ~MeOH" (3.16) 

~03- UH2C03 

The charges assigned to the surface species in (3.16) indicate relative values. Sur
face equilibrium constants need to be established in order to estimate the species 
distribution as a function of [W] and other potential determining species. An aque
ous suspension of CaC03 crystals in the presence of CO2 (PC0

2 
= constant) at the 

point of zero charge (pHpzc) at equilibrium - in line with the scheme of (3.16) -
contains in addition to =CaOH and =C03H, an equivalent number of positively and 
negatively charged surface species. If the pH is adjusted, e.g., with a base (at con
stant Pco

2
) the surface charge of the CaC03 becomes negative. It is thus not sur

prising that under these conditions CaC03 surfaces can adsorb specifically metal 
cations as a function of pH. Fig. 3.8 gives data from Zachara et al. on the adsorption 
of Zn(II) in dependence of pH. 

Surface Charge on Silicates 

In addition to the inorganic hydroxyl groups which are exposed on many mineral 
surfaces (metal oxides, phyllo-silicates and amorphous silicate minerals) we need 
to consider the particular features relating to charge on the silica surfaces of layer 
silicates. 

The tetrahedral silica sheet in a layer silicate (see for example the schematic repre
sentation of the kaolinite structure in Fig. 3.9 and Figs. 3.10c, d) is called a siloxane 
surface. Sposito (1984) has described the nature of the siloxane ditrigonal cavity 
(see Fig. 3.10) in the following way: ''The silica plane is characterized by a distorted 
hexagonal (Le., trigonal) symmetry among its constituent oxygen atoms, that is 
produced when the underlying tetrahedra rotate to fit their apexes to contact points 
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on the octahedral sheet. Further accomodation of the tetrahedra to the octahedral 
sheet is achieved throuth the tilting of their bases so that the silicon-oxygen bonds 
are directed towards the contact pOints instead of laying normal to the basal plane 
of the mineral. As a result of this adjustment one of the basal oxygen atoms in each 
tetrahedron is raised about 0.02 nm above the other two and the siloxane surface 
becomes corrugated." 

gibbsite surface 

siloxane surface 
o oxygen • silica 

@ hydroxyl group • alumina 

Figure 3.9 

Schematic representation of the kaolinite structure. It reveals the 1:1 structure due to the alternation 
of silica-type (black) and gibbsite-type layers (white). Furthermore, the edge surface exposes aluminol 
and silanol groups. 

The ditrigonal cavity formed by six corner sharing silica tetrahedra (Fig. 3.1 O) has a 
diameter of 0.26 nm and is bordered by six sets of lone-pair electron orbitals ema
nating from the surrounding ring of oxygen atoms. These structural features - as is 
pointed out by Sposito (1984) - qualifies the ditrigonal cavity as a soft Lewis base 
capable to complex water molecules (and possibly other neutral dipolar mol
ecules). 

Two cases of isomorphic substitution can be distinguished: In the tetrahedral sheet, 
or in the octahedral sheet (Sposito, 1984). 
1} If isomorphic substitution of Si(IV} by AI(III} occurs in the tetrahedral sheet, the 

resulting negative charge can distribute itself over the three oxygen atoms of the 
tetrahedron (in which the Si has been substituted); the charge is localized and 
relatively strong inner-sphere surface complexes (Fig. 3.1 Oa) can be formed. 

2} If, on the other hand, isomorphic substitution occurs in the octahedral sheet 
(substitution of AI(III) by Fe(II} or Mg(II}}, the resulting negative charge distri
butes itself over the ten surface oxygen atoms of the four silicon tetrahedra, that 
are associated through their apexes with a single octahedron in the layer. This 
distribution of negative charge enhances the Lewis base character of the ditrigo-
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a 

Inner-sphere surface complex: 
K+ on vermiculite 

c 

o 0 Basal oxygen atoms 0 8 

® Apical oxygen atoms 0A 
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b 

Outer-sphere surface complex: 
Ca (Hz O~+ on montmorillonite 

d 

Surface complexes between metal cations and siloxane ditrigonal cavities on 2:1 phyllosilicates, 
shown in exploded view. 
a) and b) linked Si04 groups in one siloxane SisOs ring (from Sposito, 1984); 
c) as a "ball and spike" model; and 
d) as linked tetrahedra 

nal cavity and makes it possible to form complexes with cations as well as with 
dipolar molecules. An outer-sphere surface complex of this type of a Ca2+ cation 
is illustrated (Sposito, 1984) in Fig. 3.1 Ob. 

Example: Kaolinite 

Three morphological planes of different chemical composition exist at the Kaolinite 
surface (Fig. 3.9): a gibbsite layer, a siloxane layer and an edge surface which is a 
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complex oxide of the two constituents AI(OHh and Si02 . We can distinguish the 
following type of surface ligands at the gibbsite plane and edge surface: 

i) =MOH groups are involved in proton (acid-base) equilibria, as discussed 
earlier; different surface species belong to this ligand type such as AI-OH-AI 
groups at the gibbsite surface, =AIOH and/or =SiOH groups at the edge sur
face and Si-O-Si groups at the siloxane layer; 

ii) XO- groups on the surface of the siloxane layer are induced by isomorphic 
substitution of Si by AI (AI-O-SW; these groups react by ion exchange. 

The charge distribution on kaolinite platelets can be shown by particle association, 
in kaolinite suspensions and electron microscopic studies; such studies have 
shown convincingly a pH-dependent charge at the edges of the kaolinite mineral 
(Van Olphen, 1977). The protonation of the surface hydroxyl groups, displayed in 
Fig. 3.11, have been derived (Wieland, 1988; Wieland and Stumm, 1991) from 
alkalimetric-acidimetric titration curves. The surface proton concentration, rH, de
notes the proton density at =MOH groups with respect to the point of zero proton 
charge (pHpzc = 7.5) of the hydroxyl groups at the edge face. At pH = 7.5 the proton 
density, rH, is zero and at pH < 7.5 it equals the surface charge, rH = cr. The total 

Figure 3.11 
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Surface protonation at the kaolinite surfaces. The excess proton density, rH.V, at the surface hydroxyl 
group is displayed as a function of pH. Surface protonation is interpreted as a successive protonation 
of two distinct types of OH groups localized at the gibbsite and edge surfaces. The pHpzc of the edge 
surface is about 7.5. 
(From Wieland, 1988; Wieland and Stumm, 1991) 



Surface Charge on Carbonates 65 

proton density (solid line) is computed from the superposition of two successive 
protonation equilibria at the kaolinite surface (broken lines). It is postulated that the 
edge surface is protonated in the near neutral and weakly acidic pH range whereas 
the gibbsite plane (AI-OH-AI groups) is protonated at pH < 5. The intrinsic acidity 
constant of =MOH groups at the edge surface (pK~1 = 6.3 and pK~2 = 8.7, cf. 
Wieland, 1988) are comparable to the values determined for y-A1203 (pK~1 = 7.4, 
pK~2 = 10, cf. Kummert and Stumm, 1980). The intrinsic acidity constant of the more 
acidic =MOH groups localized at the gibbsite surface (pK~1 == 4). Furthermore, there 
is evidence for the existence of permanent negatively charged surface sites XO- at 
the siloxane layer. The XOH groups at the siloxane layer are the main surface spe
cies at low pH and may undergo ion exchange reactions with Na+ and AI(III). At pH 
< 4.3 A13+ is the dominant AI(III) species and accessible to ion exchange reactions. 

In summary, the model proposed on the basis of acid-base characteristics of kaoli
nite platelets explains the pH-dependent charge primarily to the protonation of the 
hydroxyl groups at the basal gibbsite and the edge surface. We will later illustrate 
how this charge characteristics (surface protonation) influences the reactivity 
(dissolution characteristics) of kaolinite. 

Sulfides 

Fig. 3.12 gives a recent Scanning Tunnelling Microscope (STM) image of a galena 
(PbS) {100} surface. STM imaging was accomplished on fresh fractured surfaces. 

Figure 3.12 

Scanning Tunnelling Microscope (STM) image of a galena {1 ~O} surface taken under oil. Two different 
surface sites are visible. The authors suggest that the larger peaks correspond to S sites. For specifi
cations under which STM imaging was done see original publication. 

(From Eggleston and Hochella, 1990) 
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The Pb and S sites are distinguishable and as Fig. 3.12 suggests the S sites 
appear to be imaged preferentially. 

It is reasonable to assume that the surface of metal sulfides show amphoteric be
havior and it has been shown that uptake of bivalent cations is pH-dependent. 
Metal sulfide precipitates are efficient scavengers for heavy metal ions. 

Much information on the functional surface groups on sulfides is not yet available. 
Recent studies by Ronngren et al. (1991) gave the following acidity constants for 
ZnS(s): 

=ZnSH+ ~.==~ =ZnS + H+ 

=SZn + H20 ~.=~" =SZnOH- + W 

K~ = 6.91 

K~ = 10.28 

Thus, according to this interpretation the zero proton condition is at pH = 8.6. 
Furthermore, an ion exchange reaction 

log KS 
= 9.59 

has to be considered. 

Phosphates; Apatite 

(3.17a) 

(3.17b) 

(3.17c) 

Hydroxyapatite and fluoroapatite surfaces differ from oxide surfaces in as far as 
they are expected to carry two different classes of surface groups (Wu et aI., 1991). 
From a simple pictorial presentation 

=Ca - OH; and 

Wu et al. (1991) propose for fluoroapatite =Ca-OH~ and =P-O- as dominating sur
face groups, characterized by the following equilibrium constants (0.1 M NaCI, 25° 
C). 

=P-O- + W = =P-OH 

=Ca-OH~ = =Ca-OH + W 

log KS = 6.6 

log KS = -9.7 

According to these equilibrium constants a pHpzc of 8.15 would be expected for 
hydrous fluoroapatite. 
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3.5 Correcting Surface Complex Formation Constants for Surface 
Charge 

We return to the complex formation equilibria described in Chapter 2 (Eqs. 2.1 -
2.10). The equilibrium constants as given in these equations are essentially intrin
sic constants valid for a (hypothetically) uncharged surface. In many cases we can 
use these constants as apparent constants (in a similar way as non-activity cor
rected constants are being used) to illustrate some of the principal features of the 
interdependent variables that affect adsorption. Although it is impossible to sepa
rate the chemical and electrical contribution to the total energy of interaction with a 
surface without making non-thermodynamic assumptions, it is useful to operation
ally break down the interaction energy into a chemical and a Coulombic part: 

where dG~hem is the "intrinsic" free energy term and dG~oul is the variable electro
static or Coulombic term 

(3.18) 

Theoretically this term reflects the electrostatic work in transporting ions through the 
interfacial potential gradient (e.g., Stumm et aI., 1970; Stumm and Morgan, 1981; 
Morel, 1983). Since 

dGtot = -RT InK 

we can write, e.g., for the proton transfer of =FeOH to =FeO-, 

(3.19) 

i.e., the proton transfer is interpreted as a chemical dissociation if the proton from 
the =FeOH (given by KS(int)) and by the transfer of the proton from the surface to 
bulk solution given by exp(-F",/RT) 

Most generally for a surface complex formation reaction: 

(3.20) 

In these equations K(int) and K(app) are the intrinsic and apparent equilibrium con
stants, respectively (cf. Fig. 2.2), F is the Faraday, 'II is the surface potential and dZ 
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is the change in the charge of the surface species for the reaction under considera
tion (as written for the equilibrium reaction for which K is defined). 

The intrinsic equilibrium constants are postulated to be independent of the compo
sition of the solid phase They remain conditional in the sense of the constant ionic 
medium reference state if interacting ions such as Ware expressed as concentra
tions. 

There is no experimental way to measure ",. (As we mentioned before, the zeta 
potential - as obtained, for example, from electrophoretic measurments - is in a not 
readily definable way - smaller than ",.) But as discussed in section 3.3 we can 
obtain the surface charge (Eq. 3.2) and then compute the surface potential", on the 
basis of the diffuse double layer model with Eq. (3.8a); Eq. (3.8a) in simplified form 
for 25° C is 

0" = 0.1174 c1fz sinh (Z", x 19.46) 

where Z is the valence of ions in the symmetrical background electrolyte. 

Example 3.2 

From alkalimetric-acidimetric titration curves on hydrous ferric oxide the following 
intrinsic acidity constants have been obtained: (I = 0.1 M, 25° C) 

log K~l(int) = -7.18 

log K~2(int) = -8.82 

Furthermore the surface complex formation with Zn(II) has been determined from 
adsorption studies in 10-3 M suspensions of hydrous ferric oxide with dilute (10-7 M) 
Zn(II) solution. It can be described by the reaction 

=FeOH + Zn2+.. " =FeOZn+ + H+ 

for which the intrinsic constant is 

log K~ = 0.66 

The hydrous iron oxide has been characterized to have a specific surface area of 
600 m2 g-l and 0.2 moles of active sites per mol of FeOOH. Then the concentration 
of the active sites is 

10-3 mol Fe(OH)3 0.2 mol sites 2 x 10-4 mol sites 
TOT(=FeOH) = liter mol Fe(OHh = liter 
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TOT(=FeOH) = [=FeOH] + [=FeOH~] + [=FeO-] + [=FeOZn+] = 10-3.7 M 

Calculate the binding (adsorption of Zn(II)) as a function of pH. 

The species are, W, OW, Zn2+, =FeOH~, =FeOH, =FeO-, =FeOZn+ 

For a given pH six equations are needed to calculate the speciation. They are four 
mass laws; [in the subsequent equations P = exp(-F'V/RT)] 

[OH-] = [Wrl 10-13.8 (i) 

[=FeOH~] = [W] [=FeOH] P 107.18 (ii) 

[=FeO-] = [Wrl [=FeOH] p-l 10-8.82 (iii) 

[=FeOZn+] = [Wrl [Zn2+] [=FeOH] P 100 .66 (iv) 

and three mol balance equations 

(=FeOHTOT) = [=FeOH~] + [=FeOH] + [=FeO-] + [=FeOZn+] (v) 

TotZn (vi) 

Furthermore, the surface charge cr is given by 

(vii) 

and the charge potential relationship is 

cr = 0.1174c l12 sinh(b!'x19.46) (viii) 

(As before a = conc. of solids [kg e-1] and s = specific area [m2 kg-l].) 

It is of course convenient to make this calculation with the help of a computer pro
gram (such a program is described in Dzombak and Morel, 1990). But a manual 
solution is possible; it is less cumbersome if we realize that [=FeOZn+] is negligible 
in Eqs. (v) and (vii). Thus, the surface species, the surface charge and the 
Coulombic interation depend on pH and ionic strength. The result is given in Fig. 
3.13 and in Fig. 2.3 (or Fig. 3.3 (Panel c)). 

Now the interaction of Zn(II) with the hydrous iron oxide surface can be readily 
computed because the surface charge is hardly affected by [=FeOZn+], because 
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this is negligible in comparison to [=FeOH~] - [=FeO-] and is known for every pH. 
Thus, for example, at pH = 6, the surface charge [=FeOH~] - [=FeO-] = 0.06 JlM, or 
(J = 11 JlC cm-2. Correspondingly exp(-F",/RT) = 2.7 x 10-2 and log P = -1.57. (This 
corresponds to a surface potential of +92 mV or to a Coulombic energy F", == 9 kJ 
mol-1 which the Zn2+ has to overcome to be adsorbed at the positively charged 
hydrous ferric oxide. 

Now we can compute the concentration of surface bound (adsorbed) Zn(II), i.e., 
=FeOZn+ by considering Eqs. (iv) and (vi). Considering that [=FeOH] = 5 x 10-5 M, 
one calculates from Eq. (iv) that . 

[=FeOZn+] = [=FeOH] P 10-0.66 = 0.29 
[Zn2+] [W] 

Since [=FeOZn] + [Zn2+] = 10-7 M, [=FeOZn+] = 2.9 x 10-8 M, or 29 % of the Zn(II) is 
adsorbed. 

The speciation as a function of pH is given in Fig. 3.13. 
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Figure 3.13 

a) Calculated surface speciation as a function of pH at ionic strength 0.1 (1:1 electrolyte( for a 10-3 M 
hydrous ferric oxide suspension). 

b) Calculated equilibrium speciation as a function of pH for zinc in a 10-3 M suspension of hydrous 
ferric oxide: TOTZn = 10-3 M, I = 0.1 M. 

(From Dzombak and Morel, 1990) 
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Example 3.3: pH-Dependence of Surface Complex Formation 

We resume the problem discussed in Example 2.2 and solve the same problem, 
but now we correct for electrostatic effects 1). Sumarizing the problem: Calculate the 
pH dependence of the binding of a) a metal ion Me2+, and b) of a ligand A- to a hy
drous oxide, SOH, and compare the effect of a charged surface at an ionic strength 
I = 0.1 . A specific surface area of 10 g m-2 ; 10-4 mol surface sites per gram (- 6 sites 
nm-2); concentration used 1 g e-1 (10-4 mol surface sites per liter solution). As be
fore (Example 2.2) the surface complex formation constants are log KM = -1 and log 
KE = 5, respectively. 

The diffuse double layer model is used to correct for Coulombic effects. The con
stant capacitance model depends on the input of a capacitance; but the result 
obtained is not very different. 

The results are given in Figs. 3.14 and 3.15, respectively. They should be com
pared with Figs. 2.8 and 2.9. 
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Metal binding by a hydrous oxide from a 10-7 M solution (SOH + Me2+ ~ SOMe+ + W) for a set of 
equilibrium constants (see Eqs. (i) - (iii) from Example 2.3) and concentration conditions (see text). 
Corrected for electrostatic interactions by the diffuse double layer model (Gouy Chapman) for I = 0.1. 
The hydrolysis of Me2+ is neglected. 

1) The set of equilibrium constants are (as in Example 2.2): 

S-OH~ ---"- SOH + W ; log K~ -4 (i) ~ 

S-OH --"" SO- + H+ ; log~ -9 (ii) ...---

S-OH + Me2+ --"" SOMe+ + H+ ; log K~ -1 (iii) ~ 

S-OH + HA --"" SA + H2O ; log Kt = 5 (iv) ...---

HA --"" W + A- ; 10g~A -5 (v) ~ 
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Ligand binding by a hydrous oxide from a 10-7 M solution (SOH + HA ~ SA + H20) for a set of equi
librium constants (see Eqs. (i), (ii), (iv), and (v)) and concentration conditions (see text) corrected for 
electrostatic interactions by the diffuse double layer model (Gouy Chapman) for I = 0.1. 

A comparison of Figs. 3.14 and 3.15 with those of Figs. 2.8 and 2.9 shows that the 
Coulombic effects change the relative concentrations of 80H~ and of 80- in com
parison to the charge-uncorrected conditions. But it is of interest to note that the 
influence of the charge correction is not very significant for the extent of adsorption 
of Me2+ or A- as a function of pH. In the case of the ligand there is a less pro
nounced maximum but the location of the pH-edge is similar. 

Example 3.4: Sorption of S~- to Aluminum Oxide 

The (ad)sorption of 8~- to aluminum oxide is of considerable interest in the infiltra
tion of 80~- bearing waters into soils. 

The following data are available: 

=AIOH~ .. =AIOH + W log K -7.4 (i) < = 
=AIOH .. =AIO- + W log K = -10.0 ( ii) < 

=AIOH H+ + 802- .. =AI80.i + H2O log K 8.0 (iii) + < = 4 

=AIOH 802- .. =AIOH80~- log K 0.7 (iv) 1) + < = 4 

Reasonable assumptions on specific surface area for aluminum oxides are 10m2 

g-1; we may further assume 10-4 surface sites g-1 and a concentration of 1 gfe.Thus, 

"OH 
1) The complex "'AIOHSO~- could be looked at as "'AI, oso2-

3 
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if we look at the problem in terms of a batch process we have the following mass 
balance of surface AI-species on a per liter basis: 

10-4 M = [=AIOHTOT] = [=AIOH~] + [=AIOH] + [=AIO-] + [=AIOHSOn + [=AIS04] (v) 

A reasonable concentration of initial SO~- is 2 x 10-4 M; (20 mg SOf per liter). Thus, 

2 x 10-4 M = [TOT SOn = [SOn + [=AIS04] + [=AIOHSOf] (vi) 

For charge correction we use the diffuse double layer model and assume I = 0.01. 

We have to solve simultaneously the Eqs. (i) to (vi) and consider iteratively the cor
rection for surface charge. 

The results of the calculation on a MICROQL based computer program adapted to a 
personal computer are given in Fig. 3.16. 

The calculation illustrates that SO~- is bound strongly to aluminum (hydr)oxide sur
faces under acid or slightly acid conditions. At pH above 7 adsorption of S~- oc
curs only to a very small extent. 
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Binding of SO~ to aluminum (hydr)oxide 
Equilibrium distribution of surface and solute species for [TOT =AIOHl = 10-4 M and [TOTSO~-l = 2 x 
104 M, I = 0.01. 
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Constant Capacitance 

As we have seen, when surface potentials are small or the solution side of the 
electric double layer is compressed (high ionic strength), the surface potential is 
proportional to the surface charge (as given before in Eqs. (3.10a) and (3.10c)). 

0" 
'If=C (3.21 ) 

where C is the integral capacitance [Farad m-2] and 'If and 0" are, as before, the 
potential [V] and the surface charge [C m-2]. Reconsidering Eq. (3.19) we can now 
replace the 'If by Eq. (3.21) to obtain 

( ~ZFO") KS(app) = KS(int) exp - RTC (3.22) 

In case of an acid-base equilibrium of SOH~-SOH, the surface charge is propor
tional to {SOH~} and 

log K~1 (app) = log K~1 (int) - RT ;23 Cs {SOH~} (3.23) 

where s is the specific surface area in m2 kg-1. This is equivalent to the empirical 
Eq. (vi) given in Example 2.1. The difference in the Coulombic correction for the 
diffuse double layer (Eq. 3.20) or the constant capacitance double layer is in most 
instances quite small. They both fit the experimental data equally well (Westall and 
Hohl, 1980). Schindler and Stumm (1987) discuss the surface chemistry of oxide 
minerals in terms of the constant capacitance model. 

Surface Complexation Models and Mean Field Statistics 

We pointed out in 2.1 that the surface of a hydrous oxide is not uniform because the 
various hydroxyl groups are structurally and chemically not equivalent (see for 
example Fig. 5.6). It has been shown by Sposito (1984) that the equations given for 
surface complexation are in accord with a statistical mechanical interpretation. 

The surface complexation models used are only qualitatively correct at the molecu
lar level, even though good quantitative description of titration data and adsorption 
isotherms and surface charge can be obtained by curve fitting techniques. Titration 
and adsorption experiments are not sensitive to the detailed structure of the inter
facial region (Sposito, 1984); but the equilibrium constants given reflect - in a 
mean field statistical sense - quantitatively the extent of interaction. 

In addition to the diffuse double layer and the constant capacitance model dis-
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cussed here, other models such as the triple layer model (Davies and Leckie, 
1978), and the Stern model (ct. Chapter 3.3). have been proposed. These models 
differ essentially in how the adsorption energy is separated into electrostatic and 
chemical contributions. As Westall and Hohl (1980) have shown, all models may be 
viewed as beeing of the correct mathematical forms to represent the data. The 
problem of separating the chemical and electrostatic energy is experimentally 
indeterminant for oxide-water interfaces. 

Hiemstra et al. (1989) have elaborated on a multisite proton adsorption model 
taking into account the various types of surface groups; intrinsic log K values for the 
protonation of various types of surface groups can be estimated with this model. 

3.6 Some Thermodynamic Aspects of Interactions on Oxide Surfaces 

In Fig. 3.4a the surface charge resulting from surface protonation was plotted for 
various oxides. In Fig. 3.4b it was shown that the curves for surface charge become 
congruent if charge is plotted vs ~pH (= pHpzc - pH) because the free energy of 
interaction is composed of a chemical interaction (which depends on the type of 
oxide) and an electrostatic interaction. Lyklema (1987) distinguishes between 
specific and generic aspects. A specific feature is a phenomenon different for each 
object, whereas a generic feature is something that is independent of the nature of 
the object. 

Figure 3.17 

Uniformity of the electrical double layer on oxides: plot of -GH vs -,\pH master curves for rutile, ruthe
nium dioxide and hematite. The concentration of KN03 is indicated. 

(From Lyklema, 1987) 
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Similar information as in Fig. 3.4 is given in Fig. 3.17 which plots surface charge 
(due to protonation or deprotonation vs -ilpH (= pH - pHpzc) for three oxides. With
in a certain band width these curves coincide. 

This pH-congruence can be explained (Lyklema, 1987) by inferring that the pro
cess of charge formation is independent of the nature of the oxide; hence it must be 
determined by the solution side of the double layer. On the other hand, the specific 
part, determined by the surface side, is determined by the chemical nature and is 
reflected only by the pHpzc. 

Temperature Congruence. On rutile and hematite, (the two oxides for which tem
perature dependence has been studied), the surface charge is not only pH-con
gruent but also temperature-congruent (Fig. 3.18). Thermodynamically it is possible 
to obtain the entropy and enthalpy of the forming of the double layer from the tem
perature dependence of the surface charge (Fokking et aI., 1989) (Table 3.2). Pro
ton binding is partially enthalpically and partially entropically driven. As Lyklema 

Figure 3. 18a 

Temperature congruence for the double layer 
on rutile in the presence of the indicated con
centrations of KN03 . Between 5 and 50° C all 
data coincide within the band width. 

(From Lyklema, 1987) 

Figure 3.18b 

Temperature dependence of the points of zero 
charge on hematite and rutile. 
(From Lyklema, 1987) 
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(1987) pointed out the affinity of protons as given by the enthalpy change, -~ads 
H~+, for hematite is much larger than for rutile because hematite has a larger affinity 
for W than rutile. On the other hand T~ads SH+ is the same for rutile and hematite 
and probably for the other oxides; it is indicative of the solution side of the process, 
i.e., the building up of surface charge. Interestingly the entropy production for the 
reaction of W with a surface hydroxyl group is about half that for the protonation of 
a solute OH-. 

As Lyklema (1987) points out, the congruence observation implies the applicability 
of Nernst's law for the oxides 1) under consideration (Figs. 3.4 and 3.17): 

'1'0 = -2.~ RT ~pH (3.24) 

(at 25° C: '1'0 = -0.059 ~pH) 

Table 3.2 Thermodynamic data for proton adsorption T = 20° C 
All quantities in kJ mol-1 (from Lyklema, 1987) 

~adsG~ ~adsH~+ T~adsS~ 
A , , 

temperature microcal 
dependence 

Rutile -31.0 -17.6 -21 +13.4 

Hematite -48.8 -36.6 -36 +12.5 

OH- in solution -79.5 -57.5 +22.5 

Enthalpy changes per mol of proton are given as calculated from temperature dependence or as 
measured microcalorimetrically. 

Anion Binding. This discussion illustrates how valuable information on enthalpy 
changes of surface reactions (either from temperature dependence or from direct 
calorimetric measurements) are. Zeltner et al. (1986) have studied calorimetrically 
the surface complex formation of phosphate and salicylate on goethite. They show 
that these reactions are exothermic (at pH = 4) with ~Hads values at low coverage 
(- 10 %) of ca. -24 kJ mol-1, they argue tentatively that these values indicate biden
tate surface complex formation. They also show that -ilH decreases with increas
ing surface coverage. 

1) The data of Si02 cannot be included in data related to pH congruence. 
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From the little data available one may conclude 
i) adsorption reactions where coordinative bonds are formed, are exothermic; 
ii) a large portion of the calculated entropy change results from reordering of 

water structure and from the protonation of the oxide surface which accom
panies ligand binding even at constant pH; 

iii) adsorption due to hydrophobic effect (ct. Chapter 4.7) is accompanied by very 
small release of heat of adsorption ilH (+ or -). 



Appendix 

A.3.t The Gouy-Chapman Theory 

Table A.3.1 gives a brief derivation of the equations. The theory is based on the 
validity of the Poisson equation for distances measured over molecular dimen
sions. Furthermore, the theory depends on the following assumptions (Sposito, 
1984): 

i) The surface from which x is measured is a uniform infinite plane of charge; 
ii) the charged species in the solution are point ions; these ions interact with 

themselves and with the surface only by Coulomb force; 
iii) the water in the solution is a uniform continuum characterized by the dielectric 

constant; 
iv) the (inner) potential, 'V, at a distance x is proportional to the average energy, 

Wj(x), required to bring a ion i from infinity to the point x in the solution. 

(i) 

The limitations imposed on this theory, have been discussed (see for example 
Sposito, 1984). 

Table A.3. 1 Gouy-Chapman Theory of Singlet Flat Double Layer a) 

I. Variation of Charge Density in Solution 

Equality of electrochemical potential, ~ (= 11 + zPI') of every ion, regardless of 
position 

- -Electrochemical Potential: l4(x) = l4(x=oo) , 
- -
J..l...{x) = J.L(x=oo) 

Space Charge Density: q = zF(n+ - n_) 

(1 ) 

(3) 

(4) 

(5) 

(if z+ = L) Table A. 3. 1 (continued) 
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II. Local Charge Density and Local Potential 
If' and q are related by Poisson's equation: 

Poisson's Equation (6) 

Combining (3), (4), and (5) with (6) and considering that sinh x = (eX - e-X) I 2 gives 
the 

Double-Layer Equation: 
d21f' K2 sinh(zFIf'/RT) 
dx2 = (2 F/RT) 

where K is the reciprocal thickness of the double layer (the reciprocal Debye 
length) 

[
e 2 L. n.z?J 1f2 

I I I 
K = (cm-l) 

EtokT 

For convenience the following substitutions can be made: 

~ = KX 

Considering (9), (8) becomes the 

Substituted Double-Layer Equation: 
d2y 
d~2 = sinh y 

For boundary conditions, if ~ = 00, dy/d~ = 0 and y = 0 

first integration: dy I d~ = -2 sinh(y/2), or 

dlf'1 dx = - ~~ 2K sinh(y/2) 

and for boundary conditions, if ~ = 0, If' = If'd or y = z 

second integration: ey/2 
ez/2 + 1 + (e Z/2 - 1)e-1; 

= 
ez/2 + 1 - (e Z/2 - 1)e-1; 

(7) 

(8) 

(9) 

(10) 

(11 ) 

(11 a) 

(12) 

Table A. 3. 1 (continued) 
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Simplified Equations for 'Pd « 25 mV: 

Instead of (7) (7a) 

Instead of (12) 'P = 'P d exp(-Kx) (12a) 

III. Diffuse Double-Layer Charge and 'P d 

00 00 (d2
'P) Surface Charge Density: (J = - fo qdx = EEo fo dX2 dx 

(13) 

Inserting (11 a), 1f2 (z F'P d ) 
(J = (8£EonskT) sinh 2 RT (14) 

(14a) 

112 
If 'Po « 25 mV, (J '" £EO K'P d, or (J = 2.3 I 'P d (14b) 

a) 
~ = chemical potential; = ionic strength (molliter1); 

Il = electrochemical potential; z = valence of ion; 
'I' = local potential (V); 1( = reciprocal thickness of double layer 
'I'd = diffuse double-layer potential (V); (cm-1); 

q = (volumetric) charge density (C cm-3); e = charge of electron (elementary charge), 
0- = diffuse surface charge (C cm-2); 1.6 x 10-19 C; 
X = distance from surface (cm); k = Boltzmann constant, 1.38 x 10-23 J K-1; 

n+ = local cation concentration (mol cm-3); kT = Boltzmann constant times absolute 
n_ = local anion concentration (mol cm-3); temperature, 0.41 x 10-20 V C at 20° C; 
n(x=oo) = bulk ion concentration (mol cm-3); RT = N x kT = 2.46 x 103 V C mol-1 at 20° C; 
nj = number of ions i per cm3 [Nn(x = 00)] I: = relative dielectric permittivity (dimension-

(cm-1; less) (I: = 78.5 for water at 25° C); 

ns = number of ion pairs (cm-3); fo = permittivity in vacuum, 8.854 x 10-14 C 
Cs = salt concentration (molliter- 1 or M); V-1 cm-1; 

N = Avagadro's number, 6.03 x 1023 F = Faraday = 6 x 1023 x e = 96.490 C eq-1; 
mol-1; F'I'/RT = e'l'IkT = 1 for 'I' = 25 m V at 20° C 
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A.3.2 The solid Phase; References 

Introductory Remarks. Since the surfaces can be looked at as extending structures 
of the solid phase, the reader should familiarize himself with the structure chemistry 
of the solid phase. Since it is not the objective of this book to cover this subject, the 
reader should consult some of the books on crystal structure and solid state chem
istry such as for example Cox (1987), Greenland and Hayes (1987), Newman 
(1987), Stucki, Goodman and Schwertmann (1985), Wells (1984), West (1984). 

To assist the reader, some references on some of the solid phases of importance 
are given .. 

1) Iron Oxides and Hyxdroxides 
General reference: U. Schwermann and R.M. Cornell, Iron Oxides in the Labora
tory, VCH Weinheim (1991). 

2) Iron(III) Hydrolysis 
General reference: W. Schneider, Iron Hydrolysis and the Biochemistry of Iron
The Interplay of Hydroxide and Biogenic Ligands, Chimia 42,9-20 (1988). 

3) Aluminum Oxides and Hydroxides 
General reference: JA Davis and J.D. Hem, The Surface Chemistry of Alumi
num Oxides and Hydroxides, in: G. Sposito, The Environmental Chemistry of 
Aluminum, CRC Press, Boca Raton (1989). 

4) Silicates and Clays 
General references: J.E. Gieseking, Soil Components, Vol. 2, Springer, New 
York (1975); R.E. Grim, Clay Mineralogy, 2nd ed., McGraw Hill, New York (1968) 
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Problems 

1) The surface potential, 'V, cannot be measured directly. It can be estimated how
ever, e.g., with the help of Eq. (3.8a) from the surface charge density. Discuss 
the assumptions involved in applying such a calculation. 

2) Consider the date given in Fig. A on surface charge of river sediments. How can 
these data be interpreted in terms of possible sediment constituents, presence 
of organic matter? 

• 

Figure A 

Variation of sediment charge with pH in the River Meuse at T = 25° C and I = 0.01 M. 
(From Mouvet and Bourg, 1983) 

3) Some researchers suggest to estimate 'V from the zeta potential ~ by assuming 
'V "" ~. Discuss the validity of this approximation. 

4) Consider the results given in Fig. B on the zeta potential of AI20 3 (corundum) in 
solutions in various electrolytes by Modi and Fuerstenau (1957). Explain the 
various potential increasing and decreasing effects; identify the ions that are 
specifically adsorbed. 

5) Recalculate question 2 of the problem set in Chapter 2, but consider coulombic 
interaction. 
i) diffuse double layer model, I = 10-1 M, and 
ii) constant capacitance model. 

6) Explain the Lewis-base properties of a siloxane ditrigonal cavity. 

7) Discuss some of the consequences of Fig. 3.4. Why does the congruence of sur
face charge vs ~pH imply the applicability of Nernst's law for oxides? 
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Figure B 

.HGI 
o 0 NaGI 

• NaOH 
o NaN03 
t:. BaGI2 -40 
v Na2S04 
... Na S203 

-80~--~--~--~--~----~--~~ 

10-7 10-6 10-5 

Concentration of electrolyte (equiv. per liter) 

Zeta potential of AI203 (corundum) in solutions of various electrolytes. The concentration unit 
is equivalents per liter. 
(From Modi and Fuerstenau, 1957) 

Figure C 
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The microscopic acidity constants K!1 as a function of (=AIOH~). Extrapolation to zero charge 
gives intrinsic acidity constants. 

(From Stumm et aI., 1976) 
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8) In Fig. C microscopic acidity constants of the reaction =AIOH"2 ~ =AIOH + W 
for y-A1203 are plotted as a function of {=AIOH"2}. The data are for 0.1 M NaCI04 . 

This figure illustrates (within experimental precision) the conformity of the proton 
titration data to the constant capacitance model. Calculate the capacitance. 
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Chapter 4 

Adsorption 

4.1 Introduction 
Intermolecular Interaction between Solute and Solid Phase 

The geochemical fate of most trace elements is controlled by the reaction of solutes 
with solid surfaces. Adsorption reactions affect the surface charge of suspended 
particles and colloids which influence their aggregation and transport; they are also 
important in water and soil technology. Furthermore, the rates of processes such as 
dissolution of mineral phases (of importance in the weathering of rocks, in the for
mation of soils and sediments and in the corrosion of metals) and precipitation (het
erogeneous nucleation and crystal growth) and ion exchange depend on the reac
tivity of surfaces and their molecular (atomic) surface structures which in turn are in
fluenced by adsorption to these surfaces. 

A full understanding of adsorption requires that the interaction of a solute with a 
surface be characterized in terms of the fundamental physical and chemical prop
erties of the solute, the sorbent and the solvent (water) (Westall, 1987). The ad
sorption reactions of importance in waters, sediments and soils are listed in terms 
of intermolecular reactions in Table. 4.1. The fundamental chemical interactions of 
solutes with the surfaces by formation of coordinative bonds were already dis
cussed in Chapter 2. The electrostatic interactions and the electric double layer 
were considered in Chapter 3. 

Table 4.1 

A 

B 

Intermolecular Interactions at the Solid-water Interface 
(Modified from Westall, 1987) 

Chemical Reactions with Surfaces 

Surface hydrolysis 
Surface complexation 
Surface ligand exchange 
Hydrogen bond formation 

Electrical Interactions at Surfaces 

Electrostatic interactions 
Polarization interactions 

C Interactions with Solvent 

Hydrophobic expulsion 

87 
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4.2 Gibbs Equation on the Relationship between Interfacial Tension and 
Adsorption 

Molecules in the surface or interfacial region are subject to attractive forces from 
adjacent molecules, which result in an attraction into the bulk phase. The attraction 
tends to reduce the number of molecules in the surface region (increase in inter
molecular distance). Hence work must be done to bring molecules from the interior 
to the interface. The minimum work required to create a differential increment in 
surface dA is 'YdA, where A is the interfacial area and y is the surface tension 1) or 
interfacial tension. One also refers to 'Y as the interfacial Gibbs free energy for the 
condition of constant temperature, T, pression, P, and composition (n = number of 
moles) 

(4.1 ) 

'Y is usually expressed in J m-2 or in N m-1 

In water the intermolecular interactions which produce surface tension are essen
tially composed of 
114 

a} London-Van der Waals dispersion interactions, 'YH20(L), and 
b} hydrogen bonds, 'YH20(H): 

'Y = 'YH~(L) + 'YH~(H) (4.2) 

It is estimated that about one third of the interfacial tension is due to Van der Waals 
attraction, and the remainder is due to hydrogen bonding. 

The interfacial tension between two phases is subject to the resultant force field 
made up of components arising from attractive forces in the bulk of each phase and 
the forces, usually the London dispersion forces, operating accross the interface it
self (Fowkes, 1965; Adamson 1990) (see Appendix, this Chapter). 

The Gibbs-Equation. Thermodynamically from Eq. (4.1) the Gibbs Equation 

1) Strictly speaking, the surface tension of water is the tension of water with respect to vacuum; but 
one usually refers to the interfacial tension between water and air. As will be discussed in Chapter 
6, the interfacial tension between water and solid minerals is of importance in the kinetics of nu
cleation and precipitation. 
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can be derived. Here ri is the surface concentration [mol m-2] or more specifically 
the surface excess 1) with regard to a reference condition (with pure water the ad
sorption density of H20 = 0). 

R 
T 
"( 

ai 

= 
= 
= 
= 

gas constant 
absolute temperature 
surface tension or interfacial tension [J m-2] 

activity (or concentration) of species i 

The Gibbs equation relates the extent of adsorption at an interface (reversible equi
librium) to the change in interfacial tension; qualitatively, Eq. (4.3) predicts that a 
substance which reduces the surface (interfacial) tension [(0"(/0 In ail < 0] will be ad
sorbed at the surface (interface). Electrolytes have the tendency to increase (slight
ly) "(, but most organic molecules, especially surface active substances (long chain 
fatty acids, detergents, surfactants) decrease the surface tension (Fig. 4.1). Amphi
pathic molecules (which contain hydrophobic and hydrophilic groups) become 
oriented at the interface. 
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The surface excess r can be obtained - ct. Eq. (4.3) - from a plot of surface tension y vs log activity 
(concentration) of adsorbate. The area occupied per molecule or ion adsorbed can be calculated. 

1) To define a surface excess concentration rigorously, we must decide whether or not to recognize 
the finite thickness of surfaces. In view of the difficulty of defining surface thickness, Gibbs defin
ed the surface (for thermodynamic purposes) as a mathematical plane or dividing surface of zero 
thickness near the physical surface, and surface properties as the net positive or negative excess 
in the vicinity of the surface over the magnitude of the same property in the bulk (Adamson, 1990). 
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At the water-air interface hydrophilic groups are oriented toward the water, hydro
phobic groups are oriented toward air. At solid-water interfaces, the orientation de
pends on the relative affinities for water and for the solid surface. The hydrophilic 
groups of amphipathic molecules may - if the hydrophobic tendency is relatively 
small - interact coordinatively with the functional groups of the solid surface (Ulrich 
et aI., 1988) (see Fig. 4.10). 

Although the Gibbs equation applies also to the solid-liquid interface, direct meas
urements of the interfacial tension are difficult. In a qualitative sense, it is important 
to realize that adsorption at a solid surface - of both, molecules and ions - reduce 
interfacial tension. For example, the interfacial tension of an oxide surface, e.g., 
Quartz, is reduced upon adsorption or desorption of (charge determining) ions. 
Such an oxide has a relative maximum value at its point of zero charge (corre
sponding to the capillary maximum of a Hg electrode in water); its interfacial energy 
decreases at pH values above and below pHpzc. Parks (1984) has elaborated this 
concept by discussing the surface and interfacial free energies of quartz. 

4.3 Adsorption Isotherms 

Adsorption is often described in terms of isotherms which show the relationship 
between the bulk activity (concentration) of adsorbate 1) and the amount adsorbed 
at constant temperature. 

The Langmuir Isotherm. The most simple assumption in adsorption is that the ad
sorption sites, S, on the surface of a solid (adsorbent) become occupied by an ad
sorbate from the solution, A. Implying a 1:1 stoichiometry 

S + A, .. SA 

where 

S 
A 

= surface site of adsorbens 
= adsorbate in solution 

adsorbate on surface sites SA = 

(4.4) 

S and SA can be expressed in molle or in mol m-2. For simplicity, we use first mol/e. 
Applying the mass law to Eq. (4.4) 

1) Adsorbate is the substance in solution to become adsorbed at the adsorbent. If the mechanism of 
accumulation at the solid surface (e.g., adsorption or precipitation) is not known one may refer to 
sorption (and sorbent, and sorbate). 
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[SA] ( LlG~dS) 
[S] [A] = Kads = exp - AT (4.5) 

The maximum concentration of surface sites, ST, is given by 

[~] = [S] + [SA] (4.6) 

Thus, 

[SA] = [ST] K [A] 1 + ads 
Kads [A] 

(4.7) 

If we define the surface concentration 

r = [SA] / mass adsorbent (4.8) 

and 

r max = [ST] / mass adsorbent (4.9) 

we obtain 

r Kads [A] 
= rmax 1 + Kads [A] (4.10a) 

Usually the Langmuir equation is known in the form of (4.1 Oa) 1). Frequently one 
can also write it as 

e 
1 

= Kads [A] (4.10b) - e 

where 

e [SA] 
= [ST] 

The conditions for the validity of a Langmuir type adsorption equilibrium are i) ther
mal equilibrium up to the formation of a monolayer, e = 1; ii) the energy of adsorp
tion is independent of e, (i.e., equal activity of all surface sites). There is no differ
ence between a surface complex formation constant and a Langmuir adsorption 

1) The Langmuir equation is derived here from application of the mass law, in a similar way as the sur
face complex formation equilibria were derived in Chapter 2. In principle at a constant pH there is 
no difference between a Langmuir constant and a surface complex formation constant. 
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constant. If there are two adsorbates, A and B, one can formulate 

r max KA [A] 
(4.11 ) 

where KA and KB are the adsorption constants for A and B, respectively. There are 
further assumptions implied in Eq. (4.11), e.g., the non-interaction of A and B on the 
surface. 

Alternatively a two term series Langmuir equation can be written for two adsorbents 
(or for an adsorbent with two sites of different affinities) 

r1 K1 [A] r2 K2 [A] 
rA = 1 + K1 [A] + 1 + K2 [A] (4.12) 

A Langmuir type adsorption isotherm is given in Fig. 4.2a. As is shown in Fig. 4.2b 
the evaluation of the equilibrium adsorption constant and of r max is readily obtained 
from experimental data by plotting Eq. (4.10a) in the reciprocal form 

T"'1 r-1 K-1 r-1 [A]-1 
1 = max + ads max (4.10c) 

It is often convenient to plot the Langmuir isotherm in a double logarithmic plot (Fig. 
4.3). 
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From the adsorption isotherm [plotted in accordance with (4.1 Da)), the equilibrium constant K and the 
adsorption capacity, r max' is obtained by plotting r -1 versus the reciprocal activity of the sorbate (Eq. 
4.1 Dc). 
(From Stumm and Morgan, 1981) 
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log [A] 

Plot of adsorption data in a double logarithmic plot. In a Langmuir isotherm the initial slope is unity. A 
Freundlich isotherm shows in a double log plot a slope of n < 1. Such a Freundlich isotherm is ob
tained if the adsorbent is heterogeneous (decreasing tendency for adsorption with increasing 9). 
(Modified from Morel, 1983) 

The fits of experimental data to a Langmuir (or another) adsorption isotherm does 
not constitute evidence that adsorption is the actual mechanism that accounts for 
the loss of the sorbate from the solution. Very frequently adsorption to a surface is 
followed by additional interactions at the surface, e.g., a surfactant undergoes two
dimensional association subsequent of becoming adsorbed; or charged ions tend 
to repel each other within the adsorbed layer. 

The Frumkin Equation (also referred to as the Frumkin-Fowler-Guggenheim, FFG, 
equation) has been specifically developped to take lateral interactions at the sur
face into account. In the FFG equation, the term 8/ (1-8) in (4.10b) is multiplied by 
the factor exp(-2 a8) which reflects the extent of lateral interactions 

8 
1 _ e exp(-2 a8) = B[A] (4.13) 

This may be compared with the Langmuir Equation 

8 = B[A] 
1 - e 
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where B is the adsorption constant and [A] is the equilibrium (bulk) concentration 
(activity) of the adsorbate, a is the interaction coefficient. If a = 0 Eq. (4.13) reduces 
to the Langmuir equation (4.10b); a > 0 indicates attraction, a < 0 means repulsion. 
The value for the adsorption constant B and for the interaction coefficient a can be 
determined from the intercept and the slope of the resulting straight line in a plot of 
log [9/ (1 - 9)] vs 9. Fig. 4.4 plots data on the adsorption of caprylic acid at pH = 4 
on a hydrophobic surface (liquid mercury). At pH = 4, the caprylic acid is uncharged 
and lateral interaction (between the hydrocarbon moiety of the fatty acids) occurs (a 
> 0). At higher pH, the species getting into the adsorption layer are anions which 
repel each other; under such conditions, repulsive lateral interaction is observed (a 
< 0). As shown in Example 4.1, surface complex formation equilibria using a correc
tion for electrostatic interaction in terms of the constant capacitance model (see 
Eqs. (3.20) and (3.23)) are equivalent to the FFG equation. 

As every surface complex formation equilibrium constant can be converted into an 
equivalent Langmuir adsorption constant (Stumm et aI., 1970), every FFG equation 
reflects the surface complex formation constant corrected with the interaction coeffi-
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Figure 4.4 

Data on the adsorption of caprylic acid on a hydrophobic (mercury) surface in terms of a double logar
ithmic plot of Eq. (4.13) Panel a) compares the experimental values with a theoretical Langmuir iso
therm, using the same values for the adsorption constant B for both curves. Panel b) shows that the 
adsorption process can be described by introducing the parameter a, which accounts for lateral inter
action in the adsorption layer. Eq. (4.13) postulates a linear relation between the ordinate [= log [9/ 
1 - 9)] - 2a 9/ (In 10)] and the abscissa (log c). If the correct value for a is inserted, a straight line 
results. For caprylic acid at pH 4, a value of a = 1.5 gives the best fit. 
(From Ulrich, Cosovi6 and Stumm, 1988) 
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cient due to electrostatic interaction (constant capacitance model, Schindler and 
Stumm, 1977). 

The Freundlich Isotherm 

This equation is very convenient to plot adsorption data empirically in a log r vs log 
[A] plot (Fig. 4.3) 

r = m[A]n (4.14) 

As pointed out by Sposito (1984) this equation initiated the surface chemistry of 
naturally occurring solids. Maarten van Bemmelen published this equation (now 
referred to as the Freundlich isotherm) more than 100 years ago and distilled from 
his results, that the adsorptive power of ordinary soils depends on the colloidal 
silicates, humus, silica, and iron oxides they contain. 

The equation applies very well for solids with heterogeneous surface properties 
and generally for heterogeneous solid surfaces. As has been shown by Sposito 
(1984), Eq. (4.14) can be derived by generalizing Eq. (4.12) to an integral over a 
continuum of Langmuir equations. As pointed out by Sposito (1984), the van 
Bemmelen-Freundlich isotherm can be thought of as the result of a log-normal dis
tribution of Langmuir parameters K (i.e., a normal distribution of In K) in a soil (or on 
a natural aquatic particle surface). 

Example 4.1: Surface Complex Formation, Langmuir Equation and Frumkin 
Equation 

Consider a reaction such as 

SH + Cu2+ ,",,=:!::> SCu+ + W . I(s , "Cu (i) 

and illustrate that the mass law of Eq. (i) can be converted into a Langmuir-type 
equation and that Eq. (i), after correction for electrostatic effects, corresponds to a 
Frumkin (FFG) equation. 

The mass law of (i) is 

[SCu+] 

[SH] [Cu2+] 

Furthermore, 

= 
~u 
[W] 

(ii) 
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(iii) 

Depending on the pH-range [SH] or [S-] predominates. For most oxides in the pH
range of interest [SH] » [S-]; thus, 

Combination of Eqs. (ii) and (iii a) gives 

Sr K~u [H+r1 [Cu2+] 

= 1 + K~u [Wr1 [Cu2+] 

If we define 

reu = [SCu+] / mass adsorbent, and 

r max = Sr / mass adsorbent 

we obtain 

r max K~u [H+r1 [Cu2+] 

reu = 1 + K~u [H+r1 [Cu2+] 

(iii a) 

(iv) 

(v) 

where K~u is an intrinsic surface complex formation constant and K~u / [W] is an in
trinsic adsorption constant at a given [W]; i.e., 

K~u / [W] = Kads(pH) (vi) 

Eq. (vi) can also be written as 

(vii) 

Constant Capacitance 

In line with Eq. (3.20) we have 

[SCu+] = I(~ (app) [H+]-1 = 1(5 [w]-1 exp(- F"') 
[Cu2+] [SH] "Cu ''Cu RT 

(viii) 

where K~u' as before, is the intrinsic constant. 
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Because in the constant capacitance model 

cr 
'V=C 

where C is the capacitance (cf. Eq. 3.12); 

where the surface charge, cr [C m-2], is 

a x s 

(ix) 

(x) 

where F is the Faraday (96490 C mol-1), a is the surface concentration [kg e-1] and s 
is the specific surface area [m2 kg-1]. The surface charge is due to [SCu+] 

(xi) 

We can rewrite Eq. (viii) 

~u [Wr1 exp(- F2 _ e [ST]) 
CRT sa 

(xii) 

or as in the form of Eq. (4.13) 

e exp( F2 _ e [ST]) = ~u [Wr1 [Cu2+] 
1 - e CRT sa 

(xiii) 

The interaction coefficient a in Eq. (4.13) corresponds in the case considered to 

F2 a = -ljz [ST] 
CRT sa 

4.4 Adsorption Kinetics 

Various possible steps are involved in the transfer of an adsorbate to the adsorp
tion layer. Transport to the surface by convection or molecular diffusion, attachment 
to the surface, surface diffusion, dehydration, formation of a bond with the surface 
constituents. 
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We consider here first, the kinetics of the adsorption of metal ions on a hydrous ox
ide surface. 

Adsorption of Metal Ions to a Hydrous Oxide Surface 

We have argued that (inner-sphere) surface complex formation of a metal ion to the 
oxygen donor atoms of the functional groups of a hydrous oxide is in principle simi
lar to complex formation in homogeneous solution, and we have used the same 
type of equilibrium constants. How far can we apply similar concepts in kinetics? 

The Homogeneous Case. Margerum (1978) and Hering and Morel (1990) have 
elaborated on mechanisms and rates of metal complexation reactions in solution. 
In the Eigen mechanism, formation of an outer-sphere complex between a metal 
and a ligand is followed by a rate limiting loss of water from the inner coordination 
sphere of the metal, Thus, for a bivalent hexaaqua metal ion 

k1 

k_w 
-.~ Me(H20)sL (2-n)+ + H20 
slow 

(4.15) 

(4.16) 

The ligand (as shown here schematically without H20) is also hydrated and has to 
loose some of its water to form a complex. The water loss from the ligand is not in
cluded here explicitly because it is considered to be fast relative to the water loss 
from the metal. 

The stability constant for the outer sphere complex depends on the charge of the 
reacting species and the ionic strength of the medium, and can be readily calculat
ed from electrostatic considerations. 

Formally the rate for reaction (4.16) is 

(4.17) 

and applying the steady state principle to the formation of Me(H20)6L (2-n)+ we have 

(4.18) 
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We can simplify by considering that k-1 » k-w, and by setting k1/k_1 = Kos. Kos is the 
equilibrium constant of the outer sphere complex. For the rate of the formation of 
MeU2-n)+ inner-sphere complex (now written without water), we have 

(4.19) 

In other words, the complex formation rate constant k, [M-1 S-1] depends on the outer 
sphere electrostatic encounter and on the water exchange rate of the aquo metal 
ion k-w 

(4.20) 

Fig. 4.5 gives data on the rate of water loss of aquo metal ions. It is well known that 
hydrolysis of the metal ion enhances the rate of water loss from the metal ion. Usu
ally a monohydroxo complex has a k-w that is two to three orders of magnitude 
larger than that of a non-hydrolyzed species. 

The Heterogeneous Case. Hachiya et al. (1984) and Hayes and Leckie (1986) 
used the pressure-jump relaxation method to study the adsorption kinetics of metal 
ions to oxide minerals. Their results support in essence the same adsorption 
mechanism as that given for homogeneous complex formation. 

Kos 

=AI - OH + Me(H20)~+.. > =AI - OH ... Me(H20)~+ (4.21) 

(4.22) 

(4.23) 

The dashed line in the complex in (4.21) and (4.22) indicates an outer-sphere (o.s.) 
surface complex, Kos stands for the outer-sphere complex formation constant and 
kads [M-1 S-1] refers to the intrinsic adsorption rate constant at zero surface charge 
(Wehrli et aI., 1990). Kos can be calculated with the help of a relation from Gouy 
Chapman theory (Appendix Chapter 3). 

(4.24) 
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where Z = charge of adsorbate, F is the Faraday constant, C is the integral capaci
tance of a flat double layer [farad m-2], s is the specific surface area [m2 kg-1] and Q 
refers to the experimentally accessible surface charge [mol kg-1]. The overall rate 
for the formation of the surface complex is given in analogy to the homogeneous 
case (Eq. 4.19) by 

d [=AIOMe+] 2+ _ 
dt = Kos kads [M ] [=AI - OH] (4.25) 

The term F2/CsRT is obtained from the constant capacitance model (Chapter 3.7). 
Fig. 4.6 gives a plot of the linear free energy relation between the rate constants for 
water exchange and the intrinsic adsorption rate constant, kads. 

The mechanism given is in support of the existence of inner-sphere surface com
plexes; it illustrates that one of the water molecules coordinated to the metal ion 
has to dissociate in order to form an inner-sphere complex; if this H20-loss is slow, 
then the adsorption, i.e., the binding of the metal ion to the surface ligands, is slow. 

The circles refer to the pressure jump experiments of Hachiya et al. The relation
ship is expressed by an almost linear correlation (slope 0.92): 

log kads = -4.16 + 0.92 log k-w (4.26a) 

where as before kads refers to the intrinsic adsorption rate constant [M-1 S-l] and ~w 
refers to the constant for water exchange [S-l]. (This constant can be converted into 
kH20 [M-1 S-l] by dividing k_w by the concentration of water (- 55.6 M).) Then Eq. 
(4.33) becomes 

log kads = -2.42 + 0.92 log (~~) (4.26b) 

The heterogeneous adsorption process is slower by a factor of ca. 250 than an 
equivalent homogeneous process. 

Most metal ions have water exchange rates larger than 105 and then their adsorp
tion rates are characterized by kads > 100.5 M-1 S-l. Thus, with 10-3 M surface ligands 
the half-time for adsorption, t1/2 , to an uncharged surface would be t1/2 < 4 min. 
However, Cr3+, V02+, C0 3+, Fe3+ and A13+ have lower exchange rates (see Fig. 4.6; 
the water exchange rates for C0 3+ and Cr3+, which are not given in the figure, are 
k-w = 10-1 and 10-5.6 [S-l], respectively). These ions, if non-hydrolyzed, are probably 
adsorbed inner-spherically rather slowly. But we might recall that hydroxo species 
can exchange water by two or three order of magnitude faster than "free" aquo ions. 
Experiments by Wehrli et al. (1990) have shown that adsorption rates of V(IV) in
crease with pH (in the pH range 3 - 5). This increase can be accounted for by as-
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Rate of water loss from metal cations as a function of the ratio of the charge to the radius of the metal 
ion. Rate constants from Margerum et al. (1978). Z/q ratios calculated from ionic radii tabulated in the 
CRC Handbook of Chemistry and Physics. 

(Adapted from Crumbliss and Garrison, 1988) 

Figure 4.6 

Linear-free energy relation between the rate constants for water exchange k_w [s-11 and the intrinsic 
adsorption rate constants kads(int) [M-1 s-11 from the pressure jump experiments of Hachiya et al. The 
intrinsic constants refer to an uncharged surface. The linear-free energy relations based on the ex
perimental points are extended to some ions with lower H20 exchange rate in order to predict ad
sorption rates. 

(Modified from Wehrli et aI., 1990) 
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suming that VO(OH)+ is the reacting adsorbate. The half time for the adsorption of 
VO(OH)+ onto 10-3 M surface ligands obtained from experimental data is in the 
order of 4 h. This is in good agreement with the rate predicted on the basis of the 
dissociative mechanism. Cr(III) was observed to adsorb to AI20 3(s) above pH = 5. 
Under these conditions, dihydroxo and possibly multimeric hydroxo species are 
formed that are adsorbed faster. 

Example 4.2: Adsorption Rate of C02+on AI20 3 

Calculate the half-time for the adsorption of C02+ on AI20 3 at pH = 4. We use for the 
AI20 3 the same equilibrium constants as those given in Example 3.4 and I = 0.1 

=AIOH~ ::;;=< =====> =AIOH + W 
=AIOH '< > =AIO- + W 

; log K = -7.4 

; log K = -10.0 

(i) 

(ii) 

and assume a specific surface area for the aluminum oxide of s = 104 m2 kg-1 and 
10-1 mol surface sites kg-1 and use a suspension a = 10-3 kg/ e; i.e., there are 10-4 

mol surface sites per liter. As Fig. 3.16 shows, at pH = 7, the surface charge is ca. 
[=AIOH~] = 2 x 10-5 M; kads for C02+ = 3.2 x 101 M-1 S-1 according to Fig. 4.6. 

We can now calculate the outer-sphere complex formation constant according to 
Eq. (4.24): 

( 
ZF'P) Kos = exp - AT (iii) 

we calculate 'P for 1= 0.1 according to the diffuse double layer theory (Eq. 3.8c). (jp 

is calculated from [=AIOH~] as follows: 

[=AIOH~] F 1 x 10-5 mol e-1 x 96490 C mol- 1 
(jp = _ = ------------- = 0.095 C m-2 (iv) 

a x s 10-3 kg e-1 104 m2 kg- 1 

From this value we compute 'P by Eq. (3.8c) 

(jp 0.095 
sinh(z'Px19.46) = 0.1174-VI = 0.1174 x 3.16 x 10-1 = 2.56 

z'P x 19.46 

'P 

= 1.67 

= 0.086 V 

Kos can then be calculated according to (iii), where RT = 2.48 x 103 VC mol-1 

(v) 
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( 
2 x 96490 C mol- 1 x 0.086 V) 

Kos = exp - 2480 VC mol- 1 = 1.25 x 10-3 

Accordingly in line with Eq. (4.25) the rate is given by 

d [C02+j 
dt = Kos kads [C02+j [=AI-OHj 

= 1.25 x 10-3 x 3.2 x 101 x 10-4 [C02+j 

= 4.03 x 10-6 S-1 

hh = In2/4.03 x 10-6s-4 = 1.7x105S 
= 48 h 

(vi) 

(vii) 

This result illustrates that the rate of adsorption is decreased (by nearly three orders 
of magnitude in comparison to an uncharged surface) by the opposite charge of ad
sorbate and adsorbent. 

Kinetics of Anion Adsorption. A similar mechanism can be postulated for the kinet
ics of ligand exchange. Since the ligand exchanges with the central Me ion (Lewis 
acid) of the metal oxide, its water exchange rate may be rate determining. But the 
central ion exists already as an oxo, hydroxo species and thus the water exchange 
rate can be expected to be significantly larger than that of a non-hydolyzed metal 
ion. But in this context it is interesting to note that the rate of OH-exchange on 
a-Cr203 is known to be orders of magnitudes lower than that on goethite 
(a-FeOOH) (Yates and Healy, 1965). The extent and rate of NO; adsorption by 
these two minerals are the same with equilibrium attained in minutes (outer-sphere 
adsorption). By contrast, the rate of phosphate adsorption is much lower with goe
thite (inner-sphere ligand exchange retarded because of slow H20 exchange) than 
with a-Cr203, although the extent of adsorption is larger on goethite than on 
a-Cr20 3· 

Semi-infinite linear Diffusion 

For many adsorbates, especially organic substances, the concept of semi-infinite 
linear diffusion can give us some ideas on the time necessary for an adsorbate to 
be adsorbed. The number of mols adsorbate, n, diffusing to a unit area of a surface 
per second, is proportional to the bulk concentration of adsorbate, c: 

dn ~ rE. 
A dt = c-\j 1t t (4.27) 
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It is assumed i) that the concentration c remains constant and ii) that transport by 
diffusion is rate controlling, i.e., the adsorbate arriving at the interface is adsorbed 
fast (intrinsic adsorption). This intrinsic adsorption, i.e., the transfer from the solution 
to the adsorption layer is not rate determining or in other words, the concentration 
of the adsorbate at the interface is zero; iii) furthermore, the radius of the adsorbing 
particle is relatively large (no spherical diffusion). 

Integration of (4.27) gives 

r=~=2c~ (4.28) 

since n = (n/Ah is the surface concentration (mol m-2 ) at a specific time, the time 8, 
necessary to cover the surface with a monomolecular layer is given by 

s: _ 1t r~ax 
u - 4 D c2 (4.29) 

r 
Eq. (4.29) can be extended to obtain a fractional surface coverage, e = -- at 

rmax 
time t 

(4.30) 

Thus, the time that is necessary to attain a certain coverage, e, or the time neces
sary to cover the surface completely (e = 1) is inversely proportional to the square 
of the bulk concentration (cf. Fig. 4.10b). Assuming molecular diffusion only, 8 is of 
the order of 2 minutes for a concentration of 10-5 M adsorbate when the diffusion 
coefficient D is 10-5 cm2 S-l and r max = 4 x 10-10 mol cm-2 1). Considering that trans
port to the surface is usually by turbulent diffusion, such a calculation illustrates that 
the formation of an adsorption layer is relatively rapid at concentrations above 10-6 

M. But it can become slow at concentrations lower than 10-6 M. 

Subsequent to the adsorption onto a surface, surfactants, especially long chain 
fatty acids and alcohols tend to undergo alterations such as two-dimensional asso
ciations in the adsorbed layer, presumably at rates kinetically independent of pre
liminary steps. These intra-layer reactions have been shown to be very slow. 

1) ct. Eq. (4.29) 

o _ ~ (4 xl 0-10 )2 [mol2j [e2
] x 106 [em6] = 1258 

- 4 10-5 em2 8-1 em4 10-10 [moI2] [e]2 
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The applicability of Eqs. (4.27) - (4.30) is somewhat restricted because the bulk 
concentration is assumed to be constant because either its depletion is negligible 
(adsorbed quantity « quantity present in the system) or because it is kept constant 
by a steady state mechanism. Analytical expressions of r as a function of time for 
situations where the approach to adsorption equilibrium is accompanied by a cor
responding adjustment of c are available only for a few relatively simple cases. 

A rigorous treatment of diffusion to or from a flat surface has been given by Lyklema 
(1991). Van Leeuwen (1991) has pointed out that in analyzing experimental ad
sorption data, that are always confined to a certain time window, it is tempting to fit 
the data to the sum of two or three exponential functions with different arguments. 
Although such fits are often apparently sucessful, the merit of the fit is purely math
ematical; a mechanistic interpretation in terms of a first order dependence is usually 
not justified. With porous materials, diffusion into the pores renders the adsorption 
process very slow; often one gains the impression that the process is irreversible 
(e.g., Fig. 4.18). 

The Elovich Equation 

This equation has been used, especially in soil science, to describe the kinetics of 
adsorption and desorption on soils and soil minerals. 

(4.31) 

The solution of Eq. (4.31) (Sposito, 1984) is 

(t ~ tc) (4.32) 

(te ~ 0) 

re is the value of r at time te, the time at which the rate of sorption begins to be de
scribed by Eq. (4.31). 

Although Eq. (4.32) can be derived as a general rate law expression under the as
sumption of an exponential decrease in number of available sorption sites with r 
and/or a linear increase in activation energy of sorption with r, the Elovich Equation 
is perhaps best regarded as an empirical one for the characterization of rate data 
(Sposito, 1984). 
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As an example, Eq. (4.32) appears to describe phosphate sorption by soils quite 
well (see Fig. 4.7). 
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Adsorption kinetics of phosphate on soils or soil minerals 

a) Plot of Elovich Equation 
(From Chien and Clapton, 1980) 

b) Adsorption of phosphate on kaolinite. Semi logarithmic plot (Eq. 4.33) on kinetics of phosphate 
reaction. In the latter part of the phosphate sorption, a multilayer adsorption mechanism, i.e., the 
formation of an AI-phosphate coating at the surface of the kaolinite, occurs. 

(From Chen, Butler and Stumm, 1973) 

Phosphate sorption has also been shown to be described by the rate law 

d[PO] 
dt 4 T = k[P04Jr (4.33) 

where [P04J is the molar concentration of phosphate in the aqueous solution 
phase. Eq. (4.33) has been shown to apply for times of reactions longer than ca. 
100 hours and to be associated with the appearance of discrete crystallites of phos
phate solids (Chen et aI., 1973). 
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4.5 Fatty Acids and Surfactants 

Fig. 4.8 compares data on the adsorption of lauric acid (C12) and caprylic acid (Cs) 
at a hydrophobic surface (mercury) as a function of the total bulk concentration 1) for 
different pH-values. As is to be expected the molecular species becomes adsorbed 
at much lower concentrations than the carboxylate anions. The latter cannot pen
etrate into the adsorption layer without being accompanied by positively charged 
counterions (Na+). As was shown in Fig. 4.4, the adsorption data of pH = 4 can be 
plotted in the form of a Frumkin (FFG) equation. Fig. 4.9 compares the adsorption of 
fatty acids on a hydrophobic model surface (Hg) with that of the adsorption on 
'Y-AI20 3· 

Figure 4.8 
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Comparison of the adsorption of lauric and caprylic acid as a function of the total bulk concentration. At 
pH 4, this concentration is made up predominantly of fatty acid molecules and at pH 9 predominantly 
by their conjugate bases. (e) Points at eqUilibrium (d9/dt = 0). (0) Points at which the equilibrium is not 
yet attained. 
(From Ulrich, Cosovic and Stumm, 1987) 

1) Using a liquid Hg surface as a model for a hydrophobic solid surface here and in subsequent re
presentations of data may be looked at as being far away from natural systems. On the other hand, 
the Hg surface represents an excellent tool to measure extent and rate of adsorption. Adsorption 
of organic substances displaces water from the surface, thus, causing a change in the electric ca
pacity of the souble layer at the Hg-water interface. Using the Hg surface as an electrode (whose 
surface can readily and conveniently be renewed, e.g., on a dropping Hg-electrode and whose 
surface potential can be adjusted by a potentiometer) the capacity can be readily measured using 
an alternating current technique. The measurements reported have been carried out at an incipi
ently uncharged Hg surface. (Ulrich et aI., 1991; Cosovic, 1990) 



108 FaNy Acids and Surfactants 

6 

- 5 c 
ro 
en Vi' 4 c 
0 -0 
() ro 
~ 

c 
0 co 
0.. OJ 
'- 0 
0 
(f) 

-0 « 

c 

d 

Figure 4.9 

-log Kow 
O/W-partition coeff. 

6 

-35 ,....--,--or----,..--,--r--, 

c 
.2 
e-

-30 

-25 o 
(f) 
-0 
ro = -20 

- 0 o E 
>, ...... -15 
OJ ""') 
'- ~ 
CD ~ 
c -10 
CD 
CD 
~ -5 

LL 

b 

Number of C-atoms 

I 
I 
I I 

CH3"-"'CH2-COOH : (H
2
0) 

CH3"-,,,CH2-COOH I 
I I 
I I 
I I , 

OH 0 

II 

14 

-0 - C-CH2"-,,,CH3 

a) Adsorption on the mercury electrode vs hydrophobic properties (as measured by the octanol/water 
partition coefficient) of adsorbing species at pH 4. Bads is the adsorption constant (M-1) (Eq. 4.13). 

b) The free energy of adsorption as a function of the number of carbon atoms (ncl in the fatty acid, on 
the mercury electrode and on the alumina. 

Adsorption of fatty acids at two model surfaces. 
c) At the nonpolar Hg electrode, the hydrophobic interaction between the hydrocarbon chain and the 

water phase leads to a displacement of the first-row H20 molecules and to adsorption at the Hg sur
face. 

d) At the polar aluminum oxide surface, the fatty acid molecules become adsorbed because the func
tional carboxylic groups exchange for the surface OH groups (ligand exchange). At sufficiently high 
chain length, adsorption due to the hydrophobic expulsion outweighs adsorption by coordinative 
interaction; the orientation of the fatty acid molecules may revert. 

(From Ulrich, Cosovi6 and Stumm, 1988) 
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The adsorption of fatty acids on the non-polar hydrophobic surface (Hg) is dominat
ed by their hydrophobic properties. The extent of adsorption increases with increas
ing chain length. The following relationship of the free energy of adsorption, L'1G ads, 

and the number of C atoms, nc, of the fatty acids can be established: 

-RT In B = L'1Gads = 0.7 - 3.1 nc (kJ mol-1) (4.34) 

As seen in Fig. 4.8, the adsorption of lauric acid (C12) is slow because of slow trans
port (diffusion) at concentrations smaller than 10-6 M. In case of Na+ -caprylate (Cs) 
the attainment of equilibrium is delayed most probably by structural rearrangement 
at the surface. In case of anions, such association reactions are slower than with 
free acids. 

In the case of y-A1203 the adsorption of fatty acids of low molecular weight results, at 
least in part from coordinative interactions of the carboxylic groups with the AI ions 
in the surface layer (surface complex formation) (Fig. 4.9c,d). While -L'1Gads for the 
hydrophobic surface increases linearily with chain length (Eq. 4.34), this is not the 
case for -L'1Gads on the alumina surface. Plausibly, the adsorption energy due to 
coordinative interaction, among short-chain fatty acids is not dependent on chain 
length; with molecules such as caprylic acid (Cs) and larger ones a free energy 
contribution due to the hydrophobic effect of the larger hydrocarbon moiety be
comes preponderant. More than one layer may become adsorbed, presumably 
because of the formation of a hemicelle (two-dimensional micelle) at the interface. 1) 

In dilute solutions of surfactants adsorption processes are controlled by transport of 
the surfactant from the bulk solution towards the surface as a result of the concen
tration gradient formed in the diffusion layer; the inherent rate of adsorption usually 
is rapid. For non-equilibrium adsorption the apparent (non-equilibrium) isotherm 
can be constructed for different time periods that are shifted with respect to the true 
adsorption isotherm in the direction of higher concentration (Cosovic, 1990) (see 
Fig. 4.10). 

Mixtures of Adsorbates. The adsorption behavior of mixtures of adsorbates is more 
complicated. In the most simple case, concentrations C1 and C2 are very low and 
surface coverage is 81 + 82 < 1. Then, when interaction between the adsorbed 
species is negligible, the adsorption of both types of adsorbates occurs independ
ently, and we can write Langmuir isotherms 

81 ---'---- = B1 C1 (4.35) 
1-81-82 

1) Micelles are organized aggregates of surfactants, often surfactant ions in which the hydrophobic 
hydrocarbon chains are oriented towards the interior of the micelle leaving the hydrophilic groups 
in contact with the aqueous medium. The concentration above which micelle formation becomes 
appreciable is termed the critical micelle concentration, (c.m.c). 
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(4.36) 

If this is not the case, the adsorption behavior can be described by competitive ad
sorption. The extent of adsorption depends not only on the individual adsorption 
constants but also on the intrinsic kinetics of adsorption of the individual adsorbates 
and thus, the adsorption layer formed is influenced by the qualitative and quantita
tive composition of the complex mixture of adsorbable solutes; full equilibrium is 
often not attained (Cosovi6, 1990). 

Formation of Hemicelles at the Solid- Water Interface 

The evidence accumulated in the literature suggests that the structure of surfactant 
adsorbed layers is, in some respects, analogous to that of surfactant micelles. 
Fluorescence probing techniques - e.g., pyrene and dinaphtylpropane (DNP) fluor
escence probes are used to investigate the structure of adsorbed layer of a sur
factant - give information on the polarity of the microenvironment in the adsorbed 
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a) Apparent adsorption isotherms of Triton-X-1 00 in 0.55 mol e-1 NaCI obtained with various accumu
lation times: (1) 30, (2) 60, (3) 180, (4) 300 s; and theroretical Frumkin adsorption isotherms of 
Triton-X-1 00 1) with interaction factors a = 1.0 (curve 5) and 1.25 (curve 6). 

b) Surface coverage vs. square root of accumulation time for adsorption of Triton-X-1 00 at Hg sur
face. Concentration of Triton-X-1 00 in 0.55 mol e-1 NaCI: (1) 1.25; (2) 0.94; (3) 0.73; (4) 0.63; (5) 
0.52 mg e- 1• 

(From Batina, Ruzi6 and Cosovi6 1985) 

1) tert. Octylphenol ethoxilate with 9 - 10 ethoxy groups 



Fatty Acids and Surfactants 1 11 

layer. The results of such investigations by Ghandar et al. (1987) on the structure of 
the adsorbed layer of sodium dodecyl sulfate at the alumina-water interface indi
cate the presence of highly organized surfactant aggregates at the solid liquid inter
face, formed by the association of hydrocarbon chains. 

The adsorption isotherm of sodium dodecyl sulfate (SDS) on alumina at pH = 6.5 in 
0.1 M NaGI (Fig. 4.11 a) is characteristic of anionic surfactant adsorption onto a pos
itively charged oxide. As shown by Somasundaran and Fuerstenau (1966) and by 
Ghandar et al. (1987), the isotherm can be divided into four regions. These authors 
give the following explanation for the adsorption mechanism: 
1) The slope of unity in region I indicates that the anionic surfactant adsorbs as in

dividual ion through electrostatic interaction with the positively charged surface. 
2) The sharp increase in adsorption in region II marks the onset of surfactant 

association at the surface through lateral interaction of the hydrocarbon chains. 
3) The decreasing slope in region III can be attributed to an increasing electro

static hindrance to the surfactant association process following interfacial 
charge reversal. 

4) Plateau adsorption could correspond to either complete surface coverage or a 
value limited by constant surfactant monomer activity in solution as a result of 
bulk micellization. 
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a) Adsorption isotherm of sodium dodecyl sulfate (SDS) on alumina at pH 6.5 in 10-1 M NaCI. 
b) Zeta potential of alumina as a function of equilibrium concentration of SDS (designation of regions 

based on isotherm shape). 

From Chandar et al. (1987) based on the data of Somasundaran and Fuerstenau (1966). Chandar et 
al. (1987) have shown with the aid of fluorescent probe studies that in region II and above adsorption 
occurs through the formation of surfactant aggregates of limited size. 
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The corresponding zeta potential behavior of alumina particles is found to correlate 
with the amount of adsorbed SOS as shown in Fig. 4.11 b. In region I, the potential 
is relatively constant and equal to that of alumina particles at pH 6.5 in the absence 
of SOS (+40 mV). A significant decrease in the positive potential is observed be
yond the transition from region I to II which correlates with the marked increase in 
anionic surfactant adsorption. The isoelectric point corresponding to the neutraliza
tion of the positively charged surface by the adsorbed anionic surfactant appears to 
coincide with the transition from region II to III. Region III is therefore characteriz
ed by SOS adsorption resulting in a net negative potential at the surface. Constant 
negative potentials (-65 mV) are measured when the adsorption reaches its pla
teau level in region IV. 

The fluorescence probe studies (Chandar et aI., 1987) have shown that in region II 
and above adsorption occurs through the formation of surfactant aggregates of 
limited size. As these authors point out, in region II, where the surface is essentially 
bare and sufficient number of positive sites are available (zeta potential is positive), 
increase in adsorption is achieved mostly by increasing the number of aggregates; 
a constant aggregation number implies that the number density of aggregates in
creases with increase in adsorption. In region II relatively uniform-sized aggre
gates (aggregation number 120 - 130) are measured on the surface. 

The transition from region II to III marks the point at which most of the positive 
sites are filled since the zeta potential reverses its sign at this point. Adsorption in 
region III is therefore likely to occur through the growth of existing aggregates 
rather than through the formation of new ones. The growth of these aggregates can 
be expected to be electrostatically hindered. 

4.6 Humic Acids 

Humic and fulvic acids contain various types of phenolic and carboxylic functional 
(hydrophilic) groups as well as aromatic and aliphatic moieties which import hydro
phobic properties to these substances. Fig. 4.12 gives a schematic idea on the 
composition of these substances. We refer to the book of Thurman (1985) and 
Aiken et al. (1985) for a description of the various properties of humic and fulvic 
acids in soils and waters and the book by Buffle (1988) for the coordinating proper
ties of humus and humic acids. 

The adsorption of humic and fulvic acids on surfaces can be interpreted along the 
scheme of Fig. 4.9c,d. Because of hydrophobic interaction humic and fulvic acids 
tend to accumulate at the solid-water interface. At the same time the adsorption is 
influenced by coordinative interaction, e.g., schematically, 
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This adsorption reaction is reflected in the pH-dependence of the adsorption. The 
adsorption r vs pH curve is very similar to that of an organic acid with a pK value in 
the range 3 - 5. (Fig. 4.13). 

Figure 4.12 
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Different types of hydroxy and carboxylic groups present in natural organic substances, exemplified in 
a hypothetical complex polymer from Thurman (1985). 
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Adsorption isotherm of (Aldrich) humic acid (HM) on o-A120 3 as a function of pH. Extent of adsorption 
was determined both by measurements of light absorption at 254 and 436 nm, respectively and by 
measurements of dissolved organic carbon (DOC) of the residual HM in solution (original concentra
tion = 25 mg per liter). 

(From M. Ochs, 1991) 
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It is necessary to remind ourselves, that the adsorption of humic acids or fulvic 
acids correspond to the adsorption of a mixture of adsorbates. Adsorption equa
tions derived for the adsorption of a single adsorbate (Langmuir, Frumkin or Gibbs 
Equation) cannot be used for mechanistic interpretation of the data even if these 
data can be fitted to such equations (Tomaie and Zutie, 1988). 

Fractionation at the Interface. Since large molecules adsorb preferentially over 
smaller ones, a fractionation occurs at the surface. Kinetically, the small molecular 
weight components may adsorb first; but then eventually the larger molecules dis
place the smaller ones. Correspondingly adsorption to solid surfaces shifts the 
molecular weight distribution of the material in solution towards lower molecular 
weight. In case of humic substances fractionation of adsorbing humic materials may 
depend not only on molecular weight but also on different acidity and hydropho
bicity of different humic acid fractions. The preferential adsorption of the high
molecular weight fraction onto surfaces may immobilize and increase the residence 
time of this fraction. 

Kinetically, the adsorption of humic acids at a solid-water interface is controlled by 
convection or diffusion to the surface. Even at concentrations as low as 0.1 mg/ e 
near-adsorption equilibrium is attained within 30 minutes. At high surface densities, 
a relatively slow rearrangement of the adsorbed molecules may cause a slow 
attainment of an ultimate equilibrium (Ochs, Cosovie and Stumm, in preparation). 
The humic acids adsorbed to the particles modify the chemical properties of their 
surfaces, especially their affinities for metal ions (Grauer, 1989). 

4.7 The Hydrophobic Effect 

Adsorption of an organic solute molecule on the surface of a solid can involve re
moving the solute molecule from the solution, removing solvent from the solid sur
face, and attaching the solute to the surface of the solid. The net energy of interac
tion of the surface with the adsorbate may result from short-range chemical forces 
(covalent bonding, hydrophobic bonding, hydrogen bridges, steric or orientation 
effects) and long-range forces (electrostatic and van der Waals attraction forces). 
For some solutes, solid affinity for the solute can playa subordinate role in com
parison to the affinity of the aqueous solvent. 

In a simplified way the adsorption of organic matter, X, at a hydrated surface, S, 
may be viewed as: 

(4.37) 

This equation may be interpreted as the summation of the equations for the "hydra-
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tion" of X, 

; L\G~olv 

and the adsorption of unhydrated X at the hydrated surface 

. L\Go , 1 

and the "hydration" of the product 

The free energy of adsorption is then given by 

(4.38) 

where L\G~Olv is the free energy of solvation. If L\G~ is assumed to be relatively 
small, 

L\G~dS = L\G~ (affinity of surface) -L\G~olv (affinity of solvent) (4.39) 

-L\G~oIV is equivalent to the free energy of displacement of X from the water. Hydro
phobic substances that are sparingly soluble in water tend to be adsorbed at solid 
surfaces. Organic dipoles and large organic ions are preferentially accumulated at 
the solid-solution interface, primarily because their hydrocarbon parts have a low 
affinity for the aqueous phase. Simple inorganic ions (e.g., Na+, Ca2+, Cr), even if 
they are specifically attracted to the surface of the colloid, may remain in solution 
because they are readily hydrated. Less hydrated ions (e.g., Cs+, organic cations, 
and many anions) seek positions at the interface to a larger extent than easily hy
drated ions. 

Such considerations are also contained in the qualitative rule that a polar adsorb
ent adsorbs the more polar component of nonpolar solutions preferentially, where
as a nonpolar surface prefers to adsorb a nonpolar component from a polar solu
tion. In accord with these generalizations and a consequence of the hydrophobic 
effect is Traube's rule, according to which the tendency to adsorb organic sub
stances from aqueous solutions increases systematically with increasing molecular 
weight for a homologous series of solutes. Thus, the interaction energy due to ad
sorption increases rather uniformly for each additional CH2 group. Unless there is a 
special affinity of the surface for an organic solute (e.g., electrostatic attraction or 
coordinative interaction), the hydrophobic effect dominates the accumulation of 
organic solutes at high-energy surfaces. 
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The lipophilicity of a substance, that is, the tendency of a substance to become dis
solved in a lipid, is often measured by the tendency of a substance to become dis
solved in a nonpolar solvent, for example, by the n-octanol-water distribution 
coefficient. The lipophilicity of a substance is inversely proportional to its water 
solubility. 

The Hydrophobic Effect. Hydrophobic substances, for example, hydrocarbons, are 
readily soluble in many nonpolar solvents but only sparingly soluble in water; thus 
these substances tend to reduce the contact with water and seek relatively non
polar environments. Many organic molecules (soaps, detergents, long-chain alco
hols) are of a dual nature; they contain a hydrophobic part and a hydrophilic polar 
or ionic group; they are amphipathic. At an oil-water interface both parts of these 
molecules can satisfy their compatibility with each medium. Such molecules tend to 
migrate to the surface or interface of an aqueous solution; they also have a tend
ency toward self-association (formation of micelles). This is considered to be the 
result of hydrophobic bonding. This term may be misleading because the attraction 
of nonpolar groups to each other arises not primarily from a particular affinity of 
these groups for each other, but from the strong attractive forces between H20 
molecules which must be disrupted when any solute is dissolved in water. The 
hydrophobic effect is perhaps the single most important factor in the organization of 
the constituent molecules of living matter into complex structural entities such as 
cell membranes and organelles (Tanford, 1980). 

In summary the hydrophobic effect can be viewed as a result of the attraction not of 
the solute to the surface or the water, but of the solvent (water) for itself, which re
stricts the entry of the hydrophobic solute into the aqueous phase. 

The mechanism of hydrophobic adsorption is based on the fact that most natural 
organic sorbents, regardless of source, have been observed to be more or less 
comparable in their ability to accept nonpolar compounds. In the sense of Eq. 
(4.39), given above, the hydrophobic adsorption is driven by the incompatability of 
the nonpolar compounds with water, not by the attraction of the compounds to 
organic matter. Thus, as we will show below, it is possible to characterize the ad
sorption of a wide range of organic compounds on a wide range of organic sorb
ents based on a single property of the compund, its octanol-water partition coef
ficient, Kow. 

4.8 The "Sorption" of Hydrophobic Substances to Solid Materials that 
contain Organic Carbon 

The sorption of non-polar organic hydrophobic substances to solid material that 
contain organic carbon must be interpreted as "absorption", i.e., a "dissolution" of 
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the hydrophobic compound into the bulk of the organic material usually present as 
a component of the solid phase. The sorption of such a hydrophobic substance 
may be compared with the partitioning of a solute between two solvents - water 
and the organic phase. The partition coefficient Kp (similar to a distribution coeffi
cient) is defined as 

mol sorbate / mass of solid [ e] [10-3 m3] 
Kp = mol of solute / volume of solution kg or kg (4.40) 

The absorption increases with the content of the organic material in the solid phase 
and the hydrophobicity of the solute. Thus, Kp is empirically found to correlate with 
the organic carbon content of the solid phase, foe (weight fraction) and the hydro
phobicity of the solute, Kow. 

The tendency of the compound to be absorbed (to dissolve) in the organic phase is 
related to the dissolution of the compound in n-octanol, i.e., to the chemical's 
octanol-water partition coefficient 

Kow = [AoctJ / [Aaq] (4.41 ) 

Thus, the partition coefficient for the (ab)sorption of an organic solute onto a solid 
phase is given by (Karickhoff et aI., 1979; Schwarzenbach and Westall, 1980) 

Kp = bfoc (Kow)a (4.42) 1) 

where a and b are constants. a is often around 0.8. 

Increasing water solubility corresponds to decreasing partitioning into the solid 
phase. 

Fig. 4.14 gives a plot of data on the partition coefficient of non-polar organic com
pounds (aromatic chloro hydrocarbons) to various solid phases (having different 
contents of organic material. Kow is inversely related to water solubility,Sw. 

log Kow = a - d log Sw. 

The effect that hydrophobic organic substances can become sorbed to organic 
coatings can be used to make sorbents by coating inorganic colloids such as ferri
hydrite with surfactants. Such surfactant-coated surfaces contain films of hemicelles 
(see 4.5) which are able to remove hydrophobic solutes, such as toluene or chloro
hydrocarbons, from solution (Holsen, et aI., 1991). 

1) This equation is only valid for foe ~ 0.001. 
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organic carbon content, foe. 
(Modified from Schwarzenbach and Westall, 1980) 

Organic Matter as Adsorbents 

The organic material in sediments and in soils is very important in supplying sites 
for the interaction with solutes. Humus-like material, biogenic surfaces, biological 
debris and inorganic minerals covered with organic material and humus belong in 
this category. The molecular structure in soil and sediment organic matter have not 
been established completely. The functional groups are the same as these in 
humic acids; especially prominent are the carboxylic, the phenolic OH, alcoholic 
OH and amino groups. Alkalimetric titration gives some ideas on the pK values of 
the functional groups (Fig. 4.15). Obviously the buffering of soils by humus mater
ials is very important. 
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A conceptualized cross section through a portion of the cell wall (rectangles), periplasmic space, and 
cell membrane (lipid bilayer with polar head groups in contact with cytoplasm and external medium, and 
hydrophobic hydrocarbon chains) of an aquatic microbe. Reactive functional groups (-SH, -COOH, 
-OH, -NH2) present on the wall consitutents and extracellular enzymes (depicted as shaded objects) 
attached by various means promote and catalyze chemical reactions extracellularly. 

(Modified from Price and Morel, 1990) 
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Comparison of an alkali metric titration curve of an equimolar (10-4 M) solution of acetic acid (pK = 4.8) 
and phenol (pK = 10) with a humic acid that contains 10-4 M carboxylic groups. 
One may note that the titration of the humic acid - because of its polyfunctionality - is less steep than 
that of the acetic acid-phenol mixture. 
(From Sigg and Stumm, 1991) 
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Humus in Soils. Humus in solid form (colloids, or coatings on mineral surfaces) can 
immobilize many pollutants. 
1) Non-ionic organic molecules such as organo phosphates, chlorinated hydro

carbons (e.g., polychlorinated biphenyls PCB) are absorbed according to Eq. 
(4.42). 

2) Organic compounds that contain functional groups that become positively 
charged when in protonated form (aliphatic and aromatic quarternary com
pounds, R3N+, commonly present in pesticide preparations, and compounds 
containing basic aminoacids such as in s-triazine pesticides) can become 
coulombically sorbed to the humus material which is negatively charged (even 
at low pH value). Humus is also able to enhance such attachments by hydrogen 
bonding. 

3) Metal ions can bind to the functional groups of humus by surface complex for
mation, e.g., 

Hu - OH + Cu2+, -- Hu - OCu+ + W 

On the other hand, one needs to be aware that soluble humic and fulvic acids 
can form complexes with organic compounds and render these substances 
more mobile (cf. Davis, 1984). 

Biological Surfaces, Cell Surfaces. In most aquatic microorganisms the cell mem
brane or plasma membrane is surrounded by a porous cell wall composed of poly
saccharides and proteins and in some cases, inorganic matrices (Si02 and CaC03) 
(Fig. 4.15a). Reactive functional groups in both the cell membrane and cell wall 
constituents, such as R-OH, R-COOH, RNH2 and R-SH act as coordinating sites 
on the cell surface with which dissolved metals may interact. The plasma mem
brane, a lipid bilayer of hydrophobic interior and hydrophilic exterior with em
bedded proteins and carbohydrates (Singer and Nicholson, 1972) maintains the 
integrity of the cell. It also plays a vital role in regulating the flow of materials and 
energy into and out of the cell. 

4.9 The Sorption of Polymers 

Polymers may adsorb readily on solid surfaces. Somasundaran et al. (1964) have 
investigated the effect of chain length on the adsorption of alkylammonium cations 
and of surfactant anions on oxide surfaces. These authors consider that the ad
sorption is influenced by the van der Waals energy of interaction or hydrophobic 
bonding between CH2 groups of adjacent adsorbed molecules. The van der Waals 
interactive energy per CH2 groups is found to be approximately 1 RT (2.5 kJ mol-1) 

(cf. Eq. 4.34). For a 12-carbon alkylamine the van der Waals cohesive energy is 
therefore on the order of 30 kJ mol-1 and exceeds in this particular case the electro-
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static contribution. Each polymer molecule or polmeric ion can have many groups 
or segments that can potentially be adsorbed; these groups are often relatively free 
of mutual interaction. Usually the extent of adsorption, but not necessarily its rate, 
increases with molecular weight and is affected by the number and type of func
tional groups in the polymer molecule (see Table 4.2). For example, on a nega
tively charged silica surface polystyrenesulfonate is adsorbed readily while mono
meric p-toluene sulfonate (CH3-CsH4-SO;) does not adsorb from 10-4 M solutions 
(Overbeek, 1976). Hydroxyl, phosphoryl, and carboxyl groups can be particularly 
effective in causing adsorption; the significance of such functional groups directs 
attention to the specificity of the chemical interactions involved in the adsorption 
process. Typical natural polymers are for example starch, cellulose, tannins, humic 
acids. 

Table 4.2 Types of Polyelectrolytes 

Nonionic 

Polyvinyl alcohol 

Anionic 

n 
Polystyrene sulfonate 

[

-CH-CH2-J 'l-CH2-CH-CH2-CH-J I hydrolys~s I I 
CONH2 CONH2 coo-

n 
Polyacrylamide 

Polyethylene oxide 

Partially hydrolyzed 
Polyacrylamid 

Polyacrylate 

Cationic 

-CH-CH2-

© 
~ 
H+ 

n 
Polyvinyl pyridinium 

Polyethylene imine 

Because many segments of the polymer can be in contact with the surface, a low 
bonding energy per segment may suffice to render the affinity of several segments 
together so high that their adsorption is virtually irreversible. 
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Lyklema (1985) provides the following semiquantitative thermodynamic argument: 
Suppose that a given polymer molecule loses a conformational entropy 1) of 100 k 
(where k is Boltzmann's constant) upon sorption in a certain conformation, i.e., 
T.!lads S = -100 kT. Such a molecule would not adsorb in that conformation unless 
the loss is overcompensated by a free energy gain from another source. This 
source is the interaction free energy due to contacts between segments and the 
adsorbent. (This interaction is of an energetic nature in the case binding takes 
place through Van der Waals forces, hydrogen bridges, etc., but it can have en
tropic terms, e.g., in the case of hydrophobic bonding. Note that these entropic 
terms are of a nonconfigurational nature: they are proportional to the number of 
segments adsorbed, independent of the conformation of the polymer as a whole.) 

Lyklema (1985) also provides "for the sake of argument" a simplified numerical ex
ample: Let us assume that in the adsorbed conformation 100 segments are in con
tact with the surface. If the adsorption free energy per segment were -0.9 kT the 
contribution of segment binding to .!lads F would be -90 kT and no adsorption would 
ensue, but if it is -1.1 kT per segment the entropy loss would be overcompensated 
and strong adsorption takes place. What happens in the latter case is that the con
formation in the adsorbed state adjusts itself until the overall free energy change 
.!lads F = 0, as required for equilibrium. This simple reasoning makes the finding of 
polymer adsorption theory plausible; slight changes in the adsorption free energy 
per segment mark the transition between "non-adsorbing" and "strongly adsorbing". 
That a change of only a few tenths of a kT unit per segment has such dramatic con
sequences is of course due to the large number of segments involved. 

In modern statistical theories (see Scheutjens and Fleer, 1980, and Fleer and 
Lyklema, 1983) it is found that there does exist a certain critical adsorption free 
energy, customarily called xs, above which the molecule. adsorbs strongly and 
below which it does not adsorb. Typical values of xs' (crit) range from 0.2 - 0.4 kT. 

Table 4.3 represents a summary of polymer adsorption features which have been 
given by Lyklema (1985) to help qualitative understanding. 

Polyelectrolytes. The most striking feature of polyelectrolytes is that due to the 
electrostatic repulsion between the segments, the formation of thick adsorbed 
layers is prevented. Polyelectrolytes tend to adsorb in rather flat conformations. If 
adsorbent and polyelectrolyte bear opposite charges, this attraction can be of an 
electric (coulombic) nature; if the charges have the same sign, adsorption takes 
place only if the non-electrostatic attraction outweighs the electrostatic repulsion 
(Lyklema, 1985). 

1) POlymer adsorption results in a reduction in the number of conformations that a coil can assume. 
Thus, for reasons of entropy alone adsorption would be unfavorable. 
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Table 4.3 Polymer Adsorption Features quoted from Lyklema (1985) 

(i) Polymer adsorption is a rather general phenomenon because only 
modest segment adsorption free energies are needed, provided the 
molecule is not too short. 

(ii) Adsorbed macromolecules are difficult to wash away with the solvent 
because the (free) energy required to desorb a whole molecule is so 
high. There is no reason to call polymer adsorption "irreversible" in the 
thermodynamic sense, rather the equilibrium lies extremely far to the 
adsorbed state. 

(iii) Admixtures containing molecules competing with the segments for sites 
on the surface virtually reduce Xs and hence can induce desorption. 
Likewise, exchange of polymers by others can be done without losing 
the free energy of the bound segments, hence this process is feasible. 
In fact, the very occurrence of such exchanges is an argument in favor 
of reversibility. 

(iv) An important variable is the molecular weight, M. Theoretical arguments 
and experimental evidence have shown that the amount of polymer 
adsorbed increases with M, especially if the solvent is poor, but more 
importantly, that the initial part of the adsorption isotherm becomes 
progressively steeper. In other words, with higher M the isotherm is 
more of the high-affinity type. 

(v) A consequence of (iv) is that from heterodisperse polymer solutions, 
i.e., from the great majority, the fractions with high M adsorb preferen
tially: the composition of the adsorbed polymer differs from that in the 
equilibrium solution. Polymer adsorption therefore leads to fractiona
tion. 

Electric interactions are screened by electrolytes. Hence, by adding electrolytes, 
the adsorption behavior is made to resemble that of uncharged macromolecules 
(see Fig. 4.17). 

For a quantitative theory see Schee and Lyklema (1984). 

Fig. 4.16 provides an illustration of the adsorption of a neutral polymer, polyvinyl 
alcohol, on a polar surface, and the resulting effects on the double layer properties. 
Adsorption of anionic polymers on negative surfaces - especially in the presence 
of Ca2+ or Mg2+ which may act as coordinating links between the surface and func
tional groups of the polymer - is not uncommon (Tipping and Cooke, 1982). 

As will be discussed in Chapter 7, the adsorption of polymers may either increase 
or decrease colloid stability. 
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Effect of adsorbed polymer on the double-layer. Because of the presence of adsorbed train seg
ments, the double layer is modified. The zeta-potential, 1:" is displaced because the adsorbed polymer 
displaces the plane of shear. The parameters for describing adsorbed polymers are the fraction of the 
first layer covered by segments, e, and the effective thickness, fl, of the polymer layer, The insert 
gives the distribution of segments over trains and loops for polyvinyl alcohol adsorbed on silver iodide. 
Results obtained from double layer and electrophoresis measurements. 
(Modified from Lyklema, 1978) 

Humic substances are anionic polyelectrolytes of low to moderate molecular weight 
(500 - 20'000); their charge is due primarily to partially deprotonated carboxylic 
and phenolic groups (see Fig. 4.15). 

A schematic representation of the effects of pH and ionic strength on the configura
tion of anionic polyelectrolytes, such as humic substances, is presented in Fig. 
4.17. In fresh waters at neutral and alkaline pHs, charged macromolecules assume 
extended shapes (large hydrodynamic radius, Rh) as a result of intramolecular 
electrostatic repulsive interactions. When adsorbed at interfaces under these con
ditions, they assume flat configurations (small hydrodynamic thickness, Oh). At high 
ionic strength or at low pH, the polyelectrolytes have a coiled configuration in solu
tion (small Rh) and extend further from the solid surface when adsorbed (large Oh). 
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a) Schematic description of the effects of ionic strength (I) and pH on the conformations of a humic 
molecule in solution and at a surface. Rh denotes the hydrodynamic radius of the molecule in 
solution and Oh denotes the hydrodynamic thickness of the adsorbed anionic polyelectrolyte. 
(Adapted from Yokoyama et aI., 1989 and O'Melia (personal communication), 1991) 

b) The influence of ionic strength and pH on diffusion coefficient, DL, and on Stokes-Einstein radius 
of a humic acid fraction of 50'000 - 100'000 Dalton. (From Cornel, Summers and Roberts,1986) 
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4. 10 Reversibility of Adsorption 

Although adsorption and desorption together establish an adsorption equilibrium, 
desorption has received relatively little experimental attention. 

If adsorption occurs as a bimolecular reaction, as suggested by the Langmuir equa
tion 

(4.43) 

one can postulate 

d [SA] 
dt = kf [S] [A] - kb [SA] (4.44) 

and at equilibrium, d [SA] / dt = 0, 

[SA] kf 
[S] [A] = kb = K = Kads (4.45) 

If one of the kinetic constants has been determined and Kads is known, the other 
rate constant can be calculated. 

Microscopic Reversibility 

The principle we have applied here is called microscopic reversibility or principle of 
detailed balancing. It shows that there is a link between kinetic rate constants and 
thermodynamic equilibrium constants. Obviously, equilibrium is not characterized 
by the cessation of processes; at equilibrium the rates of forward and reverse 
microscopic processes are equal for every elementary reaction step. The micro
scopic reversibility (which is routinely used in homogeneous solution kinetics) 
applies also to heterogeneous reactions (adsorption, desorption; dissolution, pre
cipitation) . 

In the application of the principle of microscopic reversibility we have to be careful. 
We cannot apply this concept to overall reactions. Even Eqs. (4.43) - (4.45) cannot 
be applied unless we know that other reaction steps (e.g., diffusional transport) are 
not rate controlling. In a given chemical system there are many elementary reac
tions going on simultaneously. Rate constants are path-dependent (which is not the 
case for equilibrium constants)and may be changed by catalysts. For equilibrium to 
be reached, all elementary processes must have equal forward and reverse rates 
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and all species, not just reactive intermediates, must be at steady state (Lasaga, 
1981). The kinetic behavior of systems near equilibrium has been shown to be 
linear. 

Exemplification: Surface Complex Formation 

Hayes and Leckie (1986) postulate on the basis of their pressure jump relaxation 
experiments on the adsorption-desorption of Pb2+ at the goethite-water interface 
the following mechanism: 

k1 

SOH + Pb2+, > SOPb+ + W (4.46) 

k_1 

where k1 and k-1 represent the forward and reverse rate constants. Defining intrin
sic rate constants as rate constants that would be observed in the absence of an 
electric field, the equilibrium is represented by 

(4.47) 

The principle of the pressure-jump method is based on the pressure dependence 
of the equilibrium constant, Le., 

t:"v 
=-RT (4.48) 

where I1V is the standard molar volume change of the reaction, and P the pressure. 

A pressure perturbation results in the shifting of the equilibrium; the return of the 
system to the original equilibrium state (Le., the relaxation) is related to the rates of 
all elementary reaction steps. The relaxation time constant associated with the re
laxation can be used to evaluate the mechanism of the reaction. During the shift in 
equilibrium (due to pressure-jump and relaxation) the composition of the solution 
changes and this change can be monitored, for example by conductivity. A descrip
tion of the pressure-jump apparatus with conductivity detection and the method of 
data evaluation is given by Hayes and Leckie (1986). 

A representative result of their data on Pb adsorption on goethite is given in Table 
4.4. 
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Table 4.4 

(atm) 

140 
100 

70 

Intrinsic Rate Constants for the Reaction 

k1 
=FeOH + Pb2+.. > =FeOPb+ + W 

k_1 

(From Hayes and Leckie, 1986) 

M-1s-1 

1.7 x 105 

2.4 x 105 

3.6 x 105 

M-1 S-1 

4.2 x 102 

6.1 x 102 

8.9 x 102 

Evidence for Reversibility for Sorption on Illite 

K1 (int) 

4.0 x 102 

4.0x102 
4.0 x 102 

Fig. 4.18 shows the result of Cd2+ adsorption on illite in presence of Ca2+ (Comans, 
1987). The data are fitted by Freundlich isotherms after an equilibration time of 54 
days. It was shown in the experiments leading to these isotherms that adsorption 
approaches equilibrium faster than desorption. Comans has also used 109Cd to 
assess the isotope exchange; he showed that at equilibrium (7 - 8 weeks equilibra
tion time) the isotopic exchangeabilities are approximately 100 %; i.e., all adsorbed 
Cd2+ is apparently in kinetic equilibrium with the solution. The available data do not 
allow a definite conclusion on the specific sorption mechanism. 

Figure 4.18 

Adsorption-desorption equilibrium for Cd(II) on illite after 54 days of equilibration. The solution con
tains HC03, 2 x 10-3 M Ca2+ and has a pH = 7.8. Freundlich isotherms based on separate adsorption 
(e) and desorption (0) data are given from Comans (1987). 
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In a similar study (Comans et aI., 1990), the reversibility of Cs+ sorption on illite was 
studied by examining the hysteresis between adsorption and desorption isotherms 
and the isotopic exchangeability of sorbed Cs+. Apparent reversibility was found to 
be influenced by slow sorption kinetics and by the nature of the competing cation. 
Cs+ migrates slowly to energetically favorable interlayer sites from which it is not 
easily released. 

4. 11 Ion Exchange 

Ion Exchange Capacity. There are different meanings of "ion exchange". In a most 
general sense, any replacement of an ion in a solid phase in contact with a solution 
by another ion can be called ion exchange. This includes reactions such as 

CaC03(s) + Sr2+ ~, ===='!:> SrC03(s) + Ca2+ 

NaAISi30 a(s) + K+(aq) ... KAISi30 a(s) + Na+ 

Fe(OHb(s) + HPO~- + 2 W < > FeP04(s) + 3 H20 

In a more restrictive sense, the term "ion exchange" is used to characterize the re
placement of one adsorbed, readily exchangeable ion by another. This circum
scription, used in soil science (Sposito, 1989), implies a surface phenomenon in
volving charged species in outer-sphere complexes or in the diffuse ion swarm. It is 
not possible to adhere rigorously to this conceptualization because the distinction 
between inner-sphere and outer-sphere complexation is characterized by a con
tinuous transition, (e.g., W binding to humus). 

A further difficulty is the distinction between a concept and an operation, for exam
ple in the definition of ion exchange capacity. Operationally, "the ion exchange 
capacity of a soil (or of soil-minerals in waters or sediments) is the number of moles 
of adsorbed ion charge that can be desorbed from unit mass of soil, under given 
conditions of temperature, pressure, soil solution composition, and soil-solution 
mass ratio" (Sposito, 1989). The measurement of an ion exchange capacity usually 
involves the replacement of (native) readily exchangeable ions by a "standard" 
cation or anion. 

The cation exchange capacity of a negative double layer may be defined as the 
excess of counter ions that can be exchanged for other cations. This ion exchange 
capacity corresponds to the area marked 0"+ in Fig. 3.2d. It can be shown that O"JO"

(where 0"_ is the charge due to the deficiency of anions) remains independent of 
electrolyte concentration only for constant potential surfaces. However, for constant 
charge surfaces, such as double layers on clays, O"JO"+ increases with increasing 
electrolyte concentration, Hence, the cation exchange capacity (as defined by 0"+) 
increases with dilution and becomes equal to the total surface charge at great 
dilutions. 
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Since cations are adsorbed electrostatically not only due to the permanent structur
al charge, 0'0, (caused by isomorphic substitution) but also due to the proton 
charge, O'H, (the charge established because of binding or dissociating protons -
see Chapter 3.2) the ion exchange capacity is pH-dependent (it increases with pH). 
Furthermore, the experimentally determined capacity may include inner-spherically 
bound cations. 

Standard cations used for measuring cation exchange capacity are Na+, NH!, and 
Ba2+. NH! is often used but it may form inner-sphere complexes with 2:1 layer clays 
and may substitute for cations in easily weathered primary soil minerals. In other 
words, one has to adhere to detailed operational laboratory procedures; these 
need to be known to interpret the data; and it is difficult to come up with an oper
ationally determined "ion exchange capacity" that can readily be conceptualized 
unequivocally. 

Simple Models. The surface chemical properties of clay minerals may often be 
interpreted in terms of the surface chemistry of the structural components, that is, 
sheets of tetrahedral silica, octahedral aluminum oxide (gibbsite) or magnesium 
hydroxide (brucite). In the discrete site model, the cation exchange framework, held 
together by lattice or interlayer attraction forces, exposes fixed charges as anionic 
sites. 

In clays such as montmorillonites, because of the difference in osmotic pressure 
between solution and interlayer space, water penetrates into the interlayer space. 
Depending upon the hydration tendency of the counterions and the interlayer 
forces, different interlayer spacings may be observed. A composite balance among 
electrostatic, covalent, van der Waals, and osmotic forces influences the swelling 
pressure in the ion-exchange phase and in turn also the equilibrium position of the 
ion-exchange equilibrium. One often distinguishes between inner-crystalline 
swelling (which is nearly independent of ionic strength) and osmotic swelling 
(which is strongly dependent on ionic strength (Weiss, 1954). The extent of swelling 
increases with the extent of hydration of the counterion. Furthermore, the swelling is 
much less for a bivalent cation than for a monovalent counterion. Because only half 
as many Me2+ are needed as Me+ to neutralize the charge of the ion exchanger, 
the osmotic pressure difference between the solution and the ion-exchange frame
work becomes smaller. Thus, if strongly hydrated Na+ replaces less hydrated Ca2+ 
and Mg2+ in soils, the resulting swelling adversely affects the permeability of soils. 
Similarly, in waters of high relative [Na+], the bottom sediments are less permeable 
to water. Surface complex formation between the counterions and the anionic sites 
(oxo groups) also reduces the swelling pressure. 

From a geometric pOint of view, clays can be packed rather closely. Muds contain
ing clays, however, have a higher porosity than sand. The higher porosity of the 
clays is caused in part by the high water content (swelling), which in turn is related 
to the ion-exchange properties. 
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lon-Exchange Equilibria. The double-layer theory predicts qualitatively correctly 
that the affinity of the excha-nger (the ion exchanging solid - clay, humus, ion ex
change resin, zeolite) for bivalent ions is larger than that for monovalent ions and 
that this selectivity for ions of higher valency decreases with increasing ionic 
strength of the solution; However, according to the Gouy theory, there should be no 
ionic selectivity of the exchanger between dif!erent equally charged ions. 

Relative affinity may be defined quantitatively by formally applying the mass law to 
exchange reactions: 

(4.49) 

(4.50) 1) 

where R- symbolizes the negatively charged network of the cation exchanger. A 
selectivity coefficient, Q, can then be defined by 

Q(NaR~KR) 
XKR [Na+] 

= 
XNaR [K+] 

(4.51) 

Q(NaR~CaR) (4.52) 

where X represents the equivalent fraction of the counterion on the exchanger (e.g., 
XCaR = 2 [CaR2] / (2 [CaR2] + [NaRD. The selectivity coefficients may be treated as 
mass-law constants for describing, at least in a semiquantitative way, equilibria for 
the interchange of ions, but these coefficients are neither constants nor are they 
thermodynamically well defined. Because the activities of the ions within the lattice 
structure are not known and vary depending on the composition of the ion-ex
changer phase, the coefficients tend to deviate from constancy. Nevertheless, it is 
expedient to use Eq. (4.52) for illustrating the concentration dependence of the 
selectivity for more highly charged ions. A theory on the termodynamics of ion 
exchange was given by Sposito (1984). The calculations for the distribution of ions 
between the ion-exchanging material and the solution involves the same proce
dures as in other calculations or equilibrium speciation. In addition to the mass law 
expression one needs the corresponding mass balance equations for [TOT -R], 
[TOT -Na] and [TOT -Ca]. 

In Fig. 4.19 the mol fraction of Ca2+ on the exchanger is plotted as a function of the 
mol fraction of Ca2+ in the solution. For a hypothetical exchange with no selectivity, 
the exchange isotherm is represented by the dashed line. In such a case the ratio 

1) This reaction could also be formulated as Na2R + Ca2+ = CaR + 2 Na +. 
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of the counterions is the same for the exchanger phase as in the solution. The 
selectivity of the exchanger for Ca2+ increases markedly with increased dilution of 
the solution; in solutions of high concentration the exchanger loses its selectivity. 
The representation in this figure makes it understandable why a given exchanger 
may contain predominantly Ca2+ in equilibrium with a fresh water; in seawater, 
however, the counterions on the exchanger are predominantly Na+. Fig. 4.19 iIIus-

Figure 4.19 
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Typical exchange isotherms for the reactions Ca2+ + 2 {Na+ R-} ~ {Ca2+ R~-} + 2 Na+. In dilute solu
tions the exchanger shows a strong preference for Ca2+ over Na+. This selectivity decreases with in
creasing ion concentration. The 45° line represents the isotherm with no selectivity. 

Table 4.5 

Clay 

Kaolinite 
Illite 
Montmorillonite 

Ion Exchange of Clays with Solutions of CaCI2 and KCI of Equal 
Equivalent Concentrationa) 

Ca2+ / K+ Ratios on clay 

Exchange Concentration of solution 
capacity 2 [Ca2+] + [K+] (meq Iiter1) 

(meq g-1) 100 10 1 0.1 

0.023 1.8 5.0 11.1 
0.162 1.1 3.4 8.1 12.3 
0.810 1.5 22.1 38.8 

a) From L. Wiklander, Chemistry of the Soil, F.E. Bear, Ed., 2nd ed., Van Nostrand Reinhold, New 
York,1964. 
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trates why, in the technological application of synthetic ion exchangers such as 
water softeners, Ca2+ can be selectively removed from dilute water solutions, 
whereas an exhausted exchanger in the Ca2+ form can be reconverted into a {NaR} 
exchanger with a concentrated brine solution or with undiluted seawater. 

Table 4.5 gives the experimentally determined distribution of Ca2+ and K+ for three 
clay minerals at various equivalent concentrations of Ca2+ and K+. The results de
monstrate the concentration dependence of the selectivity; they also show that 
marked differences exist among various clays. 

With the help of selectivity coefficients, such as in Eqs. (4.51) and (4.52) a general 
order of affinity can be given. For most clays the Hofmeister series (the same series 
as was given in Eq. (2.17) for the affinity of ions to oxide surfaces) 

Cs+ > K+ > Na+ > Li+ 

Ba2+ > Sr2+ > Ca2+ > Mg2+ 
(4.53) 

is observed; i.e., the affinity increases with the (non-hydrated) radius of the ions. In 
other words, the ion with the larger hydrated radius tends to be displaced by the ion 
of smaller hydrated radius. This is an indication that inner-sphere interaction occurs 
in addition to Coulombic interaction (Coulombic interaction alone would give pre
ference to the smaller unhydrated ion). For some zeolites and some glasses, a 
reversed selectivity (rather than that of 4.53) may be observed. 

The dependence of selectivity upon electrolyte concentration has important impli
cations for analytical procedures for determining ion-exchange capacity and the 
composition of interstitial waters. The rinsing of marine samples with distilled water 
shifts the exchange equilibria away from true seawater conditions; the influence of 
rinsing increases the bivalent/monovalent ratio, especially the Mg2+/Na+ ratio. 
Sayles and Mangelsdorf (1979) have shown that the net reaction of fluvial clays 
and seawater is primarily an exchange of seawater Na+ for bound Ca2+. This pro
cess is of importance in the geochemical budget of Na+. 

Sodium Adsorption Ratio. Because of the swelling effects of Na+, the relative 
amount of sodium (sodicity) in the water quality especially in the irrigation water 
quality is an important measurement in soil science. Decreased permeability can 
interfer with the drainage required for normal salinity control and with the normal 
water supply and aeration required for plant growth. The relative sodium status of 
irrigation waters and soil solutions is often expressed by the sodium adsorption 
ratio (SAR) 

SAR = [Na+) 
([Ca2+)/2 + [Mg2+)/2) liz 
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Combining [Ca2+] and [Mg2+] in this expression, derived from ion exchange equi
librium considerations, is not strictly valid but cause litte deviation from more exact 
formulations and is justified because these two bivalent cations behave similarily 
during cation exchange. 

4. 12 Transport of Adsorbab/e Constituents in Ground Water and Soil 
Systems 

Soil and groundwater carriers can be looked at as giant chromatography columns. 
The concepts on transport of chemicals accompanied by concommittant adsorption 
and desorption can be borrowed from chromatography theory. Nevertheless, there 
are a few differences of importance: 
1) Particles of the soil matrix are usually very polydisperse, and heterogeneously 

packed; 
2) one has to distinguish between transport in groundwater aquifers which are sat

urated with water and in the unsaturated subsurface zone where pores contain 
water and air (this might lead to very heterogeneous flow structure); 

3) cracks and root zones may lead to preferential flow paths resulting in channel
ing (Borkovec et aI., 1991). 

Changes in concentration can occur because of 
- chemical reactions within the aqueous phase 1) 

- transfer of solute to (or from) solid surfaces in the porous medium or to or from 
the gas phase in the unsaturated zone. 

We will concentrate on adsorption-desorption. The one-dimensional form for homo
geneous saturated media of the advection-dispersion equation can then be written 
as 

OCi 
-u

ox 
Advection 

where u = 
D = 
Ci = 
x = 
Si = 
p = 
e = 

+ 
02Ci 

D ox2 

Dispersion 

linear velocity 

P OSi 

e ot 
Sorption 

dispersion coefficient 
concentration of species i 

= OCi 
ot 

[cm S-1] 
[cm2 S-1] 
[mol e-1] 

(4.54) 

distance (in direction of flow) [cm] 
species i sorbed [mol kg-1] 
bulk density [kg e-1] 2) 

porosity [-] (volume of voids/volume total) 

1) Acid-base, complexation, solution precipitation, redox reactions, biodegradation, radioactive 
decay, hydrolysis. 
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The third term on the left hand side of Eq. (4.54) represents the change in concen
tration in the water caused by adsorption or desorption; this term can be interpreted 
in terms of 

.e. OSi P OSi Oci 
= e ot e OCi ot 

where (OS/OCi) can be interpreted in terms of a linear sorption constant 

If we set the dispersion (second term in Eq. 4.54) equal to zero 

02C' 
D-I = 0 

ox2 

(4.55) 

(4.56)3) 

(4.57) 

we can rewrite the transport-sorption Eq. (4.54) [using (4.55) and (4.56)] as the 
"retardation equation". 

OCi &i ( P ) -u ox = '& 1 + '8 K p (4.58) 

where the expression in paranthesis is the retardation factor, tR 

(4.59) 

where U and Ui are, respectively, the average linear velocity of the ground water 
and of the retarded constituent. Both velocities are measured where clco = 0.5 in 
the concentration profile (see Fig. 4.20a). 

Typical values of pare 1.6 - 2.1, kg e-1 (corresponding to a density of the solid ma-

2) The bulk density, p, refers to the density of the entire assemblage of solids plus voids, i.e., mass 
of rock per volume of rocks plus voids. (If we refer to the density of the solid material itself, i.e., of 
th" k'" mass of rock I p. E (454)b .~1-8)) e roc : p = volume of rock' we can rep aces In q.. y P -8 - . 

3) Eq. (4.56) is typically observed for absorption reactions, for examp e for the (ab)sorption of non
polar organic substances in a solid matrix containing organic (humus-like) material. Eq. (4.56) cor
responds also to the initial linear portion of a Langmuir isotherm or to a Freundlich equation S = Kp 
cb where b == 1 . 
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terial itself of 2.65) and thus piS:::: 4 - 10 kg e-1 . Thus, representative values of S = 
0.2 - 0.4 we can rewrite the retardation factor (Eq. 4.59) 

u 
= (1 + 4 Kp) to (1 + 10 Kp) 

u· I 

Figure 4.20 

o 
-S2 
u 
u 
c 
o 
u 
(j) 
> 

a 
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~ 
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~ O~----------------~~~------------~~L---~x 

C 

Co 

b 

- Ideal 
plug 
flow 

a b 

Expected responses to a step change 
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Biodegradation 
and dispersion 

Adsorption 
and dispersion 

Biodegradation 
adsorption 

,. - - - _ and dispersion ........ 
-............. ........ .... ------....:...------o L-~ __ ~ ______ ~~ __ ~ ____ ~ ____________ ~ ____ ___ 

o 2 3 4 5 6 

Time relative to mean residence time of water, UtH
2
0 

(4.60) 

a) Advances of adsorbed and non-adsorbed solutes through a column of porous materials. Partition
ing of species between solid material and water is described by Kp (Eq. 4.56). The relative velocity 
is given by 
-u· 
~ = 11[1 + (P/9)Kp]. 
u 
Solute inputs are at concentration Co at time t > 0 (modified from Freeze and Cherry, 1979). 

b) Illustration of the effects of dispersion, sorption, and biodecomposition on the time change in con
centration of an organic compound at an aquifer observation well following the initiation of water 
injection into the aquifer at some distance away from the observation well. c represents the ob
served concentration and Co the concentrations in the injection water (from McCarty and Rittmann, 
1980). 
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Fig. 4.20b shows how, in addition to adsorption, biodegradation can affect the 
movement of organic compounds (note that the abscissa in Fig. 20b is different 
from that in Fig. 20a). While a conservative contaminant would behave just as the 
water in which it is contained, an adsorbable solute (as in Fig. 20a) is retarded and 
arrives at the observation well later than the conservative contaminant. Biodegra
dation would act to destroy the organic contaminant, so it's concentration at the ob
servation well would never reach Co; its concentration would initially be governed 
by dispersion alone, until sufficient time had passed to establish an acclimated 
bacterial population with sufficient mass to change the organic concentration 
(McCarty et aI., 1981). 

Kp Values for Non-polar Organic Substances 

As we have seen in (Eq. 4.40) and in Fig. 4.14, the distribution (or partition) coeffi
cient for the (ab)sorption of a non-polar organic solute onto a solid phase can be 
estimated from the octanol-water coefficient Kow (see Eq. 4.42) 

(4.61 ) 

where foe is organic carbon (weight fraction) constant of the solid material and a 
and b are constants. 

Table 4.6 gives a few representative values for Kow and Kp for non-polar organic 
substances on typical soil material and Table 4.7 gives estimates on typical re
tardation factors estimated for an aquifer. The data show that many non-polar 
organic substances, with the possible exception of very lipophilic substances such 
as hexachlorobenzene, are not markedly retarded in aquifers that contain little 
organic material (foe = 0.001 - 0.005). On the other hand, such substances are 
effectively retained in soils rich in organic carbon. 

Fig. 4.21 gives mean values for some organic substances in the Glatt infiltration 
system. The figure illustrates that tetrachlorethylene is not eliminated during the 
infiltration process. In the case of 1 ,4-dichlorbenzene and 1 ,3-dimethylbenzene (m
xylene) elimination occurs but this elimination is caused by biodegradation. 

The conclusions of retardation are applicable to a wide range of sorption and trans
port problems including artificial groundwater recharge, and leaching of pollutants 
from landfills. 

Surface Complex Formation, Ion Exchange and Transport in Ground-Water and 
Soil Systems 

The retardation equation can also be applied to inorganic soluble substances 
(ions, radionuclides, metals). But here we have to consider, in addition to the sorp
tion or ion exchange process, that the speciation of metal ions or ligands in a multi-
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Table 4.6 Octanol-water Coefficients and Partition Coefficients of Organic 
Substances on Natural Soil Materials 
(Modified from Schwarzenbach et aI., 1983) 

Substance 

Toluene 
1,4-Dimethylbenzene 
1,3,5-Trimethylbenzene 
1,2,3-Trimethylbenzene 
1,2,4,5-Tetramethylbenzene 
n-Butylbenzene 
Tetrachlorethylene 
Chlorbenzene 
1,4-Dichlorbenzene 
1,2,4-Trichlorbenzene 
1,2,3-Trichlorbenzene 
1,2,4,5-Tetrachlorbenzene 
1,2,3,4-Tetrachlorbenzene 

log Kow 

2.69 
3.15 
3.60 
3.60 
4.05 
4.13 
2.60 
2.71 
3.38 
4.05 
4.05 
4.72 
4.72 

0.37 ± 0.12 
0.50 ± 0.10 
1.00 ± 0.16 
0.95±0.11 
1.96 ± 0.45 
3.69 ± 0.98 
0.56 ± 0.09 
0.39 ± 0.12 
1.10 ± 0.16 
3.52 ± 0.39 
3.97± 0.64 

12.74 ± 2.52 
10.48 ± 1.66 

a) Units 10.3 m3 kg"; values experimentally determined in groundwater material (sieve fraction 63-
123 ~m) from the Glatt aquifer. 

Table 4.7 Estimated mean Retardation Factors for Organic Substances in the 
River-Groundwater Infiltration System of the Glatt River 
(Modified from Schwarzenbach et aI., 1983) 

Calculated retardation factor tR 

Riverbed Aquifer 
close to river some distance from river 

Substance 

Chloroform 
1,1,1-Trichlorethane 
Trichlorethylene 
Tetrachlorethylene 
1,4-Dichlorbenzene 
Hexachlorbenzene 
Methylbenzene 
1,3-Dimethylbenzene 
Naphtalene 
2-Chlorphenol 
2,3-Dichlorphenol 
2,4,6-Trichlorphenol 

a) Distance from river 

3 
6 
7 

16 
36 

2950 
12 
25 
31 

2 
10 

5 

« 5 m)a) 

2 
2 
3 
5 

10 
740 

4 
7 
9 
1 
3 
2 

Information used for calculation: p' = 2.5 g cm-3, 
a = 0.2, 
foe = 0.001 - 0.005, 
pH = 7.5. 

(> 5 m)a) 

1.2 
1.2 
1.3 
1.8 
2.7 

150 
1.6 
2.2 
2.5 
1.1 
1.4 
1.2 

Only 40 % of the material had 0 < 125 ~m and was assumed to 'cause adsorption. 

(From Schwarzenbach et aI., 1983) 
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Mean values for concentrations of volatile organic substances in the Glatt infiltration system. 
(From Schwarzenbach et aI., 1983) 

component system influences the specific sorption process and varies during the 
pollutant transport in the groundwater; chemistry then becomes an important part of 
the transport. 

How does the breakthrough of a solute which interacts by surface complex forma
tion (or an equivalent Langmuir isotherm) with the surfaces look like? The response 
of the column is no longer linear and will depend on the concentration of the solute. 
In line with the surface complex formation equilibrium (1M vs [M] shows saturation), 
the distribution coefficient decreases with increasing residual concentration and 
thus leading to a decreasing retardation factor. This leads to a self-sharpening 
front, a travelling non-linear wave); i.e., in a clco vs distance plot (ct. Fig. 4.20a) a 
sharp abrupt change of clco occurs (instead of the smooth symmetrical curve for 
linear adsorption) is observed. Furthermore, the higher the concentration, the 
earlier the breakthrough (Borkovec et aI., 1991). 

Mass transport models for multicomponent systems have been developed where 
the equilibrium interaction chemistry is solved independently of the mass transport 
equations which leads to a set of algebraic equations for the chemistry coupled to a 
set of differential equations for the mass transport. (Cederberg et aI., 1985). 

Radionuclides. To mitigate radioactive contamination, it is important to understand 
the processes and mechanisms of interactions between radionuclides and the solid 
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materials of aquifers. Cationic species of radionuclides may be sorbed on the 
aquifer material by processes such as ion exchange, or surface complex formation, 
thus, retarding their transport by groundwater. 

Sorption depends on Sorption Sites. The sorption of alkaline and earth-alkaline 
cations on expandable three layer clays - smectites (montmorillonites) - can 
usually be interpreted as stoichiometric exchange of inter/ayer ions. Heavy metals 
however are sorbed by surface complex formation to the OH-functional groups of 
the outer surface (the so-called broken bonds). The non-swellable three-layer sili
cates, micas such as illite, can usually not exchange their interlayer ions; but the 
outside of these minerals and the weathered crystal edges ("frayed edges") partici
pate in ion exchange reactions. 

100'000 ,;::r--,---,-----, 

10'000 
(J) 

• Sr pH 5 

-- o Eu pH 5 E 

- b. Am pH 6.5 
c 1000 o Co pH 5 Q) 

'0 • Cs pH 5 -.:: -Q) 

0 t u 100 c 
0 

~ 0---..0 ;Z ~ 

en 10 0 (J) 
0 

---' 

1 
0.01 0.1 10 

Na+ Concentration (M) 

Figure 4.22 

Ion exchange of various radionuclides on Na+
montmorillonites (from Shiao et ai., 1979). 
(The relationship plotted can be derived from 
EQs. (4.51) and (4.52); e.g., for the exchange of 
Sr~+ on Na+-montmorillonites 

XSrR ~ 
Kp = [sr2j = Q [Na12 , or 

log Kp = log Q + 2 log (XNaR - [Na1) 

Since XNaR remains relatively constant, log Kp vs 
log [Na+) should plot with a slope of -2. 

5 

4 

3 

2 

·6 -5 -4 -3 -2 -1 0 
log ([Csls/C) -. 

Figure 4.23 

Sorption of cesium in synthetic groundwater on 
clay minerals: 
o Montmorillonite 0 Illite 

~ < 40 11m Chlorite ... < 2-llm Chlorite 

The data are "normalized" with regard to the ion 
exchange capacity C of the sorbents. The sorp
tion curves of the illite and of the < 40-llm 
chlorite are strongly non-linear, whereas that of 
the montmorillonite approaches linearity. 

(From Grutter, von Gunten, Kohler and Rossler, 
1990) 
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For the understanding of the binding of heavy metals on clays one needs to con
sider - in addition to ion exchange - the surface complex formation on end-stand
ing functional OH-groups. Furthermore, the speciation of the sorbate ion (free 
hydroxo complex, carbonato- or organic complex) and its pH-dependence has to 
be known. 

The surface characteristics of kaolinite was discussed in Chapter 3.4 and in Fig. 
3.9. While the siloxane layer may - to a limited extent - participate in ion exchange 
reactions. The functional OH-groups at the gibbsite and edge surfaces are able to 
surface complex heavy metal ions. (Schindler et aI., 1987). 

As the figure shows the exchange of Sr2+ on Na+ -montmorillonite fits the ion ex
change theory very well. But the adsorption of heavy metals cannot be accounted 
for by this theory. Co(II) behaves as if it were monovalent; KD for americium is in
dependent of [Na+] (americium occurs at pH = 6.5 as a hydroxo complex). 

The Adsorption of Cs+on Clays - an ion with a simple solution chemistry (no hydro
lysis, no complex formation) - can be remarkably complex. GrOtter et al. (1990) 
have studied adsorption and desorption of Cs+ on glaciofluvial deposits and have 
shown that the isotherms for sorption and exchange on these materials are non
linear. Part of this non-linearity can be accounted for by the coliaps of the 
c-spacing of certain clays (vermiculite, chlorite). As illustrated in Fig. 4.23 the Cs+ 
sorption on illite and chlorite is characterized by non-linearity. 
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A.4. 1 Contact Angle, Adhesion and Cohesion 

In Chapter 4.2 we introduced the interfacial (surface) tension (equivalent to surface 
or interfacial energy) as the minimum work required to create a differential incre
ment in surface area. The interfacial energy, equally applicable to solids and 
liquids, was referred to as the interfacial Gibbs free energy (at constant tempera
ture, pressure and composition) (n refers to the composition other than the sur
factant under consideration). 

(A.4.1 ) 

where '{ is the interfacial tension usually expressed in J m-2 or N cm-1 (N = Newton). 

YSL Ysv 
Figure A. 4. 1 

Components of interfacial tension (energy) for the equilibrium of a liquid drop on a smooth surface in 
contact with air (or the vapor) phase. The liquid (in most instances) will not wet the surface but remains 
as a drop having a definite angle of contact between the liquid and solid phase. 

The Contact Angle. Three phases are in contact when a drop of liquid (e.g., water) 
is placed on a perfectly smooth solid surface and all three phases are allowed to 
come to equilibrium. 

The change in surface free energy, .1Gs, accompanying a small displacement of the 
liquid such that the change in area of solid covered, .1A, is 

(A.4.2) 

142 
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at equilibrium 

lim (dGs/dA) = 0, and 
t:J.A ~ 0 

'YLV cos e = 'Ysv - 'YSL (A.4.3) 1) 

This equation, called the Young Equation, is in accord with the concept that the 
various surface forces can be represented by surface tensions acting in the direc
tion of the surfaces. Eq. (A.4.3) results from equating the horizontal components of 
these tensions. 

For practical purposes, if the contact angle is greater than 90° the liquid is said not 
to wet the solid (if the liquid is water one speaks of a hydrophobic surface); in such 
a case drops of liquids tend to move about easily and not to enter capillary pores. If 
e = 0, (ideal perfect wettability) Eq. (A.4.3) no longer holds and a spreading coeffi
cient, SLS(V), reflects the imbalance of surface free energies. 

(A.4.4) 

Young's equation is a plausible, widely used result, but experimental verification is 
often rendered difficult; e.g., the two terms which involve the interface between the 
solid and the two other phases cannot be measured independently2J. Furthermore, 
many complications can arise with contact angle measurements; 'Ys values of ionic 
solids based on contact angle measurements are different from those estimated 
from solubility (Table 6.1) (cf. Table A.4.1). 

The measurement of contact angles for a sessile drop or bubble resting on or 
against a plane solid surface can be measured by direct microscopic examination. 

1) Ysv (the surface tension of the solid in equilibrium with the vapor of the liquid) is often replaced by 
Ys' the surface energy of a solid (hypothetically in equilibrium with vacuum or its own vapor). The 
difference between Ysv and Ys is the equilibrium film pressure 1t (1t = Ysv - Ys) which depends on 
the adsorption (which lowers surface tension - ct. Eq. (4.3) - of the vapor of the liquid on the solid
gas interface). 

2) As shown by Fowkes (1968) the interfacial energy between two phases (whose surface tensions 
- with respect to vacuum - are Y1 and Y2) is subject to the resultant force field made up of compo
nents arising from attractive forces in the bulk of each phase and the forces, usually the London 
dispersion forces (cf. Eq. 4.2) operating accross the interface itself. Then the interfacial tension 
(energy) between two phases Y12 is given by 

( )'/2 
Y12 = Y1 + Y2 - 2 Y1(L) Y2(L) (A.4.5) 

The geometric mean of the dispersion force components Y1(L) and Y2(L) may be interpreted as a 
measure of the interfacial attraction resulting from dispersion forces between adjacent dissimilar 
phases (see Table 4.A.1). 
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Another method is to adjust the angle of a plate immersed in the liquid so that the 
liquid surface remains perfectly flat right up to the solid surface. 

Adhesion and Cohesion 

Processes related to "f and e are adhesion, cohesion and spreading. We consider 
two phases A and B without specifying their physical state; their common interface 
is AB. We can distinguish the following processes as they affect a unit area using a 
connotation given by Hiemenz (1986). 

1) Cohesion: 
no surface 

2) Adhesion: 
1 AB surface 

---1 ..... 2 A (or B) surfaces 

---1...... 1 A + 1 B surface 

Fig. A.4.2 gives a schematic illustration. 

--
A 

....... 

-
B 

....... -

a 

~l 
YNB~l~J" 

Figure A.4.2 

Work of adhesion (a) and work of cohesion (b) 

(A.4.6) 

(A.4.7) 

b 

~l 
A --+ 

~T . ..... 

The work of adhesion, WAB, is the work to separate 1 m2 of AB interface into two 
separate A and B interfaces, and is given by 

.1G = WAB = "ffinal - "finitial = "fA + "fB - "fAB (A.4.8) 

(If AB is a solid-liquid interface, A and B are the A and B interfaces with vapor and, 
in an exact sense, "fA and "fB' are "fAV and "fBV' respectively.) 

The work of cohesion, e.g., of a pure liquid, consists of producing two new inter
faces, each of 1 m2; it measures the attraction between the molecules of this phase 

(A.4.9) 
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Table A.4.1 Attractive Forces at Interfaces-surface Energy, 'Y, and London-van 
der Waals Dispersion Force Component of Surface Energy, 'Y(L) a) 

Liquids b) 

Water 
Mercury 
n-Hexane 
n-Decane 
Carbon tetrachloride 
Benzene 
Nitrobenzene 
Glycerol 

Solids c) 

Paraffin wax 
Polyethylene 
Polystyrene 
Silver 
Lead 
Anatase (Ti02) 

Rutile (Ti02) 

Ferric oxide 
Silica 
Graphite 

'Y 
mJ m-2 

72.8 
484.0 

18.4 
23.9 
26.9 
28.9 
43.9 
63.4 

'Y(L) 
mJ m-2 

21.8 
200.0 

18.4 
23.9 

37.0 

25.5 
35.0 
44.0 
74.0 
99.0 
91.0 

143.0 
107.0 
123.0 (78) 
110.0 

a) Based on information provided by Fowkes (1968). (200 C) a dash indicates that no value is available 

b) Y(L) values for water and mercury have been determined by measuring the interfacial tension of 
tliese liquids with a number of liquid saturated hydrocarbons. The intermolecular attraction in the 
liquid hydrocarbons is entirely due to London-van der Waals dispersion forces for all practical pur
poses. Y(L) was derived from contact angle measurements. 

c) rlL) of solids were derived from contact angle measurements or from measurements of equilibrium 
fi m pressures of adsorbed vapor on the solid surface. 

Wetting, Water Repellency, and Detergency 

Obviously, the spreading of water on a hydrophobic solid is helped by adding a 
surfactant. 'YLV and 'YSL are reduced, thus, on both accounts cos e (Eq. A.4.3) in
creases and e decreases. 

Water repellency is achieved by making the surface hydrophobic - 'Ysv has to be 
reduced as much as possible if 'Ysv - 'YSL is negative, e > 90° C - water repelling 
materials include waxes, petroleum residues and silicones; for example, if =SiOH 
groups on glass or Si02 surfaces have reacted with silanes to form =SiO-Si-Alkyl 
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groups, these surfaces have a hydrocarbon type of surface. If e is greater than 90°, 
the water will tend not to penetrate into the hollows or pores in the solid; under 
these conditions gas bubbles will attach to the surfaces. The contact angle plays an 
important role in flotation (see Chapter 7.7) and in detergency. In the latter the 
action of the detergent is to lower the adhesion between a dirt particle and a solid 
surface (Fig. A.4.3). While we use here the arguments used in problems of deter
gency, the same considerations apply to illustrate that surfactants can reduce the 
adhesion of particles to solid surfaces or to other particles (see Fig. A.3). 

'//////////////// 

Figure A.4.3 

The adhesion of solid particles to solid surfaces (or to other particles) can be reduced by surfactants 
(or detergents). The adhesion is given (ct. Eq. AA.8) by Wsp = 'Ypw + 'Ysw - 'Ysp· Thus, 'Ypw and 'Ysw 
have to be lowered, to reduce the adhesion. 

Table A.4.2 Some Contact Angle Values for Solid-liquid-Air Interfaces 1) 

(25° C) 

Solid 

Glass 
Ti02 

graphite 
paraffine 
PTFF 2) 

PE 3) 

liquid 

water 
water 
water 
water 
water 
water 

Contact Angle 

-0 
-0 
86 

106 
108 

94 

1) Data given are quoted from Adamson (1990) where references are given 
2) polytetrafluorethylene 
3) polyethylene 

The Oil- Water Interface 

Although the oil-water interface does not belong into the realm of this book, we 
simply like to illustrate briefly, that the elementary concepts discussed here are 
directly applicable to this interface and can be used to understand some of the 
phenomena associated with oil spills. 
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In Fig. A.4.4, adhesion and cohesion are illustrated for the oil-water interface. 

o 

..... 

Figure A.4.4 

Work of adhesion (a) and of cohesion (b) for the oil-water interface. 

Adhesion: WON = 'Yov + 'Ywv - 'YON 
Cohesion for oil and water: Woo = 2 'Yov; Www = 2 'Y'IN 
Spreading: SO/W = 'Ywv - 'Yov - 'YON 

(i) 
(ii) 
(iii) 

The work of adhesion is influenced by the orientation of the molecules at the inter
face. For example, with the help of Table A.4.1 and Eq. (A.4.8), the work of adhe
sion of n-decane-water (corresponding to a paraffinic oil-water system) and of gly
cerol-water can be computed to be 40 x 10-3 J m-2 and 56 x 10-3 J m-2, respectively. 
It requires more work to separate the polar glycerol molecules (oriented with the 
OH groups toward the water) from the water phase than the nonpolar hydrocarbon 
molecules. For paraffinic oils Woo is about 44 mJ m-2 , for water Www is 144 mJ m-2 , 

and for glycerol Woo is 1 27 mJ m-2 . 

Spreading (Eq. (iii) of Fig. A.4.4) occurs when the oil adheres to the water more 
strongly than it coheres to itself; this is generally the case when a liquid of low sur
face tension is placed on one of high surface tension. This mineral oil spreads on 
water, but water cannot spread on this oil. The initial spreading coefficient does not 
consider that the two liquids will, after contact, become mutually saturated. The 
addition of surfactants which lower Yow and Ysw (cf. Fig. A.4.3) cause the dispersion 
of the oil into droplets. 

A.4.2 Electrocapillarity 

Researches carried out in electrochemistry on solid electrodes and especially on 
the mercury-water interface have made a significant contribution to an understand
ing of interfacial phenomena. Although the electrode-water interfaces are typically 
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not encountered in natural systems, they are often more readily amenable to pre
cise experimental exploration and are of reference value to the appreciation of the 
properties of constant potential surfaces, e.g., silver halogenides in presence of 
potential determining Ag+ on halogen ide ions, or hydrous oxide in equilibrium with 
potential determining W ions. 

The polarized Electrode-Electrolyte and the reversible Solid-Electrolyte Interface 

A polarizable Interface is represented by a (polarizable) electrode where a poten
tial difference across the double layer is applied externally, Le., by applying be
tween the electrode and a reference electrode using a potentiostat. At a reversible 
interface the change in electrostatic potential across the double layer results from a 
chemical interaction of solutes (potential determining species) with the solid. The 
characteristics of the two types of double layers are very similar and they differ 
primarily in the manner in which the potential difference across the interface is 
established. 

Electro Capillarity and the dropping Mercury Electrode. The term electro capillarity 
derives from the early application of measurements of interfacial tension at the Hg
electrolyte interface. The interfacial tension, ,,(, can be measured readily with a 
dropping mercury electrode. E.g., the life time of a drop, tmax , is directly proportional 
to the interfacial tension "(. Thus, "( is measured as a function of 'I' in presence and 
absence of a solute that is adsorbed at the Hg-water interface; this kind of data is 
amenable to thermodynamic interpretation of the surface chemical properties of the 
electrode-water interface. 

A schematic example is given in Fig. A.4.5. The slope of the electrocapillary curve 
depends on the nature of the solution or the equilibrium structure of the double 
layer and on the specific sorbability of dissolved substances. In line with the Gibbs 
equation (Eq. 4.3), sorbable species depress the interfacial tension. 

1 ( '0"( ) n = - RT '0 In aj (A.4.10) 

where aj is the activity (concentration) of the sorbable substance in the solution. 
The equation is valid for constant temperature and pressure and composition other 
than species L This equation permits the estimation of the extent of adsorption as a 
function of potential. (The depression of interfacial tension by adsorption is deter
mined by substrating the values of its solution from that of the background solution 
(Fig. A.4.5b).) The adsorption of active anions is promoted at potentials more posi
tive than the electrocapillary maximum; on the other hand, at potentials more ne
gative than the electrocapillary zero, surface active cationic species are preferen
tially adsorbed. 
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At positive and negative polarization, i.e., at potentials, positive and negative of the 
electrocapillary maximum, the two curves coincide; thus, indicating total desorption 
of the surface active species. (Camphor used as an adsorbate in Fig. AA.5 may be 
characterized as a somewhat polar molecule behaving in a slightly cationic way.) 
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Figure A.4.5 

-1jI Volt 
vs reference electrode 

a 
Electro capillarity curve of 
Hg in an acetate buffer 
(a) without 
(b) with 3x1 0-4 M camphor 

b 
Surface concentration 
of camphor 
estimated from A by Eq.(4.1 0) 

C 
Charge density 
estimated from A by Eq.(4.11) 

d 
Differential capacity 
estimated from A by Eq.(4.12) 

Electrocapillary phenomena on Hg-electrode in presence and absence of an adsorbate (camphor). 
From a measurement of interfacial tension (a) (e.g., from droptime of a Hg-electrode) or of differential 
capacity (d) (e.g., by an a.c-method) as a function of the electrode potential (established by applying a 
fixed potential across the Hg-electrolyte interface) one can calculate the extent of adsorption (b) (from 
(a) by the Gibbs Equation) and of the structure of the interface as a function of the surface potential. 
Figs. a, c and d are interconnected through the Lippmann Equations. 
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The Lippmann Equation. It can be shown thermodynamically that the slope of the 
electrocapillary curve is equal to the charge density, 0", in the electric double layer 
(First Lippmann Equation). 

0"- -(0'Y) 
- - 0'1' T,p, composition 

(A.4.11 ) 

At the electrocapillary maximum, the charge density, 0", is zero (point of zero 
charge) (Fig. A.4.5c). By definition, the differential capacity of the double layer, Cd, 
is equal (Second Lippmann Equation). 

Cd = _ (00) _ + (f>2'Y) 
0'1' T,p, composition - 0'1'2 T,p, composition 

(A.4.12) 

The second differential in the electro capillary curve gives the differential capacity 
of the electric double layer. The differential capacity curve (Fig. A.4.5d), obtained in 
the presence of adsorbed species, shows peaks at high polarizations at potentials 
where sudden changes occur in the charge density curves (see Figs. A.4.5 c and 
d). These changes indicate the potential range where desorption of the adsorbate 
species take place. When this occurs, material of high dielectric constant is dis
placed by material of high dielectric constant in a manner analogous to the salting
out effect. The differential capacity can be measured directly from the build-up and 
decay of electrode potentials. (Cd is most frequently determined by an alternating 
current method.) 

Experimentally either the electrocapillary curve or the differential capacity (as a 
function of '1') is determined. From either set of data, the interfacial properties (ad
sorption and/or charge) as a function of 'I' and a quantitative description of the 
structure of the interface can be obtained. 

A comparison with the reversible interface can be made. The reversible solid 
electrolyte interface can be used in a similar way to explore the distribution of 
charge components at solid-water interfaces. As we have seen, the surface charge 
density, 0", (Eqs. (3.1) and (iii) in Example 2.1) can be readily determined experi
mentally (e.g., from an alkalimetric titration curve). The Lippmann equations can be 
used as with the polarized electrodes to obtain the differential capacity from 

F (00") AT - = -Cd 
opH T,p, composition 

(A.4.13) 

and to infer the change in interfacial tension as a function of pH by integration 
(graphically) the 0" vs pH curve 
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RT 
'Y = F JadpH + K (A.4.14) 

where K is the integration constant. The information provided by experimental 
values of a as a function of pH and of composition is thermodynamically inter
connected (Gibbs adsorption equation) with the composition and pH-dependent 
sorption of (ionic) solute components. Fig. A.4.6 gives a schematic comparison 
between the polarized electrode-electrolyte and the reversible oxide electrode
electrolyte interface. 
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Figure A.4.6 

Comparison between the polarized electrode-electrolyte interface and the reversible (AI20 3) oxide
electrolyte interface. Surface tension (interfacial) tension, charge density and differential capacity, 
respectively, are plotted as a function of the rational potential 'I' (at pzc 'I' is set = 0) in the case of Hg 
and as a function of LlpH (pH-pHpzc) in the case of AI20 3 (pH = pHpzc when 0" = 0). 

(Modified from Stumm, Huang and Jenkins, 1970) 
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Eqs. (A.4.13) and (A.4.1S) imply that the pH axis is equivalent to the potential axis, 
ideally that the Nernst Equation (Eq. 3.24) 

2.3 RT H 
'1'0 = F LlP (A.4.1S) 

is fulfilled. As we have seen in Figs. 3.4 and 3.17, the applicability of the Nernst 
Equation for some oxides is justified. 

The right hand side of Fig. A.4.S is contained in Fig. 3.3. Capacity measurements 
can readily be made at solid electrodes to study adsorption behavior. For a review 
see Parsons (1987). As Fig. A.4.7 illustrates, capacity potential curves of three low
index phases of silver, in contact with a dilute aqueous solution of NaF, show differ
ent minimum capacities (corresponding to the condition cr = 0) and therefore re
markably different potentials of pzc. The closest packed surface (111) has the 
highest pzc and the least close-packed (110) has the lowest pcz; these values differ 
by 300 mV. Such complications observed with Single crystal electrodes, seem likely 
to have their parallel at other solid surfaces. For example, it is to be expected that a 
crystalline oxide will have different pzc values at its various types of exposed faces. 
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Figure AA.7 

Capacity-potential curves for three low-index planes of silver in contact with aqueous 0.01 M NaF at 
25° C. 
(Redrawn from Valette and Hamelin, 1973) 
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Problems 

1) To aliquots of an iron(I1I) oxide suspension (10 mg/e) increasing quantities of 
phthalic acid H2PT are added at pH = 6.0 and at a constant ionic strenght of 
10-3 M (250 C). 

1 x 10-7 

3 x 10-7 

1 x 10-6 

3 x 10-6 

1 x 10-5 

3 x 10-5 

1 x 10-4 

Residual H2PT 
[M] 

0.43 x 10-7 

1.4 x 10-7 

4.8 x 10-7 

18.5 x 10-7 

78 x 10-7 

290 x 10-7 

890 x 10-7 

a) Fit the data in terms of a Freundlich or a Langmuir isotherm. Estimate the 
maximum capacity for adsorption of H2PT by iron(III) oxide. 

b) Explain why the data give a perfect (or not so perfect) fit to the isotherm. 

c) Separate experiments on the iron oxide have shown that it is characterized 
by a specific surface area of 40 m2 g-1. How many surface sites (=Fe-OH) 
per nm2 are available for the interaction with phthalic acid? 

d} Phthalic acid is a two-protic acid with pKa1 and pKa2 values of 2.9 and 5.3, 
respectively. Can we interpret the adsorption isotherm in terms of the ad
sorbate H2PT; or should we formulate in terms of [P2-]? 

e} If this adsorption is interpreted in terms of a ligand exchange, what would 
be the representative equilibrium constant? 

2} What is the difference between ion exchange, e.g., the binding of Ca2+ in ex
change of Na+ and surface complex formation, e.g., the binding of Ca2+ on a 
Mn02 surface? What experiments could be carried out to distinguish between 
these two processes? 

3) How could one distinguish between phosphate binding (ligand exchange) to 
a hydrous oxide surface and the precipitation of iron phosphate? 

4) Adsorption isotherms are often plotted for mixtures of adsorbates (humic acid, 
fatty acids etc.) using collective parameters such as organic carbon. Enumer
ate the various reasons that make the rational interpretation of such adsorp
tion isotherms difficult. 
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5) Surface activity has been defined as a tendency of a solute to concentrate at 
an interface. What kind of configurations are necessary for surface activity? 
What substances desorb from the interface? 

6) Explain the relationship between surface tension, contact angle and capillary 
rise. 

7) Compare the data given in Table A.4.2 and interprete them in terms of inter
facial energy, adhesion, and cohesion. 

8) How could one distinguish experimentally in the interaction of a hydrous oxide 
surface with a fatty acid, whether the interaction is due to hydrophobic bond
ing or to coordinative interaction (ligand exchange of the carboxyl group with 
the surface functional groups of the hydrous oxide)? 

9) a) Can one distinguish between adsorption and precipitation from an analysis 
of the change in solution composition? Specifically test the following 
criteria: 

i) lAP < KSQ, therefore adsorption; 
ii) lAP> KSQ, therefore precipitation; 
iii) a good fit to a Langmuir (or Freundlich) isotherm; 

and show that all three ciriteria do not suffice to distinguish between 
precipitation and adsorption. 

b) What techniques are able to "prove" precipitation (or coprecipitation)? 

10) Estimate the half time for the adsorption of Ni2+ at an AI20 3 (10-4 surface sites 
per liter). 

11) Explain why anionic polyelectrolytes may become adsorbed on negatively 
charged surfaces. 
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Chapter 5 

The Kinetics of Surface Controlled Dissolution of Oxide 
Minerals; an Introduction to Weathering 

5.1 Introduction 
Chemical Weathering t) 

Chemical weathering is one of the major processes controlling the global hydro
geochemical cycle of elements. In this cycle, water operates both as a reactant and 
as a transporting agent of dissolved and particulate components from land to sea. 
The atmosphere provides a reservoir for carbon dioxide and for oxidants required 
in the weathering reactions. The biota assists the weathering processes by provid
ing organic ligands and acids and by supplying locally, upon decomposition, in
creased CO2 concentrations. 

During chemical weathering, rocks and primary minerals become transformed to 
solutes and soils and eventually to sediments and sedimentary rocks. 

When a mineral dissolves, several successive elementary steps may be involved: 
1) mass transport of dissolved reactants from bulk solution to the mineral surface, 
2) adsorption of solutes, 
3) interlattice transfer of reacting species, 
4) chemical reactions, 
5) detachment of reactants from the surface, and 
6) mass transport into the bulk of the solution. 

Under natural conditions the rates of dissolution of most minerals are too slow to 
depend on mass transfer of the reactants or products in the aqueous phase. One 
can thus restrict the discussion to the case of weathering reactions where the rate
controlling mechanism is the mass transfer of reactants and products in the solid 
phase or to reactions controlled by a surface process and the related detachment 
process of reactants. 

Calcareous minerals and evaporite minerals (halides, gypsum) are very soluble 
and dissolve rapidly and, in general, congruently (Le., yielding upon dissolution the 
same stoichiometric proportions in the solution as the proportions in the dissolving 
mineral and without forming new solid phases). Their contribution to the total dis
solved load in rivers can be estimated by considering the mean composition of river 

t) In writing this section, I depended largely on a review by Stumm and Wollast (1990). 
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water and the relative importance of various rocks to weathering (Garrels and 
Mackenzie, 1971). Recent estimates (Holland, 1978; Meybeck, 1979; Wollast and 
Mackenzie, 1983) indicate that evaporites and carbonates contribute approximately 
17 % and 38 %, respectively, of the total dissolved load in the world's rivers. The re
maining 45 % is due to the weathering of silicates, underlining the significant role of 
these minerals in the overall chemical denudation of the Earth's surface. 

There are no unequivocal weathering reactions for the silicate minerals. Depend
ing on the nature of parent rocks and hydraulic regimes, various secondary mine
rals like gibbsite, kaolinite, smectites, and illites are formed as reaction products. 
Some important dissolution processes of silicates are given, for example, by the 
following reactions: 

CaAI2Si20 a + 2 CO2 + 3 H20 
anorthite 

= AI2Si20s(OH)4 + Ca2+ + 2 HC03 
kaolinite 

2 NaAISi30 a + 2 CO2 + 6 H20 
albite 

= AI2Si40 lO(OHh + 2 Na+ + 2 HC03 + 2 H4Si04 
montmorillonite 

KMgFe2AISi3010(OHh + liz O2 + 3 CO2 + 11 H20 
biotite 

= AI(OHb + 2 Fe(OHb + K+ + Mg2+ + 3 HC03 + 3 H4Si04 
gibbsite goethite 

(5.1 a) 

(5.1 b) 

(5.1 c) 

In all cases, water and carbonic acid, which is the source of protons, are the main 
reactants. The net result of the reaction is the release of cations (Ca2+, Mg2+, K+, 
Na+) and the production of alkalinity via HC03. When ferrous iron is present in the 
lattice, as in biotite, oxygen consumption may become an important factor affecting 
the weathering mechanism and the rate of dissolution. 

These reactions, however, are complex and generally proceed through a series of 
reaction steps. The rate of weathering of silicates may vary considerably depending 
on the arrangement of the silicon tetrahedra in the mineral and on the nature of the 
cations. 

The Role of Weathering in Geochemical Processes in Oceanic and Global Sys
tems. As indicated in the stoichiometric equations given above, the rate of chemical 
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weathering is important in determining the rate of CO2 consumption. Furthermore, 
the global weathering rate is most likely influenced by temperature and is propor
tional to total continental land area and the extent of its coverage with vegetation; 
the latter dependence results from CO2 production in soils, which is a consequence 
of plant respiration and the decay of organic matter as well as the release of com
plex-forming substances (ligands) (dicarboxylic acids, hydroxycarboxylic acids, and 
phenols), i.e., anions that form soluble complexes with cations that originate from 
the lattice or form surface complexes with the surface of oxide minerals. Regionally, 
the extent of weathering is influenced by acid rain (Schnoor, 1990; Schnoor and 
Stumm, 1985). 

It has been shown by Berner et al. (1983) and by Berner and Lasaga (1989) that 
silicate weathering is more important than carbonate mineral weathering as a long
term control on atmospheric CO2 . The HCOj and Ca2+ ions produced by weather
ing of CaC03 , 

(5.2) 

precipitate in the ocean (through incorporation by marine organisms) as CaC03 . 

The CO2 consumed in carbonate weathering is released again upon formation of 
CaC03 in the ocean (reversal of the reaction given above). Thus, globally, carbon
ate weathering results in no net loss of atmospheric CO2 . The weathering of cal
cium silicates, e.g., Eq. (5.1 a) or, in a simplified way, 

(5.3) 

also produces Ca2+ and HCOj, which form CaC03 in the sea, but only half of the 
CO2 consumed in the weathering is released and returned to the atmosphere upon 
CaC03 formation, Thus, silicate weathering results in a net loss of atmospheric 
CO2 . Of course, ultimately, the cycle is completed by metamorphic and magmatic 
breakdown, deep in the Earth, of CaC03 with the help of Si02 , a reaction that may 
be represented in a simplified way as CaC03 + Si02 = CaSi03 + CO2 . Knowledge 
of the rate of dissolution of minerals is also necessary for the quantitative evalua
tion of geochemical processes in the oceanic system. 

Diffusion-Controlled Versus Surface-Controlled Mechanisms 

Among the theories proposed, essentially two main mechanisms can be distin
guished; these are that the rate-determining step is a transport step (e.g., a trans
port of a reactant or a weathering product through a layer of the surface of the mine
rai) or that the dissolution reaction is controlled by a surface reaction. The rate 
equation corresponding to a transport-controlled reaction is known as the parabolic 
rate law when 
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dC -Ih 1 r = dt = kpt [M s- ] (S.4a) 

where kp is the reaction rate constant [M s-''''']. By integration the concentration in 
solution, C [M], increases with the square root of time: 

C = Co + 2 kpt 'h 

C 

Csurface 

C 

Figure 5.1 

a 
Transport controlled 

~------_.distance 

L-. ______ _. time 

Rate = kp 1-1/2 

C = Co + 2kp 1112 

Transport vs surface controlled dissolution 

b 
Surface controlled 

Cbulk 1-------

C 

L-------_.distance 

'--------.... time 

Rate = k [surface area) 

C = Co + kt 

(S.4b) 

Schematic representation of concentration in solution, C, as a function of distance from the surface of 
the dissolving mineral. In the lower part of the figure, the change in concentration (e.g., in a batch dis
solution experiment) is given as a function of time. 
a) Transport controlled dissolution. The concentration immediately adjacent to the mineral reflects the 

solubility equilibrium. Dissolution is then limited by the rate at which dissolved dissolution products 
are transported (diffuSion, advection) to the bulk of the solution. Faster dissolution results from 
increased flow velocities or increased stirring. The supply of a reactant to the surface may also con
trol the dissolution rate. 

b) Pure surface controlled dissolution results when detachment from the mineral surface via surface 
reactions is so slow that concentrations adjacent to the surface build up to values essentially the 
same as in the surrounding bulk solution. Dissolution is not affected by increased flow velocities or 
stirring. 

A situation, intermediate between a) and b) - a mixed transport-surface reaction controlled kinetics -
may develOp. 
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Alternatively, if the reactions at the surface are slow in comparison with diffusion or 
other reaction steps, the dissolution processes are controlled by the processes at 
the surface. In this case the concentrations of solutes adjacent to the surface will be 
the same as in the bulk solution. The dissolution kinetics follows a zero-order rate 
law if the steady state conditions at the surface prevail: 

r = ~~ = kA [M S-1] (5.5) 

where the dissolution rate r [M S-1] is proportional to the surface area of the mineral, 
A [m2]; k is the reaction rate constant [M m-2 S-1]. Fig. 5.1 compares the two control 
mechanisms. Since most important dissolution reactions are surface controlled we 
will concentrate on the kinetics of surface controlled reactions. 

Fig. 5.2a shows examples of the results obtained on the dissolution of o-AI20 3 . In 
batch experiments where pH is kept constant with an automatic titrator, the concen
tration of AI(II1)(aq) (resulting from the dissolution) is plotted as a function of time. 
The linear dissolution kinetics observed for every pH is compatible with a process 
whose rate is controlled by a surface reaction. The rate of dissolution is obtained 
from the slope of the plots. 
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a) Linear dissolution kinetics observed for the dissolution of o-AI203, representative of processes 
whose rates are controlled by a surface reaction and not by a transport step (data from Furrer and 
Stumm, 1986). 

b) Linear dissolution kinetics of frame silicates. Minerals used were pyroxenes and olivines; their es
sential structural feature is the linkage of Si04 tetrahedra, laterally linked by bivalent cations (Mg2

+, 

Fe2+, Ca2+). Plotted are amounts of silica released versus time for the dissolution of etched 
enstatite, bronzite (P02 = 0), diopside, and augite at pH 6 (T = 20° C for bronzite; T = 50° C for the 
other minerals) (from Schott and Berner, 1985). 
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Fig. 5.2b gives results by Schott and Berner (1985) on the dissolution rate of iron
free pyroxenes and olivines, as measured by the silica release. 

5.2 A General Rate Law for Surface Controlled Dissolution 

We would like to provide the reader first with a qualitative understanding of the sub
ject of dissolution kinetics. 

The reactivity of the surface (Fig. 5.3), i.e., its tendency to dissolve, depends on the 
type of surface species present; e.g., an inner-sphere complex with a ligand such 
as that shown for oxalate 

or other dicarboxylates, dihydroxides or hydroxy-carboxylic acids, 

,...COOH 
R ...... 

COOH
, 

_OH 
R ...... OH or 

R- COOH 
...... OH 

facilitates the detachment of a central metal ion and enhances the dissolution. This 
is readily understandable, because the ligands shift electron density towards to the 
central metal ion at the surface and bring negative charge into the coordination 
sphere of the Lewis acid center and enhance simultaneously the surface protona
tion and can labilize the critical Me-oxygen lattice bonds, thus, enabling the detach
ment of the central metal ion into solution. 

Similarly, surface protonation tends to increase the dissolution rate, because it 
leads to highly polarized interatomic bonds in the immediate proximity of the sur
face central ions and thus facilitates the detachment of a cationic surface group into 
the solution. On the other hand, a surface coordinated metal ion, e.g., Cu2+ or AI3+, 
may block a surface group and thus retard dissolution. An outer-sphere surface 
complex has little effect on the dissolution rate. Changes in the oxidation state of 
surface central ions have a pronounced effect on the dissolution rate (see Chapter 
9). 

The ideas developed here are largely based on the concept of the coordination at 
the (hydr)oxide interface; the ideas apply equally well to silicates. Somewhat modi
fied concepts for the surface chemistry of carbonate, phosphate, sulfide and 
disulfide minerals have to be developed. 



\/~»H2 
/ '0/ 'oH 

~ ~ 
Enhancement of dissolution Inhibition of dissolution 

Surface protonation 
Surface deprotonation 

Figure 5.3 

oft. 0 
'M/ "\1/)
/ '0/ '0 

Surface complex for
mation with ligands 
that form bidentate, 
mononuclear surface 
complexes, e.g., oxa
late, salicylate, citrate, 
diphenols, etc. 

Reduced lanice sur
face ion (e.g. Fe(II) 
in a Fe(III) framework) 

'M/~/ 
/ '0/ '0, 'pW 

\/~J>""P'o 
/ '0/ 'oH 

'Ml~,I>cr* 
/ '0/ 'oH 

Surface complex
formation to bi-or 
multinuclear com-
plexes or surface 
films, blockage of 
surface groups by 
metal cations 

A General Rate Law 1 63 

CH3"""" (CH2) - COOH 

CH3"""" (CH2)n- COOH 

Blocking of surface groups by hydrophobic 
moieties of fatty acids, humic acids or macro
molecules 

Effect of protonation, complex formation with ligands and metal ions and reduction on dissolution rate. 
The structures given here are schematic short hand notations to illustrate the principal features (they 
do not reveal the structural properties nor the coordination numbers of the oxides under considera
tion; charges given are relative). 

In the dissolution reaction of an oxide mineral, the coordinative environment of the 
metal changes; for example, in dissolving an aluminum oxide layer, the A13+ in the 
crystalline lattice exchanges its 0 2- ligand for H20 or another ligand L. In line with 
Fig. 5.3 the most important reactants participating in the dissolution of a solid mine
rai are H20, W, OH-, ligands (surface complex building), and reductants and oxi
dants (in the case of reducible or oxidizable minerals). 

Thus, the reaction occurs schematically in two sequences: 

surface sites + reactants (W, OW, or ligands) 

slow 
surface species ------~. Me(aq) 

detachment of Me 

fast 
--~. surface species (5.6) 

(5.7) 

where Me stands for metal. Although each sequence may consist of a series of 
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smaller reaction steps, the rate law of surface-controlled dissolution is based on the 
idea 
1) that the attachment of reactants to the surfaces sites is fast and 
2) that the subsequent detachment of the metal species from the surface of the 

crystalline lattice into the solution is slow and thus rate limiting. 

In the first sequence the dissolution reaction is initiated by the surface coordination 
with W, OH-, and ligands which polarize, weaken, and tend to break the metal-oxy
gen bonds in the lattice of the surface. Since reaction (S.7) is rate limiting and using 
a steady state approach the rate law on the dissolution reaction will show a 
dependence on the concentration (activity) of the particular surface species, Cj [mol 
m-2]: 

dissolution rate ex (surface species) (S.8a) 

We reach the same conclusion (Eq. S.8a) if we treat the reaction sequence accord
ing to the activated complex theory (ACT), often also called the transition state 
theory. The particular surface species that has formed from the interaction of H+, 
OW, or ligands with surface sites is the precursor of the activated complex (Fig. 
S.4): 

dissolution rate ex (precursor of the activated complex) 

R = k Cj 

~GO 
Precursor A I 

Products 

Reaction coordinate .. 

Figure 5.4 

(S.8b) 

(S.8c) 

Activated complex theory for the surface-controlled dissolution of a mineral far from equilibrium. A is 
the precursor, i.e., a surface site that can be activated to AI:. The latter is in equilibrium with the pre
cursor. The activation energy for the conversion of the precursor into the product is given by ~G:j:. 
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where R is the dissolution rate, e.g., in mol m-2 h-1, Cj = the surface concentration of 
the precursor [mol m-2]. 

The surface concentration of the particular surface species, Cj, corresponds to the 
concentration of the precursor of the activated complex. Note that we use braces ( ) 
and brackets [ ] to indicate surface concentrations [mol m-2] and solute concentra
tions [M], respectively. 

5.3 Ligand Promoted Dissolution 

We will first describe a relatively simple scenario for the enhancement of the disso
lution of AI20 3 by a (complex-forming) ligand. As we have seen ligands tend to be
come adsorbed specifically and to form surface complexes with the AI(III) Lewis 
acid centers of the hydrous oxide surface. They also usually form complexes with 
AI(III) in solution. Complex formation in solution increases the solubility. This has 
no direct effect on the dissolution rate, however, since the dissolution is surface
controlled. 

In nature, ligands that enhance the dissolution reaction such as oxalate, citrate, 
diphenols, hydroxy carboxylic acids are formed, as a byproduct of biodegradation 
of organic matter. Such ligands are also among the exudation products of plants 
and trees released through the roots. 

The enhancement of the dissolution rate by a ligand in a surface-controlled reac
tion implies that surface complex formation facilitates the release of ions from the 
surface to the adjacent solution. These ligands can bring electron density or nega
tive charge into the coordination sphere of the surface AI-species, lowering their 
Lewis acidity. This may labilize the critical AI-oxygen bonds, thus facilitating the 
detachment of the AI from the surface. It has been shown that bidentate ligands 
(i.e., ligands with two donor atoms) such as dicarboxylates and hydroxy-carboxyl
ates, e.g., oxalate (see Fig. 5.5a), can form relatively strong surface chelates, i.e., 
ring-type surface complexes. 

Trans Effect. The labilizing effect of a ligand on the bonds in the surface of the solid 
oxide phase of the central metal ions with oxygen or OH can also be interpreted in 
terms of the trans effect, i.e., the influence of the ligand on the strength of the bond 
that is trans to it, e.g., in our example the effect of a ligand such as a bicarboxylate 
on the strength of the AI-oxygen bonds 

-HO ° 
'AI" ) " , 

-0 0 



166 Ligand Promoted Dissolution 

The trans influence is a ground state property; it is attributable to the fact that lig
ands trans to each other both participate in the orbital of the metal ion (in our exam
ple, AI); the more one ligand preempts this orbital, the weaker will the bond to the 
other ligand be. 

In a similar way a sigma bond exerted by a functional surface OH-group to a metal 
ion causes a trans effect on the ligands bound to the metal ions (cf. Chapter 9.1). 

Ligand Adsorption enhances Surface Protonation. In Fig. 3.5 it is shown that the 
binding of a ligand to an oxide surface decreases the net surface charge but in
creases surface protonation. This is illustrated in some detail in Example 5.1 and in 
Fig. 5.14 (at the end of Chapter 5.6). Since protons bound to 0 and OH in the sur
face lattice enhance the dissolution rate (Chapter 5.4) the effect of surface protona
tion induces by the adsorption of a ligand, at any given (constant) pH, may explain 
part of the ligand promotion effect. Since the extent of surface protonation, r H - r OH, 

is proportional to the surface concentration of the ligand, q, the rate law can be 
formulated in terms of Ci~, although the precursor to the dissolution is a surface 
complex attached to protonated 0 and OH atoms. 

In Fig. 5.5a a simple scheme of reaction steps is proposed. Some of the assump
tions of our model are summarized in Table 5.1. The short-hand representation of a 
surface site is a simplification that does not take into account either detailed struc
tural aspects of the oxide surface or the oxidation state of the metal ion and its co
ordination number. It implies (model assumption 2 in Table 5.1) that all functional 
surface groups, such as those in a cross-linked polyhydroxo-oxo acid, are treated 
as if they were identical. 

The scheme in Fig. 5.5 indicates that the ligand, for example, oxalate, is adsorbed 
very fast in comparison to the dissolution reaction; thus, adsorption equilibrium may 
be assumed. The surface chelate formed is able to weaken the original AI-oxygen 
bonds on the surface of the crystal lattice. The detachment of the oxalato-aluminum 
species is the slow and rate-determining step; the initial sites are completely regen
erated subsequent to the detachment step; provided that the concentrations of the 
reactants are kept constant, steady state conditions with regard to the oxide surface 
species are established (Table 5.1). If, furthermore, the system is far from dissolu
tion equilibrium, the back reaction can be neglected, and constant dissolution rates 
occur. 

The scheme of Fig. 5.5a corresponds to steady state conditions (Table 5.1). We can 
now apply the general rate law (Eqs. 5.7, 5.8), the rate of the ligand-promoted dis
solution, RL, is proportional to the concentration of surface sites occupied by L 
(metal-ligand complex, >ML) or to the surface concentration of ligands, q (mol 
m-2): 

(5.9) 
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Figure 5.5 

Promotion of the dissolution of an oxide by a ligand. The ligand illustrated here, in a short hand nota
tion, is a bidentate ligand with two oxygen donor atoms (such as in oxalate, salicylate, citrate or di
phenols). 
a) The ligand-catalyzed dissolution reaction of a M203 can be described by three elementary steps: 

- a fast ligand adsorption step (equilibrium), 
- a slow detachment process, and 
- fast protonation subsequent to detachment restoring the incipient surface configuration. 

b) The dissolution rate increases with increasing oxalate concentrations. 
c) In accordance with the reaction scheme of a) the rate of ligand-catalyzed dissolution of o-A1203 by 

the aliphatic ligands oxalate, citrate, and succinate, RL (nmol m-2 h- l ), can be interpreted as a linear 
dependence on the surface concentrations of chelate complexes ct. 

(From Furrer and Stumm, 1986) 
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Table 5.1 Model Assumptions 

CD Dissolution of slightly soluble hydrous oxides: 
Surface process is rate-limiting 
Back reactions can be neglected if far away from equilibrium 

@ The hydrous oxide surface, as a first approximation, is treated like a cross
linked polyhydroxo-oxo acid: 

All functional groups are treated as if they were identical (mean field 
statistics) 

® Steady state of surface phase: 
Constancy of surface area 
Regeneration of active surface sites 

@ Surface defects, such as steps, kinks, and pits, establish surface sites of 
different activation energy, with different rates of reaction: 

faster 
Acitve sites • Me( aq) (a) 

slower 
Less active sites • Me(aq) (b) 

Overall rate is given by (a): 
Steady-state condition can be maintained if a constant mole fraction, 
Xa, of active sites to total (active and less active) sites is maintained, 
i.e., if active sites are continuously regenerated 

@ Precursor of activated complex: 
Metal centers bound to surface chelate, or surrounded by n protonated 
functional groups 

(C~ / S) « 1 

where kl is the reaction constant [time-1j. C~, the surface concentration of the ligand 
(oxalate) [mol m-2], was determined analytically by determining the quantity of oxa
late that was removed from the solution by adsorption and by considering the 
specific surface area of the A120 3. The relationship between surface concentration 
and solute concentration is also obtained from the ligand exchange equilibrium 
constant. As shown in Fig. 5.5b, the experimental results are in accord with Eq. 
(5.9). 

Fig. 5.5c illustrates the effects of various ligands upon the dissolution rate, and that 
a surface chelate (ring structure of the ligand bound to the metal center at the sur
face) is more efficient in enhancing the dissolution rate. Furthermore, the accelera
tion increases in the series Salicylate> oxalate> malonate> phtalate > succinate 
which indicates that a 5-ring chelate is more efficient than a 6-ring or 7-ring chelate. 
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One may note that at the same surface coverage, ct, different dissolution rates are 
observed (Fig. 5.5c). At the same surface coverage, ct, the extent of surface 
protonation is about the same; thus, the configuration and structure of the surface 
complex is of influence. 

Mean Field Statistics and Steady State 

However, we have to reflect on one of our model assumptions (Table 5.1). It is cer
tainly not justified to assume a completely uniform oxide surface. The dissolution is 
favored at a few localized (active) sites where the reactions have lower activation 
energy. The overall reaction rate is the sum of the rates of the various types of sites. 
The reactions occurring at differently active sites are parallel reaction steps occur
ring at different rates (Table 5.1). In parallel reactions the fast reaction is rate deter
mining. We can assume that the ratio (mol fraction, Xa) of active sites to total (active 
plus less active) sites remains constant during the dissolution; that is the active 
sites are continuously regenerated after AI(III) detachment and thus steady state 
conditions are maintained, i.e., a mean field rate law can generalize the dissolution 
rate. The reaction constant I\. in Eq. (5.9) includes Xa, which is a function of the par
ticular material used (see remark 4 in Table 5.1). In the activated complex theory 
the surface complex is the precursor of the activated complex (Fig. 5.4) and is in 
local equilibrium with it. The detachment corresponds to the desorption of the acti
vated surface complex. 

Fig 5.6 gives a simplified idea on the geometry of a square lattice model reflecting 
an octahedral coordination. 

The postulate of steady state during dissolution reaction (Table 5.1) implies a con
tinuous reconstitution of the surface with the maintenance of a constant distribution 
of the various surface sites and the steady state concentration of the surface com
plexes. Fig. 5.7 presents experimental evidence that the concentration of the sur
face ligand - in line with Fig. 5.5a - remains constant during the surface controlled 
dissolution reaction. 

5.4 The Proton-Promoted Dissolution Reaction 

The dissolution reaction under acid conditions requires protons, which may be
come bound to the surface oxide ions and weaken critical bonds; thus, detachment 
of the metal species into the solution results. Another part of the consumed protons 
replaces the metal ions, leaving the solid surface and thus maintaining the charge 
balance. 

A scheme for the dissolution reaction of a trivalent oxide is given in Fig. 5.8. AI-
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Figure 5.6 

The geometry of a square lattice surface model 
The five different surface sites are: 

1 = adatom 3 = kink 
2 = ledge 4 = step 5 = face 

The five types of octahedral surface complexes are bonded to 1, 2, 3, 4, and 5 neighboring surface 
links (ligands). From the point of view of surface reactivity (e.g., dissolution rate), obviously the various 
surface sites have different activation energies, the adatom site (1) is most reactive, and the face site 
(5) (linked to five neighboring sites) is least reactive. The overall dissolution rate is based on the paral
lel dissolution reactions of all sites, but the overall dissolution kinetics is dictated by the fastest individ
ual reaction rate. The latter is essentially given by the product of the first-order reaction rate specific for 
each type of site and the relative concentration of surface sites of each category. Monte Carlo meth
ods, where individual activation energies were assigned to the distinct sites, were able to show that a 
steady state distribution of the various surface sites can be maintained during the dissolution and that 
one type of surface site essentially accounts for the overall dissolution rate. The Monte Carlo model 
(Wehrli, 1989) suggests that the kink sites (3), although reacting much slower than ledge and adatom 
sites but being present at much higher relative concentrations than the less linked surface sites, con
trol the overall dissolution rate. 

though this representation cannot account for individual crystallographic structures, 
it attempts to illustrate a typical sequence of the reaction steps which occur on the 
surface. The adsorption of protons at the surface is very fast (Hachiya et aI., 1984); 
thus, surface protonation is faster than the detachment of the metal species, so it 
can be assumed that the concentration of protons at the surface is in equilibrium 
with the solution. Surface protonation may be assumed to occur at random. But the 
protons may move fast from one functional group to another and occupy terminal 
hydroxyl as well as bridging oxo or hydroxo groups. Tautomeric equilibria may be 
assumed. The detachment process (step 4 in Fig. 5.8) is (far from equilibrium) the 
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slowest of the consecutive steps. If the steady state conditions are maintained, the 
following equation describes the overall reaction rate: 

(5.10) 

Under steady state conditions, i.e., if the original surface sites are regenerated com
pletely after the detachment step (Table 5.1) and if it is assumed that surface pro
tonation equilibria are retained and kept constant by controlling the solution pH, 
one may write 

d(A)/dt = d(8)/dt = d(C)/dt = d(D)/dt = 0 (5.11 ) 

If the fraction of surface that is covered with protons is smaller than 1 (XH« 1), the 
surface density of singly, doubly, and triply protonated surface sites (8, C, and D, 
respectively (see Fig. 5.6)) can be described as probability functions of the surface 
protonation C~. 

Figure 5.7 
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Ligand promoted dissolution of aluminum oxide 

The ligand is hydroxyquinoline-sulfonate (HaS) which forms fluorescent AI-HaS complexes in solu
tion. HaS forms surface complexes with the AI-centers of aluminum oxide surface; these surface com
plexes are also fluorescent. Fluorescence as a function of time during HaS-promoted dissolution of 
aluminum oxide. Surface-associated fluorescence was calculated from the difference between meas
ured total and dissolved fluorescence. 
The increase in total and dissolved fluorescence over time results from dissolution of the oxide. The 
rate of increase, i.e., the slope of the dashed lines, is proportional to the dissolution rate. 
Conditions: 0.14 gleoxide, pH 7.5, [HaSh = 500 IlM added at t = O. 
(From Hering and Stumm, 1991) 
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a) Schematic representation of the proton-promoted dissolution process at a M203 surface site. 
Three preceding fast protonation steps are followed by a slow detachment of the metal from the 
lattice surface. 

b) The reaction rate derived from individual experiments with o-A1203 (see Fig. 5.2a) is proportional to 
the surface protonation to the third power 

(From Furrer and Stumm. 1986) 

A weakening of the critical metal-oxygen bonds occurs as a consequence of the 
protonation of the oxide ions neighboring a surface metal center and imparting 
charge to the surface of the mineral lattice. The concentration (activity) of D should 
reflect that three of such oxide or hydroxide ions have to be protonated. If there is a 
certain numer of surface-adsorbed (bound) protons whose concentration C~ (mol 
m-2) is much lower than the density of surface sites. S (mol-2 ). the probability of 
finding a metal center surrounded with three protonated oxide or hydroxide ions is 
proportional to (C~/S)3. Thus. as has been derived from lattice statistics by Wieland 
et al. (1988). the activity of D is related to (C~)3. and the rate of proton-promoted dis
solution, RH (mol m-2 h-1), is proportional to the third power of the surface protona
tion: 

that is, 

(S.12a) 
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For another oxide, for which the dissolution mechanism requires only two preced
ing protonation steps, the rate would be proportional to (C~)2. Generally, for all 
oxides, which dissolve by an acid-promoted surface controlled process, the follow
ing rate equation may be postulated (see Fig. 5.9) 

(5.12b) 

where j is an integer if dissolution occurs by one mechanism only. In simple cases j 
corresponds to the charge of the central ion. If more than one mechanism occurs 
simultaneously, the exponent j will not be an integer. 
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c) and Si02 (quartz) (Guy and Schott, 1989; Knauss and Wolery, 1989) on the surface concentration 
of protons (C~)3, or hydroxide ions, C~H (mol m-2). 

Enhancement of Dissolution by Deprotonation 

The dissolution rate of most oxides increases both with increasing surface protona
tion and with decreasing surface protonation, equivalent to the binding of OW 
ligands; thus, in the alkaline range the dissolution rate increases with increasing 
pH (Chou and Wollast, 1984; Schott, 1990; Brady and Walther, 1990); (see Fig. 
5.9c). 

(5.13) 
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Experimentally accessible Parameters 

Surface protonation and deprotonation are experimentally directly accessible from 
alkalimetric or acidimetric surface tritrations. The surface concentrations (=MOH~) 
or (",MO-) are nonlinearly related to W by surface complex formation equilibria or 
by semi-empirical relations; in other words, 

(5.14) 

Many authors have shown the empirical rate law 

(5.15a) 

where n is typically between 0 and 0.5. These observations are relevant for the as
sessment of the impact of acid rain on weathering rates. As Eq. (5.15) suggests, the 
rate of weathering does not increase linearly with the acidity of water. A tenfold in
crease in [W] leads to an increase in the dissolution rate by a factor of about 2 - 3. 
Similarly, in the alkaline range the empirical rate law holds: 

(5.15b) 

The Overall Rate of Dissolution 

The surface charge of the mineral is an important factor in the polarization of the 
lattice bonds on the surface. Thus, one may generalize that the dissolution rate is 
related to the surface charge imparted to the surface by Wand/or OW; the rate 
increases both with increasing positive surface charge with decreasing pH values 
of the solution and with increasing negative surface charge with increasing pH 
values. The minimum dissolution rates are observed at the pHpzc' 

The overall rate of dissolution is given by 

(5.16) 

the sum of the individual reaction rates, assuming that the dissolution occurs in 
parallel at different metal centers (Furrer and Stumm, 1986). The last term in Eq. 
(5.16) is due to the effect of hydration and reflects the pH-independent portion of 
the dissolution rate. 

For the acidic range (pH < pHpzc) we can propose tentatively - on the basis of the 
relationship for surface charge due to surface protonation given in Fig. 3.4 - (see 
Eqs. 3.10 and 5.12b) a general semiempirical rate law: 

log RH = log kH + j(log KF + m ~pH) (5.17a) 
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or 

log RH = log kH + j(0.14 ~pH - 6.5) (5.17b) 

where ~pH = pHpzc - pH; and RH = rate of proton promoted dissolution [e.g., mol 
m-2 h-1], j = an integer corresponding in ideal cases to the valency of the central ion 
of the dissolving oxide, KF = 10-6.5 (the Freundlich adsorption constant according to 
Fig. 3.4) and m = 0.14 (corresponding to the Freundlich slope in Fig. 3.4), and kH 
the rate constant. 

But factors other than the surface charge can become important such as the effects 
of specific adsorption of cations and anions on the degree of surface protonation 
(see Example 5.1). 

5.5 Some Case Studies 

Most oxides show, in accordance with the general rate equation (5.16) the same 
trend with regard to the rate dependence on pH: a decrease in pH in the acid range 
and an increase in pH in the alkaline range. 

Silica. Although the dissolution of Si02(s): 

Si02(s) + 2 H20 = H4Si04(aq) (5.18) 

does not involve W or OH- ions, the rate of solution is dependent on pH as shown 
in Fig. 5.1 Oa). 

The pHpznpc is around pH 2 - 3. As Fig. 5.10 illustrates, both the positive surface 
charge due to bound proton, and the negative surface charge, due to deprotonation 
(equivalent to bound OH-) enhances the dissolution rate. The some kind of pH de
pendence is observed also with silicates (Fig. 5.10b). In Fig. 5.10b the rate data for 
some silicates (250 C) show a dependence of log rate on pH (between pH = 8 and 
pH = 12) of 0.3. (A similar value is observed for other silicates.) As has been 
pointed out by Brady and Walther (1989), the ubiquitous 0.3 slope at basic pH 
reflects the fact that Si-O bonds are the likely sites of precursors for the rate deter
mining step, at least above pH 8. Furthermore, it appears that the silica contribution 
dominates overall surface charge. Mechanistically, according to Brady and Walther, 
this implies that SiO bonds in silicates are polarized and weakened by the pre
sence of the charged surface species =Si-O-. This ultimately leads to the detach
ment of the silicon atom. That detachment of silica leads to stoichiometric dissolu
tion at high pH can be explained using albite as an example. As protons are ex
changed for surface alkali cations during the first hour of albite dissolution, the re
lease of alkalis is not considered rate-limiting (Brady and Walther, 1989). 
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pH-dependent dissolution of silica and silicates 
a) Rate of dissolution of silica as a function of pH: 

0, vitreous silica in 0.7 M NaCI solution (Wirth and Gieskes, 1979); 
e, Quartz in 0.2 M NaCI solution (Wollast and Chou, 1985). 

• •• 
s=0.3 

b) 25° C dissolution rates of anorthite (Squares: Amrhein and Suarez,1988; Hexagons: Holdren and 
Speyer, 1987; Circles: Brady and Walther, in prep.), nepheline (Tole et aI., 1986), low albite (Chou 
and Wollast, 1984), bytownite (Brady and Walther, in prep.). S denotes slope. (Modified from Brady 
and Walther, 1989.) 

The dissolution of quartz is accelerated by bi- or multidentate ligands such as oxa
late or citrate at neutral pH-values. The effect is due to surface complex formation of 
these ligands to the Si02 -surface (Bennett, 1991). In the higher pH-range the dis
solution of quartz is increased by alkali cations (Bennett, 1991). Most likely these 
cations can form inner-spheric complexes with the =SiO- groups. Such a complex 
formation is accompanied by a deprotonation of the oxygen atoms in the surface 
lattice (see Examples 2.4 and 5.1). This increase in C~H leads to an increase in dis
solution rate (see Fig. 5.9c). 
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HC03 enhances the Dissolution Rate of Hematite. Fe(lII) in natural waters is pres
ent as hydroxo complexes, especially Fe(OH)~, Fe(OHb(aq), Fe(OH)4' In addition a 
carbonato complex - Fe(C03); - is present in seawater and at the surface of solid 
iron(III)(hydr)oxides. Fig. 5.11 shows the dependence of the dissolution rate as a 
function of the hydrogen carbonato surface complex 

(5.19) 
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Dependence of the dissolution rate of hematite, a-Fe20 3 (mol m-2 h-1) on the surface complex of the 
HC03-Fe(III) complex (mol m-2). 

(From Bruno, Stumm, Wersin and Brandberg, 1991) 

U02. Bruno et al. (1991) have studied the kinetics of dissolution of uranium dioxide, 
U02(s), under strongly reducing conditions. The average uranium concentration in 
natural waters under reducing conditions are between 10-7 and 10-8 M. Even under 
reducing conditions O/U ratios are often larger than 2. The solubility of U02+x solid 
phases is normally higher than that of pure U02 under reducing conditions. As 
pointed out by Bruno et aI., (1991), this indicates that under these conditions, ura
nium is initially dissolved from the primary sources and then it is reprecipitated as 
U02. This possible mobilization mechanism is relevant in the case of the disposal 
of U02 spent nuclear fuel. 

The dissolution of pure U02 is surface controlled; it is proton promoted up to pH == 7 
(pHpzc = 6.8 ± 0.3) (see Fig. 5.12). In line with Eq. (5.12b) and (5.17) the dissolution 
rate has been found to be proportional to the activity of the protonated surface 
species according to the expression 

(5.20) 
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confirming the ideal correlation found between the oxidation state of the central ion 
and the order with respect to the activity of the protonated surface complex. 

As the data in Fig. 5.12 show, and as was pointed out by Bruno et al. (1991), the 
half time for the dissolution reaction of U02 in the pH-range of most natural waters 
and under reducing conditions is in the order of days. If we compare this with typi
cal residence times of undisturbed ground waters (years) we can conclude that the 
dissolution of U02(s) and the mobility of uranium under these conditions is thermo
dynamically and not kinetically controlled. 
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Figure 5.12 

Rates of dissolution of U02(s) obtained in a thin layer continuous flow-through reactor as a function of 
pH. 
(From Bruno, Casas and Puigdomenech, 1991) 

Dissolution Rates of various AI-Minerals and Fe-Minerals 

Table 5.2 compares the dissolution rate of various AI-minerals. The differences are 
remarkable. At pH = 3, the half life of surface sites of different aluminum (hydr)
oxides varies from 2 years (corundum) to 20 hours (bayerite). The large difference 
in rates must be due to different coordinative arrangements of the active surface 
groups. Although no detailed theory is available, it is perhaps reasonable to as
sume, that the dissolution rate increases with the frequency of surface groups 
which be present as endstanding =AI-OH groups. 

Similar considerations apply to the allotropic forms of other minerals. For example 
acid oxalate (pH = 3) extraction (in absence of light) is used to distinguish between 
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ferrihydrite and hematite and goethite. Within 2 hours the ferrihydrate is dissolved 
while leaving goethite and hematite essentially undissolved (Schwertmann and 
Cornell, 1991). 

Table 5.2 Dissolution rates of various AI-minerals 

Mineral Rate pH = 3 (250 C) k [S-l] a) tlj2 [days] b) 

RH [mol m-2 S-l] 

Corundum 2.0 x 10-13 1.2 x 10-8 669 
Muscovite 3.9 x 10-13 2.79 x 10-8 288 
Kaolinite 8.3 x 10-13 5.93 x 10-8 135 
o-A120 3 3.0 x 10-12 1.83 x 10-7 44 
Bayerite 1.5 x 10-10 9.16 x 10-6 0.88 

a) RH divided by the density of surface sites (1.4 x 10-5 mol m-2 for muscovite and kaolinite and 
1.64 x 10-5 mol m-2 for the other minerals; k [s-l] reflects the mean reactivity of surface sites 

b) The half life of a surface site 

(Modified from Wehrli, Wieland and Furrer, 1990) 

5.6 Case Study: Kaolinite 

The weathering of silicates has been investigated extensively in recent decades. It 
is more difficult to characterize the surface chemistry of crystalline mixed oxides. 
Furthermore, in many instances the dissolution of a silicate mineral is incipiently 
incongruent. This initial incongruent dissolution step is often followed by a congru
ent dissolution controlled surface reaction. The rate dependence of albite and 
olivine illustrates the typical enhancement of the dissolution rate by surface pro
tonation and surface deprotonation. A zero order dependence on [W] has often 
been reported near the pHpzc ; this is generally interpreted in terms of a hydration 
reaction of the surface (last term in Eq. 5.16). 

The dissolution of clay minerals and micas is very slow under natural conditions. 
Hence they are characteristic secondary weathering products occurring in soils and 
sediments. Here we exemplify the dissolution characteristics of kaolinite. Kaolinite 
is a 1:1 phyllosilicate. As Fig. 3.9 illustrates, the fundamental unit of its structure is 
an extended sheet of two basal layers: a silica-type layer (siloxane) of composition 
(Si40 10)4- and a gibbsite type layer of composition (OH)6AI4(OHh04 and an edge 
that consists of the two constituents AI(OHb and Si02 . The siloxane layer may con
tain some isomorphic substitution of Si by AI. Thus, (Si-O-AI)-groups establish a 
permanent structural charge which in turn may be responsible for some ion ex
change reactions with Na+ and AI3+. 
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slow If -AI(III)(aq) 

slow!1 .'-+- -AI(lII)(aq) 

Z 
fast 

The sequential surface protonation of the kaolinite surface was illustrated in Fig. 
3.11. As was explained in Chapter 3.6, the excess proton density can be interpret
ed as a successive protonation at the edge and of the gibbsite surface. The pHpzc 
of the edge surface is about 7.5. 

Fig. 5.13 displays the dissolution scenario of the gibbsite surface and of the edge 
surface. The dissolution reaction can be interpreted as a coupled release of AI and 
Si. The detachment of the AI center is the rate determining step. In a fast subse
quent step Si is released from the same surface site. The AI(III) : W stoichiometry 
of the precursor group (the group to be detached) is 1:3 at the gibbsite surface and 
1:1 at the edge surface. 
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Dissolution of kaolinite; scenario for the gibbsite surface a) and the edge surface b). On the gibbsite 
surface three protons are needed to establish a detachable AI(III) group. In a subsequent fast step, Si 
is released. On the edge surface one proton is needed to cause the detachment of AI(III) and of Si. 
(From Wieland and Stumm, 1991.) c) The pH dependence of the proton-promoted dissolution rates of 
kaolinite, muscovite, and their constituent oxides of AI 20 3 and amorphous Si02 or quartz, respective
ly. With increasing W activity, the rate of AI detachment is promoted. (From Stumm and Wieland, 
1990.) 
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Fig. 5.13 compares the proton promoted dissolution rate of kaolinite and muscovite 
with B-A1203 and amorphous Si02 or quartz. These dissolution rates were obtained 
in batch dissolution experiments from zero order plots of AI(III)(aq) vs time and of 
Si(aq) vs time. The pH-dependence of the dissolution rate is the consequence of 
the sequential protonation of OH groups at the kaolinite surface. In the pH range 
above pH:::: 4 the =AI-OH groups at the edge surface are protonated (cf. Fig. 3.11) 
and the detachment of AI and Si from the edge face dominates the overall dissolu
tion process. The protonation of the AI-OH-AI groups of the gibbiste surface pre
dominates below pH = 5 and results in a steep increase with decreasing pH of the 
overall dissolution rate at pH < 4. Due to saturation of the gibbsite layer with pro
tons the rates tend to reach a constant value at pH < 3. 

In line with the stoichiometry AI : H = 1:1 at the edge surface and AI : H = 1:3 at the 
gibbsite surface and in accordance with Eqs. (5.12b) and (5.17b) the proton pro
moted rate law indicates a first order reaction U = 1) with respect to protons bound 
to the edge surface and a third order dependence (j = 3) with respect to the mol 
fraction of protons bound to the gibbsite surface. 

The dissolution in its initial phase is not fully congruent in the sense that the release 
of Si(aq) is slightly larger than that of AI(III)(aq), presumably because some of the 
AI(III) released becomes bound to the permanently charged Si-O-AI sites of the 
siloxane layer. The release of Si represents the "time" rate of kaolinite dissolution. 
Complex formers like oxalate or salicylate that form strong surface chelates with the 
AI(III) central ions (but not - at the concentration used - to any measurable extent 
on the Si-centers) enhance the dissolution rate significantly; furthermore, under 
these ligand promoted dissolution conditions, the dissolution reaction is fully con
gruent. This is another indirect evidence that the detachment of an AI-center is the 
rate determining elementary step of the dissolution reaction. 

Example 5.1: Change in Surface Protonation as a Consequence of Metal Ion or 
Ligand Adsorption 

In Fig. 3.5 we illustrated generally that an alkalimetric or acidimetric titration curve 
of a hydrous oxide dispersion becomes displaced by the adsorption of a metal ion 
or, - in opposite direction - by the adsorption of an anion (ligand). 

=S-OH + Me2+.. > =S-OMe+ + W (i) 

(ii) 

In Figs. 2.10a and b experimental data on the shift in the titration curves were given 
and in Example 2.4 it was shown how these effects are quantified, and that the ex
tent of adsorption can be determined from the displacement of the titration curve. 



Case Study: Kaolinite 1 83 

In this example we will calculate 
1) the effect of ligand adsorption on surface protonation; and 
2) the effect of a metal ion adsorption on surface deprotonation. 
We choose a dilute hematite suspension. 

1) Effect of Ligand. The hematite is characterized by the acidity constants 

=FeOH~ = =FeOH + W log K~ = -7.25 

=FeOH = =FeO- + W log ~ = -9.75 

and by the following information: 

(iii) 

(iv) 

s = 4 x 10-4 m2 kg-1; 3.2 x 10-1 mol surface sites per kg; 8.6 x 10-6 kg hematite 
is used per liter of solution. The ionic strength I = 5 x 10-3 M. The diffuse 
double layer model is used for the correction of electrostatic interaction. 

The ligand, U2-, is characterized by the following constants: 

log K1 = -5.0 (v) 

log K2 = -9.0 (vi) 

and interacts with the Fe203 surface according to the following complex forma
tion constant: 

; log KS = 2 (vii) 

The constants given for reactions (v), (vi) and (vii) are representative of those of 
a ligand containing a carboxylic acid and a phenolic hydroxo group. 

With the equilibria defined in (iii) to (vii) and the mass balance for 

(vii i) 

and for 

[=Fe-OHTOT] = [=FeOH~ + [=FeOH] + [FeO-] + [=FeU-] (ix) 

we have 7 equations and calculate all solute and surface species present at a 
given pH. 
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Effect of ligands and metal ions on surface protonation of a hydrous oxide_ Specific Adsorption of ca
tions and anions is accompanied by a displacement of alkali metric and acidimetric titration curve (see 
Figs_ 2_10 and 3_5). This reflects a change in surface protonation as a consequence of adsorption_ 
This is illustrated by two examples: 

a) Binding of a ligand at pH = 7 to hematite which increases surface protonation 
b) Adsorption of Pb2+ to hematite at pH = 4.4 which reduces surface protonation 
c) Surface protonation of hematite alone as a function of pH (for comparison). All data were calculated 

with the information given in Example 5.1_ I = 5 x 10-3 M_ 

Points given are calculated_ 
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The results are given for pH = 7 in Fig. 5.14a for various total concentrations of 
H2U added to the system. Surface complex formation progressively increases 
with [H2UT] and reaches saturation at concentrations above 10-6 M. 

Two consequences are important: 
1. the net surface charge of the hydrous oxide decreases (it becomes negative 

when the total ligand added exceeds 10-6 M); 
2. the surface protonation increases. 

Expressed as C~ [mol m-2], =FeOH~ increases from ca. 6 x 10-7 mol m-2 to ca. 
4 x 10-6 mol m-2 . The latter proton density corresponds to that of a hematite sus
pension at pH = 3.5 (in absence of H2UT). 

2) Effect of Metal Ion. To the hematite suspension already characterized one adds 
Pb(II). The surface complex formation is characterized by 

=FeOH + Pb2+ = =FeOPb+ + W ; log KS = 4.7 (x) 

The calculations are similar and the result is displayed in Fig. 5.14b for pH = 4.4. 
Obviously Pb-adsorption is accompanied by an increase in net charge and a 
marked decrease in surface protonation [=FeOH~]. Plausibly, this reduction in 
C~ can decrease the dissolution rate. 

5.7 Experimental Apparatus 

Various devices can be used to determine the kinetics and rates of chemical weath
ering. In addition to the batch pH-stats, flow through columns, fluidized bed reactors 
and recirculating columns have been used (Schnoor, 1990). Fig. 5.15a illustrates 
the fluidized bed reactor pioneered by Chou and Wollast (1984) and further de
veloped by Mast and Drever (1987). The principle is to achieve a steady state sol
ute concentration in the reactor (unlike the batch pH-stat, where solute concentra
tions gradually build up). Recycle is necessary to achieve the flow rate to suspend 
the bed and to allow solute concentrations to build to a steady state. With the fluid
ized bed apparatus, Chou and Wollast (1984) could control the AI(III) concentra
tion (which can inhibit the dissolution rate) to a low level at steady state by with
drawing sample at a high rate. 

Fig. 5.15b shows a thin-film continuous flow reactor used by Bruno et al. (1991) for 
determining the dissolution rate of U02 under reducing conditions. A known weight 
of U02(s) was enclosed into the reactor between two membrane filters (0.22 11m). 
The reducing conditions of the feed solution were obtained by bubbling H2(g) in the 
presence of a palladium catalyst. The dissolution rates determined using continu-
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Continuous flow-type reactors to measure dissolution rates 

a) experimental scheme of the thin-film continuous flow reactor used for example by Bruno, Casas 
and Puigdomenech (1991) to determine dissolution rate of U02 under reducing conditions; 

b) schematic diagram of the fluidized-bed reactor by Chou and Wollast (1984), and developed further 
by Mast and Drever (1987). 

ous flow reactors are based on the U(IV)-concentration of the effluent at steady 
state. The amount of U(IV) dissolved depends on the reaction time which is related 
to the residence time of the test solution in the reactor given by 

t = via 

where V is the volume of solution in contact with the solid phase, and a is the flow 
rate. The dissolution rate values are calculated using the equation 
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rdiss = Q (es-1) x [U(IV)] (M) = mol S-l 

where [U(N)] is the concentration of U of the effluent. The values can then be nor
malized with respect to the total surface area of the solid phase. 

5.8 Incongruent Dissolution as a Transient to Congruent Dissolution 

As was mentioned in the introduction to this chapter "diffusion-controlled dissolu
tion" may occur because a thin layer either in the liquid film surrounding the mineral 
or on the surface of the solid phase (that is depleted in certain cations) limits trans
port; as a consequence of this, the dissolution reaction becomes incongruent (i.e., 
the constituents released are characterized by stoichiometric relations different 
from those of the mineral. The objective of this section is to illustrate briefly, that 
even if the dissolution reaction of a mineral is initially incongruent, it is often a sur
face reaction which will eventually control the overall dissolution rate of this mine
raI. This has been shown by Chou and Wollast (1984). On the basis of these argu
ments we may conclude that in natural environments, the steady-state surface
controlled dissolution step is the main process controlling the weathering of most 
oxides and silicates. 

Initial Incongruent Dissolution. We essentially follow the explanation given by 
Schnoor (1990) for a representative example of an initial incongruent dissolution. 

Fig. 5.16 illustrates the schematic building of a cation depleted layer of thickness y 
from a hypothetical mineral with constituents A and B (stoichiometry 1 :1). Initially 
incongruent dissolution of AB results in the rapid migration (diffusion) of constituent 
B from the core of the mineral grain through a layer that is depleted in B (Eq. 5.21) 

dMs D S dBAS '" -DSA S (BAS - Bsurf) 
dt = - SA dr y 

dMA . 
dt = kS <=Me-W~ 

(5.21 ) 

(5.22) 

Eq. (5.22) results from the rate determining step of the proton-promoted detachment 
of a metal ion (Eq. 5.9). In Eqs. (5.21) and (5.22), Ms and MA are, respectively the 
mass of B and A dissolving [mol]. DSA is the diffusion coefficient [m2 S-l] of B diffus
ing through A; S is the surface area [m2]; BAS is the concentration of ion B in solid 
AB [mol m-3]; Bsurf is the concentration of ion B at the surface of solid AB [mol-3]; y is 
the thickness [m] of the cation depleted layer; k is the rate constant, j = exponent, 
corresponding, in ideal cases, to the valence of the ion; r is the radial distance [m] 
and (=Me-W) is the surface concentration of protons [mol m-2]. 
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Schematic illustration of initial incongruent dissolution. In the initial stages, a mineral grain may develop 
a cation depleted layer e. but eventually congruent dissolution is observed and the rate of dissolution 
of A (dNdt) must equal B (dB/dt) for a 1:1 stoichiometry. 

(From Schnoor, 1990) 

The concentration of constituent B becomes negligible at the surface of the mineral 
grain. Gradually, the rate of mass diffusion of B (Eq. 5.21) through an increasing 
depleted layer (y) becomes slower and is equal to the rate of surface-controlled 
dissolution of A (Eq. 5.22). Thus, a pseudosteady state is attained and the depleted 
layer thickness stabilizes. The rates of reaction of solid layer diffusion (Eq. 5.21) 
and of surface controlled dissolution become equal: 

and at steady state 

DAB BAB 

Y = k (=Me-H+~ 

(5.23) 

(5.24) 

The thickness, y, of the cation depleted layer at steady state with decrease with in
creasing [WJ in the solution. Therefore congruent dissolution will result immediately 
from low pH solution. 

Congruent surface-controlled dissolution follows after the. initial incongruent period. 
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5.9 Weathering and the Environmental Proton Balance 

The classical geochemical material balance (Goldschmidt, 1933) assumes that the 
W balance in our environment has been established globally by the interaction of 
primary (igneous) rocks with volatile substances: 

igneous volatile .. seawater + atmosphere + sediments (5.25) rocks + substances 
, 

silicates CO2 pH = 8 P02 = 0.2 carbonates 
carbonates H2O pc =12 PC02 = 0.0003 silicates 
oxides 8°2 

HCI 

In an oversimplified way one can say that acids of the volcanoes have reacted with 
the bases of the rocks; the composition of the ocean (which is at the first endpoint 
(pH = 8) of the titration of a strong acid with a carbonate) and the atmosphere 
(which with its Pco2 = 10-3.5 atm is nearly in equilibrium with the ocean) reflect the 
proton balance of reaction (5.25). Oxidation and reduction are accompanied by 
proton release and proton consumption, respectively. (In order to maintain charge 
balance, the production of e- will eventually be balanced by the production of W.) 
Furthermore, the dissolution of rocks and the precipitation of minerals are accom
panied by H+ -consumption and H+ -release, respectively. Thus, as shown by 
Broecker (1971), the pc and pH of the surface of our global environment reflect the 
levels where the oxidation states and the H+ ion reservoirs of the weathering 
sources equal those of the sedimentary products. 

Weathering is a major W consuming process and pH-buffering mechanism, not 
only globally and regionally but it also plays a major role in local watersheds in soil 
processes, in nutrient uptake by plants and in epidiagenetic reactions in sediments. 

Acid atmospheric deposition causes acidification of waters and soils if the neutrali
zation of the acids by weathering is too slow. In order to understand pH regulation 
one needs to consider the major W yielding and W consuming processes. Unify
ing definitions of acid and base neutralizing capacity (ANC, BNC or alkalinity and 
acidity) are helpful (see Appendix at the end of this chapter). Biologically mediated 
redox processes are important in affecting the W -balance. Among the redox pro
cesses that have a major impact on W production and consumption are the synthe
sis and mineralization of biomass. Any uncoupling between photosynthesis and 
respiration affects acidity and alkalinity in terrestrial and aquatic ecosystems. 

As Fig. 5.17 illustrates aggrading vegetation (forests and intensive crop production) 
produces acidity (see Eq. (viii) of the Appendix) since more cations are taken up by 
the plants (trees) W is released through the roots. The protons released react with 
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a) Competition between W release by the roots of growing trees (aggrading forest) and W ion con
sumption by chemical weathering of soil minerals. The delicate proton balance can be disturbed by 
acid deposition. 

b) Processes affecting the acid-neutralizing capacity of soils (including the exchangeable bases, ca
tion exchange and mineral bases). W ions from acid precipitation and from the release by the roots 
react by weathering carbonates, aluminum silicates and oxides and by surface complexation and 
ion exchange on clays and humus. Mechanical weathering resupplies weatherable minerals. Lines 
drawn out indicate flux of protons; dashed lines show flux of base cations (alkalinity). The trees 
(plants) act like a base pump. 

(From Schnoor and Stumm, 1986) 

the weatherable minerals to produce some of the cations needed by the plants. The 
W balance in soils (production through the roots vs consumption by weathering) is 
delicate and can be disturbed by acid deposition. 

If the weathering rate equals or exceeds the rate of W release by the biota, such as 
would be the case in a calcareous soil, the soil will maintain a buffer in base cat
ions and residual alkalinity. On the other hand, in noncalcareous "acid" soils, the 
rate of W release by the biomass may exceed the rate of W consumption by 
weathering and cause a progressive acidification of the soil. In some instances, the 
acidic atmospheric deposition may be sufficient to disturb an existing W balance 
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between aggrading vegetation and weathering reactions. A quantitative example is 
provided by the carefully established acidity budget in the Hubbard Brook Eco
system, (Driscoll and Likens, 1982). Humus and peat can likewise become very 
acid and deliver some humic or fulvic acids to the water. In wetlands certain plants 
such as the bog moss sphagnum avidly taking up base cations and releasing W 
ions act like cation exchangers. 

The acidification of the environment is accompanied by an increase in base in the 
aggrading biomass (wood and vegetation). The ash of wood and of vegetation is 
alkaline; one speaks of "potash". Fig. 5.17b illustrates that forest trees act like a 
base pump. The "export" of alkalinity occurs by the harvesting of the wood and the 
release of base cations to the aqueous runoff; this is balanced by the production of 
base cations in the weathering process of minerals. Ion exchange processes of soil 
minerals and of humus represents an intermediate buffering pool of fast exchange
able bases. The large pool of mineral bases is characterized by relatively slow 
kinetics of chemical weathering. If chemical weathering did not replace exchange
able bases in acid soils of temporal regions receiving acidic deposition, the base 
exchange capacity of the soils would be completely diminished over a period of 
50 - 100 years. 

5. 10 Comparison between Laboratory and Field Weathering Results 

So far we have discussed weathering rates and rate laws from laboratory experi
ments on pure minerals. These laboratory studies are meant to provide insight for 
natural systems (rates and variables that affect these rates). We may first try to com
pare laboratory and field results. 

Chemical weathering introduces solutes into the natural waters draining (exported) 
from the catchment area. The rate of chemical weathering [mol per m2 catchment 
area per year] - one also speaks of chemical erosion or chemical denudation - can 
be estimated from the concentrations of the solutes in the waters running off 
(rivers) : 

(5.26) 

where Wi is the chemical weathering (dissolution) rate with regard to the solute i 
[mol per m2 catchment area per year}, Ci is the concentration of the solute i [mol 
m-3], Q is the runoff [m3 y-1] and A is the (geographic) catchment area [m2]. 

Fig. 5.18 illustrates the difference in water chemistry of rivers draining CaC03 (cal
cite) or crystalline rocks. 
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Comparison of the chemical composition of rivers Calancasca (southern Switzerland) draining silicate 
rocks and Glatt (northern Switzerland) draining CaC03 (calcite) bearing terrain. Because of the high 
population density anthropogenic effects are superimposed on the geological effects. 

In Table 5.3 some laboratory dissolution rates are compared with field measure
ments on solute export in silicate terrain. 

It may be noted that the field data on a per m2 catchment area basis, from different 
geographical areas are remarkably similar (10-2 - 10-1 equiv m-2 y-1). In order to 
estimate from these rates, actual rates of dissolution of rocks on a per m2 mineral 
surface area basis, we have to know, how many m2 of effective (active) mineral sur
face is available per m2 geographic area. This is not known, but the estimate of 105 
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Table 5.3 Laboratory and Field Weathering Rates 

Mineral 

Placioclase 
Olivine 
Biotite 
Kaolinite 
Muscovite 
Quartz 
o-A120 3 
CaC03 (calcite) 

Geographic area 

Trnavka River Basin (CZ) 
Coweeta Watersled NC (USA) 
Filson Creek MN (USA) 
Cristallina (CH) 
Bear Brooks ME (USA) 
Swiss Alps 

a) Busenberg and Clemency (1976) 
b) Grandstaff (1986) 
c) Wieland and Stumm (1987) 
d) mol AI m-2 y-1 
e) Paces (1983) 

Laboratory data 
dissolution rate 

pH = 4 

mol Si m-2 y-1 

10-3 a) 

1.3 x 10-3 a) 

1.2 x 10-3 b) 

9 x 10-5 c) 

4.5 x 10-5 c) 

2 x 10-5 c) 

9 x 10-5 (mol AI3+) c) d) 

10-2 (mol Ca2+) 

Representative field measurements on 
cation export from silicate terrain 

equivalent cation m-2 (catchment) y-1 

2 x 10-2 e) 

3.5 x 10-2 f) 

1.5 - 3 x 10-2 g) 

2 - 3 x 10-2 h) 

9.6 x 10-2 i) 

4 - 1 0 x 1 0-2 k) 

f) Vel bel (1985) 
g) Siegel and Pfannkuch (1984) 
h) Giovanoli et al. (1989) 
i) Schnoor (1990) 
k) Zobrist and Stumm (1981) 

m2 surface area of mineral grains active in weathering available per m2 of geo
graphic area was made (Schnoor, 1990) 1). If we assume such a conversion factor 
(105 m2/m2 geographic area) weathering rates in nature would be significantly 
slower than predicted from laboratory studies. There are various reasons for this 
apparent discrepancy. In addition to the possibility that our conversion factor is off -
possibly by 1 or 2 orders of magnitude - the following reasons could be given: (1) 
unsaturated flow through soil macropores, limits the amount of weatherable mine
rals exposed to water; (2) dissolved AI(III) has been shown to inhibit the dissolu
tion rates in soil macropores (hydrological control due to macropore flow through 
soils). 

1) Based on the following assumptions: 50 cm of saturated regolith (mantle rock), 0.5 m2 g-1 surface 
area of mineral grains, 40 % of mineral grains active in weathering, density of minerals == 2.5 g cm·3. 
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Figure 5.19 

Effect of altitude of catchment area on water chemistry and weathering rates (Data from Zobrist and 
Drever, 1990) 
The weathering rate in d) corresponds to a "smoothed" line reflecting the actual data. The change with 
altitude is primarily caused probably by an increase in effective surface area of weathered mineral 
grains. With decreasing elevation more soil is produced partially also due to increased biological 
activity. 
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Zobrist and Drever (1990) have estimated weathering rates in the southern Alps of 
Switzerland (gneiss with chlorite, mica, hydrobiotite and poorly crystalline mixed
layer material). They found that the weathering rates increase significantly with the 
decreasing catchment elevation. Fig. 5.19 shows that the concentrations of base 
cations, H4Si04 and alkalinity decrease exponentially with increasing catchment 
elevation. This can be explained by decreasing rates of chemical weathering, from 
about 500 meq per m2 (geographic) per year to ca. 20 meq m-2 y-1. At high altitudes 
very little soil is available. Above the tree line biological activity is very limited; there 
is no or little production of organic matter. At lower elevations, photosynthesis and 
respiration activities are much higher than at high elevations. Plants and trees ex
ude through their roots ligands that increase weathering rates of primary minerals 
and, in turn, the production of soil minerals and their specific surface areas. 

Mechanical Weathering. Operationally one distinguishes between mechanical 
(physical) erosion and chemical weathering. The cracking of rocks by physical 
forces (e.g., melting and freezing of ice) produces suspended solids in the load of 
rivers. The rates of mechanical erosion are larger by about an order of magnitude 
than chemical erosion. The rates of mechanical erosion can be estimated from the 
sedimentation rates in underlying lakes (sediments deposited minus authigenic 1) 

solid products formed in the lake}. As Fig. 5.17b suggests mechanical weathering, 
which produces materials of higher specific surface area, often proceeds chemical 
weathering. 

Example 5.2: Chemical Erosion Rate 

The Rhine River above Lake Constance (alpine and prealpine catchment area) 
averages the following composition: 

Ca2+ = 43 mg/e 
Mg2+ = 9 mg/e 
Na+ = 3.1 mg/e 
S02-

4 = 53 mg/e 
cr = 2.8 mg/e 
HCOj = 115 mg/e 
H4Si04 = 6.5 mg/e. 

Annual precipitation amounts to 140 cm y-1 of which about 30 % is lost due to 
evaporation and evapo-transpiration. 

What is the chemical weathering rate in this catchment area? Can it be subdivided 
to dissolution rates of individual minerals? 

1) authigenic = "formed on the spot"; the term is usually used to describe sedimentary materials 
formed in the ocean or in the lake. 
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The annual runoff approximates 1 m3 per m2 geographic area; and one m3 of water 
contains the concentrations given. This amounts to 

1.07 
0.4 
0.13 
0.08 
1.9 
0.55 
7 x 10-2 

mol of Ca2+, 
mol of Mg2+, 
mol of Na+, 
mol of cr, 
mol of HCOj, 
mol of SO~- and 
mol of H4Si04 

per m3 ; thus, corresponding mol quantities have become dissolved per m2. 

We can try to represent these concentrations in terms of minerals that have dis
solved. All the SO~- minus SO~- introduced by acid rain (on the average the rain 
contains 0.05 mol SO~- m-3) is "assigned" to the dissolution of CaS04(s), all the 
Mg2+ to MgC03 (s) (component of dolomite, CaMg(C03h(s)) and the remaining 
Ca2+ to CaC03(s), cr to NaCI and the H4Si04 to a feldspar NaAISi30 a. 

Thus, we can estimate the erosion rates: 

CaS04 
MgC03 
CaC03 
NaCI 
Si(s) 
NaAISi30 a 

mol m-2 y-1 

0.5 
0.4 
0.6 
0.08 
0.07 or 
0.023 

g m-2 y-1 

68 
33 
60 

4.7 

5.5 

Total chemical erosion: 3.1 eq m-2 y-1 or 170 g m-2 y-1 

These estimates are based on some crude assumptions; nevertheless, the chemi
cal erosion rates obtained are believed to be within ± 20 %. 

Note: Mechanical erosion has been estimated for the same catchment area to be 
1150 g m-2 y-1. 

Estimate on the basis of results on experimental weathering rates and the number 
of functional groups (or central ions) per unit area, how long it takes to dissolve one 
"monomolecuar" layer of a representative silicate mineral. 

There are about 1 0 functional groups per nm2 (ct. Chapter 2.1). That corresponds to 
1019 groups or ST = 1.7 x 10-5 mol groups per m2. A representative weathering rate 
(Table 5.3) is 10-3 - 10-4 mol m-2 y-1. Converting this in a pseudo first order rate law 
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, weathering rate (mol m-2 y-1) ('1) 
RH = density of surface groups (mol m-2) 

This rough calculation shows that only a few monolayers are dissolved per year. 

(The idea to this example comes from an article by B. Wehrli in EAWAG News 
28/29, 1990.) 

5. 11 Case Study: Chemical Weathering of Crystalline Rocks in the 
Catchment Area of Acidic Ticino Lakes, Switzerland 

Fig. 5.20 gives the water composition of four lakes at the top of the Maggia valley in 
the southern alps of Switzerland. Although these lakes are less than 10 km apart, 
they differ markedly in their water compOSition as influenced by different bedrocks 
in their catchments. All lakes are at an elevation of 2100 - 2550 m. The small catch
ments are characterized by sparse vegetation (no trees). thin soils and steep 
slopes. 

Figure 5.20 

iJequivlt 
L.Val Sabbia 

200r-------------- ----, 

I Aug 14,1985 1 

L.Zota L.Cristallina 

0'-----
5.05 5.21 6.52 6.78 pH 

Comparison of water composition of four lakes influenced by different bedrocks in their catchments. 
Drainage areas of Lake Zota and Lake Cristallina contain only gneiss and granitic gneiss; that of Lake 
Piccolo Naret contains small amounts of calcareous schist; that of Lake Val Sabbia exhibits a higher 
proportion of schist. 
(From Giovanoli, Schnoor, Sigg, Stumm, Zobrist; 1988) 
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The composition of Lakes Cristallina and Zota, situated within a drainage area 
characterized by the preponderance of gneissic rocks and the absence of calcite 
and dolomite, and Lake Val Sabbia, the catchment area of which contains dolo
mite, are markedly different. The waters of Lake Cristallina and Lake Zota exhibit 
mineral acidity (i.e., caused by mineral acids and HN03), their calcium concentra
tions are 10 - 15 Jlmoi/liter and their pH is < 5.3. On the other hand, the water of 
Lake Val Sabbia is characterized by an alkalinity of 130 Jlmoilliter and a calcium 
concentration of 85 Jlmoi/liter. The water of Lake Piccolo Naret is intermediate; its 
alkalinity is < 50 Jlmoi/liter and appears to have been influenced by the presence of 
some calcite or dolomite in its catchment area. 

Weathering Processes regulating the Chemical Water Composition. On the basis of 
simple mass-balance considerations plausible reconstructions were attempted for 
the contribution of the various weathering processes responsible for the residual 
water composition of the acidic Lake Cristallina. Stoichiometric reactions are pre
sented in Table 5.3 for the interaction of acidic deposition (snow melt) with weath
erable minerals in the drainage area. The composition of atmospheric deposition 
results generally from the interactions of strong acids (H2S04 , HN03), base (NH3) 
and wind-blown dust and aerosols (CaC03, MgC03, NH4N03, NaCI, KCI). 

In Table 5.4 the contributions of the individual weathering reactions were assigned 
and combined in such a way as to yield the concentrations of Ca2+, Mg2+, Na+, K+, 
and W measured in these lakes; the amounts of silicic acid and aluminum hydrox
ide produced and the hydrogen ions consumed were calculated stoichiometrically 
from the quantity of minerals assumed to have reacted. Corrections must be made 
for biological processes, such as ammonium assimilation and nitrification and the 
uptake of silicic acid by diatoms. Some of the H4Si04 was apparently lost by ad
sorption on aluminum hydroxide and Fe(III)(hydr)oxides, but the extent of these 
reactions was difficult to assess. 

Although an unequivocal quantitative mass balance could not be obtained, a plau
sible reaction sequence was deduced that accounts reasonably well for the residu
al chemical water composition. The amount of CaC03 that had to be dissolved to 
establish the residual water composition is about what can be accounted for by 
wind-blown calcite dust. The neutralization of the acidic precipitation by NH3 was, 
subsequent to its deposition, largely annulled by the W ions produced by nitrifica
tion and NH,4 assimilation. 

According to Table 5.3, in the drainage area of Lake Cristallina, about 4 Jlmol of 
plagioclase, 2 Jlmole of epidote, 1 Jlmole of biotite, and 1 Jlmol of K-feldspar per 
liter of runoff water are weathered per year. This amounts to 19 meq of cations per 
m2-year. 
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Figs. 5.21 a and b illustrate some of our observations (Giovanoli et aI., 1988) on the 
effect of acid deposition on granitic gneiss. The surface of some white, macroscopic 
plagioclase grains were covered with etch pits. The presence of etch pits suggests 
that defects in the crystal structure are sites of strong preferential dissolution during 
geochemical processes (Blum and Lasaga, 1987). Such etch pits are also evi
dence for surface-controlled (rather than diffusion or transport-controlled) dissolu
tion reactions. As shown in Fig. 5.21 b, the etch pits were arranged along subgrain 
boundaries. 

Although the elemental analysis indicates an enrichment in AI, no crystalline AI 
phase was observed in any of the sediment samples. Neither XRD nor electron 
diffraction showed a separate AI hydroxide phase. 

5.12 Inhibition of Dissolution; Passivity 

It is important to understand the factors that retard dissolution. The same question is 
especially relevant in technical systems, and in the corrosion of metals and building 
materials. Passivity is imparted to many metals by overlying oxides; the inhibition of 
the dissolution of these "passive" layers protects the underlying material. 

Fig. 5.3 lists some of the factors that promote and inhibit dissolution. Obviously, 
substances which "block" surface functional groups or prevent the approach of 
dissolution promoting W, OH-, ligands and reductants to the functional groups in
hibit the dissolution. Very small concentrations of inhibitors can often be effective 
because it may suffice to block the functional groups of the solution active sites 
such as the ledge sites or the kink sites. Often competitive equilibria exist between 
the surface and solutes which block surface sites and, on the other hand, solutes 
which promote dissolution, e.g., W, ligands. The main role of many inhibitor is to 
prevent access of corrosion promoting agents to the surface. 

Metal Ions. Metal ions, especially those which are specifically adsorbed in the pH 
region < 7, inhibit the proton promoted dissolution of oxides and silicates. This in
hibition might be looked at as a competition in the binding of W by the binding of 
metal ions, i.e., a surface metal center is no longer dissolution-active if bound to a 
metal ion. Alternatively, the inhibitory effect can be interpreted as being due, in 
part, to a lowering of surface protonation which occurs as a consequence of metal 
binding. As seen in Fig. 3.5 and exemplified in Example 5.1 and Fig. 5.14c, the 
addition at constant pH of a metal ion to a hydrous oxide reduces surface protona
tion, c~, (lH - lOH-)! or crw. Because the dissolution rate, RH, has been shown to be 
proportional to (C~)I (Eq. 5.12) metal ion binding most likely decreases RH (see Fig. 
5.14. The effect of specifically adsorbable cations on the reduction of dissolution 
(weathering) rates of minerals is of importance in geochemistry. A documented 
case is the effect of cations other than uranium in the dissolution of uraninite (U02). 



Table 5.4 Weathering of Cristalline Rocks in the Catchment area of Lake Cristallina I\) 
C) 

a) Possible reaction sequences coupled with stoichiometric calculations for establishing chemical composition of C) 

lake water (From Giovanoli, Schnoor, Sigg, Stumm and Zobrist, 1988) 

Reactants Substances produced or consumed (-) 
::; 
::r a: 

Genesis of precipitation 
... -H+ Na+ K+ Ca2t- Mg2+ NH4 AI(OH)L s024 NOj CI- H4Si04 {AI(OHhJ 
... 

(wet and dry deposition) 0 
s ;:, 

-- lLeq/liter .... jUTlol/liter ~ 0 .... 
31 lLeq H2S04 } 31 31 0 

acids 
... 
c. 

11 lLeq NH03 11 1 1 C. 
0 -3 lLeq NaCI } 3 3 
c:: -··dust'" ... 

2 2 0 
2 lLeq KCI ;:, 

19 lLeq CaC03 } -19 19 

2 lLeq MgC03 bases -2 2 
10 lLeq NH3 -10 10 

Resulting composition 1 1 3 2 19 2 10 < 1 31 11 5 < 1 < 1 

After evaporation 7) 16 4 3 27 3 14 < 1 44 16 7 < 1 < 1 

Lake Cristallina 
- Weathering reactions 
1 jUTlol calcite -2 2 

4 ILmol plagioclase (x = 0.25) -5 3 2 13 5 

2 ILmol epidote (x = 0.5) -8 8 6 5 

1 jUTlol biotite (x = 0.5) -2 3 

1 ILmol K-feldspar -1 3 

- Additional reactions 
NH4 assimilation 2) 13 -13 

Dissolution of (AI(OHhJ 3) -6 6 
s 

Final composition 

Calculated 5 7 5 39 4 6 44 16 7 25 4) 8 

Measured September 1985 4 6 5 40 4 6 42 16 8 15 



b) Dissolution reactions in approximate rank order for ease of weathering 5) 

CaC03(s) + 2 W - Ca2+ + H2C03 
calcite 

CaMg(C03)2(S) + 2 H2C03 _ Ca2+ + Mg2+ + 4 HC0:i 
dolomite 

Nap_xpaxAI(I+x)Si(3-Xps(S) + (1 + x) W + (7 - x) H20 - (1 - x) Na+ + x Ca2+ + (3 - x) H4Si04 + (1 + x) AI(OHb 
plagiodase (x ~ mole fraction of anorthite) 6) 

Ca2AI(3-x)FexSi3012(OH)(s) + 4 W + 8 H20 - 2 Ca2+ + 3 H 4Si04 + (3 - x) AI(OHb + x Fe(OHb 
epidote (x ~ mole fraction of iron) 

KMgxFe(3_x)AISi30 lO(OHl2(s) + (1 + 2x) W + (9 - 2x) H20 _ K+ + X Mg2+ + 3 H4Si04 + AI(OHb + (3 - x) Fe (OH)2 
biotite (x ~ mole fraction of magnesium) 

KAISi30S(s) + W + 7 H20 - K+ + 3 H4Si04 + AI(OHb 
orthodase (K-feldspar) 

KAI3Si30 lO(OH)2(s) + W + 9 H20 --.. K+ + 3 H4Si04 + 3 AI(OHb 
muscovite 

AI(OHb + 3 W - A13+ + 3 H20 
(noncrystalline) 

FeOOH(s) + 3 W - Fe3+ + 2 H20 
goethite 

Si02(s) + 2 H20 - H4Si04 
quartz 

t) . precipitation 1.7 m 
Evapoconcentratlon factor ~ runoff ~ 1.2 m ~ 1.42 

2) NH4 assimilation: NH~ - (NH3)org + W 

3) {AI(OH)3ls + vW _ AI(OH) §-v, v depends on the pH of the lake water 

4) Loss of H4Si04 due to incorporation in diatoms and adsorption on noncrystalline AI(OHlJ not included 

5) From greatest to least; these reactions could also be written, instead of with W ions as reactants, with water and dissolved CO2. In either scheme, the net result 
of the reaction is the same - cations (Ca2+, Mg2+, Na+, K+ are released, and alkalinity is produced via OH- or HCO 3 production or H+ consumption. In all reactions, 
the equivalents of cations released are exactly balanced by the equilvalents of acid consumed which corresponds to the alkalinity produced. 

6) anorthite = CaAI2Si20 S 

::; 
::r 
0: -, -Q' 
:::s 
Q .... 
t:J 
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en 
Q 

c: -g' 
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As shown by Grandstaff (1976) the cations, thorium, lead and the rare earths, 
associated with uraninite retard the dissolution of U02 significantly. 

In the more alkaline pH-range surface-bound cations may increase the dissolution 
rate; the surface deprotonation increases CbH (cf. Fig. 5.9c) and thus enhances the 
dissolution. This effect has been observed, above all, with silicates and glasses. 

Ligands. Some ligands like oxalate (and other dicarboxylic acids), salicylate, F-, 
EDTA (Ethylenediaminetetraacetate), NTA (Nitrilotriacetate) accelerate the dis
solution while others, SO~-, CrO~-, benzoate tend to inhibit the dissolution. Some, 
like phosphate and arsenate, accelerate the dissolution at low pH and retard dis
solution at pH > 4. Inert, not potential determining ions such as K+, Na+, cr, NO; 
have little effect. How can these different effects of ligands be explained? Why do 
similar kind of bidentates such as CrOf (inhibitor) and oxalate (dissolution pro
motor) act so differently? One hypothesis is that mononuclear complexes, espe
cially if they are bidentate (and mononuclear), accelerate dissolution while bi
nuclear complexes inhibit dissolution. The effect of binuclear complexes could 
plausibly be accounted for by inferring that much more energy is needed to remove 
simultaneously two center atoms from the crystalline lattice (Matjevic, 1982). In 
case of phosphate and arsenate one could postulate (and there is some supporting 
experimental evidence) that at low pH mononuclear and at near neutral pH value 
bi- or tri-nuclear surface complexes are formed. In case of crO~- and oxalate(C20~-) 
one may imply that in the former case binuclear and in the latter case mononuclear 
complexes (both bidentate) are formed. One could also argue that the leaving 
groups formed at the surface, the chromato and the oxalato complex are, from a 
solution point of view, completely different. Furthermore, the electron donor prop
erties of the (oxidizing) chromate and (potentially reducing) oxalate ligands are 
remarkable different. A further role of the CrO~- is to maintain a high redox potential 
at the oxide-water interface and thus imparting passivity and preventing reductive 
dissolution. Any chromate that is reduced becomes adsorbed even at relatively low 
pH values, as Cr(III) to the oxide surface; the adsorbed Cr3 or CrOH2+ surface 
complex is an excellent inhibitor to the dissolution. In case of phosphate and sili
cate one needs also to consider that at higher concentrations of the solutes at near
neutral pH values solid iron silicate and iron phosphate surface films could be 
formed. Reductive dissolution and its inhibition will be discussed in Chapter 9. 

Figure 5.21 

Electron micrographs of weathered silicate minerals 
a) Scanning electron micrograph of weathered gneiss, showing packs of mica splitting into sheets. 

Attack was apparently from edges and propagated through interlayer cleavage. Sheet surfaces 
appear clean and unattacked. 

b) Scanning electron micrograph of corroded feldspar grain. Same region in two enlargements 
showing the etch pits aligned along subgrain boundaries. Etch pits have narrow size distribution. 

(From Giovanoli, Schnoor, Sigg, Stumm and Zobrist, 1988) 



204 Inhibition of Dissolution 

Corrosion; Passive Films 

To what extent is our know-how on the reactivity of oxides useful for the under
standing of corrosion reactions and passivity. The corrosive behaviour of a few 
metals is essentially determined by the kinetics of the dissolution of the corrosion 
products. This seems to be the case for Zn in HCOj solutions, for passive iron in 
acids and passive AI in alkaline solutions (Grauer and Stumm, 1982). The mecha
nism of the dissolution of iron and of the passivation of this dissolution is extremely 
complex. We may not know exactly the composition of the passive film; but it has 
been suggested that it consists of an oxide of Fe3-x04 with a spinel structure. The 
passive layer seems to vary in composition from Fe304 (magnetite), in oxygen-free 
solutions, to Fe2.6704 in presence of oxygen. It may also consist of a duplex layer 
consisting of an inner layer of Fe304 and an outer layer of y-Fe203. The coulometric 
reduction of the passive layer gives two waves which are interpreted either by the 
reduction of two different layers, Fe203 and Fe304 or by successive reduction of 
Fe304 to lower valence oxides and its further reduction to metallic iron. Fig. 5.22 
represents a schematic model of the hydrated passive film on iron as proposed by 
Bockris and collaborators (Pou et aI., 1984). Obviously, the hydrated passive film 
on iron displays the coordinative properties of the surface hydroxyl groups. 

Figure 5.22 

~-O--F,,--ID--Fe--O·--Fe-OH 

, 
~-O--Fe.--(D-~e--O·--Fe-OH 

Iron metal 
electrode 

Passive film 

Schematic representation of the hydrated passive film on iron 
(From Pou et aI., 1984) 

Since the dissolution rate of passive metals is apparently related to the dissolution 
rate of the passive film, some of our informations on the effect of solution variables 
on the dissolution reactivity of such type of oxides appear applicable to the inter
pretation of some of the factors that enhance or reduce passivity. 

i} Protons. Obviously, surface protonation will enhance dissolution. For the pas-
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sivation of iron, critical current density must be exceeded which increases with 
decreasing pH; 

ii) Fluoride and Chloride. These nucleophilic ions form surface complexes and 
may even permeate into the crystalline lattice; they destroy especially at low 
pH the passivity of iron oxides films; 

iii) Reductants not only tend to lower the electrode potential and may reduce 02 
but also favor the reductive dissolution of passive iron oxide films (see Chapter 
9); if these reductants are able to form surface complexes, especially surface 
chelates, they can facilitate the electron transfer to the oxide. Presence of 
Fe(II) in solution can catalyze this reductive dissolution. Oxidants added to the 
water as an inhibitor may prevent this reductive dissolution and restore high 
electrode potential; 

iv) Surface complex forming ligands like oxalate, salicylate and phenols, espe
ciallyat low pH, tend to dissolve the passive film; 

v) Cations like Zn2+, A13+, Cr3+, block surface sites and thus stabilize the passive 
film; these metal ions reduce surface protonation; 

vi) Phosphates, silicates, polyphosphates or polymeric ligands may have dissolu
tion enhancing effects at low pH and inhibition effects at neutral or alkaline pH 
values. Electrode kinetic effects of ligands on the "passivity" of aluminum oxide 
have been shown by Zuti6 and Stumm (1984). 

Some of the passive films have been characterized as semiconductors; in this 
case, corrosion of these oxides may imply transfer of holes (h+) from the valence 
band to the reductant and of electrons (e-) from the conduction band, in the case of 
iron(I1I) oxides as Fe(II). 



Appendix 

Alkalinity, a "Product of Weathering" 

Most weathering reactions consume protons and produce alkalinity (Reactions 
(S.2) and (S.3), and Table S.4). Here we briefly review the definitions and illustrate 
the value of the alkalinity-acidity concept in the context of the weathering reactions. 

One has to distinguish between the W concentration as an intensity factor and the 
availability of W, the W-ion reservoir as given by the base neutralizing capacity, 
BNC, or the H-acidity [H-Acy]. The BNC relates to the alkalinity [Alk] or acid neutral
izing capacity, ANC, by 

H-Acy = -[Alk] (A.S.1 ) 

Base neutralizing capacity = -Acid neutralizing capacity 

The BNC can be defined by a net proton balance with regard to a reference level -
the sum of the concentrations of all the species containing protons in excess of the 
reference level, less the concentrations of the species containing protons in defi
ciency of the proton reference level. For natural waters, a convenient reference 
level (corresponding to an equivalence pOint in alkalimetric titrations) includes H20 
and H2C03 : 

[H-Acy] = [W] - [HCOj] - 2 [CO~-] - [OH-] (A.S.2) 

The acid-neutralizing capacity, ANC, or alkalinity [Alk] is related to [H-Acy] by 

-[H-Acy] = [Alk] = [HCOj] + 2 [CO~-] + [OH-] - [W] (A.S.3) 

Considering a charge balance for a typical natural water 

.~-------------------a------------------~~ 

Ca2+ Mg21~_ Na' 

HCOj clf, SOl ~~J N03 

---I~~ eq/e (A.S.4) 

.~---[Alk]---"'~'~If----b----'~ 
206 
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we realize that [Alk] and [H-Acy] also can be expressed by a charge balance - the 
equivalent sum of conservative cations, less the sum of conservative anions ([Alk] = 
a - b). The conservative cations are the base cations of the strong bases Ca(OHh, 
KOH, and the like; the conservative anions are those that are the conjugate bases 
of strong acids (SO~-, NO;, and CI-). 

[Alk] = [HC03] + 2 [CO~-] + [OH-] - [W] 

= [Na+] + [K+] + 2 [Ca2+] + 2 [Mg2+] - [Cr] - 2 [S~-] - [NO;] (A.5.6) 

The [H-Acy] for this particular water, obviously negative, is defined ([H-Acy] = b - a) 
as 

(A.5.6) 

These definitions can be used to interpret interactions of acid precipitation with the 
environment. 

A simple accounting can be made: Every base cationic charge unit (for example, 
Ca2+ or K+) that is removed from the water by whatever process is equivalent to a 
proton added to the water, and every conservative anionic charge unit (from anions 
of strong acids - NO;, SOa-, or Cr) removed from the water corresponds to a proton 
removed from the water; or generally, 

L.1. [base cations] - L.1. [conservative anions] = +.1.[Alk] = -.1.[H-Acy] (A.5.?) 

If the water under consideration contains other acid- or base-consuming species, 
the proton reference level must be extended to the other components. In addition to 
the species given, if a natural water contains organic molecules, such as a carbox
ylic acid (H-Org) and ammonium ions, the reference level is extended to these 
species. 

One usually chooses the ammonium species NH4 and H-org as a zero-level refer
ence condition. Operationally, we wish to distinguish between the acidity caused by 
strong acids (mineral acids and organic acids with pK < 6) - typically called mineral 
acidity or free acidity, which often is nearly the same as the free-W concentration -
and the total acidity given by the BNC of the sum of strong and weak acids 
(Johnson and Sigg, 1985; Sigg and Stumm, 1991). 

Disturbance of rr- Balance from Temporal or Spatial Decoupling of the Production 
and Mineralization of the Biomass. In a most general way the synthesis (assimila
tion) and the decomposition (respiration) of biomass can be written stoichiometri
cally as 
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a CO2 (g) + b NO; + c HP~- + d SO~- + g Ca2+ + h Mg2+ 

+ i K+ + f Na+ + x H20 + (b + 2c + 2d + 2g - 2h - i-f) W 

~ (Ca Nb Pc Sd ... CagMgh Ki Nat H20 m)biomass + (a + 2b) 02(g) (A.S.8) 

Eq. (A.S.8) can perhaps be appreciated more simply by considering a "mean" stoi
chiometry of the terrestrial biomass: C : N : P : S : Ca : Mg : AI : Fe"" 800 : 8 : 1 : 1 : 
4: 1 : 1 : 1. 

Using our definition for alkalinity or ANC whereby any decrease (increase) in con
centrations of base cations (e.g., K+, Ca2+, Fe2+, etc.) or any increase (decrease) in 
concentrations of "acid anions" (e.g., NO;, HPO~-, S~-, etc.) is accompanied by a 
decrease (increase) in alkalinity. Thus, as illustrated in Fig. S.17 net synthesis of 
terrestrial biomass (e.g., on the forest and forest floor, where more cations than 
anions are taken up by the plants (trees), is accompanied by a release of W to the 
environment. 

ANC of Humus. The acid neutralizing capacity of a solution containing humus is 
primarily due to the sum of concentrations of dissociated humus and of free OH-: 

(A.S.9) 

where TFA is the total functional group acidity in mol charge units per kilogram and 
Cs is the humus concentration in kg e; nH is the formation function [mol charge units 
kg-1] 

CA - CB + [OW] - [H+] 
Cs 

(A.S.10) 

(This formation function was derived for an oxide in Eq. (ii) of Example 2.1.) 
(Sposito, 1989). Clearly ANC will increase with pH. Soil humus is important in the 
buffering of acid soil. 
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Chapter 6 

Precipitation and Nucleation 1) 

6.1 Introduction 
The Initiation and Production of the Solid Phase 

The birth of a crystal and its growth provide an impressive example of nature's 
selectivity. In qualitative analytical chemistry inorganic solutes are distinguished 
from each other by a separation scheme based on the selectivity of precipitation 
reactions. In natural waters certain minerals are being dissolved, while others are 
being formed. Under suitable conditions a cluster of ions or molecules selects from 
a great variety of species the appropriate constituents required to form particular 
crystals. 

Minerals formed in natural waters and in sediments provide a record of the physical 
chemical processes operating during the period of their formation; they also give us 
information on the environmental factors that regulate the composition of natural 
waters and on the processes by which elements are removed from the water. The 
memory record of the sediments allows us to reconstruct the environmental history 
of the processes that led to the deposition of minerals, in the past. 

Pronounced discrepancies between observed composition and the calculated 
equilibrium composition illustrate that the formation of the solid phase, for example, 
the nucleation of dolomite and calcite in seawater, is often kinetically inhibited, and 
the formation of phosphates, hydrated clay and pyrite is kinetically controlled. 

The Role of Organisms in the PreCipitation of Inorganic Constituents 

Organisms produce significant chemical differentiation in the formation of solid 
phases. The precipitation of carbonates, of opal, and of some phosphatic minerals 
by aquatic organisms has long been acknowledged. Within the last two decades, 
many different kinds of additional biological precipitates have been found. Life has 
succeeded in largely substituting for, or displacing to a varying extent, inorganic 
precipitation processes in the sea in the course of the last 6 x 108 years. It appears 
that metastable mineral phases and, more commonly, amorphous hydrous phases 
are the initial nucleation products of crystalline compounds in biological mineral 
precipitates. Amorphous hydrous substances have been shown to persist in the 
mature, mineralized hard parts of many aquatic organisms. (Mann, Webb and 
Williams (eds.), 1989.) 

1) In writing this chapter, the author enjoyed the assistance of Philippe Van Cappellen. 

211 
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The Processes Involved in Nucleation and Crystal Growth 

Various processes are involved in the formation of a solid phase from an over
saturated solution (Fig. 6.1). Usually three steps can be distinguished: 

1) The interaction between ions or molecules leads to the formation of a critical 
cluster or nucleus. 

X+X < 
"- X2 

X2 + X .. X3 < 

Xj-1 + X < 
"- Xj (critical cluster) 

Nucleation: Xj+X • Xj+l (6.1 ) 

Nucleation corresponds to the formation of the new centers from which sponta
neous growth can occur. The nucleation process determines the size and the 
size distribution of crystals produced. 

2) Subsequently, material is deposited on these nuclei 

Xj+l + X --j •• crystal growth (6.2) 

and crystallites are being formed (crystal growth). 

3) Large crystals may eventually be formed from fine crystallites by a process 
called ripening. 

A better insight into the mechanisms of the individual steps in the formation of crys
tals would be of great help in explaining the creation and transformation of sedi
mentary deposits and biological precipitates. Valuable reviews are available on the 
principles of nucleation of crystals and the kinetics of precipitation and crystal 
growth (Zhang and Nancollas, 1990; Steefel and Van Cappellen, 1990; Van 
Cappellen, 1991). Only a few important considerations are summarized here to 
illustrate the wide scope of questions to be answered in order to predict rates and 
mechanisms of precipitation in natural systems. 

Biomineralization. The processes controlling biomineralization are summarized in 
Fig. 6.1 c. Organized biopolymers at the sites of mineralization are essential to 
these processes. In unicellular organisms these macromolecules act primarily as 
spatial boundaries through which ions are selectively transported to produce local
ized supersaturation within discrete cellular compartments. In many instances, par
ticularity in organisms such as the diatoms that deposit shells of amorphous silica, 
the final shape of the mineral appears to be dictated by the ultrastrucure of the 
membrane-bound compartment. Thus, a diversity of mineral shapes can be biologi-
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a) Simplified scheme of processes involved in nucleation and crystal growth (Nancollas and Reddy, 
1974). 

b) Schematic solubility isotherm of a solid electrolyte. Below a certain supersaturation, SM, the nuclea
tion rate is virtually zero and the solution under these conditions can be stable for long periods 
without precipitation. The range 1 < S < SM is the metastable zone, within which crystal growth can 
be achieved without the complication of concommitant nucleation if the solution is seeded with 
crystallites. Foreign surfaces may also induce nucleation in the metastable zone (heterogeneous 
nucleation). (Modified from Zhang and Nancollas, 1990) 

c) The control processes in biomineralization. 
In organisms, there are several different interconnecting levels that regulate the physical chemical 
properties of mineralization (solubility, supersaturation, nucleation and crystal growth). An essential 
condition for controlled mineralization is spatial localization arising from the compartmentalization of 
biological space. This permits direct regulation of physicochemical and biochemical properties in 
the mineralization zone. Nucleation, in particular, can be mediated by organic polymeric substrates 
in or on the spatial boundary. At a higher level of organization, mineralization is under biochemical 
and bioenergetic constraints and, ultimately, under control at the gene level. The interplay of these 
control processes with the external environment is also of fundamental importance. (From Mann, 
1988) 
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cally moulded by constraining the space available to the growing mineral. In many 
multicellular oganism crystallographic properties are related to the surface structure 
of the macromolecules, e.g., bone is made up of microscopic plate-like calcium 
phosphate crystals formed within and between fibrils of collagen (Mann, 1988). 

6.2 Homogeneous Nucleation 

If one gradually increases the concentration of a solution, exceeding the solubility 
product with respect to a solid phase, the new phase will not be formed within a 
specified amount of time until a certain degree of supersaturation has been 
achieved. Stable nuclei can only be formed after an activation energy barrier has 
been surmounted. 

We first review the classical theory. The free energy of the formation of a nucleus, 
L1Gj, consists essentially of energy gained (volume free energy) from making bonds 
and of work required to create a surface: 

(6.3) 

For a nucleus, the first quantity (always negative for a supersaturated solution) can 
be expressed as 

L1Gbulk = -jkT In :0 = -jkT In S (6.4) 

where j is the number of molecular units ("monomers") in the nucleus or, expressed 
in terms of volume for a spherical nucleus, j = 4 1t r3/3 V where V is the "molecular" 
volume; where a is the actual concentration (activity, and al) tt\e COI"\Cel"\\f"a\\On a\ 
~rJ\U'o"IYI\Y equ'l)lbrlum of the solutes that characterize the solubility; a/ao is the satu
ration ratio S 

(6.5) 

where IAPo is the ion activity product (of the actual activities in the oversaturated. so
lution) and Kso is the solubility product; 11 is the number of ions in the formula unl~ of 
a mineral AaB~ (i.e., T1 = ex + ~). Because of the "normalization" by 11, the saturation 
ratio S is independent of the way the formula is written, e.g., Cas(P04bOH or 
CalO(P04)6(OH)2. 

The second quantity in Eq. (6.3) is given (spherical nucleus) by 
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dGsurf = 4 1t r2 y (6.6) 

where y is the interfacial energy (assumed to be independent of cluster size). 
Hence the free energy of the formation of a spherical cluster can be written as 

41t r3 _ 
dGj = - 3 V kT In S + 41t r2 y (6.7) 

In Fig. 6.2a dGj is plotted as a function of j for a few values of the saturation ratio 
a/ao = S. Obviously the activation energy dG* decreases with increasing saturation 
ratio, as does the size of the critical nucleus, r* or rj. 
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Nucleation. The energy barrier and the nucleation rate depend critically on the supersaturation. 
a) Free energy of formation of a spherical nucleus as a function of its size, calculated for different satu

ration ratios (alao). The height of the maximum, ~G* is the activation barrier to the nucleation pro
cess of nucleus of radius rj. 

b) Double logarithmic plot of nucleation rate versus saturation ratios (alaO) calculated with equations 
(6.10) and (6.11). The curves have been calculated for the following assumptions: y = 100 mJ 
m-2 ; "molecular" volume V = 3 x 10-23 cm3 ; collision frequency efficiency (Eq. 6.11) A = 1030 cm-3 

s-l. 

With increasing size of the cluster the first term on the right hand side of Eq. (6.7) 
(increasing with r3) outweighs the second term (increasing with r2); for large crystals 
the second term becomes negligible. 
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Small crystallites are more soluble than large crystals; hence the energy barrier is 
related to the additional free energy needed to form the more soluble nuclei. Tll.er
modynamically it can be shown (e.g., Stumm and Morgan, 1981) that din Kso/dS = 
2/3 YlRT, or 

2/3 Y -
= log Kso(s=O) + 2.3 RT S 

where S is the molar surface. 

For an aggregate of spherical shape we can rewrite Eq. (6.8): 

a 2 Vy 
kT In ao = r 

(6.8) 

(6.9) 

As before, the saturation ratio S can also be expressed as a/ao, where a and ao are 
the actual and equilibrium activities, respectively, of the solutes that characterize 
the solubility. Once nuclei of critical size Xj+1 (in Eq. 6.1) have been formed, crystal
lization is spontaneous. 

The activation energy ~G* can be calculated by inserting into Eq. (6.8) rj as ob
tained from Eq. (6.9) 

2yV 
r* = kT In(a/ao) (6.10) 

for which 

~G* = 3 [kT In(a/ao)]2 (6.11) 

The rate at which nuclei form, J, may be represented according to conventional rate 
theory as 

J - (-~G*) = A exp kT (6.12) 

where A. is a factor related to the efficiency of collisions of ions or molecules. Ac
cordingly, the rate of nucleation is controlled by the interfacial energy, the super
saturation, the collision frequency efficiency, and the temperature. For given values 
of T, A, and y, the nucleation rate J (nuclei formed cm-3 sec-1) can be calculated as 
a function of IAPo/Kso (Fig. 6.2b). J is critically dependent upon the supersaturation. 
For example, using the conditions specified for Fig. 6.2a, one can calculate that 
nucleation is almost instantaneous at a supersaturation of 100, while (homogene-
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ous) nucleation should not occur even within very long time spans for a 10-fold 
supersaturation. 

At a high degree of supersaturation, the nucleation rate is so high that the precipi
tate formed consists mostly of extremely small crystallites. Incipiently formed crystal
lites might be of a different polymorphous form than the final crystals. If the nucleus 
is smaller than a one-unit cell, the growing crystallite produced initially is most likely 
to be amorphous; substances with a large unit cell tend to precipitate initially as an 
amorphous phase ("gels"). 

The most important "message" of this chapter is that there is a critical supersatura
tion that must be exceeded before homogeneous nucleation can occur. The back
ground given is an essential preparation for the introduction of heterogeneous 
nucleation. 

6.3 Heterogeneous Nucleation 

Heterogeneous nucleation, however, is in many cases the predominant formation 
process for crystals in natural waters. In a similar way as catalysts reduces the 
activation energy of chemical reaction, foreign solids may catalyze the nucleation 
process by reducing the energy barrier. Qualitatively, if the surface of the solid 
substrate matches well with the crystal, the interfacial energy between the two 
solids is smaller than the interfacial energy between the crystal and the solution, 
and nucleation may take place at a lower saturation ratio on a solid substrate sur
face than in solution. 

Phase changes in natural waters are almost invariably initiated by heterogeneous 
solid substrates. Inorganic crystals, skeletal particles, clays, sand, biological sur
faces can serve as suitable substrate. 

In writing on heterogeneous nucleation we have been influenced, especially by 
Steefel and Van Cappellen (1990) and by Van Cappellen (1991). More generally 
Eq. (6.3) can be rewritten as 

IAPo -
L1G = -mkT In -v- + "fA 

~so 
(6.3a) 

where m is the number of formula units of the mineral in the crystal, i.e., m = jill, and 
A is the surface area of the crystal; the latter can be expressed as 

(6.13) 
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where VM is the molar volume of the solid phase and NA is the Avogadro number; ex 
is a geometric factor that depends on the shape of the crystal, e.g., for a sphere ex = 
(36 1t)lh = 4.84; the mean ionic radius, T, (typically 1 - 2 A) 

We can rewrite Eq. (6.13) once more in a most general form 

(6.3b) 

In the case of heterogeneous nucleation the interfacial energy needs some redefi
nition because the nucleus is now formed in part in contact with the solution and in 
part in contact with the surface of the solid substrate: 

Homogeneous nucleation: 

~Gsurf = YCW A (6.15) 

Heterogeneous nucleation (Van Cappellen, 1991): 

~Ginterf = YCW Acw + (Yes - Ysw) Aes (6.16) 

The suffixes CW, CS, SW refer to cluster-water, cluster-substrate and substrate
water, respectively. 

A surface-catalytic effect is observed, as mentioned above, when the surface of the 
solid substrate "matches well" with the crystal to be formed, i.e., when 

- -
Yes < Yew (6.17a) 

In ideal cases (epitaxial) YCS becomes very small 

Yes -.. 0 (6.17b) 

and the solid-solution interfacial energy of the substrate is similar to that of the 
cluster 

- -
Ysw '" Yew (6.17c) 

As a consequence, for a "good" substrate: 
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L1Ginterf :::: 'Yew(Aew - Aes) (6.18) 

When the attachment of the substrate to the precipitate to be formed is strong, the 
clusters tend to spread themselves out on the substrate and form thin surface is
lands. A special limiting case is the formation of a surface nucleus on a seed crystal 
of the same mineral (as in surface nucleation crystal growth). As the cohesive 
bonding within the cluster becomes stronger relative to the bonding between the 
cluster and the substrate, the cluster will tend to grow three-dimensionally (Steefel 
and Van Cappellen, 1990). 

On the other hand, if ysw » Yew, the precipitate tends to form a structurally continu
ous coating on the substrate grain. The interfacial energy (Eq. 6.16) may even 
become negative and the activation barrier vanishes. An example reflecting this 
condition is the growth of amorphous silica on the surface of quartz (Wollast, 1974). 

6.4 The Interfacial Energy and the Ostwald Step Rule 

The above considerations show that the interfacial energy is of utmost importance 
in determining the thermodynamics and kinetics of the nucleation process. Unfortu
nately, however, there are considerable uncertainities on the values of interfacial 
free energies. Values determined from contact angle measurements are signifi
cantly lower than those determined from the dependence of solubility upon molar 
surface of the crystallites. Furthermore, reliable data on Yes are lacking. 

It is useful to know, that for a given type of crystals (oxides, sulfates, carbonates), 
the interfacial mineral-aqueous solution free energy, Y (or Yew), increases with de
creasing solubility (Schindler, 1967). Nielsen (1986) cites the following empirical 
relationship 

4 r2 y 
kT :::: 4.70 - 0.272 In Csat (6.19) 

where Csat is the solubility in moles of formula units of mineral per liter and, r = the 
mean ionic radius [m], the units of yare Joules m-2 . Table 6.1 (from Van Cappellen, 
1991) lists interfacial energies, the solubilities (for oxides and hydroxides Csat 
values were calculated for pH = 7) and values for the mean ionic radius. 

The Ostwald Step Rule, or the rule of stages postulates that the precipitate with the 
highest solubility, i.e., the least stable solid phase will form first in a consecutive 
precipitation reaction. This rule is very well documented; mineral formation via pre
cursors and intermediates can be explained by the kinetics of the nucleation pro
cess. The precipitation sequence results because the nucleation of a more soluble 



220 The Interfacial Energy 

phase is kinetically favored over that of a less soluble phase because the more 
soluble phase has the lower solid-solution interfacial tension (Yew) than the less 
soluble phase (Eq. 6.19). In other words, a supersaturated solution will nucleate 
first the least stable (often an amorphous solid phase) because its nucleation rate is 
larger than that of the more stable phase (Fig. 6.4). While the Ostwald Step Rule 
can be explained on the basis of nucleation kinetics, there is no thermodynamic 
contradiction in the initial formation of a finely divided precursor. 
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Figure 6.3 

Schematic representation of the effect of a solid 
substrate to catalyze (for a given saturation ratio 
S) the nucleation. 
It is assumed that yes < yew. The exact curves 
depend also on the geometry of the crystals 
formed. 
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Figure 6.4 

Schematic plot of free energy of formation of 
clusters from solution as a function of size 
(number of ions in the cluster). Curve A corre
sponds to the (thermodynamically) ultimately 
formed more stable phase, while curve 8 corre
sponds to the precursor phase. 
(Modified from Van Cappellen, 1991). The parti
cle size, j*, is critical for the inversion from one 
polymorphous form to another. 

The Size Dependence of the Solubility has also a thermodynamic base. As an ex
ample we follow arguments presented by Schindler (1967) and consider as an ex
ample the reaction 

Schindler and his_coworkers determined the solubility constants and the influence 
of molar surface, S, upon solubility (25 0 C) 

Cu(OHb: log *Kso = 8.92 + 4.8 x 10-5 S; Y = 410 ± 130 mJ m-2 

CuO: log *Kso = 7.89 + 8 x 10-5 S; 'Y = 690 ± 150 mJ m-2 
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(log *Kso is defined by the reaction Cu(OHb(s) + 2 W = Cu2+ + 2 H20 and in an 
analogous way for CuO(s).) (Fig. 6.5a.) 

Table 6.1 Surface free energies 

Mineral Formula 0" (mJ/m2) Csat (M) 2r(x101O m) 

Fluorite CaF2 120 2) 2 x 10-4 2.39 
Calcite CaC03 94 2) 6 x 10-s 3.13 
Witherite BaC03 115 1) 1 x 10-4 3.36 
Cerussite PbC03 125 1) 4 x 10-6 3.23 
Gypsum CaS04 x2 H2O 26 11) 1.5 x 10-2 3.14 
Celestite SrS04 85 1) 4 x 10-4 3.37 
Barite BaS04 135 1) 1 x 10-s 3.51 
F-apatite Cas(P04bF 289 3) 6 x 10-9 3.08 
OH-apatite Cas(P04bOH 87 4) 7 x 10-6 3.08 
OCPp Ca4H(P04b x H2O 26 3) 2 x 10-4 3.15 
Portlandite Ca(OHb 66 1) 6 x 10-s 2.64 
Brucite Mg(OHb 123 1) 1.5 x 10-4 2.39 
Goethite FeOOH 1600 6) 1 x 10-12 2.26 
Hematite Fe203 1200 6) 1 x 10-12 2.16 
Zincite ZnO 770 7) 2 x 10-s 2.28 
Tenorite CuO 690 7) 3 x 10-7 2.16 
Gibbsite (001) AI(OHb 140 5) 7 x 10-8 2.37 
Gibbsite (100) 483 5) 

Quartz Si02 350 8) 1 x 10-4 2.32 
Amorph. Silica Si02 46 9) 2 x 10-3 2.32 
Kaolinite AI2Si2Os(OH)4 200 10) 1 x 10-6 2.33 

oCPp = Octacalcium phosphate (subscript p = precursor) 
References: 1) Nielsen and Sohnel (1971) 7) Schindler (1967) 

2) Christoffersen et al. (1988) 8) Parks (1984) 
3) Van Cappellen (1991) 9) Alexander et al. (1954) 
4) Arends et al. (1987) 10) Steefel and Van Cappellen (1990) 
5) Smith and Hem (1972) 11) Chiang et al. (1988) 
6) Berner (1980) 

Solubilities are calculated from a variety of sources compiled by the author. The mean ionic diameter is 
calculated by Eq. (6.13) using molar volumes in CRC Handbook of Chemistry and Physics. The value 
of a for OCPp is calculated from the crystallographic data on OCP in Brown et al. (1962). 

Thus, the solubility of Cu(OHb is ca 10 times greater than that of CuO. The inver
sion of Cu(OHb into CuO should occur exergonically. However, if CuO is very finely 
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divided, it becomes less stable than coarse CU(OH)2' Fig. 6.5c shows the variations 
of the reaction free energy with particle size for the conversion of hematite to goe
thite. 
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a) Influence of molar surface upon solubility of CuO and of Cu(OHh at pH = 7.0. (From data on solu
bility constants and surface tensions by Schindler (1967) (The relations depicted have been vali
dated experimentally only for S < 1 ()4 m2.) The figure suggests that Cu(OHh(s) becomes more 
stable than CuO(s) for very finely divided CuO crystals (8 > 3 x 104 m2, d < 40 A). Plausibly, in pre
cipitating Cu(I1), CU(OH)2(S) may be precipitated (d = very small), but CuO(s) becomes more stable 
than CU(OH)2 upon growth of the crystals, and an inversion of CU(OH)2 into the more stable phase 
becomes possible. 

b) Change in calcite solubility with particle size, assuming cubic shape and y = 85 mJ m-2. (From 
Morse and Mackenzie, 1990) 

c) L'1Go for the reaction 1/2 u-Fe203 + If2 H20 = u-FeOOH is plotted as a function of particle size as
suming equal particle size for goethite and hematite. For equal-sized hematite and goethite crys
tals, goethite is more stable than hematite when the particle size exceeds 760 A but less stable 
than hematite at smaller particle sizes. (From D. Langmuir and D.O. Whittemore, 1971) 
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The Precursor as a Substrate (Template) for the Formation of the More Stable 
Phase 

As the precursor, e.g., an amorphous phase, precipitates and brings down the 
supersaturation of the solution, the more stable phase to be precipitated is using 
the precursor phase as a substrate for its own precipitation (Steefel and Van 
Cappellen, 1990). A classical example that documents this principle is the precipi
tation of calcium phosphates, where a metastable calcium phosphate precursor 
phase is nucleated initially and is then replaced, in some instances via an inter
mediate phase, by apatite. (Nancollas, 1990; Steefel and Van Cappellen, 1990). 

Biomineralization. In biomineralization, inorganic elements are extracted from the 
environment and selectively precipitated by organisms. Usually, templates consist
ing of suitable macro-molecules serve as a substrate for the heterogeneous nu
cleation of bulk mineralized structures such as bone, teeth and shells. Biological 
control mechanisms are reflected not only in the type of the mineral phase formed 
but also in its morphology and crystallographic orientation (Mann et aI., 1989; 
Lowenstamm and Weiner, 1989). Two examples (perhaps oversimplified) may 
illustrate the principle (Ochial, 1991): 
1) Silica Gel Formation in Diatoms. The protein in the cell wall of several diatom 

species contain a relatively large proportion of serine (H2N-CH(CH20H)COOH) 
which contains aliphatic hydroxo groups which can undergo condensation or 
ligand exchange reactions with salicic acid 

HO" /OH HO" / OH 

o / Si"" / Si"", 0 

o 
I I 

- Ser ... ... Ser Ser-

The small aggregates of SiOn so formed are considered to be the template for 
the nucleation and growth of silica. 

2) CaC03 Shells in Molluscs. The major component of the organic matrix protein is 
a glycoprotein with a predominance of aspartic acid (H2NCH(CH2COOH)COOH) 
and glycine (H2N CH2COOH). The sequence apsartate - X - aspartate (where X 
is mostly glycine) in the protein is thought to nucleate CaC03. 



224 Enhancement of Heterogeneous Nucleation 

Ca Ca 

0/ "0/ "0 

I I I 
C= 0 C = 0 C= 0 

I I I 
- Asp - X - Asp - X - Asp - X -

There are various other factors which determine the crystal structure (calcite vs 
aragonite) . 

Several crystals, such as vaterite and calcite forms of CaC03 , or a-glycine, have 
been nucleated (induced oriented crystallization) at the water surface covered with 
a monolayer film of carboxylic acids or aliphatic alcohols (compressed to "suitable" 
distances of the hydrophilic groups with a Langmuir balance) (Mann et aI., 1988). 

Molecular Recognition at Crystal Interfaces. As we have seen, the key concept for 
the understanding the different processes of the nucleation and crystal growth is 
"molecular" recognition at the interface; the surfaces of templates, nuclei and crys
tals can be thought of as beeing composed of "active sites" that interact stereospe
cifically with ions or molecules in solution, in a manner similar to the interactions of 
enzymes and substrates or antibodies and antigens. Crystals can be engineered 
with desired morphologies (Weissbuch et aI., 1991). 

6.5 Enhancement of Heterogeneous Nucleation by Specific Adsorption 
of Mineral Constituents 

The "classical" theory of nucleation concentrates primarily on calculating the nu
cleation free energy barrier, l1G*. Chemical interactions are included under the 
form of thermodynamic quantities, such as the surface tension. A link with chemistry 
is made by relating the surface tension to the solubility which provides a kinetic ex
planation of the Ostwald Step Rule and the often observed disequilibrium condi
tions in natural systems. Can the chemical model be complemented and expanded 
by considering specific chemical interactions (surface complex formation) of the 
components of the cluster with the surface? 

In addition to the matching of the structures of the surfaces of the mineral to be nu
cleated and the substrate, adsorption or chemical bonding of nucleus constituents 
to the surface of the substrate can be expected to enhance the nucleation. Surface 
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complex formation and ligand exchange of crystal forming ions with the surface 
sites of the substrate, their partial or full dehydration and structural realignment, and 
perhaps the formation of ternary surface complexes, are essential, at least partially 
rate determining, steps in the heterogeneous nucleation process. One might argue 
that a critical surface concentration of surface constituent ions; i.e., a two-dimen
sional solubility product, must be exceeded before a nucleus is being formed. 

In the nucleation of an ion lattice (AS)n the following steps may occur 

+ -SOH • 

k2 
+ -SOH .. > -SS(H20}y + (x - y) H2 0 + OH-

~ 
-SOA(H20)m + -SS(H20}y.. > (AS) + 2 -SOH + (m+y - 1) H20 

where -SOH is a surface site with an OH functional group. The surface binding is 
accompanied with at least a partial dehydration of the ions A and S. If the last step 
is rate determining the rate of AS nucleus formation is given by 

(6.20a) 

i.e., the rate of nucleus formation is proportional to the product of the relative cover
age of sites of A and S where 

sites occupied by A 
SA = all sites available 

The product of SA SB relates to the probability to find neighboring sites occupied by 
A and S. 

Eq. (6.20a) is an elaboration of the classic rate law (Eq. 6.12) 

(-L1G*) 
J = A exp kT (6.12) 

Chemical adsorption or surface complexation as given in Eq. (6.21) attempts to re
late to the "collision" factor A in Eq. (6.12) to the surface concentrations of adsorbed 
ions. Sy analogy to the treatment of activated processes the following "general" rate 
law for the rate of nucleation of the mineral (AS) on a foreign surface could then be 
proposed 
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(-L\G*) 
J = k* SA SB exp kT (6.21 ) 

where k* includes the activation energy for the actual elementary step that controls 
the assembly of the nucleus. 

Figure 6.6 
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Heterogeneous nucleation of CaF2 on Ce02' It occurs only in pH range where Ca2+ and F- are specifi
cally bound to the Ce02 surface. This surface coordination, accompanied by partial dehydration of the 
ions, appears to be a prerequisite for the nucleation. IP = Ion Product. (Data: H. Hohl) 
(From Stumm, Furrer, Kunz, 1983) 
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An instructive example is given by the nucleation of calcium fluoride (CaF2) on the 
substrate of Ce02 (Fig. 6.6). Ce02 and CaF2 have the same crystalline structure 
and the same lattice distances. The Ce02 substrate enhances the nucleation of 
CaF2 only within the pH-range where both Ca2+ and F are specifically bound. As 
shown, induction times (operationally defined as the time necessary until the for
mation of the precipitate becomes apparent) are reduced significantly by the pre
sence of a heterogeneous surface. Similar results have been obtained by Hohl et 
al. (1982) for the nucleation of MgF2 on Ti02. The heterogeneous nucleation rate 
can be retarded by cations and ligands that are competitively bound to the oxide 
surface. 

In line with Eq. (6.20a), one could postulate for the rate of heterogeneous nuclea
tion of CaF2: 

d(CaF2)n 
dt = k SCa S~ (6.20b) 

In natural waters CaC03 (calcite) nucleation occurs primarily heterogeneously. 
Many surfaces such as algae, biomass, aluminum Silicates, aluminum oxides serve 

Figure 6.7 
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Heterogeneous nucleation of CaC03 on &--AI20 3. Example for the sequence of nucleation and sub
sequent crystal growth. The latter is plotted as a 2nd order reaction (as is typical for screw dislocation 
catalysis). 
(From Stumm, Furrer, Kunz, 1983) 
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as substrates. y-A1203 is an excellent substrate for the nucleation of calcite (Fig. 
6.7). The Ca2+ binding to the y-A120 3 increases with pH and becomes measurable 
above pH = 7. HCOj and CO~- bind also specifically to the AI20 3 substrate surface; 
correspondingly the tendency to form CaC03 nuclei is favored by a slightly alkaline 
pH-range. 

As is well known (Morse and Berner, 1972) even very small concentrations of 
HPO~- (and some organic solutes) inhibit nucleation of CaC03, most likely because 
these adsorbates block essential surface sites on the substrate or on the mineral 
clusters. Mg2+ is known to inhibit many nucleation processes, especially also the 
nucleation of Mg bearing minerals. The water exchange rate of Mg2+ is slower than 
that of many cations, such as Pb2+, Cu2+, Zn2+, Cd2+, Ca2+. The inhibition effect of 
Mg2+ may be due to its sluggishness to (partial) dehydration. (Mg2+ has among the 
bivalent ions a very large enthalpy (-,~~H~) of hydration.) 

Certain acids with hydroxylic and carboxylic groups have been shown (Schwert
mann and Cornell, 1991) to induce in Fe(III) solutions the formation of hematite 
because these acids may act as templates for the nucleation of hematite. These 
examples illustrate that a complete understanding and quantitative description of 
the rate of heterogeneous nucleation will have to include surface complexation and 
other adsorption processes. 

The overall kinetics of crystal precipitation has to consider that the process consists 
of a series of consecutive processes; in simple cases, the slowest is the rate de
termining step. Assuming the volume diffusion is not the rate determining step, we 
still have at least the following reaction sequences: 

i) Adsorption: 
adsorption of constituent ions onto the substrate; 

ii) Surface Nucleation: 
diffusion of adsorbed ions; partial dehydration; formation of a two-dimensional 
nucleus; growth to three-dimensional nucleus; 

iii) Crystal growth: 
Each one of these sequential processes consist of more than one reaction 
step. 

In a simplified scheme the reaction sequence could be depicted as in Fig. 6.8. The 
activation energy is for many minerals too large; they are not nucleated within the 
time of observation, although LlG for the precipitation is favorable (driving force: S 
» 1). Examples are dolomite in seawater and CaC03 (calcite) in seawater. While 
calcite readily nucleates from oversaturated fresh water, it is usually not precipi
tated from seawater outside of organisms. In both cases Mg2+ ion may be respon
sible for inhibiting the surface nucleation process. Organisms, e.g., foraminifera, 
can provide suitable templates for the heterogeneous nucleation of calcite or 
aragonite. 
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Critical cluster 

Reaction coordinate 

Figure 6.8 

This figure illustrates schematically the relationship between the free energy of formation of clusters 
(~Gi) and the free energies of activation ~G ~ of the elementary reactions Xi + X ~ Xi+ 1. 

6.6 Surface Precipitation 

In surface precipitation cations (or anions) which adsorb to the surface of a mineral 
may form at high surface coverage a precipitate of the cation (anion) with the con
stituent ions of the mineral. Fig. 6.9 shows schematically the surface precipitation of 
a cation M2+ to hydrous ferric oxide. This model, suggested by Farley et al. (1985), 
allows for a continuum between surface complex formation and bulk solution pre
cipitation of the sorbing ion, i.e., as the cation is complexed at the surface, a new 
hydroxide surface is formed. In the model cations at the solid (oxide) water interface 
are treated as surface species, while those not in contact with the solution phase 
are treated as solid species forming a solid solution (see Appendix 6.2). The forma
tion of a solid solution implies isomorphic substitution. At low sorbate cation con
centrations, surface complexation is the dominant mechanism. As the sorbate con
centration increases, the surface complex concentration and the mole fraction of 
the surface precipitate both increase until the surface sites become saturated. Sur
face precipitation then becomes the dominant "sorption" (= metal ion incorporation) 
mechanism. As bulk solution precipitation is approached, the mol fraction of the 
surface precipitate becomes large. 
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Surface complex formation 

Surface precipitation 

Figure 6.9 

Schematic representation of surface ~recipitation on hydrous ferric oxide (Fe(OHh(s)) 
a) At low surface coverage with Me +, surface complex formation dominates. Instead of the usual 

short-hand notation (=Fe-OH + Me2+~ =FeOMe+ + W) we use one that shows the presence of 
Fe(OHh(s). 

b) With progressive surface coverage, surface precipitation may occur. The surface precipitate is 
looked at as a solid solution of Fe(OHh(s) and Me(OH)2(S); some isomorphic substitution of Me(II) 
in Fe(III) occurs. 

The model has been proposed by Farley, Dzombak and Morel (1985). 

Fig. 6.10 shows idealized isotherms (at constant pH) for cation binding to an oxide 
surface. In the case of cation binding, onto a solid hydrous oxide, a metal hydroxide 
may precipitate and may form at the surface prior to their formation in bulk solution 
and thus contribute to the total apparent "sorption". The contribution of surface pre
cipitation to the overall sorption increases as the sorbate/sorbent ratio is increased. 
At very high ratios, surface precipitation may become the dominant "apparent" sorp
tion mechanism. Isotherms showing reversals as shown by e have been observed 
in studies of phosphate sorption by calcite (Freeman and Rowell, 1981). 

Does Surface Precipitation occur at Concentrations lower than those calculated 
from the Solubility Product? As the theory of solid solutions (see Appendix 6.2) 
explains, the solubility of a constituent is greatly reduced when it becomes a minor 
constituent of a solid solution phase (curve b in Fig. 6.10).Thus, a solid species, 
e.g., M(OHh can precipitate at lower pH values in the presence of a hydrous oxide 
(as a solid solvent), than in its absence. 

Adsorption and Precipitation vs heterogeneous Nucleation and Surface Precipi
tation. There is not only a continuum between surface complexation (adsorption) 
and precipitation, but there is also obiously a continuum from heterogeneous nu
cleation to surface precipitation. The two models are two limiting cases for the 
initiation of precipitation. In the heterogeneous nucleation model, the interface is 
fixed and no mixing of ions occurs across the interface. As a consequence precipi-
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Figure 6.10 

Schematic sorption isotherms of a metal ion (Me) on an oxide (XOn) at constant pH: 
a) adsorption only; 
b) adsorption and surface precipitation via ideal solid solution; 
c) adsorption and heterogeneous nucleation in the absence of a free energy nucleation barrier 

(~G* ~O); 
d) adsorption and heterogeneous nucleation of a metastable precursor; 
e) same as in d but with transformation of the precursor into the stable phase. 
The arrows show the isotherm evolution for continual addition of dissolved Me. The initial isotherm 
with the slope of 1 (in the double logaritmic plot) corresponds to a Langmuir isotherm (surface complex 
formation equilibrium). [Melsol = solubility concentration of Me for the stable metal oxide; [Melp = solu
bility concentration of Me for a metastable precursor (e.g., a hydrated Me oxide phase). 
(From Van Cappellen; Personal Communication, 1991) 

tat ion of the new solid phase does not occur until the solution becomes supersa
turated. In the surface precipitation model, the interface is a mixing zone for the ions 
of the new solid phase and those of the substrate. The surface phase is treated as 
an ideal solid solution. This allows precipitation to start from solutions undersatura
ted with the pure phase. Furthermore, the composition of the surface phase can 
vary continuously from that of the pure substrate to that of the new phase. Whether 
in an actual case precipitation of a new phase approaches one or the other limiting 
model will depend, as has been pointed out by Van Cappellen (Personal communi
cations, 1991), on the mixing energies of the pure new phase and the substrate. If 
the mixing enthalpy is small (.1Hmix = 0: ideal solid solution) solid solution formation 
should be favoured; when it is large nucleation should be favored. In other words, it 
should be possible to correlate the occurence of one or the other mechanism (or 
some combination of both) with the mismatch strain energy between the lattices of 
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the substrate and the new phase, and with "chemical" differences in electronegativ
ity and polarization between the substituting ions. 

A Case Study on the Coprecipitation of Mrf+ on FeC03(s) (siderite) 

Natural carbonate minerals are rarely pure; most contain significant quantities of 
"impurities" (most commonly metal cations) in their structure. This assemblage is 
the final product of different processes occurring at the solid-water interface, which 
determines the availability and mobility of a given metal, and therefore records geo
chemical conditions during carbonate precipitation. The uptake of a cation onto a 
surface - similar to the ideas expressed on surface precipitation of metal ions on 
hydrous oxides - is thought to proceed via adsorption, surface precipitation leading 
to a solid solution end product (Sposito, 1986). 

The solid solution formation can be characterized by 

where K
SS is given by (KsO(FeC03) / KsO(MnC03)) = 1 0-0.3 (I = 0, 25° C). 
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Figure 6.11 

ESR spectra of Mn2+ sorbed on FeC03(s); spectrum 10 with 0.4, spectrum 11 with 1.1, spectrum 12 
with 3.7 mol % MnC03. The samples indexed with ii were prepared after two minutes of addition of 
Mn(II)-solution to the FeC03(S) suspension; those indexed with i were prepared after one day of reac
tion time; and the samples without index are equilibrium samples and were prepared after about a 
week of equilibration. Spectra indexed ii were recorded at a gain 100 times higher. After the short 
equilibration time the solid-state ESR show the typical six-line spectrum of Mn2+. (These six lines arise 
from the interaction of the electronic spin with the nuclear moment.) This is characteristic of the aquo 
Mn2+ ion and the spectrum may be attributed to Mn2+ loosely bound to the surface. After several 
hours of equilibration time a decrease of the symmetrical six-line spectrum is detected; this may be 
attributed to the formation of a surface complex (outer-sphere or inner-sphere). After a long (one 
week) equilibration time, the appearance of the broad signal is attributed to a MnC03(S) phase. 

(From Wersin, Charlet, Karthein and Stumm, 1989) 
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Studies on the kinetics of adsorption with electron spin resonance (ESR spectra 
are compatible with this mechanism, Fig. 6.11), i.e., a rapid initial adsorption is 
followed by an intermediate surface complexation process before the coprecipita
tion reaction itself occurred, giving rise possibly to a solid solution. Wersin et al. 
(1989) have attempted to establish a quantitative equilibrium model for this pro
cess. However, the ESR data of Wersin do not unambiguously support a solid 
solution formation, since the signal of the 3.7 % MnC03 is already very close to that 
of pure MnC03. Thus, it is possible that surface nuclei of relatively pure MnC03 are 
forming. Further studies are obviously necessary to distinguish in such a case be
tween surface precipitation via ideal solid solution and heterogeneous nucleation 
of an additional phase. 

Solid solutions of carbonates, especially also the problem of magnesian calcites, 
are discussed in Chapter 8. 

6.7 Crystal Growth 

The classical crystal growth theory goes back to Burton, Cabrera and Frank (BCF) 
(1951). The BCF theory presents a physical picture of the interface (Fig. 6.9c) 
where at kinks on a surface step - at the outcrop of a screw dislocation-adsorbed 
crystal constituents are sequentially incorporated into the growing lattice. 

Different rate laws for crystal growth have been proposed. The empirical law, often 
used is 

v = k(S - 1)n (6.22) 

where V is the linear growth rate [length time-1]. 

Often this law fits the experimental data well, especially at high degrees of supersa
turation. Often an exponent n = 2 is found. Nielsen (1981) has explained this obser
vation by assuming that for these solids the rate determining step is the integration 
of ions at kink sites of surface spirals (see Fig. 6.12). 

Blum and Lasaga (1987) and Lasaga (1990) propose the very general rate equa
tion 

V = A(lnS)n (6.23) 

where A and n are adjustable parameters. In other words, the precipitation (or dis
solution rate, for S < 1) depends on L1G of the reaction (and on other parameters). 
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As Fig. 6.13 illustrates growth and dissolution are not symmetric with respect to the 
saturation state. At very high undersaturation, the rate of dissolution becomes inde
pendent of S and converges to the value of the apparent rate constant. This is why 
studies of dissolution far from equilibrium allow to study the influence of inhibition/ 
catalysis on the apparent rate constant, independently from the effect of S. The 
same is not true for crystal growth. 

a[]c:]~Qg(J 
mononuclear 

b ~~SlJ~~~lJ 
polynuclear 

Cff ~ r? F? 
screw dislocation growth 

Figure 6.12 

Surface models for crystal growth (figures from Nielsen, 1964) 
a) mononuclear growth 
b) polynuclear growth 
c) screw dislocation growth 
Along the step a kink site is shown. Adsorbed ions diffuse along the surface and become preferen
tially incorporated into the crystal lattice at kink sites. As growth proceeds, the surface step winds up in 
a surface spiral. Often the growth reaction observed occurs in the sequence c, a, b. 
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Figure 6.13 

Surface reaction rate laws for dislocation-free surfaces. No surface diffusion allowed. Crystal growth for 
InS> 0, dissolution for InS < O. Solid line, «l>/kT = 3.5; dashed line, «l>/kT = 3.0. 

(From Blum and Lasaga, 1987) 



Appendix 

A.6. 1 Solubility of Fine Particles 

Finely divided solids have a greater solubility than large crystals. As a conse
quence small crystals are thermodynamically less stable and should recrystallize 
into large ones. For particles smaller than about 1 Jlm or of specific surface area 
greater than a few square meters per gram, surface energy may become sufficiently 
large to influence surface properties. Similarly the free energy of a solid may be in
fluenced by lattice defects such as dislocations and other surface heterogeneities. 

Precipitation and Dissolution 

The change in the free energy llG involved in subdividing a coarse solid sus
pended in aqueous solution into a finely divided one of molar surface S is given by 

(A.6.1 ) 

where 'I is the mean free surface energy (interfacial tension) of the solid-liquid inter
face. 

Eq. (A.6.1) can be derived (Schindler, 1967) from the thermodynamic statement 
that at constant temperature and pressure and assuming only one "mean" type of 
surface 

dG = ~n + 'Ids 

'Ids 
Jl = 110 + dn 

This can be rewritten as 

M _ ds 
Jl=Ilo+-Yp dv 

(A.6.2) 

(A.6.3) 

(A.6.4) 

where M = formula weight, p = density, n = number of moles, and s = surface area 
of a single particle. 

Because the surface and the volume of a single particle of given shape are s = kd2 

and v = Id3 , 
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ds 2s 
dv = 3v (A.6.5) 

Since the molar surface is S = Ns and the molar volume V = Nv = M/p, where N is 
particles per mole, Eq. (A.6.4) can be rewritten as 

Jl = Il<J + 2/3y S (A.6.6) 

or, in terms of Eq. (A.6.1) 

(A.6.7) 

or 

(A.6.8) 

The specific surface effect can also be expressed by substituting S = Ma./pd where 
a. is a geometric factor which depends on the shape of the crystals (a. = kll) (com
pare Fig. 6.5). 

A.6.2 Solid Solution Formation 1) 

The solids occurring in nature are seldom pure solid phases. Isomorphous replace
ment by a foreign constituent in the crystalline lattice is an important factor by which 
the activity of the solid phase may be decreased. If the solids are homogeneous, 
that is, contain no concentration gradient, one speaks of homogeneous solid solu
tions. The thermodynamics of solid solution formation has been discussed by 
Vas low and Boyd (1952) for solid solutions formed by AgCI(s) and AgBr(s). 

To express theoretically the relationship involved we consider a two-phase system 
where AgBr(s) as solute becomes dissolved in solid AgCI as solvent. This corre
sponds to the reaction that takes place if AgCI(s) is shaken with a solution contain
ing B(. The reaction might formally be characterized by the equilibrium 

AgCI(s) + B( = AgBr(s) + cr 

1) We follow here essentially the discussion presented in Stumm and Morgan (1981). 
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The equilibrium constant for this reaction, that is, the distribution constant 0 is given 
by 

([Bf] (AgBr(s) 

(AgCI(s) [cr] solid 

o = (Bf) =:: ([Br-]) 

(cn [CI] liquid 

(A.6.9) 

corresponds to the quotient of the solubility product constants of AgCI(s) and 
AgBr(s), where ( ) denotes activity and [ ] the concentration in a phase. 

(Ag+) (Cn 
(AgCI(s)) = KSOAgCI 

(Ag+) (Br-) 
(AgBr(s)) = KSOAgBr (A.6.10) 

(Cn (AgBr(s)) = KsOAgC1 = 0 
(B() (AgCI(s)) KSOAgBr 

(A.6.11 ) 

The activity ratio of the solids may be replaced by the ratio of the mole fractions 
(XAgCI = nAgCI I (nAgCI + nAgBr) multiplied by activity coefficients: 

or 

(Cn XAgBr JAgBr KSOAgCI 

(B() XAgCI JAgCI = KSOAgBr 

XAgBr _ KSOAgCI (Bf) ~ 
XAgCI - KSOAgBr (Cr) f AgBr 

(A.6.12) 

According to this equation the extent of dissolution of Bf in solid AgCI (XAgBr/XAgCI) 
is a function of (a) the solubility product ratio of AgCI to AgBr; (b) the solution com
position, that is, the activity ratio of Bf to cr; and (c) a solid solution factor, given by 
the ratio of the activity coefficients of the solid solution components (J AgCl/f AgBr). 

As a first approximation, we may assume that J AgCli J AgBr is equal to unity (ideal 
solid solution) and that the activity ratio of the species in the fluid may be replaced 
by the concentration ratio 

(A.6.13) 
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The qualitative significance of solid solution formation can be demonstrated with 
the help of this simplified equation, using the following numerical example. 

Consider a solid solution of 10 % AgBr in AgCI (90 %) which is in equilibrium with 
cr and Bf; the composition of the suspension is: 

Aqueous Phase Solid Phase 

[Cr] = 10-4·9 M XAgCI = 0.9 
[Bf] = 10-8.4 M XAgBr = 0.1 
[Ag+] = 10-4.9 M 

In accordance with Eq. (A.6.13), 0 = 400 (~ quotient of the Kso values at 25° C; 
pKSOAgCI = 9.7 and pKSOAgBr = 12.3). 

The composition of the equilibrium mixture shows that Bf has been enriched sig
nificantly in the solid phase in comparison to the liquid phase (0 > 1). If one con
sidered the concentrations of aqueous [Br-] and [Ag+], one would infer, by neglect
ing to consider the presence of a solid solution phase, that the solution is under
saturated with respect to AgBr ([Ag+] [Bf]/Kso Br = 0.1). Because the aqueous 
solution is in equilibrium with a solid solution, "Wowever, the aqueous solution is 
saturated with Bf. Although the solubility of the salt that represents the major com
ponent of the solid phase is only slightly affected by the formation of solid solutions, 
the solubility of the minor component is appreciably reduced. The observed occur
rence of certain metal ions in sediments formed from solutions that appear to be 
formally (in the absence of any consideration of solid solution formation) unsatu
rated with respect to the impurity can, in many cases, be explained by solid solution 
formation. 

Usually, however, the distribution coefficients determined experimentally are not 
equal to the ratios of the solubility productbecause the ratio of the activity coeffi
cients of the constituents in the solid phase cannot be assumed to be equal to 1. 
Actually observed 0 values show that activity coefficients in the solid phase may 
differ markedly from 1. Let us consider, for example, the coprecipitation of MnC03 in 
calcite. Assuming that the ratio of the activity coefficients in the aqueous solution is 
close to unity, the equilibrium distribution may be formulated as (cf. Eq. A.6.11) 

KsoeaC03 [Ca2+] XMnC03 iMnCOs 
:-7"""---= - D _ .L:.....--".. :-:---'" -=---'" 
KSOMnCOs - - [Mn2+] XCaC03 ieaco3 

(A.6.14) 

(A.6.15) 
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The solubility product quotient at 25° C (pKSoM C = 11.09, pKso co = 8.37) can 
now be compared with an experimental value

n 
o?b. The data of~odine, Holland 

and Borcsik (1965) give Dobs = 17.4 (25° C). Because D is smaller than the ratio of 
the Kso values, the solid solution factor acts to lower the solution of MnC03 in 
CaC03 significantly from that expected if an ideal mixture had been formed. If it is 
assumed that in dilute solid solutions (XMnC03 very small) the activity coefficient of 
the "solvent" is close to unity (XCaco3 fCaco 3 ::::. 1), an activity coefficient for the 
"solute" is calculated to be fMnC03 = 31. Qualitatively, such a high activity coefficient 
reflects a condition similar to that of a gas dissolved in a concentrated electrolyte 
solution where the gas, also characterized by an activity coefficient larger than unity 
is "salted out" from the solution. 

Solid Solution of Sr2+ in Calcite 

It has been proposed (e.g., Schindler, 1967) that a solid solution of Sr2+ in calcite 
might control the solubility of Sr2+ in the ocean. We may estimate the composition 
of the solid solution phase (XSrCO~). The following information is available: The 
solubilities of CaC03(s) calcite ana SrC03(s) in seawater at 25° C are character
ized by pCKso = 6.1 and 6.8, respectively. The equilibrium concentration of CO~- is 
[CO~-j = 10-3.6 M. The actuel concentration of Sr2+ in seawater is [Sr2+j ::::. 10-4 M. For 
the distribution the following has been found: 

Assuming a saturation equilibrium of seawater with Sr2+ - calcite, the equilibrium 
concentrations would be [Ca2+j ::::. 10-2 .5 (= Kso/[CO~-]) and [Sr2+j = 10-4 M (= actual 
concentration). Thus, XsrcoiXcac03 = 0.004 and XcaC03 = 0.996. 

It may be noted that, since the distribution coefficient is smaller than unity, the solid 
phase becomes depleted in strontium relative to the concentration in the aqueous 
solution. The small value of D may be interpreted in terms of a high activity coeffi
cient of strontium in the solid phase, fsrco:} :::: 38. If the strontium were in equilibrium 
with strontianite, [Sr2+j ::::. 10-3.2 M, that is, Its concentration would be more than six 
times larger than at saturation with CaO.996SrO.004C03(S). This is an illustration of the 
consequence of solid solution formation where with XCaC03 fCaC0

3
::::' 1: 

that is, the solubility of a constituent is greatly reduced when it becomes a minor 
constituent of a solid solution phase. 
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Heterogeneous Solid Solutions 

Besides homogeneous solid solutions, heterogeneous arrangement of foreign ions 
within the lattice is possible. While homogeneous solid solutions represent a state 
of true thermodynamic equilibrium, heterogeneous solid solutions can persist in 
metastable equilibrium with the aqueous solution. Heterogeneous solid solutions 
may form in such a way that each crystal layer as it forms is in distribution equilib
rium with the particular concentration of the aqueous solution existing at that time 
(Doerner and Hoskins, 1925; Gordon, Salutsky and Willard, 1959). Corresponding
ly, there will be a concentration gradient in the solid phase from the center to the 
periphery. Such a gradient results from very slow diffusion within the solid phase. 
Following the treatment given by Doerner and Hoskins, the distribution equilibrium 
for the reaction 

(A.6.16) 

is written as in Eq. (A.6.11), but we consider that the crystal surface is in equilibrium 
with the solution: 

(
[MnC03]) x [Ca2+] _ D' 
[CaC03] crystal surface [Mn2+]-

(A.6.17) 

If d[MnC03] and d[CaC03], the increments of MnC03 and CaC03 deposited in the 
crystal surface layer are proportional to their respective solution concentrations, Eq. 
(A.6.18) is obtained 

d[MnC03] _ D' [Mn2+]o - [Mn2+] 
d[CaC03] - [Ca2+]o - [Ca2+] 

or, after rearrangement, 

(A.6.18) 

(A.6.19) 

where [Ca2+]o and [Mn2+]o represent initial concentrations in the aqueous solution. 
Integration of Eq. (A.6.19) leads to 

(A.6.20) 

where [Mn2+]f and [Ca2+]f represent final concentrations in the aqueous solutions. 

Most of the distribution coefficients measured to date for a variety of relatively 
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insoluble solids are characterized by the Doerner-Hoskins relation. This relation
ship is usually obeyed for crystals that have been precipitated from homogeneous 
solution (Gordon, Salutsky and Willard). If the precipitation occurs in such a way 
that the aqueous phase remains as homogeneous as possible and the precipitant 
ion is generated gradually throughout the solution, large, well formed crystals 
likened to the structure of an onion are obtained. Each infinitesimal crystal layer is 
equivalent to a shell of an onion. As each layer is deposited, there is insufficient 
time for reaction between solution and crystal surface before the solid becomes 
coated with succeeding layers. Kinetic factors make the metastable persistence of 
such compounds possible for relatively long - often for geological - time spans. 
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Chapter 7 

Particle - Particle Interaction 1) 

7. 1 Introduction 
Aquatic Particles as Adsorbents and Reactants 

Solid particles are ubiquitous in all natural water and soil systems. High specific 
surface areas make such small particles efficient adsorbents for metals and other 
trace elements and for pollutants. The solid-water interface, mostly established by 
the particles, plays a commanding role in transporting and regulating most reactive 
elements in soil and water systems (Table 1.1). Aquatic particles are characterized 
by an extreme complexity and an extreme diversity - being organisms, biological 
debris, organic macromolecules, clays, various minerals and oxides - partially 
coated with organic matter and other solutes and mixtures of all of these (Table 
7.1 ). 

Particles in natural systems are usually characterized by a continuous particle size 
distribution. The distinction between particulate and dissolved compounds, conven
tionally made in the past by membrane filtration (0.45 11m) did not consider the 
small organic and inorganic colloids present in water. But a significant portion of 
organic matter and of inorganic matter, especially iron(III) and manganese(III, IV) 
oxides, sulfur and sulfides can be present as submicron particles that may not be 
retained by membrane filters. Recent measurements in the ocean led to the conclu
sion that a significant portion of the operationally defined "dissolved" organic car
bon is in fact present in the form of colloidal particles. 

Fig. 7.1 gives a size spectrum of water-borne particles. Particles with diameters less 
than 10 11m have been called colloids. In soils, the clay-sized and fine silt-sized par
ticles are classified as colloids. Colloids do not dissolve, but instead remain as a 
solid phase in suspension. Colloids usually remain suspended because their gravi
tational settling is less than 10-2 cm S-1. Under simplifying conditions (spherical par
ticles, low Reynolds numbers), Stokes' law gives for the settling velocity, Vs 

g Ps - P 
Vs = 18 d2 

11 
(7.1 ) 

where g is the gravity acceleration (9.81 m S-2), Ps and p are the mass density [g 
cm-3] of the particle and of water, respectively, 11 is the absolute viscosity (at 20° C, 

1) In revising this chapter, the author profited from discussions with Rolf Grauer. 
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1.0 x 10-2 kg m-1 S-l) and d is the diameter of the particle (cm). Note that Vs is propor
tional to the square of the particle diameter. Eq. (7.1) applies also to flotation (gravi
tational rising of suspended particles that are lighter than water; when Ps < P, VS < 
0). 

The colloids are removed from the water either by settling if they aggregate or by 
filtration if they attach to the grains of the medium through which the solution 
passes (soils, ground water carriers, technological filters). Aggregation of particles 
(clays, hydrous oxides, humus, microorganisms, phytoplankton) refers in a general 
sense to the agglomeration of particles to larger aggregates. The process by which 
a colloidal suspension becomes unstable and undergoes gravitational settling is 
called coagulation. Sometimes the term flocculation is used to describe aggrega
tion of colloids by bridging polymers, but all these terms are often used inter
changeably. 

Size spectrum of waterborne particles 

Diameter m 
10-10 10-9 10-8 10-7 10-6 10-5 10-4 10-3 10-2 

Particles 

10 1 1 1 1 I I 
1 AI Molecules 1 ~m I I 

Colloids I I I 
~I --~----~~~----~.~I . , 

e.g. clays f. _ I Suspended particles ... I 
FeOOH -
Si02 Bacteria 1 I I 

I. I I I 
CaC03 I. Algae .1 I I 
I.Viruses.1 I I I 

I I I 

1~m I 

Figure 7.1 

Suspended particles in natural and wastewaters vary in diameter from 0.001 to about 100 11m (1 x 10-9 

to 10-4 m). For particles smaller than 10 11m, terminal gravitational settling will be less than about 10-2 

cm sec -1. The smaller particles (colloids) can become separated either by settling if they aggregate or 
by filtration if they attach to filter grains. 

(From Stumm, 1977) 

Aggregation of particles is important in natural water and soil systems in ground
water infiltration and groundwater transport and in water technology (coagulation 
and flocculation in water supply and waste water treatment, bioflocculation (aggre
gation of microorganisms and other suspended solids) in biological treatment 
processes; sludge conditioning (dewatering, filtration); filtration). Flotation is used 
both in water technology and in the separation of a specific mineral component 
from a mixture. Oceans and lakes are settling basins for particles; coagulation in 
these basins can be sufficiently rapid and extensive to affect suspended particle 
concentrations and sedimenting fluxes significantly. A significant fraction of river
borne colloids and suspended matter is coagulated and settled in the estuaries. 



Table 7.1 Type of Colloids present in Natural Systems 

CD River-borne Particles 

- Products of weathering and soil colloids, e.g., aluminum silicates, kaolinite, gibbsite, Si02 
- Iron(I1I) and manganese(III,IV) oxides 
- Phytoplankton, biological debris, humus colloids (colloidal humic acid), fibrils 1) 

- So-called "dissolved" iron(III) consists mainly of colloidal Fe(III) oxides stabilized by humic or fulvic acids 

@ Soil Colloids 

- Kaolinite particles. Typically about 50 unit layers of hexagonal plates are stacked irregularly and interconnected 
through H-bonding between the OH-groups of the octahedral sheet and the oxygens of the tetrahedral sheet (Fig. 
3.9) (Sposito, 1989) 

- Illite and other 2:1 layer type clay minerals. Platelike particles stacked irregularly 
- Smectites and vermiculites have a lesser tendency to agglomerate because their layer charge is smaller than that 

of illite 
- Humus, colloidal humic acids, fibrils 
- Iron hydrous oxides 
- Polymeric coatings of soil particles by humus, by hydrous iron(III) oxides and hydroxo-AI(III) compounds 

® Sediment Colloids 

in addition to the colloids listed above: 
- Sulfide and polysulfide colloids in anoxic sediments 

® Biological Col/oids 

- Microorganisms, virus, biocolloids, fibrils 

1) fibrils = elongate organic colloids with a diameter of 2 - 10 nm and composed in part of polysaccharide 

):a 
..Q 
c: 
III -ri' 
~ ., --. (') -(1) 
(I) 

I\) 
.1:1, 
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In dealing with colloids, the term stability has an entirely different meaning than in 
thermodynamics. A system containing colloidal particles is said to be stable if 
during the period of observation it is slow in changing its state of dispersion. The 
times for which sols 1) are stable may be years or fractions of a second. The large 
interface present in these systems represents a substantial free energy which by 
recrystallization or agglomeration tends to reach a lower value; hence, thermo
dynamically, the lowest energy state is attained when the sol particles have been 
united into aggregates. The term stability is also used for particles having sizes 
larger than those of colloids; thus, the stability of sols and suspensions can often be 
interpreted by the same concepts. 

Historically, two classes of colloidal systems have been recognized; hydrophobic 
and hydrophilic colloids. In colloids of the second kind there is a strong affinity be
tween the particles and water; in colloids of the first kind this affinity is negligible. 
There exists a gradual transition between hydrophobic and hydrophilic colloids. 
Gold sols, silver halogenides, and non hydrated metal oxides are typical hydro
phobic colloid systems. Gelatine, starch, gums, proteins, and so on, as well as all 
biocolloids (viruses, bacteria), are hydrophilic. Hydrophobic and hydrophilic col
loids have a different stability in the same electrolyte solution. Macromolecular 
colloids and many biocolloids are often quite stable. Many colloid surfaces relevant 
in water systems contain bound H20 molecules at their surface. Adsorption of suit
able polymers may for steric reasons impart stability. 

As we shall see colloid stability can be affected by electrolytes and by adsorbates 
that affect the surface charge of the colloids and by polymers that can affect particle 
interaction by forming bridges between them, or by sterically stabilizing them. 

Colloids are ubiquitous, they are found everywhere in concentrations of above 107 

to 108 particles per liter of water. Natural colloids are also found in subsurface and 
groundwaters. All these colloids are efficient adsorbents. Relatively little is known 
how these colloids are generated and how they are dissolved again. 

Actinide Colloids. Actinide cations undergo hydrolysis in water. Hydrolysis is a step 
to polynucleation and thus to the generation of actinide colloids; the polynuclear 
hydrolysis species become readily adsorbed to the surface of natural colloids. A 
great part of M(II1), M(IV) and M(VI) present in groundwater are colloid bound. 
Because of the potential possibility that such colloids migrate in an aquifer system, 
actinide colloids in groundwaters are presently a subject of various investigations 
(see Kim, 1991). Size distribution has been estimated by ultrafiltration, scanning 
electron microscopy and photocorrelation spectroscopy. Ultrafiltration facilitates the 
characterization of a number of size groups, down to ca. 1 nm diameter (see Chap
ter 7.10), while scanning electron microscopy determines the particle number down 
to ca. 50 nm. The number counting of colloids can also be performed by photo-

1) A colloid dispersed in a liquid is known as a sol. 
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acoustic detection of light scattering. The presence of actinide colloids can be 
veryfied by Laser-induced Photoacoustic Spectroscopy (Kim, 1991). 

7.2 Kinetics of Particle Agglomeration 1) 

The rate of particle agglomeration depends on the frequency of collisions and on 
the efficiency of particle contacts (as measured experimentally, for example, by the 
fraction of collisions leading to permanent agglomeration). We address ourselves 
first to a discussion of the frequency of particle collision. 

Frequency of Collisions between Particles. Particles in suspension collide with 
each other as a consequence of at least three mechanisms of particle transport: 
1) Particles move because of their thermal energy (Brownian motion). Coagulation 

resulting from this mode of transport is referred to as perikinetic. 
2) If colloids are sufficiently large or the fluid shear rate high, the relative motion 

from velocity gradients exceeds that caused by Brownian (thermal) effects 
(orthokinetic agglomeration). 

3) In settling, particles of different gravitational settling velocities may collide 
(agglomeration by differential settling). 

The time-dependent decrease in the concentration of particles (N = number of par
ticles per cubic centimeter) in a monodisperse suspension due to collisions by 
Brownian motion can be represented by a second-order rate law 

dN N2 
dt = kp (7.2) 

or 

(7.3) 

where kp is the rate constant [cm3 S·1] 

As given by Von Smoluchowski, kp can be expressed as 

kp = 4Dnd (7.4) 

where D is the Brownian diffusion coefficient and d is the diameter of the particle. In 
practice, the right hand side of Eqs. (7.2) and (7.3) are multiplied by up. up is the 
fraction of collisions leading to permanent agglomeration and is an operational 
parameter for the stability ratio. For example, U = 10-2 means that one out of hun
dred collisions leads to mutual attachment. The diffusion coefficient in Eq. (7.4) can 

1) This section is largely based on Stumm and Morgan (1981). 
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be expressed as (Einstein-Stokes) D = kT/31t11d, where 11 is the absolute viscosity. 
With this substitution we obtain 

_ ddNt = fY_ 4kT N2 
... 311 

(7.5) 

The rate constant kp is on the order of 5 x 10-12 cm3 sec-1 for water at 20° C and for 
ap = 1. Thus, for example, a turbid water containing 106 particles cm-3 will reduce its 
particle concentration by half within a period of ca. 2.5 days (2 x 105 sec) provided 
that all particles are completely destabilized and that the particles are sufficiently 
small (e.g., d < 1 Ilm) so that collisions result from Brownian motion only. 

Figure 7.2 

E 
~ 
N 

OJ 
U 
C 
ro -(j) 

(5 

Velocity u (cm sec-1) .. 

Particle collision in an idealized shear field of velocity gradient du/dz. 

Agitation may accelerate the aggregation of larger particles. The velocity of the fluid 
may vary both spatially and temporally. The spatial changes in velocity are charac
terized by a velocity gradient (see Fig. 7.2). Since particles that follow the fluid 
motion will also have different velocities, opportunities exist for interparticle contact. 
The rate of decrease in particles due to agglomeration of particles (having uniform 
particle size) under the influence of a mean velocity gradient G [time-1] can be de
scribed by 

_ dN _ 2 Gd3N2 
dt - 3 a.o (7.6) 

where 0.0 (defined in the same way as ap) is the fraction of collisions leading to per
manent agglomeration and d is the particle diameter. It is useful to consider the 
ratio of the rate at which contacts occur by orthokinetic agglomeration to the rate at 
which contacts occur by perikinetic agglomeration (Eqs. (7.5), (7.6)); assuming 
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ao = ap (7.7) 

(dN/dt)ortho Gd3 

(dN/dt)peri = 2kT II (7.8) 

In water at 25° C containing colloidal particles having a diameter of 1 Jlm, this ratio 
is unity when the velocity gradient is 10 sec-1. 

If the volume of solid particles is conserved during agglomeration, the volume frac
tion of colloidal particles, the volume of colloids per unit volume of suspension, <1>, 
can be expressed as 

(7.9) 

where No is the initial number of particles and do is the initial particle diameter; Eq. 
(7.6), that is, the reaction rate for a homogeneous colloid, may then be expressed 
as a pseudo-first-order reaction: 

dN 4 
-df = - ao <l>GN 

7t 
(7.10) 

A numerical example might again illustrate the meaning of this rate law. For 106 

particles of diameter d = 1 Jlm, <I> becomes approximately 5 x 10-7 cm3 cm-3. For ao = 
1 and for a turbulence characterized by a velocity gradient G = 5 sec-1 (this corre
sponds to slow stirring in a beaker - about one revolution per second), the first
order constant [(4ht)<I>G] is on the order of 3 x 10-6 sec-1 . Hence, a period of ca. 2.7 
days would elapse until the concentration of particles is halved as a result of ortho
kinetic agglomeration. 

The overall rate of decrease in concentration of particles of any size is given by 
Eqs. (7.6) and (7.10) by assuming additivity of the separate mechanisms 

_ dN = ap 4kT N2 + ao 4<1>G N 
dt 311 1t 

(7.11 ) 

The first term usually becomes negligible for particles with a diameter d > 1 Jlm, 
whereas the second term is less important than the first term, at least incipiently, for 
particles with a diameter d < 1 Jlm. 

Heterodisperse Suspensions. The rate laws given above apply to monodisperse 
colloids. In polydisperse systems the particle size and the distribution of particle 
sizes have pronounced effects on the kinetics of agglomeration (O'Melia, 1978). 
For the various transport mechanisms (Brownian diffusion, fluid shear, and differ
ential settling), the rates at which particles come into contact are given in Table 7.2. 
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These rate constants are compared for two cases in Fig. 7.3. It follows that hetero
geneity in particle size can significantly increase agglomeration rates . 
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Example 7.1: Effects of Particle Size on Agglomeration Rate 

Compare the agglomeration rate of an aqueous suspension containing 104 virus 
particles per cubic centimeter (d = 0.01 11m) with that of a suspension containing, in 
addition to the virus particles, 10 mg Iiter1 bentonite (number conc. = 7.35 x 106 

cm-3 ; d = 111m). The mixuture is stirred, G = 10 sec-1, and the temperature is 25° C. 
Complete destabilization, ex = 1, may be assumed. (This example is from O'Melia, 
1978.) 

Let us neglect bentonite-bentonite particle interactions. We calculate from the 
equations given in Table 7.2 the following rate constants: 

kp = 2 x 10-12 cm3 sec-1 (i) 
kb = 3.1 x 10-10 cm3 sec-1 (ii) 

ksh = 1.7 x 10-12 cm3 sec-1 (iii ) 
ks = 7.8 x 10-13 cm3 sec-1 (iv) 
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According to Eq. (4) (Table 7.2), the time required to halve the concentration of the 
virus particles in the suspension containing the virus particles only would be almost 
200 days. In the presence of bentonite (kb = 3.1 x 10-10 cm3 sec-1 and Nd2 = 7.35 x 

106 cm-3) we find after integrating that the free virus concentration after 1 hour of 
contact is only 2.6 particles cm-3. This example illustrates that the presence of 
larger particles may aid significantly in the removal of smaller ones, even when 
Brownian diffusion is the predominant transport mechanism. 

Table 7.2 Agglomeration Kinetics of Colloidal Suspensionsa
) 

Transport Rate constant for heterodisperse Rate constant 
mechanism suspensions If dl = d2 b) 

Brownian 2 kT (dl + d2)2 4kT 

diffusion kb = 3- dld2 
(1 ) kp =- (4) 

11 311 

Laminar shear ksh = 
(dl + d2)3 G 

6 (2) ko = 3. d3 G 
3 p (5) 

Differential 
ks 

rrg(p - 1) 3 
(3) ks = 0 (6) settling = (dl + d2) (dl - d2) 

7211 

a) The rate at which particles of sizes dl and d2 come into contact by the jth transport mechanism is 
given by Fj = kjNd1Nd2. 
Fj = collision rate in collisions per unit volume (cm-3 sec-1); 
kj = bimolecular rate constant (cm3 sec-1) for the jth mechanism; 
Nd1 and Nd2 = number concentrations of particles of size d1 and d2, respectively (cm-3); 
k = Boltzmann constant (1.38 x 10-23 J K-1); 
11 = absolute viscosity (g cm-1 sec-1, or kg m-1 sec-1); 
p = specific gravity of the solids (g cm-3); 
g = gravity acceleration (cm sec-2); 
G = mean velocity gradient (sec-1); 
T = absolute temperature (K). 

b) A factor of 2 is applied so that the collisions are not counted double. 

7.3 Colloid-Stability; Qualitative Considerations 

In a qualitative way, colloids are stable when they are electrically charged (we will 
not consider here the stability of hydrophilic colloids - gelatine, starch, proteins, 
macromolecules, biocolloids - where stability may be enhanced by steric arrange
ments and the affinity of organic functional groups to water). In a physical model of 
colloid stability particle repulsion due to electrostatic interaction is counteracted by 
attraction due to van der Waal interaction. The repulsion energy depends on the 
surface potential and its decrease in the diffuse part of the double layer; the decay 
of the potential with distance is a function of the ionic strength (Fig. 3.2c and Fig. 
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3.3). The van der Waal attraction energy, in a first approximation is inversely pro
portional to the square of the intercolloid distance. 

Fig. 7.4 illustrates that at the repulsion energy is affected by ionic strength while 
attraction energy is not. At small separations attraction outweighs repulsion and at 
intermediate separations repulsion predominates. With increasing ionic strength, 
the attraction preponders over larger interparticle distances. As Fig. 7.4 shows, a 
shallow so-called secondary minimum in the net interaction energy may lead to 
particle adhesion at larger distances between the particles. The adhesion of bac
teria to one another and to surfaces as discussed in Chapter 7.9 may occur in this 
secondary minimum. 
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Schematic forms of the curves of interaction energies (electrostatic repulsion VR, van der Waals attrac
tion VA. and total (net) interaction VT) as a function of the distance of surface separation. Summing up 
repulsive (conventionally considered positive) and attractive energies (considered negative) gives the 
total energy of interaction. Electrolyte concentration Cs is smaller than c~. At very small distances a re
pulsion between the electronic clouds (Born repulsion) becomes effective. Thus, at the distance of 
closest approach, a deep potential energy minimum reflecting particle aggregation occurs. A shallow 
so-called secondary minimum may cause a kind of aggregation that is easily counteracted by stirring. 
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However, chemical factors in addition to those of the electric double layer need to 
be considered. The specific adsorption of W, OH-, metal ions and ligands (as well 
as the attachment of polymers) to the colloid surface affects the surface charge and 
the surface potential and, in turn, the colloid stability. In order to estimate colloid 
stability we need to know the surface potential. This cannot be measured, but - as 
we have seen in Chapter 3.2 - it can be calculated from the surface charge by 
using Gouy Chapman theory. Surface charge can, at least in principle, be deter
mined experimentally by measuring all the charged species that have become ad
sorbed. In simple systems, e.g., hydrous oxides the surface charge can be pre
dicted with the help of the surface complex formation model. 

We will first illustrate how chemical variables affect surface charge and surface 
potential. Then we will discuss more quantitatively a physical stability model which 
depends on the surface potential (which, in turn, has been determined by chemical 
factors). 

7.4 Colloid Stability; Effects of Surface Chemistry on Surface Potential 

The relationship between surface charge and surface potential was discussed in 
Chapter 3.3 and specifically in Eq. (3.8). Here we illustrate first how the surface 
charge and colloid stability are affected by chemical interactions. We use as an 
introductory example the pH dependence of the surface charge of hematite (a case 
already encountered in Chapter 3; see Fig. 3.3) and its effect on the coagulation 
rate (Liang and Morgan, 1990). In Fig. 7.5 the potentiometrically determined (alkali
metric-acidimetric titration) surface charge is given as a function of pH for different 
ionic strengths. The surface charge may be compared with the measured electro
phoretic mobility (Fig. 7.5b). (From the latter the zeta potential, ~, can be calculated 
which is however - with exception of pHpzc where ~ = 'II = 0 - smaller than",.) The 
colloid stability in Fig. 7.5c is expressed as the stability ratio, W, (this is equal to 0.-1 

in Eqs. (7.5) and (7.6)) and is measured experimentally by comparing the actual 
coagulation rate with that predicted theoretically. W is the ratio of the "fast" coagula
tion rate to the actual rate. Relative colloid stability is obtained from measurements 
of coagulation rates. In these the particle concentrations are measured as a func
tion of time and the rate is calculated from fitting Eqs. (7.5) or (7.10). In the latter 
case (orthokinetic coagulation) the slope of the semilogaritmic plot of W vs time 
gives the coagulation rate. The concentration of the particles as a function of time 
can under suitable conditions be determinded spectrophotometrically. The theore
tical basis of such measurements go back to Troelstra and Kruyt (1943). At pH = 
8.5, the pHpzcof the colloidal hematite particles the stability ratio is unity for all ionic 
strengths. At pH ::: 5 and low ionic strength, coagulation is slowed down thousand
fold relative to that of pHpzc, a consequence of the high positive charge density from 
=FeOH~ groups on the surface (compare cr and mobility data with W). At higher 
ionic strength-values (I ::: 0.05 - 0.1) the pH range of minimum stability is widened. 
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Figure 7.5 
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Comparison of hematite surface charge, [coul g-1]. electrophoretic mobility, and stability ratio, Wexp, as 
a function of pH. Note that at pHpzc the net surface charge and mobility are both zero, and the stability 
is a minimum. 
The experimental stability ratio (W), the potentiometrically-determined surface charge, and the electro
kinetic mobility of 70 nm particles over the pH range from 3 to 11 are shown. The drawn-out line in Fig. 
c summarizes experiments obtained with 1= 0.05 - 0.1. (Modified from Liang and Morgan, 1990.) 
Figs. d) and e) give the results of simple equilibrium calcuations that have been made with equilibrium 
constants and surface characteristics of a-Fe203 given by Liang and Morgan (see Example 7.2). 
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Example 7.2: Surface Charge as a Function of pH for Hematite 

Calculate the concentration of surface species and the surface charge as a function 
of pH for a hematite suspension which has the same characteristic as that used in 
the experiments of Liang and Morgan. 

Specific surface area 40 m2 g-1, acidity constants of =FeOH~: pK~1 (int) = 7 .25, K~2 = 
9.75, site density = 4.8 nm-2, hematite conc = 10 mg/e. Ionic strength: 0.005. For the 
calculation the diffuse double layer model shall be used. 

The results are given in Figs. 7.5 d) and e). The semiquantitative agreement be
tween experimental data and calculated data is obvious. The surface charge 
estimated can be converted into a surface potential on the basis of the diffuse 
double layer model from which a stability could be calculated. 

Figure 7.6 
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Summary plot of experimentally derived stability ratios, Wexp , of hematite suspensions, as a function 
of added electrolyte or adsorbate concentration at pH around 6.5 (pH = 10.5 for Ca2+ and Na+). Hema
tite concentration is about 10 - 20 mgl e. The stability ratio, Wexp, was determined from measurements 
on the coagulation rate; it is the reciprocal of the experimentally determined collision efficiency factor, 
u. 
(From Liang and Morgan, 1990) 

The surface charge of metal oxides (due to surface protonation) as a function of pH 
can be predicted if their pHpzc are known with the help of the relationship given in 
Fig. 3.4. Fig. 7.6 exemplifies the effect of various solutes on the colloid stability of 
hematite at pH around 6.5 (pH = 10.5 for Ca2+ and Na+) (Liang and Morgan, 1990). 

Simple electrolyte ions like cr, Na+, SO~-, Mg2+ and Ca2+ destabilize the iron(III) 
oxide colloids by compressing the electric double layer, i.e., by balancing the sur
face charge of the hematite with "counter ions" in the diffuse part of the double 
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a) "Compaction" of the double layer by counter ions in accordance with the Schulze Hardy Rule; 
b) Coagulation by specifically adsorbable organic cation; 
c) Coagulation and restabilization by AI-hydroxo polymers; at higher dosage AI(OHh precipitates and 

enmeshes dispersed colloids; 
d) Destabilization by strongly sorbable polymers of charge equal to that of the colloid. Coagulation 

results from "bridging" of the colloids by polymer chains. 

(From O'Melia, 1972) 

layer. Usually these "simple" electrolyte ions are not - to any large extent - specifi
cally bound 1) to the oxide surface and are thus not able to cause a charge reversal. 
In contrast, as Fig. 7.6 illustrates, oxalate, phosphate, humic and fulvic acids, as 
well as polyelectrolytes such as polyaspartic acid are specifically bound (ligand 
exchange) and able, at higher concentrations, to cause a charge reversal; i.e., the 
surface complex bound inorganic and organic species alter the metal oxide surface 
charge (charge or potential determining ions). The surface complex formation con
stants of different ligands can be used to predict the surface speciation and the sur
face charge from which the surface potential can be calculated. The effectiveness 

1) Specifically adsorbed species are those that are bound by interactions other than electrostatic 
ones. To what extent SO~- and Ca2+ can form inner-sphere complexes is not yet well established. 
SO~ is able to shift the point of zero proton condition of many oxides. 
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of ions in effecting the surface charge of iron(III) oxide surfaces and in coagulating 
or stabilizing colloidal Fe203 under comparable pH conditions with respect to pHpzc 
(+ or -) is given by the decreasing sequence of the surface complex forming con
stants, e.g., phosphate> oxalate> phthalate. 

The same kind of information in a more general way is given in Fig. 7.7 where 
schematic curves of residual turbidity as a function of coagulant dosage for a 
natural water treated with Na+, Ca2+, and AI3+, with hydrolyzed metal ions, or with 
polymeric species are given. It is evident that there are dramatic differences in the 
coagulating abilities of simple ions (Na+, Ca2+, AI3+), and hydrolyzed metal ions 
(charged multimeric hydroxo metal species), and other species that interact chemi
cally with the colloid; that includes species of large ionic or molecular size. 

Obviously, two different mechanisms occur in coagulation. 
1) Inert electrolytes, i.e., ions which are not specifically adsorbed, compress the 

double layer and thus reduce the stability of the colloids (Fig. 7.4). A critical 
coagulation concentration, Cs or ccc, can be defined (see Eqs. (4) and (5) in 
Table 7.3) which is independent of the concentration of the colloids (Schulze
Hardy Rule). 

2) Specifically adsorbable species (e.g., species that form surface complexes) 
affect the surface charge of the colloids and therefore their surface potentials, 
thereby affecting colloid stability. The critical coagulation concentration, ccc, for 
a given colloid surface area concentration, decreases with increasing affinity of 
the sorbable species to the colloid. ccc is no longer independent of the colloid 
concentration; there is a "stoichiometry" between the concentration necessary to 
just coagulate and the concentration of the colloids (Stumm and O'Melia, 1968). 
This is illustrated in a simple example of Fig. 7.8. 

In seawater the "thickness" of the double layer as given by 1(-1 (Eq. 3.9) is a few 
Angstr0ms, equal approximately to a hydrated ion. In other words, the double layer 
is compressed and hydrophobic colloids, unless stabilized by specific adsorption or 
by polymers, should coagulate. Some of this coagulation is observed in the estu
aries where river water becomes progressively enriched with electrolytes (Fig. 
7.14a). That these colloids exist in seawater for reasonable time periods is caused 
1) by the small concentrations of colloids (relatively small contact opportunities), 
2) the stabilization of colloids by specific adsorption, and 
3) the presence of at least partially hydrophobic biological particles which domi

nate the detrital phases. 

Specifically sorbable species that coagulate colloids at low concentrations may 
restabilize these dispersions at higher concentrations. When the destabilization 
agent and the colloid are of opposite charge, this restabilization is accompanied by 
a reversal of the charge of the colloidal particles. Purely coulombic attraction would 
not permit an attraction of counter ions in excess of the original surface charge of 
the colloid. 
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Figure 7.8 
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Relationship between Mn02 colloid surface area concentration and cee of Ca2+; a stoichiometric re
lationship exists between ccc and the surface area concentration; in case of Na+, however, this inter
action is weaker, so that primarily compaction of the diffuse part of the double layer causes destabiliza
tion. 
(From Stumm, Huang and Jenkins, 1970) 

Polymers 

The adsorption of polymers on colloids can 
1) enhance colloid stability or 
2) induce flocculation/). 
In steric stabilization the colloids are covered with a polymer sheath stabilizing the 
sol against coagulation by electrolytes. In sensitization or adsorption flocculation, 
the addition of very small concentrations of polymers or polyelectrolytes leads to 
destabilization (Lyklema, 1985). 

As shown in Fig. 7.7d polymers can destabilize colloids even if they are of equal 
charge as the colloids. In polymer adsorption (cf. Fig. 4.16) chemical adsorption 
interaction may outweigh electrostatic repulsion. Coagulation is then achieved by 
bridging of the polymers attached to the particles. LaMer and coworkers have 
developed a chemical bridging theory which proposes that the extended segments 
attached to one of the particles can interact with vacant sites on another colloidal 
particle. 

Flocculation of microorganisms is thought to be affected by a bridging mechanism 
of polymers excreeted by the microorganisms or exposed to the microbial surface 
under suitable physiological conditions. More recently new work on adhesion of 
bacteria have been carried out (Van Loosdrecht et aI., 1990): see Chapter 7.9. 

1) Some authors distinguish between coagulation and flocculation and use the latter term for colloid 
agglomeration by bridging of polymer chains. 
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Colloid stability in the Fe(III)(hydr)oxide-phosphate system. Surface complexation equilibria were 
used to calculate the concentration domains of positively charged and negatively charged colloids and 
of nearly uncharged phosphate surface complexes on FeOOH. 
(From Stumm and Sigg, 1979) 

How to Model? 

Which model should be used to calculate surface charge density and surface po
tential? Although various physical descriptions of the interface are equivalent in 
satisfying the charge material balance of adsorbed ions at the interface, the poten
tial is somewhat model-dependent. Use of the diffuse double layer model provides 
consistency in colloid stability modelling (Liang and Morgan, 1990). To model 
colloid stability, it is assumed that the charge (potential) determining ions are equi
librated with the surface and a constant potential is maintained. The charge and 
potential distribution in the diffuse layer is governed by the Gouy Chapman theory. 
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Stumm and Sigg (1979) predicted the coagulation stability domains of goethite 
based on surface chemistry and surface potential estimates (Fig. 7.9). 

Example 7.3: Reversal of Surface Charge of Hematite by the Interaction with a 
Ligand 

Estimate the variation of surface charge of a hematite suspension (same charac
teristics as that used in Example 7.2) to which various concentrations of a ligand 
H2U (that forms bidentate surface complexes with the Fe(III) surface groups, 
=FeU-; such a ligand could be oxalate, phtalate, salicylate or serve as a simplified 
model for a humic acid; we assume acidity constants and surface complex forma
tion constants representative for such ligands. The problem is essentially the same 
as that discussed in Example 5.1. We recalculate here for pH = 6.5. 

Figure 7.10 
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Interaction of hematite with a bidentate ligand H2U. The relative concentrations of surface species, ex
pressed as M, are given as a function of H2UT (added to the system). Coagulation is expected to occur 
at concentrations near the charge reversal. Conditions are given in Example 7.3 (pH = 6.5, I = 
5 x 10-3). Individual points refer to computed data. 
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The following equlibrium constants characterize the system: 

H2U = W + HU-; log Ka1 = -5 (i) 

HU- = W + U2-; log Ka2 = -9 (ii) 

=FeOH~ = =FeOH + W; log K~ = -7.25 (iii) 

=FeOH = =FeO- + H+; log ~ = -9.75 (iv) 

=FeOH + H2U = =FeU- + H+ + H2O; log KS = 2 (v) 

H2UT = [H2U] + [HU-] + [U2-] + [=FeU] (vi) 

[=FeOHT] = [=FeOH~] + [=FeOH] + [=FeO-] + [=FeU-] (vii) 

The diffuse double layer model for [I = 0.005 M] is used to correct for electrostatic 
effects. The calculation is made with a MICROQL program adapted for surface 
chemical interactions and adapted for a personal computer. Fig. 7.10 gives the 
calculations for increasing concentrations of H2UT. The surface charge is reversed 
at a concentration of ca. 2 x 10-6 M. This is in qualitative agreement of the experi
mentally obtained curve for humic acids, given in Fig. 7.6. With humic acids the 
experimentally determined concentration for charge reversal is somewhat smaller 
than that calculated in Fig. 7.10); this can be accounted for perhaps by inferring a 
polymeric effect (association of humate anions at the surface). 

Adsorption of and Coagulation by Fatty Acids 

Fig. 7.11 gives results on coagulation of hematite suspension by fatty acids. As con
centration is increased, an influence on hematite coagulation rate becomes notice-

Figure 7.11 
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(From Liang and Morgan, 1990) 
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able. Increase in fatty acid concentration first makes hematite less stable, and a 
minimum stability ratio is reached. The stability ratio then increases sharply as the 
fatty acid concentration is increased beyond the critical coagulation concentration. 
Plots of relative coagulation rate versus fatty acid concentration for Ca, ClO and C12 
are similar to one another, but successive critical coagulation concentrations differ 
by a factor of about 10. For C3, the stability ratio merely flattens out as the concen
tration is increased beyond a critical coagulation concentration. That a charge 
reversal occurs can only be accounted for by two-dimensional association of the 
adsorbed anions of the fatty acids (hemicelle formation). The situation is compar
able to that described for the adsorption of sodium dodecyl sulfate on alumina, 
described in Chapter 4.5 and in Fig. 4.11. 

7.5 A Physical Model for Colloid Stability 1) 

To what extent can theory predict the collision efficiency factor? Two groups of re
searchers, Derjagin and Landau, and Verwey and Overbeek, independently of 
each other, have developed such a theo'ry (the DLVO theory) (1948) by quantita
tively evaluating the balance of repulsive and attractive forces that interact most 
effective tool in the interpretation of many empirical facts in colloid chemistry. 

The DLVO theory considers van der Waals' attraction and diffuse double-layer re
pulSion as the sole operative factors. It calculates the interaction energy (as a func
tion of interparticle distance) as the reversible isothermal work (Le., Gibbs free 
energy) required to bring two particles from distance 00 to distance d. Physically the 
requirement is that at any instant during interaction the two double layers are fully 
equilibrated (Lyklema, 1978). The mathematics of the interaction are different for 
the interaction of constant-potential surfaces than for the interaction of constant
charge surfaces. As long as the interaction is not very strong, that is, as long as the 
surfaces do not come too close, it does not make too much difference (Lyklema, 
1978). Table 7.3 gives the approximate equations for the constant-potential case. In 
order to illustrate the use of units, we calculate the interaction energy of two flat 
plates in Example 7.3. 

Example 7.4: Calculating Interaction Energy 

Calculate the interaction energy of two flat Gouy plates of 25-mV surface potential 
(assumed to be constant), at 25° C in a 10-3 M NaCI solution, at a distance of 10 
nm. A Hamaker constant A11 (2) = 10-19 J may be used. 

Using (1) to (3) of Table 7.3, and considering that, for a 10-3 M NaCI solution lC1 = 
9.5 x 10-9 m, we calculate 

1) Modified from Stumm and Morgen (1981) 
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an exponential fashion with increasing separation. VR increases roughly in propor
tion with '¥~ (for small '¥ d, tanh u :::; u). The distance characterizing the repulsive 
interaction is similar in magnitude to the thickness of a single double layer (K-1). 
Thus, the range of repulsion depends primarily on the ionic strength. The energy of 
attraction due to van der Waals attraction dispersion forces was plotted in the lower 
part of Fig. 7.12 as a function of separation This curve varies little for a given value 
of the Hamaker constant A which depends on the density and polarizability of the 
dispersed phase but is essentially independent of the ionic makeup of the solution. 
Often values for A between 10-19 and 10-20 J are adopted. Summing up repulsive 
and attractive energies gives the total energy of interaction. Conventionally, the 
repulsive potential is considered positive and the attractive potential negative. At 
small separations, attraction outweighs repulsion, and at intermediate separations 
repulsion predominates. This energy barrier is usually characterized by the maxi
mum (net repulsion energy) of the total potential energy curve, V max (Fig. 7.12). The 
potential energy curve shows, under certain conditions, a secondary minimum at 
larger interparticle distances (d :::; 10-6 cm). This secondary minimum depends 
among other things on the choice of the Hamaker constant and on the dimensions 
of the particles involved; it is seldom deep enough to cause instability but might 
help in explaining certain loose forms of adhesion or agglomeration. 
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Physical model for colloid stability. Net energy of interaction for spheres of constant potential surface 
for various ionic strengths (1:1 electrolyte) (cf. Verwey and Overbeck). 
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Table 7.3 Colloid Stability as Calculated from van der Waals Attraction and 
Electrostatic Diffuse Double-Layer Repulsion a) b) 

Additive interactions of repulsive interaction energy VR and attraction energy VA: 

VT = VR + VA 

Repulsive interaction per unit area between flat plates: 

V 64nskT [ (ze'Vd)F_Kd 
R = I( tanh 4kT U e 

for spherical particles: 

641tns kT 
VR =---=---

1(2 

(a + 0 )2 [ h(ze'Vd)~ 2 -x(H _ 20) 
R tan 4kT U e 

Van der Waals attraction per unit areac) for flat plates: 

V __ A11 (2) 

A - 121td2 

for spherical particles: 

where 

V 
__ A11(2) (2 2 S2 - 4) 

A - 6 s 2 _ 4 + S2 + I n S2 

R s =a 

For very short particle distances (3b) may be replaced by 

V A11(2)a 
A = 12H 

Electrolyte concentration required to just coagulate the colloids (250 C): d) 

-36 [tanh(ze'P/4kT)]4 
Cs = 8 x 10 A2 z6 

11 (2) 

Valence effect on stability for small '1': 

_ 3.125 x 10-38 (e'PJ 
Cs - A2 2 kT 

11 (2)Z 

Stability Ratio: 

W = 2a foo exp(~;) R-2 dR 
2a 

(1 ) 

(2a) 

(2b) 

(3a) 

(3b) 

(3c) 

(4) 

(5) 

(6) 



a) a = particle radius (cm); 
A = Hamaker constant (J); 
Cs = concentration of salt, mM; 
d = interaction distance between two surfaces (cm); 
e = elementary charge, 1.6 x 10-19 C; 
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H = shortest interaction distance between two spherical particles (cm); 
k = Boltzmann constant, 1.38 x 10-23 J K-1; 
ns = number of "molecules" or ion pairs (cm-3); 
R = distance between centers of two spheres (cm); 
W = stability ratio (1/a) (in the kinetic equations, kj can be replaced by kfW); 
T = absolute temperature (K); 
V = interaction energy (J m-2); 
z = charge of ion (valence); 
1C = reciprocal thickness of double layer (cm-1); 
'I' = potential (mV) at the plane where the diffuse double-layer begins. 

b) Cf. J. Lyklema (1978). Most equations below stem from DLVO theory. As exact solutions do not 
exist, recourse must be made to approximations. 

c) A1 1(2) is the Hamaker constant [dimension (energy)] that applies for the interaction between 
particles 1 in medium 2. This quantity can be related to the corj9~nding con~tants for attration in 
vacuum between particles 1 or between particles 2 by A11(2) = \" A 11 - V A22}2. 

d) Calculated for the condition that VT ~ 0 and OVT/&J = o. 

64 mol m-3 x 6.02 x 1023 x 1.38 x 10-23 J K-1 x 298.13 K 
1.05 x 108 m- 1 

[ ( 
1.6x10-19Cx25x10-3V )i 

x tanh 4 x 1.38 x 10-23 J K-1 x 298.13 K U 

x exp - (1.05 x 108 m-1 x 10-8 m) 

= 1.5 x 10-3 J m-2 x 5.7 x 10-2 x 0.35 

= 3.0 x 10-5 J m-2 

10-19 J 
VA = -12 x 3.14 x 10-16 m2 

= -2.65 x 10-5 J m-2 

Vr = 3.5 x 10-6 J m-2 

In Fig. 7.4 the energies of interaction (double-layer repulSion, VR, and van der 
Waals attraction, VA, and net total interaction, VT) were plotted as a function of dis
tance of the separation of the surfaces. As (2a) of Table 7.3 shows, VR decreases in 
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The Stability Ratio. We have already defined the stability ratio operationally. A 
stable colloidal dispersion is characterized by a high-energy barrier, that is, by a 
net repulsive interaction energy. Fuchs has defined a stability ratio W that is related 
to the area enclosed by the resultant curve of the energy of interaction versus 
separation distance. W is the factor by which agglomeration is slower than in the 
absence of an energy barrier. The conceptually defined W should correspond to 
the operationally determined ex (W = ex-1). In a first approximation the stability ratio 
W is related to the height of the potential energy barrier V max. The latter is conven
iently expressed in units of kT. If Vmax exceeds the value of a few kT, relatively 
stable colloids will be found. For example, if Vmax =. 15 kT, only 1 out of 106 colli
sions will be successful (ex = 10-6). Fig. 7.12 shows how Vmax typically decreases 
with an increase in electrolyte concentration. 

Some of the pertinent interactions that affect colloid stability are readily apparent 
from Figs. 7.4 and 7.12. The main effect of electrolytes is a more rapid decay of the 
repulsion energy with distance and to compact the double layer (reducing lC 1). 

Experimentally it is known that the charge of the counterion plays an important role. 
The critical electrolyte concentration required just to agglomerate the colloids is 
proportional to z-6 Al1(~ for high surface potential, and to z-2 Al1 2 at low potentials 
[(4) and (5) in Table 7.3]. This is the theoretical basis for the qua~i(ative valency rule 
of Schulze and Hardy. 

Limitations of the DL va Theory 

The DLVO theory is a theoretical construct that has been able to explain many ex
perimental data in at least a semiquantitative manner; it illustrates plausibly that at 
least two types of interactins (attraction and repulsion) are needed to account for 
the overall interaction energy as a function of distance between the particles. 

Measurements on the interaction force between two mica plates (Israelachvili and 
Adams, 1978) have shown good agreement with the theory in dilute KN03 solution 
at distances larger than ca. 5 nm. Similar results have recently been obtained with 
measurements between Si02 with the help of atomic forme microscopic measure
ments (Ducker et aI., 1991). In solutions containing bivalent ions the agreement 
between theory and measurement is less good for various reasons, but also be
cause the description of the diffuse double layer theory fails at short distances from 
the surface (Sposito, 1984). Apparently non-DLVO forces such as solvation, hydra
tion and capillary effects may become operative at separations below 5 nm. Early 
validations of the theory were based on coagulation studies of monodisperse 
suspensions. 

Critical Coagulation Concentration, ccc in Coagulation. Under simplifying condi
tions it is possible to derive the relation that cce of mono-, di- and trivalent ions vary 
- as we have seen - in the ratio (1/z) or 100 : 1.6 : 0.13 or at low potentials in the 
ratio (1/Z}2 or 100 : 25 : 11. 
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Liang and Morgan (1990), for example, found the following critical coagulation con
centrations, ccc, for hematite (diameter = 70 nm; pHpznpc = 8.5) at pH = 6.5 : cr : 80 
mM; SOf : 0.45 mM; HPO~- : 0.016 mM. Such results are not in accord with the 
Schulze-Hardy rule. (The experimental ccc's are in the ratio 100 : 0.56 (SOn: 0.02 
(HPO~-).) The reason is the chemical interaction of the coagulant ions with the 
colloids, i.e., SO~- forms moderately stable und the HPO~- very stable surface com
plexes with the hematite. As we have seen, such chemical interaction causes a 
stoichiometric relationship between ccc and the (incipient) colloid surface area 
concentration. The addition of an excess of coagulant can cause a charge reversal 
and a restabilization of the colloid (Stumm and O'Melia, 1968). 

The presence of polymers or polyelectrolytes have important effects on the Van der 
Waal interaction and on the electrostatic interaction. Bacterial adhesion, as dis
cussed in Chapter 7.9 may be interpreted in terms of DLVO theory. Since the inter
action in bacterial adhesion occurs at larger distances, this interaction may be 
looked at as occurring in the secondary minimum of the net interaction energy (Fig. 
7.4). Particle Size. The DLVO theory predicts an increase of the total interaction 
energy with an increase in particle size. This effect cannot be verified in coagula
tion studies. 

In summary, the DLVO theory seems to break down at very close separation where 
interfacial phenomena such as particle-particle interaction (coagulation) and 
particle-surface interaction (deposition) are important. 

7.6 Filtration compared with Coagulation 

Filtration is analogous to coagulation in many respects. This is illustrated by juxta
posing the basic kinetic equations on particle removal: 

dN 4 
orthokinetic coagulation: - dt = 1t uG<j>N (7.12) 

packed-bed filtration: 
dN 3 (1 - f) 

- dL = 2 d U11N (7.13) 

where t the time, 1 - f, the volume of filter media per unit volume of filter bed where 
f is porosity, 11, a "single-collector efficiency" that reflects the rate at which particle 
contacts occur between suspended particles and the filter bed by mass transport, L, 
the bed depth, d, the diameter of the filter grain. The effectiveness of particle aggre
gation in coagulation and particle removal in filtration (attainable on integration of 
Eqs. (7.2) and (7.3) depends on a dimensionless product of the variables shown in 
Table 7.4, which have comparable meanings for both processes. Particle transport, 
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Table 7.4 Comparison between Coagulation and Filtration a) 

Coagulation a. <I> G t 
Collision volumetric Velocity time 
efficiency concent ration gradient 

of suspended 
particles 

L 
Filtration a. 1-f II d 

volumetric single- number of 
concentration collector collectors 

of filter medium efficiency (v,d) 
, 

v 
, 

contact opportunities 

Design and Chemicals Coagulation Energy input, Residence 
operational aids, media mass transport time filter 
variables size, sludge length and 

recirculation media dia-
meter 

a) From W. Stumm (1977). The table is based at least partially on ideas expressed by C.R. O'Melia. 
The effectiveness of coagulation and filtration depends on a related dimensionless product. 
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ticle contacts occur between particles and the filter grain by mass transport) on particle diameter. For 
particles of small diameters transport by diffusion increases with decreasing size. Contact opportuni
ties of the larger particles with the filter grain are due to interception and sedimentation; they increase 
with increasing size. 
(From Yao, Habibian and O'Melia, 1971) 
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that is, by forces of fluid-mechanical origin, is required in both processes either to 
move the particles toward each other or to transport them to the surface of the filter 
grain or to the surface of a previously deposited particle (O'Melia, 1974). The con
tact opportunities of the particles for collisions with one another or with filter grains 
depend on Gt or Tl(Lld). The detention time, t, is somewhat related to LId, the ratio of 
bed depth to medium diameter (O'Melia, 1974). 

a 

Figure 7.14 
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Variables that typically determine the efficiency of coagulation and filtration in natural waters and in 
water and waste treatment systems 
a) How the variables determine the coagulation efficiency 
b) Marked increase in filtration rate can be achieved by counterbalancing a reduction in contact 

opportunities by chemically improving the contact efficiency, with similar efficiency in particle re
moval. (Compare with Table 7.4.) 

(From Stumm, 1977) 
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Fig. 7.14a illustrates how coagulation in natural systems and in water and waste 
treatment systems depends on the variables in Table 7.4. In natural waters long 
detention times may provide sufficient contact opportunities despite very small 
collision frequencies (small G and small <1». In fresh water the collision efficiency is 
usually also low (ex - 10-3 to 10-6 ; that is, only 1 out of 103 to 106 collisions leads to 
a successful agglomeration). In seawater, colloids are less stable (ex == 0.1 to 1) 
because of the high salinity; K-1 for seawater is about 0.36 nm, hence seawater 
double layers are nondiffuse. Estuaries with their salinity gradients and tidal move
ments represent gigantic natural coagulation reactors where much of the dispersed 
colloidal matter of rivers settles. In water and waste treatment systems we can re
duce detention time (volume of the tank) by adding coagulants at a proper dosage 
(ex ~ 1) and by adjusting the power input (G). If the concentration <1> is too small, it 
can be increased by adding additional colloids as so-called coagulation aids. 
O'Melia has shown that similar trade-offs in operation and design exist for optimiz
ing particle removal in filtration. 

Fig. 7.14b shows how, in the development from very slow filtration in groundwater 
percolation to ultrahigh-rate contact filtration, a relatively constant efficiency in par
ticle removal (constant product ex11(Ud)) is maintained despite a dramatic increase 
in filtration rate. This is achieved by counterbalancing decreased contact opportuni
ties (decreasing 11 and L and increasing d) by improving the effectiveness of par
ticle attachment (through natural release or addition of suitable chemical destabiliz
ing agents that increase ex to 1). 

Soils 

Similar considerations as used for colloids in natural water systems can be used in 
soil systems. The stability of soil colloids is affected by the effect of the electrolyte 
concentration on the diffuse double layer. But chemical factors that have to be con
sidered in addition to those of the electric double layer are of utmost importance. 
Acid-base reactions influence the pHpzc and the pH-dependent surface charge. 
Specific adsorption of small ions (surface complexation) change the surface 
charge. Adsorption of polymer ions (inc!. humic acids) change the surface charge; 
furthermore, coagulation by the polymer bridging mechanism may take place at 
extremely low electrolyte concentrations. Alternatively the colloids coated with poly
mer ions may be stabilized because of steric effects and/or resulting repulsive 
electrostatic and solvation forces. 

A special case of coagulation is the "quasi crystal" formation by unit layers of mont
morillonite bearing exchangeable Ca2+ cations (cf. Fig. 3.10). As Sposito (1989) 
points out, "one can imagine that the competition between the repulsive electro
static forces and the attractive van der Waals force will, along with random thermal 
motions, largely determine the behavior of two siloxane surfaces approaching each 
other to a distance of separation> 10 nm. However, at a separation distance of 
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0.95 nm, which is characteristic of the outersphere surface complex in Fig. 3.10, it 
can be expected that the force required to bring the particle surfaces together must 
have a component that reflects the effort necessary to desolvate the exchangeable 
cations. Indeed between 10 and 0.95 nm, the force bringing the siloxane surfaces 
into close proximity must displace all the water molecules from the second solva
tion shell of the Ca2+ cation. When the two surfaces coalesce into the quasi crystal 
configuration, these outer most solvating water molecules which have been ejected 
from the interlayer region, and the force required to accomplish this task, must to 
some extent, depend on the structure of the cation solvation complex at the mole
cular level." 

Col/oid Transport in Aquifers and Packed Bed Filtration 

Substantial concentrations of colloids have been found in aquifers. To what extent 
are such colloids transported in packed bed filtration and in aquifers and to what 
extent are such colloids generated within the filtration media. Do colloids, capable 
of adsorbing substantial amounts of contaminants, contribute to the migration of 
organic pollutants, heavy metals and radionuclides in groundwater? As shown in 
Fig. 7.12, for colloids, the major transport mechanism is convective diffusion and 
the capture efficiency should increase with decreasing diameter, whereas for larger 
than - 1 Ilm particles interception and sedimentation are dominant. The mecha
nisms by which attached particles can detach from filter grains are not very well 
understood. In very porous filter grains or in systems with cracks colloids may 
become chromatographically separated from ions by size exclusion. (While ions 
diffuse readily into the pores of the filter grains, colloids cannot enter into the 
porous structure and thus, colloid retardation (with regard to water) may under 
certain circumstances be smaller than that of solutes). For a discussion on colloid 
transport in aquifers, see O'Melia (1990), Gschwend and Reynolds (1987) and 
Ryan and Gschwend (1990). 

7.7 Coagulation in Lakes 1) 

With hydraulic residence times ranging from months to years, lakes are efficient 
settling basins for particles. Lacustrine sediments are sinks for nutrients and for 
pollutants such as heavy metals and synthetic organic compounds that associate 
with settling particles. Natural aggregation (coagulation) increases particle sizes 
and thus particle settling velocities (Eq. 7.1) and accelerates particle removal to the 
bottom sediments and decreases particle concentrations in the water column. 

1) The writing of this section has been stimulated by the work of O'Melia and Weilenmann 
(Weilenmann et aI., 1989, and O'Melia, 1990). 
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In field studies on coagulation and sedimentation in lakes (Weilenmann et aI., 
1989), the particle size distribution at concentrations at several depths in the water 
column of Lake Zurich were measured (Fig. 7.15). 
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Observed particle volume concentration distributions in the water column of Lake Zurich. Samples 
obtained on August 8, 1984 at the depths indicated. 
(From Weilenmann et aI., 1989) 

In this figure particle concentrations are expressed as the incremental change in 
particle volume concentration (d V) that is observed in an incremental logarithmic 
change in particle diameter (d log dp). Plots such as in Fig. 7.15 have the useful 
characteristics that the area under a curve between any two particle sizes is related 
to the total volume concentration of particles between these two sizes (Lerman, 
1979). The particle volume distributions in this lake have a single size peak; the 
particle diameter increases somewhat with depth. Particle volume concentration 
decreases substantially with depth. The total particle volume concentration in the 
epilimnion (as indicated by the area under the curves for 1 or 5 m) is about 10 cm3 

m-3 (10 ppm), while the distributions in the bottom waters indicate total volume con
centration of about 1 cm3 m-3 (1 ppm) in the hypolimnion. How do these results 
compare with present theories for the kinetics of coagulation and settling? 



Coagulation in Lakes 273 

Experimental evidence obtained from Swiss lakes were compared with model 
simulations so as to evaluate effects that coagulation can have in lakes. In the 
course of this study special attention was directed towards the chemical factors that 
influence colloidal stability in natural waters. 

The experimental aspects of this study were focussed on two hard-water lakes in 
Switzerland, namely, the northern basin of Lake Zurich and Lake Sempach. The 
hydraulic residence time of Lake Zurich is 1.2 years. Most of the particles in the lake 
are produced directly or indirectly by biological processes within the lake itself (e.g., 
photosynthesis, CaC03 precipitation). Phosphorus removal has been implemented 
in recent years at all wastewater treatment plants discharging into the lake; at pre
sent Lake Zurich can be described as between meso- and eutrophic. Lake 
Sempach has an average hydraulic residence time of 15.8 years; as in Lake 
Zurich, particles in the lake waters are primarily autochthonous. Phosphorus con
centrations have increased substantially and the lake is eutrophic. 

Experimental measurements in each lake included particle concentration and size 
measurements in the water column, sedimentation fluxes in sediment traps, and 
chemical and size characteristics of materials recovered from sediment traps. The 
colloidal stability of the particles in the lake waters was determined with laboratory 
coagulation tests. Colloidal stabifity was described by the stability ratio (a). (For a 
perfectly stable suspension, a = 0; for a complete unstable one, a = 1.) 

Box models were used in a model to simulate particle transport in lacustrine sys
tems that involve fluid flow, coagulation, and gravity. 

Particle stabilities in Lake Zurich (a:::: 0.1) and Lake Sempach (a:::: 0.01) differed by 
about an order of magnitude, with the particles in Lake Sempach being more 
stable. Dissolved natural organic substances similar to humic acids, have been 
reported as stabilizing agents and divalent metal ions as destabilizing agents in 
aquatic systems. Both lakes contain appreciable and similar concentrations of 
calcium, about 1.2 x 10-3 M. The difference in colloidal stability between the two 
lakes is consistent with the difference in the concentrations of dissolved organic 
carbon (DOC) in these lakes. DOC is low in Lake Zurich, ~ 1 mg Iiter-1 ; in Lake 
Sempach it is about 4 mg liter- 1. These results suggest that solution chemistry 
retards coagulation in Lake Sempach, reducing coagulation rate coefficients by an 
order of magnitude compared to Lake Zurich. The low particle stability (high 
attachment probability) in Lake Zurich favors coagulation, particle growth, and 
enhanced sedimentation. 

Results of model simulations of effects of coagulation (a = 0.1) and sedimentation 
at steady state in Lake Zurich during summer are presented in Fig. 7.16. Particle 
volume concentrations in the epilimnion and hypolimnion are plotted as functions 
of the particle production flux in the epilimnion. Biological degradation and chemi
cal dissolution of particles are neglected in these calculations. Predicted particle 
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concentrations are sensitive to the physical characteristics of the particles produced 
in the epilimnion, to their aggregation, and to their removal by sedimentation. As 
shown in Fig. 7.15 observed particle volume concentrations are 5 - 10 cm3 m-3 in 
the epilimnion and - 1 cm3 m-3 in the hypolimnion. Model simulations indicate that 
these concentrations can result from a particle production flux of 7 - 10 cm3 m-2 d-1 

and a particle or aggregate density of 1.5 g cm-3 , in agreement with estimates from 
the sediment trap data. Aggregates with a density of 1.5 g cm-3 are considered to 
result from coagulation of calcite particles with phytoplankton. A particle production 
flux of 5 cm3 m-2 d-1 in the epilimnion would produce, in the absence of particle re
moval by sedimentation assisted by coagulation, a particle volume concentration in 
the epilimnion of 43 cm3 m-3 (Fig. 7.16), considerably in excess of observations. 
The model for coagulation and sedimentation used in this research provides a 
physical connection among particle production rates, deposition fluxes, and water 
column concentrations observed in Lake Zurich. In Lake Sempach, coagulation 
occurs and is important in establishing the decrease in particle concentration with 
depth observed from the epilimnion to the hypolimnion, but it is sufficiently slow that 
biological degradation and chemical dissolution of particulate materials exert sub
stantial effects in reducing suspended concentrations and settling fluxes. The origin 
of this slow coagulation rate in Lake Sempach lies in solution chemistry and 
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Model simulations of particle volume concentrations in the summer as functions of the particle produc
tion flux in the epilimnion of Lake Zurich, adapted from Weilenmann, Q'Melia and Stumm (1989). 
Predictions are made for the epilimnion (A) and the hypolimnion (8). Simulations are made for input 
particle size distributions ranging from 0.3 to 30 Jlm described by a power law with an exponent of ~. 
For ~ = 3, the particle size distribution of inputs peaks at the largest size, i.e., 30 Jlm. For ~ = 4, an equal 
mass or volume input of particles is in every logaritmic size interval. Two particle or aggregate densities 
(p ) are considered, and a colloidal stability factor (a) of 0.1 us used. The broken line in (A) denotes 
pr~dicted particle concentrations in the epilimnion when particles are removed from the lake only in 
the river outflow. Shaded areas show input fluxes based on the collections of total suspendet solids in 
sediment traps and the composition of the collected solids. 
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specifically in the high DOC (organic substances similar to humates) concentration 
in the lake water. 

The enhanced stability of natural particles in natural waters containing natural 
organic matter is a consistent observation without a clear cause. Some speculation 
is presented here. Humic substances comprise the principal fraction of dissolved 
organic matter in most natural waters. These molecules can be considered as 
flexible polyelectrolytes with anionic functional groups; they also have hydrophobic 
components. In fresh waters such molecules assume extended shapes due to intra
molecular electrostatic repulsive interactions. When adsorbed at interfaces at low 
ionic strenght, they assume flat configurations. Adsorption on inorganic surfaces 
such as metal oxides e.g., iron oxides, could result from the ligand exchange of 
functional groups on the humic substances (carboxylic, phenolic) with surface 
hydroxyl groups on the metal oxides, supplemented by a hydrophobic interaction 
involving nonpolar components of the humic molecules (cf. Example 7.3 and Fig. 
7.9). The result would be an accumulation of negative charge on the surface of the 
oxide due to the adsorbed organic substances. 

Humic substances in lakes result from autochthonous biological processes within 
the lake and from allochthonous inputs from terrestrial sources. The macromole
cular biological debris produced by biological wastewater treatment plants can 
have chemical and physical characteristics similar to natural organic substances 
and might provide a source of stabilizing organic matter when discharged into 
lakes. 

An interesting corollary to these arguments is that extensive sewage treatment not 
only removes organic C and phosphate (which in turn causes a decrease in DOC) 
but may affect the entire lake metabolism by indirectly enhancing the coagulation 
and in turn increasing sediment fluxes and suspended particle concentrations 
significantly. In a lake of low humic acids (DOC) and high [Ca2+], photosynthetically 
produced biomass and other particles are transported much faster into the hypo
limnion. 

Colloids in the Ocean 

Non-living submicrometer particles (0.4 - 1 ~m) have been found in the North
Pacific, they are present in concentrations of 106 to 107 particles m e-1 (Koike et aI., 
1990). More recently, Wells and Goldberg (1991) report that very small marine 
colloids (d < 120 nm) are, by at least three order of magnitudes, more abundant. A 
vertical stratification of these particles was found (very high concentrations in the 
thermodine and season-dependent in the bottom-waters). This stratification indi
cates that these very small colloidal particles are reactive. The apparent close 
association of metals with these colloids suggests that they may play an important 
part in the transport and fate of trace elements in seawater (Wells and Goldberg, 
1991). 
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7.8 Some Water-Technological Considerations in Coagulation and 
Flotation 

Coagulation is an unit process in water supply treatment. Coagulants are used to 
remove color (humic and fulvic acids) and turbidity from the raw water. Coagulation 
techniques have also been used in waste treatment and sludge conditioning. Often 
hydrolyzing metal ions, AI(III) or Fe(III) , are used as coagulants (Fig. 7.7c and Fig. 
7.17). The AI(III) salt (or Fe(III) salt) added undergoes hydrolysis and forms poly
meric or oligomeric charged hydroxo complexes of various structures such as, for 
example, 

~ ~
m+ 

HO" / 0 ""-
AI AI-OH-AI-

H 0/ "OH/ 
2 n 

Such species adsorb specifically and modify the surface charge of the colloids. As 
shown in Fig. 7.7 these hydrolysis products have a different effect than A13+ (at low 
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Equilibrium composition of solutions in contact with freshly precipitated, AI(OHb and Fe(OHl3, calcu· 
lated, using representative values for the equilibrium constants for solubility and hydrolysis equilibria. 
Shaded areas are approximate operating regions in water treatment practice; coagulation in these sys· 
tems occurs under conditions of oversaturation with respect to the metal hydroxide. 
Oversaturation is induced by adjusting the pH of incipiently acidic Fe(I1I) and AI(III) solutions. After 
initiation of the oversaturation, the hydrolysis of AI(I1I) and Fe(lII) progresses and charged multimeric 
hydroxo AI (III) and Fe(lII) species, the actual coagulants, are formed as intermediates; ultimately 
these intermediates polymerize to solid AI(III) and Fe(III)(hydr)oxides, respectively. 
(From Stumm and O'Melia, 1968) 
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pH); they are able to reverse the surface charge. While non hydrolyzed A13+ (at low 
pH) compresses the double layer, hydrolyzed AI(III) coagulants interact with the 
colloids through specific adsorption; the dose necessary for coagulation depends 
on the concentration of the colloids (acually their surface area concentration) (Fig. 
7.18). Stoichiometry prevails also in the removal of color. The AI added reacts 
largely by ligand exchange with the hydroxo groups of the coagulant hydroxo AI
species. 

AI(III) and Fe(III) salts are acids. The addition of these chemicals to water is simi
lar to an acidimetric titration of the water. As a result, the pH of the system after the 
addition of these coagulants will depend upon the coagulant dosage and the 
alkalinity of the water or waste water. Coagulation by Fe(III) and AI(III) polymers 
would be expected to exhibit restabilization (overdosing) and stoichiometry, if ad
sorption is important. 

Schematic curves of residual turbidity as a function of coagulant dosage at constant 
pH for natural waters treated with AI(III) or Fe(III) salts are presented in Fig. 7.18. 
Four curves are presented, each for a water containing a different concentration of 
colloidal material. The colloid concentration is represented by the concentration of 
colloidal surface/unit volume of suspension, 8 (e.g., as m2/liter). Each of these 
schematic coagulation curves is subdivided into four zones. In zone 1, correspond
ing to low dosage, insufficient coagulant has been added to bring about destabili
zation. Increasing the coagulant dosage produces destabilization and permits rapid 
aggregation (zone 2). A further increase in dosage can restabilize the dispersions 
at some pH level (zone 3). 

In zone 4, a sufficient degree of oversaturation occurs to produce a rapid precipita
tion of a large quantity of aluminum or ferric hydroxide, enmeshing the colloidal 
particles in what has been termed a "sweep floc". Fig. 7.18b is a schematic repre
sentation of the interrelationships between coagulant dosage and colloid concen
tration (m2/liter) at constant pH. At low colloid concentrations (81 in Fig. 7.18b), 
coagulation requires the production of a large excess of amorphous hydroxide 
precipitate. For systems containing a low concentration of colloid it has been pro
posed that insufficient contact opportunities exist to produce aggregates of even 
completely destabilized particles in a reasonable detention time. Such conditions 
may prevail in many water treatment plants when the turbidity of the raw water is 
low. 

At higher concentrations of colloid (82 and 83 in Fig. 7.18b), a smaller coagulant 
dosage is required than for coagulation which involves the precipitation of the 
metal hydroxide. In this region, increasing colloid concentration requires an in
creasing coagulant dosage; that is, a stoichiometry in coagulation is observed. The 
destabilization zone (zone 2) is observed to widen with increasing colloid concen
tration (curves for 82 and 83 in Fig. 7.18a). At very high colloid concentrations of the 
order encountered in sludge conditioning in wastewater treatment plants, a high 

-



278 Some Water-Technological Considerations 

coagulant dosage is required to destabilize the colloid (84). Under these circum
stances the coagulant (metal polymer) dosage required for destabilization may 
equal or exceed that required for the precipitative coagulation of dilute suspension. 

Colloid conc.=S, __ --..~ 
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Schematic representation of coagulation observed in jar tests using aluminum(lII) or iron(III) salts at 
constant pH. 

(From Stumm and O'Melia, 1968 and O'Melia, 1972) 

As pointed out by O'Melia, an understanding of these properties of hydrolyzing 
metal salts can be useful in coagulation practice. Consider first that AI (III) salts can 
be effective as coagulants in present practice in two ways, by adsorption to produce 
charge neutralization, and by enmeshment in a precipitate. The chemical dosage 
which is required depends upon how destabilization is achieved. High dosages of 
coagulant to produce a gelatinous metal hydroxide precipitate can be effective in 
these and other situations where low but objectionable concentrations of colloidal 
materials are present. AI (III) coagulants are also used to remove "color" from the 
water. The color is usually due to the presence of humic or fulvic acids. The re
moval of color is due to the formation of mixed AI(I1I) hydroxo-, humato-aggre
gates. At a given pH, the AI(III) needed is proportional to the color constituents of 
the waters. In waters that are both turbid and colored, the required total alum 
dosage is usually dictated by the concentration of color constituents. 

An additional method exists for the effective coagulation of low turbidity waters; that 
is, the addition of more particles in the form of a coagulant aid. Bentonite (a finely 
divided clay) and some forms of activated silica serve this function. 
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Flotation 

Flotation is a solid-liquid separation process, that transfers solids to the liquid sur
face through attachment of gas bubbles to solid particles. Flotation processes are 
used in the processing of crushed ores, whereby a desired mineral is separated 
from the gangue or non-mineral containing material. Various applications in solid 
separation processes are also in use in waste treatment. 

In flotation, all three states of matter - solid, liquid, gas - are involved and each of 
these involves surface chemistry. Among the various process steps that are in
volved are: 
1) The generation of gas (air) bubbles and the selective attachment of these 

bubbles to the particles to be removed; 
2) the addition of chemicals (additives) that adsorb (selectively) on the particles to 

render the attachment of air bubbles possible; 
3) the actual flotation process, the production of froth, the continuous operation in a 

flow through reactor. 

The Attachment of Air Bubbles. Particles are carried upward and are held in the 
froth if air bubbles can be attached to them. The adhesion of bubbles is only pos
sible if the particle surface is sufficiently hydrophobic. The contact angle (see 
Appendix Chapter 4) is an important variable related to the adhesion of bubbles to 
solid surfaces. As shown in Fig. A.4.1, Chapter 4, and by Youngs Equation (Eq. 
AA.3, Chapter 4) 

'YLV cos e = 'Ysv - 'YSL (7.14 ) 

As mentioned in the Appendix of Chapter 4, the contact angle e increases (cos e 
decreases) with increasing hydrophobic character of the solid surface ('Ysv < 'YSL) , 
i.e., extensive adsorption at the air-solid surface and minimum adsorption at the 
solid water interface is needed. 

Collectors are additives which adsorb on the particle (mineral) surface and prepare 
the surface for attachment to an air bubble so that it will float to the surface. Collec
tors must adsorb selectively to render a fractionation of different solids possible. 

Suitable collectors can render hydrophilic minerals such as silicas or hydroxides 
hydrophobic. An ideal collector is a substance that attaches with the help of a 
functional group to the solid (mineral) surface often by ligand exchange or electro
static interaction, and exposes hydrophobic groups toward the water. Thus, amphi
patic substances (see Chapter 4.5), such as alkyl compounds with C8 to C18 chains 
are widely used with carboxylates, or amine polar heads. Surfactants that form 
hemicelles on the surface are also suitable. For sulfide minerals mercaptanes, 
monothiocarbonates and dithiophosphates are used as collectors. Xanthates or 
their oxidation products, dixanthogen (R - 0 - C - S -)2 are used as collectors for 

II 
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many ores. The S-group can specifically sorb (ligand exchange) for example to 
lead and copper ores in reactions such as 

=:oPb - OH + S(CSOR)2 ---. =:oPb - S(CSOR)2 + OH- (7.15) 

Frothing Agents are intended to stabilize the particle (mineral)-air mixture (foam) at 
the surface of the flotation tank. Alkyl or amyl alcohols in the Cs to C12 range are 
typical frothers. They lower 'Ysv which is beneficial to the stability of the foam; to 
some extent collectors and frothers may counteract in their effects so that com
promise conditions must be selected. 

7.9 Bacterial Adhesion; Hydrophobic and Electrostatic Parameters 

In many natural and technical systems metabolically active bacteria are found to be 
associated with interfaces. Bacterial adhesion is of importance in the formation of 
biofilms. Interaction of bacteria in soils is of great importance. Biof/occulation, the 
aggregation of microorganisms in biological waste treatment, is essential for the 
functioning of biological waste treatment. It has been proposed by many investiga
tors, e.g., Busch and Stumm (1968), that polymers which are either excreted by 
microorganisms or exposed at the surface of cells are responsible for the aggrega
tion of microorganisms. Such polymers were shown to accumulate under condi
tions of declining bacterial growth. These polymers were also shown to destabilize 
hydrous oxide colloids. 

Van Loosdrecht et al. (1990) have investigated systematically the adhesion of 
microorganisms to solid surfaces in aquatic environments and describe the initial 
adhesion process in terms of a colloid-chemical theory. Obviously, bacteria are not 
inert colloidal particles. Their cell surfaces and their characteristics can change with 
alterations in environmental conditions. 

Following the arguments by Van Loosdrecht et al. (1990) schematically the inter
action between the (negatively charged) cell surface and the solid surface - a 
sulphated polystyrene surface (hydrophobic, negatively charged) - in presence of 
polymers, that have adsorbed to both surfaces can be shown to be caused by vari
ous interaction energies between the two partially or totally polymer-coated sur
faces (Fig. 7.19). The effects of polymers have been interpreted (Van Loosdrecht et 
aI., 1990) as follows: 
i) The presence of the adsorbed polymer layer may quantitatively change the 

van der Waals interaction (Ga) and the electrostatic interaction (Gel). 
ii) When polymers adsorb and coat both bacteria and solid surface completely, 

an extra repulsive interaction (Gs ) has to be added due to steric hindrance. 
Such an effect is schematically shown in Fig. 7.19a. 
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a) Schematic representation of interaction between likewise·charged completely polymer coated· 
surfaces. 
Ga: van der Waals interaction 
Gel: electrostatic interaction 
Gs: steric interaction 
Gt: total interaction 
H: distance between the two surfaces 

b) Schematic representation of interaction between likewise-charged partly polymer coated-surfaces. 
Ga: van der Waals interaction 
Gel: electrostatic interaction 
Gb: bridging interaction 
Gr total interaction 
H: distance between the two surfaces 

(From Van Loosdrecht, Norde, Lyklema and Zehnder, 1990) 
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Relation between bacterial adhesion to SUlphated polystyrene (A) and cell surface characteristics as 
determined by electrophoretic mobility and contact angle measurement. Results were obtained by 
interpolating the data points for the adhesion of 17 different strains of bacteria. 
(From Van Loosdrecht et aI., 1990) 
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iii) If only one of the surfaces is covered with polymers, or if both surfaces are 
partly covered with polymers, one and the same polymer molecule may attach 
to both surfaces, thereby forming a "bridge" between the two surfaces. This 
bridging represents a strong binding and therefore lowers the Gibbs energy 
(Fig. 7.19b). 

iv) When the adsorbed polymers bear charges, i.e., when they are polyelectro
Iytes, as with proteins, the effects of these charges have also to be considered. 

For ii) and iii) loosely structured layers are required, and the chains must protrude 
into the solution over a distance exceeding the thickness of the electrical double 
layer so that on approach of the surfaces, the adsorbed layers interfere before the 
electrical double layers overlap. 

Hydrophobicity of the bacterial surface affects the van der Waals interaction by 
changing (increasing) the Hamaker Constant Absw (valid for the interaction of a 
bacterium (b) with a surface (s) in water (w) (Eq. (3) and footnote c in Table 7.3). As 
we have seen in the Appendix of Chapter 4, the extent of hydrophobicity is related 
to the contact angle which is formed by a drop of water on a layer of a bacterial cell. 
(The larger the contact angle the more hydrophobic is the surface.) 

Electrophoretic Mobility is a measure of the electrostatic interaction between the 
surfaces. 

The relation between cell surface characteristics and bacterial adhesion to polysty
rene is shown in Fig. 7.20. Obviously, the adhesion process can be satisfactorily 
described. Interestingly different bacteria are characterized by remarkably different 
contact angles; furthermore, the contact angle, i.e., the hydrophobility may change 
depending on growth conditions. As can be seen from Fig. 7.20, surface hydro
phobility is the dominant characteristic. At high contact angle complete adhesion is 
found. However, at more hydrophilic cell surfaces, the electrophoretic mobility (Zeta 
Potential) becomes more influental. 

7.10 Colloids; The Use of (Membrane) Filtration to separate "Particulate" 
from "Dissolved" Matter 

In natural waters and soil and sediment systems one needs to distinguish analyti
cally between dissolved and particulate material. Fig. 7.1 classifies various types of 
particulate and dissolved materials. Obviously, operational distinguishing (e.g., 
based on filtration or centrifugation) between "dissolved" and "particulate" matter 
merely by filtration is often not able to discriminate between particles and solutes, 
because size distribution of aquatic components vary in a continuous matter from 
Angstmms to microns. 



Colloids; The Use of (Membrane) Filtration 283 

The use of filters and membranes of different pore size to accomplish a sequential 
size fractionation is in principle, and under certain circumstances, possible; it was 
proposed (for literature see Buffle, 1988 and 1991) to estimate the size of the vari
ous colloids and macromolecules; and to determine to which extent trace elements 
(particularly metals) are associated with various size categories of colloids and 
macromolecules. Such sequential size fractionation techniques need to be applied 
with extreme caution; we list some of the reasons why these techniques may yield 
errorous results (for details consult Buffle, 1991): 
1} Although most particles, larger than a given pore size, are normally retained, 

many smaller particles (sometimes 10 - 1000 times smaller than the pore size) 
may also be retained. If above and within a pore depth filtration occurs (see 
Chapter 7.6 and Fig. 7.12); colloidal particles smaller than the pore size become 
attached to the larger particles. Furthermore the pore size distribution of mem
brane filters is often non-narrow. 

2} Coagulation occurs in the bulk sample and in the filter. Because of the long 
times involved in the filtration through < 1 11m pores, coagulation in the bulk 
sample (and in the suspension above the filter) occurs. For the particle concen
trations typically encountered in many natural waters (105 - 109 particles cm-3) 

coagulation of half of the particles occur over a period of hours or days, depend
ing on chemical conditions (Eqs. 7.9 - 7.11); i.e., filtration must be done as 
quickly as possible after sampling. Furthermore, coagulation on and in the filter 
occurs; its extent increases with the flow-rate used for filtration (Eq. 7.12 and Fig. 
7.2). 

3} The interaction of solutes (especially adsorption) with the filter material and the 
retained particles. The problem is especially serious with trace elements (heavy 
metals) that adsorb especially at pH values of 7 and above on filter walls and on 
the filter materials (glass, acrylic copolymers, cellulose esters, polycarbonates 
etc.). One also needs to consider that 
i} trace metal concentrations are often below 10-8 M (Figs. 7.21 a, b, c, d illus

trate some of the problems mentioned for iron(III}hydroxiphosphate par
ticles); and 

ii} that the retained particles and the filter material is charged, that the concen
tration of solutes and colloids change during filtration, and that adsorption 
occurs as a consequence of double layer properties and of chemical inter
action with functional groups. 

There is no perfect way to distinguish between what is conceptually dissolved and 
what is non-dissolved (particulate). Ion-selective electrodes respond selectively to 
solute ions but are often not sufficiently selective. One other possibility is to use 
voltammetric techniques on Hg (or other) electrodes in presence of colloids without 
prior centrifugation or filtration. Gon<;alves et al. (1985, 1987), MOiler and Sigg 
(1990) (ct. Chapter 11.3). 

The arbitrary limit of a pore size of 0.2 - 0.5 11m in many sampling procedures has -
besides all disadvantages - also some advantages: particles not retained by such 
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filters do not settle down in natural waters within days and "move" with the solutes; 
most bacteria and other organisms (except virusses) are retained by these filters 
and thus the filtered sample is often nearly sterile and less subject to microbially 
mediated changes. On the other hand, one needs to realize that the thermo
dynamic basis of all solution and heterogeneous equlibria (including adsorption 
and solubility equlibria) refers to the conceptually defined solutes. 
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a,b,c) Size distributions of iron oxihydroxiphosphate particles obtained by transmission electron 
microscopy (true distribution), syringe filtration on Nuclepore polycarbonate filters and 
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interface of an eutrophic Lake Sret (Switzerland). (From Suttle, Perret and Newman, 1992) 

d) Fraction of iron particles retained on 3.0 11m membranes, as a function of flow-rate .• NUcle
pore polycarbonate; 0 Schleicher and Schue" cellulose nitrate (from Perret, 1989). In the 
absence of coagulation or adsorption, no particle should be retained. (From Suttle, Perret and 
Newman, 1992) 
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Interstitial Water. The differentiation between solutes and particles is of great im
portance in the sampling of interstitial water. Most conveniently so-called peepers 
are used. These consist usually of plexiglass plates in which small compartments 
(0.5 cm deep and 0.5 - 1 cm high) are separated from the sediments by a dialysis 
membrane. The compartments are initially filled with degassed distilled water. After 
1 - 2 weeks for equilibration subsequent to the retrieval of the peeper, the "dis
solved" components are measured in each component. For this type of application 
the pore size does not seem to be very critical; colloids do not seem to accumulate 
in the compartments (low diffusion coefficients). 

Davison et al. (1991) have proposed to use devices with probing compartments 
filled with gels. Very high resolutions on vertical concentration gradients can be 
obtained this way. 



Appendix 

Distribution Coefficients, Possible Artefacts 

Distribution coefficients describe in a summarizing way the distribution of an ele
ment between the dissolved and solid phases. They are conditional constants valid 
for a given pH, temperature and other conditions; they are independent of the con
centrations of solids in water. They are usually defined (Chapter 4.8) as 

Cs 
Ko = Cw [m3 kg-1] (A.?1}1) 

where Cs is the concentration in the solid particles [mol kg-1] and Cw is the (dis
solved) concentration in water [mol m-3]. Distribution coefficients for metal ions (and 
ligands) can be derived from surface complex formation equilibira (see Table 11.1). 

Particle Concentration Effect. Experimental data often show a "particle concentra
tion effect", i.e., the Ko decreases with the concentration of particles. Such observa
tions are in contradiction with thermodynamics. Various "artefacts" could account 
for this observation (Morel and Gschwend, 198?): 
1} equilibrium was not attained in these measurements; 
2} the porous solid contains, within the separated solid phase, water and this water 

contains solutes; or 
3} the analytically determined dissolved concentration (i.e., within the water phase 

separated by filtration or centrifugation) contains colloids. 

We will analyze the latter case and follow the argumentation given by Morel and 
Gschwend (198?). Distinguishing between particles (that are retained in filters or 
that are separated in centrifugation) and colloids (that are in the filtrate or super
natant) we can characterize an "observed" distribution coefficient. 

mol adsorbed to particles 

KOobserved [ mkg3] = _-:--::---;---;-_-:--:----'cm:-:..::a:..::s'7s~o"_;f -,,-p.:::arc:.;t i=c~1 e-=,s ---:-___ -;---;-;--:--;-
mol dissolved mol adsorbed to colloids x mass of colloids 
volume water + mass of colloids volume water 

If we define 

mol adsorbed to particles 
mass of particles K p = --'-'-':';':';:":'--=--'~::':"":':";~'---

mol dissolved 
volume of water 

1) The unit e kg-1 is often used. 
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(A.?3) 



and 

mol adsorbed to colloids 
mass of colloids Kc = ----=-=='-=....::...::..:..:...:::..:..=..::....-

mol dissolved 
volume of water 

[m3 kg-1] 

d h b I M f mass of colloids [k 3] 
an we use t e sym 0 c or volume of water g m-
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(A.7.4) 

b . (d··d . E (A 7 2) d d . b mol dissolved ) we 0 taln IVI e rn q. .. numerator an enomrnator y volume water 

K
o bserved _ Kp 
D - 1 + KcMc (A.7.5) 

If, as might be expected, the unfilterable solid concentration covaries with the total 
solid concentration, then at high solid concentrations (KeMe > 1) a decrease in the 
apparent partition coefficient with increasing Me will result (see Morel and 
Gschwend, 1987). 

The "Solid Concentration" Effect due to Polydispersed Solutes. An adsorption con
stant or a distribution coefficient usually characterizes the adsorption equilibrium of 
a single solute. In many natural circumstances a large number of solutes compete 
with each other for the available surfaces sites. This is especially so for organic 
solutes such as fulvic or humic acids or naturally present surfactants. The concen
trations of such polydisperse substances are characterized by collective para
meters, such as humic acids, fulvic acids, dissolved organic carbon. Langmuir, 
Frumkin or Freundlich adsorption equations are often used to represent adsorption 
equilibria. Although mathematically convenient, adsorption data may often show a 
good fit to these isotherms, a rigorous molecular interpretation is rendered difficult. 
Especially the values of apparent adsorption constants, e.g., evaluated from 
Langmuir plots (or distribution coefficients), decrease with increasing particle con
centration while the maximum adsorption density, r max, is nearly independent of 
particle concentration. This is readily explained (Zutic andTomaic, 1988) with a 
preferential adsorption of higher molecular weight fractions (adsorption constants 
increase with increasing molecular weight). The fractionation effect increases with 
increasing particle concentration. Thus, it is inappropriate to predict the adsorption 
behavior of humic acids or of other polydispersed solutes by mere extrapolation of 
laboratory experiments performed with high particle concentrations. 
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Chapter 8 

Carbonates and their Reactivities 

8.1 Introduction 

Carbonate minerals are among the most reactive minerals found at the earth's sur
face. Dissolution of calcite and dolomite, the two most preponderant carbonates 
exposed to weathering, represents ca 50 % of the chemical denudation of the con
tinents. CaC03 and other carbonates are also important minerals in aquifers. Ca2+, 
Mg2+ and HC03 are the most abundant ions present in natural waters (Wollast and 
Mackenzie, 1983). The carbonate minerals are an essential part of the natural car
bon cycle and its alteration by human activities. The formation of carbonate min
erals, their nucleation and crystal growth, and their dissolution and the diagenesis 
of carbonate sediments are important processes in the global cycling of elements. 
An understanding of these processes depends on an appreciation of the surface 
chemistry of carbonate minerals. 

To highlight one example of a surface process of global significance, we repeat 
here (Chapter 5.1) a brief account on carbonate weathering and CaC03 precipita
tion: 

The rate of chemical weathering is related to the rate of CO2 consumption. Con
sider first the dissolution of carbonates 

(8.1 ) 

but the HC03 and Ca2+ ions produced by carbonate weathering are precipitated 
again in the ocean (mostly through incorporation into marine organisms) as CaC03 
(reversal of reaction (8.1 )); thus, the CO2 consumed in the dissolution is released 
again upon formation of CaC03 in the ocean. Although the weathering of carbonate 
minerals is much faster than that of silicate weathering, it has been shown (Berner 
and Lasaga, 1989) that silicate weathering is more important than carbonate 
weathering. The weathering of calcium silicate (written here in a simplified way) 

(8.2) 

also produces Ca2+ and HC03 which form CaC03 in the sea. But in (8.2) we need 
stcechiometrically 2 CO2 per calcium bicarbonate produced; thus, only half of the 
CO2 consumed in the silicate weathering is released and returned to the atmo
sphere upon CaC03 formation. Thus, silicate weathering results in a net loss of 
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atmospheric CO2 , Of course, ultimately, the cycle is completed by metamorphic and 
magmatic breakdown deep in the earth, of CaC03 with the help of Si02, a reaction 
that may be represented in a simplified way as CaC03 + Si02 = CaSi03 + CO2, 

Knowledge of the dissolution and precipitation of minerals is also necessary for the 
quantitative evaluation of geochemical processes in the oceanic system. 

We already touched on some aspects of carbonate surface chemistry e.g., in 
Chapter 3.4. We have already illustrated some of the factors that affect surface 
charge and the point of zero charge, pHpzc , in Chapter 3.5, and have discussed 
certain elementary aspects of CaC03 nucleation in Chapter 6.5 and of coprecipita
tion (and solid solution formation) in Chapter 6.7. 

8.2 Dissolution and Crystal Growth of Carbonates 

Dissolution of carbonates can only occur if the solution is thermodynamically 
undersaturated, pH is an important variable affecting the saturation ratio (Appendix 
8.1 gives a brief review of the CaC03 solubility characteristics in open and closed 
systems). 

At very low pH, the rate of dissolution is so fast that the rate is limited by the trans
port of the reacting species between the bulk of the solution and the surface of the 
mineral (Berner and Morse, 1974). The rate can then be described in terms of 
transport (molecular or turbulent diffusion) of the reactants and products through a 
stagnant boundary layer, O. The thickness of this layer depends on the stirring and 
the local turbulence. (See Chapter 5 for a discussion of transport vs surface con
trolled processes.) 

But within the pH range of natural waters, the dissolution (and precipitation) of car
bonate minerals is surface controlled; i.e., the rate of dissolution is rate determined 
by a chemical reaction at the water-mineral interface. Fig. 8.1 gives the data on the 
dissolution rates of various carbonate minerals in aqueous solutions obtained in 
careful studies by Chou and Wollast (1989). 

The dissolution rate for calcite and aragonite have been described in terms of the 
following rate law (Plummer et aI., 1978; Busenberg and Plummer, 1986; Chou and 
Wollast, 1989. 1) 

(8.3) 

The last term in Eq. (8.3) is only important close to the carbonate saturation equilib-

1) These authors used activities instead of concentrations but at constant ionic strength (constant 
ionic medium scale), the rate law can be written in terms of concentrations. 
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rium. Fig. 8.2 illustrates the pH-pco2 domains where the [W] dependence (first term 
on the right hand side of Eq. (8.3)), the Pco2-dependence (second term) and the 
third term (H20) are primarily operative in the CaC03 dissolution. 
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Dissolution rate of carbonates as a function of pH. These experiments were carried out with a continu
ous flow reactor in open systems with controlled PC0
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The rate law of Eq. (8.3) has been interpreted in terms of the following dissolution 
reactions which occur as parallel reactions. 

kl 
CaC03(s) + W .. Ca2+ + HCOj (8.4) < 

k-l 

k2 
CaC03(s) + H2CO; .. Ca2+ + 2 HC03 (8.5) < 

k-2 

k3 
Ca2+ + C~-CaC03(s) " (8.6) < 

k-3 

In the rate law (8.3), the back reactions of (8.4) and (8.5) have been neglected 
because usually the system is sufficiently far from equilibrium. 

Surface Reactions. As we have seen from the dissolution of oxides the surface
controlled dissolution mechanism would have to be interpreted in terms of surface 
reactions; in other words, the reactants become attached at or interact with surface 
sites; the critical crystal bonds at the surface of the mineral have to be weakened, 
so that a detachment of Ca2+ and CO~ ions of the surface into the solution (the 
decomposition of an activated surface complex) can occur. 

Eq. (8.3) and its relationship to the reactions (8.4) - (8.6) may give us valuable 
clues on the formation of the precursors of the surface activated complex. As we 
have seen with oxides and silicates, charge (or potential) determining ions are of 
great influence on the dissolution kinetics because - as their definition implies -
they interact chemically with the surface. Charge determining species for CaC03(s) 
(cf. Chapter 3.5) are, W, Ca2+, HC03 and H2C03. 

Recent studies with the Atomic Force Microscope (Gratz et aI., 1991) revealed inter
esting insight into calcite dissolution reactions at the near-atomic scale. Generally, 
surface dissolution was observed only at steps (both at pits and to a lesser extent at 
monomolecular ledges) and not in terraces. Dissolution occurred by removal of 
molecules from pre-existing steps. These authors also observed simple growth 
sequence wherein CaC03 monolayers were deposited on the calcite surface by 
uniformely advancing ledges. 

In making experiments with CaC03, be it on dissolution or on crystal growth, it is 
essential that we know the variables or keep as many of them constant. Since 
these rates are dependent on pH and on surface charge, it is essential that we 
realize that the CaC03 in equlibrium with the solution at a given pH, has different 
concentrations of W, Ca2+, HC03, CO~- and CO2 x aq and different surface charge 
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characteristics depending on how this pH has been adjusted. Much of the discrep
ancy in the literature can be accounted for by not considering whether the pH has 
been adjusted i) in a closed system, ii) in an open system and constant PC02 by 
adding acid or base, or iii) by simply changing in a CaC03, H20, CO2 system the 
nearly zero (see Appendix 8.1), while in case (i) a decrease in [W] will result in a 
concommittant increase in [CO~-] and decrease in [Ca2+]. Thus, in the latter case 
there are some compensating effects, in the sense that the two oppositely charged 
bivalent charge determining ions change with pH according to 

= 
d [C~-] . h.1 d [HCOj] 0 
dpH =1,wle dpH = (8.7) 

In case of dolomite and magnesite dissolution a dependence on a fractional order 
of [W] has been observed, indicating that adsorption of charge determining ions is 
involved. 

Walter and Morse (1984) were able to document the relative importance of micro
structure for the dissolution of biogenic carbonates. Biogenic magnesian calcites 
are structurally disordered and chemically heterogeneous. Both these factors play 
a role in the reactivity of these minerals in natural systems. 

8.3 The Crystal Growth of CaC03 (Calcite) 

The crystal growth of calcite has been studied by Plummer and coworkers (1978), 
by Kunz and Stumm (1984) and by Chou and Wollast (1989) to correspond to the 
backward rate of dissolution (Eq. 8.3). 

d [CaC03] 2+ n2 + 
Rtot = d dt = k3 rCa ] [CV3-] + k_1 [Ca2 ] [HCOj] (8.8) 

Since most natural waters are near saturation this reversal of the rate law would 
appear to be in line with the concept of microscopic reversibility of the forward and 
backward reaction steps. Some data are given in Fig. 8.3. 

As we have seen in Chapter 6, the crystal growth has to be preceded by nucleation 
(Fig. 6.7). In fresh waters this nucleation occurs heterogeneously on particle sur
faces. In seawater nucleation occurs primarily upon the templates of calcareous 
organisms. 
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Data on the CaC03 crystal growth (200 C) carried out under conditions of constant PC0
2

. The data are 
plotted in line with Eq. (8.8) as 

where k..1 and k3 are obtained from intercept and slope. 

(From Kunz and Stumm, 1984) 

8.4 Saturation State of Lake Water and Seawater with Respect to 
CaC03 

Photosynthesis occurring in the upper layers of the oceans and of lakes removes 
CO2 from the water and raises the saturation ratio of CaC03. In a simplified way: 

P 
CO2 H2O '" CH20 + O2 + .. 

R 

Ca2+ + 2 HCOj '" CaC03 + CO2 + H2O ... 
p 

Ca2+ + 2 HCOj "" CaC03 + CH20 + O2 (8.9) .. 
R 
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a 

b c d 

Figure 8.4 

Forms of CaC03 in lake water and in ocean 
a) calcites from lake water interconnected into aggregates. Diatoms (arrow) are overgrown with calcite 
b) calcareous pelagic plants (cocolithophores) (diameter - 10 11m) 
c) animals (foraminifera 100 11m diameter) 
d) pelagic pteropod (1000 11m diameter) 

(Figs. b), c), d) from Morse and Mackenzie, 1990) 

As a consequence of photosynthesis, P, CaC03 is precipitated in the top layers. In 
the deeper layers respiration, R, of the phytoplankton and its debris in the deeper 
water layers causes the dissolution of CaC03 (cf. 8.1). Fig. 8.4 illustrates the type of 
carbonates formed and Fig. 8.5 gives for Lake Constance saturation ratios (0 = ~; 
cf. Chapter 6) 1) and the corresponding sedimentation fluxes of CaC03 into the sedi
ments. Obviously the settling of CaC03 represents a significant sedimentation load 
("conveyor belt") 

1) In Chapter 6 the saturation ratio was denoted as S. 
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Saturation ratios of CaC03 in Lake Constance and the corresponding sedimentation load. 
(From Sigg, Sturm, Davis and Stumm, 1982). 

The saturation ratio, n, as a function of depth is given for the Atlantic, Indian and 
Pacific Oceans in Fig. 8.6. The equilibrium saturation is also given in this figure for 
aragonite. Because of the greater solubility of aragonite, the water column be
comes undersaturated with regard to aragonite at smaller depths than for calcite. 
The Mediterranean Sea is supersaturated everywhere with respect to calcite as 
well as to aragonite. 

Planktonic foraminifera and cocolithophores are composed of low magnesian cal
cite « 1 mol % MgC03). Benthic foraminifera are formed of either aragonite or high 
magnesian calcite. Pteropods are the most abundant aragonite organisms. 

Growth of Concretions. In sedimentary rocks we commonly find concretions, that is, 
material formed by deposition of a precipitate, such as calcite or siderite, around a 
nucleus of some particular mineral grain or fossil. The origin of most concretions is 
not known but their often-spherical shape with concentric internal structure sug
gests diffusion as an important factor affecting growth. The rate of growth, if diffu
sion-control/ed is readily amenable to mathematical treatment. Berner (1968) has 
provided some idea of the time scale involved in the growth of postdepositional 
concretions. His calculations illustrate, for example, that for a typical slowly flowing 
groundwater, with a supersaturation in CaC03 of 10-4 M (assumed to be constant), 
the time of growth of calcite concretions ranges from 2500 years for concretions of 
1-cm radius to 212,000 years for those of 5-cm radius. Hence concretion growth, if 
diffusion and convection is the rate-controlling step, is relatively rapid when con
sidered on the scale of geological time. 
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1.4 1.6 

Figure 8.6 

Saturation profiles for the northern Atlantic and Pacific oceans, and the central Indian Ocean 
(GEOSECS stations 31, 221, 450). 
(From Morse and Mackenzie, 1990) 

8.5 Some Factors in the Diagenesis of Carbonates 

In carbonate diagenesis 1) we deal usually with a combination of low supersatura
tion and absence of mechanical agitation. Homogeneous nucleation will certainly 
not occur. The important factors to be investigated are heterogeneous nucleation 
and rates of growth and dissolution of crystals. 

Growth Inhibitors. Because the rate-determining step is frequently controlled at the 
interface, small amounts of soluble foreign constituents may alter markedly the 
growth rate of crystals and their morphology. The retarding effect of substances that 
become adsorbed may be explained as being due primarily to the obstruction by 
adsorbed molecules to the deposition of lattice ions. In some cases it has been 
shown that the rate constant for crystal growth is reduced by an amount reflecting 
the extent of adsorption. 

The effects of trace concentrations of dissolved organic matter and of orthophos
phates (Berner and Morse, 1974) and polyphosphates as "crystal poisons" (e.g., 
inhibiting the spread of monomolecular steps on the crystal surface by becoming 

1) Diagenesis refers to the sum total of processes that bring about charges in sediment or sedimen· 
tary rock subsequent to deposition in water. The processes may be physical or chemical or biologi· 
cal in nature and may occur at any time (Berner, 1986). 
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adsorbed on active growth sites such as kinks) on the nucleation and growth of 
calcite have been investigated in some details. 

Another category of inhibition may be exerted by cations or anions that become ad
sorbed on active growth sites. Well-hydrated Mg2+ interferes with the formation of 
calcite, apatite, and many other minerals. 

Finally, ions that become adsorbed on the surface of nuclei or crystallites may 
become incorporated into the growing crystals, that is, solid solutions are formed. 
These solid solutions may be more soluble than the pure solid phases; the inhibi
tion may then be due to an reduction in the degree of supersaturation. 

It is interesting to note that many crystal poisons not only interfer with nucleation 
and the growth of crystals but may also retard their dissolution. As we have seen 
(Chapter 6), precipitation and dissolution of solids proceed by the attachment or 
detachment of ions most favorably at kink sites of the crystalline surface. Solutes 
such as organic substances, or phosphates may upon adsorption immobilize kinks 
and thus retard dissolution. 

8.6 Coprecipitation Reactions and Solid Solutions 

Carbonate minerals in natural systems precipitate in the presence of various other 
solutes: This trace amounts of all components present in the solution may get 
incorporated into the solid carbonate minerals ("coprecipitation"). 

The uptake of a cation into a carbonate is thought to proceed via adsorption, even
tually leading to surface precipitation and formation of a solid solution. Kinetics of 
cation adsorption occurs usually in subsequent steps; the specific adsorption, Le., 
the transfer at a carbonate surface from the solution phase into the adsorbed state 
must be assumed for most cations to be very fast. Most likely its rate is related to the 
rate of water exchange (cf. Chapter 4.4). Two examples of the rates of uptake or 
carbonate surfaces are given in Fig. 8.7. 

Davis et al. (1987) proposed a model for the kinetics of Cd(II) sorption on CaC03 . 

In an initial fast step Cd(II) becomes adsorbed on a hydrated layer of the calcite 
surface (see Chapter 3.4 and Eqs. 3.11 a and 3.16). Subsequently, in a slow step 
surface precipitation occurs. In separate experiments on the Ca2+ exchange rate 
(accomplished with 45Ca isotopes) these authors showed that there is a slow long 
term recrystallization taking place. In the presence of Cd2+ the new crystalline 
material may grow as a solid solution rather than as pure calcite. If it is assumed 
that the rate of crystal growth remains unchanged in the presence of traces of Cd2+, 
then the ratio of mol fractions of CdC03 and CaC03 in the new crystalline material 
may be equated with the ratio of the rates of Cd sorption and Ca isotopic exchange 
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Rates of metal ion adsorption on carbonate surfaces: 
a) Mn(II) on siderite; 
b) Cd(II) on calcite. 
In both cases the solid carbonate was in saturation equilibrium (constant pco2). The data show that the 
removal of Mn(II) or Cd(II) from solution occurs in at least two stages . 
• logTOTMn = -3.61, log TOT Fe = -1.12 
o log TOT Mn = -3.38, log TOT Fe = -1.02 
o log TOT Mn = -4.59, log TOT Fe = -1.19 
• log TOT Mn = -4.34, log TOT Fe = -1.24 

Fig. a) from Wersin, Charlet, Karthein and Stumm (1989) 
Fig. b) from Davis, Fuller and Cook (1987) 

in this second stage of adsorption. The distribution coefficient XCdCO / XCaC~ on the 
CaC03 surface was found for a given situation (Davis et aI., 1987) fo be ca. 1500 ± 
300. 

The equilibrium constant for the solid solution reaction 

10-8 .3 
CaC03(s) + Cd2+ = CdC03(s) + Ca2+; Kx = 10-11 .3 =1000 (8.10) 
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The equilibrium value in (8.10) and the experimentally determined value is of the 
same order of magnitude. Plausibly, the activity coefficient of CdC03(s) could be 
somewhat smaller than 1. 

The processes described and their kinetics is of importance in the accumulation of 
trace metals by calcite in sediments and lakes (Delaney and Boyle, 1987) but also 
of relevance in the transport and retention of trace metals in calcareous aquifers. 
Fuller and Davis (1987) investigated the sorption by calcareous aquifer sand; they 
found that after 24 hours the rate of Cd2+ sorption was constant and controlled by 
the rate of surface precipitation. Clean grains of primary minerals, e.g., quartz and 
alumino silicates, sorbed less Cd2+ than grains which had surface patches of 
secondary minerals, e.g., carbonates, iron and manganese oxides. Fig. 6.11 gives 
data (tirr.e sequence) on electron spin resonance spectra of Mn2+ on FeC03(s). 

Recent work by Stipp and Hochella (1991) provide evidence for the processes of 
reconfiguration and hydration at the calcite surface. These results may provide a 
basis for future spectroscopic studies of trace metal adsorption and subsequent 
solid-solution formation. 

Figure 8.8 
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Solubilities of the Mg-calcite as a function of M9CO~ constant. The solubility is expressed in line with 
Eq. (8.11) as IAPMg-calcite = (ca2+ )(1-X) (Mg2+ r {CO -). The solid curves represent the general trend 
of results on dissolution of biogenic and synthetic Mg-calcites. The curve fitting the data of Plummer 
and Mackenzie (1974) is dashed. The various points refer to the results of different researches. (For 
the origin of the data see Morse and Mackenzie, 1990.) (lAP = ion activity product.) 
(Modified from Morse and Mackenzie, 1990) 
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Non-Ideality of Surface Precipitates or of Solid Solutions 

The phenomena of surface precipitation and isomorphic substitutions described 
above and in Chapters 3.5, 6.5 and 6.6 are hampered because equilibrium is 
seldom established. The initial surface reaction, e.g., the surface complex formation 
on the surface of an oxide or carbonate fulfills many criteria of a reversible equilib
rium. If we form on the outer layer of the solid phase a coprecipitate (isomorphic 
substitutions) we may still ideally have a metastable equilibrium. The extent of 
incipient adsorption, e.g., of HPO~- on FeOOH(s) or of Cd2+ on calcite is certainly 
dependent on the surface charge of the sorbing solid, and thus on pH of the solu
tion etc.; even the kinetics of the reaction will be influenced by the surface charge; 
but the final solid solution, if it were in equilibrium, would not depend on the surface 
charge and the solution variables which influence the adsorption process; i.e., the 
extent of isomorphic substitution for the ideal solid solution is given by the equilib
rium that describes the formation of the solid solution (and not by the rates by which 
these compositions are formed). Many surface phenomena that are encountered in 
laboratory studies and in field observations are characterized by partial, or metasta
ble equilibrium or by non-equilibrium relations. Reversibility of the apparent equilib
rium or congruence in dissolution or precipitation 1) can often not be assumed. 

8.7 Magnesian Calcite 

It is doubtful that formation and dissolution of any mineral in low temperature aque
ous solutions has been more fully investigated than the magnesian calcite. This 
mineral is a preponderant carbonate phase, mostly of biogenic origin, in seawater. 
Fig. 8.8 gives some data on the solubilities of Mg-calcites as a function of MgC03 
content. 

Another source of divergence is the use of different models for the aqueous carbon
ate systems. Precipitation and dissolution experiments can be carried out in closed 
or open systems and various ways of pH-adjustments (see 8.2). 

Analyses of natural calcites, formed at low temperatures, show MgC03 contents of 
up to 30 mol %. 

Let's consider first a formal (equilibrium) approach to the solubility of Mg-calcite 
and compare its solubility with that of CaC03 (calcite or aragonite) 

Cap-X) Mgx C03(s) = (1-x)Ca2+ + xMg2+ + C~- ; Keq(x) (8.11) 

1) The term incongruent is generally used, if a mineral upon dissolution reacts to form a new solid or if 
the reversal of a dissolution process leads to a different composition. In natural environments in
congruent solubility is probably more prevalent, e.g., in weathering of many clays, than congruent 
dissolution. 
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Ca2+ + CO~- = CaC03(s) (8.12) 

(8.13) 

([Mg2+])x - K K-1 
[Ca2+] - eq(x) sO(CaC03) 

(8.14) 

If a Mg-calcite is in contact with a solution whose ([Mg2+] / [Ca2+])x ratio is smaller 
than Keq(x)K~b(caC03)' the Mg-calcite is less stable than CaC03(s). For example (at 
25° C) a 10 mol % Mg-calcite (-log Keq(10) ::: 8.0) is less stable than calcite (-log 
Kso = 8.35) or aragonite (-log Kso = 8.22) if the concentration or activity ratio is 
smaller than 102 or 103.5 , respectively. Thus, high Mg-calcite should be converted 
in marine sediments into calcite or aragonite. The conversion to aragonite has 
been observed. As the Mg-calcite is dissolved, Mg2+ becomes enriched in the 
solution (incongruent dissolution) and a purer CaC03(s) is precipitated. As Fig. 8.8 
suggests low Mg-calcites (x = 3-4 mol %) are probably stable in comparison to 
calcite. Higher Mg-calcites - although thermodynamically unstable - may persist 
for considerable time periods. 

Some of the differences in solubilities are also related to different disordering of the 
crystal surface. As shown by Bishop et al. (1987) with Raman investigations, the 
biogenic phases are characterized by greater positional disorder than synthetic 
minerals of the same composition. 

The fact that the carbonates of foraminifera burried in marine sediments can be 
used as a "memory storage" for Cd2+ present in the sea when the foraminifera were 
formed (Delaney and Boyle, 1987) is evidence for the non-reversibility or extremely 
slow reversibility of biogenic mineral carbonates. 

The experimental controversy on surface and solubility characteristics goes on. It is 
beyond the scope of this chapter to review the various theories. Some of the dis
crepancies can be accounted for that surface processes attain relatively fast certain 
degree of metastability while the attainment of an equilibrium even within long-time 
periods cannot be accomplished. 

Morse and Mackenzie (1990) point out the two fundamental problems: 
1) In most experiments to calculate solubilities the magnesian calcites have been 

treated as solids of fixed compositions of one component, whereas they are 
actually a series of at least two-component compounds forming a partial solid 
solution series. 

2) Magnesian calcite phases dissolve incongruently, leading to a formation of a 
phase different in composition from the original reactant solid. 
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D%mite is one of the most abundant sedimentary carbonate minerals but its mode 
of formation and its surface properties are less well known than for most other car
bonate minerals. As we have mentioned, the nucleation of dolomites and its struc
tural ordering is extremely hindered. There is a general trend for the "ideality" of 
dolomite to increase with the age of dolomite over geological time (Morse and 
Mackenzie, 1990). Most dolomites that are currently forming in surfacial sediments 
and that have been synthesized in the laboratory are calcium-rich and far from 
perfectly ordered. Such dolomites are commonly referred to as "protodolomites". 
Morse and Mackenzie (1990) have reviewed extensively the geochemistry (includ
ing the surface chemistry of dolomites and Mg-calcites. 



Appendix 

Carbonate Solubility Equilibria 

Solubility Equilibrium in an Open System CaCOis) (calcite) 

The following species are in equilibrium: Ca2+, W, HC03, C~-, OH- and H2COj. 
We need to consider simultaneously the following eqs. (K values at 25° C): 

[H2COj] = KHPC02; KH = 3 x 10-2 atm-1 M (A.8.1 ) 

[W] [HC03] / [H2COj] = K1; K1 = 5 x 10-7 (A.8.2) 

[W] [CO~-] / [HC031 = K2; K2 = 5 x 10-11 (A.8.3) 

[W] [OW] = Kw; Kw = 10-14 (A.8.4) 

[Ca2+] [CO~-] = KsO; Kso = 5 x 10-9 (A.8.5) 

plus the charge balance (or proton balance): 

(A.8.6) 

All these equations (A.8.1 to A.8.6) are plotted in Fig. A.8.1. If in this system Pco2 = 
const, the pH is adjusted by adding acid or base the following concentration rela
tions prevail: 

d log [H 2C 0;] d log [HCO;] d log [CO~-] d log [Ca2+] 
dpH =0; dpH =1; dpH =2; dpH =-2 (A.8.?) 

If the pH adjustment is made by changing Pco2 alone (no addition of base or acid) 
then the following relations prevail: 

d log pco2 d log pco
2 

d log PC02 
d pH = --0.5 ; d log [Ca2+] = 0.5 ; d log [HC03j = 1 

(A. 8. 8) 

In this situation the CaC03 surface is characterized by zero surface charge (pH = 

pHpzc) 

304 
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Table A.B. 1 Equilibrium Constants for Carbonate and CaC03 (calcite) Equilibria 

-log K 
5° C 10° C 15° C 

CaC03(s) = Ca2+ + CO~- 8.35 8.36 8.37 

CaC03(s) + W = HC03 + Ca2+ -2.22 -2.13 -2.06 

H2CO; = W+HC03 6.52 6.46 6.42 

CO2(g) + H2O = H2CO; 1.20 1.27 1.34 

HC03 = W+C~- 10.56 10.49 10.43 

Table A.B.2 Solubility Products of Carbonates (25° C) 

Calcite CaC03 

Aragonite CaC03 

Vaterite CaC03 

Magnesite MgC03 

Nesquehonite MgC03 x3 H2O 

Hydromagnesite M94(C03b(OHh x 3 H2O 

Dolomite CaMg(C03h 

Huntite CaMg3(C03)4 

Witherite BaC03 

Rhodochrosite MnC03 

Siderite FeC03 

Values in ( ) are data from the compilation of Robie et al. (1979). 

Solubility Equilibrium in a closed System 

In this system 

20° C 25° C 

8.39 8.42 

-1.99 -1.99 

6.38 6.35 

1.41 1.47 

10.38 10.33 

-log Kso 

8.42 

8.22 

7.73 

7.46 

4.67 

36.47 

17.09 

30.46 

7.63 

9.2 

10.68 

TOTC = CT = [H2COjl + [HC031 + [CO~-l = constant 

40° C 

8.53 

-1.69 

6.30 

1.64 

10.22 

(8.3) 

(8.2) 

(5.2) 

(10.54) 

(10.50) 

(A8.9) 

plus the same equations as Eqs. (A8.2) to (A8.6) are valid. The equations are 
plotted in Fig. A.8.2 for TOTC = 10-3 M. 
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If pH is changed (TOTe = constant) upon addition of acid or base the following con
centration relations prevail in the range pK1 > pH < pK2: 

d log [HC03] 
d pH 

Figure A.B. 1 
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Chapter 9 

Redox Processes Mediated by Surfaces 

9. 1 Specific Adsorption of Oxidants and Reductants 

As was shown in Chapter 2.3 surfaces can interact chemically with W, OH-, cations 
and anions (ligands). In Fig. 9.1 some examples of surface complexes with oxi
dants and reductants are given. The functional OH- groups - in Fig. 9.1 we use as 
an example a hydrous ferric oxide - facilitate the binding of reductant cations (I); or 
they exchange surface OH-groups with oxidizing or reducing ligands to form sur
face complexes with reductants or oxidants (II,III). Some reductants can become 
bound with the help of bridging ligands (V). Surface complexes with transition ele
ments may facilitate the (outer-spheric) binding of O2, Similar considerations apply 
to non-oxidic surfaces. As Luther (1987) has postulated, pyrite can form surface 
complexes both with oxidants and reductants (VI,vII in Fig. 9.1). 

The binding of a reductant or oxidant species to form an inner-spheric surface com
plex changes its electronic structure and thus influences its reductive and oxidative 
reactivity. As a consequence the following differences in thermodynamic and 
kinetic properties between dissolved and adsorbed species may be observed 
(Wehrli et aI., 1989). 
1) Surface OH-groups act as a-donor ligands which increase the electron density 

at the adsorbed transition metal. E.g., Fe(II) bound to a hydrous oxide becomes 
a better reductant than Fe2+ in solution (or than Fe(II) outer-spherically bound). 
Higher oxidation states will generally form more stable surface complexes than 
the lower oxidation state. In other words, the specific adsorption of Cu(II) should 
lower its redox potential with regard to Cu(I)aq. The situation, once again, is 
comparable with the effect of complex formation in solution chemistry, where 
usually a ligand with an oxygen donor atom stabilizes the higher oxidation state, 
e.g., the ferric complex thus lowering the redox potential of the complex bound 
couple (see Fig. 9.2) and making the Fe(II)-complex a better reductant than 
Fe2+(aq). 

2) Coordinated donor ligands accelerate the ligand exchange kinetics, especially 
in the trans-position (cf. Chapter 5.3). For example, the water molecules that are 
in a trans-position to the sigma bond are expected to exchange faster. The water 
exchange rate of Fe(III) hydroxo complexes increases in the order Fe3+ > 
Fe(OH)2+ > Fe(OH)~ with rate constants of 102,105 and> 107 S-1, respectively 
(Schneider and Schwyn, 1987). In Chapter 4.4 it was shown that hydroxo com
plexes (because of the larger water exchange rate) adsorb faster than the corre
sponding free metal ions. 
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Hydrous oxides: 
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Figure 9.1 

Schematic illustration on the specific adsorption on Fe-minerals of oxidants and reductants directly or 
through ligand bridges. The formation of these surface complexes (which is usually fast) facilitates the 
subsequent electron transfer. 

Inert M(III) cations will exchange their ligands faster once they are adsorbed to 
an oxide surface. 

3) Coordination of a Ligand to a Metal Center of the surface decreases the electron 
density of the ligand donor atom and will affect its chemical and redox property. 
The trans-effect of the ligand brings labilizing effects on the oxobonds of the 
central metal ions in the surface of the lattice. Furthermore, the attachment of the 
ligand enhances surface protonation (Examples 2.4 and 5.1). 
The electron transfer from the ligand to the central metal ion (e.g., Mn(JV,III), 
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Fe(III)) may be facilitated, i.e., the activation energy of the redox reaction 
lowered. 

Bridged Surface Ligands may mediate electron transfer. The oxidant and reduc
tant have to encounter each other in a suitable structural arrangement to make 
an electron exchange possible, often a bridging ligand can link the redox part
ners and assist the electron transfer between them. In pure aqueous solutions 
OW is an effective bridging ligand. That is the reason why electron transfer 
between transition metal ions usually increases with pH. Similar to dissolved 
OW, the hydroxyl group at the mineral-water interface may act as a bridging 
ligand between the redox couples. Some organic ligands (such as V in Fig. 9.1) 
can mediate the electron transfer. 

9.2 Some Thermodynamic Considerations 

We first compare the consequences of solute and surface complexation from a ther
modynamic point of view. We use for exemplification Fe(II) and Fe(I1I) because 
1) more data are available with this redox pair than with others, and 
2) the transformations of iron are especially important in the redox cycling of elec-

trons in natural environments. 
As Fig. 9.2 shows, the Fe(III)/Fe(II) redox couple can adjust with appropriate 
ligands to any redox potential within the stability of water. The principles exempli
fied here are of course also applicable to other redox systems. 

As illustrated in Fig. 9.2 the redox potential at pH = 7, E~ (pH = 7), decreases in pre
sence of most complex formers, especially chelates with oxygen donor atoms, such 
as a citrate, EDTA and salicylate because these ligands form stronger complexes 
with Fe(I1I) than with Fe(II). Phenanthroline which stabilzes Fe (II) more than 
Fe(I1I) is an exception, explainable in terms of the electronic configuration of the 
aromatic N-Fe(II) bond (Luther et aI., 1991). But Fe(II) complexes are usually 
stronger reductants than Fe2+. This stabilization of the Fe(III) oxidation state is also 
observed with hydroxo complexes and by the binding to O-II in solid phases. Thus, 
Fe(I1) minerals are, thermodynamically speaking, strong reductants. For example, 
the couple Fe2Si04 (fayalite) -Fe304 (magnetite) has an EH similar to that for the 
reduction of H20( e) to H2(g) (Baur, 1978), Fig. 9.2). A surface complex of Fe2+ ad
sorbed inner-spherically onto a hydrous oxide surface is more reducing than 
Fe2+(aq). 

Redox reactions are of importance in the dissolution of Fe-bearing minerals (Table 
9.1). Reductive dissolution of Fe(II1)(hydr)oxides can be accomplished with many 
reductants, especially organic and inorganic reductants, such as ascorbate, phe
nols, dithionite, HS-, etc. Fe(II) in presence of complex formers can readily dissolve 
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Fe(III)(hydr)oxides. The Fe(II) bound in magnetite and silicate and adsorbed to 
oxides can reduce Fe(III) (reactions 4, 6, 8) and 02 (reactions 7 and 9). 

Figure 9.2 
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throline; sal = salicylate; porph = porphyrin; * = valid for [HCOs] = 10-3 M) 

Complex formation with Fe(II) and Fe(III) both on solid and solute phases has a dramatic effect on the 
redox potentials; thus, electron transfer by the Fe(II), Fe(III) system can occur at pH = 7 over the 
entire range of the stability of water; EH (-0.5 V t() 1.1 V). 

The range of redox potentials for hem derivatives given on the right illustrates the possibilities in
volved in bioinorganic systems. 
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Table 9.1 Redox Reactions with solid Fe Phases as Oxidants or Reductants 

Reductant Oxidant 

1 Ascorbate 1) = Fe2+(aq) + Asc. + == 2) 

2 FelIX 3) + ==FeIII-OH = FeIIIX(aq) + Fe2+(aq) + == 
3 FelIOxn + ==FeIII-OH = FeIllOxn(aq) + Fe2+(aq) + == 
4 3 (FeIlFe~II)04(S) 4) + (FeIlFe~II)04(S) + 8 W = 4 yFe203 + 4 Fe2+(aq) + 4 H20 

5 2*Fe2+ + (FeIlFe~II)04(S) + 8 W 

6 3 (FeIlFe~II)04(S) + 2*Fe3+ 

7 ==FeIII-OFelI + 1,4 O2 + H+ 

= 3 Fe2+(aq) + 2*Fe3+(aq) + 4 H20 

= 4 yFe203(S) + 2*Fe2+(aq) + Fe2+ 

= ==FeIICOFelII + 1fz H20 

8 FeIICaO.5 silicate (s) + *Fe3+ 

9 FelIMII silicate (s) + '/4 O2 + W 0.5 

= FeIll silicate (s) + 'h Ca2+ + *Fe2+ 

= Felli silicate (s) + 'h M2+ + 'h H20 

1) 
2) 

3) 
4) 

other typical reduct ants include phenols, dithionite, S-(II), eNS· etc. 
'" is the reconstituted surface of the hydrous oxide after detachment of Fe(I1) into solution; 
Asc· is the (oxidized) ascorbate radical 
X = ligand, preferably chelate with O-donor atom, oxalate, NTA, citrate, EDTA, etc. 
magnetite 

9.3 Catalysis of Redox Reactions by Surfaces 

In aqueous solution, electron transfer between two solute redox reactants A+ and B 
may occur either by an outer-spher (o.s.) or an inner-sphere (Ls.) redox mechanism 
(ET stands for electron transfer) 

Outer-sphere: 

diffusion ET diffusion 
N + B .. ... N .. ·B .. ... A"'B+ A + B+ (9.1 ) ... .. 

Inner-sphere: 

complex 
formation ET dissociation 

AX+ + B ~ AX+B .. AXB+ .. .. A + XB+ (9.2) .. .. 

In the o.s. reaction, the ion pair N .. · B is formed in a first step. The corresponding 
equilibrium constant can usually be obtained from simple electrostatic models. In 
this "ideal" case specific chemical interactions can be neglected and the rate con
stant of the E.T. step follows the theory of R.A. Marcus (see for example Marcus, 
1975, or Cannon, 1980). In the i.s. reaction each of the three steps in reaction (9.2) 
may determine the reaction rates. The lability of the coordinated ligands at the 
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reactant S and the thermodynamic stability of the complex AX+ are the main factors 
in the formation kinetics of the bridged precursor complex AX+S. In some cases the 
slow decomposition of the successor AXS+ may slow down the overall rate. 

In heterogeneous redox reactions similar reaction sequences are observed; usu
ally an encounter (outer-sphere or inner-sphere) surface complex is formed to 
facilitate the subsequent electron transfer. 

A classical case of heterogeneous inner-spheric electron transfer has been demon
strated by Gordon and Taube (1962) on the oxidation of U(IV) by Pb02 ; by using 
180 in Pb02 , they could show that both O-II ions in the product UO~+ are derived 
from the oxide lattice: 

=PbIV-OH - UIV 
=PbIV-OH + 

(9.3) 
=PbIV_~ - IV 
=PbIV-O U 

A typical redox reaction sequence between an (usually organic) reductant Rand 
iron(III) (hydr)oxide can be schematically expressed as 

Surface sites Reactants 
=FeIII-OH + Reductant R 

fast 
• 

Surface species 
=FeIIIR 

Reduced surface species + 

(9.4a) 

Surface species electron transfer 
=FeIIIR < .. 

oXidized reactant (9.4b) 1) 
=Fe(II) + ·0 

Reduced surface species 
=Fell 

slow 
• detachment Fe(lI)(aq) + surface site (9.4c) 

of F e(lI) 

The scheme of Eqs. (9.4) suggests that either the electron transfer (9.4b) or the 
detachment (9.4c) are rate determining. The steps (b) and (c) may be coupled. 

Reductive Dissolution of Higher Valent Oxides 

We exemplify the reductive dissolution of minerals by illustrating the reductive dis
solution of hydrous ferric oxide. With this oxide (Sulzberger et al.; 1989, Suter et aI., 

1) if the reductant is an organic ligand, its oxidation product is usually a radical. 
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Schematic representation of the various reaction modes for the dissolution of Fe(III)(hydr)oxides: 

a) by protons; b) by bidentate complex formers that form surface chelates. The resulting solute Fe(I1I) 
complexes may subsequently become reduced, e.g., by HS-; c) by reductants (ligands with oxygen 
donor atoms) such as ascorbate that can form surface complexes and transfer electrons inner-spheri
cally; d) catalytic dissolution of Fe(III)(hydr)oxides by Fe(JI) in the presence of a complex former; e) 
light-induced dissolution of Fe(lII)(hydr)oxides in the presence of an electron donor such as oxalate. 
In all of the above examples, surface coordination controls the dissolution process. (Adapted from 
Sulzberger et aI., 1989, and from Hering and Stumm, 1990.) 
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1991; Blesa et aI., 1987) and with Mn(I1I.IV)(hydr)oxides much experimental data 
(Stone, 1987; Stone and Morgan, 1987) are available. 

Several possible pathways for Fe(III)(hydr)oxide dissolution are outlined in Fig. 
9.3. The structures in this figure are highly schematic. They are not intended to give 
the details of structural or coordinative arrangements but simply to illustrate the pre
sence of surface hydroxyl groups and of oxo- and hydroxo-bridges and to indicate 
correct relative charges in a convenient way. This schematic presentation illustrates 
the diversity of reaction pathways. Steady-state dissolution kinetics are expected if 
the original surface structure is restored after detachment of the surface iron atom. 
In this case, the dissolution rate will be a function of the concentration of the appro
priate surface species. 

The first two pathways (a) and (b) show, respectively, the influence of Wand of sur
face complex forming ligands on the non-reductive dissolution. These pathways 
were discussed in Chapter 5. Reductive dissolution mechanisms are illustrated in 
pathways (c) - (e) (Fig. 9.3). Reductants adsorbed to the hydrous oxide surface can 
readily exchange electrons with an Fe(III) surface center. Those reductants, such 
as ascorbate, that form inner-sphere surface complexes are especially efficient. 
The electron transfer leads to an oxidized reactant (often a radical) and a surface 
Fe(II) atom. The Fe(II)-O bond in the surface of the crystalline lattice is more labile 
than the Fe(I1I)-O bond and thus, the reduced metal center is more easily detached 
from the surface than the original oxidized metal center (see Eqs. 9.4a - 9.4c). 

Pathway (d) in Fig. 9.3 provides a possible explanation for the efficiency of a com
bination of a reductant and a complex former in promoting fast dissolution of Fe (III) 
(hydr)oxydes. In this pathway, Fe(II) is the reductant. In the absence of a complex 
former, however, Fe2+ does not transfer electrons to the surface Fe (III) of a Fe(III) 
(hydr)oxide to any measurable apparent extent. The electron transfer occurs only in 
the presence of a suitable bridging ligand (e.g., oxalate). As illustrated in Fig. 9.3d, 
a ternary surface complex is formed and an electron transfer, presumably inner
sphere, occurs between the adsorbed Fe(II) and the surface Fe(II1). This is 
followed by the rate-limiting detachment of the reduced surface iron. In this path
way, the concentration of Fe(II)aq remains constant while the concentration of dis
solved Fe(III) increases; thus, Fe(II)aq acts as a catalyst to produce Fe(II)(aq) from 
the dissolution of Fe(III)(hydr)oxides. 

Although thermodynamically favorable, reductive dissolution of Fe(III)(hydr)oxides 
by some metastable ligands (even those, such as oxalate, that can form surface 
complexes) does not occur in the absence of light. The photochemical pathway is 
depicted in Fig. 9.3e. In the presence of light, surface complex formation is followed 
by electron transfer via an excited state (indicated by *) either of the iron oxide bulk 
phase or of the surface complex. (Light-induced reactions will be discussed in 
Chapter 10.) 



Figure 9.4 

Catalysis of Redox Reactions 3 1 7 

a 

5 10 15 20 
[Ascorbate ladsorbed 1 0~7 mol m~2 

No ascorbate 
0~0~--~5----~1~O~~~1~5==~~2~0=====2~5====~30· 

Time (h) 

Energy 
b 

=FeIlI-HA 

Fell (aq) 

Reaction coordinate 

a) Reductive dissolution of hematite (0,5 gfe) with ascorbate at pH = 3. See pathway c in Fig. 9.3 for 
the mechanism proposed. As the insert shows the dissolution rate is proportional to the ascorbate 
adsorbed, i.e., (=FeHA) (compare Eq. 9.11). 

b) Activated complex diagram for the dissolution of Fe(III)(hydr)oxides by ascorbate, HA, in accord
ance with the mechanisms given in Eqs. (9.6) - (9.11). The fast formation of a surface complex, 
=FeHA, is followed by a reversible (assumed) electron transfer leading to a Fe(JI) in the surface 
lattice which then in a slow (rate determining) reaction step becomes detached into solution. Since 
the electron transfer process is treated as a preequilibrium to the detachment step, under steady 
state assumption the overall reaction rate is proportional to the surface complex (=FeHA) and to 
the redox equilibrium. 

Several pathways may contribute to the overall dissolution reaction. Over the 
course of the dissolution, the relative importance of the contributing pathway may 
change, possibly due to accumulation of some reactant (Sulzberger et aI., 1989; 
Siftert and Sulzberger, 1991). Many general reviews on reductive and oxidative 
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dissolution are available (e.g., Valverde and Wagner, 1978; Segal and Sellers, 
1984; Stone and Morgan, 1987; Hering and Stumm, 1990; White, 1990). 

Rate Laws 

The following reaction sequence in reductive dissolution is plausible and is exem
plified (Suter et aI., 1991) here for the reaction of Fe(III)(hydr)oxide with ascorbate. 
It follows the general scheme given in Eqs. (9.4a) - (9.4c). 

1) The fast adsorption (surface complex formation) of ascorbate, HA-, to the sur
face of the Fe(III)(hydr)oxide 

(9.5) 

Since this step is fast in comparison to the subsequent ones, this reaction can 
be considered as a pre-equilibrium. k1/k_1 is the surface complex formation 
(equivalent to the Langmuir) constant. 

2) Electron transfer accompanied by release of the oxidized ascorbate, the 
ascorbate radical, HAO 

(9.6) 

3) The detachment of the Fe(II) into solution. This detachment is facilitated by 
the increase in surface protonation that is accompanied by the ligand binding. 
The fact that iron(II) is more readily detached than an iron(II1) site from the 
mineral surface is due to the lower Madelung energy of the Fe(II)-oxygen 
bond than the Fe(III)-oxygen bond 

H+ slow 
=FeILOH~ < > new surface site + Fe2+(aq) (9.7) 

4) The scavenging of the radical HAo (in the case of ascorbate). HAo reduces 
relatively fast (in a non-rate determining step) another Fe(III); the product is 
dehydro-ascorbate. The rate expression for the production of dissolved 
iron(II) at a given pH is written as follows: 

(9.8) 
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The surface concentration of iron(II) is in turn dependent on the surface concentra
tion of the ascorbato-iron(III) complex. Thus, we write the rate expression for the 
production of surface iron(II). 

(9.9) 

Using the steady-state approximation by setting the time differential equal to zero 
allows the resulting algebraic equation to be solved for the surface concentration of 
iron (II) . 

(9.10) 

This expression can be substituted into the rate expression for the production of 
dissolved iron(II) yielding a pseudo first-order rate expression written in terms of 
the surface concentration of ascorbate. 

(9.11 ) 

Since the dissolution rate is constant (Fig. 9.4a) over the time interval observed, it is 
assumed there is also a steady-state for the intermediate product HAo 1). As illus
trated in Fig. 9.4a, at a given pH, the rate is proportional to (=FeIIIHA). 

There is a pH dependence of the dissolution rate; the rate decreases with increas
ing pH. Various explanations can be given: 
1) H+ facilitates the detachment of Fe(II). The reduction in charge from Fe(I1I) to 

Fe(I1) in the surface of the solid phase causes a charge deficiency in the solid 
phase which is balanced by W uptake; 

2) at higher pH values Fe(II) becomes adsorbed and may block surface reactive 
sites; 

3) thermodynamically, the adsorption of the reductant is pH-dependent; further
more, the free energy of the reaction of the electron transfer decreases with 
increasing pH. 

Although the experiments (Suter et aI., 1991) were carried out at relatively low pH, 
there are experimental results at pH = 7 and pH = 8 which clearly demonstrate 
reductive dissolution in the neutral pH-range. 

If k_2 [HAO] > kJ, Eq. (9.13) - compatible with a scheme on the activation energies 
involved (Fig. 9.4b) - reduces to 

1) The presence of a radical scavenger such as mesitylene accelerates the reduction (Ruf, 1992). 
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(9.12) 

Since k2/k_2 corresponds to the equilibrium constant of the redox reaction (redox 
potential), Eq. (9.12) suggests that the dissolution reaction may depend both on the 
tendency to bind the reductant to the Fe(III)(hydr)oxide surface and (even if the 
electron transfer is not overall rate determining), on the redox equilibrium (see Fig. 
9.4b). 

Reduction with a Fe(!!) Complex 

A similar rate mechanism as that given above can be derived (Suter et aI., 1991) if 
the Fe(II)-complex is used (instead of ascorbate) as the reductant. In case of Fe(JI) 
oxalate we propose a mechanism where Fell binds to the goethite surface through 
oxalate as a ligand bridge. We assume that the electron is transferred within the 
ternary surface complex through the oxalate bridge to the iron(III). Possibly a 
ternary surface complex such as I or II is involved. 

o 0 
/ .~~ " 

=FeIII I = Fell 

" .C. / "0:7 ~O 

o 0 
.. ~ /-.. " 

=FeIII ',0 --C " =Fell 

\~.j/ \:~ 
o 0 

(9.13) 

I n 

The reaction can be described by the sequence of reaction steps given in Fig 9.3d. 
One interesting feature of this reaction sequence is that it is essentially a catalytic 
reaction. Fe(U) added to the system remains constant while the dissolution reaction 
produces Fe(III) in solution (compare Fig. 9.5). 

The Rate of reductive Dissolution of Hematite by H2S as observed between pH 4 
and 7 is given in Fig. 9.6 (dos Santos Afonso and Stumm, in preparation). The HS
is oxidized to SOf. The experiments were carried out at different pH values (pH
stat) and using constant PH2S' 1.8 - 2.0 W ions are consumed per Fe(II) released 
into solution, as long as the solubility product of FeS is not exceeded, the product of 
the reaction is Fe2+. The reaction proceeds through the formation of inner-sphere 
=Fe-S. The dissolution rate, R, is given by 

R = ke (=FeS) + ~ (=FeHS) (9.14) 

The data set given in Fig. 9.6 shows a rate dependence on [HS-]; this part of the 
figure reflects the initial linear "Langmuir" type on the adsorption equilibrium: 
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It is remarkable that this reductive dissolution, a heterogeneous multi-electron 
transfer, is so fast. 

It is interesting to juxtapose the reduction of a solid Fe(III)(hydr)oxide with a Fe(II) 
complex, e.g., with an oxalato complex of Fe(II) (FellOx) on one hand with the 
oxidation of a Fe(II)bearing solid phase, e.g., a Fe(II) silicate with Fe(I1I) on the 
other hand (compare reactions (3) and (8), Table 9.1). In both cases the electron 
transfer (ET) occurs heterogeneously between Fe(III) and a Fe (II) complex. In one 
case the oxidant is the solid phase, in the other case the reductant is the solid 
phase. In simplified schematic notation: 

ET 
==FeIII - OH + FellOx(aq) ~ ==FeIII - OxFell ~ ==Fell - OxFeIII 

~ Fell(aq) + FeIIIOx(aq) + == (9.15) 

ET 
Fe(III)(aq) + ==Si - Fell ~ ==Si - Fell Fe lII ~ ==SiFeIII Fen 
~ FeIII(aq) + Fell(aq) + ==Si (9.16) 

(where == is the reconstituted surface of the hydrous oxide after detachment of Fe(II) 
and Fe(I1I).) 

80r----r----~--~~---r----,_--~ 

Figure 9.5 
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Dissolution of goethite by oxalate in the presence of different concentratio~ of ferrous iron. The reac
tion mechanism proposed is that of Fig. 9.3d. The change in the concentration of Fe(III) is given (pre
conditioning of the surface introduces some incipient Fe(III)). pH = 3.0, goethite: 0.46 gte, oxalate: 
0.001 M. 
(From Suter et aI., 1991) 
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Figure 9.6 
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(From dos Santos Afonso and Stumm, in preparation) 
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Figure 9.7 

Reactivity of Fe(III)(hydr)oxide as measured by the reductive dissolution with ascorbate. "Fe(OHb" is 
prepared from Fe (II) (10-4 M) and HC03 (3 x 10-4 M) by oxygenation (P02 = 0.2 atm) in presence of a 
buffer imidazol pH = 6.7 (Fig. a) and in presence of TRIS and imidazol pH = 7.7 (Fig. b). After the forma
tion of Fe(III)(hydr)oxide the solution is deaerated by N2, and ascorbate (4.8 x 10-2 M) is added. The 
reactivity of "Fe(OHb" differs markedly depending on its preparation. In presence of imidazole (Fig. a) 
the hydrous oxide has properties similar to lepidocrocite (i.e., upon filtration of the suspension the 
solid phase is identified as lepidocrocite). In presence of TRIS, outer-sphere surface complexes with 
the native mononuclear Fe(OHb are probably formed which retard the polymerization to polynuclear 
"Fe(OHb" (von Gunten and Schneider, 1991). 
(From Deng, Ruf and Stumm, in preparation) 
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In both reactions, electron transfer induces the dissolution of the solid phase; i.e., 
reductive and oxidative dissolution, respectively. Although no kinetic implications 
follow directly from the thermodynamic considerations, there are cases where the 
redox rate is related to the redox equilibrium (see e.g., Eq. 9.12). 

Different Reactivities of different Fe(III)(Hydr)oxide Surfaces 

Different modifications of hydrous oxides, even if present in solution with the same 
surface area concentrations, are characterized by significantly different reactivities 
(e.g., dissolution rate). This depends above all on the different coordination geo
metry of the surface groups. For a given pH (on surface protonation) the reactivity of 
a FeIII-center is likely to increase with the number of terminal ligands (Wehrli et aI., 
1990), i.e., groups such as -Fe-OH are less acid and react faster than 

=Fe, 
OH 

/ 
=Fe 

=Fe, 

=Fe /OH 

=Fe 

groups respectively 

Figs. 9.7a, b show the difference in reactivity of two different freshly formed (by oxy
genation of Fe(II)) "Fe(OHh") (Deng and Stumm, in preparation). In one case a 
structure similar to lepidocrocite may be formed; in the other case an oligomeric 
Fe(OHh is formed where (according to a recommendation by von Gunten and 
Schneider, 1991) extensive polymerization of incipiently formed mononuclear 
Fe(OHh has been prevented by the presence of TRIS (= H2NC(CH20Hh) which 
most likely forms outer-sphere complexes on the surface of the colloidal Fe(OH)J. 
As has been shown by von Gunten and Schneider (1991) the "Fe(OH)J" formed 
under these conditions is colloidally stable, and is characterized by a high number 
of terminal OH- ligands per FellLcenter. 

Enhanced Reactivity of Fe(III) formed at Surfaces. Another way to keep the Fe(II1) 
hydroxide formed from oxygenation of Fe(II) from extensive polymerization, is to 
oxidize (02) the adsorbed Fe(II). Apparently the Fe(II1) formed on the surface (or 
part of it), plausibly because of a different coordinative arrangement of the ad
sorbed ions, does not readily polymerize fully to a "cross-linked" three-dimensional 
structure and is thus more reactive than freshly formed lepidocrocite. 

Hydrous Manganese(III,N) Oxide 

Hydrous Manganese oxides, widely distributed in natural systems, are stronger 
oxidants than iron(III)(hydr)oxide. These oxides readily oxidize many natural and 
xenobiotic organic compounds. Various substituted phenols, naturally present in 
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surface water and in soils as degradation products of lignin and other plant mate
rials are capable of reducing manganese oxides. Specific interaction between 
reductant molecules and oxide surface sites is necessary for the redox reaction. 

The following reaction scheme (Stone and Morgan, 1987; Stone, 1987) may be 
considered: 

Precursor complex formation: 
k1 

=MnIII + ArOH.. > (=MnIII, ArOH) 
k_1 

Electron Transfer: 
k2 

(=MnIII, ArOH).. > (=MnII, ArO·) + W 
k_2 

Release of phenoxy radical: 
k3 

(=MnII, ArO·).. > =MnII + ArO· 
k_3 

Detachment of released Mn(II): 
k4 

=MnII .. > Mn2+ (+ =MnIII) 
k_4 

(9.17a) 

(9.17b) 

(9.17c) 

(9.17d) 

Stone (1987) proposes - in agreement with his experimental data - the following 
rate law for the dissolution rate: 

(9.18) 

and he shows that Eq. (9.18) can be written (assuming steady state phenol surface 
coverage) in terms of ST (= total concentration of surface sites) and the phenol con
centration 

d[Mn2+] k1k2ST [ArOH] 
dt = k-1 + k2 + k1 [ArOH] (9.19) 

This equation, containing the Langmuir expression for the adsorption (surface com
plex formation) of phenol on the Mn(II1)(hydr)oxide, is similar to the principles dis
cussed for reductive dissolution of Fe(III)(hydr)oxide. 

Fig. 9.8 illustrates that the reduction rates are linearly related to the half-wave po-
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tentials of the substituted phenols. Half-wave potentials are the electrode potentials 
on mercury, Hg, or graphite electrodes, where the substances are oxidized (specifi
cally where the oxidation current density is half of the current density observed at 
maximum oxidation rate). The half-wave potentials (for phenols the data are from 
Suatoni et aI., 1961) measure the tendency of an anode to oxidize the phenols; in a 
first approximation the half-wave potentials are related to the redox potential of the 
phenol and its oxidation product. Thus, Fig. 9.8 implies that the larger the tendency 
of the electrode at the selected electrode potential is to oxidize a subsituted phenol, 
the larger is the tendency of the manganese oxide to oxidize this phenol. Various 
explanations for this redox potential dependence, including a reaction scheme as 
that given in Fig. 9.4b, are possible. 

Figure 9.B 
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Rates of reductive dissolution of amorphous manganese (III,IV) oxide particles decrease as the elec
trode half-wave potentials of the substituted phenols (as reported by Suatoni et aI., 1961) increase 
(4.8 x 10-5 M total manganese, pH 4.4). 

(From Stone, 1987) 

9.4 Oxidation of Transition Ions; Hydrolysis and Surface Binding 
Enhance Oxidation 

The oxidation of Fe(II), V02+, Mn2+, Cu+ by oxygen is favored thermodynamically 
and kinetically by hydrolysis and by specific adsorption to hydrous oxide surfaces. 
As suggested in formula (IV) of Fig. 9.1 Fe(II) and the other transition elements 
Mn(II), VO(II) , Cu(I) may more readily associate (probably outer-spherically) with 
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O2 if they are present as complexes with OH- (i.e., hydrolysis species) or as com
plexes with hydroxo surface groups of hydrous oxides (Wehrli and Stumm, 1989; 
Wehrli, 1990; Luther, 1990). As explained by Luther (1990), the OH- ligands do
nates electron density to the reduced metal ion through both the cr and 1t systems, 
which results in metal basicity and increases reducing power, e.g., the Fe(III) 
oxidation state is stabilized by the OH- ligands (Fig. 9.2). Fe(II) bound to silicates 
are also more readily oxidized by O2 than Fe2+. This has been demonstrated for 
example for hornblende (White and Yee, 1985). 

For the oxygenation of Fe(II) in solution (at pH > 5), the empirical rate law shows a 
second-order dependence on OH- concentration (Stumm and Lee, 1961), that is, 

(9.17) 

This dependence is consistent with the predominant reaction of O2 with the hydro
lyzed, solute species, Fe(OH)2, within the pH range of interest, or 

(9.18) 

Similarly, the rate of oxygenation of Fe(II) bound to the surface hydroxyl groups of 
a hydrous oxide can be expressed in terms of the surface species. Thus, 

d[Fe(II)] 
- dt = k" (Fe(OM=)2> [02] (9.19) 

The surface hydroxyl group facilitates - similar to OH-(aq) - the electron transfer to 
O2, 

Eq. (9.17) for the oxygenation of Fe(II) in solution, valid at pH > 5, can be extended 
(Millero, 1985) to the entire pH range (Fig. 9.9a). 

d[Fe(II)] (2+ + ) 
- dt = ko[Fe ] + k1 [Fe(OH) ] + k2 [Fe(OHh] (02) (9.20) 

i.e., the pH dependence changes from Rex [W]"2 to Rex [W]-1 below pH 5 and the 
rate is pH independent below pH = 3. Parallel occurring rate determining steps for 
the various iron species and their experimentally determined reaction rates k [M-1 
S-1] and their equilibrium constants can be compared (Fig. 9.9b) (data from Singer 
and Stumm, 1979; MiHero et aI., 1987; Tamura et aI., 1976; Wehrli, 1990). 

Fe2+ + O2 

Fe(OHt + O2 

- ... Fe3+0~ 

- ... Fe(OH)2 + O~ 

; logko =-5.1; 10gKo =-15.7 (9.21) 

; log k1 = 1.4; log K1 = -8.45 (9.22) 
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Fe(OH)2 + O2 - .. ~ Fe(OH)~ + O~ log k2 = 6.9; log K2 = -3.04 (9.23) 

(",FeIlIO)2FeII + 02 -~.~ (",FeIIIO)2 FeIlI+ + O~ log k3 = 0.7; log KS = -9.0 (9.24) 

As Wehrli (1990) has shown, the value of log KS can be obtained from extrapolation 
(Fig. 9.9b). 

The couple (=FeOhFeIII+ + e- = (=FeO)2Fell ; EH = 0.36 V is of similar magnitude as 
that of FeIIIOH2+ + e- = FellOW; EH = 0.34 V. Fig. 9.10 shows the effect of adsorp
tion on the rate of transition metal oxygenation. Fig. 9.11 compares the catalytic 
effects of hydrolysis and adsorption for VO(II), Fe(II) and Mn(II). 

This idea can be extended to Fe(II) centers within or near the surface lattice of 
Fe (II) silicates. White and Yee (1985) have shown that the equilibrium 

=Si-FeIII+ + e- = =Si-Fell EH = 0.33 - 0.52 V (9.25) 
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Figure 9.9 

a) Oxidation of Fe (II) by 02' Open circles, data are from Singer and Stumm (1970); dots are data from 
Millero et al. (1987). 

b) Log of the reaction rate constants (Eqs. 23 - 25) are plotted vs log of equilibrium constants on the 
redox potential, E~, for the FeIIl/FeII couple. From the observed rate of the oxygenation of Fe(Il) 
inner-sperically adsorbed on a goethite surface (data of Tamura et aI., 1976) an equilibrium con
stant on redox potential can be estimated. Data for Fe2+ and Fe(OH)+ from Singer and Stumm 
(1979), for Fe(OH)2 from Millero et al. (1987), for (",FeO)2Fe+ goethite surface from Tamura et al. 
(1976). Fig. b) is modified from Wehrli (1990). 
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is characterized by a similar EH as that of Fe(II) bound to iron oxide surfaces. The 
equilibrium for the first step in the reaction with O2 is 

=Si-FeII+ + O2 --.~ =Si-FeIII + O~ ; log K:::: -8.3 to -11.4 (9.26) 

As reported by White and Yee (1985) structural Fe(II) at the surface of hornblende 
or augite is oxidized faster by O2 than Fe (II) in solution at pH < 5; i.e., Fe(II) bound 
to silicates is kinetically a better reducing agent than Fe2+ in solution. The reader is 
referred to White (1990) for an excellent treatment of heterogeneous reactions with 
Fe(II)-minerals. 

Pyrite Oxidation. The oxidation of Fe(II) minerals by Fe3+ is also of importance in 
the oxidation of pyrite by O2 . This process is mediated by the Fe(II)-Fe(III)system. 
Pyrite is oxidized by Fe3+ (which forms a surface complex with the pyrite (cf. formula 
VI in Fig. 9.1) (Luther, 1990). The rate determining step at the relatively low pH 
values encountered under conditions of pyrite dissolution is the oxygenation of 
Fe(II) to Fe(II1) usually catalyzed by autotrophic bacteria (Singer and Stumm, 
1970; Stumm-Zollinger, 1972). Thus, the overall rate of pyrite dissolution is insen
sitive to the mineral surface area concentration. Microbially catalyzed oxidation of 
Fe (II) to Fe(III) by oxygen could also be of some significance for oxidative silicate 
dissolution in certain acid environments. 
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Figure 9.10 

First-order plots demonstrating the catalysis of transition-metal oxygenation by oxide surfaces. 
a) Oxygenation of vanadyl, V02

+, at pH 4 and P02 = 1 atm (from Wehrli and Stumm, 1988). 
b) Oxygenation of ferrous iron. Fe2

+, at pH 6.4 ana P02 = 0.7 atm (data from Tamura et al.. 1980). 
In both cases the presence of a solid phase accelerates the oxidation rate. 

(Modified from Wehrli. Sulzberger and Stumm.1989) 
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Effects of hydrolysis and adsorption on the oxygenation of transition-metal ions. Arrows indicate lower 
limit. (From Wehrli and Stumm, 1989) 
References: 

Fe2+ (George, 1954); Fe(OH)+ and Fe(OH)2 (Millero, 1985, based on Stumm and Lee, 1961); 
Fe(OFe()2 (amorphous FeOOH and ~-FeOOH) (Tamura et aI., 1980). 

Data represent order of magnitude because surface area concentrations were not determined; 
Mn (OH)+ (Diem and Stumm, 1984, based on observations that Mn(II)aq at pH = 8.3 persists for a 
half-time of > 10 yr); Mn(OFe(h y-FeOOH and Mn (OAI()2 o-A120 3 (Davies and Morgan, 1988). 

9.5 Mediation of Redox Reactions of Organic Substances by the 
Hydrous Ferric Oxide Surface and Fe(II)-Surfaces 

In sediments, soils and anoxic waters natural biogenically produced reductants re
sulting essentially from the biodegradation of biomass are abundant. These reduc
tants include in addition to Fe(II), H2S, sulfides, organic thio compounds and 
organic substances. Although they have shown to interact directly with reducible 
organic substances including organic pollutants, such reactions are generally slow 
because of the difficulties involved in establishing a direct precursor complex be
tween the reductant and the reducible organic substance. Often redox reactions 
among such partners in natural systems are fast either because of microbial media
tion or in abiotic systems because the electron transfer is mediated by one or more 
electron carriers. 

Fe(II)/Fe(III) as a Mediator in Electron Transfer. The Fe(III)-Fe(II) system often 
acts as an electron carrier. A possible schematic example is given by 
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Oxidized S 
_)c..~e(III)" -n)Ene-

l~\.:"Fe(II)" e) 

Oxidized org. 

(9.27) 

Reduced org. 

Electron transfer mediator 

As we have seen, redox reactions in the Fe(II)/Fe(III) system - e.g., Fe(OH)J
Fe2+; Fe(OH)J - FeC03; Fe(III) - FeSx; Fe(III) - Fe (II) porphyrins - are relatively 
fast. For example, Kriegmann and Reinhard (1989) have shown that chlorinated 
hydrocarbons (CI3C-CCI3 and CCI4) can be reduced in the presence of biotite and 
vermiculite at pH 7 - 8 and 50° C: 

2 (FellCao.s-silicate) + CI3C-CCI3 • 
2 (FellLsilicate) + CI2C = CCI2 + 2 cr + Ca2+ (9.28) 

They propose that structural oxidation is accompanied by regeneration of the Fe(II) 
sites by HS-. 

2 (FellLsilicate) + 2 HS- --1~~ 2 (FellH+ -silicate) + oxidized sulfur (9.29) 

Schwarzenbach et al. (1990) have shown that reductive transformations of a series 
of monosubstituted nitrobenzenes and nitrophenols in aqueous solutions contain
ing reduced sulfur species occur readily in presence of small concentrations of an 
iron prophyrin as an electron transfer catalyst. 

Organic Carbon Oxidation Microbially Coupled to Reduction of Fe(III)(hydr)oxide. 
More and more evidence is accumulating that bacteria can grow anaerobically by 
coupling organic carbon oxidation to the dissimilatory reduction of iron(III) oxides 
(Nealson, 1982; Arnold et aI., 1986; Lovely and Philips, 1988; Nealson and Myers, 
1990). 

Pure cultures of a Fe(III) reducing bacterium have been shown to obtain energy for 
growth by oxidizing benzoate, toluene, phenol or p-cresol with Fe (III) as the sole 
electron acceptor (Lovely et aI., 1989, 1991). Such redox reactions are important 
because, at the onset of anaerobic conditions, e.g., in sediments and subsurface 
environments, Fe(III) oxides are the most abundant oxidants. 
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9.6 Redox Reactions of Iron and Manganese at the Oxic Anoxic 
Boundary in Waters and Soils 

Fig. 9.12 gives representative redox intensity ranges of importance in soils, sedi
ments and in surface and ground waters. The heterogeneous redox couples involv
ing the solid phases Mn(I1IJV) oxides, Fe(II.III) and FeS and FeS2 provide sig
nificant redox buffering in natural systems. 
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Figure 9.12 

Representative ranges of redox intensity in soil and water 
- Range 1 is for oxygen bearing waters. 

O;!H2O 

/) MnO;!Mn2+ 

- The pIC-range 2 is representative of many ground and soil waters where O2 has been consumed (by 
degradation of organic matter), but SO~- is not yet reduced. In this range soluble Fe(II) and Mn(II) 
are present; their concentration is redox-buffered because of the presence of solid Fe(III) and 
Mn(III,IV) oxides. 

- The pf-range 3 is characterized by SO~-/HS or SO~-/FeS, SOl-/FeS2 redox equilibria. 
- Range 4 occurs in anoxic sediments and sludges. 

(Modified from Drever, 1988) 

Protons and electrons are coupled. An increase in pc [= -log {eo} = (F/2.3 RT) EH, 
where F/2.3 RT = 1/= 0.059 Vat 25° C] is accompanied by a decrease in pH. 

In soils the organic matter (range 2 in Fig. 9.12) is a significant pH and pc buffer 
because it represents a reservoir of bound Wand eo. When organic matter is 
mineralized; alkalinity and [NO;]. [SO~-] increase and Fe(II) and Mn(II) become 
mobilized. Phosphate, incipiently bound to Fe(lII)(hydr)oxides, is released as a 
consequence of the partial reductive dissolution of the Fe(I1I) solid phases. At 
lower pc values (range 3 in Fig. 9.12) the concentration of Fe(II) and Mn(II) further 
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increases. SO~- reduction is accompanied by precipitation of FeS and MnS and by 
the formation of pyrite. 

At the oxic-anoxic boundaries a rapid turnover of iron takes place. This oxic-anoxic 
boundary may occur in deeper layers of the water column of fresh and marine 
waters, at the sediment-water interface or within the sediments. 

Fig. 9.13 (from Davison, 1985) shows the redox transformations schematically for 
the water column. The important items are: 
1) The principal reductant is the biodegradable biogenic material that settles in the 

deeper portions of the water column; 
2) Electron transfer becomes more readily feasible if, as a consequence of fermen

tation processes - typically occurring around redox potentials of .22 to -.22 V -
molecules with reactive functional groups such as hydroxy and carboxyl groups 
are formed; 

3) Within the depth-dependent redox gradient, concentration peaks of solid Fe(III) 
and of dissolved Fe(II) develop, the peak of Fe(III) overlying the peak of Fe(II); 

4) As illustrated in Fig. 9.13 the Fe(II), forming complexes with these hydroxy and 
carboxyl ligands, encounter in their upward diffusion the settling of Fe(III)(hydr)
oxides and interact with these according to the catalytic mechanism, thereby 
dissolving rapidly the Fe(III)(hydr)oxides. The sequence of diffusional transport 
of Fe(II), oxidation to insoluble Fe(OH)J and subsequent settling and reduction 
to dissolved Fe(II) typically occurs within a relatively narrow redox-cline. 

Figure 9.13 
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(Modified from Davison, 1983) 
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Some of the processes, mentioned above occur also in soils. Microorganisms and 
plants produce a larger number of biogenic acids. The downward vertical displace
ment of AI and Fe observed in the podsolidation of soils can be accounted for by 
considering the effect of pH and of complex formers on both the solubility and the 
dissolution rates. 

The reductive dissolution of Fe(III)(hydr)oxides is also of importance in the iron 
uptake by higher plants. According to Brown and Ambler (1964), iron defiency 
causes a release of reducing exudates from the roots. These substances cause the 
reductive dissolution of particulate Fe(III) in the proximity of the roots. This reduc
tion is followed by uptake of Fe(II) into the root cells. 

Similarly the redox transformations Mn(II1,IV) oxides / Mn2+ causes rapid electron 
cycling at suitable redox intensities. Two differences of Mn and Fe in their redox 
chemistries are relevant: 
1) the reduction of Mn(III,IV) to dissolved Mn(II) occurs at higher redox potentials 

than does the Fe(III)/Fe(II) reduction; 
2) the oxygenation of Mn(II) to Mn(I1I,IV) oxides, even if catalyzed by surfaces 

and/or microorganisms, is usually slower than the oxygenation of Fe(II). 

The redox cycling of these elements have pronounced effects on the adsorption of 
trace elements onto oxide surfaces and trace element fluxes under different redox 
conditions. The hydrous Mn(I1I,IV) oxides are important mediators in the oxidation 
of oxidizable trace elements; e.g., the oxidation of Cr(III), AS(III) and Se(II1) is too 
slow with 02; however, these elements subsequent to their relatively rapid adsorp
tion on the Mn(I1I,N) oxide are rapidly oxidized by Mn(I1I.IV). 

Figure 9.14 
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NOj-Reducing. Fig. 9.15 shows data on groundwater below agricultural areas. The 
sharp decrease of O2 and N03 at the redox cline indicate that the kinetics of the 
reduction processes are fast compared to the downward water transport rate. 
Postma et aI., 1991 suggest that pyrite, present in small amounts is the main elec
tron donor for N03 reduction (note the increase of S~- immediately below the oxic 
anoxic boundary). Since NO; cannot kinetically interact sufficiently fast with pyrite a 
more involved mechanism must mediate the electron transfer. Based on the 
mechanism for pyrite oxidation discussed in Chapter 9.4 one could postulate a 
pyrite oxidation by Fe(III} that forms surface complexes with the disulfide of the 
pyrite (Fig. 9.1, formula VI) subsequent to the oxidation of the pyrite, the Fe(II} 
formed is oxidized direct or indirect (microbial mediation) by NO;. For the role of 
Fe(II}/Fe(III} as a redox buffer in groundwater see Grenthe et al. (1992). 
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Figure 9.15 

Redox components in groundwaters as a function of depth (unconfined sandy aquifer) below agri
cultural areas for 1988. N03 contaminated groundwater emanate from the agricultural areas and 
spread through the aquifer. The redox boundary is very sharp which suggests that the redox process 
is fast compared to the rate of downward water transport. The investigators (Postma et aI., 1991) sug
gest that reduction of 02 and N03 occur by pyrite. (The lines given are based on equilibrium models.) 
(Modified from Postma, Boesen, Kristiansen and Larsen, 1991) 
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Chapter 10 

Heterogeneous Photochemistry 

With this chapter we would like to convince the reader that heterogeneous photo
chemistry is an exciting field of surface science and that heterogeneous photoredox 
reactions are of importance in many naturally occurring processes. 

First, we will illustrate the principle of photosynthesis with a simple molecular orbital 
picture and juxtapose biological photosynthesis with photosynthetic processes in
volving semiconducting minerals. In a second subchapter we will discuss some of 
the underlying principles of photoredox processes (either photosynthetic or photo
catalytic) that occur at the semiconductor-electrolyte interface. The third subchapter 
will deal with the kinetics of heterogeneous photoredox reactions and with the role 
that surface complexation plays in these processes. In a fourth subchapter six case 
studies of heterogeneous photoredox processes will illustrate some principles that 
have been discussed in subchapters one to three. Finally, reference is made to the 
cycling of iron and its role in the geochemical cycling of elements. 

10. 1 Heterogeneous Photosythesis 

In heterogeneous photosynthesis a thermodynamically unfavorable reaction (~G > 
0) is caused to occur by the presence of an illuminated solid, leading to conversion 
of radiant to chemical energy, whereas in heterogeneous photocatalysis the rate of 
a thermodynamically favorable reaction (~G < 0) is increased by the presence of an 
illuminated solid. The principle of photosynthesis in most general terms is illus
trated with a one-electron molecular orbital picture in Fig. 10.1. Absorption of light 
by the chromophore, C, leads to an electronically excited state, C*; i.e., an electron 
is transferred from the highest occupied molecular orbital (HOMO) (or from the 
valence band in case of a semiconductor) of C to the lowest unoccupied molecular 
orbital (LUMO) (or to the conduction band in case of a semiconductor) of C 1). The 
photoelectron in the LUMO (or in the conduction band) is strongly reducing and the 
photohole that is left behind in the HOMO (or in the valence band) is strongly oxi
dizing; thus, the chromophore C in its electronically excited state is both a stronger 
reductant and a stronger oxidant than in its ground state; i.e., the ionization poten
tial of C* decreases and the electron affinity increases approximately by the excita-

1) The HOMO-LUMO principle is derived from molecular orbital theory (e.g., Purcell and Kotz, 1980); 
it emphasizes the importance of orbital symmetry (proper overlap of reductant and oxidant 
orbitals). 
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338 Heterogeneous Photosythesis 

tion energy. The photoelectron and the photohole may recombine, either in a radia
tionless, thermal deactivation of the electronically excited state (internal conver
sion) or via radiative transition from the excited to the ground state. The probability 
that a photochemical reaction takes place, i.e., that the photoelectron is transferred 
to a thermodynamically suitable electron acceptor or that the photohole is filled with 
an electron from a thermodynamically suitable electron donor, depends on the rate 
constant of electron transfer as compared to the rate constants of radiative and/or 
radiation less transition. In order to increase the probability of the electron transfer 
reaction, the photoelectron/photohole pair that is formed through absorption of light 
must be locally separated. This can only be efficiently achieved in heterogeneous 
systems (see Figs. 1 O.6c and d) or in "supramolecular systems" (Balzani, 1987). 

Figure 10.1 
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Photooxidation and photoreduction of an electron donor and an electron acceptor, respectively, as 
illustrated schematically with a one-electron molecular orbital scheme. 
C = chromophore; 
D = electron donor; 
A = electron acceptor; 

HOMO = highest occupied molecular orbital; 
LUMO = lowest unoccupied molecular orbital. 

We first juxtapose the most prominent photosynthetic process, biological photo
synthesis, with photosynthetic processes occurring on some inorganic surfaces. 
Energy storage by the photosynthesis of green plants and some other living sys
tems can be represented in simplified form by the following chemical reaction: 
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~Gg98 = 496 kJ/mol 
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Z-scheme of photosynthesis (Archer and Bolton, in preparation). EO is the standard redox potential at 
pH 7. The essential features are the following: Photosystemll which is associated with the oxidation of 
water and photosystem I which is associated with the reduction of NADP+ are linked in series by an 
electron transport chain. Absorption of light by chlorophyll a and b of photosystem II mediates the 
transfer of an electron against the potential gradient from species Z (which is a manganese complex) to 
a speces 0 1, to give Z+ and 0'1. Z+ is a strong oxidant that is capable of oxidizing water to oxygen. 
From the reduced species 0 1 an electron is transferred in spontaneous dark reactions to subsequent 
electron acceptors until it reaches photosystem I. Absorption of light by chlorophyll a in photosystem I 
enables the second uphill electron transfer to the highly reducing component A1. A second series of 
dark electron-transfer reactions occurs via the protein ferredoxin and other electron traps and results 
finally in the reduction of NADP+. NADPH acts as a reducing agent in dark reactions that reduce C02. 
These reactions occur in a series of catalyzed steps known as the Calvin cycle. The reactions of the 
Calvin cycle require ATP as well as NADPH. ATP is synthesized in reactions that proceed parallel to 
the Z-scheme and utilize some of the energy that would otherwise be wasted in the downhill electron 
transfer step. For the formation of one oxygen molecule from water 4 electrons are transferred which 
requires 8 photons, since 2 photons are needed to transfer an electron from Z to A1. 
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For the formation of one O2 molecule four electrons have to be transferred. This 
requires a "quantum storage device". In the photosynthetic system of green plants 
this is achieved with two photosystems that are linked through an electron transport 
chain, Fig. 10.2, and by means of the thylakoid-membrane that enables the separa
tion of the photoproducts O2 and the reduced form of nicotinamide adenine dinu
cleotide phosphate, NADPH. 

The sunlight is absorbed by a number of pigments, of which chlorophyll a is the 
most important. The absorption spectrum of chlorophyll a is shown in Fig. 10.3. 
Apart from chlorophyll a there are accessory pigments which function as light
harvesting antennae and transfer the energy to the chlorophyll a. This is an elegant 
way to efficiently collect sunlight. 

Figure 10.3 
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Absorption spectra of chlorophyll a and bacteriochlorophyll a. 
(Modified from Archer and Bolton, in preparation) 

There have been many attempts to mimic some features of photosynthesis with 
abiotic systems for purposes of artificial solar energy conversion. Ideally a fuel, e.g., 
H2 , is formed through a photosynthetic process. Photolysis of water is a highly 
endergonic process: 

(10.2) 

LlG~98 = 237.2 kJ/mol 

Thus, the energy required for this reaction to occur is very similar to the energy re
quired fo form 1/2 O2 and 1/12 C6H 1206 from water and 112 CO2 , Eq. (10.1), in the 
photosynthesis of green plants. Since water absorbs light only in the UV and IR 
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region of the solar spectrum, a light absorber other than H20 is required that 
absorbs light in the visible region of the solar spectrum. Ideally the light absorber is 
a photocatalyst. A photocatalyst 1), PC, is a light-absorbing species that enables a 
photochemical reaction, e.g., a photo redox reaction, but remains unchanged after 
the overall process: 

hv 
PC ~ PC* 

PC* + 0 + A ---I.~ PC + 0+ + A- (10.3) 

This means that the photoelectron is transferred to an electron acceptor concomi
tantly with trapping of the photohole by an electron donor (Fig. 10.1). Semiconduc
tor materials have been tested as photocatalysts for the photodissociation of water. 
Fig. 10.4 shows the energetics in terms of standard redox potential of some semi
conductors as compared to the standard redox potential of H2/W and H20l02 at pH 
o. 

Sn 2 

EO (NHE) 

Figure 10.4 

Standard redox potential at pH 0 of the valence band and of the conduction band of various semi
conductors as compared to the standard redox potential of the redox couples H20/02 and HiW. 
(From Darwent, 1982) 

According to the energetics shown in Fig. 10.4, Fe203 cannot be used as a photo
catalyst for the photodissociation of water. However, it has been reported that 

1) Note, that the term "photocatalyst" is used independent of the sign of the free energy of the over
all process. 
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<l-Fe203 that was pretreated in such a way that the material contained some Fe304 
could be used as a photocatalyst for the photodissociation of water with light of 
wavelengths shorter than 540 nm (Khader et aI., 1987). In photosynthesis of the 
green plants two photocatalysts are involved: photosystem II and photosystem I. 
The linkage of two photosystems may also be advantageous for the photochemical 
splitting of water into oxygen and hydrogen involving artificial photocatalysts, where 
in one photosystem oxidation of water to form oxygen would take place and in the 
other the reduction of protons to form hydrogen (Beer et aI., 1991). 

In addition to photocleavage of water with photocatalysts, other photosynthetic pro
cesses such as photochemical CO2 reduction, resulting in the formation of CO or 
methane, and the photochemical fixation of nitrogen are of great interest: 

hv 
~ 

photocatalyst 

hv 
~ 

photocatalyst 

hv 
~ 

photocatalyst 

10.2 Semiconducting Minerals 

(10.4) 

(10.5) 

(10.6) 

The electronic properties of solids can be described by various theories which com
plement each other. For example band theory is suited for the analysis of the effect 
of a crystal lattice on the energy of the electrons. When the isolated atoms, which 
are characterized by filled or vacant orbitals, are assembled into a lattice containing 
ca. 5 x 1022 atoms cm-3, new molecular orbitals form (Bard, 1980). These orbitals 
are so closely spaced that they form essentially continuous bands: the filled bond
ing orbitals form the valence band (vb) and the vacant antibonding orbitals form the 
conduction band (cb) (Fig. 10.5). These bands are separated by a forbidden region 
or band gap of energy Eg (eV). 

An Intrinsic Semiconductor is characterized by an equal density of positive and 
negative charge carriers, produced by thermal excitation; i.e., the density of elec
trons in the conduction band, ni, and of holes in the valence band, Pi, are equal 

(~) ni = Pi oc exp 2 k T (10.7) 
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Formation of bands in solids by assembly of isolated atoms into a lattice (modified from Bard, 1980). 
When the band gap Eg « kT or when the conduction and valence band overlap, the material is a good 
conductor of electricity (metals). Under these circumstances, there exist in the solid filled and vacant 
electronic energy levels at virtually the same energy, so that an electron can move from one level to 
another with only a small energy of activation. For larger values of Eg , thermal excitation or excitation 
by absorption of light may transfer an electron from the valence band to the conduction band. There 
the electron is capable of moving freely to vacant levels. The electron in the conduction band leaves 
behind a hole in the valence band. 

Extrinsic Semiconductors are materials that contain donor or acceptor species 
(called doping substances) that provide electrons to the conduction band or holes 
to the valence band. If donor impurities (donating electrons) are present in min
erals, the conduction is mainly by way of electrons, and the material is called an n
type semiconductor. If acceptors are the major impurities present, conduction is 
mainly by way of holes and the material is called a p-type semiconductor. For in
stance in a silicon semiconductor elements from a vertical row to the right of Si of 
the periodic Table, e.g. As, behave as electron donors (As ~ As+ + e-) while 
elements from a vertical row to the left of Si, e.g. Ga, behave as hole donors (Ga + 
e-~ Ga-); i.e., in the latter case, electrons are excited from the vb into the 
acceptor sites, leaving behind mobile holes in the vb with the formation of isolated 
negatively charged acceptor sites. 

The energy of the Fermi level, EF, is defined as that energy where the probability of 
a level being occupied by an electron is Ij2 (i.e., where it is equally probable that the 
level is occupied or vacant). For an intrinsic semiconductor EF lies essentially mid
way between the cb and vb. For a n-type solid EF lies slightly below the conduction 
band, while for a p-type solid EF lies slightly above the valence band. 
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The Semiconductor-Electrolyte Interface 

If a semiconductor is brought into contact with an electrolyte containing one or more 
redox couples, charge transfer between the two phases occurs until electrostatic 
equilibrium (equality of the free energies of the electron in both phases) is attained 
or equivalently, the Fermi levels in the solid and the solution become equal. As 
illustrated in Fig. 10.6, in the case where EF lies above that in solution, electrons 
will flow from the semiconductor to the solution phase. Thereby the semiconductor 
becomes positively charged (the solution acquires an equivalent negative charge). 
The excess charge in the semiconductor does not reside on the surface, as it would 
in a metal, but instead is distributed in a space charge region, W (50 - 2000 A 
wide). This charge distribution on the solid side is analogous to that encountered in 
the diffuse double layer on the solution side. The resulting electric field that forms in 
the space charge region is represented by a bending of the bands. The band 
bending provides efficient means of separating electron-hole pairs. In the electric 
field caused by the band bending, electrons move in the opposite direction from 
holes (compare Figs. 6c and d). In the dark, little reaction occurs because there are 
few holes in the valence band to accept electrons from the reduced form of the 
redox couple located at a potential within the gap. 

Light-Induced Redox Processes at the Semiconductor-Electrolyte Interface 

Upon absorption of light with energy equal to or higher than the band gap energy, a 
band to band transition occurs, i.e., an electron from the filled valence band is 
raised to the vacant conduction band leaving behind an electron vacancy, a hole, 
h+, in the valence band. As a consequence of electronic excitation by light, a 
strongly reducing electron (photoelectron) and a strongly oxidizing hole (photo
hole) are formed. In the electrical field caused by the band bending, photoelectrons 
move in opposite direction from holes. The electrons and holes move in the semi
conductor in a manner analogous to the movement of ions in solution, but their 
mobilities are orders of magnitude larger than those of ions in solutions. The 
charge carriers that reach the surface can undergo redox reactions with adsorbed 
species at the solid/liquid interface. The thermodynamic requirement for such a 
redox reaction to occur is that the redox potential of the electron donor is smaller 
than that of the valence band edge and that the redox potential of the electron 
acceptor exceeds that of the conduction band edge (Fig. 10.6). The redox reaction 
at the solid/liquid interface is in competition with the recombination of the photo
generated electron-hole pair; its efficiency depends usually on how rapidly the 
minority carriers - the photoholes in an n-type semiconductor and the photoelec
trons in a p-type semiconductor - reach the surface of the solid and how rapidly 
they are captured through interfacial electron transfer from or to a thermodynami
cally suitable reductant or oxidant of the electrolyte. Plausibly, the redox reaction at 
the semiconductor-electrolyte interface is facilitated if the reductant and/or oxidant 
is adsorbed (by inner- or outer-spheric coordination) at the semiconductor surface. 
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Formation of a space charge after electrostatic equilibration of a semiconductor with a solution contain
ing a redox couple, 0, R; and redox interaction with the electrolyte as a consequence of irradiation. 
Energy level diagrams are given 
a) before contact with the electrolyte and in the dark, i.e., in the absence of any space charge; 
b) of a (n-type) semiconductor-electrolyte interface in the dark; the space charge is due to a 

depletion of electrons in the surface region of the semiconductor; ~cp is the equilibrium 
band bending; and W the space charge region; 

c) and d) of an irradiated (hv ~ Eg) n- and p-type semiconductor, respectively: photoholes in the 
valence band are able to oxidize R and photoelectrons in the conduction band are able to 
reduce O. 

Ecb, Evb, EF, and Eg are, respectively, the energies of the conduction band, of the valence band, of 
the Fermi level, and of the band gap. Rand 0 stand for the reduced and oxidized species, respec
tively, of a redox couple in the electrolyte. Note, that the redox system is characterized by its standard 
potential referred to the normal hydrogen electrode (NHE) as a reference point, EO(NHE) (V) (right scale 
in Fig. 1 0.6a), while for solids the vacuum level is commonly used as a reference point, E(VAC) (eV) (left 
scale in Fig. 10.6a). Note, that the energy and the potential-scale differ by the Faraday constant, F, 
E(VAC) = F x EO(NHE), where F = 96'484.56 C/mol = 1.60219 x 10-19 C per electron, which is by 
definition 1 e. The values of the two scales differ by about 4.5 eV, i.e., E(VAC) = -eEo(NHE) -4.5 eV, 
which corresponds to the energy required to bring an electron from the hydrogen electrode to the 
vacuum level. 
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Furthermore, one needs to consider that an inner-spherically adsorbed redox part
ner is characterized by a different redox potential than a solute redox partner (e.g., 
Fig. 9.2). Changing the concentration of specifically adsorbable (potential determin
ing) ions changes the potential drop across the semiconductor/electrolyte interface 
and can modify the flat band positions. Wand OW are potential determining ions 
for oxide minerals. With semiconducting oxides, Nernstian behavior is often ob
served; thus the electrode potential of the semiconductor changes by 59 mV for 
every pH unit (25 0 C). Specifically, the flat band potentials decrease by 59 mV for 
L1pH = +1. Hence, electrons in the cb are better reductants in the basic pH range 
while holes in the vb are better oxidants in the low pH range. 

The thermodynamic feasibility of redox reactions at the semiconductor-electrolyte 
interface can be assessed from thermodynamic considerations. Since typical redox 
potentials for many redox couples encountered in electrolytes of natural or techni
cal systems often lie between the band potentials of typical semiconductors, many 
electron transfer reactions are (thermodynamically) feasible (Pichat and Fox, 1988). 
With the right choice of semiconductor material and pH the redox potential of the cb 
can be varied from 0.5 to 1.5 V and that of the vb from 1 to more than 3.5 V (see Fig. 
10.4). 

Semiconductor Colloids. The electric field at the semiconductor-electrolyte inter
face usually decreases with decreasing particle size. As shown by Gratzel (1989), 
the band bending becomes small or negligible in undoped colloids when the 
radius of the colloid becomes equal or smaller than the thickness of the space 
charge layer of the semiconductor. Under these circumstances the potential drop at 
the interface is mostly due to the potential drop on the solution side. Since the band 
bending is small in colloidal semiconductors, charge separation occurs via diffu
sion. The electron-hole pairs, generated by light absorption, may occur in random 
fashion along the optical path (Gratzel, 1989), and these charge carriers recombine 
or diffuse to the surface where they may undergo reactions with redox partners from 
the solution. When reductants and oxidants are adsorbed on a seminconductor 
particle, oxidative and reductive exchanges may occur at the same surface. Each 
particle can be pictured as a "short-circuited" photoelectrochemical cell where the 
semiconductor electrode and the counter electrode have been brought into contact 
(Bard, 1988). 

Of major interest in geochemistry and in natural water systems are semiconducting 
minerals for which the absorption of light occurs in the near UV or visible spectral 
region and as a result of which redox processes at the mineral-water interface are 
induced or enhanced. Table 10.1 gives band gap energies of a variety of semi
conductors. 
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Table 10.1 Band gap energies and corresponding wavelengths of light for a 
variety of semiconductors (quoted from Waite, 1986) 

Band Gap 
Equivalent 

Band Gap 
Equivalent 

Semiconductor Wavelength Semiconductor Wavelength 
(eV) 

(nm) (eV) 
(nm) 

Zr02 5.0 248 CdS 2.4 516 
Ta20S 4.0 310 a-Fe203 2.34 530 
Sn02 3.5 354 ZnTe 2.3 539 
KTa03 3.5 354 PbFe12019 2.3 539 
SrTi03 3.4 365 GaP 2.3 539 
Nb20 s 3.4 365 Cd Fe204 2.3 539 
ZnO 3.35 370 CdO 2.2 563 
BaTi03 3.3 376 H92Nb20 7 1.8 689 
Ti02 3.0 -3.3 376 - 413 Hg2Ta207 1.8 689 
SiC 3.0 376 CuO 1.7 729 
V20 S 2.8 443 Pb02 1.7 729 
Bi20 3 2.8 443 CdTe 1.4 885 
FeTi3 2.8 443 GaAs 1.4 885 
PbO 2.76 449 InP 1.3 954 
W03 2.7 459 Si 1 . 1 1127 
W03_xFex 2.7 459 13-HgS 0.54 2296 
YFe03 2.6 476 13-Mn02 0.26 4768 
Pb2 Ti1.s Wo.sOs.s 2.4 516 

10.3 Kinetics of Heterogeneous Photoredox Reactions and the Role of 
Surface Complexation 

The quantum yield, <I> A' of a photochemical reaction is defined as the rate, RA, of 
formation of a primary photoproduct devided by the rate of light absorption, IA)." by 
the light-absorbing species (or chromophore) at a given wavelength, A (Balzani 
and Carassiti, 1970). (Note that in a system more than one chromophore may be 
present, but a given photochemical reaction occurs mostly only from one electroni
cally excited state of one chromophore). Thus, the rate of a photochemical reaction 
is then given by the following expression: 

(10.8) 

From Beer-Lambert's law follows: 
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IAA, = 2.303 x Lx £),. x [C] x loA, (10.9) 

where loA, in moles of photons per liter per hour is the volume averaged light inten
sity that is available to the primary chromophore; £A, the molar extinction coefficient 
of the chromophore at a given wavelength in liter per mole per centimeter; L the 
light path length in centimeters, and [C) the concentration of the chromophore C. 
Equation (10.9) is only valid if 2.303 x L x £),. x [C) « 1. The rate of a photochemical 
reaction is then: 

R),. = 2.303 x L x £),. x [C] x loA, x <1>),. (10.10) 

The rate expression given by Eq. (10.1 O) applies generally for homogeneous and 
for heterogeneous photochemical reactions, e.g. for heterogeneous photoredox 
reactions. 

In heterogeneous photo redox reactions not only the solid phase, i.e. the semicon
ducting mineral, may act as the chromophore (as discussed in Chapter 10.2) but 
also a surface species: (i) a surface complex formed from a surface metal ion of a 
metal (hydr}oxide and a ligand that is specifically adsorbed at the surface of the 
solid phase, and (ii) a chromophore that is specifically adsorbed at the surface of a 
solid phase. In the following these three cases will briefly be discussed. 

The (Bulk) Solid Phase Acting as Chromophore 

This case is shown in Fig. 10.6c and d where through absorption of light a photo
hole in the vb and a photoelectron in the cb are formed. The probability that inter
facial electron transfer takes place, i.e. that a thermodynamically suitable electron 
donor is oxidized by the photohole of the vb depends (i) on the rate constant of the 
interfacial electron transfer, kET, (ii) on the concentration of the adsorbed electron 
donor, [Radsl. and (iii) on the rate constants of recombination of the electron-hole 
pair via radiative and radiationless transitions,')kj. At steady-state of the electroni
cally excited state, the quantum yield, <1>),., orTnterfacial electron-transfer can be 
expressed in terms of rate constants: 

(10.11) 

Thus, via the quantum yield, the rate of a heterogeneous photoredox reaction, 
where the (bulk) solid phase acts as chromophore, depends on the surface con
centration of the reductant (or oxidant). 

The quantum yield of interfacial electron transfer does not only depend on the sur
face concentration of the reductant (or oxidant) but also on its adsorption property. 
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For instance, the more efficiently the photoholes are trapped from the valence band 
of an n-type semiconductor, the higher is the probability that the photoelectrons in 
the conduction band reach the surface and can reduce a thermodynamically suit
able electron acceptor at the solid-liquid interface. This is illustrated with an exam
ple taken from a paper by Frei et ai, 1990. In this example methylviologen, MV2+, 
acts as the electron acceptor and Ti02 as the photocatalyst. Upon absorption of 
light with energy equal or higher than the band-gap energy of Ti02, a photoelectron 
is formed in the conduction band and a photohole in the valence band: 

(10.12) 

The photoelectron either recombines with the photohole qr is transferred to th~ 
electron accetor, MV2+. Thereby the reduced species MV+ is formed. This MV+ 
radical exhibits an absorption band with a maximum at 630 nm. The increase of the 
absorption at 630 nm of the MV+ radical was measured as a function of time (in the 
microsecond range) after a laser pulse at 355 nm which creates high enough con
centrations of photoelectrons and photoholes. In the experiment shown in Fig. 
10.7a bare Ti02 particles were examined where the photoholes are trapped by the 
surface OW groups: 

--1.~ MV+ (10.13) 

. 
--1.~ OH (10.14) 

In the experiment shown in Fig. 10.7b phenylfluorone acting as hole trapper was 
added: 

e~b + MV2+ (10.15) 

. 
--+~ PF+ (10.16) 

In the absence of PF, the growth of the MV+ absorption at 630 nm is slow, extend
ing over at least 1 ms (Fig. 10. 7a). Surface complexation with PF accelerates 
drastically the growth of the 630 nm absorption of MV+. Two-thirds of the signal is 
formed already within 200ns after the laser pulse (Fig. 10.7b). From FTIR spectro
scopic investigations the authors suggest that phenylfluorone forms a bidentate 
surface complex at the surface of Ti02. This example illustrates that a specifically 
adsorbed reductant that forms a bidentate surface complex as is the case for the 
adsorption of phenylfluorone at the Ti02 surface seems to be specifically efficient 
for the trapping of the photoholes. 
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Effect of surface chelation on the kinetics of electron transfer from the conduction band of Ti02 to 
methylviologen (MV2+). Oscillograms showing the time-dependent growth of the MV" absorption at 
630 nm after laser excitation (at 355 nm) of aqueous solutions (pH 4.85) containing colloidal Ti02 
(1 gfe) and 10.3 M MV2+: 
a) bare Ti02 particles; 
b) PF-chelated Ti02 particles (PF concentration 3 x 10-5 M). 
(Modified from Frei, Fitzmaurice, and Gratzel, 1990) 

A Surface Complex Acting as the Chromophore 

In heterogeneous photoredox systems also a surface complex may act as the 
chromophore. This means that in this case not a bimolecular but a unimolecular 
photo redox reaction takes place, since electron transfer occurs within the light
absorbing species, i.e. through a ligand-to-metal charge-transfer transition within 
the surface complex. This has been suggested for instance for the photochemical 
reductive dissolution of iron(III)(hydr)oxides (Waite and Morel, 1984; Siftert and 
Sulzberger, 1991). For continuous irradiation the quantum yield is then: 

<l> _ kpF 
A. -klc + kp F (10.17) 

where kpF is the rate constant of photoproduct formation, and klc the rate constant 
of the thermal deactivation of the charge-transfer state (internal conversion). Com
bining Eqs. (10.10) and (10.17) yields for the rate of photoproduct formation, e.g. of 
dissolved iron (II) formation in the case of the photochemical reductive dissolution 
of iron(III)(hydr)oxides: 

d[Fe(II)ag] kpF 
dt - = 2.303 x L x to x [=FeIIIR] x 100 x 

'" '" klC+kpF 
(10.18) 
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where [=FeIIIR] is the concentration of the surface complex formed from the specific 
adsorption of a reductant R at the surface of an iron(III)(hydr)oxide. 

Hence, in both, in bimolecular and in unimolecular heterogeneous photoredox 
reactions the rate of photoproduct formation depends on the surface concentration 
of an electron donor or acceptor and on the adsorption properties of the adsorbing 
species. 

An Adsorbed Compound Acting as Chromophore 

Despite the relatively large band-gap energy, Ti02 is often used as a photocatalyst 
because of its relative inertness with regard to dissolution. In order to render such 
materials more suitable as photocatalysts for the visible part of the solar spectrum, 
the surface of the solid phase is modified by the specific adsorption of a chromo
phore which has a lower energy gap between the HOMO and the LUMO as com
pared to the band-gap of the semiconductor. The principle is shown in Fig. 10.8 for 
the case of a photoelectrochemical cell. 

Redox 
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Figure 10.8 
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Mechanism of dye sensitization and charge transfer in a sensitized regenerative photoelectrochemical 
cell (cell E.M.F. = ~Iectromotoric {orce of the photoelectrochemical cell). 
(Modified from Vlachopoulos, Liska, McEvoy, and Gratzel, 1987) 
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Upon absorption of light an electron from the HOMO of the adsorbed dye, D, is 
raised to the LUMO from where it is injected into the conduction band of the n-type 
semiconductor and transferred to a counter electrode where an oxidant, 0, is re
duced. From the reduced species, R, the electron is transferred to the HOMO of the 
adsorbed dye to fill the electron vacancy, so that after the overall photoelectro
chemical process the dye is in its original oxidation state. Vlachopoulos et al. 
(1987) have reported on Ti02 photoelectrodes that were sensitized to visible light 
with various dyes and that showed high quantum yields of interfacial electron 
transfer under visible irradiation. 

10.4 Case Studies on Heterogeneous Photoredox Reactions 

Photocatalytic Oxidation of Organic Pollutants 

In heterogeneous photochemistry an increasing efford goes into the study of the 
photocatalytic degradation of organic pollutants with Ti02 as a photocatalyst. One 
example is the photocatalytic oxidation of 4-chlorophenol (4-CP) (AI-Ekabi et aI., 
1989) according to the following overall stoichiometry: 

hv 
C4H4CI0 + 1% O2 • 6 CO2 + HCI + 2 H20 (10.19) 

Ti02 

Fig. 10.9 shows the rate of 4-CP degradation as a function of the solution concen
tration of 4-CP. 

As seen in Fig. 10.9 the rate reaches a plateau, consistent with the assumption that 
the rate is directly proportional to the surface concentration of 4-CP. 

In these photocatalytic oxidation processes the organic compound is either directly 
oxidized by the valence band holes: 

htb + organic compound --1.~ oxidized organic compound (10.20) 

or the organic compound is oxidized by OH radicals that are formed through reac
tion of the surface OH- groups of Ti02 with the photoholes: 

(10.21) 

OH + organic compound • oxidized organic compound (10.22) 

The photoelectrons of the cb react with adsorbed molecular oxygen, eventually 
leading to formation of H20 2 . 
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Figure 10.9 

C 12 
'E 
~ 
::1. 
~ 0.9 
""0 

ctS 
~ 

OJ 
Q) 

""0 
a... 
0 
..J. 

0.3 -0 
Q) -ctS 

.---,-----,----.----,----.-.5 

• 4-CP 
o HQ 

o 

• 0 

• N 
o ,.... 
x 

E 
2 0 -o 

I -o 
Q) 

a: ro 
~--_f_:--___::'-::---~=____::'-:----::L~O a: 0
0 

Effect of 4-chlorophenol (4-CP) concentration on the rate of degradation of 4-CP (e) and the rate of 
formation of hydroquinone (0), which is a major intermediate of the 4-CP degradation. Conditions: 
initial pH 5.8; flow rate, 250 ml min-1; temperature, 30 ± 2° C. 
(From AI-Ekabi, Serpone, Pelizzetti, Minero, Fox, and Draper, 1989) 

Photocatalytic Production of Hydrogen Peroxide 

H20 2 (and organic peroxides) can be formed by either the reduction of O2 by e- b or 
the oxidation of H20 by htb as follows (Hoffmann, 1990): c 

O2 + 2 e~b + 2 W 

2 H20 + 2 htb 

(10.23) 

(10.24) 

IsotopiC labeling studies have shown that H20 2 formed in irradiated suspensions of 
ZnO contained oxygen atoms derived exclusively from O2 , 

The overall rate of H20 2 formation on metal oxide (Ti02 , ZnO, etc.) surfaces was 
shown (Kormann et aI., 1988; Hoffmann, 1990) to depend on Po ' on the concentra
tion of organic electron donors and on the concentration of H2D2 . The reason for 
the net rate of H20 2 formation depending also on the H20 2 concentration is that 
H20 2 may also be photodegraded by reactions such as 

(10.25) 

(10.26) 

The combination of the photocatalytic production and the photocatalytic degrada
tion will result in a steady-state concentration of H20 2 during continuous irradiation. 
Steady-state concentrations of H20 2 in excess of 100 11M were obtained in illumi-
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nated suspensions of ZnO. Ti02 is less effective for H20 2 production (Kormann et 
aI., 1988; Hoffmann, 1990). 

Electron donors, D, adsorbed on the particle surface react with valence-band holes 

. 
D + h+ --.~ D+ vb 

(10.27) 

Hole trapping by electron donors bound to the surfaces of the semiconductor par
ticles competes with the e~b - htb recombination, allowing e~b to react with mole
cular O2 via Eq. (10.23). Fig. 10.10 shows that the quantum yield, <1>, of H20 2 and 
total peroxide formation increases with increasing concentration of the electron 
donor. 

o 

[2-Propanolj (M) 

Figure 10.10 

Quantum yield, <I> (in %), of H20 2 and organic peroxide formation with ZnO colloids as a function of the 
2-propanol concentration. 
(From Kormann, Bahnemann and Hoffmann, 1988). 

Photocatalytic Oxidation of S(IV) (S02' HSOj or S~-) by O2 

The photocatalytic oxidation of organic and inorganic compounds and the photo
catalytic production of H20 2 occurs also at the surface of iron(III)(hydr)oxides. It 
has been proposed (e.g., Hoffmann, 1990; Faust and Hoffmann, 1986) that the oxi
dation of S(IV) by O2 in atmospheric water is catalyzed by iron(III)(hydr)oxide par
ticles. It is assumed that the reductant (HS03) is specifically adsorbed at the surface 
of an iron(III)(hydr)oxide, forming either a monodentate or a bidentate surface 
complex: 
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=Fe-OH + HSOj < >=FeSOj + H20 (10.28) 
or 

+ 
- OH 2 HSO- _0 ...... 

=Fe:, OH + 3 ~ ... ;= ..... ~ =Fe:" 0 ..... S - ° + 2 ~O 
(10.29) 

It is also assumed (Hoffmann 1990) that the adsorbed sulfite is oxidized by the 
valence band holes, htb' that are formed through absorption of light with photon 
energies exceeding the band-gap energy (ca. 2.2 eV) of an iron(II1)(hydr)oxide, 
e.g., hematite (a-Fe203). This interfacial electron transfer reaction results in forma
tion of the S~ radical anion which reacts with another radical to form S20~·, one of 
the end product, if the reaction is carried out under nitrogen. 

Unlike Ti02 some iron(III)(hydr)oxide phases are reductively dissolved upon 
photocatalytic oxidation of an adsorbed organic or inorganic compound. This 
means that reaction of the photoelectrons, trapped at surface iron centers, with oxy
gen is slower than detachment of surface iron(II) from the crystal lattice. Whether 
detachment of surface iron (II) or its reoxidation by oxygen predominates depends 
on the electrostatic energies between surface iron(II) and the neighboring oxygen 
ions. 

Photocatalytic Reductive Dissolution of Hematite in the Presence of Oxalate 

In the absence of oxygen the photocatalytic reductive dissolution of hematite in the 
presence of oxalate occurs according to the following overall stoichiometry (Siftert 
and Sulzberger, 1991): 

(10.30) 

In aerated suspensions no measurable (in the time-frame of typical experiments) 
reductive dissolution takes place and hematite acts as a photocatalyst for the oxi
dation of oxalate by 02: 

(10.31 ) 

The rate of the photochemical reductive dissolution of hematite in the presence of 
oxalate is strongly wavelength-dependent. In order to calculate quantum yields at 
various wavelengths according to Eq. (10.18), the rates of dissolved Fe (II) forma
tion were experimentally determined at different wavelengths but at constant light 
intensity (Siffert and Sulzberger, 1991). As seen in Fig. 10.11 only light in the near
UV region (A < 400 nm) leads to an enhancement of the dissolution brought about 
by the redox process at the surface. This is in line with what has been observed by 
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Faust and Hoffmann (1986) and Litter and Blesa (1988) who investigated the 
wavelength-dependence of the rate of photochemical reductive dissolution of 
iron(III)(hydr)oxides using hematite-bisulfite and maghemite-EDTA as model sys
tems, respectively. 

Figure 10.11 
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Rate of the photochemical reductive dissolution of hematite, RA, = d[Fe(II))/dt, in the presence of oxa
late as a function of the wavelength at constant incident light intensity (10 = 1 000 Ileinsteins e-1 h-1). 

The hematite suspensions were deaerated; initial oxalate concentration = 3.3 mM; pH = 3. (In order to 
keep the rate of the thermal dissolution constant, a high enough concentration or iron (II), [Fe2+] = 
0.15 mM, was added to the suspensions from the beginning. Thus, the rates correspond to dissolu
tion rates due to the surface photoredox process). 
(From Siffert and Sulzberger, 1991) 

From these rates, quantum yields were calculated assuming that the surface com
plex acts as the chromophore, Table 10.2. For the calculation of these quantum 
yields we used the extinction coefficients as estimated from the absorption spec
trum of dissolved ferrioxalate. Thus, these quantum yields can only be considered 
as very rough estimate. Between 350 and 390 nm they are practically constant. 
This is what one would expect if the surface complex were the chromophore, 
namely a constant quantum yield in the wavelength-range of its ligand-to-metal 
charge-transfer transition. The upper limit value of the quantum yield is two, since 
the photochemically formed CO~ radical is a strong reductant and can in a thermal 
reaction reduce a second surface iron(III), so that without loss processes, as the 
thermal deactivateion of the charge-transfer state, two iron(II) could be formed per 
absorbed photon. 

The fact that these estimated quantum yields are between 350 and 390 nm not too 
different from the quantum yields of photolysis of the corresponding solution 
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Table 10.2 Quantum yield, <1>,1.' of dissolved iron (II) formation under the 
assumption that the iron(III) oxalato surface complex is the 
chromophore. 

A 
(nm) 

350 
360 
375 
390 
405 

1.4 
1.5 
1.4 
1.5 
0.2 

[=FeIIIC20 4]= 20 flM; L = 0.5 cm; the 9,. values are estimated from the absorption spectrum of 
dissolved ferrioxalate, and hence these quantum yields can only be considered as very rough 
estimate. 

(Modified from Siffert and Sulzberger, 1991) 

iron(I1I) oxalato complexes (Parker, 1968) is an indication that the surface complex 
may act as the chromophore but by no means a proof. As discussed for the S(IV) 
oxidation with a-Fe203 as a photocatalyst, hematite itself may also act as the 
chromophore. Then the photochemical reductive dissolution is induced by a band
to-band transition (presumingly between a band with oxygen-character and a band 
with iron-character), i.e., by a charge-transfer transition (Siffert and Sulzberger, 
1991). The question of whether in the photochemical reductive dissolution of 
iron(III)(hydr)oxides the surface complex acts as the chromophore can only be 
answered with a suitable inner-sphere surface complex which exhibits a ligand-to
metal charge-transfer band in a spectal window of the solid phase and which is 
photolysed with high quantum yields. 

If the surface complex is the chromophore, then the photochemical reductive disso
lution occurs as a unimolecular process; alternatively, if the bulk iron(II1)(hydr)
oxide is the chromophore, then it is a bimolecular process. Irrespective of whether 
the surface complex or the bulk iron(III)(hydr)oxide acts as the chromophore, the 
rate of dissolved iron(II) formation depends on the surface concentration of the 
specifically adsorbed electron donor; e.g. compare Eqs. (10.11) and (10.18). It has 
been shown experimentally with various electron donors that the rate of dissolved 
iron(II) formation under the influence of light is a Langmuir-type function of the 
dissolved electron donor concentration (Waite, 1986). 

Also, photolysis of dissolved iron(III) oxalato complexes, which are photolyzed 
with high quantum yields, has to be taken into account in order to describe this 
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photoredox system. Dissolved iron(III) oxalato complexes are formed via thermal 
dissolution of hematite where Fe(II) acts as a catalyst as described in Chapter 9. 
As a result, the rate of dissolved Fe(II) formation is not constant, i.e., zero order with 
regard to the dissolved oxalate concentration, but increases with time as shown in 
Fig. 10.12, indicating an autocatalytic process (Cornel and Schindler, 1987; Siftert 
and Sulzberger, 1991). 
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Light-induced dissolution of hematite in the presence of oxalate at pH 3. The deaerated hematite sus
pension was irradiated with light that had passed a monochromator (A, = 375 nm; 10 = 4 W m-2). Initial 
oxalate concentration = 3.3 mM. 

(From Siffert and Sulzberger, 1991) 

Photosynthetic Oxidation of /ron(II) 

Photosynthetic processes involving some inorganic iron-bearing minerals (semi
conductors) and dissolved Fe-species may be looked at as "primitive" alternatives 
or precursors to biological photosynthesis. 

From the perspective of geochemistry, one can ask the question of whether oxygen 
evolution occurred in prebiotic times with systems involving iron(III) oxides (see 
Khader et aI., 1987). The question then arises how iron(III) bearing minerals were 
formed in prebiotic times. The major iron ore sources on the Earth are the banded 
iron formations. They consist of extensive iron-rich and iron-poor layers within 
siliceous sedimentary rocks. The banding of some of the Precambrian banded iron 
formations found in Australia consist of iron mineral-chert varves, averaging about 
0.15 mm per annual pair. The origin of the banded iron formation of the Precam-
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brian is the subject of many speculations since the atmosphere in the Precambrian, 
more than 600 million years ago, was probably mildly reducing. One hypothesis 
that was proposed by Braterman et al. (1984) for the prebiotic banded iron forma
tion is the photooxidation of ferrous iron under reduction of protons. The evolution 
of hydrogen in an acid aqueous ferrous solution has been known for a long time: 

hv 
Fe2+ + H+ .. Fe3+ + 1/2 H2 (10.32) 

Braterman and coworkers (1984) have demonstrated that this reaction occurs also 
at higher pH (up to neutral pH) where ferric iron is then precipitated as iron(III) 
hydroxide according to the following overall reaction: 

hv 
Fe2+ + 2 H20 ~ y-FeOOH + 2 W + 1/2 H2 (10.33) 

Also iron(II) bearing minerals such as pyrite may be oxidized photochemically in 
the absence of oxygen according to the following reaction scheme (Jaegermann 
and Tributsch, 1988): 

hv 
FeS2 .. FeS2 (e~b' htb) (10.34) 

(10.35) 

(10.36) 

hv 
FeS2 + 8 H20 ~ Fe3+ + 2 SOr + 71/2 H2 + W (10.37) 

Fe(OHh(s) 

Abiotic Photosynthetic Oxygen Evolution 

It has been reported (Calzaferri et ai., 1984) that oxygen from water is evolved upon 
irradiation of a silver-loaded zeolite (a group of alumino-silicates) suspension 
according to the following overall stoichiometry: 

(10.38) 
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where Z stands for the zeolite lattice. The authors assume that a ligand-to-metal 
charge-transfer transition, the lattice oxygen ions of the zeolite being the ligand and 
the silver ions that are located within the zeolite cavities being the metal centers, is 
involved in this heterogeneous photoredox reaction. This means that an internal 
surface complex acts as the chromophore in this case. Upon reduction of silver ions 
silver clusters are formed within the cavities and act themselves as chromophores. 
The bigger the clusters become, the more they absorb light in the visible region of 
the spectrum. Thus, a process which can be called self-sensitization of the photo
chemical oxygen-evolution takes place. This is shown in Fig. 10.13: The current is a 
measure of the evolved oxygen concentration, since oxygen was measured with a 
Clark-electrode. At each wavelength the zeolite-suspension was irradiated for 8 
minutes. Before the irradiation at the next wavelength, the suspension was kept in 
the dark for 22 minutes. Such light-dark cycles at different wavelengths were 
repeated several times. With increasing cycle number the silver-zeolite becomes 
more and more active in the visible region for the photochemical evolution of 
oxygen from water. 
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Self-sensitization experiment of an aqueous Ag+ zeolite A suspension. 1 nAs corresponds to 3.94 nl 
of oxygen. 

(From Calzaferri, Hug, Hugentobler, and Sulzberger, 1984) 
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10.5 The Cycling of Iron in Natural Systems; Some Aspects Based on 
Heterogeneous Redox Processes 

The objectives of this section are to illustrate the relevance of some of the hetero
geneous redox processes (that were discussed in Chapter 9) and of the photo
chemical processes occurring on some inorganic Fe-bearing minerals (this Chap
ter) to the cycling of iron in natural systems. 

The cycling of iron through the various global reservoirs (atmosphere, oceans, 
soils, sediments) depends on various physical, chemical, and biological processes. 
In all these reservoirs, the iron bearing solids are present with high surface area to 
volume ratios. The surface-controlled reactions are of great significance in regulat
ing the composition of the reservoirs and influence the mass fluxes of elements 
from one reservoir to another. The cycle of iron is interdependent and often kineti
cally coupled with the cycles of P, S, heavy metals, 02' and C, and depends on the 
biota and the energy and intensity of light. 

The Importance of Iron in the Global Geochemical Cycling of Elements 

Three considerations underline the importance of iron: 
1} the quantities involved both in the iron reservoir of sedimentary rocks and the 

rates of transformations. Approximately 17 x 1020 mol of Fe (ca. 5 - 6 % by 
weight) are in the sedimentary rocks and ca. 3.5 x 1012 mol yr-1 of Fe are trans
formed from oxidized to reduced reservoirs and vice versa. This corresponds to 
an equivalent net electron flux. Although this is small in comparison to the elec
tron flux induced by gross photosynthesis (3 x 1016 mol yr-1), the actual flux of 
electrons passing through Fe ions is much larger because the Fe(I1} - Fe(III} 
"redox wheel" turns locally many times for each net transformation. The ability of 
Fe-species to become oxidized or reduced and concomitantly to become pre
cipitated and dissolved links the iron cycle to that of oxygen (oxidant) and 
organic carbon (reductant). 

2} The large specific surface areas of the Fe solid phases (Fe(II,III)(hydr}oxides, 
FeS2, FeS, Fe-silicates) and their surface chemical reactivities facilitate specific 
adsorption of various solutes. This is one of the causes for the interdependence 
of the iron cycle with that of many other elements, above all with heavy metals, 
some metalloids, and oxyanions such as phosphate. 

3} The solid state and the surface chemistry of some of the solid Fe-phases impart 
to these oxides and sulfides the ability to catalyze redox reactions. Surface com
plexes and the solid phases themselves acting as semiconductors can partici
pate in photoredox reactions, where light energy is used to drive a thermo
dynamically unfavorable reaction (heterogeneous photosynthesis) or to catalyze 
a thermodynamically favorable reaction (heterogeneous photocatalysis). 
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The (Photo)redox Cycle of Iron 

The iron cycle shown in Fig. 10.14 illustrates some redox processes typically ob
served in soils, sediments and waters, especially at oxic-anoxic boundaries. The 
cycle includes the reductive dissolution of iron(III)(hydr)oxides by organic ligands, 
which may also be photocatalyzed in surface waters, and the oxidation of Fe(II) by 
oxygen, which is catalyzed by surfaces. The oxidation of Fe(II) to Fe(II1)(hydr)
oxides is accompanied by the binding of reactive compounds (heavy metals, phos
phate, or organic compounds) to the surface, and the reduction of the ferric (hydr) 
oxides is accompanied by the release of these substances into the water column. 

On overall balance the cycle shown in Fig. 10.14 represents a mediation (by iron) 
of the oxidation of organic matter by oxygen. This oxidation may be important both 
in the degradation and polymerization of organic matter in soils and waters. The 
interdependence of the iron cycle with that of other redox cycles is obvious; e.g., 
Fe(II) can reduce Mn(III,IV) oxides, and HS- is an efficient reductant of hydrous 
Fe(III) oxides. Many of the processes mentioned above occur also in soils directly 
or indirectly mediated by microorganisms. Microorganisms and plants produce a 
large number of biogenic acids that are effective in ligand promoted dissolution of 
Fe(III) and other (hydr)oxides. Oxalic, maleic, acetic, succinic, tartaric, ketogluconic 
and p-hydroxybenzoic acids have been found in top soils with oxalic acid, the most 
abundant, in concentrations as high as 10-5 - 10-4 M (in soil water). The downward 
vertical displacement of AI and Fe observed during podzolization of soils can be 
explained by considering the effect of pH and of complex formers on the solubility 
of iron and aluminum (hydr)oxides and on their dissolution rates. The same bio
genic acids are found typically in waters and sediments and are also produced by 
fermentation reactions under anoxic conditions. The reductive dissolution of Fe(III) 
(hydr)oxides is also of importance for iron uptake by higher plants. 

Possible catalysis 
by surfaces 

Figure 10.14 
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Schematic representation of the aquatic (photo)redox cycling of iron. == denotes the lattice surface of 
an iron(I1I)(hydr)oxide. 
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The Iron Cycle in Salt Marsh Sediments. Luther et al. (1991) have proposed that 
the iron(II) catalyzed dissolution of iron(II1)(hydr)oxides plays a significant role in 
the biogeochemical cycling of iron in salt marsh sediments. No oxygen is present in 
the porewater of such sediments in Great Marsh, Delaware, and manganese 
oxides are not likely oxidants in these anaerobic systems. Yet, there is evidence for 
reaction of dissolved Fe(III) complexes with pyrite at near neutral pH, and thus for 
the coexistence of dissolved Fe(III) and dissolved Fe(II). The cycling of iron in 
these systems is shown in Fig. 10.15. The main reactions of this iron cycle are the 
follwing: 
1) Ligand-promoted dissolution of iron(II1)(hydr)oxides, where the iron(II) cata

lyzed dissolution plays the major role. 
2) Reductive dissolution of iron(III)(hydr)oxides and reduction of dissolved 

iron(III) species by organic reductants, R, soluble reduced sulfur or solid phase 
sulfur, 8(-11). 

3) Oxidation of the sulfide of pyrite by dissolved iron(III). 
4) Precipitation of dissolved Fe (II) to form sulfide minerals. 

The cycle of iron solubilization will continue as long as bacteria and/or plants pro
duce organic ligands.The cycle will stop when sulfate reduction rates are high and 
organic ligand production is low. At this point soluble hydrogen sulfide reacts with 
Fe(lI) to form sulfide minerals. The iron cycle shown in Fig. 10.15 for salt marsh 
sediments may also occur in other marine sedimentary systems. 

Figure 10. 15 
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Redox cycling of iron in salt marsh sediments. The solid lines and the dashed lines indicate redox 
reactions and precipitation reactions, respectively. 
(Modified from Luther, Kostka, Church, Sulzberger and Stumm, in press) 
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The Iron Cycle in the Photic Zone of Surface Waters: In the photic zone the forma
tion of iron(U) occurs as a photochemical process. The photochemical iron(II) for
mation proceeds through different pathways: 1) through the photochemical reduc
tive dissolution of iron(III)(hydr)oxides, and 2) through photolysis of dissolved 
iron(III) coordination compounds, Fig. 10.16. 

OX2 
O:!; H2O:!; Mn(llI,IV) (5) 

Figure 10.16 

Red1 
e.g. Humic acid; oxalic acid 

OX1 
e.g. CO2 

H+l~O:! 
CO2 + ~H2~ 

Schematic representation of the photoredox cycling of iron in the photic zone of surface waters. The 
important features are the following: 
1) The photochemical reduction of particulate and of dissolved iron(III) is coupled to the oxidation of 

a reductant, i.e., of dissolved organic carbon. 
2) The heterogeneous and the homogeneous photo redox reactions lead to formation of H202 

through reaction of the primary oxidation product, e.g. C~, with oxygen. 

Dissolved iron(III) is (i) an intermediate of the oxidative hydrolysis of Fe(II) , and (ii) 
results from the thermal non-reductive dissolution of iron(III)(hydr)oxides, a reac
tion that is catalyzed by iron(II) as discussed in Chapter 9. Hence, iron(II) forma
tion in the photic zone may occur as an autocatalytic process (see Chapter 10.4). 
This is also true for the oxidation of iron(II). As has been discussed in Chapter 9.4, 
the oxidation of iron (II) by oxygen is greatly enhanced if the ferrous iron is ad
sorbed at a mineral (or biological) surface. Since mineral surfaces are formed via 
the oxidative hydrolysis of Fe(II), this reaction proceeds as an autocatalytic process 
(Sung and Morgan, 1980). Both the rate of photochemical iron(II) formation and 
the rate of oxidation of iron(II) are strongly pH-dependent; the latter increases with 



The Cycling of Iron 365 

increasing pH and the former decreases with increasing pH. The reoxidation of 
Fe(II) may produce a Fe(OHb(s) that is less polymeric and less crystalline than 
aged Fe(III)(hydr)oxides and thus more soluble and in faster equilibrium with 
monomeric Fe(III) species, which may control iron uptake by phytoplankton (Rich 
and Morel, 1990). As shown in Fig. 10.16 the photoredox cycling of iron mediates 
the oxidation and recycling of organic matter, i.e. of humic and fulvic substances, 
which may lead to formation of CO in addition to CO2 (Zepp, private communica
tion; Bartschat and Sulzberger, in preparation). The photochemical oxidation of 
organic compounds under reduction of iron(III) species is a source of H2 0 2 
through the reaction of the primary oxidation product, which is often a radical, with 
oxygen (see Fig. 10.16). Recently it was suggested (Mopper et aI., 1991) that the 
photochemical degradation pathway is the rate limiting process for the removal of a 
large fraction of oceanic dissolved organic carbon. The involvement of iron in this 
photochemical degradation appears likely, although no data are available yet. 

As discussed in previous subchapters, the rate of the photochemical reductive dis
solution of iron(III)(hydr)oxides depends on the concentration and type of surface 
complexes present and on the light intensity and its energy. Because the light 
intensity varies diurnally, also a diurnal variation in the iron(II) concentration can 
be expected in surface waters. This has been observed in acidic waters (McKnight 
and Bencala, 1988; Sulzberger et aI., 1990). Fig. 10.17 shows such a diurnal varia
tion in the concentration of dissolved Fe(II) in a slightly acidic alpine lake (Lake 
Cristallina) of Switzerland. 
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Diurnal variation of the concentration of dissolved Fe(II) • and of the incident light intensity 0 in Lake 
Cristallina. (The maximal measured light intensity is arbitrarily set to one). 

(From Sulzberger, Schnoor, Giovanoli, Hering, Zobrist, 1990) 
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The net concentration of Fe(II) at any day time reflects the balance of the reductive 
dissolution and the oxidation/precipitation reactions and parallels the light intenstiy. 
It is believed that the photochemical reductive dissolution of Fe(III)(hydr)oxides is 
also of importance for the formation of iron(II) in marine systems; however, around 
pH = 8 the rate of reductive dissolution is likely to be much smaller than at lower 
pH-values. Also, in the photic zone of oceanic waters the concentration of H20 2 
may be sufficiently high that oxidation of Fe(II) by H20 2 may compete with oxy
genation, which would increase the overall Fe(II) oxidation rate. Since H20 2 
formation occurs through photochemical processes, e.g., involving dissolved 
organic carbon (Cooper et aI., 1988; Zuo and Hoigne, submitted; Bartschat and 
Sulzberger, in preparation), iron(II) oxidation by H20 2 may also depend on the 
light intensity. 

As discussed in Chapter 10.4, the kinetics of the photochemical reductive dissolu
tion depends strongly on the light energy. This may have consequences for the 
steady-state concentration of iron(II) at different depths of the photic zone, since 
longer wavelength-light can penetrate to a greater depth as compared to shorter 
wavelength-light. The reason for this is that the attenuation of the light due to 
absorption by dissolved organic carbon decreases with increasing wavelengths 
(Zepp and Cline, 1977). Wells et al. (1991) have reported that light increases the 
lability of colloidal iron in seawater of pH 8, and that generally only wavelengths 
below 400 nm lead to an increase in the lability of iron due to light. From model 
calculations combining the wavelength-dependence of the attenuation of the light 
by DOC and the wavelength-dependence of the labilization of colloidal iron the 
authors predict that the depth-integrated formation of labile iron will be maximal at 
390 nm. 

The Iron Cycle in Atmospheric Water. The iron cycle is also important in atmo
spheric water. Although liquid water constitutes less than 10-6 % of the troposphere, 
chemical processes in the aqueous phase (clouds, fog, rain) are of great relevance. 
Jacob et al. (1989) have suggested that the iron (photo)redox cycle mediates the 
oxidation of S(IV) by oxygen. Behra and Sigg (1990) have reported that a large 
fraction of the total iron in fog water is present as dissolved Fe(II). The concentra
tion of Fe(II) increased both with decreasing pH and exposure to light; maximal 
concentrations of 0.2 mM were reported. These authors assume that Fe(III) 
(hydr)oxide is reduced by sulfite, organic compounds and also by free radicals 
formed photochemically during daytime. Not only heterogeneous but also homo
geneous photoredox reactions are of importance in atmospheric water. Zuo and 
Hoigne (submitted) suggest that the concentration of dissolved Fe(III) oxalato 
complexes in acidic atmospheric water is sufficiently high to make their photolysis a 
dominant source of in-cloud H20 2 , ~, H02 and OH radicals and a major sink of 
atmospheric oxalic acid. The occurrence of iron cycling in the atmosphere illus
trates that redox reactions of Fe(II)/Fe(III) can occur readily also in the absence of 
microorganisms. 



Reading Suggestions 367 

Reading Suggestions 

Stumm, W., and B. Sulzberger (1991), "The Cycling of Iron in Natural Environments; Considerations 
Based on Laboratory Studies of Heterogeneous Redox Processes", Geochim. Cosmochim. 
Acta (i n print). 

Sulzberger, B. (1990), "Photoredox Reactions at Hydrous Metal Oxide Surfaces; a Surface Coordina
tion Chemistry Approach", in W. Stumm, Ed., Aquatic Chemical Kinetics, Wiley-Interscience, 
New York, pp. 401-429. 

Waite, T. D. (1990), "Photo-Redox Processes at the Mineral-Water Interface", in M. F. Hochella Jr. and 
A. F. White, Eds., Mineral-Water Interface Geochemistry, Mineralogical Society of America, 
Washington, D.C., pp. 559-603. 



Chapter 11 

Regulation of Trace Elements by the Solid-Water 
Interlace in Surface Waters 

11. 1 Introduction 

The solid-water interface, mostly established by the particles in natural waters and 
soils, plays a commanding role in regulating the concentrations of most dissolved 
reactive trace elements in soil and natural water systems and in the coupling of 
various hydrogeochemical cycles (Fig. 1.1). Usually the concentrations of most 
trace elements (M or mol kg-1) are much larger in solid or surface phases than in 
the water phase. Thus, the capacity of particles to bind trace elements (ion ex
change, adsorption) must be considered in addition to the effect of solute complex 
formers in influencing the speciation of the trace metals. 

The particles in natural systems are characterized by a great diversity (minerals, 
including clays and organic particles; organisms - biological debris, humus, macro
molecules - and inorganic particles coated with organic matter, etc.) (Table 7.1). 

This chapter is organized as follows: We first attempt to discuss, in terms of simpli
fied models, how particles carrying functional groups behave in solutions whose 
variables are known or controlled. This is followed by observations and interpreta
tions on the concentration of trace elements in rivers and how these trace elements 
are distributed between particulate and dissolved phase. Then, we will consider the 
regulation of metal ions and of other reactive elements in lakes; above all, it will be 
shown that the interaction of these trace elements with biotic and non-biotic par
ticles and the subsequent settling of these particles will be of utmost importance for 
their removal from the water/column. Finally considerations will be given to inquire 
to what extent similar interpretations can be given to oceans. 

11.2 The Particle Surface as a Carrier of Functional Groups 

Abstracting from the complexity of the real systems, there is one common property 
of all natural particles. Their surfaces contain functional groups which can interact 
with W, OH- and metal ions and - if Lewis acid sites, e.g., =AI and =Fe, are avail
able on the surface - with ligands. Many inorganic solids (oxidesoand silicates) 
contain hydroxo groups; carbonates and sulfides expose -C-OH, -C~OH' MeOH and 
-SH groups, respectively. While the interaction of alkaline and earth-alkaline ions 
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with clays occurs mostly through ion exchange processes, the adsorption of heavy 
metals on clays is often dominated by surface complex formation with the single 
coordinated OH groups on the edge surfaces (aluminol and silanol groups). The 
surfaces of humic substances is characterized mostly by carboxyl and phenolic -
OH groups (some imino and amino as well as some -SH groups may also be pre
sent). Biological surfaces contain -COOH, -NH2 and -OH groups. Despite the 
diversity of these functional groups, they all have the characteristics of surface 
ligands able to bind protons and metal ions. 

Much insight into the surface properties of natural particles is obtained by measur
ing W ion binding as a function of pH, metal ion (or ligand) binding by the surfaces, 
as a function of pH. For an evaluation of equilibrium quotients and for a general
izable characterization of the pH-dependent interaction we need to determine the 
maximum protolyzable site concentrations (capacity of functional groups to bind 
protons) and the metal complexing capacity (and ligand complexing capacity) of 
the particle surfaces. The proton binding capacity is obtained most readily from 
alkalimetric titration curves. The complexing properties of metal ions can be deter
mined by titrating the particles with metal ions at constant pH or quite expediently 
by titrating the metal ions at constant pH with surface ligands, i.e. particles that have 
been previously separated from the water. It is usually observed that the apparent 
binding constant may depend somewhat on the ratio of metal bound/surface area 
because the binding constant becomes - as with natural ligands in solution (Buffle 
and Altmann, 1987) - weaker when the strongest binding sites become limited. 
Electrophoretic measurements indicate that in the pH-range of natural waters most 
particles carry a negative charge; this charge can usually be accounted for by 
knowing the composition of the particle, its permanent charge, and the cations and 
anions that have become sorbed to (Chapter 3). 

Model Studies. In model studies of adsorption, one deals with simple, well-defined 
systems, where usually a single well-characterized solid phase is used and the 
composition of the ionic medium is known, so that reactions competing with the 
adsorption may be predicted. It is not a trivial problem to compare the results from 
such model studies with those from field studies, or to use model results for the 
interpretation of field data. In field studies, a complex mixture of solid phases and 
dissolved components, whose composition is only poorly known, has to be con
sidered; competitive reactions of major ions and trace metal ions for adsorption 
may take place, and the speciation of the trace metal ions is often poorly under
stood. In order to relate field studies to model studies, distribution coefficients of 
elements between the dissolved and solid phases are useful. These distribution 
coefficients are of the following form: 

cs 
Ko = - (e kg-1) 

Cw 
(11.1) 
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where Cs is the concentration in the solid particles (mol kg-l) and Cw is the concen
tration in water (mol e-1). 

The distribution coefficients are independent of the concentration of suspended 
solids in water, which can vary over a wide range; they thus give a better picture 
than the fraction of metal ions in solution. Such distribution coefficients can be 
predicted on the basis of the equilibrium constants defining the complexation of 
metals by surfaces and their complexation by solutes (Table 11.1). 

Distribution coefficients based on adsorption equilibria are independent of the total 
concentrations of metal ions and suspended solids, as long as the metal concentra
tions are small compared with the concentration of surface groups. Examples of the 
Ko obtained from calculations for model surfaces are presented in Fig. 11.1. A 
strong pH dependence of these Ko values is observed. The pH range of natural 
lake and river waters (7 - 8.5) is in a favorable range for the adsorption of metal 
ions on hydrous oxides. 

Increasing concentrations of a soluble ligand cause a decrease in Ko for the simple 
case in which the complexation in solution and at the surface are competing with 
each other (see Example 11.1 and Fig. 11.4). 

4.---.----.----~--~--~ 

log KD 

3 Pb2+/AI20 3 

2 

-1 ~--~--~----~--~--~ 
5 6 7 8 9 10 

pH 

Figure 11.1 

Distribution coefficients (e kg-1) calculated for surface complexation with =AIOH and =SiOH surface 
group. The following species were taken into account for Pb: Pb2+, PbOW, PbCOg, Pb(C03)~-' 
=AI-O-Pb+, (=AIO)2Pbo, and with Si02 (=SiO)2Pbo and =SiO-Pb+ {=AIOH} = 0.25 mol kg-1 {=SiOH} = 
1.5 mol kg-1. 

(Modified from Sigg, 1987) 
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Table 11.1 Determination of the Distribution Coefficient KD from Surface 
Complex Formation (From Schindler, 1984 and Sigg, 1987) 

Species at surface: =S-O-M-, (=SOhM 

Species in solution: M2+, MOH-, M(OH)(~m)+, ML1, ML2, where L1 and L2 are 
known soluble ligands. 

where { } denotes concentration in mol/kg of solid phase. 

K~ = {=S-O-M+} [W] / {=SOH} [M2+] 

p~ = {=S-O)2 M} [W] / {=SOH}2 [M2+] 

The KS values can be corrected for electrostatic effects 

(
mol/kg) 
mol/e-1 

( e/kg) 

KOH = [MOW] / [M2+] [OH-]; 

K1 = [ML] / [M2+] [L]; 

PoHm = [M(OH)ml / [M2+] [OH-]m 

KD depends on: 
- pH 

P2 = [ML2] / [M2+] [L]2 

- kind of surface; number of OH groups per surface 
- complexation in solution 

Natural Particles in Comparison to Oxides 

Many naturally occurring particles - even organic particles, and surfaces of bac
teria and algae - interact with metal ions in a similar way as oxides. In Fig. 11.2, the 
adsorption of Pb(II) on natural particles (isolated from a small river) is compared 
with that on goethite surfaces. Adsorption isotherms, at a given pH, are compared 
(data from Muller and Sigg, 1990). The approximate fit of the data of both adsor
bents to a Langmuir isotherm (equivalent to a surface complex formation model, cf. 
Chapter 4.3) is evident from a plot of the reciprocal Langmuir equation. 

To normalize the data in reference to the surface parameter, the quantity of mol 
Pb(II) sorbed is plotted per mol of functional groups present. These were deter-
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mined experimentally from the adsorption capacity of Pb(II). Perhaps surprising is 
that the binding of Pb by natural particles at pH = 8 is not significantly different than 
that by goethite. The slightly stronger affinity of the surface of the natural suspended 
particles for Pb2+ than that of goethite can nearly be accounted for by the fact that 
the acidity constant of the particle OH-groups have a lower pK value (probably 
around 5) than the goethite OH-groups (pK around 6.7). The slight deviation of the 
goethite data from a Langmuir fit, is most likely due to electrostatic effects. 
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Figure 11.2 

Adsorption of heavy metal ions to the surface of goethite and of natural particles 

a) Surface complex formation of Pb2+ on goethite and the surface of natural particles (Glatt River). The 
data are interpreted in terms of Langmuir adsorption isotherms (Eq. 4.7). 

b) The reciprocal of Eq. (4.7) is plotted (cf. Eq. (4.10c)). Slope and intercept permit to estimate 
rM(max) and Kads. Data from MOiler (1989) and MOiler and Sigg (1990). 

The comparison between goethite and natural particles at pH = 8 shows a slightly larger tendency of 
the natural particles to bind Pb2+ than of goethite. 
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11.3 Titrating Metal Ions with Particles 

The extent of adsorption of reactive elements, e.g., metal ions, to particles can be 
readily determined by titrating a particle suspension or a sample of natural water 
containing particles with a metal ion (Fig. 11.3a) or to inverse the titration, i.e., to 
titrate a dilute standard metal solution with particles (Fig. 11.3b). 

Figure 11.3 

a 

[Me I (total) added 
(relative concentration units) 

b 

10 
Particles (total) added 

a) Schematic representation of the titration of a solution with a standard metal solution at a constant 
pH. The displacement of the curve (in comparison to a particle-free solution) by the particles re
flects the adsorption isotherm and permits the determination of the extent of adsorption. 

b) A given metal ion concentration is titrated with a particle suspension. The slope of this curve also 
reflects the adsorption isotherm and permits to determine the extent of adsorption of metal ions to 
the particles. 

Analytical-operational Difficulties. In order to work close to the conditions in natural 
waters, very low concentrations of metal ions (in the nanomolar range) and of par
ticles as well as pH values in the neutral range have to be used. Analytical difficul
ties occur because of undesired adsorption of metal ions to the experimental 
devices (walls of beakers, glass filtration devices, etc.) 1) and of insufficient separa
tion of the particulate and dissolved phase (particles in the colloidal size range). 

Two methodological approaches have been found useful: 
1) The voltammetric determination of metal ions in the presence of particles are in 

principle able to differentiate without prefiltering the water sample between dis
solved and labile species, i.e., the metal ions electrochemically available within 
the diffusion layer and (in addition to other non-labile complexes) those bound 
to particles and colloids (Gon<;alves et aI., 1985, 1987). 

1) Such metal ion adsorption effects become relatively significant - especially in very dilute solutions 
at pH-values above 7. 



Titrating Metal Ions 3 75 

2) The adsorption of metal ions to the walls of the titration vessel can be better con
trolled by reversing the conventional titration procedure, i.e., instead of titrating 
the ligands (particles) with metal ions, a given concentration of metal ions is 
titrated with the ligands (in this case with incremental aliquots of the particles 
that were previously isolated from the river by centrifugation (Fig. 11.3b). The 
initial distribution of the metal ion between the walls of the titration vessel and 
the aqueous phase can be determined and a correction factor can be applied to 
the results of the subsequent titration. A further advantage of this approach is 
that a large range of low ratios of metal bound/(surface ligands) may be attained 
(Muller and Sigg, 1990). 

Example 11. 1: Effect of soluble Ligands and of Particles on the Distribution of 
Zn(II) between particulate and soluble Phases 

In order to evaluate the two important variables which - in addition to pH - affect 
the residual concentrations of a metal ion, we use a simple equilibrium approach to 
assess the effect of these two variables. We assume a constant pH and character
ize the effect of particle ligands, =L, by the surface complex formation equilibrium. 

= 108.2 

and we characterize the equilibrium with the soluble complex former X as 

Kznx = [ZnX] / [Zn2+] [X] = 107 

For the calculation, we assume the following total concentrations: 

[Znr] 
[=Lr] 
[Xr] 

= [=LZn] + [Zn2+] + [ZnX) = 10-7 M 
= [=L] + [=LZn] = 10-9 - 10-6 M 
= [X] + [ZnX) = 1 0-9 - 1 0-6 M 

(i) 

(ii) 

(iii) 
(iv) 
(v) 

In order to demonstrate the effect we first "titrate" a 10-7 M Zn(II) solution in pre
sence of [X] = 5 x 10-8 M (= constant) with particles. The results are given in Fig. 
11.4a. Then we "titrate" the solution in the presence of a small (constant) concentra
tion of particles with a soluble complex former X (Fig. 11.4b). 

As a consequence of the addition of particles, soluble [Zn(I1)) and free [Zn2+] de
crease while the particle-borne Zn, [=LZn], increases. The addition of a soluble 
complex former increases soluble [Zn(II)) but decreases free [Zn2+]; the particle
borne Zn [=LZn] decreases with increasing [Xr]. 
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Role of Particles in regulating metal ions in rivers 
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a) In simple calculation (see Example 11.1) a 10-7 molar Zn solution is ''titrated'' with particles [XTl = 5 x 
10-8 M. 

b) A 10-7 molar Zn-solution in presence of a small particle concentration [=LTl = 10-7 M is ''titrated'' 
with a soluble complex former X. 
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Figure 11.5 

Representative examples of linearized titration curves of metal ions with natural particles (isolated from 
a river) plotted according to Eq. (11.5). Increments of a suspension of the particles were added to a 
solution of 1.53 x 10-7 M resp. 4.83 x 10-8 M Pb (ionic medium: 10-2 M KN03/10-3 M HCO 3, purged 
with NiO.06 % C02, pH = 8). In the range 3 - 30 (Pb) and 3 - 60 (Zn) mg particles per liter, the experi
mental points fit a straight line of which the slope and intercept give values for the binding capacity =LT 
and KL. Deviation from this line are observed at low Me/surface ratio (low end of titration curve) where 
sites with higher affinity are effective, and at high Me/surface ratio, where saturation of the surface 
occurs. 

(From MOiler and Sigg, 1990) 



Titrating Metal Ions 3 77 

Comparing Field Data with Laboratory Experiments. Can the distribution of metal 
ions between particulate and dissolved phases be explained in terms of simple 
interactions with surfaces on the basis of the obtained surface parameters? Can the 
differences in distribution (as reflected by the distribution coefficients) be explained 
by different binding properties of the particles? 

In order to answer these questions, laboratory experiments were compared with 
field measurements in a local river (MOiler and Sigg, 1990). Laboratory experi
ments with the centrifuged particulate matter, isolated from a river, were used. The 
results obtained by titrating a metal solution with a suspension of the centrifuged 
particles were interpreted in terms of binding capacities and conditional stability 
constants (Fig. 11.5). 

Conditional stability constants of the type: 

[=LMe] 
= 

[Me] [=L] 
(11 .2) 

are derived at constant pH, together with corresponding binding capacities =LT. 
With: 

[M9T] = [=LMe] + [Mesol] = [=LMe] + <Xl [Men+] = constant (11 .3) 

and 

[=LT] = [=L] + [=LMe] = {=L T} x a (11.4) 

where {=LT} means the total concentration of surface ligands in (mol/kg) of solid 
material, [=LMe] the concentration of metal bound to the surface ligands L ex
pressed in (mol/e), [Mesol] is the concentration of metal in solution, <Xl = [Men+]/ 
[Mesol] (<Xl can be calculated for a solution of known composition; in the simplest 
case only hydroxo and carbonato species are included); and a the concentration of 
suspended solids in (kg/e). One may derive the following expression (Ruzic, 1987; 
Van den Berg, 1979): 

[Mesol] 

{=LMe} 
(11 .5) 

which allows the calculation of =LT and KL from a linear plot of {[~esol]} versus 
[Mesol]. =LMe 

This approach is limited to cases where one type of surface group dominates a 
substantial part of the experimental range and thus gives a straight line. The para-
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meters characterize the solid material of varying composition and allow a compari
son of different samples. 

With these experimental surface reaction parameters and the speciation program 
MICROQL the species distribution in the river using metal and particle concentra
tions, pH and alkalinity measured in the river at the concerned sampling data was 
calculated. Various assumptions for the complexation in solution may be used, 
which affect U1 and thus Kd· 

It is surprising that data on natural particles can be fitted over a range of concentra
tions (representative of those encountered in natural waters) on the basis of a 
"single-site" surface complex formation model. Apparently similar types of binding 
groups are predominant and of importance in these particles. 

11.4 Regulation of Dissolved Heavy Metals in Rivers 

Table 11.2 gives some representative examples of dissolved trace metal concen
trations in rivers, especially in large impolluted rivers. 

The data show that rivers contain remarkably low concentrations (in some cases 
concentrations are as low as 10-11 M) of dissolved metal ions. (Many data that have 
been reported in the literature have been based on total particulate and dissolved 
concentrations; furthermore, analytical procedures have often not been able to dis
criminate against contamination during sampling and sample processing.) The 
metal concentrations in rivers are a consequence of 
1) geochemistry of the rocks in the catchment area (metals released into the water 

by weathering); 
2) anthropogenic pollution (by waste inputs and atmospheric deposition); and 
3) river chemistry (adsorption of metal ions to particles and other surfaces and 

particle deposition into the sediments). 

Windom et al. (1991) report that on the average 62, 40, 90, and 80 % of the Cd, Cu, 
Pb and Zn, respectively, carried by US east coast rivers is on particles. Similar con
clusions were reached in an earlier study by Martin and Whitfield (1983). These 
high proportions of particulate metal ions are representative of large rivers that are 
often relatively unpolluted and that are characterized by high loads of turbidity (low 
ionic strength). In many small rivers with anthropogenic metal pollution and of low 
turbidities (calcareous drainage area) a significant fraction of metal ions may be 
present in dissolved form (ct. Fig. 11.7). The effect of particles on the residual con
centrations is also apparent from the pH dependence. Fig. 11.6 shows an example 
of this pH dependence. (Similar data on the pH dependence of Cd and Pb were 
reported by Windom, 1991.) The experimental results show a decrease in [Zn] with 
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increasing pH. Such a dependence is in a first approximation compatible with a 
reaction of the type 

S-OH + Me2+.. .. S-OMe+ + W (11.6) 

The relatively simple interaction between metal ions and particles as described in 
Fig. 11.4 permits the application of this model (Eqs. 11.2 - 11.5) to make estimates 
on changes in distribution between particular and dissolved phase and in metal 
speciation as a function of variations in river chemistry (e.g., a change in turbidity, 
i.e., in particle concentration as a consequence of increased runoff, or a change in 
complex forming capacity by complex forming pollutants or a change in pH). 

Figure 11.6 
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a) Zinc in relatively undisturbed major rivers including the Yangtze (Chiang Jiang) and tributaries of 
the Amazon and Orinoco. 

b) Zinc normalized to total dissolved solids for the same set of major rivers. 
c) Zinc in pH-adjusted aliquots of Mississippi River water (April 1984, 103 mg e-1 suspended load, pH 

7.7); the adjusted aliquots were allowed to equilibrate overnight before filtration and analysis. 

(From Shiller and Boyle, 1985) 

Fig. 11.7 gives examples on the speciation of Pb(II) in a local river (Glatt, Switzer
land) in presence of concentrations of EDTA and NT A (typically encountered in this 
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river). EDTA (Ethylene diaminetetracetate) and NTA (nitrilo triacetate) are strong 
complex formers used in industry and households; they are typically found in 
receiving waters as poliutants.The data of MOiler and Sigg (1990) for natural par
ticles are very similar to those determined for marine sediment particles by Balistieri 
and Murray (1984). Johnson (1986) has demonstrated heavy metal regulation in a 
heavily polluted acid-mine drainage river. The concentration dependence could be 
accounted for by surface complexation with hydrous iron(III)oxide particles. 

a 100 

80 

60 

40 

o 

Figure 11.7 

Natural River pH=8 
Particles 3.5 mg/t (=5x1 0-8 M sites) 

Pb(IIrrotal = 1.8x1 0-8 M 
LCO:1 = 2x10-3 M 

[Cu(II)] = 2.5x10-8 M 
[Ca2+] = 1. 7x 1 0-3 

b 

+EDTA 
=7xl0-8 M 
+NTA 
=4xl0-8 M 

Speciation of Pb(II) in Glatt river. The concentrations given for C02, Pb(II), Cu(II) and [Ca2j as well as 
for the pollutants EDTA and NTA are representative of concentrations encountered in this river. The 
speciation is calculated from the surface complex formation constants determined with the particles of 
the river and the stabilit~ constants of the hydroxo-, carbonato-, NTA- and EDTA-complexes.The pre
sence of [Ca2j and [Cu j is considered. 

(From MOiler and Sigg, 1990) 
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Table 11.2 Examples of Dissolved Trace Metal Concentrations in Rivers 
These data are based on advanced instrumentation and sampling 
methodology, paying attention to the elimination of contamination 
during sampling, storage, and analysis. See article by Windom et 
al. (1991) from where the data for this table are taken. 

Concentration nM 

Cd Cu Zn Pb Ref 

US East Coast Rivers 0.095 17 13.0 0.11 a) 

Mississippi 0.12 23 3.0 b) 

Yangtze <0.01 18-21 0.6-1.2 c) 

Amazon 0.06 24 0.3-3.8 c) 

Orinow 0.035 19 2.0 c) 

a) investigated mean of data from two sampling campaigns by Windom et al. (1991); 
b) Shiller and Boyle, Nature ill, 49-52 (1985); 
c) data from Shiller and Boyle (1985), from Boyle et al. (1982) and Edmond et al. (1985). 

11.5 Regulation of Trace Elements in Lakes 

In Fig. 1.1 we already encountered a scheme of some of the chemical, biological, 
and physical processes which regulate the concentration of trace elements in the 
water column of lakes and oceans. When these trace elements are introduced into 
a lake by riverine and atmospheric input, they interact 
1) with solutes (complex formation) and 
2) with inorganic and organic (phytoplankton) particles (adsorption and assimila-

tion). 
The affinity of the reactive elements to the particles which settle through the water 
column, determines essentially the relative residence time of these elements and 
their residual concentrations and ultimate fate. (Fig. 11.8). 

As shown in Table 11.3, the concentrations of trace elements in the water column is 
- despite anthropogenic pollution - extremely small (10-11 - 10-7 M) illustrating the 
remarkable efficiency of the continuous "conveyor belt" of the settling adsorbing 
and scavenging particles. The sedimentary record reflects the accumulation of 
trace elements in sediments and a profile of concentration vs sediment-depth (or 
age) gives a "memory record" on the loading in the past (Fig. 11.9). 
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Figure 11.8 

Inputs of dissolved 
d . I I Atmospheric 

an cPartlcu at.!~l'"m~e_ta_s ____ d_e~p~o~si~tio~n __ ~~~....::::::::::::::::~= __ ..,.".--t\,..-:; .( ~MOSPH~ '------,V' 
Me articulate 

inorganic algae, 
particles biolog. 

material 

Fe(III) oxide 
M n(IV)oxide 

-------- - -. ----------

Me dissolved ~ 
~ Me(aq)~MeL 

Oxidation and ~ 
precipitation ~ 

Fe (III) oxide -- Fe2+ 

Mn (IV) oxide -- Mn2+ 

Reduction and 
dissolution 

I Mn2+ 4 Release of 
Fe2+ r 

/ trace elements? 
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b) Pb in Lake Michigan. The dashed line reflects a model fit assuming contributions from gasoline 
only (from Edgington and Robbins, 1976). 



Regulation of Trace Elements in Lakes 383 

Table 11.3 Examples of concentrations of trace elements in different lakes 1) 

Lakes 

Lake Zurich a) 

Lake Constance b) 

Lake Michigan c) 

Lake Erie d) 

Lake Ontario d) 

Southern Sweden e) 

Northern Sweden e) 

Lake Baikal lj 

a) Sigg et al. (1987) 
b) Sigg et al. (1983) 

6 
5 

10 
9 

11 
5 
4 

Cu 
nM 

-12 
-20 

-13 
-16 
-15 
-42 

2.4 - 3.9 

c) Shafer and Armstrong (1990) 

5 
15 

0.4 

Zn 
nM 

-
-

-

45 
60 

9 
0.8 

0.04 - 1.7 
60 - 382 

<30 - 305 
3.1 - 8.5 

40 
50 

63 
6 

45 
35 
22 

Cd 
pM 

-
-

-

-

100 
100 
170 

97 
83 

-1070 
- 804 
- 130 

d) Coale and Flegal (1989) 
e) Borg (1983) 
f) Falkner et aI., (1991 ) 

0.05 
0.2 

Pb 
nM 

- 1 
- 0.5 

0.25 
0.008 - 0.15 
0.004 - 1.37 
0.97 - 5.30 
1.45 - 5.30 

-

The data in Lake Erie, Lake Ontario and of the Swedish lakes were measured only in surface waters. 
The swedish lakes are in crystalline area and have somewhat lower pH values. In these lakes and in 
Lake Baikal there is no CaC03 precipitation. 

1) Modified from Sigg (1992) 

Role of Settling Particles 

Both biogenic organic particles (algae, biological debris) and inorganic particles 
(e.g., manganese and iron oxides) (cf. Table 11.4) contribute to the binding and 
transport of reactive elements. The photosynthetic production of algae and their 
sedimentation is a dominant process, especially in eutrophic lakes. Near the 
sediment-water interface, anoxic conditions may occur, under which iron and 
manganese oxides undergo reduction and dissolution. As discussed in Chapter 9, 
trace elements are affected by these processes in different ways (interaction with 
iron and manganese oxides, precipitation as and complexation with sulfides). 

Table 11.5 shows that sedimentation rates of 0.1 - 2 g m-2 d-1 are typically ob
served in lakes; still higher values are found in very eutrophic lakes. The settling 
material can be collected in sediment traps; it can then be characterized in terms of 
chemical composition, morphology, and size distribution of the particles. The com
position is subject to seasonal variations caused primarily by different biological 
activities in the various seasons. Representative examples for Lakes Zurich and 
Constance are given in Fig. 11.10. These two lakes are prealpine lakes, located in 
regions of predominantly calcareous rocks, both are under the influence of 
eutrophication. 



Table 11.4 The Role of Settling Particles in Regulating Trace Elements in Lakes 

Components of Settling Particles 

- Phytoplankton and biological debris 

- CaC03 
(usually precipitated within the lake) 

- Fe(III)(hydr)oxides 
introduced into the lake and formed 
within the lake 

- Mn(III,N) oxides 
mostly formed within the lake 

- Aluminum silicates 
clays, oxides 

I Characteristics 

- Surface of organisms has strong affinity for heavy metals such as Cu(II), Pb(II), 
Zn(II), Cd(II), Ni(II) (surface complex formation). 

- Organisms also absorb (assimilate) nutrients (P, N, Si, S etc.) and nutrient metal 
ions (e.g., Cu(II), Zn(Il), Co (II)) and metal ions that are mistaken (by the organ
isms) as nutrients (e.g., Cd(II), As(V)). 

- Phytoplankton is mineralized in water column and sediments. 

- Heavy metals and phosphate are adsorbed and may become incorporated; 
CaC03 crystals are usually large (d > 5 Ilm); because small specific surface area 
(in comparison to other settling material) the effect of CaC03 on overall removal 
of trace elements is small. 

- Strong affinity (surface complex formation) for heavy metals, phosphates, sili
cates and oxyanions of As, Se; Fe(III) oxides even if present in small propor
tions can exert significant removal of trace elements. 

- At the oxic-anoxic boundary of a lake (see Chapter 9.6) Fe(III) oxides may 
represent a large part of settling particles. Internal cycling of Fe by reductive dis
solution and by oxidation-precipitation is coupled to the cycling of metal ions as 
discussed in Chapter 9. 

- High affinity for heavy metals and high specific surface area. Redox cycling 
[MnOx(s) ~ Mn2+(aq)] (Chapter 9.6) is usually important in regulating trace ele
ment concentrations and transformations in lower portion of lake and sediments. 

- Ion exchange; binding of phosphates and metal ions; unless present in large 
concentrations, overall effect on trace element removal is small. 
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Table 11.5 

Lakes 

Constance 
Zurich 
Michigan 
Windermere 
Kejimukjik 
Mountain 

(From Sigg, 1992) 

a) Sigg, 1987 

Sedimentation rates in different lakes 

The ratios Zn/C and Cu/C are given in order to compare the composition of the settling particles in 
different systems 

Sed. rate C Fe Zn Cu Pb Cd Zn/C Cu/C 
9 m·2 d·1 mmol m·2 &1 mmol m·2 d·1 j.II11OI m-2 &1 j.II11OI m·2 d·1 iJITloi m·2 & 1 )JlTI01 m·2 & 1 iJITloVmol iJITloVmol 

2 0.41 5.2 0.8 0.4 530 71 
2.5 12.5 0.34 5.8 1.2 0.7 0.027 466 95 
0.48 2.3 0.05 1.3 0.4 0.1 0.007 565 155 
2.8 28.6 1.29 14.9 12.3 2.3 526 430 
1.2 13.9 2.9 1.1 1.6 209 80 
0.45 9.3 2.1 0.7 0.1 230 78 

c) Hamilton-Taylor et aI., 1986 
b) Shafer and Armstrong, 1990 d) Nriagu et aI., 1989 

Ref 

a) 

a) 

b) 

c) 

d) 
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Figure 11. 10 

Some examples of the composition of settling particles from Lake Zurich and Lake Constance and of 
their variations with time and depth (% dry weight of organic material, calcium carbonate, iron and 
manganese oxide). Sediment traps in Lake Zurich were exposed at 50 m, below the productive layer, 
and at 130 m, that means -5 meters above the sediment-water interface (maximum depth'" 135 m). In 
Lake Constance, the maximum depth is -250 m. Settling particles shown here were collected during 
the productive summer stagnation and at the end of stagnation. 

(From Sigg, 1987) 
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The Binding of Metals to the Settling Particles. The partition of metals between par
ticles and the water depends 
1) on the affinity of the metal ions for the solute ligands (complex formation); 
2) the affinity for the surfaces of the settling particles, and 
3) the extent of uptake by the biota. 
Some of the characteristics of the various components of the settling particles and 
their surfaces is discussed in Table 11.4. The individual components of particles 
usually do not settle separately; they agglomerate (coagulation) to heterogeneous 
particles. Algae, calcite crystals and Fe(III)(hydr)oxides assist the agglomeration 
process so that typically the aggregates form relatively large and relatively rapidly 
settling agglomerates (see Chapter 7.7). It still is reasonable to assume that the 
binding and incorporation of metal ions is fast in comparison to the settling. 

Since the overall component composition of the settling material (proportion of 
algae, CaC03, aluminum silicates etc.) changes seasonally, a corresponding 
change in element and metal composition of the particles provides clues on the 
affinity of the various components for metal ions. Investigations on such correlations 
document the important role of settling phytoplankton in playing a dominant role in 
the transport of metal ions. 

Phytoplankton 

Organic material can strongly adsorb metal ions; the functional groups on their sur
faces act as ligands (carboxyl, amino groups etc.) for metal ions. All these func
tional groups favor the surface complex formation with metals; the adsorption reac
tions are favored at higher pH (Fig. 11.11). 

In addition to adsorption processes, phytoplankton can absorb (assimilate) certain 
nutrient metal ions (or metal ions that are by the organisms mistaken as nutrients). 
As with other nutrients, this uptake can occur in stoichiometric proportions. The up
take (and subsequent release upon mineralization) of nutrients in stoichiometric 
proportions was claimed already 1934 by Redfield. In referring to the atomic pro
portions C : N : P : Si etc. one refers to the Redfield Ratios. This stoichiometry is well 
established (at least for the conventional nutrients) in oceanic waters; it has also 
been postulated for lakes (Stumm and Morgan, 1970). 

Organic Matter in the settling material originates mostly from phytoplankton. The 
chemical composition can be compared to the Redfield stoichiometry of algae 
«(CH20)106 (NH3)16 (H3P04). In particles of Lake Constance (collected mostly dur
ing the summer) a mean composition C113N1SP1 was found while the particles from 
Lake Zurich (collected over a whole year had a mean ratio of C : P of 97 : 1 (N was 
not measured) (Sigg et aI., 1987). In these lakes 15 - 40 weight-% of the settling 
particles consists of organic matter. This fraction varies during the year due to 
seasonal variations of primary productivity. 
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Figure 11.11 
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Cu(II) binding isotherms for algal surfaces at different pHs. Bound Cu was determind by AAS meas
urements of extracts of the algae after reaction with Cu at given pH; the reaction was carried out in a 
suspension containing 0.01 M KN03 , 1.89 - 2 x 10-5 M NT A, 0.1 - 1.8 x 10-5 M TCu and 75 -120 mg 
e- 1 algae dry wt. All isotherms follow a simple Langmuir equation at low coverage. The resulting bind
ing constants and capacities are log K 8.4, 9.1 and 10.0, r max 9 x 10-7, 1.7 )( 10.6 and 1.4 )( 10-6 mol g' 
1 for pH 5.0, 6.0 and 6.5, respectively. 

(From Xue and Sigg, 1990) 

Settling Biota as a major Carrier of heavy Metals. Among the components of set
tling material mentioned above, several lines of evidence point to the importance of 
biological material as a major carrier of trace metal ions. The binding of metal ions 
to surface ligands also represents a first step in the uptake of metal ions into the 
organisms (Fig. 11.12). Since organisms require a number of essential trace ele
ments, such as Cu and Zn, it may be expected that these elements will be bound in 
certain ratios by algae similar to the Redfield ratio for C, N, P. If these elements are 
mostly bound to biological material in the settling particles, the ratios found in these 
particles should correspond to such a Redfield ratio. 

The ratios of different elements to C are listed in Table 11.5 as an attempt to test 
this assumption in various systems. For Lake Zurich and Lake Constance the 
following tentative ratio was calculated: 

In Lake Zurich and Lake Constance, correlations between the contents of different 
trace elements in the settling particles and phosphorus, which may be used as an 
indicator of biological material, indicate that especially copper and zinc were likely 
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to be associated with biological material (Fig.11.13). In Lake Zurich, the highest 
sedimentation fluxes of Cu and Zn were observed during summer, simultaneously 
with the sediment fluxes of organic carbon and phosphorus (Sigg et aI., 1987). 
Similar tendencies were also found for Cd and Pb, but the data were more 
scattered, due possibly to the tendency of these elements to adsorb to different 
types of particles. In Lake Michigan (Shafer and Armstrong, 1990) diatoms appear 
to represent an important transport phase for several elements; these data listed in 
Table 11.5 indicate similar ratios of Cu and Zn to C in the settling particles as in 
Lake Zurich and Constance. An earlier study on seston in Lake Michigan (Parker et 
aI., 1982) also pointed out the role of phytoplankton for the sedimentation of Zn 
and Cd. The data on Windermere (Hamilton-Taylor et aI., 1984) indicate the uptake 
of Cu by diatoms and the role of their rapid decomposition, although in this case the 
inputs of detrital material are also important. Data from Mountain Lake (Nriagu et 
aI., 1989), a small acidic lake, also show evidence for the role of biological material, 
which constitutes a significant fraction of the total settling particles; the somewhat 
lower ratios of Zn and Cu to C may in this case be related to the lower pH. 

Figure 11. 12 

Uptake model 

WATER MEMBRANE CELL INSIDE 

Biosynthesis (Feedback mechanisms) 

I ~ ~~~ped metaJ ;00., 

+ metal ions in chemical 
. I L2+M processes) 

carner mo +1 
YW{{i 1+ 
ML2 . ML 

slow transport~ 2 
~A 

In a simplified model, the metal ions equilibrate on the outside of the cell with biologically produced 
and excreted ligands L2 or ligands on the cell surface L3; these reactions are followed by a slow trans
port step to the inside of the cell. In the cell, the metal ions may be used in biochemical processes or 
become trapped in inactive forms as a detoxification mechanism. (After Williams, 1983) (ct. Fig. 4.15a). 

(From Sigg. 1987) 

Mn- and Fe-Oxides 

The freshly precipitated manganese and iron oxides which precipitate at an oxic
anoxic boundary within the lake water column or in the top layers of the sediment. 
form small particles with high surface area; they cause an additional scavenging at 
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Concentrations of Cu and Zn as a function of P in the settling material from Lake Zurich and Lake 
Constance. P serves as an indicator of biological material. The regression lines for Zn and Cu fall nearly 
together, indicating that rather constant ratios Cu : Zn : P are found in this material. 
(From Sigg et aI., 1987) 

the depth of the oxic-anoxic boundary. Data from Lake Zurich (Sigg et aI., 1987) 
suggested such a mechanism, since the concentrations of several trace elements 
were higher in the deeper sediment traps, which were located below the depth of 
the manganese oxide precipitation and in which manganese oxide accumulated. In 
other systems, such as more oligotrophic and acidic lakes (Tessier et aI., 1989), 
iron oxides have been shown to be important binding phases for metal ions in the 
sediments. Binding constants derived from the sediment data were compared to 
surface complexation constants obtained with single iron hydroxide phases. 

Residual Concentrations 

Table 11.3 illustrates some data. They are mostly from lakes with high sedimentary 
fluxes and illustrate that very low concentrations are observed in lakes, in spite of 
large pollutional inputs into these lakes. The residual concentrations are close to 
those observed in the open ocean (Bruland, 1983). Even in lakes which are located 
closer to pollution sources, like Lake Zurich, the concentrations in the water column 
are at a similarly low level as in the Great Lakes. 

The higher concentrations of different trace metals in the Swedish lakes are likely 
to be related to the lower pH range. Within the two sets of data, increasing concen
trations of Zn, Pb and Cd are correlated with decreasing pH. A similar effect was 
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observed for Cd in different lakes from Central Ontario (Borg, 1983). These pH
effects may be understood on the basis of a decrease in the binding of metal ions to 
particles with decreasing pH. 

Steady State Models 

Simple steady-state models may be used in order to relate quantitatively the mean 
concentration in the lake water column and the residence time of metal ions to the 
removal rate by sedimentation (for a detailed treatment of lake models see 
Imboden and Schwarzenbach, 1985). In a simple steady-state model, the inputs to 
the lake equal the removal by sedimentation and by outflow; the water column is 
considered as fully mixed; mean concentrations and residence times in the water 
column can be derived from the measured sedimentation fluxes. The binding of 
metals to the particles is fast in comparison to the settling. 

The quantitative relationships and an example are summarized in Table 11.6. 
Under the assumption of steady-state, the residence time of an element ('tM) that is 
removed from the water column by sedimentation and by outflow is given by 

where 'tw is the residence time of water in the lake and 't5 is the residence time of an 
element with respect to sedimentation. The removal rate by sedimentation 't5-1 can 
be expressed as: 't5-1 = fp x k5' where fp is the fraction of the element in particulate 
form and k5 (d-1) is the rate constant characterizing sedimentation. The fraction of 
an element in the particulate phase relates to its tendency to bind to particles and 
depends on the partition coefficient of the element between particulate phase and 
solution (dependent on the chemical interactions with the particles and in solution), 
and on the concentrations of particles in the water column. The removal rate by 
sedimentation can be calculated from the flux of an element to the sediments and 
its total amount in the water column (Table 11.6). The removal rate by sedimenta
tion is large if both the fraction of an element bound to particles and the sedimenta
tion rate are significant, the residence time of an element in the water column is 
much smaller than the water residence time. The mean concentration in the water 
column can be shown to depend on the removal rate by sedimentation and the 
water residence time according to Eq. (vi) Table 11.6). This means that if the re
moval rate by sedimentation is high, the mean concentration in the water column 
turns out to be much lower than the input concentration. Low concentrations of 
metal ions in the water column can thus be expected to occur if a metal ion binds to 
a significant extent to particles and if the sedimentation rate is high. The chemical 
factors which determine the binding to particles (pH, surface ligands, ligands in 
solution, which have been discussed in Chapters 2 - 4 and the chemical factors 
such as Ca2+ and humic acid concentrations that influence coagulation and, in turn, 
sedimentation rates, as discussed in Chapter 7.7, affect the distribution of a metal 
ion between particulate phase and solution and thus the fraction in particulate form 
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Table 11.6 Removal of Metal Ions from Lake Water Column by Sedimentation 
(from Sigg, 1992) 

Residence time of element M: 'tM-1 = 'tw-1 + 'ts-1 

where 'tM = residence time of element M 
'tw = residence time of water 
'ts = residence time of element with respect to sedimentation 

Removal rate by sedimentation ('ts-1): 'ts-1 = fp x ks = FM 
h x [M]w 

where fp = fraction of element bound to particles [-] 
FM = sedimentation rate of element M [mol m-2 d-1] 

[M]w = concentration of element M in water [mol m-3] 

ks = removal rate of particles [d-1 ] 
h = mean depth of water colum [m] 

Example: Pb in Lake Zurich, summer 

Sedimentation rate of Pb: FM(Pb) = 1 llmol m-2 d-1 

[d] 
[d] 
[d] 

Mean concentration in water column: [Pb]w = 8.10-4 11M = 0.8 llmol m-3 

Removal rate: 

Residence time of water: 

With'tw-1 = 2.5 x 10-3 d-1: 

residence time of Pb: 

Steady-state concentration: [Pb]w 

where Cin = input concentration 

FM 
h x [Pb]w = 2.5 x 10-2 d-1 

'tw = 400 d 

'tM = 36 d 

(i) 

(ii) 

(iii) 

fp. For a single element under similar chemical conditions in different lakes, the 
residence times and mean concentrations depend on the sedimentation rates. 

Simple steady-state models can only predict mean concentrations. Seasonal varia
tions and concentration depth profiles in the water column of lakes give further in
sight into the mechanisms governing the removal of metal ions. Data on depth con
centration profiles of trace metals in lakes are however still scarce (Sigg, 1985; 
Sigg et aI., 1983; Murray, 1987). In a similar way as in the oceans, it might be 
expected to observe in lakes different types of profiles for different elements, de
pending on the predominant removal mechanism (Murray, 1987; Whitfield and 
Turner, 1987). 
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11.6 Oceans 

The same processes that were discussed for lakes are operative in oceans. 
Antochtonous particles, above all phytoplankton and other organisms make up the 
continuous conveyor belt of settling materials. The interaction with biota is recipro
cal. Nutrient metal ions coregulate the growth of phytoplankton, but the phyto
plankton community has a pronounced effect on the metal ions and their specia
tion. The bulk of the trace elements, adsorbed most effiCiently to the biological sur
faces in the surface layers is carried into the deep sea by settling; as the particles 
fall through the water column, they provide a food source for successive popula
tions of filter feeders so that the material is then repackaged many times en route to 
the sediment (Whitfield and Turner, 1987). 

Large spatial and temporal differences in both trace metal concentrations and 
chemical speciation in the sea have led to wide variations in biological availability 
of metals and their effects on phytoplankton (Sunda, 1991). As Sunda points out, 
trace metals are usually taken up by algae via the formation of coordination com
plexes with specialized transport ligands in their outer-membranes (similar to the 
situation given in Fig. 11.12), and metal uptake is determined by the interplay be
tween redox, complexation, or oxide dissolution reactions of metals in seawater 
and ligand exchange reactions at these sites. Some metals, such as Cu(II) and 
Zn(II) are heavily chelated by organic ligands in seawater; their biological avail
ability is determined by the concentration of free metal ions. 
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Lead profiles in Lake Constance (Summer 81 data: Sigg, 1985) and in the Pacific Ocean (1981 data: 
Schaule and Patterson, 1981). The similar shape of these profiles despite the difference in length 
scales (kilometers for the ocean and meters for the lake), illustrates the influence of the atmospheric 
deposition on the upper layers and the scavenging of Pb(II) by the settling particles. 
(Modified from Sigg, 1985) 
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In Fig. 11.14 the depth profile of the Pb-concentrations of the Central Pacific is 
compared with that of Lake Constance. In either case, the Pb concentrations of the 
surface waters are higher than in the deep water; atmospheric transport plays in 
both cases a significant role in supplying Pb to the surface water. The decrease in 
the concentration of Pb with depth occurs by particles that scavenge Pb(II) most 
efficiently. Patterson (e.g., Settle and Patterson, 1980) has used data on the 
memory record of sediments to compare prehistoric and present-day eolian inputs. 
These data suggest that the present Pb(II) input is two orders of magnitude larger 
than that of prehistoric time. 

As in lakes, other potential scavenging and metal regeneration cycles operate near 
the sediment-water interface. Subsequent to early epidiagenesis in the partially 
anoxic sediments, iron(II) and manganese(II) and other elements depending on 
redox conditions, are released by diffusion from the sediments to the overlying 
water, where iron and manganese are oxidized to insoluble iron(III) and manga
nese(III,IV) oxides. These oxides are also important conveyors of heavy metals 
near the sediment surface. 

Whitfield (1979) and Whitfield and Turner (1987) have shown that the elements in 
the ocean can be classified according to their oceanic residence times, 'tj: 

total number of moles in i in ocean 
'tj = rate of addition or removal (mol time- 1) 

which are, in turn, a measure of the intensity of their particle-water interaction. Thus, 
the elements that show the strongest interactions with the particulate phase have 
very short residence times; those elements that interact little with particles are char
acterized by long residence times (Fig. 11.15). 

As mentioned, the type of concentration-depth profiles observed in oceans should 
also be observed in lakes. However, the vertical concentration differences in lakes 
are often not as pronounced as in the ocean. The reason for this is, that the water 
column in lakes is much shorter; mixing and stagnation in lakes is much more 
dynamic than in the oceans. Due to the presence of high concentrations of different 
particles in lakes, the release of trace elements from biogenic particles may not be 
clearly observed, due to read sorption to other particles. This would mean that low 
concentrations are observed throughout the water column, but that concentration 
differences are small. Atmospheric inputs to the upper water layers may also make 
it more difficult to observe a depletion of certain elements in the epilimnion. 
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Schematic depth ocean profiles for elements. This figure is based on a classification of elements 
according to their oceanic profiles given by Whitfield and Turner (1987). Uptake of some of the ele
ments, especially the recycled ones, occurs somewhat analogously as that of nutrients. There are 
some elements such as Cd that are non-essential but may be taken up (perhaps because they mimick 
essential elements) the same way as nutrients. The concentration ranges given show significant over
lap, since the concentrations of the elements also depend on crustal abundance. 
(Modified from Whitfield and Turner, 1987) 
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A 
(ad)sorption 

of SO~- 72 
acid-base chemistry 

of oxides 15-20 
acid-neutralizing capacity 

of soils 190 
acidity 

definition 206-208 
acid deposition 

soil 190 
acid lake 197-199 

acid neutralizing capacity 206 
Fe(II) 365 

actinide colloid 246 
activated complex theory 

dissolution rate 164 
adatom 170 
adhesion 142-147 

of solid particles to solid surfaces 146 
adhesion and cohesion 

oil-water interface 147 
adsorbabel constituent 

effects of dispersion, sorption and 
biodecomposition 136 

metals 137 
transport of 134-142 

adsorbate 
mixtures of 109 

adsorption 27,87-142 
advection-dispersion equation 134 
change in surface protonation 184 
heavy metal ions 373 
model studies 370 

adsorption isotherm 
and hydrolysis 27 
displacement of the titration curve 34 
Frumkin equation 93 
humic acid on o-A120 3 113 
increase in surface protonation 34 
Langmuir isotherm 90,95 

adsorption kinetics 97-106 
Elovich equation 1 06 
pressure-jump relaxation 99 

adsorption of polymer 
zeta potential 124 

adsorption rate 
of C02+ on AI20 3 102 

aggregation 
of particles 244-251 

AI-mineral 
dissolution rates 178 

Index 

algae 
Redfield stoichiometry 387 

alkali metric titration curve 
of an oxide 33 

alkalinity 
definition 206-208 
product of weathering 206 
weathering 190 

aluminum oxide 82 
amphipathic 

molecule 116 
anion binding 77 
apatite 66 
aqUifer (see groundwater) 
aragonite 

dissolution 290 
dissolution rate 291 

ascorbate 
reductive dissolution 322 
as redox buffer 334 
redox couples 312 

atmospheric deposition 
acidification 189 

atmospheric water 
iron cycling 366 

8 
bacterial adhesion 280-282 
base neutralizing capacity 206 
benzoate 

effect on dissolution of AI20 3 167 
bioflocculation 280-282 
biological surface 

cell surface 120 
biomass 

proton balance 189 
biomineralization 212-214, 223 

processes involved 213 
bridged surface ligands 311 
Brownian motion 

coagulation 247 

C 
CaCOs 57,58 

crystal growth 293-297 
heterogeneous nucleation 227 

CaC03 shells 
in molluscs 223 

CaC03 surface 
adsorb specifically metal cations 61 
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CaF2 
heterogeneous nucleation 226 

calcite 
dissolution rate 290, 291 
magnesian 301-303 
saturation profiles for Atlantic and Pacific 

Oceans 297 
calcium phosphate 

precipitation 223 
capacitance 56, 74 
capacity of the double layer 

differenti al 1 50 
carbonate 289-301 

diagenesis 297 
dissolution rate 291 
solubility equilibria 304 
solubility products 305 
surface charge 56-60 

carbonate equilibria 
equilibrium constants 305 

carbonate mineral 
coprecipitation 298 

carbonate weathering 
and CaC03 precipitation 289 

catalysis 
of redox reactions 313-315 
photocatalysis 342 

cations and anions 
affinities of 31 

cation exchange capacity 129 
Cd(II) 

adsorption 128 
cell wall 119 
charge 

acid base behavior 44 
from chemical reactions 43 
inner-sphere complex 47 
net proton 45 
net total particle 47 
outer-sphere complex 47 
proton 47 
proton balance 55 
structural 47 

charge distribution 48 
charge from the titration curve 17 
charge vs pH 

different metal oxides 53 
chemical erosion (see weathering) 
chemical weathering (see weathering) 
chemisorption 

dissociative 13 
chromophore 348 

adsorbed compound 351 
surface complex 350 

citrate 
effect on dissolution of AI20 3 167 

clay 
sorption sites 140 

clay 82 
cluster 

critical 212 
free energy of formation 229 

coagulation 
and filtration 268 
by adsorbates 255-258 
by bridging of the polymers 258 
by fatty acids 261 
critical concentration 266 
in lakes 271-275 
inert electrolytes 257 
kinetics 247,267 
of microorganisms 258 
of montmorillonite 270 
precipitation 276 
sorbable polymers 256 
specifically adsorbable species 257 
velocity gradient 248-251 
water-technological considerations 276 

coagulation curve 277 
cocolithophores 296 
cohesion 142-147 
colloid 6, 243-285 

coagulation 6 
distribution coefficient 286 
filtration 282 
in the ocean 275 
semiconductor 346 
stability 7,246 
stability ratio 266 
transport in aquifers 271 

colloid stability 251-262 
diffuse double-layer repulsion 263 
effects of surface chemistry 253 
in the Fe(III)(hydr)oxide-phosphate system 
259 
physical model 262-267 

colloidal suspension 
agglomeration kinetics 251 

constant capacitance model 74, 94 
contact angle 142-147 
contact angle value 

for solid-liquid-air interfaces 146 
coordination chemistry 

hydrous oxide 13-25 
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coordinative unsaturation 

oxide surface 37, 38 
coprecipitation 232 
coprecipitation reaction 

CaC03 298-301 
correcting surface complex formation 
constants 67 
effect of metals and ligands 54 
Gouy-Chapman theory 47 
isomorphous replacements 44 
on silicates 61 
protonation isotherm 54 
solid carbonates 59 

corrosion 204 
Coulombic effect 52 
coulomb 9 
crystal growth 211, 233-235 

processes involved 212, 213 
rate laws 233 

crystal growth of CaC03 293-297 
Cs+ 

adsorption on clays 141 
Cu(II) binding 

for algal surfaces 388 
Cu+ 

oxidation by 02 325-329 

o 
o-A120 3 

dissolution 161 
detergency 145 
diffuse double layer 48 
diffuse double layer charge 81 
diffuse ion swarm 22 
diffusion 

semi-infinite linear 103 
to or from a flat surface 105 

dissolution 
blockage of surface groups 163 
by deprotonation 1 73 
continuous flow-type reactors 186 
etch pits 199 
general rate law 162 
incongruent 187 
inhibition 199 
ligand 165 
of AI-minerals 178 
of carbonates 290-293 

dissolution inhibition 
CrO~- 203 

effect of ligands 203 
effect of metals 203 
effect of PO~- 203 
effect of SO 4- 203 

dissolution of an oxide 
by a ligand 167 

dissolution rate 
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effect of protonation, complex formation 
163 

dissolution reaction 
surface protonation 169-175 

distribution coefficient 286 
metal ions 371 
metals 370 
particle concentration effect 286 

DLVO theory 262-267 
limitations 266 

Doerner and Hoskins 
distribution equilibrium 240 

dolomite 303 

E 
EDTA 

effect 2 
effect on metal speciation 380 
electrostatic properties 3 
fractionation at the interface 114 
Gibbs equation 89 
heterogeneous nucleation 224-228 
of fatty acids and surfactants 107-112 
of humic acids 114 
of phosphate on soils 106 
of polymer 122 
of sodium dodecyl sulfate 111 
on carbonate surfaces 299 

electrical double layer 
on oxides 75 

electric double layer 43-68 
electrocapillarity 147 
electrode-el ectrolyte 

polarized 148 
electrophoresis 

zeta potential 50 
electrophoretic mobility 

bacterial adhesion 281 
bacterial surface 282 
hematite 254 

Elovich equation 
kinetics of adsorption 105 

energy 
conversion factors 9 
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equilibrium constant 
intrinsic 68 
surface reflecting 31 

ester hydrolysis 
surface catalyzed 29 

F 
farad 9 
fatty acid 

adsorption 109-114 
aluminum oxide surface 108 

Fe(II) 
acid lakes 365 
diurnal variation 365 

Fe(II)/Fe(III) 
as mediator in electron transfer 329 

F e(II,III) 
oxic-anoxic boundary 332 

Fe(III)(hydr)oxide 
different reactivities 323 
dissolution 315 
dissolution by ascorbate 317 

Fe2+ 
oxidation by 02 325-329 
oxygenation of ferrous iron 328 

ferric oxide 
surface speciation as a function of pH 70 

filter 
size fractionation 283 

filtration 267-271 
compared with coagulation 267 
membrane 283 
of colloids 271 

flocculation (see coagulation) 
flotation 

attachment of air bubbles 279 
fluidized-bed reactor 186 
fluorescence 

surface-associated 1 71 
fluoride 25 
foraminifera 296 

"memory storage" for Cd2+ 302 
forest 

W production 190 
Freundlich isotherm 95 
Frumkin equation 92 
fulvic acids 

adsorption 112 

G 
geological effects 

chemical composition of rivers 192 
Gibbs equation 88-90, 142 
gibbsite 

dissolution 180 
gneiss 

effect of acid deposition 199 
goethite 

dissolution 321 
Gouy-Chapman 

diffuse model 47 
Gouy-Chapman theory 52, 79 

of singlet flat double layer 79 
ground water 

H 

transport of adsorbable constituents 134-
141 

H2S 
dissolution of hematite 322 

HCOj 
dissolution of Fe203 177 

hematite 255, 358 
dissolution by H2S 320 
dissolution rate 177 
photocatalytic reductive dissolution 355 

hemicelles 110 
heterogeneous nucleation 216-218 

and coprecipitation 224-228 
and specific adsorption 224-228 
enhancement 224-228 

heterogeneous photochemistry 337-366 
Hofmeister series 133 
homogeneous nucleation 214-217 
humic acid 112-114 

alkalimetric titration 119 
humic substance 124 

stability of natural particles 275 
humus 

acid neutralizing capacity 208 
hydrogen peroxide 

photocatalytic production 353 
hydrolysis 

and adsorption 27 
hydrolyzing metal salt 

coagulation practice 278 
hydrophobicity 
hydrophobic effect 6, 114-116 
hydrophobic expulsion 3 
hydrophobic solid surface 107 
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partition coefficient 117 
sorption 116-120 

igneous rocks 
weathering 189 

incongruent dissolution 188 
inhibition 

of Cu(II) on o-A120 3 4 
of dissolution 199-205 
inner-sphere 8 

inner-sphere complex 21-23 
and dissolution 162 
in Lake Constance 296 
in lake water and in oceans 295 
on hematite and rutile 76 
in soils 120 

inner-spheric surface complex 309 
interfacial energy 221 

nucleation process 219-222 
interfacial tension 

and adsorption 88 
angle of contact 142 
of liquids and solids 145 

ion exchange 129-134 
of clays 132 

ion exchange capacity 
measurement of 129 

ion exchange equilibria 
relative affinity 131 

iron 
cycling of 361, 362 
global geochemical cycling 361 
in atmospheric water 366 
passive film 204 
photoredox cycling 364 

iron(II) 
photosynthetic oxidation 358 

iron(I1I) hydrolysis 82 
iron oxide 82 
isomorphic substitution 
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octahedral sheet 62 
tetrahedral sheet 62 

joule 9 

K 
kaolinite 62, 64, 65 

dissolution 178-183 
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kinetics 
adsorption of metal ions 98 
crystal growth 233-235 
dissolution of AI-minerals 179 
heterogeneous photoredox reactions 347 
nucleation 211-222 
of anion adsorption 103 

kink 170 
Kurbatov plot 33 

L 
lake 

steady state model 391 
Lake Cristallina 197 

weathering processes 198 
Langmuir equation 

and surface complex formation constant 91 
and Frumkin equation 95 

Langmuir isotherm 90-92 
ledge 170 
Lewis acid 13 
Lewis acid site 24 
ligand 

bidentate 25 
ligand adsorption 

surface protonation 166 
ligand binding 

by a hydrous oxide 30, 72 
ligand exchange 14, 24-30 

kinetics 103 
ligand promoted dissolution 1 65-1 69 

light-induced 344 
linear free energy relation 26 
lipophilicity of a substance 11 6 
Lippmann equation 150-152 

M 
magnesian calcite 301-303 

solubility 301 
magnesite 

dissolution rate 291 
manganese(III,IV)oxide 

reduction by phenols 323-328 
mean field statistic 

and steady state 1 69 
mechanical weathering 195 
membrane filter 

size distributions 284 
metal 

binding on clays 141 
binding to the settling particles 387 
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cycling in a lake 382 
in rivers 378 
in sediments 382 
settling biota 388 

metal binding 
by a hydrous oxide 30, 71 

metal complexation 
rates 98 

metal, heavy 
regulation of 369-397 

metal ion 
analytical difficulties 374 
decrease in surface protonation 185 
distribution coefficients 371 
residence time oceans 395 
role of particles in regulating 376 
sedimentation 392 
surface complex formation 19, 21-24 
titrating with particles 369-378 
uptake by algae 389 
voltammetric determination 374 

metal ion adsorption 
vs pH 33 

metal ion adsorption 
dissolution 182 

metal ion binding 
to hydrous oxides 32 

metal oxide 13 
metal sulfide 

scavengers for heavy metal ions 66 
micelles 

formation of 116 
Mn(III,IV)oxides / Mn2+ 

redox transformations 333 
Mn- and Fe-oxides 

lake water column 389 
Mn2+ 

oxidation by O2 325-329 
montmorillonite 

outer-sphere complex 63 
muscovite 

dissolution rates 181 

N 
natural water 

coagulation 269 
Nernst Equation 152 
Nernst's law 

for oxides 77 
newton 9 
NOj 

reduction 334 

NTA 
effect on metal speciation 380 

nucleation 211-242 
heterogeneous 217-219 
homogeneous 214-217 

nucleation rate 
energy barrier 215 
saturation ratio 216 

nucleus 212 

o 
ocean 

depth profiles metal ions 395 
trace elements 393 

octanol-water coefficient 139 
of organic substances on natural soil 
materials 38 

octanol-water partition coefficient 117 
oil-water interface 146 

on Fe-minerals 310 
organic matter 

as adsorbents 118 
organic solute 

(ab)sorption onto a solid phase 117 
organic substances 

retardation factors 138 
infiltration system 138 
Kp values 37-141 
volatile 139 

Ostwald Step Rule 219-223 
outer-sphere complex 21-23 
oxalate 

effect on dissolution of AI20 3 167 
oxidant 

specific adsorption 309-311 
oxidation 

of Fe(lI) 325 
of Fe(lI) by 02 327 
of transition ions 325 
organic carbon 330 
photocatalytic 352 

oxide 
acid-base chemistry 15, 18 
surface hydroxyl groups 13 

oxide surfaces 
thermodynamic aspects 75 

oxygenation 
effects of hydrolysis and adsorption 329 
oxygenation of transition ions 326-329 
reductive dissolution 318-322 



p 
particle 

adsorbents 243 
agglomeration 247-251 
comparison to oxides 372 
natural 370 
particle interaction 243-285 
regulating trace elements in lakes 384 
river-borne 245 
settling 383 
size spectrum 244 
titrating metal ions with 369-378 

particle surface 
as carrier of functional groups 369-373 

particle volume concentration distribution 
in water column 272 

pascal 9 
passive films 204 
passivity 

inhibition 199 
Pb(II) 

EDTA and NTA 380 
in lake and ocean 394 
in rivers 379 

Pb2+ 

adsorption 373 
adsorption-desorption 127 

Pb adsorption 
rate constants 127 

pH-dependence 
binding of metal ions 24 

phosphate 25 
pHpzc 66 

photocatalyst 342 
photocatalytic oxidation process 352 
photoche mistry 

heterogeneous 337-366 
photoelectron 338 
photohole 338 
photoredox reaction 341 
photosynthesis 

biological 337 
pHpzc 76 
point of zero charge 18-20,44-50 
point of zero salt effect 34 
polyelectrolyte 

effects of pH and ionic strength 124 
polymer 

diffusion 125 
polymer 

coagulation 258 

potential 
charge density 80 
zeta potential 50 

precipitation 211-242 
and dissolution 235 
role of organisms 211 
sequence 219 
surface 229-232 

proton balance 
soil minerals 190 
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proton-promoted dissolution 169-175 
pzc 46 
pznpc 46 
pzse 46 

Q 
quartz 

dissolution rate 176 

R 
radionuclides 

metals 137 
rate, dissolution 

of AI20 3 83 
of clay minerals 179 
of oxide minerals 157-205 
of U02(s) 178 
overall rate 174 
oxides and silicates 157-205 
reductive 314-322 

rate law 
dissolution carbonates 292 
reactivity of surfaces 3 
sorption isotherm vs heterogeneous 
nucleation 231 
sorption isotherm vs precipitation 231 
vs precipitation 230-232 
vs surface precipitation 230 

Redfield Ratio 387 
settling particles 388 

redox 
photoredox reaction 342 

redox intensity 
in soil and water 331 

redox potential 311 
in bioinorganic systems 312 

redox process 309-334 
light-induced 344 

redox reaction 
by surfaces catalysis 313 
Fe(lI)/Fe(III) as a mediator 330-334 
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mediated by bacteria 330-334 
of organic substances 329 
thermodynamic considerations 311 
with solid Fe-phases 313 

reduction 
Mn (III,IV)oxides 323-328 
with a Fe(II) complex 320 

reductive dissolution 
kinetics 316-322 
reductive dissolution 317 
reductive dissolution 318 

references 397 
residence time 

oceanic 394 
retardation equation 135 
retardation factor 

S 

organic substances in aquifer 138 
reversal of surface charge 260 
reversibility 126-129 
surface tension 89 
surfactants 1 09 

salicylate 
effect on dissolution of AI20 3 167 

saturation ratio 
nucleation rate 215 
saturation state of lake water 294 
solubility equilibrium 304 

Schulze Hardy Rule 
coagulation 256 
critical coagulation concentrations 267 

screw dislocation 234 
seawater 

saturation ratio of CaC03 294 
sedimentation rate 

in different lakes 385 
lakes 383 

semiconducting minerals 8 
semiconductor 342-352 

electrolyte interface 344 
extrinsic 343 
intrinsic 342 
standard redox potential 341 

settling particles 
composition 386 

silica 
dissolution 175 

silicate 
dissolution kinetics 161 

silicate 25, 82 

surface charge 61-65 
silicates 176 
surface controlled 160 
surface deprotonation 163 
transport-controlled 159 

silica gel formation 
in diatoms 223 

silicate mineral 
weathered 203 

siloxane ditrigonal cavity 62 
S02 

photocatalytic oxidation 354 
SO~-

sorption 72 
sodium adsorption ratio 133 
sodium dodecyl sulfate 

adsorption isotherm 111 
soil 

colloids 245, 270 
Fe-reservoirs 333 
W balance 190 
redox reactions of iron and manganese 331 

soil system 
transport of adsorb able constituents 134-
141 

solubility 
of fine particles 235 
size dependence 220 
size of crystals 216-217,236-237 

sol 246 
solid phase 

formation 212 
solid solution 229, 301 

formation 236-241 
heterogeneous 240 
sorbed on FeC03 232 
sorption 106, 120-125 
sorption on CaC03 298 

spectroscopic method 
structure of surface complexes 22 

spreading coefficient 143 
stability ratio 266 
steady state 

oxide dissolution 169 
steady state model 

geochemical system 2 
lakes 391 

step 170 
Stern layer 49 
Stern model 75 
sulfide 65 
surface binding 



pH-dependence 23 
surface charge (see also charge) 43-68 

adsorption of a hydrophobic species 46 
alkalimetric and acidimetric titration 16 
as a function of pH 19 
surface charge 54 

surface complex 4 
chromophore 350, 357 
hydrolysis reaction 26 

surface complexation 
photoredox reaction 347 

surface complex formation 21-30, 120 
affinities of cations and anions 29 
as a function of pH 24 
of anions 24 
pH-dependence 27, 71 
pressure jump relaxation 127 
surface precipitation 230 
transport in ground-water 137 
surface complex formation vs adsorption 
230-232 

surface complexation model 14 
surface complexation models 74 

surface controlled dissolution 160 
surface controlled dissolution 162-205 

surface coordination 
functional groups 3 

surface deprotonation 
metal ion adsorption 183 

surface free energy 221 
surface model 

geometry of a square lattice 170 
surface OH-groups 

as s-donor ligands 309 
surface potential 48 

pH 52 
surface charge 51 
zeta potential 50 

surface precipitate 301 
surface precipitation 229-232 

and isomorphic substitutions 301 
surface protonation 174 

effect of ligands and metal ions 184 
ligand adsorption 183 
surface protonation 199 

surface protonation isotherms 
vs pH 53 

surface structure 
and surface reactivity 7 

surface tension (see interfacial tension) 
surfactant 11 6 

adhesion 146 

T 
template 223 
ternary complex 23, 27 
thermodynamic data 

for proton adsorption 77 
trace element 

regulation 369-307 
trace metal concentration 

in rivers 381 
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transport controlled dissolution 160 
trans effect 165, 310 
transition state theory 

dissolution rate 164 
Triple layer model 49, 75 
Triton-X-100 

adsorption isotherms 110 

U 
unit 

conversion factors 9-11 
U02 

kinetics of dissolution 177 

V 
valence band 343 
vegetation 

acidity 189 
velocity gradient 

agglomeration 249 
vermiculite 

inner-sphere surface complex 63 
V02+ 

oxidation by 02 325-329 
oxygenation 328 

W 
water 

interstitial 285 
water-technological consideration 276-280 
water exchange 

adsorption rate constants 101 
and adsorption rate constant 100 

water loss 
from metal cations 101 

water repellency 145 
weathering 157-162 

acidic lakes 197 
alkalinity 206 
carbonates 158 
concentrations of the solutes 191 
cristalline rocks in the catchment area of Lake 
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Cristallina 200 
dissolution reactions 201 
experimental apparatus 185 
global aspects 158-160 
laboratory and field 191 
mechanical 195 
silicate minerals 158 

weathering proton balance 189-197 
weathering rate 

effect of altitude 194 
laboratory and field 193 

wetting 145 
with ligands 25 
with metal ions 21-30 

649 

y 
Young's equation 145 

Z 
zero charge 18 
zero point of charge 15 
zero proton condition 

at the surface 18 
zeta-potential 50 

adsorbed polymer 124 
zinc 

major rivers 379 
Mississippi River 379 




