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FOREWORD

The ACS SYMPOSIUM SERIES was founded in 1974 to provide a
medium for publishing symposia quickly in book form. The
format of the Series parallels that of the continuing ADVANCES
IN CHEMISTRY SERIES except that, in order to save time, the
papers are not typeset but are reproduced as they are submitted
by the authors in camera-ready form. Papers are reviewed under
the supervision of the Editors with the assistance of the Series
Advisory Board and are selected to maintain the integrity of the
symposia; however, verbatim reproductions of previously pub-
lished papers are not accepted. Both reviews and reports of
research are acceptable, because symposia may embrace both
types of presentation.
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PREFACE

THIS BOOK deals only with the chemistry of the mineral-water interface,
and so at first glance, the book might appear to have a relatively narrow
focus. However, the range of chemical and physical processes considered is
actually quite broad, and the general and comprehensive nature of the
topics makes this volume unique. The technical papers are organized into
physical properties of the mineral-water interface; adsorption; ion ex-
change; surface spectroscopy; dissolution, precipitation, and solid solution
formation; and transformation reactions at the mineral-water interface. The
introductory chapter presents an overview of recent research advances in
each of these six areas and discusses important features of each technical
paper. Several papers address the complex ways in which some processes
are interrelated, for example, the effect of adsorption reactions on the
catalysis of electron transfer reactions by mineral surfaces.

Papers in the symposium upon which this book is based were
contributed by a diverse group of scientists from the fields of geochemistry,
hydrogeology, water chemistry, chemical engineering, soil chemistry,
electrical engineering, dental science, and mathematics. This diversity was
facilitated by joint sponsorship of the symposium by the Environmental
Chemistry and Geochemistry Divisions of ACS. The participants shared a
common interest in the chemistry of mineral-water interfaces; however,
each of these scientific disciplines has a different perspective on the theories
and experimental methods that are used to describe interfacial chemistry.
Research publications on the topic are widely dispersed in the literature, and
as a result, many investigators are unaware of recent advances in disciplines
other than their own. Thus, it appeared important and timely to compile
recent developments in these related fields in a single volume. It is hoped
that this effort will contribute to a greater understanding of the significant
role of interfacial reactions in geochemical processes.

The inspiration for this symposium emerged from stimulating discus-
sions with colleagues at the Gordon Conference on Environmental Sciences:
Water held at New Hampton, N.H,, in June 1984 (chaired by C. R.
O’Melia). Several people assisted with the selection of speakers, including
I. O. Leckie, L. N. Plummer, G. A. Parks, D. D. Eberl, A. F. White,
A. T. Stone, and J. C. Westall. Financial support for foreign speakers was
provided by the ACS Petroleum Research Fund and each of the sponsoring
ACS divisions.

The quality of this volume js due in part to the careful work of
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numerous technical reviewers who submitted detailed comments and
criticisms, and we are greatly indebted to these reviewers. We also thank
Robin Giroux of the ACS Books Department for her guidance throughout
the editorial process.

JAMES A. DAVIS

U.S. Geological Survey
Menlo Park, CA 94025
KM F. HAYES

Stanford University
Stanford, CA 94305-4020

June 1, 1986
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1

Geochemical Processes at Mineral Surfaces:
An Overview

James A. Davis! and Kim F. Hayes?

! Water Resources Division, U.S. Geological Survey, Menlo Park, CA 94025
2Environmental Engineering and Science Group, Department of Civil Engineering,
Stanford University, Stanford, CA 94305-4020

The phase discontinuity that occurs at the mineral-water interface
greatly influences the geochemical cycles of many elements. The
composition of natural waters and the flux of material through the
hydrosphere are largely controlled by the weathering of minerals and
the precipitation of new phases -- processes in which the mineral-
water interface plays a fundamental role. In addition, mineral
surfaces may act as catalysts for chemical or biological
transformations that occur within the hydrosphere. Reactions at the
mineral-water interface are of interest in the study of ore genesis,
geochemical exploration, mineral separation processes such as
flotation and sedimentation, transport of adsorbed nutrients or
pollutants in rivers and lakes, scavenging of trace elements in the
oceans, and the transport of nuclear or other hazardous waste
materials in groundwaters.

Because these processes are so complex, we rely to a great
extent on models to understand our observations of the geochemical
behavior of solutes in water. The models typically contain several
components; for example, solute transport models may be composed of a
hydrologic model coupled with a chemical or biological submodel. The
chemical submodel can be as simple as a distribution coefficient to
represent the partitioning of an element between solid and aqueous
phases, or if the aqueous chemical composition is expected to be
controlled by the dissolution of a mineral, a solubility product or
rate constant for dissolution would be included in the model.
Ideally, the chemical model would describe geochemical behavior in
terms of a series or combination of elementary processes, e.g.
adsorption, ion exchange, precipitation, dissolution, or electron
transfer reactions. In reality, the behavior of geochemical systems
is often so complex that the actual mechanisms of the processes
observed are not well understood.

In this overview we discuss recent advances in the study of
chemical reactions at the mineral-water interface as we introduce the

0097-6156/86/0323-0002%06.00/0
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1. DAVIS AND HAYES Overview 3

chapters contained in this volume. Our objective is to indicate
important features of each chapter to the field of aqueous
geochemistry and ways in which the chapters relate to each other. The
paper is divided into sections on physical properties of the
interface; adsorption and ion exchange; surface spectroscopy;
dissolution, precipitation, and solid solution formation; and
transformation reactions at the mineral-water interface. Each section
touches on the importance of that topic in geochemical processes and
interdependent relationships among the topics covered.

Physical Properties of the Mineral-Water Interface

The chemical reactivity of the mineral-water interface is influenced
by some important properties which distinguish the interfacial
environment from that of bulk water, e.g. 1) water is more structured
in the interfacial region, 2) ions and water molecules are less
mobile, 3) the dielectric constant of water is decreased, and 4)
electrical charge and potential may develop at the surface, leading
to the formation of an electrical double layer. Although experimental
studies of mineral-water interface have been extensive, the effects
of the perturbed layer of water and the electrical double layer on
chemical reactions at the interface are still unresolved issues (1-
11). Mulla (Chapter 2) compares simulations of interfacial water
structure from various statistical-mechanical models, including Monte
Carlo and Molecular Dynamics models. The results predict the
existence of molecular layering with ordered dipole orientations at
the interface, density oscillations which extend many Angstroms away
from the surface, and fewer hydrogen bonds between water molecules in
the interfacial region. The existence of density oscillations at the
interface has recently been confirmed experimentally (12). Reduced
dipole relaxation times are also predicted, which suggests that
interfacial water experiences hindered rotation. Unfortunately the
dielectric properties cannot be effectively modeled, but the results
do suggest that interfacial water is not a uniform dielectric
continuum. The development of improved models in the future appears
promising, and these models should increase our understanding of
properties which are not easily quantified at present, e.qg.
hydration forces, hydrophobic effects, and double layer forces.

Giese and Constanzo (Chapter 3) present the results of an
infrared study of the bonding of intercalated water in synthetic
hydrated kaolinites. Two types of water were identified: 1) water
molecules which were bonded to the ditrigonal holes of the silicate
layer, and 2) associated water molecules which were hydrogen bonded
to those of the first group. The mobility of water molecules bound to
the ditrigonal holes was greatly reduced in comparison to the
associated water. Although hydrated kaolinites are not found in
nature, Giese and Constanzo suggest that the surface-water
interactions observed in this study are representative of
interactions with the surfaces of other silicate minerals.

The properties of the electrical double layer (EDL) have been
the subject of considerable research (1,3,5,8,10). Unlike reversible
electrodes, where surface potential is controlled and charge develops
in response to changes in electrode potential, mineral surfaces
develop potential in response to the formation of surface charge (8).
On the surface of hydrous oxides, for example, hydroxyl groups
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4 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

(Bronsted acid sites) or metal atoms with unsatisfied coordination
(Lewis acid sites) react with water to form surface charge (13).
Isomorphic substitution in the interlayer region of layered silicates
results in a negative surface charge. In each case chemical
"exchange" of ions between phases results in the formation of surface
charge and the development of an electrical potential.

It is important to establish the origin and magnitude of the
acidity (and hence, the charge) of mineral surfaces, because the
reactivity of the surface is directly related to its acidity. Several
microscopic-mechanistic models have been proposed to describe the
acidity of hydroxyl groups on oxide surfaces; most describe the
surface in terms of amphoteric weak acid groups (14-17), but recently
a monoprotic weak acid model for the surface was proposed (18). The
models differ primarily in their description of the EDL and the
assumptions used to describe interfacial structure. "Intrinsic"
acidity constants that are derived from these models can have
substantially different values because of the different assumptions
employed in each model for the structure of the EDL (5). Westall
(Chapter 4) reviews several different amphoteric models which
describe the acidity of oxide surfaces and compares the applicability
of these models with the monoprotic weak acid model. The assumptions
employed by each of the models to estimate values of thermodynamic
constants are critically examined.

The difficulty in characterizing the interface arises from the
fact that the electrostatic interactions are closely coupled to the
chemical interactions. An independent measurement of electrostatic
energy would be useful for probing the separation of coulombic and
chemical components in the EDL models. Bousse and Meindl (Chapter 5)
describe a technique for measuring the electrical potential at oxide
surfaces using ion-sensitive field effect transitors (ISFETs). In
this method one may regulate total electrical potential of the
interface, and this allows estimates of intrinsic acidity constants
that are independent of proton adsorption data. The measurement of
the total electrical potential is preferable to that of zeta
potential, since the exact Tocation of the latter measurement is
indeterminate. Furthermore, it has been shown that the dependence of
proton adsorption as a function of pH may depend to a great degree on
the extent of complex formation with adsorbed counterions (19-21),
whereas the total potential as a function of pH is relatively
insensitive to complexation (21).

Chan (Chapter 6) presents a simple graphical method for
estimating the free energy of EDL formation at the oxide-water
interface with an amphoteric model for the acidity of surface groups.
Subject to the assumptions of the EDL model, the graphical method
allows a comparison of the magnitudes of the chemical and coulombic
components of surface reactions. The analysis also illustrates the
relationship between model parameter values and the deviation of
surface potential from the Nernst equation.

The relative importance of the EDL for reactions other than
adsorption is not well understood. Surface complexation models have
recently been applied to processes in which adsorption represents the
first step in a sequence of reactions. For example, Stumm et al. (22)
have applied a model with an EDL component in their studies of the
role of adsorption in dissolution and precipitation reactions. The
effect of surface charge and potential on precipitation and the
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1. DAVIS AND HAYES Overview 5

formation of metastable solid phases is discussed by Zawacki et al.
(Chapter 32). Waite (Chapter 20) reviews the important role of the
interfacial environment in catalyzing light-induced redox reactions.
Voudrias and Reinhard (Chapter 22) discuss the effects of surface
acidity on transformations of organic compounds. The rates of
chemical reactions are also influenced by the EDL. As with
equilibrium models, the relative contribution of the EDL in
determining the overall reaction rate is dependent on the
interfacial model chosen (see Chapters 7 and 12).

Adsorption

Sorption processes have received much study because of their
fundamental importance in geochemistry, analytical chemistry, and in
industrial applications. The three principal sorption processes are
adsorption, absorption, and surface precipitation; the differences
among these processes are discussed by Sposito {(Chapter 11). If the
specific process leading to the loss of a solute from aqueous
solution is not known, then the general term, sorption, may be used.
The abundance of 1iterature on experimental studies of ion adsorption
has been reviewed by Kinniburgh and Jackson (23) and Hingston (24).
Recent Taboratory studies of sorption processes have been directed
more toward a better understanding of the mechanisms of reactions, a
characterization of the bonding of adsorbed species, and improvements
in adsorption models. It is increasingly clear, however, that the
macroscopic approaches that have been commonly used to study sorption
processes, e.g. adsorption isotherms, solubility calculations, and
kinetic methods, cannot unequivocably distinguish between processes
such as adsorption and surface precipitation (see Chapter 11). It is
l1ikely that future developments in this field will come from studies
utilizing molecular techniques such as in-situ surface spectroscopy.

Mechanisms of Sorption Processes. Kinetic studies are valuable
for hypothesizing mechanisms of reactions in homogeneous solution,
but the interpretation of kinetic data for sorption processes is more
difficult. Recently it has been shown that the mechanisms of very
fast adsorption reactions may be interpreted from the results of
chemical relaxation studies (25-27). Yasunaga and Ikeda (Chapter 12)
summarize recent studies that have utilized relaxation techniques to
examine the adsorption of cations and anions on hydrous oxide and
aluminosilicate surfaces. Hayes and Leckie (Chapter 7) present new
interpretations for the mechanism of Tead ion adsorption by goethite.
In both papers it is concluded that the kinetic and equilibrium
adsorption data are consistent with the rate relationships derived
from an interfacial model in which metal ions are located nearer to
the surface than adsorbed counterions.

The surfaces of minerals are generally not homogeneous; kinks,
steps, edges, disTocations, or point defects may provide reactive
zones. Microcrystalline preparations of solids, which are frequently
used in Taboratory sorption experiments, may have several cleavage
planes with different site energies. The importance of the high
energy sites that result from these imperfections is well recognized
for the processes of dissolution and crystal growth (28). Several
equilibrium studies of ion adsorption have suggested that hydrous
oxide surfaces are composed of heterogeneous sites (29-32). Some

preliminary results from a kinetic study that suggest the existence
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6 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

of heterogeneous sites on the surface of goethite are given in Chapter
7. Despite the growing evidence of surface site heterogeneity, most
surface complexation models are based on the concept of a homogeneous
heterogeneous sites, mineral surfaces may contain either poorly
crystallized or well hydrated material. Thus, multiple sorption
mechanisms may operate at the beginning of many laboratory studies of
sorption kinetics. Sposito (Chapter 11) argues that this multiplicity
prevents a simple interpretation of kinetic or equilibrium data in
terms of a simple first order rate law or an adsorption mechanism.

Relaxation studies have shown that the attachment of an ion to a
surface is very fast, but the establishment of equilibrium in well-
dispersed suspensions of colloidal particles is much slower.
Adsorption of cations by hydrous oxides may approach equilibrium
within a matter of minutes in some systems (39-40). However, cation
and anion sorption processes often exhibit a rapid initial stage of
adsorption that is followed by a much slower rate of uptake (24,41-
43). Several studies of short-term isotopic exchange of phosphate
ions between aqueous solutions and oxide surfaces have demonstrated
that the kinetics of phosphate desorption are very slow (43-45).
Numerous hypotheses have been suggested for this slow attainment of
equilibrium including 1) the formation of binuclear complexes on the
surface (44); 2) dynamic particle-particle interactions in which an
adsorbing ion enhances contact adhesion between particles (43,45-46);
3) diffusion of ions into adsorbents (47); and 4) surface
precipitation (48-50).

Bleam and McBride (51-52) recently presented evidence that the
arrangement of groups of sites on mineral surfaces may influence
adsorption. These authors argued that, under certain conditions, the
formation of a monolayer of adsorbing ions may be less favorable than
the formation of a multilayer cluster of polymerized or precipitated
material. Several studies have indicated that adsorption may be
described by complexation reactions at discrete surface sites at low
surface coverage, but that polymerization and hydroxide precipitation
may occur at high surface coverage (53-55). Farley et al. (56)
recently proposed a model for sorption of cations on hydrous oxides
that allows for a continuum between adsorption and surface
precipitation as the sorption density increases. Surface
coprecipitates (solid solutions) may form when an adsorbing cation is
capable of occupying structural sites in the adsorbent lattice.
Experimental evidence of this type of process has been given by
McBride (57) for alumina and by Davis et al. (49) for calcite.

Spectroscopic techniques may provide the least ambiguous methods
for verification of actual sorption mechanisms. Zeltner et al.
(Chapter 8) have applied FTIR (Fourier Transform Infrared)
spectroscopy and microcalorimetric titrations in a study of the
adsorption of salicylic acid by goethite; these techniques provide
new information on the structure of organic acid complexes formed at
the goethite-water interface. Ambe et al. (Chapter 19) present the
results of an emission Mossbauer spectroscopic study of sorbed Co{ll)
and Sb(V). Although Mossbauer spectroscopy can only be used for a few
chemical elements, the technique provides detailed information about
the molecular bonding of sorbed species and may be used to
differentiate between adsorption and surface precipitation.
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1. DAVIS AND HAYES Overview 7

Empirical models. Natural systems contain a wide variety of
mineral surfaces that may be involved in sorption processes.
Application of surface complexation models requires a detailed
characterization of each adsorbent present, and the amount of
information required generally exceeds our knowledge of the
properties of natural materials (58). While the models have been
moderately successful in describing the results from laboratory
studies with pure mineral phases (e.g. 59), they have not yet been
applied in field studies. Some authors (58,60) have made calculations
for hypothetical sediments for predictive purposes. In these
calculations the conventional approach has been to assume that the
overall adsorption of an ion for a mixture of minerals can be
described as the sum of the adsorptive contribution of each mineral.
However, Honeyman (61) has demonstrated that this concept of
"adsorptive additivity" does not hold, even in simple experiments
with binary mixtures of oxide phases. In the absence of a unified
theoretical model, geochemists have often formulated empirical
approaches that utilize macroscopic parameters to describe the
adsorption process (60,62-63). Honeyman and Leckie (Chapter 9) show
that these macroscopic parameters are the net result of numerous
microscopic subreactions occurring in the system. In particular,
Honeyman and Leckie review the use of macroscopic proton coefficients
(e.g. Kurbatov coefficients) in practical sorption models. The
authors show that macroscopic proton coefficients are rarely observed
to have integral values, despite the fact that proton coefficients of
the microscopic adsorption reactions of interest may have integral
values. A mathematical derivation supporting this conclusion is
presented in Chapter 7.

Sorption of organic compounds. Adsorption may play an important
role in the transformations of organic compounds in the environment.
For example, adsorption of organic pollutants at the mineral-water
interface may catalyze the conversion of these compounds to less
harmful products. The chemical factors controlling the sorption of
hydrophobic compounds in sediments with moderate to high organic
content have received considerable study (64), but sorption processes
for sediments containing low organic content are poorly understood.
Curtis et al. (Chapter 10) discuss current problems in understanding
the sorption behavior of hydrophobic organic compounds, including
reaction kinetics, hysteresis effects, and the influence of dissolved
macromolecular organic material.

Ion Exchange

The distribution of major elements between soils and soil solutions
is known to be governed primarily by ion exchange processes (65).
These processes are important because they greatly influence the
uptake of nutrients by plants and other 1iving organisms. Even though
an ion exchange reaction could be classified as a type of adsorption
reaction, it is usually treated as a separate sorption process as a
matter of convenience and tradition. Describing ion exchange
reactions as those taking place at "constant charge" surfaces, e.g.
in the interlayer regions of clay minerals, distinguishes them from
adsorption reactions that occur at "constant potential” surfaces,
such as those of hydrous oxides (8).
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8 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

While the theory and experimental measurements of the equilibria
of ion exchange are well established (66,67), some models employ
unverified assumptions concerning the structure of exchanged ions.
For example, the extent to which cations are dehydrated upon entering
an jon exchanger is not known unequivocably (68). Sposito (10)
discusses the experimental evidence for formation of both inner- and
outer-sphere complexes for various exchanging ijons. Ca-
montmorillonite suspensions exhibit a d{(001) spacing that is
consistent with the form@tion of an outer-sphere surface complex
between exchangeable Ca¢* jons and a pair of opposing siloxane
ditrigonal cavities. Additional evidence for this structure includes
quasielastic neutron scattering experiments which suggest the
existence of a rigid octahedral solvation shell for Ca * in Ca-
montmori]]onigf (69). 51ectron spin resonance spectra for
exchangeable Cu¢* and Mnc* in montmorillonite also suggest the
formation of outer-sphere complexes (70, and see McBride, Chapter
17). Goodman (Chapter 16) reviews the current state of knowledge
concerning the sorption of metal ions by aluminosilicate minerals and
the various spectroscopic techniques which have been employed to
characterize the bonding environment.

When isomorphic substitution of A13% for Si** occurs in the
tetrahedral sheet of a phyllosilicate, the excess negative charge
will distribute itself primarily over the three surface oxygens of
one tetrahedron. This allows for the formation of strong complexes
with cations (10). In particular, the formation of inner-sphere
complexes with Kt is Tikely, because the jonic diameter of Kt is
almost equal to the size of the ditrigonal cavity in the basal planes
of vermiculite and i1litic micas. The influence of such structurss
and bonding forces on ion exchange processes involving Kt and Ca<t
are discussed in detail by Goulding (Chapter 15) and more generally
by Maes and Cremers (Chapter 13). In both papers, evidence for the
existence of highly selective and specific surface sites in layered
minerals is reviewed. Goulding presents a characterization of several
selected layered silicate minerals in terms of specific site types
which can be identified by the enthalpies of ion exchange. The author
also discusses reasons for the slow exchange or "fixation" of K* in
soils. In Chapter 13, Maes and Cremers present a comprehensive review
of the influence ion exchanger charge density and the relative
polarizability of exchanging ions on ion exchange processes. The
factors that lead to highly selective exchange behavior in
montmorillonites and zeolites are emphasized. The paper by Yasunaga
and Ikeda (Chapter 12) examines the mechanisms of intercalation and
deintercalation in layered, channeled, and cage-structured minerals.

Eber1 et al. (Chapter 14) present evidence for the dynamic role
of wetting and drying cycles on the weathering of smectites and K-
feldspars. The exchange of K' with other cations leads to the
formation of il1lite-l1ike layers in smectites, but this reaction is
completely reversible whe% exchanged again with cations of high
hydration energy such as Ca=? (71). However, Eberl et al. show that
K-smectite may fix Kt irreversibly when subjected to wetting and
drying cycles. The moisture content of soils can dramatically affect
the reactivity of soil minerals. Under very low moisture conditions
both the surface and interlayer acidity can be greatly increased,
leading to an increase in the rates of acid-catalyzed reactions.
Thus, chemical transformations may occur at quite different rates in
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1. DAVIS AND HAYES Overview 9

unsaturated vs. saturated soil zones. In addition to the paper by
Eberl et al., this topic is addressed in the papers by Voudrias and
Reinhard (Chapter 22) and Velbel (Chapter 30).

Surface Spectroscopy

Surface spectroscopy offers the best opportunity to elucidate the
structures of chemical species at the mineral-water interface (see
Sposito, Chapter 11). The application of spectroscopic methods to
probe the molecular environment of the interface is still a
relatively new field. Chapters 16-19 present reviews and some recent
advances in investigations of molecular structure at the mineral-
water interface. A recent review of spectroscopic methods applied to
soil and clay mineral systems is given in Stucki and Banwart (72).

Spectroscopic techniques can be classified according to the type
of interfacial environment being investigated. While the terms
"surface" and "interface" are often interchanged, each has a distinct
meaning: Surface refers to the face of a solid which is exposed to a
gas or liquid phase; an interface is a narrow region of finite width
between the surface and a 1iquid or gas phase. Surface spectroscopic
techniques often require vacuum or ultra high vacuum conditions and
are sometimes referred to as ex-situ techniques. Spectroscopic
situ techniques 1in that d1rect investigation of aqueous suspensions
is possible.

Spectroscopic techniques which analyze the composition and
structure of mineral surfaces include Auger Electron Spectroscopy
(AES), X-ray Photoelectron Spectroscopy (XPS, or the older name,
ESCA), and Secondary Ion Mass Spectroscopy (SIMS). Perry (Chapter
18) discusses the application of XPS, AES, and SIMS to studies of
natural materials. Each of these techniques can yield detailed
information about the structure and bonding of minerals and of
chemical species present on the surfaces of minerals, but Perry
illustrates the fact that a much greater knowledge can be gained by
combining data from two or more methods. The author also discusses
the important spectral parameters that yield structural information,
the application of depth profiling methods, and problems created by
the high vacuum necessary for analysis. The use of XPS and SIMS in an
investigation of the oxidation state of cobalt sorbed by birnessite
is reported in Dillard and Schenck (Chapter 24).

A variety of in-situ spectroscopic techniques have been used to
investigate the mineral-water interface, including Raman (73),
Fourier Transform Infrared (FTIR)(74-75), Nuclear Magnetic Resonance
(NMR)(76), Electron Paramagnetic Resonance (EPR)(77-80), Electron
Nuclear Double Resonance (ENDOR)(81), Mossbauer (82), and Extended X-
ray Absorption Fine Structure (EXAFS)(83) spectroscopies. In-situ
spectroscop1c investigations of the mineral-water interface can be
found in the papers by Zeltner et al. (FTIR, Chapter 8), McBride
(EPR, Chapter 17) and Ambe et al. (Mossbauer, ChapteE 19). McBride
(Chapter 17) studied the orientation and mobility of Cu¢* ions sorbed
at exchange sites of layer silicate minerals. The EPR spectral data
revealed that the rotational motion of Cu* in these minerals was
highly dependent on the size of the interlayer region, and hence, the
degree of interlayer expansion. Ambe et al. (Chapter 19) discuss the
structures of sorbed Co(II) and Sb(V) ions on the surface of
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hematite. An in-situ emission Mossbauer spectroscopic study of these
surfaces revealed two chemical forms of adsorbed Co{II): one
attributable to coordinative bonds to surface sites and the other to
weakly bound (possibly hydrogen bonded) ions. The relative
proportions of the two forms varied as a function of pH. Two forms of
adsorbed Sb(V) were also found in this study. Goodman (Chapter 16)
discusses the use of EPR and other spectroscopic techniques in
studies of the adsorption of metal ions and complexes by
aluminosilicate minerals.

Many other methods can be used to obtain information about
mineral surfaces including Low Energy Electron Diffraction (LEED),
Scanning Electron Microscopy (SEM) and Transmission Electron
Microscopy (TEM) (72). The diffraction methods are well established
for studying structure and the microscopic techniques can reveal the
morphology of surfaces. Giese and Constanzo (Chapter 3) studied the
bonding of intercalated water molecules in synthetic hydrated
kaolinite by infrared (IR) absorption. Voudrias and Reinhard (Chapter
22) review the application of a variety of spectroscopic techniques
for identifying sorbed reactants, products, and intermediates in
organic reactions at the mineral-water interface.

Dissolution, Precipitation, and Solid Solution Formation

Dissolution. Chemical weathering is certainly among the most
important geochemical processes that occur on the earth’s surface. In
the last decade, research in this field has focused on the kinetics
and mechanisms of mineral dissolution reactions, since a departure
from equilibrium in natural systems is apparent (84-85). Hypotheses
for dissolution mechanisms and rate-limiting steps during the
weathering process can be grouped into two schools of thought (86).
One school proposes that the dissolution rate is controlled by the
formation of a residual layer at the surface of the reacting mineral,
through which the reactants and products of weathering must diffuse
(87,88). The second group proposes that the dissolution rate is
controlled by the rate of a surface reaction (89,90). The proponents
of the diffusion-control mechanism base their conclusions on the
temporal evolution of aqueous solution composition, which suggests
that the kinetics of mineral dissolution usually obeys a parabolic
rate law. Evidence for the latter hypothesis includes the results of
surface spectroscopic studies which have failed to detect any leached
layer (89-91). Dibble and Tiller (28) noted that the consistency of
the kinetic data with parabolic rate law may indicate that the rate-
determining step involves diffusion of a reaction product or impurity
ion to or from the interface. While mass transfer through the 1iquid
phase at the interface is a relatively fast step, diffusion could
become rate-determining if adsorption retards molecular detachments
at kinks or layer edges {92). Velbel {Chapter 30) reviews this area
of research and discusses current applications of the conclusions to
natural systems.

A common phenomenon in the dissolution of silicate minerals is
the formation of etch pits at the surface (90-91,93-94). When this
occurs, the overall rate of mineral dissolution is non-uniform, and
dissolution occurs preferentially at dislocations or defects that
intercept the crystal surface. Preferential dissolution of the
mineral could explain why surface spectroscopic studies have failed
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to detect a Teached layer at the surface (93). Brantley et al.
(Chapter 31) examine the formation of etch pits on quartz in
laboratory experiments at 300°C and on quartz particles from a
natural soil profile. Their results suggest that the theory of etch
pit formation at dislocations may be useful in describing mineral
weathering behavior at low temperatures as well as during
hydrothermal alteration.

Numerous geochemical studies have attempted to interpret the
composition of waters in terms of chemical reactions between parent
minerals and weathering products in near-surface weathering
environments. The studies suggest, or in some cases assume, that the
water is in equilibrium with either observed or inferred weathering
products or hypothetical metastable phases (95). However, chemical
equilibrium is not necessarily expected in an open system through
which water is fluxing rapidly. A more realistic approach is to
relate the water chemistry to the kinetics of dissolution and
precipitation of primary and secondary phases (87,96). Weathering
rates in nature are usually estimated from geochemical mass balance
equations (97). Velbel (Chapter 30) compares the few estimates of
mineral weathering rates measured in nature which can be normalized
on the basis of surface area with those measured in the laboratory
(28,98). The results indicate that the rates of dissolution in nature
are much slower than predicted from laboratory experiments. Velbel
outlines possible reasons for this discrepancy and presents areas in
which further research are needed.

Precipitation. An important element of any geochemical analysis
of natural waters is an evaluation of which minerals are present and
the extent to which the system can be represented by equilibrium
models. Typical questions that need to be answered are: 1) Is the
water supersaturated, undersaturated, or at equilibrium with a given
mineral? and 2) If more than one solid phase can form for a given
element, which phase is more stable in that particular environment?

Precipitation can occur if a water is supersaturated with
respect to a solid phase; however, if the growth of a
thermodynamically stable phase is slow, a metastable phase may form.
Disordered, amorphous phases such as ferric hydroxide, aluminum
hydroxide, and allophane are thermodynamically unstable with respect
to crystalline phases; nonetheless, these disordered phases are
frequently found in nature. The rates of crystallization of these
phases are strongly controlled by the presence of adsorbed ions on
the surfaces of precipitates (99). Zawacki et al. (Chapter 32)
present evidence that adsorption of alkaline earth ions greatly
influences the formation and growth of calcium phosphates. While
hydroxyapatite was the thermodynamically stable phase under the
conditions studied by these authors, it is shown that several
different metastable phases may form, depending upon the degree of
supersaturation and the initiating surface phase.

Precipitation must begin with the formation of nuclei;
nucleation can be homogeneous (formed in the aqueous solution by the
spontaneous association of ions) or heterogeneous (originating on the
surface of an impurity or via seed particles which act as
crystallization catalysts). In nature, it is thought that
heterogeneous nucleation is the predominant process which begins
precipitation (100). The factors determining growth kinetics may be
divided into two main groups: 1) transport processes -- the transport
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of reactants up to a crystal surface and the transport of reaction
products away from the surface, and 2) surface processes, which may
include adsorption of molecules and ions on a crystal surface,
migration of ions along the surface, a change of the degree of
hydration of ions, formation of two dimensional surface nuclei, and
the fitting of ions into the crystal Tattice (101). Neilsen (Chapter
29) reviews some of the important aspects of crystal growth processes
and the factors which influence the rate-determining mechanism for
crystal growth.

Adsorption may influence precipitation by means other than the
processes mentioned above. Davies (Chapter 23) discusses thE role of
the surface as a catalyst for oxidation of adsorbed Mn¢t. Redox
reactions may contribute substantially to the formation of manganese
oxide coatings on mineral surfaces in soils and sediments.

Solid Solutions. The aqueous concentrations of trace elements in
natural waters are frequently much lower than would be expected on
the basis of equilibrium solubility calculations or of supply to the
water from various sources. It is often assumed that adsorption of
the element on mineral surfaces is the cause for the depleted aqueous
concentration of the trace element (97). However, Sposito (Chapter
11) shows that the methods commonly used to distinguish between
solubility or adsorption controls are conceptually flawed. One of the
important problems illustrated in Chapter 11 is the evaluation of the
state of saturation of natural waters with respect to solid phases.
Generally, the conclusion that a trace element is undersaturated is
based on a comparison of ion activity products with known pure solid
phases that contain the trace element. If a solid phase is pure, then
its activity is equal to one by thermodynamic convention. However,
when a trace cation is coprecipitated with another cation, the
activity of the solid phase end member containing the trace cation in
the coprecipitate will be less than one. If the aqueous phase is at
equilibrium with the coprecipitate, then the ion activity product
will be less than the solubility constant of the pure solid phase
containing the trace element. This condition could then lead to the
conclusion that a natural water was undersaturated with respect to
the pure solid phase and that the aqueous concentration of the trace
cation was controlled by adsorption on mineral surfaces. While this
might be true, Sposito points out that the jon activity product
comparison with the solubility product does not provide any
conclusive evidence as to whether an adsorption or coprecipitation
process controls the aqueous concentration.

There is considerable evidence that coprecipitation and the
formation of solid solutions is significant in soils and sediments
(10). While ideal solution models have been widely proposed for
various mineral solid solutions, experimental investigations and
studies of natural mineral assemblages have shown that miscibility
gaps are common in almost every major mineral group (102). The
existence of such gaps requires nonideal solution models to describe
the distribution of components in the solid and aqueous phases.
Driessens (Chapter 25) reviews the important 1iterature concerning
laboratory investigations of solid solutions and presents the theory
of ideal solid solutions and nonideal solid solutions, including the
more general models of regular solid solutions with and without
ordering. Many of the calculated activity coefficients for end-member
solid phases in solid solutions are based on an assumption that a
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system has reached equilibrium when the solid phase composition is
measured. PTummer (Chapter 26) examines the criteria for deciding
when a system has reached equilibrium; his analysis shows that
previous calculations for the KC1-KBr system at 25°C may be in error
because the system analyzed was only near equilibrium.

Non-lattice sites may play an important role in the incorporation
of large foreign ions in crystal structures during coprecipitation;
Pingitore (Chapter 27) discusses the importance of these sites 1£ the
foEmation of coprecipitates of calcium carbonate containing Sr¢t or
Bact. White and Yee (Chapter 28) discuss the diffusion of alkali
ions into defect structures in the surfaces of glasses and
crystalline feldspars.

Transformation Reactions at the Mineral/Water Interface

Certain properties of the mineral-water interface or of reactive
sites on mineral surfaces may lower the activation energy of various
transformation reactions, e.g. electron transfer reactions or
hydrolysis reactions of organic compounds. The presence of Bronsted
or Lewis acid sites on mineral surfaces is a primary factor in
catalyzing such reactions at the surface. Other factors are the
structure and charge of the mineral surface (including any interlayer
spacing) and the size and charge of reacting solutes. It is generally
believed that the mechanisms of these transformation reactions are
similar to those that occur in homogeneous aqueous solutions, but the
conditions at the mineral-water interface may accelerate the rates of
certain reactions. Although many important reactions of organic
compounds are catalyzed by mineral surfaces under dessicated
conditions at elevated temperatures (103), 1ittle information is
available on catalysis by surfaces in aqueous environments.

Electron Transfer Reactions. Important redox reactions involving
aqueous solutes and mineral surfaces include oxidative or reductive
dissolution, oxidation or reduction of solutes by reaction with
surface sites, and polymerization reactions of organic compounds. The
theory of electron transfer reactions is well established in
homogeneous solution; however, the mechanisms of electron transfer
reactions which occur at the mineral-water interface are more
difficult to establish because of the difficulty in identifying the
reacting species. Two types of electron transfer mechanisms have
been found from kinetic studies in homogeneous solution: 1) inner-
sphere and 2) outer-sphere. Stone (Chapter 21) discusses the
analogy between electron transfer reactions in homogeneous and
heterogeneous systems. Waite (Chapter 20) reviews the literature on
the ability of 1ight to initiate or enhance the rates of redox
reactions whicg occur on mineral surfaces. A study of accelerated
oxidation of Mn¢t in the presence of hydrous iron oxide is presented
by Davies (Chapter 23). Dillard and Schenck (Chapter 24) report on
redox reactions of Co{II) and Co{III)-complexes on the surface of
birnessite.

The surfaces of clay minerals can catalyze the polymerization of
organic compounds through a free radical-cationic initiation process.
This type of reaction is believed to be initiated by the abstraction
of an electron by Lewis acid sites on mineral surfaces; however,
Bronsted acidity has also been shown to be important in certain cases
{see Chapter 22).
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Additional Transformation Reactions. Other reactions that can
be catalyzed by mineral surfaces are substitution, elimination, and
addition reactions of organic molecules. Substitution and elimination
are two general types of reactions that occur at saturated carbon
atoms of organic molecules. Both types are initiated by nucleophilic
attack; however, in elimination reactions it is the basicity of the
nucleophile that determine its reactivity rather than its
nucleophilicity. Since mineral surfaces are expected to have both
nucleophilic and basic properties, these types of reactions should
also occur at mineral-water interfaces (see Chapter 22). It remains
to be shown whether or not these reactions are catalyzed under
environmental conditions.

Hydrolysis reactions occur by nucleophilic attack at a carbon
single bond, involving either the water molecule directly or the
hydronium or hydroxyl ion. The most favorable conditions for
hydrolysis, e.g. acidic or alkaline solutions, depend on the nature
of the bond which is to be cleaved. Mineral surfaces that have
Bronsted acidity have been shown to catalyze hydrolysis reactions.
Examples of hydrolysis reactions which may be catalyzed by the
surfaces of minerals in soils include peptide bond formation by amino
acids which are adsorbed on clay mineral surfaces and the degradation
of pesticides (see Chapter 22).

Concluding Remarks

Our knowledge of the physical and chemical nature of the mineral-
water interface is still advancing. The significance of the interface
in processes such as sorption, ion exchange, precipitation, and
dissolution has been recognized for some time, but new studies are
demonstrating that these processes are interrelated in complex and
interesting ways. A full appreciation of the fundamental importance
of interfacial reactions in geochemical processes is still emerging,
and it is increasingly clear that the interface may play a critical
role in accelerating the rates of redox reactions, polymerization,
hydrolysis, and other transformations. This volume presents a
compilation of state-of-the-art theoretical and experimental
approaches which are being applied in studies of the mineral-water
interface. These new concepts must be integrated into geochemical
models if a comprehensive chemical description of natural systems is
to be achieved.

Acknowledgments

The authors would like to thank A. Maest, C. Chisholm, and C. Fuller
for their criticial reviews of the manuscript.

Literature Cited

1. Weise, G.R.; James, R.0.; Yates, D.E.; Healy, T.W. MPT Int. Rev.
Sci. 1975, 6, 53-103.

2. Klier, K.; Zettlemoyer, A.C. J. Colloid Interface Sci. 1977; 58,
216-229.

3. Lyklema, J.J. Colloid Interface Sci. 1977; 58, 242.

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



L.

10.

11.
12.

13.
14.
15.
16.
17.
18.
19.
20.
21.

22.

23

24.

25.
26.
27.
28.
29.
30.

DAVIS AND HAYES Overview 15

Arnold, P.W. In "The Surface Chemistry of Soil Constituents";
Greenland, D.J.; Hayes, M.H.B., Eds.; John Wiley and Sons,

New York, 1978.

Westall, J.; Hohl, H. Adv. Colloid Interf. Sci. 1980, 12, 265-
294,
Derjaguin, B.V.; Churaev, N.V. In "Progress in Surface and
Membrane Science"; Cadenhead, D.A.; Danielli, J.F., Eds.;
Academic Press: New York, 1981; Vol. 14, pp. 69-130.

Sposito, G.; Prost, R. Chem. Rev. 1982, 82, 553-573.

James, R.0.; Parks, G.A. Surface and Colloid Sci. 1982, 12, 119-
217.

Vold, R.D.; Vold, M.J. "Colloid and Interface Chemistry";
Addison-Wesley: Reading, Mass., 1983; Chaps. 7,9.

Sposito, G. "The Surface Chemistry of Soils"; Oxford: New York,
1984,

Ruckenstein, E.; Schiby, D. Langmuir 1985, 1, 612-615.

Pashley, R.M.; Israelachvili, J.N. J. Colloid Interface Sci.
1984, 101, 511-523.
Schindler, P.M. In "Adsorption of Inorganics at the Solid Liquid
Interface”; Anderson, M.A.; Rubin, A.J., Eds.; Ann Arbor
Science, Ann Arbor, 1981, Chap. 1.

Huang, C.P., Stumm, W.J. Colloid Interf. Sci. 1973, 43, 409.
Stumm, W.; Hoh1, H.; Dalang, F. Croatica Chem. Acta 1976, 48,
491,
Bowden, J.W.; Posner, A.M.; Quirk, J.P.Aust. J. Soil Res. 1977,
15, 121.
Davis, J.A.; James, R.0.; Leckie, J.0.J. Colloid Interf. Sci.
1978, 63, 480-499.
van Riemsdijk, W.H.; Bolt, G.H.; Koopal, L.K.; Blaakmeer, J. J.
Colloid Interf. Sci. 1986, 109, 219-228.

Sprycha, R. J. Colloid Interf. Sci. 1984, 102, 173-185.

Smit, W.; Holten, C.L.M. J. Colloid Interf. Sci. 1980, 78, 1.
Bousse, L.; de Rooij, N.F.; Bergveld, P. Surface Sci. 1983, 135,
479.

Stumm, W.; Furrer, G.; Kunz, B. Croatica Chem. Acta 1983, 56,
593-611.
Kinniburgh, D.G.; Jackson, M.L. In "Adsorption of Inorganics at
Solid-Liquid Interfaces"; Anderson, M.A.; Rubin, A.J., Eds.; Ann
Arbor Science: Ann Arbor, MI, 1981; Chap. 3.

Hingston, F.J. In "Adsorption of Inorganics at Solid-Liquid
Interfaces"; Anderson, M.A.; Rubin, A.J., Eds.; Ann Arbor
Science: Ann Arbor, MI, 1981; Chap. 2.

Mikami, N.; Sasaki, M.; Hachiya, K.; Astumian, R.D.; Ikeda,
T.; Yasunaga, T. J. Phys. Chem. 1983, 87, 1454-1458.

Hachiya, K.; Sasaki, M.; Saruta, Y.; Mikama, N.; Yasunaga, T.
J. Phys. Chem. 1984, 88, 23-27.

Hachiya, K.; Sasaki, M.; Ikeda, T.; Mikami, N.; Yasunaga, T. J.
Phys. Chem. 1984, 88, 27-31.

Dibble, W.E. Jr.; Tiller, W.A. Geochem. Cosmochim. Acta 1981,
45, 79-92.
Benjamin, M.M.; Leckie, J.0. J. Colloid Interf. Sci. 1981, 79,
209-221.

Kinniburgh, D.G.; Barker, J.A.; Whitfield, M. J. Colloid
Interf. Sci. 1983, 95, 370.

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



16

31.
32.
33.

34,
35.

36.
37.

38.
39.
40.
41.

42.
43.

44.
45.
46.

47.
48.

49.
50.
51.
52.

53.
. McBride, M.B.; Fraser, A.R.; McHardy, W.J. CTays and Clay Min.

55.
56.
57.
58.
59.

60.

GEOCHEMICAL PROCESSES AT MINERAL SURFACES

Benjamin, M.M.; Leckie, J.0. J. Colloid Interface Sci. 1981, 83,
410-419.
Hingston, F.J.; Posner, A.M.; Quirk, J.P. Discuss. Faraday Soc.
1972, 52, 334- 342
Chan D.; Perram, J.W.; White, L.R. J. Chem. Soc. Faraday Trans.
11975 71, 1046-1057.
Sposito,G . Colloid Interf. Sci. 1983, 91, 329.

Hayes, K.F.; Leckie, J.0. J. Colloid Interf Sci. 1986, in
press.

Hoh1, H.; Stumm, W. _ggH oid Interface Sci. 1976, 55, 281-288.
Davis, J.A.; Leck1e J.0. J. Colloid Interface Sci. 1978, 67, 90-
107.

Davis, J.A.; Leckie, J.0. J. Colloid Interface Sci. 1978, 74,
32-43.
Ahrland, S.; Grenthe, I.; Noren, B. Acta Chem. Scand. 1960, 14,
1059-1076.
Zazoski, R.J.; Burau, R.G. Soil Sci. Soc. Am. J. 1978, 42, 372-
374.

Theis, T.L. "Seminar on Adsorption”; EPA Report 600/X-85/122;
U.S. Environmental Protection Agency: Washington, D.C., 1985.
Kurbatov, M.H.; Wood, G.B. J. Phys. Chgm_ 1952, 56, 698
Anderson, M.A.; TeJedor Tejedor, M.I.; Stanforth R.R. Environ.
§gl';lggm1985, 19, 632-637.

Atkinson, R.J.; Posner, A.M.; Quirk, J.P. J. Inorg. Nucl. Chem.
1972, 34, 2201-2211.
Hansmann, D.D.; Anderson, M.A. Environ. Sci. Tech. 1985, 19, 544-
551.
Pashley, R.M. J. Colloid Interface Sci. 1984, 102, 23-35.
Barrow, N.J. J_.S_oi]_ Sci. 1983, 34, 751-758.

Leckie, J.0.; Stumm, W. In "Advances in Water Quality
Improvement--Phys1ca1 and Chemical Processes”; Golyna E.;
Eckenfelder, W., Eds.; Univ. of Texas Press: Aust1n 1970, 237—
249,

Davis, J.A.; Fuller, C.C.; Cook, A.D. Geochim. Cosmochim. Acta,
in press.
Dzombak, D.A.,; Morel, F. M.M., J. Colloid Interface Sci. 1986,
in press.
Bleam, W.F.; McBride, M.B. J. Colloid Interface Sci. 1985, 103,
124-132.
Bleam, W.F.; McBride, M.B. J. Coll0id Interface Sci. 1986, 110,
335-346.

Harvey, D.T.; Linton, RM. Colloids and Surfaces 1984, 11, 81-96.

1984, 32, 12-18.
Anderson, M.A.; Palm-Gennen, M.H.; Renard, P.N.; Defosse, C.;
Rouxhet, P.G. J. Colloid Interface Sci. 1984, 102, 328-336.

Farley, K.J.; Dzombak, D.A.; Morel, F.M.M. J. Colloid Interface
Sci. 1985, 106, 226-242.

McBride, MB So11 Sci. Soc. Am. J. 1978, 42, 27-31.

Luoma, SN Davis, J.A. Marine Qg@_1983 12 159-181.

Hsi, C.K.D.; Langmu1r D. Geochimica Cosmoch1m1ca Acta 1985, 49,
1931-1942.

Davis-Colley, R.J.; Nelson, P.0.; Williamson, K.J. Environ. Sci.
Tech. 1984, 18, 491-499.

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



L.

DAVIS AND HAYES Overview 17

61. Honeyman, B.D. Ph.D. Thesis, Stanford University, Stanford,
Calif., 1984.

62. Tessier, A.; Rapin, F.; Carignan, R. Geochim. Cosmochim. Acta
1985, 49, 183-194.

63. Balistrieri, L.S.; Murray, J.W. Geochim. Cosmochim. Acta 1983,
47, 1091-1098.

64. Karickhoff, S.W. J. Hydraulic Eng. 1984, 110, 707-735.

65. Sposito, G.; Mattigod, S.V. Soil Sci. Soc. Am. J. 1977, 41, 323-
329.

66. Sposito, G. "Thermodynamics of Soil Solutions"; Oxford Clarendon
Press: Oxford, 1981.

67. Bruggenwert, M.G.M.; Kamphorst, A. In "Soil Chemistry, B.
Physico-Chemical Models" Bolt, G.H. Ed.; Elsevier Sci. Publ.:
Amsterdam, 1979, Chap. 5.

68. Maes, A.; Cremers, A. In "Soil Chemistry B. Physico-Chemical
Models"” Bolt, G.H. Ed.; Elsevier Sci. Publ.: Amsterdam, 1979,
Chap. 6.

69. Ross, D.K.; Hall, P.L. In "Advanced Chemical Methods for Soil and
Clay Mineralogy Research"; Stucki, J.W.; Banwart, W.L., Eds.;
Reidel: Boston, 1980, p. 93.

70. McBride, M.B.; Pinnavaia, T.J.; Mortland, M.M. J. Phys. Chem.
1973, 77, 196-200.

71. Goulding, K.W.T.; Talibudeen, 0. J. Colloid Interface Sci. 1980,
78, 15-24.

72. Stucki, J.W.; Banwart, W.L., Eds. "Advanced Chemical Methods for
Soil and Clay Minerals Research"; Reidel: Boston, 1980.

73. Johnston, C.T.; Sposito, G.; Birge, R.R. Clays and Clay Min.
1985, 33, 483-489.

74. Tejedor-Tejedor, M.I.; Anderson, M.A. Langmuir 1986, 2, 203-210.

75. Foley, J.K.; Pons, S. Anal. Chem. 1985, 57, 945A-956A.

76. Young, J.R. PhD. Thesis, California Institute of Technology,
Pasadena, Calif., 1981.

77. Motschi, H. Colloids and Surfaces 1984, 9, 337-347.

78. Fransesca, M.0.; Ceresa, E.M.; Visca, M. J. Colloid Interface
Sci. 1985, 108, 114-122.

79. Bassetti, V.; Burlamacchi, L.; Martini, G. J. Amer. Chem. Soc.
1979, 101, 5471-5477.

80. Clementz, D.M.; Pinnavaia, T.J.; Mortland, M.M. J. Phys. Chem.
1973, 77, 196-200.

81. Rudin, M.; Motschi, H. J. Col1o0id Interface Sci. 1984, 98, 385-
393.

82. Ambe, F.; Okada, T.; Ambe, S.; Sekizawa, H. J. Phys. Chem. 1984,
88, 3015.

83. Waychunas, G.A.; Brown, G.E. In EXAFS and Near Edge Structure
III; Hodgson, K.0.; Hedman, B.; Penner-Hahn, J.E., Eds.;
Springer-Verlag, New York, pp. 336-342.

84. Berner, R.A. Am. J. Sci. 1978, 278, 1235-1252.

85. Lerman, A., "Geochemical Processes"; Wiley: New York, 1979.

86. Wollast, R.; Chou, L. In "The Chemistry of Weathering"; Drever,
J.I., Ed.; Reidel: Boston, 1985, pp. 75-96.

87. Paces, T. Geochim. Cosmochim. Acta 1973, 37, 2641-2663.

88. Wollast, R. Geochim. Cosmochim. Acta 1967, 31, 635-648.

89. Holdren, G.R.; Berner, R.A. Geochim. Cosmochim. Acta 1979, 43,

1161-1171.

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



18

90.
91.
92.
a3.

94.
95.

96.

97.

98.
99.

100.

101.

102.
103.

GEOCHEMICAL PROCESSES AT MINERAL SURFACES

Berner, R.A.; Holdren, G.R. Geochim. Cosmochim. Acta 1979, 43,
1173-1186.
Schott, J.; Berner, R.A.; Sjoberg, E.L. Geochim. Cosmochim. Acta
1981, 45, 2123-2135.
Zutic, V.; Stumm, W. Geochim. Cosmochim. Acta 1984, 48, 1493-
1504.
Berner, R.A.; Holdren, G.R.; Schott, J. Geochim. Cosmochim. Acta
1985, 49, 1657-1658.
Berner, R.A.; Schott, J. Am. J. Sci. 1982, 282, 1214-1231.
Velbel, M.A. In "The Chemistry of Weathering"; Drever, J.I., Ed.;
Reidel: Boston, 1985, pp. 231-247.

Paces, T. In "Interpretation of Environmental Isotope and
Hydrochemical Data in Groundwater Hydrology", International
Atomic Energy Agency: Vienna, pp. 85-108.

Drever, J.I. "The Geochemistry of Natural Waters"; Prentice-Hall:
Englewood C1iffs, NJ, 1982.

Paces, T. Geochim. Cosmochim. Acta 1983, 47, 1855-1863.
Schwertmann, U. In "The Chemistry of Weathering"; Drever, J.1.,
Ed.; Reidel: Boston, 1985, pp. 119-120.

Stumm, W.; Furrer, G.; Wieland, E.; Zinder, B. In "The Chemistry
of Weathering"; Drever, J.1., Ed.; Reidel: Boston, 1985, pp. 55-
74.

Neilsen, A.E. In "Treatise on Analytical Chemistry", 2nd Ed.;
Part I; Vol. 3; Kolthoff, I.M.; Elving, P.J., Eds.; John Wiley:
New York, 1983, Chap. 27.

Nordstrom, D.K.; Munoz, J.L. "Geochemical Thermodynamics";
Benjamin-Cummings Publ.: Menlo Park, Calif., 1985, pp.152-162.
Solomon, D.H.; Hawthorne, D.G. "Chemistry of Pigments and
Fillers" Wiley-Interscience: New York, 1983.

RECEIVED August 4, 1986

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



2

Simulating Liquid Water near Mineral Surfaces:
Current Methods and Limitations

David J. Mulla

Department of Agronomy and Soils, Washington State University, Pullman,
WA 99164-6420

It is important to propose molecular and theoretical
models to describe the forces, energy, structure and
dynamics of water near mineral surfaces. Our
understanding of experimental results concerning
hydration forces, the hydrophobic effect, swelling,
reaction kinetics and adsorption mechanisms in agueous
colloidal systems is rapidly advancing as a result of
recent Monte Carlo (MC) and molecular dynamics {MD)
models for water properties near model surfaces. This
paper reviews the basic MC and MD simulation techniques,
compares and contrasts the merits and limitations of
various models for water-water interactions and surface-
water interactions, and proposes an interaction
potential model which would be useful in simulating
water near hydrophilic surfaces. In addition, results
from selected MC and MD simulations of water near
hydrophobic surfaces are discussed in relation to
experimental results, to theories of the double layer,
and to structural forces in interfacial systems.

Recent evidence (1) suggests that reactions at the mineral/liquid
interface were involved in the beginnings of life on Earth. Not
surprisingly, the nature and properties of mineral/water interfaces
are of interest to physicists, chemists, physical chemists, applied
mathematicians, colloid scientists, geochemists, soil scientists and
civil engineers. Of particular interest is an increased understanding
of the role of water in colloidal swelling, solute hydration, reaction
kinetics, adsorption mechanisms, and ion exchange.

The theoretical study (2,3) of this interface is made inherently
difficult by virtue of the complex, many-body nature of the
interaction potentials and forces involving surfaces, counterions, and
water. Hence, many models of the interfacial region explicitly
specify the forces between colloidal particles or between solutes, but
few account for the many-body interaction forces of the solvent.
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Experimental studies of the thermodynamic, spectroscopic and
transport properties of mineral/water interfaces have been extensive,
albeit conflicting at times (4-10). Ambiguous terms such as
"hydration forces", "hydrophobic interactions", and "structured water"
have arisen to describe interfacial properties which have been
difficult to quantify and explain. A detailed statistical-mechanical
description of the forces, energies and properties of water at mineral
surfaces is clearly desirable.

Molecular predictions of the properties of interfacial systems
are now becoming possible as a result of rapid advances in liguid
state chemical physics and computer technology. The objectives of
this paper are 1) to review the general approaches and models used in
Monte Carlo (MC) and molecular dynamics (MD) simulations of
interfacial systems, 2) to describe and discuss results from selected
simulation studies of interfacial water, and 3) to discuss the major
limitations of these techniques and to offer suggestions for
overcoming them.

General Simulation Approaches

In most MC (11,12) and MD (12,13) studies, a small number (N) of
particles are placed in a cell of fixed volume (V) and the total
interaction potential energy (Uy) from all pairwise interaction

potentials (Uij) between particles i and j is calculated:

Uy = 24 3 U’ij (1)

Particle interactions are not computed beyond a cutoff radius of
from four to eight Angstroms to improve computational efficiency by
neglecting long-range interactions which contribute little to the
overall structure of the fluid. Periodic boundary conditions are
imposed by filling the space around the basic cell with image cells
translated by multiples of the unit length of the basic cell. Thus,
particles near the cell boundaries of the basic cell interact with
image particles, not with empty cavities. This technigue prevents
spurious edge effects from affecting the results of the simulation.
Periodic cell boundaries also allow a small sample of particles to
exhibit properties characteristic of a much larger sample size.

Although the method of moving particles to new locations and of
obtaining equilibrium configurations for the particles differs for the
MC and MD methods, in both techniques the positions and orientations
of thousands of configurations are generated and used to calculate
average properties of the system. In the MC method, ensemble average
properties can be computed. These may include structural and
thermodynamic properties such as density, dipole direction cosine,
hydrogen bond energies and number, radial distribution functions,
internal energy, heat capacity and internal pressure. In the MD
method, time average properties which are either structural or dynamic
can be computed. For instance, these properties may include density,
dipole direction cosine, hydrogen bond energies and number, radial
distribution functions, dipole relaxation time, and self-diffusion
coefficients. Thus, the key difference between the two techniques is
that the MC method generally allows only static properties to be
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evaluated, while the MD method generally allows both static and time
dependent phenomena to be studied.

Monte Carlo Methods. Although several statistical mechanical
ensembles may be studied using MC methods (2,12,14), the canonical
ensemble has been the most frequently used ensemble for studies of
interfacial systems. In the canonical ensemble, the number of
molecules (N), cell volume (V) and temperature (T) are fixed. Hence,
the canonical ensemble is denoted by the symbols NVT. The choice of
ensemble determines which thermodynamic properties can be computed.

In the NVT ensemble one cannot compute the chemical potential or
entropy of the system; two properties which are of critical importance
for interfacial systems. The choice of an ensemble also determines the
sampling algorithm used to generate molecular configurations from
random moves of the molecules.

In MC methods the ultimate objective is to evaluate macroscopic
properties from information about molecular positions generated over
phase space. To evaluate average macroscopic properties, p, in the
canonical ensemble from statistical mechanics, the following
expression is used:

b = £q [pgexp(-Uy(a)/kT)1/Q(N.V,T) (2)

where Pq is the value of the macroscopic property p in the qth
configuration, k is Boltzmann's constant, Q(N,V,T) is the canonical
ensemble partition function, and the summation runs over all g
equilibrium molecular configurations. Thus, Equation 2 suggests that
to evaluate properties in the canonical ensemble MC method, the
probability with which any molecular configuration occurs should be
proportional to exp(-Uy(q)/kT). The specific algorithm for generating
new configurations that satisfy this requirement involves i) selecting
a molecule at random, ii) selecting Cartesian center-of-mass
displacement coordinates randomly over an interval which is not
greater than half the cell length, iii) selecting a rotation angle at
random, and iv) calculating the new energy, Uy(g+l), of the new
configuration generated by moves i)-iii). The final step involves
deciding whether to accept or reject the new, but random,
configuration. This is done by generating a random number between
zero and unity and comparing the random number to the quantity:

exp[-(Uy(a+1) - Un(q))/kT] (3)

If the random number is less than or equal to the gquantity in Equation
3, then the new move is accepted; otherwise the move is rejected.

This acceptance criteria is often made even more stringent by
requiring that as few as 50% of the moves satisfying Equation 3 are
actually selected. Note that these procedures always favor moves
which lead to reduced total interaction energies.

Molecular Dynamics Methods. In contrast to the MC method, both
kinetic and structural properties of a molecular system can be
evaluated from MD studies. These properties are evaluated as averages
over configurations generated during time. In microcanonical ensemble
studies with the MD method, the properties which are controlled
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include N, V and total energy, E. Total energy is computed from the
sum of total kinetic energy and total potential energy. The potential
energy is evaluated from an expression involving a summation over the
interaction potentials between individual particles i and j, Uijs as
given in Equation 1. Temperature is not fixed in the microcanonical
MD method, since it varies with fluctuations in total kinetic energy.

To determine the movement of molecules, the following algorithm
(15) is often used. The force acting on the ith atom in a molecule
(F;) is determined from the spatial derivative of the total
interaction potential energy of that particle:

Fi = -7 Zj Uij (4)

A centered finite difference scheme is used to calculate the
position of the ith atom, xj, a short time At in the future:

Xi(t + at) = =Xq(t - at) + 2x5(t) + (atd/m;)F; (5)

where all that is required to determine this new position are the
present and past locations, and the force from Equation 4. Typically,
to ensure numerical stability of the algorithm, the magnitude of At is
on the order of 10719 seconds or less. The velocity of the atom, Vi,
is determined by the expression:

Vi(t) = [1/(208)3[X;(t + 6t) = X4(t - at)] (6)

Hence, the MD method involves numerical integration of the equations
of motion for all particles each time a new configuration is
generated, while the MC method only involves movement of one random
particle for each new configuration. It should be noted that many
other numerical algorithms are available for the MD method (13), and
that maximum accuracy results from the use of algorithms that include
higher powers of At than are given in Equation 5.

Interaction Potentials

Equations 3-4 show that the form of the interaction potentials used in
simulating interfacial water is critical. Of interest for interfacial
systems are both the interaction potential between water molecules and
that between the surface and a water molecule.

The first MC (16) and MD (17) studies were used to simulate the
properties of single particle fluids. Although the basic MC (11,12)
and MD (12,13) methods have changed 1ittle since the earliest
simulations, the systems simulated have continually increased in
complexity. The ability to simulate complex interfacial systems has
resulted partly from improvements in simulation algorithms (15,18) or
in the interaction potentials used to model solid surfaces (19). The
major reason, however, for this ability has resulted from the
increasing sophistication of the interaction potentials used to model
liquid-Tiquid interactions. These advances have involved the use of
the following potentials: Lennard-Jones 12-6 (20), Rowlinson (21), BNS
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(

22), ST2 (23), MCY (24), CF (25), PE (26), TIP4P (27), and MCY+CC+DC
(28).

Water Potentials. The ST2 (23), MCY (24), and CF (25) potentials are
computationally tractable and accurate models for two-body water-water
interaction potentials. The S$ST2, MCY and CF models have five., four,
and three interaction sites and have four, three and three charge
centers, respectively. Neither the ST2 nor the MCY potentials allow
OH or HH distances to vary, whereas bond lengths are flexible with the
CF model. While both the ST2 and CF potentials are empirical models,
the MCY potential is derived from ab initio configuration interaction
molecular orbital methods (24) using many geometrical arrangements of
water dimers. The MCY+CC+DC water-water potential (28) is a recent
modification of the MCY potential which allows four body interactions
to be evaluated. In comparison to the two-body potentials described
above, the MCY+CC+DC potential reguires a supercomputer or array
processor in order to be computationally feasible. Therefore, the
ST2, MCY and CF potentials are generally more economical to use than
the MCY+CC+DC potential.

A comparison of the bulk water properties predicted by the ST2,
MCY, and CF models in simulations is given in Table I. These data
were obtained from (2), unless otherwise noted.

Table I. Comparison of water properties for the ST2, MCY and CF
simulation models and bulk water at approximately 298 K.

Property ST2 MCcY CF bulk water
-U (kd/mol) 34 28.5 33 34

Cy (J/K/mol) 71 79 -- 75

u (Debye units) 2.35 2.26 1.86 1.86
PV/NKT (V/N=1) 0.09 8.5 (29) 0.1 0.05

D (1079 m2/sec) 3.1 (30) 2.3 (29) 1.10 (31)  2.85 (32)

Results in Table I illustrate some of the strengths and
weaknesses of the ST2, MCY and CF models. All models, except the MCY
model, accurately predict the internal energy, -U. Constant volume
heat capacity, C,, is accurately predicted by each model for which
data is available. The ST2 and MCY models overpredict the dipole
moment, u, while the CF model prediction is identical with the value
for bulk water. The ratio PV/NkT at a liquid density of unity is
tremendously in error for the MCY model, while both the ST2 and CF
models predictions are reasonable. This large error using the MCY
model suggests that it will not, in general, simulate thermodynamic
properties of water accurately (29). Values of the self-diffusion
coefficient, D, for each of the water models except the CF model agree
fairly well with the value for bulk water.

In simulating interfacial water, it is important to use a model
for water-water interactions which yields accurate results in
simulations of bulk water. Each of the models discussed here have
obvious advantages and disadvantages. The CF model is generally more
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accurate in predicting bulk water properties than the other models in
Table I. Two drawbacks of the ST2 model are its rigidness and overly
tetrahedral geometry. The MCY potential may lead to spurious results
for interfacial water, since it generates excessive internal
pressures.

Surface Potentials. Consider the form of the surface-water
interaction potential for an interfacial system with a hydrophobic
surface. The oxygen atom of any water molecule is acted upon by an
explicitly uncharged surface directly below it via the Lennard-Jones
potential (U j):

ULg(Riz) = AL(0/Ri5)® = (o/Ri3)P] (1)

where R;; is the distance between the jth surface atom and the oxygen
atom on %he ith water molecule, and A and o are parameters which
specify the depth of the potential energy well and the distance at
which its value first equals zero, respectively. The exponents a and
b specify the power lTaw for the repulsive and attractive components of
the Lennard-Jones potential, respectively. Three commonly used pairs
of values for a and b are 12 and 6, 9 and 3, or 4 and 2, which produce
the Lennard-Jones 12-6 (33,34), 9-3 (35), and 4-2 (36) potentials,
respectively. Typical values for parameters of the latter Lennard-
Jones potentials are reported in Table II. In general, the depth of
the potential well for these potentials (about -0.5 kcal/mole) is
typical of the energy between hydrophobic surfaces and physisorbed
noble gases.

Table II. Typical values for parameters of the
Lennard-Jones 12-6, 9-3, and 4-2 potentials.

Lennard-Jones A a b o
potential (kcal/mole) (Angstroms)
12-6 0.303 12 6 3.1
9-3 1.202 9 3 2.5
4-2 1.728 4 2 2.0

The above forms for the Lennard-Jones surface-water interaction
potential have been used as models of hydrophobic surfaces such as
pyrophyllite, graphite, or paraffin. If the intention of the study,
however, is to understand interfacial processes at mineral surfaces
representative of smectites or mica, explicit electrostatic
interactions betweeen water molecules and localized charges at the
surface become important.

Two methods for including explicit electrostatic interactions are
proposed. In the first, and more difficult approach, one would need
to conduct extensive gquantum mechanical calculations of the potential
energy variation between a model surface and one adjacent water
molecule using thousands of different geometrical orientations. This
approach has been used in a limited fashion to study the interaction
potential between water and surface Si-OH groups on aluminosilicates,
silicates and zeolites (37-39).
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A simpler approach is to use an empirical model consisting of a
Lennard-Jones potential plus a Coulombic term to explicitly account
for charges on the surface. To calculate the magnitude of this
Coulombic charge, consider the physical properties of smectite and
mica aluminosilicates. It is known that the unit cell of smectite and
mica surfaces has dimensions of about 46 square Angstroms (34). Using
this value for the area of a unit cell and the data in Table III, the
charge per unit cell and delocalized charge on surface oxygens of
typical smectite and mica minerals can be computed.

Table III. Calculation of the number of charges per unit cell on
typical smectite and mica surfaces.

Physical Property Smectite Mica
surface area (m2/g) 750 100
charge density (e.s.u. /m2) 4 x 108 10 x 108
cation exchange capacity (meq/g) 1.038 0.346
charge density (number/unit cell) 0.38 0.96
delocalized charge per surface oxygen 0.06 0.16

To simulate smectite or mica minerals, a total of about 0.4 and 1
explicit negative charges, respectively, need to be assigned to each
unit cell on the surface. This charge should be delocalized over
about six oxygen atoms surrounding the ditrigonal cavities of the
smectite and mica surfaces, since these charges originate from
octahedral or tetrahedral sites within the crystal and not from the
surface atoms. A proposed form for the water-surface interaction
potential, Uys, suitable for simulations of smectite or mica surfaces
interacting with the ST2 model of water is:

4
Uws(Ryj.dgj) = AL(o/Rs5)2 - (o/Rij)b] + S(Ry3) 21 (a,a3) /dgj  (8)
a:
where R; a, b and ¢ are as defined in Equation 7 and Table II,

dyi is tge d1stance between the jth surface atom and the ath charge
(having charge g,) on the water molecule, q; is the deloca11zed
charge on the jth surface atom from Table IiI and S(R;i) is the
switching function of the ST2 water potential (23). The magnitude of
charge on each of the four point charges for ST2 water in Equation 8
is 0.2357.

A plot of the Lennard-Jones 9-3 form of Equations 7 and 8 for
ST2 water interacting with smectite and mica surfaces is shown in
Figure 1. Values for the parameters used in Figure 1 are given in
Tables II and III, and in reference (23). The water molecule is
oriented so that its protons face the surface and its lone pair
electrons face away from the surface, and the protons are equidistant
from the surface. Note that the depth of the potential well in Figure
1 for interactions with the smectite surface and mica surface are
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about -1.5 and -3.5 kcal/mole, respectively. These interaction
energies are similar in magnitude to weak hydrogen bond energies.

An interaction potential between the surface and ions may also be
needed in simulating counterion diffusion for the smectite and mica
surface models. The form of such an interaction potential remains to
be determined. This may not pose a significant problem, since recent
evidence (40) suggests that over 98% of the cations near smectite
surfaces lie within the shear plane. For specifically adsorbed
cations such as potassium or calcium, the surface-jon interactions can
also be neglected if it is assumed that cation diffusion contributes
little to the water structure. In simulating the interaction
potential between counterions and interfacial water, a water-ion
interaction potential similar to those already developed for MD
simulations (41-43) could be specified.

Simulations of Interfacial Water

Several MC and MD studies of interfacial water near hydrophobic
surfaces have been reported (33-36,44-48). Both of the MC studies
(35,45), as well as the four MD studies (33,34,36,47) reporting
detailed observations of interfacial water are discussed here. This
comparison will show that choice of the water-water potential is
critical for such studies. It will also illustrate the wide range of
interfacial properties which can be studied using computer
simulations. Results from the early pioneering MC studies for
interfacial water are summarized in Table IV.

Table IV. Results from Monte Carlo Simulations of Water Near
Hydrophobic Surfaces.

# molecules 216 150

cell dimensions (nm3) 7.127 4.5

cell density (g/cc) 0.906 0.997
temperature (K) 298 300

# configurations 2.5 x 106 1 x 104
water potential Rowlinson MCY
surface potential L-J 9-3 hard wall
range of density oscillations (g/cc) 1.1 to 1.5 0.5 to 2.3
density trend towards surfaces decreases increases
hydrogen bonding trend towards surfaces decreases increases
internal energy trend towards surfaces decreases increases
preferred dipole orientation

near surfaces yes yes

These results indicate that, compared to bulk water, interfacial
water exhibits unique oscillations in density with distance from the
surface and preferential dipolar orientations. Both simulations
report density values which are unreasonable. Part of this problem
arises from attempting to fix the water density based on the average
cell volume and the number of water molecules; an approach which
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overlooks the fact that the cell volume near the surfaces is generally
free of water molecules due to repulsive forces arising from the
surfaces. For the study using the MCY potential (45), a more serious
problem involves the excessive internal pressures generated by the MCY
potential, which lead to excessive density oscillations and increasing
density near the surfaces. Consistency between the two simulations is
poor; whereas the first (35) predicts decreased density, hydrogen
bonding and internal energy near the surfaces, the second (45) reports
exactly the opposite trends. These differences are all probably
related to the use of different water-water potentials.

Results of selected MD studies of interfacial water are reported
in Table V.

Table V. Results from Selected Molecular Dynamics Studies of Water
Near Hydrophobic Surfaces.

Reference Reference Reference Reference
(47) (33) (36) (34)
# molecules 150 216 150 256
cell volume (nm3) 4.5 8.787 5.198 9.156
cell density (g/cc) 1.0 0.74 0.87 0.84
temperature (K) 301 287 304 286
trajectory time (ps) 25 20 14 0.75
water potential ST2 ST2 MCY ST2
surface potential hard wall L-J 12-6 L-J 4-2 L-J 12-6

range of density
oscillations (g/cc) 0.9 to 1.0 0.9 to 1.0 0.5 to 3.2 0.8 to 1.
density trend

towards surfaces decreases decreases increases decreases
hydrogen bonding trend

towards surfaces - --- --- decreases
preferred dipolar

orientations yes yes yes yes

self-diffusion coeff.

near surfaces (m¢/s) 3.3 x 1079 4.8 x 1009 3.1 x 1079 2.1 «x 10°
near midplane (m2/s) 4.2 x 1079 3.3 x 1009 3.7 x 109 2.7 x 10°
dipole relaxation time

near surfaces (ps) 3.1 --- 2.3 ---

near midplane (ps) 2.1 --- 2.0 ---

The results in Table V illustrate that MD studies, compared to
the MC results in Table IV, facilitate the investigation of transport
and time-dependent properties. Also, they show that use of the MCY
potential leads to very large density oscillations and increasing
water density near the surfaces. This appears to be a serious
drawback to the use of the MCY potential in simulations of interfacial
water. Results from the investigations using the ST2 potential show
that interfacial water density is approximately 1.0 g/cc, with a
tendency for decreased density and hydrogen bonding near the surfaces.
As in the MC simulations, orientations of the water dipole moment are
affected by the presence of a solid/liquid interface, and an

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.

1



30 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

appreciable decrease in dipole relaxation and the water self-diffusion
coefficient are usually observed near the surfaces.

Comparison with Experiment. How do the results of these simulations
compare with experimental results on corresponding systems, and what
do they infer about interpreting the "hydrophobic effect", "hydration
forces", and the "structure" of interfacial water? Structurally, the
interfacial water exhibits clear density oscillations which extend to
at least 15 Angstroms from the surfaces (34). Since this simulation
involved a hydrophobic, neutral surface, these effects are directly
attributable to the presence of the surfaces, and not to an effect of
charged counterions. Furthermore, since no long-range changes in
hydrogen bonding patterns were observed due to this structural
reordering (34), the MD results suggest that the hydrophobic effect is
due to entropy changes in the interfacial liquid rather than to long-
range bonding effects.

The presence of density oscillations in simulation results of
interfacial water has stimulated experimental studies which were
explicitly designed to detect their presence. Structural forces
associated with density oscillations in water next to mica surfaces
have recently been measured experimentally (49). Although, mica is
not a hydrophobic surface, it should be pointed out that there is
theoretical basis for suggesting that molecular layering near surfaces
and the accompanying oscillatory forces are responsible for both the
"hydration" and "hydrophobic" effects (2). Whether this force is
attractive (hydrophobic effect) or repulsive (hydration effect)
depends upon how the density oscillations fit into the region between
the surfaces. Much MC work is needed with both hydrophobic and
hydrophilic surfaces using the grand canonical ensemble to determine
the chemical potential and entropy of the interfacial water at various
surface separations in order to better understand the magnitude of
these effects.

Theoretical explanations for the "hydration force" (50) and the
"hydrophobic effect" (51) often involve an analysis of the forces
emanating from oriented molecular dipole or guadrupole moments. All
of the computer simulations for interfacial water discussed above
found significant evidence for preferred dipolar orientations near the
surfaces. In most of the studies, all of which used non-polarizable,
pairwise interacting water models, the tendency for preferred dipolar
orientations diminishes in a continuous fashion with increasing
distance from the surfaces and was negligible at a distance of from
ten to fifteen Angstroms from the surfaces. When realistic water
potentials incorporating cooperative effects become available, this
effect can be expected to become even more significant.

According to the Kirkwood theory of polar dielectrics, simple
relations (23) between molecular dipole moment vectors and the mean-
square total dipole moment of water clusters can be used to compute
the static dielectric constant of water. As the normalized mean-
square total dipole moment increases towards unity, theory predicts
decreases in the static dielectric constant. Since MD results
indicate that the mean-square total dipole moment of interfacial water

is greater than that for bulk water (48), the static djelectric
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constant of interfacial water should be lower than that in bulk water.
This conclusion is meant to be only qualitative, since calculations of
the static dielectric constant using the Kirkwood theory may be in
considerable error if the effects of the reaction field are not
accounted for (52). The reaction field is an electrical field within
the cutoff radius which contributes to the dielectric constant. It
results from the polarizing effects of the dipole moments outside the
cutoff radius, and its effect can be included (with considerable
effort) if accurate computations of the dielectric constant are
desired (53).

The heterogeneous dielectric properties in the liquid medium near
surfaces have important implications for theories of the structure of
the interfacial region. A recent theoretical study of the effect of
decreased medium dielectric constant near surfaces (54) shows that it
is associated with significant reductions in surface potential
computed from double layer theory. A note of caution to theoreticians
is in order. The molecular simulations indicate that the static
dielectric properties of the interfacial water decay gradually with
increasing distance from the surface. Hence, the use of discrete
mixture models (54,55) in which water near the surfaces is divided
into two zones; one having properties characteristic of water in the
first adsorbed layer and the second having bulk properties are not
likely to represent actual surfacial conditions. Similar caution
should be used in adsorption models that assume discrete molecular
layers of surface complexes in the interfacial region.

Reaction kinetics and many transport properties in liguids are
controlled by rates of diffusion. Processes that may be controlled by
diffusion include, for example, rates of ligand exchange from
transition metal ions (56), reactions involving proton transfer (57),
and exchange reactions near mineral surfaces (58). Results in Table V
(from studies 34,36,47) indicate that the value for the self-diffusion
coefficient of water near mineral surfaces is consistently about 80%
lower than the value near the midplane. Quantitatively, the values
for D near the midplane are higher than values reported for bulk water
at comparable temperatures (55). For instance, the values _of D in
bulk water at 285 and 300 K are about 1.8 and 2.9 x 1079 mé/s,
respectively. The results from one study (33), appear to be
excessively high, considering the temperature of the simulation, and
are also inconsistent with experimental results in that they predict
diffusion rates which are greater near the surfaces than near the
midplane. Excluding the latter results, values for D from the MD
simulations appear to qualitatively obey the expected trend for
increasing values of D with increasing temperature. Furthermore, the
decreases in values for self-diffusion coefficient near the surfaces
are qualitatively consistent with experimental measurements of
decreased water mobility near neutral silicate surfaces (59-62).

Another transport property of interfacial water which can be
studied by MD techniques is the dipole relaxation time. This property
is computed from the dipole moment correlation function, which
measures the rate at which dipole moment autocorrelation is lost due
to rotational motions in time (63). Larger values for the dipole
relaxation time indicate slower rotational motions of the dipole
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moment. Both of the MD studies reporting values for the dipole
relaxation time in Table V indicate that relaxation times are larger
for water near the surfaces than for water near the midplane. The MCY
potential, however, is not as sensitive to changes in relaxation time
as is the ST2 potential. These results can be interpreted to mean
that molecules near the surfaces experience hindered rotational
movement as compared to water near the midplane. Experimental
evidence from near infrared (6), electron spin resonance (59), and
nuclear magnetic resonance (60) studies support the MD simulation
results, in that they indicate hindered rotational motion of water
near uncharged silicate surfaces.

Summary

Monte Carlo and Molecular Dynamics simulations of water near
hydrophobic surfaces have yielded a wealth of information about the
structure, thermodynamics and transport properties of interfacial
water. In particular, they have demonstrated the presence of
molecular layering and density oscillations which extend many
Angstroms away from the surfaces. These oscillations have recently
been verified experimentally. Ordered dipolar orientations and
reduced dipole relaxation times are observed in most of the
simulations, indicating that interfacial water is not a uniform
dielectric continuum. Reduced dipole relaxation times near the
surfaces indicate that interfacial water experiences hindered
rotation. The majority of simulation results indicate that water near
hydrophobic surfaces exhibits fewer hydrogen bonds than water near the
midplane.

Several merits and strengths of molecular simulations of
interfacial water are apparent. Since these methods yield structural,
thermodynamic and transport properties for bulk water which are in
good agreement with many experimentally measured properties of bulk
water over a wide temperature range, they seem to offer a promising
approach for studying interfacial water. Interfacial systems are
generally composed of several components and are difficult to
characterize. The nature of molecular simulations allows the system
being analyzed to be exactly specified in terms of the types of
components, their interaction potentials, the initial atomic or
molecular locations and the types of boundary conditions imposed.
Thus, effects of the surfaces can be studied in detail, separately
from effects of counterions or solutes. In addition, individual
layers of interfacial water can be analyzed as a function of distance
from the surface and directional anisotropy in various properties can
be studied. Finally, one computer experiment can often yield
information on several water properties, some of which would be time-
consuming or even impossible to obtain by experimentation. Examples
of interfacial water properties which can be computed via the MD
simulations but not via experiment include the number of hydrogen
bonds per molecule, velocity autocorrelation functions, and radial
distribution functions.

Several weaknesses and disadvantages of the computer simulation
methods can also be mentioned. Foremost among these limitations is
the fact that none of the commonly used models for water interactions
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account for three- or four-body interactions. Yet, the complex
behaviour of interfacial water is apparently dictated by these
cooperative effects (26). Significant differences exist in the
internal energy, hydrogen bonding and diffusion rates of interfacial
water as predicted by the ST2 and MCY potentials, with results for the
former model being more consistent with experimental results than
those for the latter. These differences probably relate to excess
internal pressures generated by the MCY potential. A second problem
involves uncertainty about what distance of separation should be
imposed between surfaces for a particular choice of the number of
water molecules. I[f excluded volume near the surfaces is not
accounted for, the resulting average water density and its
oscillations will be excessive. Finally, dielectric properties of
interfacial water are not easily quantified when rigid, pairwise
interacting water potentials are used. This limitation can be
partially overcome by accounting for reaction field effects, but even
then, water interaction potentials in current use are not effective in
modeling the dielectric properties of water (53).

On the whole, the advantages and strengths of MC and MD
simulations of interfacial water outweigh their disadvantages and
weaknesses. Even if quantitative prediction of interfacial water
properties is not possible in some cases, a knowledge of qualitative
trends as a function of distance from the surfaces or relative to
results from simulations of bulk water are often extremely
illuminating.

What is the likely future use of MC and MD techniques for
studying interfacial systems? Several promising approaches are
possible. Continued investigation of double layer properties,
"hydration forces", "hydrophobic effects", and "structured water" are
clearly awaiting the development of improved models for water-water,
solute-water, surface-water, and surface-solute potentials.
Simulations of organics near surfaces are clearly possible since
potentials describing water-organic interactions are presently
available (64,65). Studies of reaction kinetics and ligand exchange
processes near surfaces are clearly possible using the molecular time-
scale generalized Langevin equation approach (66). Gaseous adsorption
on metal (67), hydrophobic (68) and other simple surfaces have been
extensively studied (2), but similar approaches using models for clay
and zeolite surfaces are also possible. Mechanisms of crystal growth
and defect structures in vitreous silica (69) and glass (70) have been
studied, and similar studies on aluminosilicate minerals (even under
conditions of high temperature and pressure) are possible. Finally,
new theoretical developments are allowing thermodynamic properties
(71,72) and non-equilibrium conditions (73) to be studied with MD
methods. In short, MC and MD studies of interfacial systems are still
in their infancy.
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Behavior of Water on the Surface of Kaolin Minerals

R. F. Giese, Jr., and P. M. Costanzo

Department of Geological Sciences, State University of New York at Buffalo, 4240 Ridge
Lea Road, Amherst, NY 14226

Study of hydrated kaolinites shows that water molecules
adsorbed on a phyllosilicate surface occupy two differ-
ent structural sites. One type of water, "hole" water,
is keyed into the ditrigonal holes of the silicate lay-
er, while the other type of water, M"associated"™ water,
is situated between and is hydrogen bonded to the hole
water molecules, In contrast, hole water is hydrogen
bonded to the silicate layer and is less mobile than
associated water. At low temperatures, all water mole-
cules form an ordered structure reminiscent of ice; as
the temperature increases, the associated water disor-
ders progressively, culminating in a rapid change in
heat capacity near 270 K. To the extent that the kao-
linite surfaces resemble other silicate surfaces, hydra-
ted kaolinites are useful models for water adsorbed on
silicate minerals.

To a large extent, the study of terrestrial geology is the study of
the interaction of water and rock materials. Much of the modifica-
tion of the earth's surface, involving chemical weathering, trans-
port, and deposition of sediment, results from the contact of water,
often containing reactive chemical species, with the surfaces of
mineral grains. The majority of the chemical activity, as far as we
presently know, takes place on a microscopic scale; at the interface
between a mineral and the first, or perhaps the first few, layers of
adsorbed water molecules. Such interfacial regions have complex
physical chemical properties, often very different from the phases
which they separate. This is compounded, in the case of the water-
silicate interface, by the fact that the structure of bulk water is
very complex itself, and, while we know in general terms the crystal
structures of the major silicate minerals, we often do not have a
clear picture of the structure of the mineral surface, nor do we
know in detail the structure of disordered minerals, at least not on
an atomic scale.

The amount of water in the interfacial region is very small
compared to the bulk water in the system. For many experimental
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techniques, this means that the signal from the surface water is too
weak to be easily separated from that of the bulk water. One solu-
tion to this problem is to study materials with large specific sur-
face areas. Traditionally, these have been clay minerals, zeolites,
and gels. Of these, clay minerals are conceptually the simplest
because they present two dimensional planar surfaces to the external
environment. This paper is divided into two parts; an introduction
to the properties of water at the mineral-water interface, followed
by a description of the work done in our laboratory on the structure
of water in the interlayer region of kaolinite with particular ref=-
erence to the structure and properties of water at the interface.

Clay Mineral Structures

The basic structures of the clay minerals were described by Pauling
(1, 2) and illustrations of each type can be found in the text of
Grim (3). These structure models are based on regular tetrahedra
and octahedra formed by oxygen or hydroxyl groups, symmetrically
disposed in planar layers. The models are esthetically pleasing, but
actual minerals are far more complex (see (4) for a recent summary).

The two types of clay mineral structures which are of interest
in the present discussion are the expanding 2:1 structures (the
smectites and vermiculites) and the 1:1 structures (the kaolins).
The smectites and vermiculites have a fundamental layer made up of
two sheets of tetrahedra which incorporate small, highly charged
cations and one sheet of octahedra coordinating larger cations. The
octahedra share edges, the tetrahedra share corners, and the three
sheets share oxygens in common planes to form the 2:1 layer (Figure
1A). A similar scheme, but involving only one sheet of tetrahedra
and one of octahedra, produces the 1:1 layer silicates (Figure 1B)
of which kaolinite is perhaps the most important mineral.

In the smectites and vermiculites, substitution of differently
charged ions is common. These may involve aluminum for silicon in
the tetrahedral sites, and, in the octahedral sites, ferrous or
ferric iron for aluminum, magnesium for aluminum, or lithium for
magnesium; in addition, vacant sites are commonly found. The sub=~
stitutions create a charge imbalance which is neutralized by the
adsorption of cations on the external and internal surfaces of the
crystals. These compensating cations are not firmly attached to the
clay surfaces and they can be exchanged by treatment with dilute
solutions of appropriate salts. When exposed to water and many
organic molecules, the layers of these minerals separate allowing
the guest molecules to enter between the layers. Thus, both sur-
faces of every layer of the clay crystal become equivalent to exter-
nal surfaces and the total surface area increases to as much as 800
m“/g in the case of the smectites.

The 1:1 kaolin structures are chemically simpler; the tetra-
hedral sites are occupied by silicon and the octahedral sites by
aluminum. There is a minor amount of substitution, largely of
ferric iron for aluminum, but the amounts are generally only a few
tenths of a percent by weight of oxide. The kaolin minerals do not
expand in the_presence of water and their surface area, approximate-
ly 10 to 15 m“/g, represents the external area of the crystals.

Because of the difference between the 2:1 and 1:1 structures,
their external and internal surfaces are fundamentally different.
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B

Figure 1. Polyhedral representations of the layers in 2:1 smec-
tites (A) and 1:1 kaolinites (B)., Only a single layer is shown in
each., The view is down the [041] axis of the unit cell.
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All surfaces of the 2:1 clays (excluding adsorbed species) consist
of oxygen, while the 1:1 minerals have one surface of each layer
formed by oxygen and the other surface formed by hydroxyl groups.

Hydration of Clays. There is general agreement, and ample exper=-
imental and theoretical evidence to support the point of view, that
water molecules in contact with or in the close viecinity of clay
surfaces are perturbed. The distance over which these perturbations
produce measurable changes in the properties of the adsorbed water
molecules is much more controversial. Two conflicting models for
water adsorbed on clay mineral surfaces have been proposed; one
states that the perturbation by the surface is limited to between 3
and 4 water layers (roughly 10A) (5), while the other holds that the
influence of the clay surfaces extends much further, up to 30 or
more water layers (roughly 1004) (6). Evaluating the evidence for
each model is complicated because they are based on different exper-
imental approaches which probe the clay-water interactions at dif-
ferent time scales (7). In addition, it is difficult to separate
the influence of the clay layer itself from the structuring effect
of the exchangeable cations adsorbed on or near the surface. The
following discussion is not meant to be an exhaustive evaluation of
the two models, but rather a selective discussion of what is known
about the structure of water in close contact with a clay mineral
surface and what the general arguments are in favor of or against
the short-range and long-range interaction models., More detailed
discussion of the problem can be found in (7) and (8).

Water on Halloysite. Central to the controversy is the observation
that clay crystals present a planar array of oxygens (and hydroxyls
in the case of kaolinite) which have hexagonal (or nearly) symmetry
with a periodicity similar to that found in the crystal structure of
ice, Because of this geometric similarity, it has frequently been
assumed that water adsorbed on a clay surface will preferentially
adopt an ice-like configuration. When looked at in detail, it is
difficult to find unequivocal evidence to support this.

Halloysite-10A is frequently referenced as an example of water
molecules with an ice-like structure, epitaxially adsorbed on a clay
surface (9). In fact, this model has been so appealing that the
original figure illustrating the structural model of Hendricks and
Jefferson (9) has been reproduced innumerable times by others (see
(7) and (10) for example). It is often stated in the literature
that the Hendricks and Jefferson model is based on X-ray diffraction
data, implying that a structure was proposed and tested by compari-~
son of observed and calculated intensities. What seems to have
been overlooked is the fact that the original paper of Hendricks and
Jefferson presented no substantial experimental evidence to support
their model other than the observed increase in the thickness of the
clay structure resulting from hydration. That distance, roughly 2.9
A, does impose some geometric restriction on the possible arrange-
ment of the interlayer water molecules, but hardly a definitive one,
Much subsequent work has shown that it is very difficult to obtain
good agreement between observed and calculated intensities even for
the simple case of the one-dimensional structure along the g-axis
which involves only the z coordinate of the atoms (see (11) for
discussion).
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Halloysite-10A represents a structure with few if any inter-
layer cations, allowing one to investigate the relatively simple
case of water interacting with a clay surface. Similarly, ice-like
models have been proposed for water adsorbed on smectite and vermic-
ulite surfaces (9, 12, 13). These represent cases of charged clay
layers with adsorbed exchangeable cations.

Water on Vermiculite. For low water contents (that is, one or two
water layers), the evidence for highly structured water in the '
interlayer spaces of smectites and vermiculites is most easily seen
in X-ray diffraction structure determinations of ordered hydrate
structures such as the two-water layer hydrate of Ca-vermiculite
(14, 15) and Na-vermiculite (15, 16).

In the Ca-vermiculite, the interlayer calcium ions are of two
types; one with six water molecules in an octahedral arrangement,
the other with eight water molecules arranged in a distorted cube.
The vermiculite layers are stacked so that the ditrigonal holes in
the tetrahedral surfaces are opposite each other, as are the tetra-
hedral sites. The six-coordinated calcium ions lie between adjacent
tetrahedra where they can most effectively compensate the charge
deficiency resulting from the aluminum for silicon substitution. In
contrast, the eight coordinated calcium ions are positioned between
the ditrigonal holes, a position where they are also very close to
the tetrahedral charge deficits. the cations in the Na-vermiculite
are all octahedrally coordinated by water molecules and lie exclu-
sively between tetrahedral oxygens of the adjacent layers.

Water on Smectites. Compared to vermiculites, smectites present a
more difficult experimental system because of the lack of stacking
order of the layers. For these materials, the traditional technique
of X-ray diffraction, either using the Bragg or non-Bragg intensi-
ties, is of little use. Spectroscopic techniques, especially nucle-
ar magnetic resonance and infrared, as well as neutron and X-ray
scattering have provided detailed information about the position of
the water molecules, the dynamics of the water molecule motions, and
the coordination about the interlayer cations.

As an example, infrared spectroscopy has shown that the lowest
stable hydration state for a Li-hectorite has a structure in which
the lithium cation is partially keyed into the ditrigonal hole of
the hectorite and has 3 water molecules coordinating the exposed
part of the cation in a triangular arrangement (17), as proposed in
the model of Mamy (13). The water molecules exhibit two kinds of
motion; a slow rotation of the whole hydration sphere about an axis
through the triangle of the water molecules, and a faster rotation
of each water molecule about its own C, axis (18). A similar
structure for adsorbed water at low wager contents has been observed
for Cu-hectorite, Ca-bentonite, and Ca-vermiculite (17).

Multilayer Adsorption of Water. As the amount of water in the clay
increases over that needed for a one- or two-layer hydrate, the
study of the properties of the water becomes experimentally more
difficult. This is important because it is only at water contents
in excess of the two-layer hydrate that a conflict arises between
the short-range and long-range interaction models., In support of
the short-range model, two studies are noteworthy. A small angle

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



42 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

X-ray diffraction study of clay-water gels (19) has shown that there
are strong interactions between the clay surfaces and their adsorbed
ions and water molecules, but these interactions exist only over
short distances. An entirely different approach has been taken by
Fripiat et al. (8). They examined clay-water mixtures over a wide
range of clay concentrations using kaolinite and smectites. For
microscopic water properties, the nuclear magnetic resonance relax-
ation time for hydrogen and deuterium were measured. The macroscop-
ic properties were determined by measuring the heats of wetting of
previously equilibrated clay-water mixtures. Both experimental
techniques, operating on very different time scales, showed that the
number of water layers influenced by the clay was less than 5, with
an average for all samples of 3.4 layers. This gives an average
thickness of about 10 A for the perturbed water.

The view that the clay surface perturbs water molecules at
distances well in excess of 10 A has been largely based on measure-
ments of thermodynamic properties of the adsorbed water as a fune-
tion of the water content of the clay-water mixture. There is an
extensive literature on this subject which has been summarized by
Low (6). The properties examined are, among others, the apparent
specific heat capacity, the partial specific volume, and the appar-
ent specific expansibility (6). These measurements were made on
samples prepared by mixing predetermined amounts of water and smec-
tite to achieve the desired number of adsorbed water layers. The
number of water layers adsorbed on the clay is derived from the
amount of water added to the clay and the surface area of the clay.

The value of the thermodynamic property in question is the dif-
ference in values for the clay-water sample and the same measurement
on an equivalent amount of pure, anhydrous eclay (6). This procedure
involves two assumptions: 1) the added water is uniformly adsorbed
on all clay layers, and 2) the thermodynamic properties of the clay
itself do not change when the clay expands and is intercalated by
water molecules.

The assumption that the water is adsorbed in uniform layers on
all the clay surfaces for a wide range of mixtures has been criti-
cized (5, 20). The argument is that the individual clay particles
in the clay-water mixture do not expand beyond a certain distance
regardless of the quantity of water which is added. The clay layers
group themselves into tactoids resulting in two populations of
water; those molecules which are found between the tactoids and
those directly perturbed by the clay layers. If true, this would
invalidate the procedure used to calculate the thermodynamic proper-
ties of the adsorbed water. However, other workers have reported
complete delamination of certain smectites (21, 22). It is not
clear under what conditions tactoids will form, or not, and this
uncertainty is underlined in (21) (see remarks by Nadeau and
Fripiat, pages 146-147).

The validity of the assumption that the various thermodynamic
properties of the smectite remain invariant, regardless of the state
of hydration, has been addressed in detail by Sposito and Prost (7).
They point out that one would, for example, expect hydrolysis of the
clay to occur at high water contents, and also, it is likely that
the exchangeable cations will change their spatial relationship with
the clay layers. Thus, the derived thermodynamic properties of the
adsorbed water would not represent correct values.
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Finally, the whole concept of using macroscopic (i.e. thermody-
namic) properties to derive a microscopic picture of the adsorbed
water is open to question (7, 8).

It is difficult to reconcile these very different views of the
interaction of water and clay surfaces. Sposito (8) has attempted
this, He points out that the thermodynamic properties have an
essentially infinite time scale, whereas the spectroscopic measure-
ments look at some variant of the vibrational or a predecessor of
the diffusional structure of water. It is possible that the thermo-
dynamic properties reflect a number of cooperative interactions
which can be seen only on a very long time scale. Still, the X-ray
diffraction studies seemingly also operate on as long a time scale
as the thermodynamic properties. There is still not a clear choice
between the short-range and long-range interaction models.

Experimental Studies of Water on Kaolin Minerals

In general, the 2:1 clays are not very simple systems in which to
study the interaction of water and surfaces. They have complex and
variable compositions and their structures are poorly understood.
Water occurs in several different environments: zeolitic water in
the interlayer regions, water adsorbed on the external surfaces of
the crystallites, water coordinating the exchangeable cations, and,
often, as pore water filling voids between the crystallites., Thus,
there are many variables and the effects of each on the properties
of water are difficult to separate.

In view of the problems associated with the expanding 2:1 clays.
the smectites and vermiculites, it seemed desirable to use a differ-
ent clay mineral system, one in which the interactions of surface
adsorbed water are more easily studied. An obvious candidate is the
hydrated form of halloysite, but studies of this mineral have shown
that halloysites also suffer from an equally intractable set of
difficulties (10). These are principally the poor crystallinity,
the necessity to maintain the clay in liquid water in order to
prevent loss of the surface adsorbed (intercalated) water, and the
highly variable morphology of the crystallites. It seemed to us
preferable to start with a chemically pure, well-crystallized, and
well-known clay mineral (kaolinite) and to increase the normally
small surface area by inserting water molecules between the layers
through chemical treatment. Thus, the water would be in contact
with both surfaces of every clay layer in the crystallites resulting
in an Effgqtive surface area for water adsorption of approximately
1000 m® g '. The synthetic kaolinite hydrates that resulted from
this work are nearly ideal materials for studies of water adsorbed
on silicate surfaces.

Kaolin Minerals. The 1:1 structures include a group of alumino-
silicate minerals which are termed collectively the kaolin minerals;
specifically these are kaolinite, dickite, nacrite, and halloysite.
The basic 1:1 layer for all of these minerals has the composition
Alzsizos(OH) ; there is a small amount of substitution of iron for
aluminum, ang fluoride for hydroxyl ion. All, except halloysite,
are normally anhydrous and do not expand (as do the smectites) upon
exposure to water and most organic molecules. As a result, they2
generally have a rather small surface area, on the order of 10 m
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g'1. In spite of their relatively simple composition and the
abundance of well characterized samples, the small surface area of
kaolinite and dickite has, until recently, effectively eliminated
them as candidates for surface chemistry studies. Assuming little
or no isomorphic substitution, the bonding between layers is largely
due to hydrogen bonds from the hydroxyls of one surface to adjacent
oxygens of the next surface (23, 24). Hydrogen bonds are not
normally thought of as being very strong relative to ioniec and cova-
lent bonds, and one might, therefore, expect that the layers of the
kaolin minerals would be easily separated, at least by small mole-
cules and water. Such is not the case for water, and intercala-
tion is found to be possible only for a relatively small number of
organic molecules and salts.

The types of organic molecules that are able to intercalate the
kaolin minerals are generally small with large dipole moments.
These include hydrazine, dimethylsulfoxide (DMSO), formamide and
some derivatives (N-methylformamide and dimethylformamide), acet-
amide and some derivatives, and pyridine N-oxide. Some salts such
as potassium acetate also intercalate kaolinites. Once intercalated
by one of these small molecules or salts, other molecules which
normally do not directly intercalate kaolins can be introduced by
replacement. Further, the exposure of the inner surfaces by inter-
calation gives one the opportunity to alter the interlayer bonding
of the kaolin layers by chemical modification of the inner surfaces.

Synthesis of Kaolinite Hydrates. Our work in synthesizing a water-
silicate system that has a simpler chemistry than the smectites or
vermiculites is based on the concept of reducing the total number of
interlayer hydrogen bonds by a chemical replacement of some inner
surface hydroxyls by fluorine (25). 1In principle, one need only
expand the kaolinite by intercalation with an appropriate organic
molecule and then expose the intercalated clay to an environment
containing fluoride ions. In practice, the organic molecule, the
type of fluoride salt added, as well as the time and temperature at
each stage in the development of a hydrated kaolinite, play an
important role in determining the success of the synthesis and the
yield of hydrated clay.

Early work showed that a 10A hydrate, similar to naturally
hydrated halloysite, could be synthesized from a well-crystallized
kaolinite from Cornwall, England (26). The procedure was to inter-
calate the clay with DMSO which contained about 8% by weight of
water. The clay expanded from 7.2 A to 11 A upon intercalation by
DMSO., Ammonium fluoride was dissolved in the DMSO solution and,
presumably, the fluoride diffused into the interlayer region where
it replaced some hydroxyl groups. This suspension was continuously
stirred at 60° C for periods varying from a few hours to as much as
12 hours or more. The clay was then separated from the water-DMSO
by centrifugation and redispersed in distilled water. This cycle of
water washing was repeated several times to remove intercalated DMSO
molecules. Instead of collapsing back to 7 A, the kaolinite exhi-
bited a 10 A spacing similar to that of a fully hydrated halloy-
site-10A1 Infrared spectra showed a broad absorp%ion in the 3400-
3500 cm™ ' region and a single band near 1650 cm~ ' indicating that
the kaolinite was intercalated primarily by water. As is the case
with hydrated halloysites, this 10A product was not stable under
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ambient humidity and thus was of limited use in examining the pro-
perties of surface adsorbed water.

Subsequent work showed that a modification of the synthesis
procedure produced a 10A hydrate which, if dried carefully, would
maintain the interlayer water in the absence of excess water (27).
This material is optimal for adsorbed water studies for a number of
reasons: the parent clay is a well-crystallized kaolinite with a
negligible layer charge, there are few if any interlayer cations,
there is no interference from pore water since the amount is mini-
mal, and the interlayer water molecules lie between uniform layers
of known structure. Thus, the hydrate provides a useful model for
studying the effects of a silicate surface on interlayer water.

Characterization of Interlayer Water. X-ray diffraction studies of
the 10A hydrate show no hk] reflections indicating a lack of
regularity in the stacking of the kaolin layers. 1In addition to the
104 hydrate, two other less hydrated kaolinites were synthesized.
Both have one molecule of water for each formula unit in contrast to
the 10A hydrate which has two. These less hydrated clays conse-
quently have smaller d(001) spacings of 8.4 and 8.6 A. The synthe-
sis conditions for these two hydrates are described in (27). By
studying the interlayer water in the 8.4 and 8.6A hydrates, it was
possible to formulate a model of the water in the more complicated
10A hydrate.

An isolated hydroxyl group, such as is found in ?he 2:1 micas,
absorbs infrared radiation at approximately 3700 cm ' (28). Kao-
linite is more complex since there are two distinct types of hydrox-
yl groups, the single hydroxyl at the interface between the tetra-
hedral and octahedral sheets (the inner hydroxyl), and three hydrox-
yls (the inner surface hydroxyls) which form one of the external
surfaces of the kaolinite layer. Because the inner hydroxyl is 1
isolated it produces a single vibration at approximately 3620 cm .
The three external hydroxyls do not vibrate independently; their
stretching vibrations are coupled to produce several bands, none of
which can be related to a specific hydroxyl group (29, 30). There
are three of these bands for kaolinite; a strong absorptio? at 3695
em ', and two much weaker absorptions at 3665 and 3650 cm™ '. The
four bands may vary in frequency and intensity of absorption from
sample to sample. In contrast, the vibrational bands °§ water
molecules in the solid p?ase occur at 3350 and 3250 em” with a
bending mode at 1640 em™ ' (31, 32). Hence the infrared bands from
the structural hydroxyls and intercalated water do not overlap. Of
importance to the present subject is the fact that the three bands
corresponding to the inner surface hydroxyls can be used to infer
the bonding state of molecules in the interlayer region of the
kaolinite. Insertion of guest molecules between the kaolinite
layers disrupts the hydrogen bonds of the original kaolinite and
results in the formation of new bonds with the guest molecules.

To record the infrared spectra, samples of the parent kaolinite
and the three hydrates were dispersed in a fluorinated hydrocarbon.
The mulls were squeezed between calcium fluoride plates and the
sample was placed directly in the beam of a Perkin-Elmer 683 spec-
trometer. This mounting technique results in a tendency for the
clay layers to align themselves perpendicular to the beam of the
spectrometer. Infrared spectra of these materials have been pub-
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lished elsewh?re (27) and there are slight differences in frequen-
cies (2-3 cm ' or less) and band intensities compared to the results
reported here. There are several reasons for these differences: for
this work, we used freshly prepared hydrates which seem to give a
better signal, the sample preparation for the infrared spectrometer
has improved over our original work, and the present spectra were
run in the absorbance rather than in the transmission mode.

The spectra of the hydrated kaolinites (Figure 24, 2B, 2C) dif-
fer substantially from each other and also from the parent kaolinite
(Figure 2D). The 8.4A hydrate (Figure 2A) has an ordered layer
stacking, as shown by X-ray diffraction (33). The crystal structure
shows that the water molecules are associated with and are keyed
into the ditrigonal holes of the tetrahedra. The conditions of the
8.4A synthesis result in up to 20% of the inner surface hydroxyls
being replaced by fluoride ions. Because it seems likely that some
of the interlayer water molecules are hydrogen bonded to fluoride
ions of the adjacent layer, at least two hydrogen bond schemes can
be envisioned: one where water bonds to the oxygens of the adjacent
tetrahedral sheet; the other where the water bonds to an oxygen of
one layer and a fluoride of the other layer (or, possibly, to two
fluorides of the same layer). Hydrogen bonds to fluoride are nor-
mally stronger than similar bonds to oxygen so one would expect to
see separate absorption bands in the infrared spectrum of the 8.4A
hydrate if there are substantial numbers of water molecules bonding
to fluoride (27).

In contrast to the 8.4A hydrate, the 8.6A hydrate (Figure 2B)
has only a minor amount of replacement of fluoride for hydroxyl ions
and a non-crystalline character, like the 104 hydrate. Comparison
of the infrared spectra of the 8.4 and 8.6A hydrates (Figures 24,
2B) does indeed show more bands for the former in the region between
3600 and 3200 cm™', in agreement with the argument stated above. In
the bending mode region, the 8.4A hydrate has two clearly separated
bangs, as one would expect for water hydrogen bonded1to oxygen (1645
em ') and also hydrogen bonded to fluoride (1590 em™ q. In con~
trast, the 8.6A hydrate has a single band at 1653 cm™ .

Because the inner hydroxyl is buried in the kaolinite layer and
is not p?rturbed substantially by intercalation, its vibration, at
3620 cm™ ', is common to all four clays in Figure 2., The 8.44
hydqate has two high frequency bands above 3620 cm™ '; 3690 and 3650
em~'. Similar bands are evident in the 8.6 hydrat? although their
intensities are somewhat different. Below 36§20 cm ', the 8.44
hydrate has small_ bands at 3584 and 3538 cm” ' and larger bands at
3443 and 3340 cm™'. The latter two do not appear in the spectrum of
the 8.6A hydrate and have been assigned to hydrogen bonding from
wat?r molecules to fluoride. Bands similar to the 3584 and 3538
cm” ' bands of the 8.4A hydrate appear in %he 8.6A hydrate spectrum,
but shifted slightly to 3595 and 3547 cm™'. The clo?e match between
these comparable bands at frequencies above 3500 cm” ' in the two
hydrates is good evidence that these are due to hydroxyls and water
molecules in similar environments. The water molecules attached to
the ditrigonal holes have been termed "hole water" (27). These
represent a discontinuous monolayer of water adsorbed onto a sili=-
cate surface (33). Weight loss measurements (27) show that there
are as many water molecules as there are ditrigional hole?.

Comparison of the bands at frequencies above 3500 cm™' for the

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



3. GIESE AND COSTANZO Water on the Surface of Kaolin Minerals 47

1645”1630

ABSORBANCE

36173584

1590

1645, A

4000 3500 3000 2500 2000 1800 1600 1400

em!

Figure 2. Infrared absorption spectra of the 8.4A hydrate (A),
the 8,64 hydrate (B), the 10A hydrate (C), and the original
kaolinite used to synthesize the three hydrates (D).
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10A hydrate spectrum with the other two hydrates shows that the
general feat*res are similar; the 10A hydrate has two bands at 3585
and 3548 cm~ from hole,water vibration modes, and the high frequen-
¢y bands above 3620 cm"1 have features which are grossly similar to
those in1the 8.6A hydrate. The similarity in bands between 3600 and
3500 cm™ ' for the 10A and 8.6A hydrates i?dicates the existence of
hole water in the former. Below 3500 cm™ ', the 10A hydrate, in
common with hydrated halloysite?. shows a very broad abgorption cen-
tered approximately at 3250 em” '. This feature is absent from the
two other hydrates and from the kaolinite. This absorption falls in
the range of liquid water and has been assigned to the extra water
introduced to expand the hydrated clay from 8.4/8.6A to 10A. Thus,
the infrared spectra along with the observed increase in layer
thickness from roughly 8.4 to 10 A, and the dehydration data (9,

27) indicate that when a dihydrate is formed, half the water (hole
water) is attached to the ditrigonal holes of the silicate surface
while the other half occupies other sites at a greater distance from
the silicate surface. Lacking a three dimensionally ordered 10A
hydrate, we cannot directly determine the location of the second
layer of water molecules., We do know that they must occupy sites
other than the ditrigonal holes because these are completely filled
by hole water (9). To distinguish the two types of water, the
non-hole water is termed "associated water®.

Heat Capacity Measurements and Interlayer Water Structure. The heat
capacity of the interlayer water has been measured for the 104,
8.6A, and 8.4A hydrates between 110 and 275 K (34) and provides an
important clue in determining the structure of the associated water
molecules, At all temperatures, the Cp for the interlayer water in
the 8.4A and 8.6A hydrates was not significantly different from
published values for ice. The water in the 10A hydrate deviated
from the ice values at roughly 160 K and the deviation increased as
the temperature rose. A sharp peak in the Cp began at roughly 240 K
and ended near the melting point of ice (Figure 3). The initial
departure of the Cp from ice values coincided with an increase in
the proton NMR signal (35). This behavior suggests that at very low
temperatures, the water molecules occupy relatively static positions
in the interlayer region. The ice-like Cp of the hole water
throughout the temperature range investigated is in agreement with
the supposition described earlier that the hole water is relatively
strongly bonded to the ditrigonal holes and remains fixed. The peak
in the Cp then must involve primarily the associated water mole-
cules.

Examination of a projection of the tetrahedral surface of the
kaolin layer shows a pseudo-hexagonal arrangement of oxygen atoms
(Figure 4). When all the ditrigonal sites are occupied by hole
water (open circles in the figure), it can be seen that they are
approximately 5 A apart (Figure 4A). Hence, there is no possibility
of hydrogen bonding between hole water molecules in either the 8.4A
and 8.6A hydrates. The associated water molecules (filled circles
in the figure) can be added in two different ordered arrangements,
one of which is shown in Figure 4, In either arrangement, the dis-
tance between associated and hole water molecules is on the order of
3 A, a reasonable distance for hydrogen bonding to occur between
hole water and associated water. These hydrogen bonds from associ-

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



3. GIESE AND COSTANZO Water on the Surface of Kaolin Minerals 49

40 1
30 1
Z A
S &
2 3
L- 4 -
ss* L_____
k= WATER
w o
I A d
10 - -ICE
0 . . . .
0 100 200 300 400

TEMPERATURE (K)

Figure 3. The heat capacity (Cp) for the water intercalated
between the layers of kaolinite in the 10A hydrate. Standard
values for ice and liquid water are also shown. The heat capacity
of the intercalated water was measured using the procedure
described in Reference 2.
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Figure 4. A schematic representation of the tetrahedral surface
of kaolinite (triangles) showing the position of the hole water
molecules (open circles) keying into the ditrigonal holes. The
associated water (filled circles in A) molecules are arranged in
an ordered pattern which exists at low temperatures. Disorder in
the associated water (filled circles in B) is created by increas-
ing the temperature.
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ated water to hole water are stronger than the bonds from the hole
water to the ditrigonal oxygens as shown by the lower infrared
absorption frequencies of the former. As the temperature rises, the
model suggests that a few associated water molecules become mobile.
Those which have sufficient kinetic energy can jump to the vacant
sites of the alternate configuration (as in Figure 4B). This dis-
rupts the orderly hydrogen bond scheme which exists at lower temper-
atures and makes it easier for other associated molecules to jump.
As the temperature continues to rise, this jumping between the two
configurations, similar to melting, leads to the peak in Cp with a
maximum at about 270 K (Figure 3). In summary, the model suggests
that the water in direct contact with the mineral surface (hole
water) is strongly bonded to the silicate layer. The second layer
of water (associated water) behaves very differently because it has
few if any hydrogen bonds directly to the silicate layer.

Application of Results to other Silicate Minerals

Our model for the adsorption of water on silicates was developed for
a system with few if any interlayer cations. However, it strongly
resembles the model proposed by Mamy (13) for smectites with
monovalent interlayer cations. The presence of divalent inter-
layer cations, as shown by studies of smectites and vermiculites,
should result in a strong structuring of their primary hydration
sphere and probably the next nearest neighbor water molecules as
well. If the concentration of the divalent cations is low, then the
water in interlayer space between the divalent cations will corre-
spond to the present model. On the other hand, if the concentration
of divalent cations approaches the number of ditrigonal sites, this
model will not be applicable. Such a situation would only be found
in concentrated electrolyte solutions.

In discussing the applicability of the present model to sili-
cate minerals in general, there are two considerations: to what
extent do the exposed surfaces of a given silicate mineral mimic the
ditrigonal holes of the clay minerals, and, during chemical weather-
ing, is the silicate mineral directly exposed to the aqueous phase
or is there an intervening phase of different structure and composi-
tion? The first point is fairly easily determined by inspection of
the crystal structures of the major silicate groups. Nesosilicates
(isolated tetrahedra) and the sorosilicates (double tetrahedra) have
little resemblance to the structure of the clay minerals, the ino-
silicates (single and double chains) which have corner shared tetra-
hedra are similar, particularly the double chains, phyllosilicates
(sheet structures) clearly are similar, and the tektosilicates may
or may not be similar, depending on the external surfaces exposed to
the aqueous phase. To the extent that the minerals are similar, one
would expect the model to apply. It is well known that dissolution
of silicates, particularly the compositionally complex ones such as
the feldspars, is often incongruent and that precipitated product
may coat the mineral surfaces. These coatings may be (composition-
ally or structurally) similar to clay minerals or related layer
structures (kaolinite, smectite, boehmite), and under these condi-
tions, the model for adsorbed water may also be very good. Little
is known in detail about the amorphous phases which form at the
interface between silicate minerals and the aqueous phase, and the
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model must be used with caution for minerals other than phyllosili-
cates,

Summary

An understanding of much of aqueous geochemistry requires an accu-
rate description of the water-mineral interface. Water molecules in
contact with, or close to, the silicate surface are in a different
environment than molecules in bulk water, and it is generally agreed
that these adsorbed water molecules have different properties than
bulk water. Because this interfacial contact is so important, the
adsorbed water has been extensively studied. Specifically, two
major questions have been examined: 1) how do the properties of
surface adsorbed water differ from bulk water, and 2) to what dis-
tance is water perturbed by the silicate surface? These are diffi-
cult questions to answer because the interfacial region normally is
a very small portion of the water-mineral system. To increase the
proportion of surface to bulk, the expanding clay minerals, with
their large specific surface areas, have proved to be useful experi-
mental materials.

Based on the study of expanding clay minerals, two models of
water adsorbed on silicate surfaces have been proposed. One states
that only a few layers (<5) of water are perturbed by the silicate
surface, the other concludes that many layers (perhaps 10 times that
number) are involved. The complexity of the interactions which
occur between water molecules, surface adsorbed ions, and the atoms
of the silicate mineral make it very difficult to unequivocally
determine which is the correct view. Both models agree that the
first few water layers are most perturbed, yet neither has presented
a clear picture of the structure of the adsorbed water, nor is much
known about the bonding of the water molecules to the silicate
surface and to each other.

Our approach has been to study
in which the majority of the water
surfaces. By appropriate chemical
linite will expand and incorporate
ef?’ yielding an effective surface

a very simple clay-water system
present is adsorbed on the clay
treatment, the clay mineral kao-
water molecules between the %ay-
area of approximately 1000 m

g . Synthetic kaolinite hydrates have several advantages compared
to the expanding clays, the smectites and vermiculites: they have
very few impurity ions in their structure, few, if any, interlayer
cations, the structure of the surfaces is reasonably well known, and
the majority of the water present is directly adsorbed on the kao-
linite surfaces.

By combining experimental results from infrared spectroscopy,
X-ray diffraction, thermal analysis, and heat capacity measurements,
a model for the structure of the water molecules adsorbed on the
kaolinite surfaces has been developed. Based on this structure,
reasonable inferences can be made about the bonding of the water
molecules and their behavior at different temperatures. The kaolin-
ite layer is polar, having one surface formed by hydroxyls coordina-
ting aluminum and the other by oxygens bonded tetrahedrally to sili-
con. The latter surface contains cavities which we refer to as
ditrigonal holes. It is into these cavities that the first inter-
calated water molecules fit. These water molecules (hole water in
our terminology) hydrogen bond, in a disordered manner, directly to
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the oxygens forming the ditrigonal hole. The distances between the
hole water molecules are too great (about 5 A) for there to be any
direct bonding among them. In one of our synthetic hydrates (with
d(001) = 8.6 1), this is essentially the only type of water present.
Once the ditrigonal holes of the kaolinite layers are fully filled,
additional water occupies positions between the hole water mole-
cules. Since the hole water keys into the ditrigonal holes, the
other water molecules (associated water in our terminology) are at a
slightly greater distance from the silicate surface. Complete fill-
ing of the interlayer region by hole and associated water occurs in
a synthetic hydrated kaolinite with d(001) = 10 A. The associated
water is not directly bonded to the oxygens of the silica tetrahe-
dra; instead, it hydrogen bonds to other water molecules and to the
hydroxyl surfaces which form the other boundary of the interlayer
region.

At very low temperatures, the two types of water occupy ordered
positions similar to the oxygen positions in ice. Increasing the
temperature results in the associated water molecules occupying a
larger number of possible sites in an increasingly disordered
manner. The change from an ordered to a disordered arrangement is
reflected in a maximum in the heat capacity near 270 K. At roon
temperature, the associated water molecules are relatively mobile,
much more mobile than the hole water., Dehydration at temperatures
Jjust above ambient conditions results in nearly total loss of asso-
ciated water and retention of the hole water., The very different
properties of the hole and associated water, which are at slightly
different distances from the mineral surface, suggest that the
perturbing effect of the silicate surface decreases very rapidly
with distance from the surface. If that is true, then it is diffi-
cult to see how the silicate surface could perturb water molecules
which are more than 10 A from the surface.

To the extent that the surfaces of the kaolinite layers resem-
ble the surfaces of other silicate minerals, the structure of the
adsorbed hole and associated water can serve as a useful model. To
determine the applicability of our model to a specific mineral, it
will be necessary to know in some detail the structure of the exter-
nal surfaces of that mineral.
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Reactions at the Oxide-Solution Interface:
Chemical and Electrostatic Models

John C. Westall

Department of Chemistry, Oregon State University, Corvallis, OR 97331

Surface complexation models for the oxide-electrolyte
interface are reviewed: two models for surface
hydrolysis reactions are considered (diprotic surface
groups and monoprotic surface groups) and four models
for the electric double layer (Helmholtz,
Gouy-Chapman, Stern, and triple layer). Methods which
have been used for determining thermodynamic constants
from experimental data for surface hydrolysis
reactions are examined critically. One method of
linear extrapolation of the logarithm of the activity
quotient to zero surface charge is shown to bias the
values which are obtained for the intrinsic acidity
constants of the diprotic surface groups. The
advantages of a simple model based on monoprotic
surface groups and a Stern model of the electric
double layer are discussed. The model is physically
plausible, and mathematically consistent with
adsorption and surface potential data.

Any complete mechanistic description of chemical reactions at the
oxide-aqueous electrolyte interface must include a description of
the electrical double layer. While this fact has been recognized
for years, a satisfactory description of the double layer at the
oxide-electrolyte interface still does not exist.

Part of the difficulty of characterizing this interface stems
from the fact that oxide surfaces, particularly those encountered in
geochemistry, are very irregular; many different microcrystalline
structures, which exhibit quite different chemical properties, are
exposed to the solution. Thus examination of the surface by
virtually any experimental method yields only averaged
characteristics of the surface and the interface. Parsons (1) has
discussed the surface chemistry of single crystals of pure metals,
and has shown that the potential of zero charge of different crystal
faces of the same pure metal can differ by over 400 mV. For an
oxide surface, this difference would be energetically equivalent to

a variation in the pH of zero protonic charge (szpC) of more than
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six pH units. This example indicates that an observable macroscopic
property of a polycrystalline surface might be the result of a
combination of widely different microscopic properties, and that
characterizations of these surfaces will remain somewhat operational
in nature.

Another fundamental problem encountered in characterizing
reactions at the oxide-electrolyte interface is the coupling between
electrostatic and chemical interactions, which makes it difficult to
distinguish the effects of one from the effects of the other.
Westall and Hohl (2) have shown that many models for reactions at
the oxide-electrolyte interface are indeterminate in this regard.

Many of the studies, from which our current understanding of
reactions at the oxide-electrolyte interface has developed, were
based on titrations of colloidal suspensions of oxides. The key to
resolving questions left open by this work lies in the study of
better defined oxide surfaces, the examination of a particular
interface by many different experimental methods, and the
development of mathematical methods for interpreting the data.

This paper is based primarily on the understanding of reactions
at the oxide-electrolyte interface gained through the study of
collodial suspensions of oxides. From the point of view of the
geochemist, these suspensions of pure oxides are pristine systems,
interesting, but perhaps of only marginal relevance to
geochemistry. To the pure chemist, these systems are almost too
ill-defined to warrant serious scientific consideration.

As an introduction to the discussion of electrical and chemical
models for reactions at oxide-electrolyte interfaces, some

reflections on the importance of these interfaces in geochemistry
are presented.

The Oxide-Electrolyte Interface in Geochemistry

Empirical Models vs. Mechanistic Models. Experimental data on
interactions at the oxide-electrolyte interface can be represented
mathematically through two different approaches: (i) empirical
models and (ii) mechanistic models. An empirical model is defined
simply as a mathematical description of the experimental data,
without any particular theoretical basis. For example, the general
Freundlich isotherm is considered an empirical model by this
definition. Mechanistic models refer to models based on thermo-
dynamic concepts such as reactions described by mass action laws and
material balance equations. The various surface complexation models
discussed in this paper are considered mechanistic models.
Empirical models are often mathematically simpler than
mechanistic models, and are suitable for characterizing sets of
experimental data with a few adjustable parameters, or for
interpolating between data points. On the other hand, mechanistic
models contribute to an understanding of the chemistry at the
interface, and are very often useful for describing data from
complex multicomponent systems, for which the mathematical
formulation (i.e., functional relationships) for an empirical model
might not be obvious. Mechanistic models can also be used for
interpolation and characterization of data sets in terms of a few
adjustable parameters; however, mechanistic models are often
mathematically more complicated than empirical relationships.
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Requirements for a Mechanistic Model. A significant problem in the
use of mechanistic models for the description of the
oxide-electrolyte interface is the separation of observed energy of
interaction into electrostatic and chemical components. If the
separation of energy into these components is completely
indeterminate, the apparent mechanistic model may degenerate to an
empirical model, being of the correct mathematical form to represent
the data, but offering no insight into the chemical nature of the
interface.

If there is so much difficulty in distinguishing electrostatic
and chemical components of energy, one could raise the question,
does it make any difference? In particular, for application to
surface chemical reactions occurring in geochemistry, would not an
empirical model be as good as a mechanistic one? To answer these
questions one must consider the types of data to be interpreted and
the purpose for which the model is to be used.

Electrostatic vs. Chemical Interactions in Surface Phenomena. There
are three phenomena to which these surface equilibrium models are
applied regularly: (i) adsorption reactions, (ii) electrokinetic
phenomena (e.g., colloid stability, electrophoretic mobility), and
(iii) chemical reactions at surfaces (precipitation, dissolution,
heterogeneous catalysis).

The adsorption reactions considered in geochemical studies
include surface hydrolysis, adsorption of metal ions by surface
complexation, adsorption of anions by ligand exchange, and ion
association, as illustrated in Figure 1. The chemical energy of
such a reaction is often expressed as the equilibrium constant for
the reaction of a species in solution with hydroxyl groups on the
uncharged surface. The electrostatic interactions associated with
adsorption broaden the energy of the adsorption reaction from a
single discrete value to a distribution of values; however, it is
difficult to know how much of the broadening is attributable to the
variation in electrostatic energy associated with variation in
surface charge, and how much to the chemical heterogeneity of the
oxide surface. In principle, the study of adsorption in
electrolytes of different ionic strengths should allow the
electrostatic and chemical components of adsorption energy to be
distinguished. However, in practice, it is difficult to reach an
indisputable conclusion from these experiments, for reasons to be
discussed.

Surface equilibrium models are also applied in the study of
electrokinetic phenomena, including colloid stability, which is of
great practical importance in geochemistry, and electrophoretic
mobility, which is convenient for experimentation. The
electrophoretic mobility of a particle is related to the
electrostatic potential at a mean "slipping plane”. Where this
plane is located within the structural model of the interface is not
clear, although there has been a great deal of thought on the
subject (3,4). Furthermore, electrokinetic data yield no direct
information on surface charge. Thus, while data for electrokinetic
phenomena offer additional information on electrical energy at the
interface, these data alone cannot really resolve the problem of
separating electrical and chemical components of adsorption energy.
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A third phenomenon, the kinetics of surface reactions such as
dissolution, precipitation, and surface-catalyzed reactions, could
be among the most sensitive indicators of chemical and electrostatic
energies at the surface. Chemical energies are specific (i.e.
short-range and highly dependent on molecular structure), while
electrostatic energies are not. However, up to the present, only a
very few (5) of the studies of these sorts of reactions at oxide
surfaces have been cast explicitly in terms of electrochemical
energies at the interface. As a better understanding of
electrochemical potentials at the interface evolves, both electrical
and chemical energies can be considered in studies of reaction
kinetics at oxide surfaces. At some point in the future, it might
even be possible to use data on the kinetics of these reactions to
ald in separating interfacial energies into electrical and chemical
components.

To return to the question of the necessity of distinguishing
between chemical and electrostatic energies at interfaces in
problems of geochemical interest, we reach the following conclusion:
many phenomena, if considered separately, can be interpreted
reasonably well without a clear separation of electrostatic and
chemical energies. Part of the reason for our moderate satisfaction
with this less-than-perfect result is that natural surfaces and
interfaces are so heterogeneous that an explicit mathematical
description of them is impossible. However, if different phenomena
are considered simultaneously, it becomes not only possible, but

also necessary, to distinguish between electrostatic and chemical
energies.

Conceptual Model of an Adsorption Reaction

The nature of the problem in establishing a mechanistic model of the
oxide-electrolyte interface, in which chemical and electrostatic
energies are described explicitly, can be appreciated by
consideration of the adsorption reaction depicted in Figure 2. The
adsorption of a hydrogen ion from the bulk of a monovalent
electrolyte is considered. The oxide-solution interface is divided
conceptually into four regions: the bulk oxide (not shown in the
figure), the oxide surface at which the adsorption reaction takes
place, the solution part of the double layer containing the counter-
ions, and the bulk of solution.

The total energy of this adsorption reaction can be found
experimentally from the microscopic activity quotient, and separated
theoretically into the following components: (1) transfer of the ion
to be adsorbed from the bulk of solution to the oxide surface plane,
at which the mean electrostatic potential is ¥g with respect to
the bulk of solution; (2) reaction of the adsorbate in the surface
plane with a functional group at the surface; (3) transfer of a
fraction of the counter charge from solution into the solution part
of the double layer by attraction of counter ions; and (4) transfer
of the remainder of the counter charge by expulsion of co-ions from
the solution part of the double layer to the solution.

In creating a mechanistic model of this adsorption reaction, it
is necessary to separate the observed energy of interaction into
components associated with each step. As can be inferred from
Figure 2, the separation of one observable energy into four separate
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Figure 1. Representative adsorption reactions. The symbol XOH
represents surface hydroxyl groups such as =FeOH, =AlOH, =SiOH,
etc. Direct evidence for the structure of these surface species
is generally lacking; the stoichiometries presented here are
based on adsorption data.

AQUEOUS
SURFACE | DOUBLE LAYER BULK
. (1) exp(-Fy/RT) e
(2){1/Kq X“éJ%L————-X'
-(H") a1
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Figure 2. A complete adsorption reaction, including transfer of
counter charge to the solution part of the electric double
layer. While the reaction is usually divided conceptually into
four steps, it is usually only the total energy of reaction that
is observed experimentally.
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components is bound to be indeterminate to some degree. The energy
associated with Steps 1, 3, and 4 is generally found from
electrostatic theory, and the chemical energy of Step 2 is found
from the difference between the observed net energy and the
calculated electrostatic energy. Thus an independent measurement of
electrostatic energy is almost essential for a mechanistic
characterization of the complete adsorption reaction.

Surface Complexation Models

Many models, which could be classified as "surface complexation
models (6-8)," have been used to describe reactions at the
oxide-solution interface. Although there are differences in the way
these models are formulated, they all have two features in common:
(i) the reactions of surface hydroxyl groups are described by
conventional mass action and material balance equations, and (ii)
the surface potential is related to surface charge by an
electrostatic model of the electric double layer.

The approach to the mathematical definition of the interface
model 1s very simple. For every layer in the interface, the charge
is defined once as a function of chemical parameters and once as a
function of electrostatic parameters. The functions for charge are
set equal to each other and solved for the unknown electrochemical
potentials. Mathematical techniques for solving the equations have
been worked out and described in detail (9).

Following a review of the chemical and electrical fundamentals
of these models, the interpretation of data in terms of a combined
chemical-electrostatic model will be discussed. Detailed discussion
of other aspects of these models can be found in recent reviews
(2,6-8).

Although adsorption of many types of species could be
considered, this discussion will focus on surface hydrolysis
reactions, that is, adsorption of H' and OH™. Virtually all
surface hydrolysis experiments are carried out in the presence of a
"background electrolyte,” many of which appear to exhibit weak
specific chemical interactions (e.g., ion-pair formation) with the
surface (10-12). While consideration of these interactions is
essential to a complete understanding of the interfacial chemistry,
the topic is a subject in itself, and will not be considered in
detail here. Treatment of these interactions is readily
incorporated within the framework that is presented here.

Chemical Reactions at the Oxide Surface. The formation of surface
hydroxyl groups on a hydrous oxide or hydroxide is depicted in
Figure 3. Water adsorbs on the oxide surface, hydrolysis occurs and
surface hydroxyl groups are formed. According to the figure, at
least two chemically distinct types of hydroxyl groups are formed,
those with interior and those with exterior metal ions. However, if
different crystal faces, edges, steps, kinks, and various kinds of
dislocations are considered, many more distinct groups could be
imagined.

In order to maintain the complexity of the model at a level
consistent with the resolution of the experimental data, the
reactivity of these surface groups has been described by relatively
simple models: (i) as diprotic weak acids, and (ii) as monoprotic
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Figure 3. Surface hydrolysis and formation of surface hydroxyl
groups.
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weak acids. Almost all of the recent work has been interpreted in
terms of the diprotic weak acid model; however, there are appealing
features to the monoprotic weak acid model which have not yet been
appreciated fully.

Diprotic Surface Groups. According to the diprotic model, the
surface is represented as an ensemble of identical diprotic weak
acid groups, which react according to:

XOH! = XoH + H' K 1
2 al

XOH = X0~ + H' K I1
a2
The representation of surface groups as diprotic weak acids is
appealing because it includes a modest degree of complexity (two
acidity constants), allows convenient representation of the
condition of zero surface excess of hydrogen ion, and is still quite
manageable mathematically. However, it must be borne in mind that
this model is still a grossly simplified representation of the
actual surface. It remains to be shown that this simplification is
significantly better than any other simplification.
Corresponding to Reactions I and II are the following mass
action equations:

nXOH; Ka1 = Txom 2t exp(-e¥y/KD) )

Twon Ra2 T Txoo gt exp(-e¥y/KT) )

where n; represents the surface concentration (number of groups
per square meter) of species i1, a; is the solution activity of
species 1, Kal and Ka2 are the surface acidity constants, and

¢0 is the electrostatic potential, with respect to the bulk of
solution, at the mean plane of adsorption. The exponential term
represents the electrostatic energy required to bring a charged
species from the bulk of solution to the plane of adsorption which
is at potential ¢0 (13). The definitions of all symbols are
listed at the end of the text.

Activity coefficients appear in thermodynamic models to account
for various energies that are not expressed explicitly in the model
of the "ideal" case. The energy expressed by the exponential term
in Equations 1 and 2 could be regarded as an activity correction;
however, since the calculation of this correction is strongly
coupled to the model for surface speciation itself, we do not refer
to the exponential term as an activity correction, but as an
integral part of the model. (In contrast, the Debye-Hueckel
activity coefficient for an ion in solution is only weakly coupled
to the solution speciation, and can be treated conveniently as an
independent activity coefficient.) Activity corrections associated
with the energy of lateral interactions among adsorbed species will
be neglected, primarily on account of the practical difficulty of
determining what they are. The topic of surface activity
coefficients is discussed by Chan et al. (14) and Sposito (15).
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The material balance equation for surface hydroxyl groups is of
the form

_ . 3
Ng nXOH; * ™Sow * ™xo )

where N, is the surface density of reactive surface sites. The
value of N_ can be determined either by surface titration
experiments, or by independent means such as negative adsorption,
tritium exchange, or consideration of surface area and crystal
structure (2). The mass action and material balance equations used
in the surface complexation model are the same as those on which the
Langmuir isotherm is based (16).

In addition to the material balance equation for the surface
hydroxyl groups listed above, a charge balance equation can be
written:

”g = ¢ (ngopt - Mxo7) 4
2

The superscript H on the surface charge oy indicates that the
surface charge has been calculated exclusively from the surface
concentration of HY ions; the assignment of adsorbed ions to "mean
planes of adsorption” is subject to different interpretations, as
will be discussed later.

The surface complexation model described by Equations 1-4
includes five unknowns (nX, ny+, ng-, og, ¢0) and
three parameters K1, Koo, Ng), if the experimental pH is
known. (The subscripts X, X', and X~ are used as abbreviations
for XOH, XOH,", and X0".) It remains to develop one more
equation based on an electrostatic model of the electric double
layer to relate oy and ¥g -

99 = f(¢o, L) (5)

Following the presentation of the chemical model with monoprotic
surface groups, four electrostatic models will be developed, from
which the necessary relationship between ¥g and oy can be

found.

Monoprotic Surface Groups. The monoprotic surface group model
presented here has been discussed elsewhere (17,18), but has not yet
been applied widely. With this model it is possible to represent
both a positive charge and a negative charge on the surface; in this
respect it is different from other monoprotic surface group models,
such as one discussed by Healy and White (19), with which it is not
possible to represent the transition between positive and negative
surface charge.

The monoprotic surface group model can be described in terms of
the more familiar diprotic surface group model. In the diprotic
model, the surface is thought of as an ensemble of N, diprotic
surface groups, which, under the condition of zero protonic charge,
are occupied by N, protons.

In the monoprotic model, the surface is thought of as an
ensemble of 2 N_ monoprotic surface groups, which, under the
condition of zero protonic charge, are occupied by N, protons.
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The protonation and deprotonation of these monoprotic groups can be
represented formally as the reaction:

1 R
zoh"? = z07t 4+ Wt K III
with the mass action equation:
1 = Y - 6
nZOH+Z Ka nZO 3 aH+ exp( e¢o/kT) (6)
with surface site balance:
= 1 _1
2 NS nZOH+z + nZO 3 (7)
and with charge density:
aH = e (n +% - n__ -%) (8)
0 ZOH Z0

The association of the formal charge % with each surface group is
simply a bookkeeping device. No information about the actual
distribution of charge among neighboring ions or groups on the
surface is implied. The surface is still thought of as an ensemble
of 2 N, surface groups occupied by N, + n protons when the

surface charge is oy = en. An alternative derivation of this

model (20) shows how the behavior of the ensemble of diprotic acid
groups resembles the behavior of an ensemble of monoprotic acid
groups when K ; << K, ,.

The monoprotic model described by Equations 6-8 includes four
unknowns (nZOH+%, nzo—%, aOH, and ¢O) and two
adjustable parameters (K, and N.) if the experimental pH is
known. To complete the definition of the monoprotic model an
equation similar to Equation 5 is required to relate surface charge
to surface potential. The electrostatic models used with the
monoprotic model are the same as those used with the diprotic model,
and are described in the following section.

Other similarities exist between the two models: reactions for
adsorption of other species are written in the same way, and the
same mathematical techniques (9) can be used to solve the equations.

Westall and Hohl (2), have observed that it is possible to
represent experimental data with a diprotic model in which K_ i =
K,p, or even K, 1 <K_y. Such models are mathematically
similar to the monoprotic model, since the diprotic model becomes
similar to a monoprotic model if the acidity constants in the
diprotic acid model are such that the neutral XOH group is
insignificant in the material balance equations.

The monoprotic model is appealing since it is very simple,
realistic, and based on one less adjustable parameter than the
diprotic model. The value of the parameter K, can be found
directly from the H' concentration in the bulk of solution at
OOH = 0, since Ka = aH+ at this condition, according to
Equation 6. Since the surface complexation models are already
recognized as being underdetermined, any physically realistic model
with fewer adjustable parameters is welcomed.
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Electrostatic Models for the Electric Double Layer

To complement the models for the surface reactions, a model for the
electric double layer is needed. Current models for the electric
double layer are based on the work of Stern (21), who viewed the
interface as a series of planes or layers, into which species were
adsorbed by chemical and electrical forces. A detailed discussion
of the application of these models to oxide surfaces is given by
Westall and Hohl (2).

The structure of the interface according to the Stern model and
several limiting-case approximations is presented in Figure 4. The
electrostatic models of the interface will be introduced in terms of
the most complete one, the triple layer model (Figure &4a). Then the
relationship of the triple layer model to the simplified models in
Figures 4b-d will be discussed.

The Triple Layer Model and the Stern Model. The ions most
intimately associated with the surface are assigned to the innermost
plane where they contribute to the charge og and experience the
potential $;. These ions are generally referred to as primary
potential determining ions. For oxide surfaces, the ions H' and

OH™ are usually assigned to this innermost plane. In Stern’s
original model, the surface of a metal electrode was considered, and
the charge oy was due to electrons.

Beyond the surface plane is a layer of ions attracted to the
surface by specific chemical interactions. The locus of the center
of these ions is known as the inner Helmholtz plane (IHP). The
charge in this plane, which results from the specifically adsorbed
ions is denoted by 01, and the electrostatic potential at the
IHP by ¥;. The species usually assigned to this plane include
chemically adsorbed metals and ligands, as well as weakly adsorbed
electrolyte ions. In the "site-binding model," Yates et al. (22)
considered the weakly bound electrolyte ions to be bound pair-wise
with oppositely charged groups in the surface plane.

Beyond the IHP is a layer of charge bound at the surface by
electrostatic forces only. This layer is known as the diffuse
layer, or the Gouy-Chapman layer. The innermost plane of the
diffuse layer is known as the outer Helmholtz plane (OHP). The
relationship between the charge in the diffuse layer, gy, the
electrolyte concentration in the bulk of solution, Ch and
potential at the OHP, wz, can be found from solving the
Poisson-Boltzmann equation with appropriate boundary conditions (for
1:1 electrolytes (13))

o = - (8€€ORT c

) sinh(sz/ZRT) €))

e
b
The region between the surface plane and the IHP, and the

region between the IHP and the OHP are considered to behave
electrostatically as parallel plate capacitors, with charge related
to potential by the capacitances €y and Cy:

% = 6 Gy - ¥ (10)

o = Gy (b - by (11)
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Figure 4. Electrostatic models for the surface-electrolyte
solution interface. These models were conceived for metal
surfaces but have been used for oxide surfaces as well.
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Helmholtz had proposed such a parallel plate capacitance model for
the entire interface in 1853.

While Stern recognized that formally one should include the
capacitance between the IHP and OHP in the interface model, he
concluded that the error introduced into the electrical properties
predicted for the interface would usually be small if the second
capacitance were neglected, and ¥, were set equal to ¥q.

Stern used this simplification in his calculations. The simplified
model with only one Helmholtz capacitance is commonly referred to as
the Stern model (Figure 4b), while the "extended" Stern model
(Figure 4a) is designated the triple layer model.

The final equation to complete the electrostatic constraints on
the interface is the electroneutrality equation,

= 1
oy + 91 + 9y 0 (12)
Equations 10-12 allow the charges oy, o1, and o9 in the

three regions to be calculated in terms of the three electrostatic
potentials Yo, Y1, ¥y

Incorporation of Chemical Constraints. To complete the model of the
oxide-electrolyte interface, it is necessary to return to the
preceding section on models of chemical reactions to find values of
g, 01, and o9 calculated from chemical considerations.

Combination of the electrostatic equations with the chemical
equations then completely defines the interface.

The chemical model for charge in the surface plane (og) was
given by Equations 1-4 for the diprotic model or Equations 6-8 for
the monoprotic model. In general, either of these sets of equations
can be represented by

oy = ez, nq = g (¢O, a., ...) (13)

. 101
i J

For adsorption at the IHP, mass action and material balance
equations could be set up for specifically adsorbed ions yielding
equations similar to those for the surface plane

o, = e ? z; ni = g (¢1, aj, o) (14)
In the absence of specific adsorption at the IHP, o1 is simply

set equal to zero. The chemical constraint for oy is given
directly by Equation 9.

Equations 9-14 provide the framework for combining either of
the two surface hydrolysis models that were presented with any of
the four electric double layer models to define the interface model
completely and to solve for all unknown potentials, charges, and
surface concentrations. In the following section some specific
limiting cases are considered.

Limiting Cases of the Stern Model. The electrostatic energies
through the interface have been formulated in terms of
capacitances. For the basic Stern model, the total capacitance of
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the interface, Gr. is given by the equation for two capacitances
in series:
-1 -1 -1

CT = cl + Cd (15)
where C; is the Helmholtz (compact) layer capacitance and C4 is
the diffuse layer capacitance found by differentiating Equation 9
with respect to Yo9. At low ionic strengths and relatively low
potentials, the diffuse layer capacitance is much less than the
compact layer capacitance; then the total capacitance is
approximately equal to the diffuse layer capacitance. At high ionic
strengths and high potentials, the diffuse layer capacitance is much
larger than the compact layer capacitance and the total capacitance
is approximately equal to the compact layer capacitance. In other
words, the value of the variable diffuse layer capacitance relative
to the constant compact layer capacitance determines whether the
total capacitance of the interface appears more like a diffuse layer
capacitance (Figure 4c) or more like a Helmholtz constant
capacitance (Figure 4d).

Application of Electric Double Layer Models. Now the relationships
among the four electrical double layer models described in Figure 4
can be summarized. The Helmholtz constant capacitance model (23-24)
may be regarded as the "high ionic strength” limiting case of the
basic Stern model described above. In contrast, the diffuse layer
model (25-26) may be regarded as the "low ionic strength, low
potential” limiting case of the basic Stern model. The basic Stern
model (27) is applicable at all ionic strengths and represents a
minor simplification with regard to the outer Helmholtz capacitance
of the triple layer model (22,28-29).

With regard to the assignment of ions to the mean planes in the
interface, the oxide-solution interface can be compared to two ideal
interfaces which are more thoroughly characterized: the
metal-solution interface and the silver iodide-solution interface.

As mentioned before, Stern had a metal electrode in mind when
he described the surface-solution interface; then o, referred to
the electronic charge on the surface of the metal itself, oy to
the charge formed by electrostatically (or chemically) bound
electrolyte ions at the IHP, and oy to the charge in the diffuse
layer. 1In the case of silver iodide, the surface charge og is
assumed to be made up of the adsorbed "potential determining ions"
Ag+ and 17; o1 and 09 are as described for the metal-
electrolyte interface.

Oxide surfaces have usually been regarded as being similar to
the Agl surface: the adsorbed "potential determining ions," HY and
OH™, form the charge op, and o7 and o, are as
described for the other interfaces. However, other interpretations
are possible, in which the primary potential determining ions, H*
and OH™, and electrostatically adsorbed electrolyte ions occupy
the same interfacial layer.

As stated previously, it is difficult to assign ions to a few
discrete "mean planes of adsorption” and have these mean planes
correspond in every case to the location of ions expected from
hypothetical structure and bonding at the hydrous oxide surface.
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The "Agl" model for location of ions in the oxide-water interface is
probably the best reasonably simple interpretation.

One other issue arises with respect to potential determining
ions. 1In the case of AgI, the potential difference at the
surface-solution interface varies with the activity of Ag or 1°
in solution according to the Nernst equation,

RT
AYp = —— 1n a, (16)
i
ziF

since the activities of Ag+ and I~ at the surface are fixed by
the presence of these ions in the bulk of the solid (20, 30).

At oxide surfaces, the surface activities of H' and OH™ are
not fixed in a similar way. Then the variation in surface potential
with solution activity of Ht depends on the chemical and
electrostatic properties of the interface. For the many oxides that
are insulators, it is much more difficult to obtain a measurement of
the surface-solution potential differences than it is for conductors
such as Agl. Thus there is uncertainty whether the dependence of
surface potential on pH is approximately Nernstian or significantly
sub-Nernstian.

In the following section, it is shown that mathematical methods
which have been used to interpret adsorption data bias the
interpretation towards chemical and electrostatic properties which
lead to a significantly sub-Nernstian response; this bias arises out
of the need for mathematical simplifications, not from physical
considerations.

Interpretation of Data

Two models of surface hydrolysis reactions and four models of the
electrical double layer have been discussed. In this section two
examples will be discussed: the diprotic surface group model with
constant capacitance electric double layer model and the monoprotic
surface group model with a Stern double layer model. More details

on the derivation of equations used in this section are found
elsewhere (31).

Diprotic Surface Groups. Most of the recent research on surface
hydrolysis reactions has been interpreted in terms of the diprotic
surface hydrolysis model with either the triple layer model or the
constant capacitance model of the electric double layer. The
example presented here is cast in terms of the constant capacitance
model, but the conclusions which are drawn apply for the triple
layer model as well.

As discussed in the introduction, it is difficult to separate
the observed energy of interaction at the interface into electrical
and chemical components. In addition, the necessity to consider
both components of energy simultaneously complicates the reduction
of the model to a simple linear form for determining thermodynamic
constants from the data.

Three methods have been used for interpretation of surface
hydrolysis data, the first two of which involve approximations and
reduction to linear form: Method I: assumption that on the acidic
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branch of the titration curve the concentration of X0  groups is
negligible, and on the basic branch, the concentration of XOH

groups is negligible; Method II: linear expansion of the exponential
term in the mass action equations, and rearrangement of the
equations to a linear form; Method III: nonlinear least squares
optimization procedure, in which no assumptions are made for
computational convenience. It will be shown that the approximation
of Method I introduces an assumption about the separation between
electrostatic and chemical energy, and an artificial physical
constraint on the system.

Method I. To illustrate the application of these methods, the
experimental data for the adsorption of H+/OH' on T102 (32)

are considered (Figure 5). Use of Method I involves the
approximations in the material balance equations that, on the acidic
branch of the titration curve,

H

if LI nXOH; >> nyo- then nXOH; = o / e (17)
and on the basic branch,

A H

if yon’ “xo” >> nXOH; then Nyo- = -0, / e (18)

Then the material balance equations can be simplified to allow the
reaction quotients Qa1 and Qg9 to be approximated from the
experimentally observed protonic surface charge gyt

Q = EE&Q@E_EiEtZ ~ Ws ~ "xout) ") (19)
al -
(nXOH;) (nXOH;)
( =) (ay+) ( =) (a +)
q, - X T ol W (20)
(ryon (Ng - g7

The intrinsic acidity constants K, 1 and K 5 can then be
determined from Qg1 and Qg9 as follows. Combination of
Equations 19 and 20 with Equations 1 and 2 show that the acidity
constants are related to the acidity quotients by

Qai = Kai exp(ed/KT) (21)

or, in logarithmic form, with the constant capacitance constraint
g = C ¢O substituted for ¢O,

H

F
1 . = . r___
og Qu3 log Kas * TRT In 10 %0

(22)

Then a plot of log Q,; vs. UOH yields the value of log K ;
as the intercept, and the value of the capacitance is related to the
slope (Figure 6).
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Figure 5. Titration of a suspension of TiO, in KNOj at three
different concentrations. o4~ is the protonic surface

charge, calculated from the a%id-base mole balance equations, the
specific surface area of 20 m g'l, and the solids

concentration of 12 g L™". The lines are calculated from the
monoprotic surface group model with Stern double layer model:

N, = 12 sites nm'2, C=1.23F m'2, log aHz = -5.8.

The experimental data is from Yates and Healy (32).
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Figure 6. Use of Method I, Equation 22, fto calculate surface
acidity constants with N, =~ 12 sites mm”“: log Ky = -3.5
and log Ko = -8.1 or, in other terms, PH e = 5.8 and log
Ky = -2.3. Capacitances were determined from ths slopes
according to Equation 22: acid branch, 0.77 F m “; base branch,
0.89 F m “. Data are from Figure 5, Ti0y in 0.1 M KNO4
(32).
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An extension of this method has been developed for the triple
layer model which allows data obtained at several values of ionic
strength to be considered simultaneously (7, 33). However, this
"double extrapolation technique" involves the same sort of
approximation.

An example of the use of this method with the constant
capacitance model on the data for Ti0y in 0.1 M KNO, is
illustrated in Figure 6. It appears from the figure that the
problem is perfectly well determined, and that unique values of
Kal and Ka2 can be determined. However, as is shown below, the
values of K,1 and K,, determined by this method are biased to
fulfill the approximations made in processing the data: (i) on the
acidic branch, ngy+, ny >> ng-, which yields a small value for
K o, and (ii) on the basic branch, ng-, ny >> ng+, which
yields a large value of K ;. Thus the approximation used to find
values for Qal and Qa2 leads to values of K 1 and K
consistent with the approximation of a large domain of predominance
of the XOH group. This constraint arose out of the need for
mathematical simplicity, not out of any physical considerations.

Method II. Some insight into the significance of this constraint
can be seen by consideration of other methods of interpreting the
data. In Method II the linear region of the aOH vs. log ay+
curve near the pHZ e is considered (Figure 5).

Three quantities are defined for convenience. (i) A surface
dissociation constant is defined for the reaction:

X0H - L xou’ + %xo K, = (K /K ? (23)

2 2 2 d a2’ al
The value of K4 corresponding to values of K and K_o
determined from Method I would be relatively small, reflecting the
predominance of the neutral XOH group. (ii) The hydrogen ion
activity in solution that yields zero protonic surface charge is
defined from a combination of Equations 1 and 2 with ny+ set equal
to ny-:

2%+ = (K.K )P (26)
H - al a2

(1ii) The function a, which is related to the deviation of the

surface potential from the value predicted from the Nernst equation,
is defined by:

a + Fy
a = 1In —g— - Y (25)
aH+ RT

Then Equations 23-25 can be combined with Equations 1-4 to
yield the protonic surface charge as a function of a:

2 K, e N sinh(a)
- a___s (26)
1+ 2 Kd cosh(a)

o
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Equation 26 was derived directly and contains no mathematical
approximations. A similar equation was derived by Healy et al.
(30). 1If the hyperbolic functions are approximated by a linear
expansion, Equation 26 can be approximated

2K, eN a
op = -t (27)
1+2K 4
This linear approximation is certainly valid about the pH and

. zpe’
valid over a much wider domain if the surface potential-pH

relationship is nearly Nernstian, that is, if the value of o
defined in Equation 25 remains small over a wide domain.

The parameters in the chemical and electrostatic models which
appear in Equation 27 can be related to the experimentally
observable slope of the og vs. log ayt curve by combining
Equation 27 with Equation 25 and the constant capacitance constraint
og = C ¥ to yield:

a +
H H
~ = 28
0 pooIn = (28)
H
with the factor g, which is the slope of the o vs. In ag+
curve,

1+ 2K, ro L
B8 = + (29)
2K, eN C RT
d s
Equation 28 is certainly valid about the pH and over a wider

© - zpc?
range if o remains small.

The value of the proportionality constant g can be determined
experimentally. In the absence of any other experimental data, an
acceptable model would be based on any combination of the adjustable
parameters C, Kd, and NS that yields the correct value of S,
according to Equation 29. Since three adjustable parameters are
available to define the value of one experimentally observable
quantity, covariability among these parameters is expected. In
reality an independent estimate of N_ might be available, and
curvature of the oy vs. log ay+ plot might reduce some of the
covariability, but Equation 29 provides an initial step in
understanding the relationship between covarying adjustable
parameters.

The value of B8 determined from Figure 5 is 0.010 C n 2,
Combinations of values _of the parameters C and log Kj, (with Ng
set to 12.04 sites nm'z) that yield the observed value of 8
through Equation 29 are given by the smooth curve in Figure 7. The
values of C and log K are strictly appropriate to describe the
data in a limited domain about pH = pH, .. The extent of this
domain can be evaluated by determining values of K, and C that are

appropriate to represent the entire dataset, as can be done with
Method I111I.
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Figure 7. Covariability between values of C and K, yielding
best fit of diprotic surface hydrolysis model with constant
capacitance model to titration data for Ti0y in 0.1 M KNO4
(Figure 5). The line is consistent with Equation 29. The
crosses represent values of C and log Ky found from a nonlinear
least squares (NLLS) fit of the model to the data, with the value
of capacitance imposed; in all cases the fit was quite
acceptable. The values of Ky and C found by Method I (Figure
6) also fall near the line consistent with Equation 29. The
agreement between these results supports the use of the
linearized model (Equation 29) for developing an intuitive feel
for surface reactions.
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Method III. The weighted nonlinear least squares parameter
optimization procedure (34, 35) was applied to the entire set of
points shown in Figure 5 for 0.1 M KNO3. The value of C was fixed
and the optimal values of K4 and aHZ were obtained. The model
with diprotic surface groups and constant capacitance electric
double layer model was used with no mathematical simplifications.

The pairs of log Ky and C that yielded quite acceptable
representations of the data are shown by the symbols on Figure 7.
The agreement between the symbols and the smooth curve in Figure 7
support the validity of the approach of Method II, and the insight
that is gained from this approach.

Comparison of Methods. The use of Method I for interpretation of
data has resulted in the conclusions that, for a great number of

oxides, the value of Kd is small, the relationship between ¢0

and 1n ay+ is significantly sub-Nernstian, and the value of C is

relatively large.

Here it has been shown that the conclusion about Kj is
related to the mathematical approximation used in interpreting the
data by way of Method I; it is easy to show that the second and
third conclusions are also dependent on the initial assumptions in
Method I. Rearrangement of Equation 28 and substitution of the

constant capacitance constraint yields a relationship between ¥
and In ap+:

B a_+
'¢‘0 = E In —';: ( 30 )
%

The value of the slope of ¥g vs. ln ay depends on the relative
magnitude of the two terms in the definition of B in Equation 29.
If the second term on the right-hand side of Equation 29 is
dominant, then Equation 30 yields a Nernstian slope; if the first
term on the right-hand side of Equation 29 is significant, then the
slope given by Equation 30 will be sub-Nernstian.

It is clear that small values of K,, as are obtained from
Method I, favor the predominance of the first term over the second,
and a sub-Nernstian slope; furthermore, if Ky is constrained to be
small, and the proportionality constant 8 is to be consistent with
the experimental value, then it is necessary that C is large.

Direct measurement of the change in interfacial potential
difference at the oxide-electrolyte interface with change in pH of
solution can be measured with semiconductor or semiconductor-oxide
electrodes. These measurements have shown d ¥op/d log agt
approaching 59 mV for Ti02 (36, 37). These values are
inconsistent with the highly sub-Nernstian values predicted from the
models with small values of K. (Similar studies (38,39) have
been performed with other oxides of geochemical interest. Oxides of
aluminum have yielded a value of d ¥g/d log ay+ greater than
50 mV, while some oxides of silicon have yielded lower values.)

The discussion above pertains to the diprotic acid chemical
model and the constant capacitance electrostatic model. It is
interesting to note that in some applications of the triple layer
model with site binding of electrolyte ions at the IHP, the
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ionization of the surface hydroxyl groups is effectively dominated
by the ion pairs. Then the effective value of Ky for this surface
is much larger, and the model is more consistent with the surface
potential measurements discussed above, than would be expected from
the small value of Kd calculated directly from Kal and Ka2’

without consideration of site-binding of counter ions.

If the constraint that Ky is small is removed in
interpretation of the data, one may consider the physical nature of
the interface and other forms of experimental data in deciding what
combinations of parameters are appropriate for describing the
interface. 1In particular, the relationship of the diprotic surface
group model to the monoprotic surface group model can be examined.

Monoprotic Surface Groups. It has been stated that for some oxides
the surface potential response to pH is close to the Nernstian
value, and that relatively large values of K, in the model were
necessary to be consistent with this observation. For Ky =1,

the acidity constants K,; and K, are equal. If these acidity
constants are equal, it could be argued that the groups are
indistinguishable, and instead of representing the surface as an
ensemble of N, diprotic acid groups, it would be as appropriate to
represent it as an ensemble of 2 N_ monoprotic acid groups.

How realistic is such a model? The real difference between the
two chemical models lies in the number of nearest-neighbor
interactions that influence the acidity of a particular surface
hydroxyl group. In the diprotic model, the acidity of a particular
surface hydroxyl group depends on the state of one nearest neighbor:
if the nearest neighbor is protonated, the energy associated with
the loss of a proton is related to K, 1, and if the nearest
neighbor is deprotonated, the energy is related to Kyp. In the
monoprotic model, zero nearest neighbor interactions are considered,
and the energy associated with the loss of a proton is related to
K, for all groups.

It is apparent that consideration of only one nearest-neighbor
interaction is a greatly simplified way to represent a surface;
however, it is not apparent that consideration of no nearest-
neighbor interactions is a significantly worse way to represent the
surface.

The representation of the data for TiO, in terms of the
monoprotic surface group model of the oxide surface and the basic
Stern model of the electric double layer is shown in Figure 5. It
is seen that there is good agreement between the model and the
adsorption data; furthermore, the computed potential ¢0 (not
shown in the figure) is almost Nernstian, as is observed
experimentally.

Concluding Remarks

In addition to the overview of models that are used for
adsorption at the oxide-electrolyte interface, examples for the
application of these models were discussed. It has been stated that
there is a great deal of uncertainty associated with models of the
oxide-electrolyte interface, and, in the opinion of the author, it
is better to cast uncertainty in terms of a simple model than in
terms of a complex model.
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It was shown that a method which has been used for determining
acidity constants for the diprotic surface groups biases the result
in favor of K,; >> K_5; the arguments presented here do not
prove the contrary, they simply affirm that the question is still
open. If the prejudgment that K,1 >> K,y is dropped, then the
model with monoprotic surface groups becomes a logical special case
of the model with diprotic surface groups, and, if simpler is
better, the model with monoprotic surface groups warrants further
consideration.

One other caveat concerning the approach used here must be
made. This discussion, and the studies to which it relates, are
based on some version of the Stern model for the oxide-electrolyte
interface. Oxide surfaces are rough and heterogeneous. Even for
the mercury-electrolyte interface, or single crystal
metal-electrolyte interfaces, the success of some form of the Stern
model has been less than satisfactory. It is important to bear in
mind the operational nature of these models and not to attach too
much significance to the physical picture of the planar interface.
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Legend of Symbols

a; solution activity of species i -

aHZ solution activity of B when UOH =0 -

Cy ?oncentration of monovalent electrolyte 3
in bulk of solution mol m

Cy specific capacitance of region i F m'2

e elementary charge G

F Faraday constant G mol™l

k Boltzmann constant J mol™l

K, surface acidity constant -

Kgq surface dissociation constant -

ny surface concentration of species i m'2

N, surface site concentration m"2

Q, acidity quotient (charge dependent) -

R gas constant Jmol 1 k1

T temperature K

XOH surface hydroxyl group (diprotic) -

z3 integral charge on species i -

Z0H surface hydroxyl group (monoprotic) -
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defined in Equation 25 -

slope of oy vs. ln ay+ plot ¢ m?
dielectric constant -
permitivity of free space Fml
specific surface charge ¢ m?
specific surface charge calculated

from surface excess of HT ¢ m?
electric potential at plane i v
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Surface Potential-pH Characteristics in the Theory
of the Oxide-Electrolyte Interface

Luc Bousse and J. D. Meindl
Stanford Electronics Laboratories, Stanford University, Stanford, CA 94305

The measurement of the surface potential 1y as a function of pH for an
oxide provides valuable information for the determination of the parame-
ters which describe the surface reactions. Ionizable surface site theories of
the formation of surface charge and potential at an oxide surface in con-
tact with a liquid electrolyte involve many more parameters than can be
directly experimentally determined. Additional assumptions are required
to evaluate these parameters, which explains why there is often no agree-
ment in the literature about their value. A mathematical treatment of
the amphoteric surface site model is given which exhibits the characteristic
quantities which can be experimentally measured. It is shown that the
measurement of both the surface potential ¥ and the surface charge og
are required to completely determine these characteristic quantities. This
approach is applied to SiO2 and Al;O3, two surfaces for which both charge
and potential measurements are available.

Quantitative explanations of the formation of charge and potential on oxide surfaces
based on chemical reactions of surface sites have become increasingly popular in the
past two decades. Among the earliest authors proposing surface complexation models
are Levine et al. (1), Schindler et al. (2), Huang and Stumm (3), and Yates et al. (4).
These last authors also introduced the important idea that the solution counter-ions
enter the double layer, and form surface complexes with oppositely charged surface
sites. This can explain the high values of oy commonly measured on oxide surfaces.
The site-binding theory of Yates et al. was reformulated by Davis et al. (5), who gave
a convenient procedure for extracting the parameters of the theory from measured
o9/pH data. Davis’ formulation of the site-binding theory has been applied by several
authors recently to data on oxide colloids (6,7,8), with satisfactory results, although
Sprycha (9) reports only a limited agreement and suggests some model assumptions
are inadequate. Some authors (10,11) have presented extensions of the theory which
take more possible surface reactions into account than the version by Davis et al. (5).

However, providing good fits to data is not sufficient to make a theory convincing.
One of the unsatisfactory aspects of the site-binding theories is that the various meth-
ods of parameter extraction give widely different results. For instance, values of the
parameter ApK for Al;O3 have been reported ranging from 1.2 (3) to 5.8 (5). A related
phenomenon is that the theory contains too many parameters, so that it is possible to
generate almost identical theoretical op/pH curves with many sets of parameters. This
problem was first noted by Westall and Hohl (12), and has also been pointed out by
Sposito (13) and Johnson (11). This overabundance of parameters to be determined
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80 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

makes the values found by various authors depend on additional assumptions, and
explains the wide range of reported values.

One possible solution is to obtain new experimental data, which is independent of
oo/pH curves. The zeta potential is of course a possibility, but it suffers from the in-
trinsic indeterminacy of the exact location in the double layer where it occurs. Another
possibility is the surface potential, 19, which will be defined below. Variations of 4o
can be measured by using electrolyte/insulator/semiconductor structures. It has been
shown by Bousse et al. (14) that the 1o/pH characteristics are determined mainly by
the number of charged but uncomplexed surface sites, and are insensitive to complex-
ation. This means that combined consideration of go/pH and o/pH characteristics
should lead to a more complete and reliable determination of model parameters.

In this paper, a set of approximate solutions to model equations will be presented in
a way intended to make clear which parameters can be determined from experimental
data. This leads to a methodology of extracting a maximum amount of information
from o/00/pH data.

The Measurement of vy/pH Curves

The measurement of changes of the surface potential o at the interface between an
insulator and a solution is made possible by incorporating a thin film of that insulator in
an electrolyte/insulator/silicon (EIS) structure. The surface potential of the silicon can
be determined either by measuring the capacitance of the structure, or by fabricating a
field effect transistor to measure the lateral current flow. In the latter case, the device
is called an ion-sensitive field effect transistor (ISFET). Figure 1 shows a schematic
representation of an ISFET structure. The first authors to suggest the application of
ISFETS or EIS capacitors as a measurement tool to determine the surface potential of
insulators were Schenck (15) and Cichos and Geidel (16).

A complete and quantitative theory of the dependence of the flat-band or threshold
voltage of an EIS structure on o can be found in {17) and (18), and need not be
repeated here. It can be shown (17) that the expression of the flat-band voltage of an
EIS structure is given by:

@Si
Vep = Epp —~ s Y0 = Qins/Cins (1

where E,.s is the reference electrode potential on a scale relative to vacuum, &5 is
the work function of silicon, ¢ is the absolute value of the charge of an electron, C;y, is
the insulator capacitance, and Q;,, is the charge inside the insulator which is assumed
to be located at the insulator/silicon interface. ) is the potential drop inside the
electrolyte at the insulator/electrolyte interface. A number of dipole potential terms
which should also be present in the equation above are small and can be neglected; the
potential due to water dipoles at the insulator/electrolyte interface is not negligible,
but is included in g, as will be made clear below.

Equation (1) is the basis for using EIS capacitors or ISFETs to measure changes in
to. If an ISFET is used, the measured quantity is the threshold voltage, which is equal
to the flat-band voltage plus a constant. In both cases only variations of 4o can be
measured, because the other terms in (1) are not independently known with sufficient
accuracy.

Model for an Amphoteric Surface without Complexation

In this section, we will treat the case of an oxide whose surface OH sites only undergo
amphoteric acid/base reactions. We will write the surface site as SOH, following the
notation of James and Parks (19). The two surface acid/base reactions and their
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Figure 1. Schematic representation of the basic pH-sensitive ISFET structure,
assuming that the insulator is SiO;.
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associated equilibrium constants can then be written as:

- _ {H*)[SOH] [ q¥,
5 so- _ {HT}[sOT] [ _a¥e
SOH SO~ + H} Ko = “Som exp ( kT) (3)

in which {H} stands for the H* activity in the bulk solution, and quantities in square
brackets are numbers of surface sites per unit area. The activity coefficients for the
surface sites are assumed to be constant and are incorporated in the equilibrium coeffi-
cients. Healy and White (20) have given a derivation of these equations, together with
the implied assumptions, which are similar to those of the Langmuir isotherm. Smit
and Holten (21) discuss the validity of assuming the surface site activity coefficients
to be constant, and give experimental support for that assumption.

By obtaining {H*} from the product of Equations 2 and 3, and taking the loga-
rithm, it follows that

1/2
gvo [sOH7]
2303 (pH,,., —pH) = — +1 4
(p pzc p ) kT + n( [SO_] ( )
where we introduce the definition pH,,. = —logq (KalKaz)l/z. This equation shows

the important role played by the ratio of the two charged site forms. The desired
relation between g and pH can be found if this ratio can be expressed in terms of the
net surface charge, which in turn is connected to ¢y by the electrostatic laws of the
double layer. Thus, it appears that to calculate y5/pH characteristics, two relations
are needed: a double layer theory for the connection between t)y and the surface
charge, and ([SOH.I,L]/[SO“])I/2 as a function of this charge. Equations to solve for

this quantity were first formulated by Dousma (24), and it will be referred to as the
F-function after Bousse et al. (14) and Harame (25).

At this point, the problem has been reduced to solving the surface chemistry equa-
tions to calculate the F-function. It is convenient to introduce dimensionless notations
by normalizing all surface concentrations to the total density of sites Ng:

[SOH}] _[so]  _[soH]

= _ =20 5
(225 Ns e Ns n N ( )
The normalized conservation-of-site equation is therefore:

arta-ta,=1 (6)

Another relation which follows from the definitions is that the surface charge is given
by ¢ ([SOH;] - [SO"]). In normalized notations, this relation becomes:
X=oy — o (M
From Equation 7 and the definition of the F-function as
1/2
F= (."i) ()
a_

it is possible to calculate oy and a_ as a function of x and F:

Fx X
a+=F2__1> __F2—1 (9)
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We need a similar relation for ay,; this can be obtained by substituting these results
into the quotient of Equations 2 and 3, which can be written as:

= (2/8) ey a7 = BLAEX (10)
F2-1

where we have introduced § = 2(K62/Ka1)1/2, following the notation of Healy et al.
(26). This constant is an indication of the strength of the tendency to dissociate of the
surface sites. The higher the tendency of the surface sites to become charged through
either reaction 2 or 3, the higher the value of § will be. Another quantity which is
often used in the literature for this purpose is ApK, which is related to § as follows:
ApK = pKa2 — pKa1 = — log;o(6%/4). Substitution of the expressions for a4, —, and
oy, into Equation 6 yields:

Fix—-1)+2(x/6)F + (x+1)=0 (11)
from which it follows that F is given by:

F(x):x/5+\/1+ix75i211—-52i (12)

1-x

This method for computing the F-function is due to Harame (25); it has the virtue of
being easy to generalize to more complex cases. Note that the substitution of Equation
12 into Equations 9 and 10 gives the exact solution of the initial system of equations for
the surface site concentrations. Together with Equation 4 which can now be written
as:

2.303 (pszc - pH) = k‘g‘,’ +1In F(x) (13)

we have the desired relation between pH and vy, provided that the charge ¢Nsx in the
double layer can be expressed in terms of the potential 19. All charge is assumed to be
evenly spread out in planes separated by a constant Stern layer capacitance. According
to the Gouy-Chapman-Stern theory, the relation between potential and voltage can
then be written as:

gg 2kT . -1 { ao }
= —=— 4 ~——sinh —_— 14
vo Cst * q = V8RTce (14)

which assumes that the double layer is globally neutral , i.e. o9 + 04 = 0. The
legitimacy of this assumption has been discussed in (18).

At this point, the combination of Equation 12 to 14 represents a solution to the
problem. It is possible, however, to simplify this solution further by introducing a few
approximations. First, it is well-known in electrochemistry that the relation between
charge and potential in the double layer is dominated by the Stern capacitance at
high electrolyte concentrations. The relation of Equation 14 is then nearly linear; the
linearization of the sinh~! function around the point og = 0 yields:

Yo = 2 (15)

" CpL

in which the equivalent double layer capacitance, Cpp, is given by:
2kT -
Cpt = = (8RT<q) V24 c5t (16)

where c is the electrolyte concentration.

Another approximation we will make is that 162 a 1, since § is usually considered
to be small for oxide surfaces. According to the table of values obtained by Davis et al.
(5), 6 is at most equal to 3 x 1073, Other authors tend to find somewhat higher values,
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such as Grauer and Stumm (27) whose values for various oxides range from 0.07 to
0.1. One of the highest values in the literature is due to Huang and Stumm (3), who
find § = 0.5. In almost all cases, therefore, the approximation that §2 is much smaller
than one should be quite accurate. Even when § = 0.5, its influence on Equation 12 is
small compared to that of the variable x. It is only if one assumes that ApK is around
zero that it becomes essential to use the exact expression of Equation 12.

Finally, it can be verified that the denominator of Equation 12 only becomes signif-
icant when x is close to one. This never occurs on oxide surfaces in aqueous solutions,
where the available pH range is too small to cause all surface sites to be charged. Thus,
by substituting Equations 12 and 15 into Equation 13, and applying the approxima-
tions justified above, we obtain:

_ _g¥o . ._1fopL q%o
2.303 (pH,,, — pH) = T +sinh {75— o } (1)
and:
_ 00 v =1 Eg
2.308 (pHp" - pH) = o sinh {as } (18)
In these equations, the following characteristic charges have been defined:
opL = @E (19)
q
os =gNsé (20)

opr represents the magnitude of the charge on the double layer capacitance Cpr when
the voltage on that capacitor is the thermal voltage kT/q. o5 is the charge generated
when a fraction 6 of the surface sites is ionized; it can be verified that at the point of
zero charge the proportion of charged sites is §/(1 + §). Thus, os is approximately
equal to the sum of the absolute value of the charge on all charged sites at pHp.,., and
characterizes the tendency of the surface sites to become ionized. It is apparent from
the equations above that in this model the behavior of the oxide surface depends only
on three constants: pHp,., 0s, and opr.

Focusing our attention first on 1o/pH curves, it can be seen that the ratio os/opL,
which is called 8 in (14,18}, determines how close to Nernstian the 1y/pH curves are.
The significance of the ratio 8 can be understood as follows: the two processes which
must occur to generate charge on an oxide surface are surface site ionization, described
by os, and the charging of the double layer capacitance, described by opy. If #is much
larger than one, surface ionization is easier than the double layer charging, which is
then the limiting step in determining the surface charge. In that case Nernst’s law gives
the potential, and Equation 16 the charge. If 8 is much smaller than one, surface site
ionization is the surface charge determining process, which will then depend strongly on
the solution pH. For most oxides, 3 is larger than one, which ensures reasonably linear
curves. In the case of SiO3, and perhaps also of SnO; (8), 8 is small and the Nernstian
relation does not apply. Equation 17 shows that the 19/pH relation only contains g as
a parameter (apart from pHp..}. 8 and pH,,. are therefore the only two parameters
which can be determined from a o/pH curve; however, if values for Cpy and Ns are
known or assumed, K,; and K,; can be found. Experimental measurements of ¢ are
available for many insulator surfaces, including SiO2 (18,28), Al;Os (14,18), and ZrO;
(29), which are particularly interesting because these surfaces have also been studied
as colloids. Most oxides have roughly linear to/pH characteristics, with slopes higher
than about 50 mV /pH. Since it follows from Equation 17 that the o/ pH slope around
pHp,e is B/(B + 1) times Nernstian, this corresponds to values of 8 of at least 4 or 5.
The main exception is SiO; which has a very low slope around its pHp,., and a 8 of
about 0.14 (18).
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The oo/pH relation involves two parameters, os and opy, in addition to the pHp,..
However, it will be legitimate to linearize Equation 18 whenever the second term on
the right hand side is small compared to the first term. This depends on the magnitude
of B, as for the potential/pH curves, and the linearization is thus legitimate for most
oxides whose § is large. The linear equation is:

a0
2.303 (pH,,, ~ pH) = = (21)
1]
where o; is given by:
-1
o; = (tfs_1 + UDL_I) (22)

This constant contains the first order information from a oo/ pH curve, namely its slope.
Only if the slope varies appreciably could an experimental result be used to find os
and opy, separately. Knowledge of both the 1o /pH and oo/pH curves is also sufficient
in principle to obtain o5 and opy separately. The conclusion that an experimental
oo/ pH curve can only yield two parameters, pH,;. and oy, implies that many values of
the set (§, Cpy, Ns) can be used to interpret a measurement. This has been found by
Westall and Hohl (12), who interpreted surface charge data on Al;O3 using computer-
generated solutions of the site dissociation model. Table (1) below shows that the
nearly identical curves these authors calculate with different sets of parameters all
correspond to a constant value of ¢; = 1.3 uC/cm?. Each line corresponds to a different
set of parameters; the last three columns contain the corresponding characteristic
charges.

Table 1. Interpretation of the data from computer-generated fitting of the surface
charge of AlbOs by Westall and Hohl (12)

Ng CpL ApK os oDL o
cm™? F/cm? uC/cm? pC/cm? uC/cm?
6.40 x 1013 1.06 x 10~* 1.84 2.46 2.70 1.29
8.17 x 1018 0.66 x 104 1.16 6.89 1.68 1.35
1.01 x 1014 0.57 x 1074 0.82 12.63 1.45 1.30

Comparison with the computer simulations in (12) therefore confirms the role of
o; as the characteristic parameter in this theory. This does not necessarily mean,
however, that this theory corresponds to reality. In fact, consideration of the influ-
ence of electrolyte concentration shows it probably does not. The ionic strength only
influences opy, indirectly, through Cpjz whose dependence on concentration is given
in Equation 16. This equation implies that at high concentrations Cpy, = Cfs;, and
that o; varies little. Thus, theory without complexation predicts that that for high
concentrations (> 0.01M, for instance) oo/pH curves should not depend much on elec-
trolyte concentration. As a rule, the opposite is observed. Another contradiction of the
present model which is experimentally observed is that while the so/pH characteristics
are linear for most oxides (such as Al;O3 or ZrOz), the op/pH curves are very non-
linear. According to Equations 17 and 18, the degree of linearity of ¥ and oo should
be the same. The measured non-linear go/pH curves can thus only be interpreted as
the result of counter-ion adsorption, which has been neglected so far.
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Model for an Amphoteric Surface with Complexation

The concentration dependence and non-linearity observed in oo/pH curves indirectly
show that it is not legitimate to ignore complexation. Direct experimental evidence,
obtained with radiotracer methods (21,30,31), confirms the importance of complex-
ation in the generation of surface charge og. Thus, we need to add the following
equations to Equations 2 and 3, assuming for simplicity that the electrolyte is NaCl:

[SO™Na'] qUNat
[SO-|{Na*} e"p( AT ) (23)

. e g _ [SOH;CI_] (_qlﬁm-)
SOHf +CI; S SOHjCl Kor = igwmery "kt (24)

SO~ +Na} 5 SO™Nat Kot =

The equilibrium constants K y,+ and K- introduced here characterize the extent of
counterion complexation that occurs. Two other constants characterize the potential
generation that results from this complexation, namely the capacitances Cp,+ and
Cci-. These are the capacitances between the planes of counterion complexation
and the surface plane where oq is located. The potentials ¥y ,+ and g~ are the
electrostatic potential at the location in the double layer where the ions adsorb and
form a surface complex.

The derivation of Equation 13, which relates o, pH, and the F-function is unaf-
fected by the presence of more surface site forms in this case. What changes is the
calculation of the number of the different site forms, and therefore the expression for
the F-function. Using normalized surface concentrations as before, the new normalized
conservation-of-site equation is:

at toa- tag- +angt tan=1 (25)

Note that the net surface charge, defined in Equation 7 is not the same as the charge
on the plane of the surface oxygens, which is called op, and is given by:

00 = ¢ ([SOH{] + [SOHf CI"] - [SO] - [SO™Na*]) (26)

The effect of the counterion binding reactions 23 and 24 on the surface chemistry will
be treated in terms of ratios p and n, defined as:

Qg+ qYNat
p P CA Ngt+ eXP( T ) ( )
agy- q¥cr- )
=% = Ky == 28
n=—, = Ko exp ( T (28)

where ¢ = {Na} = {C!}, the bulk electrolyte activity. With these equations, the
conservation-of-site relationship can be written as:

(l+n)oy+(1+pla+a,=1 (29)

The expressions of Equations 9 and 10 which give the normalized surface site densities
as a function of x and F are still valid; when substituted into Equation 29 an equation
is obtained which can be solved as before to give:

_ (/) + VX8 +T1 = x( +n)J1 + x(1 + p)]
Fod = = x(1+ )]

For surfaces for which 6 is small, this new expression for the F-function is in fact
similar to the old one, since then the dominant term under the square root is (x/6)?.

(30)
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To relate the various potentials in the double layer to the charge in the Gouy-
Chapman layer ¢4, the model of Figure 2 can be used; again, constant capacitances
between the planes of charge are assumed. Some complications arise when Cyg,+ #
Ceci-; in Reference (14) a general method is discussed to calculate 1g/00/pH curves
in that case. This method is an iteration which converges very rapidly, and yields
results free of any approximations. Figure 3 shows a theoretical calculation of surface
charge for a hypothetical surface with pHp,.= 8, Cyo+ = 150 uF /em?, and Cgy~ = 75
uF/cm®. However, in addition to the exact results obtained by that method, it is
possible to find approximations such as those developed in the previous section, which
illustrate the role of characteristic constants.

For simplicity, we will consider the case in which surface charge and potential are
positive, and that only anions adsorb. Furthermore, the potential drop in the Gouy-
Chapman layer will be assumed to be small enough that its charge/potential relation
can be linearized. The 19/aq/pH relationship can then be derived parametrically, with
the charge in the Gouy-Chapman layer o4 as the parameter. The potential at the plane
of anion adsorption can then be calculated and substituted in Equation 28 to give:

1 1
n=cKg- ex {ad———} 31
- exp foul——- 1) (s)
where o,, is defined as (kT/q)C¢;-, the characteristic charge associated with the ca-
pacitance of the anion adsorption plane. Using Equation 30, the F-function can be
calculated, and then, from Equations 9, 26, and 28 it follows that:

2
S S (32)
FI_1

The total potential in the double layer also follows from the double layer model of
Figure 2, and can be calculated to be:

o _ 94 9 nF? (33)
kT opy onFi-1

and then from Equation 13 it follows that:

a4 gq nF?
2.303 (pH,,,, — pH) = ot In(F)+ S

(349)

Two regions of behavior can be distinguished in the case that ¢K ;- is much smaller
than one:

1. When n << 1, we have gg ~ o4, and the last term in Equations 33 and 34 is
negligible compared to the other terms. Then the equations reduce to the case
without specific adsorption which was discussed previously.

2. The parameter n increases exponentially with increasing o4, and therefore beyond
a certain value of o4 the last term in Equations 32 to 34 becomes dominant. At
that point, almost all of the surface charge o is due to the counterion adsorption
reactions. In this case, the last two equations can be further approximated as

follows: "
avo ad (4]
Iyl 2t 422 35
kT ODL On ( )
aq ao
2.303 (pH, ~ pH) = %+ In(F) + 2 (36)

In addition, once the point is reached where the surface charge increases exponen-
tially with o4, the parameter g4 will vary much less than the other parameters,
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Figure 2. Representation of the possible site forms in the site-binding model which
includes the effect of counter-ion adsorption, combined with a diagram of charges
and potentials at the insulator/electrolyte interface. Reproduced with permission
from Ref. {14). Copyright 1983, North Holland.
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and will be approximately constant. In other words, Equation 36 predicts that
sufficiently far from the pH,,,, the oo/pH curve will tend to become a straight
line given by:

[
2.303 (PHm = PH) = f(cK¢1-,0pL,05) + ;0- (37)
n

The intercept of this line is a function of ¢ K¢;~. Thus, this theory predicts that
the o¢/pH curves at various concentrations should all tend to become parallel
lines far from the pH,... This is indeed the usual experimental observation.
The slope of the og/pH curves far from pH,,. is given by o, = (kT/q)Cgq-,
which means that the adsorption capacitance follows directly from surface charge
measurements. This had already been noted by Smit (21). The intercept of the
straight line predicted by Equation 37 can be used to find cK -, provided that
os and opy, are known.

Between these two limiting cases there is a transition region, the extent of which
can be judged from Figure 3. In practice, the limiting slope of the surface charge/pH
curves is often not reached at the limit of the pH range of a measurement, and the
value of C;- is somewhat higher than the highest measured slope.

The effect of counterion adsorption on the t)o/pH characteristics can be seen by
considering Equations 35 and 36. Since the last term on the right hand side, which
is dominant far from pH,,., is common to these two equations, the resulting yo/pH
relation tends to become Nernstian. However, in this region, the surface potential
always becomes Nernstian anyway, even without the effect of counterion adsorption.
Therefore, adsorption will not affect the yo/pH curves very much. This is demonstrated
in Figure 4, which shows the surface potential in the same conditions as for Figure
3. If cK - is much larger than one, then there will be an effect on the potential/pH
curves, namely an increase in the slope at the pHp,.(see Reference (14)).

Determination of Surface Equilibrium Constants

Determination of K,; and K,2 from ¥o/pH curves. The results of the previous sec-
tion show that around the pHp,. the vo/pH characteristics become insensitive to com-
plexation. This fact will be used in this section to obtain estimates of the intrinsic
surface reaction constants K4 and K,2. We have shown that surface potential mea-
surements can be used to determine the ratio # = 65/opy and the point of zero charge.
This is done by measuring the pH where the slope of the yy/pH curve is minimal, and
the value of that slope. Note that this procedure is only possible when 8 is not higher
than about 10, because otherwise the slope is practically Nernstian for all pH. To de-
duce the value of § from the measured value of 8, Equations 19 and 20 show that it is
necessary to know Ng and Cs¢. The surface site density has been measured by various
means, including tritium exchange (32) and crystallography (33), and for oxides the
results lie in the range 5 to 15 x 10'* cm™2. These values are much larger than those
obtained by measuring the exchange capacity in aqueous solutions, as was done by sev-
eral authors (3,34); however, it is not certain that the pH range available in aqueous
solutions or before dissolution occurs is sufficient to fully charge a surface. Unfortu-
nately, very little is known about the Stern capacitance on oxides, Cs;. Yates et al. (4)
have suggested a value of 20 uF/cm?, which corresponds roughly to the capacitance
of a single layer of adsorbed water molecules with no rotational mobility. There is an
experimental study of the capacitance at the SiO;/water interface which supports this
value (35), and we will make the assumption here that Cg; = 20 uF/cm?. It must be
kept in mind, however, that the double layer theory currently used for oxide surfaces
contains many approximations, such as neglecting discreteness of charge effects and
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lumping the influence of water dipoles into the Stern capacitance. Thus, the possibility
exists that the Stern capacitance in this model assumes a value which departs from
what would follow from the physical picture of a layer of water dipoles.

Assuming Ns = 5 x 101 cm™2 (37), values of ApK = ~— log,o(6?/4) ranging from
6.4 (36) to 8.2 (38) have been measured for SiO; surfaces. Our own measurements are
shown in Figure 5, and lead to ApK= 6.9 (18) for a 0.1M solution; there does exist
a slight influence of ionic strength as predicted by Equation 16. The relatively large
spread in experimental results for ApK measured with electrolyte/SiO3/Si systems
may be due to the tendency of SiO; to hydrate very slowly (37), which may cause
widely varying surface densities of silanol sites. For both colloidal dispersions and
electrolyte/SiO; /Si structures it is found that pH,,.= 2.2. Taking an average value of
ApK to be 7.0, it follows that for SiO,:

ApK
pKa = pszc - '12,— =22-35=-13 (38)
ApK
PKay = pHpse + —0— = 22435 = 5.7 (39)

It is to be noted that the o/pH curves on SiO, did not depend on the type of cation
in solution, as also reported by Fung (38), which confirms that these curves are not
significantly affected by adsorption of counterions.

In the case of 4-Al;Og, the only 1)o/pH measurements in which a ApK is reported
are in {18) and (14) (see Figure 6); the value observed is ApK= 4.2, assuming that
Ng = 8x10'*cm~2. Again, the type of electrolyte did not affect this result. The pHp,.
found with electrolyte/insulator/Si structures was 8, which is close to the value of 8.4
usually reported for colloidal dispersions of the same material. Thus, for 4-Al;Og, the
following results are obtained:

PKa1=Pszc— A—;-Iﬁ=8—21:59 (40)

ApK
PKar = plps + —0— =8+ 2.1 =101 (41)

Interpretation of experimental oo/pH curves. Since oo/pH curves mainly depend on
counterion adsorption, 1t is clear that these data should be used to determine pK .ation,
PKanion, Ceation, and Cianion. In fact, the experimental slopes of the linear part of the
0o/pH curve far from the pH,,. yield the adsorption capacitance directly (provided
dissolution effects do not interfere). To determine the equilibrium constants, it is suf-
ficient to generate a family of theoretical plots with different values of pK 40 and
2K anion, and observe with which curve the experimental data corresponds. This proce-
dure requires the independent knowledge of pK,1 and pK,2 which was obtained in the
previous paragraph. The surface charge data has been obtained from the experiments
published in the literature.

For SiO2, we have only considered sources for silica suspensions which were non-
porous, such as Ludox (39), pyrogenic silica (40), heat-treated BDH silica (32), or
ground quartz (41). The data from these sources at 0.1M concentration has been
collected in Figure 7. The data of the various researchers is quite consistent, in spite
of the differences in origin of the suspensions, and the different electrolytes used. The
slope of the points above pH 7 shows that the adsorption capacitance for cations is very
large for both sodium and potassium ions, around 200 uF/cm?. Such a capacitance
corresponds to a distance of 0.254, when using the dielectric constant of immobilized
water molecules. The equilibrium constant for adsorption is low, however, since both
Kpno+ and Kg+ lie between 0.1 and 0.01 dm®/mol. A possible interpretation of these
results is as follows: there is little specific attraction between SiOz and alkali cations,
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and adsorption is only significant when the surface is highly negatively charged; the
Si0; surface, however, is able to accommodate these adsorbed or complexed cations in
such a way that their average plane of charge is nearly identical to the plane of charge
on the surface oxygens. This agrees with the idea, due to de Bruyn et al. (42,43), and
Yates et al. (4), that there is space for complexed cations between the surface oxygens.

Similar results for 4v-Al,O3 at 0.1M are shown in Figure 8. Unfortunately, the data
in the literature are much more dispersed in this case, even for 4-Al;O3 in the same
electrolyte solutions, which precludes quantitative conclusions. Some clear differences
from the previous figure can be observed, however. The adsorption capacitances are
much smaller on alumina, about 80 pF/cm? for perchlorate ions, and 140 uF/cm? for
sodium. These values can be compared to Smit and Holten’s results for NaBr adsorp-
tion on a-Alz03 (21), who find that the capacitance for adsorption of bromine ions
is 348 uF/cm?, which is much higher than for perchlorate. Their value for sodium
adsorption is 153 uF /cm?, which agrees very well with the data in Figure 8. The con-
siderable difference between bromine and perchlorate ions suggests that the adsorption
capacitances can depend strongly on the type of ion. The simplest interpretation for
the difference between cations and anions is in terms of the larger size of anions such
as perchlorate relative to sodium ions. The adsorption for both cations and anions is
much stronger than on SiO3, however, and seems to be driven by chemical in addition
to electrostatic forces. KCIO: seems to lie between 1 and 100 dm3/mol, and K y,+

around 10 dms/mol.

Interpretation of Experimental 1)y/pH Curves. Close to the pHp,., ¥o/pH curves are
expected to be independent of counterion adsorption. Far from the pH,,., however,
deviations in the 10 millivolt range due to such adsorption are to be expected. Mea-
surements of the surface potential of SiO; are not stable enough in the pH range above
5 to permit such precise measurements (18). Al;Os surfaces are much more stable,
though, and it is possible to measure the effects of counterion adsorption (14). Figure
9 shows potential measurements on v-Al;O3 in various electrolytes, together with a
number of theoretical curves. The theoretical curves are clustered close together, in
spite of the wide range of adsorption equilibrium constants considered. Thus, this
figure confirms that counterion adsorption and complexation occur, but it is difficult
to estimate the order of magnitude of the equilibrium constants involved. One indica-
tion is that around pHp,. the slope diy/d pH does not depend on the type of anions
present, nor does the ionic strength of the electrolyte have much influence at high
concentrations. These indications suggest that for anions such as nitrate or chloride
ions the value of K., is not much higher than 1 dms/mol, which is the low end of
the range deduced from the data in Figure 8.

Conclusions

0o/pH and +)o/pH results are sensitive to different aspects of the surface chemistry of
oxides. Surface charge data allow the determination of the parameters which describe
counterion complexation. Surface potential data allow the determination of the ratio
B =os/opr. Given assumptions about the magnitude of the site density Ns and
the Stern capacitance Cgy, this quantity can be combined with the pH,,. to yield
values of K;; and K,3. Surface charge/pH data contain direct information about the
counterion adsorption capacitances in their slope. To find the equilibrium constants
for adsorption, a plot such as those in Figures 7 and 8 can be used, provided that K,
and K,z are independently known from 1o/pH curves.

Problems are encountered in practice in the application of this procedure. The data
in the literature for both 1o/pH and ¢o/pH curves tend to vary considerably, even for
the same material and electrolyte. This means the error bounds for the resulting set
of equilibrium constants are quite large. Also, it is difficult to evaluate to which extent
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the materials in a colloidal dispersion have the same surface properties as the thin films
grown and deposited at high temperatures which are typically used for EIS capacitors
or ISFETs.

The ideal situation would be a combined and simultaneous experiment in which
an electrolyte/insulator/semiconductor device is used to monitor to while a colloid
dispersion of the same oxide is titrated to measure 0p. To our knowledge, such exper-
iments have yet to be carried out. The most complete parameter determination that
could result from such an experiment would be the set: os, opr, Kn.+ and Kqi-,
CNu.+ and CCI‘ .

However, even using results from various sources in the literature for the surface
charge data, we believe that the combined use of t and oy curves leads to more
reliable values of the surface equilibrium constants than is obtainable otherwise.

Legend of Symbols

oo The surface charge at the oxide/electrolyte interface;
Yo The surface potential at the oxide/electrolyte interface;
Vrp  The flat-band voltage of an electrolyte/insulator/silicon (EIS) capacitor;
E,.s The reference electrode potential on a scale relative to vacuum;
®5*  The work function of silicon;
q The absolute value of the charge of an electron;
Qins  The insulator charge of an EIS capacitor;
Cins  The insulator capacitance of an EIS capacitor;
Boltzmann’s constant;
T The absolute temperature;
Ka Equilibrium constant of a surface acid/base reaction;
pK.1 A notation for — log;o (Ka1);
{H*} Bulk activity of an ion;
[SOH] Surface concentration of a surface species, in numbers per unit area;
pHyze The pH of zero charge of the oxide surface, equal to (pK,1 + pKaz) /2;

F A function equal to ([SOH.‘T]/[SO"]) 1/2;

Ng The total number of sites per unit area on the oxide surface;

ay A notation for surface concentrations divided by the site density Ng;
X The dimensionless net surface charge;

§ A quantity indicating surface reactivity, equal to 2(Ka2/Ka1)'/? and

2 x 10~ (arK/2).

ApK A quantity indicating surface reactivity, equal to pKs2 — pK,; and
— logyo (6%/4);

Cs:t The Stern capacitance;

Cpr  The double layer capacitance in a linearized model;

¢ The ionic strength of the electrolyte;

R The universal gas constant;

€ The dielectric constant of bulk water;

opr, A characteristic charge indicating the double layer capacitance;

os A characteristic charge indicating the tendency of the surface to ionize;

o; A charge characterizing the first-order slope of oo/pH curves;

B The ratio og/opr which characterizes the pH sensitivity of 1o at an oxide
surface;

Cnaot The capacitance between the plane of cation complexation and the surface
plane where gy is located;

Cci- The capacitance between the plane of anion complexation and the surface plane
where g is located;

n The ratio ay,+/a.. which characterizes the extent of adsorption of cations;

4 The ratio ag;- /ey which characterizes the extent of adsorption of anions.
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Free Energies of Electrical Double Layers
at the Oxide-Solution Interface

Derek Y. C. Chan

Department of Mathematics, University of Melbourne, Parkville, Victoria 3052, Australia

A simple graphical method is used to illustrate
the roles of the charge-potential relationship of
surfaces bearing ionizable groups and the
charge-potential relationship of the diffuse
double layer in determining the free energy of
formation of a charged oxide/solution interface
as well as the double layer interaction free
energy involving such surfaces.

In all physical and chemical processes, and in particular those of
relevance to geochemistry, that involve the oxide/aqueous solution
interface, it is important to understand the general, non-specific
characteristics of that interface before focussing on those
specific processes or mechanisms of interest. Due to the structure
of mineral surfaces, the mineral oxide/aqueous solution interface
will dinvariably acquire a net charge or electrostatic potential
relative to the bulk solution. The electrical state of the
interface will depend in part on the chemical reactions that can
take place on the mineral surface, and in part on the electrolytic
composition of the aqueous environment.

From the preceding contributions in this volume it is evident
that the techniques of modelling the electrical double layer
properties at the oxlde/electrolyte interface have been well
developed (2, 11). However, the problem still contains a certain
amount of ‘art form' in the sense that there is more than one
school of thought as to how the various modelling techniques should
be applied.

The aim of this paper is not to add to the current debate but
to present a simple graphical method of analysing the free energy
of formation of the electrical double layer at the oxide/solution
interface (1). This will provide a simple way of visualizing the
complementary roles of chemical reactions or surface properties of
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© 1986 American Chemical Society

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



100 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

the mineral and the nature of the diffuse layer in determining the
thermodynamics of the interface. While an amphoteric surface is
being used as a specific example to illustrate the key ideas, the
concepts presented here are quite general and can be applied to
other types of surfaces such as semiconductors.

The same graphical method can also be used to illustrate the
nature of the double layer interaction free energy and to bring out
a simple physical result which can be used to check numerical
algorithms commonly used to calculate the interaction free energy.

The Equations of State

a. The Oxide Surface

Let us consider the basic physical mechanisms whereby a surface can
develop a surface charge or surface potential.

For the familiar dropping mercury electrode, the electrical
potential ¥ _ at the metal surface relative to the bulk region of
the electro?yte is controlled by an external potential source = a
constant voltage source. In this case, y_  can be set to any value
(within reasonable physical 1limits) as the mercury/electrolyte
interface does not allow charge transfer or chemical reactions to
occur (at least to a good approximation for the case of NaF).
Therefore, we can say that the equation of state of the mercury
surface 1s

wo = constant )

where the constant can be adjusted by changing the constant voltage
source.

In a typical inorganic oxide, the oxide surface acquires a
charge by the dissoclation or adsorption of potential determining
ions at specific amphoteric surface groups or sites. As a
consequence the equation of state of such surfaces will involve
parameters that characterize surface reactions. In addition, one
may also allow for the adsorption of anions and cations of the
supporting electrolyte. However, in this paper we shall ignore
this possibility to keep the discussion clear. Such embellighments
of the model of the surface do not alter the key ideas presented
here.

We derive the equation of state of an amphoteric surface by
considering the generic dissociation reactions involving potential
determining ions:

+
At 2 A+ 8t

2
- +
AH 2 A +H 2)
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where we have assumed the potential determining ions to be hydrogen
ions. The change in free energy associated with these reactions
are characterized by the intrinsic dissociation constants

K+ and K :

+
[AH]-HS/[AH2 ]

Ky

i

[A-]'Hs/[AHI K (3)

Strictly, the intrinsic dissociation constants should be defined in
terms of the activities of the various species at the surface.
However, we shall neglect corrections due to activity coefficients
and use surface concentrations instead. This approximation is
consistent with the use of the Gouy-Chapman theory to describe the
behaviour of the diffuse double layer in the electrolyte.

If the surface is populated with these amphoteric groups at
N sites/unit area, the surface charge density of the surface is

(8 = protonic charge)
s

%

eN, {[aR)"] - (AT1}/((aH] + (aH)") + (A1} (®)

eN, {H /K, = K_/H }/{l+H /K _+K_/H} (5)

We have expressed the surface charge density in terms of the
solution concentration of potential determining ions H_ at the
surface and the dissociation constants Ky, K_ of the positive and
negative groups. [K+, K_ are sometimes written as Kal and K in
the literature (3)]. From Equation 5 we see that o~ can be varied
by changing the solution concentration of potenéial determining
ions at the surface, which is in turn related to the concentration
of potential determining ions H, in the bulk solution - we shall
assume that this relation is given by the Boltzmann distribution

-ewo/kT
H =He (6)
]
where §. is the mean electrostatic potential at the interface
relative to the bulk solution. Equation 6 is consistent with the
Gouy-Chapman model which we shall use to describe the diffuse
double layer.

Combining Equations 5 and 6, the expression for the surface
charge density can be written as

cos = eN_ {6 sinh [e(y - wos)/kT}/
{1 + & cosh [e(¢N - ¢0S)/kT]} 7
where
s =2k /KM 2 = 2 x 108P%/2 (8)
ApK = pK_ = ApK_ 9
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pszc = (pK+ + pK_)/Z (10)

by = 2.303(kT/e) [pHpzc - pHl (D

and pH is the value of the bulk pH at the point of zero
charge.” "Equation 7 is an equation of state of the surface which is
dictated by the equilibrium dissociation of surface groups. That
is, the dissociation reaction of the surface groups imposes a
relation between the potential ¢ S and the charge density o S which
the interface can acquire. Note that this relationship between the
surface charge and surface potential 1s dependent only on the
density of surface groups N , the dissociation constants K+, K_ and
the bulk pH - the concentration of potential determining ioms; but
independent of any other solution properties. Thus, if the surface
potential 1is known then the assoclation or dissociation of the
surface groups will ensure that the surface charge at equilibrium
will be that given by Equation 7. For a particular value of the
Nernst potential ¢ , the surface charge o S can be calculated as a
function of _the surface potential y. . But since ¢ only depends
on (Y. - ¥. ), see Equation 7, the Pocation of this 3% = ¥o° curve
is determined by the sign of the Nernst potential ¥ or the bulk
concentration of potential determining ions (pH) (see Equation 7
and Figure 1) while the overall shape of this curve is controlled
by the dissociation constants via the quantity § (see Equation 8)
(2). The superscript s serves as a reminder that we are dealing
with a charge-potential relationship that is dictated by chemical
reactions of the surface groups.

Although a family of GOS - ¢Os values are allowed wunder
Equation 7 the actual equilibrium state of the oxide/solution
interface will be determined by the dissociation of the surface
groups and the properties of the electrolyte or the diffuse double
layer near the surface. TFor surfaces that develop surface charges
by different mechanisms such as for semiconductor, there will be an
equation of state or charge-potential relationship that {is
analogous to Equation 7 which characterizes the electrical response
of the surface.

b. The Diffuse Double Layer

We shall use the familiar Gouy—-Chapman model (}) to describe the
behaviour of the diffuse double %ﬁyer. According to this model the
application of a potential ¢y ~ at a planar solid/electrolyte
interface will cause an accumulation of counter-ions and a
depletion of co-ions in the electrolyte near the interface. The
disposition of diffuse double layer implies that 1if the syrface
potential of the planar interface at a 1:1 electrolyte is wo then
its surface charge density % will be given by (3)

cod = (2xe erkT/e) sinh (ewod/ZRT) (12)

0
where x is the inverse Debye length of the electrolyte and g 1s the
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relative permigtivity of the solvent. Equation 12 for ¢ d as a
function of ¥ may be regarded as an equation of state of the

interface which 1s dictated by the diffuse double layer - thermal
motions of and coulombic interactions between ions in the
electrolyte will control the equilibrium amount of charge
accumulated as a result of the applied potential. A more
sophisticated treatment of the diffuse layer which includes effects
such as finite ion size and fluctuation potgntial %ffects will
result in a different equation connecting oy° and Y5 (4).  The
superscript d denotes a charge-potential relationship of the
interface that 1s controlled by the diffuse double layer in the
electrolyte.

c. The Equilibrium Point

The properties of the equilibrium state of the oxide/solution
interface must satisfy both the equation of state of the amphoteric
surface and the diffuse double layer. Graphically, the equilibrium
state corresponds to the unique point of intersection between the
curves representing Equations 7 and 12. An 1llustration of this
result is given in Figure 2. Given all other parameters being held
constant, the equilibrium point may be moved by changing the value
of y_ or equivalently by adjusting the pH relative to the point of
zero charge of the interface (see Equation 11). Detailed numerical
calculations and examples of the variations of the surface charge
density 0. and surface potential ¢ as a function of solution pH
have been given for a range of parameters that are representative
of the oxide/aqueous solution interface (2, 7, 10). A distinctive
feature of these calculations is that with an amphoteric model for
the development of a charged oxide/solution interface, the surface
potential as a function of solution concentration of potential
determining ions is non-Nernstian. To illustrate this result, we
use Equations 7 and 12 to obtain an expression for the slope of
the wo vs pH curve

dy
0 kT
—a-p—H' = 2.303 (e—)

cosh(ewo/ZkT)[l + 8 cosh[e(wN - wo)/kT]2 -1
1

27y 8[6 + cosh(e(¥y - ¥ )/KD)] ' (13

{1 +

where y = (103N k/4N C), with N, being Avogadro's constant and C
the bulk 1:1 Selecérolyte coficentration in mol dm ~. For a
Nernstian system we have dy /dpH = 2,303(kT/e) = 59.2mV at 298K.
In Figure 3 we have displayé% the slope function dy./dpH given by
Equation 13 to 1llustrate the degree of non-Nernstian behaviour.

As mentioned earlier the possibility of the adsorption of
ionic species of the supporting electrolyte will complicate the
equation of state of the surface, but the general ideas discussed
so far remain valid.
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Wy

Figure 1. The charge-potential curves for a Gouy-Chapman diffuse
layer and an amphoteric surface where wN > 0 (< 0) corresponds to

pH < pszC (> pH ).
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Figure 2. The charge-potential curves for a Gouy-Chapman diffuse

layer and an amphoteric surface: 10~
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Since the equations of state of the system are summarized by
the curves in Figure 2, all interesting thermodynamic properties of
the interface will have a simple representation in such a diagram.
We shall consider the free energy of formation of a single charged
surface and the interaction free energy due to the overlap of two
identical planar double layers.

Free Energy of Formation of One Surface

In order to calculate the free energy change associated with the
spontaneous formation of the electrical double layer at the
oxide/solution interface we choose as the initial state omne in
which the amphoteric surface 1s net neutral and the ionic profile
in the electrolyte is uniform up to the surface. Consistent with
the Gouy-Chapman model imaging or fluctuation potential effects are
neglected. The final state will be a charged interface
characterized by surface potential wO and surface charge %ye

The free energy of formation of the charged interface is
calculated as follows (3). Starting from the reference state,
infinitesimal amounts of potential determining ions are transferred
from the bulk solution on to the surface. After each step, ions in
the solution are allowed to re-establish equilibrium and the
configuration of the surface groups is also allowed to come to the
new equilibrium state. The change in free energy per unit area df,
in transferring dI' moles per unit area of potential determining
ions from the bulk solution to the surface is given by

af = [v° - WPlar (14)

where us is the electrochemical potential of potential determining
ions bound to the surface at coverage

r = [AH2+] - (A7) (15)

and ub is the constant chemical potential in the bulk sq}ution. We
formally separate the electrical contribution to y  from the
chemical part:

W2 ey (16)

with the assumption that the chemical part :S(F) is only a function
of T and not of the mean-electrostatic potential y.. This
assumption 1is met in our mass action/Gouy-Chapman mogel of the
interface as well as 1in all models proposed so far in the
literature.

The total change in free energy per unit area in charging up
the interface is obtained by integrating Equation 14

a T
T Ioo bo(do + [ O (%) - wPrar an
0
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where o, = el', 1s the equilibrium surface charge density, PO is the
total amount of potential determining ions transferred "to the
surface at equilibrium and is determined by the condition

b s _~8
W= 2w (T + e g (0p) (18)

The first 1integral in Equation 17 1is identified as the
electrical contribution to the change in free energy in forming the
charged interface (3) and may be evaluated using Equation 12

WO(O) = Wod(o) = (2kT/e) sinh-l(o/ZKe erkT) (19)

0
The second integral in Equation 17 is the chemical contribution due
to chemical reactions of the potential determining ions with the
surface groups. This term may be recast as follows. Chemical
equilibrium between potential determining ions bound on the surface
and those in the solution adjacent to the surface during the
changing process means that the chemical part of the chemical
potentials are equal, i.e.

() = u_ + kT 2a H, (20)

0
but since the chemical potential of potential determining ions in
the bulk solution is

b

u =u0+kT£nH 21)

we have
() - W2 = kT en(H_/H) (22)

Thus using Equations 5-7, 15 and 22 the second integral in Equation
17 over dT may be written as an integral in terms of the charge-
potential carve given by Equation 7. The expression for the free
energy per unit area in forming the charged interface then has the
compact form

% 4 % s
£=[7 9 (o)do - [ 7 ¥, (0)do (23a)
0 0
0 0
12 v
0 d N
== " o (ay - [ 7 o (¥)adw (23b)
0 wo
Equation 23b follows from 23a using Iintegration by parts =- the
integrated terms cancel because of the equilibrium condition:
d s
= 4
by (59) = ¥y (o) (24)

We recall that the first integral in Equation 23a represents
the change in electrical free energy in forming the diffuse double
layer. This contribution to f, the free energy of formation of the
charged interface, is positive and hence represents an unfavourable
component which opposes the formation of the charged interface.
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This point has been noted in earlier treatment of this problem 3.
The value of this contribution depends on the model we adopt to
describe the diffuse layer.

The second term in Equation 23a represents the change in free
energy due to chemical reactions associated with the formation of
an amphoteric surface with a net charge o.. This chemical
contribution 1is negative and hence favours the formation of the
charged interface. Indeed, 1if the charged interface is to form
spontaneously, the lowering of the free energy of the system due to
chemical reactions must outweigh the unfavourable contribution
necessary in forming the diffuse double layer. 1In other words, it
is the chemical reactions of the surface groups that provides the
main driving mechanism for the formation of the charged interface.
The magnitude of this chemical contribution depends specifically on
the reactions that can take place at the oxide surface.

Apart from the assumptions made in deriving Equation 23, this
expression for the free energy 1is independent of the details or
types of reactions that can take place at the surface.

As it stands, Equation 23a is cumbersome,to use directly as we
need to solve Equations 7 and 12 to obtain y. = and §. as functions
of the surface charge o. However, graphically the two terms can
be represented as areas under the equations of state of the surface
and the diffuse 1layer. The first term 1in Equation 23a, the
positive electrical contribution to the free energy of formation of
the charged interface is simply the area in the region denoted by
ORYO in Figure 2, The negative chemical contribution, the second
term in Equation 23a, is the negative of the area denoted by ONRYO
in Figure 2,

We can obtain an explicit expression for the change in free
energy per unit area in forming an amphoteric charged surface using
Equations 7, 12 and 23a:

f = —(4K€0€r)(kT/e)2[cosh(ewO/ZkT) - 1]
= NKT 2n {[1 + § cosh (e(;pN - wo)/kT)]/ll + 8]} (25)

The graphical representation for f 1s the negative of the area
designated as ORNO in Figure 2. Note that f 1is always negative
irrespective of the sign of the charge on the surface.

The result for the free energy of formation of a charged
interface at an amphoteric surface is a generalization of results
previously obtained for surfaces with only one type of ionizable
groups (1, 5). Equation 25 also differs from the expression for
the free energy of formation of a charged interface given in 3
due to the presence of the second term on the right hand side. The
expression given in (3) 1is pertinent to a 'constant potential'
surface. That is, the equation of state of the surface is taken to
be of the form (3):
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Py - = ey , (26)

where y . is assumed to be a constant, independent of the surface
charge gensity. The graphical representation of the free energy of
formation of a charged interface wunder the constant potential
assumption is the negative of the area given by ORXO in Figure 2 -
this corresponds to the first term on the right hand side of
Equation 25. The second term on the right hand side of Equation 25
is represented by the region XRNX in Figure 2.

Interaction Free Energy Between Two Plates

The interaction free energy per unit area between two planar double
layers V(L) is just the difference between the change in free
energy per unit area in charging up two surfaces at a distance L
apart and that at infinite separation

V(L) = 2 (fL -£) @2n

The change in free energy f 1in charging up a surface at a given
separation L can be differen% from the corresponding quantity f_ at
infinite separation L = =, (given by Equation 23) if the equations
of state of the surface and that of the diffuse layer varies with
separation. In all models proposed so far, the equation of state
of the surface (the adsorption isotherm of potential determining
ions) does not depend explicitly on the separation between the
surfaces. This is physically reasonable since we do not expect the
processes that determine the association and dissociation of
surface groups to depend on L until the plate separation is of the
order of atomic or molecular dimensions. In this regime, other
effects such as the molecular nature of the surface, the ions and
solvent which had so far been neglected must also be taken into
account. On the other hand, the change in free energy in forming
the diffuse layer will change with separation when the plates are
of the order of a few Debye lengths apart.

Analogous to Equation 22 we can write the change in free
energy in forming a single charged surface as

% 4 s
(£, - £) = fo by (o, L) = ¥, (0)] do

UO d
= 7 o, @) = 9, ()] do (28)
0

whsre we have assumed that the equation of state of the surface
de(c) is independent of the plate separation. The quantity

. (o, L) is the charge-potential relationship for overlapping
diffuse layers at a separation L. For the Gouy-Chapman model this
can readily be obtained by solving the Poisson-Boltzmann equation
(3). 1In Figure 4 we show the function wO (o, L) for various values
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of the plate separation. Note that at a fixed surface potential
the surface charge decreases as the separation decreases. This is
an expected result since from Gauss's law the surface charge 1s
proportional to the slope of the potential profile at the surface,
and at small separations the potential profile will be nearly
constant between the two surfaces.

The graphical representation of the two integrals on the right
hand side of Equation 28 is given in Figure 5. The first integral
is the negative of the area of the region OSNO, the second integral
corresponds to the negative of the area ORNO and the difference is
simply the shaded area ORSO. This area is always positive, which
corresponds to the well known result that within the Gouy-Chapman
model the double layer interaction between identical surfaces is
always repulsive.

As the separation L approaches zero, we note that the charge
of the diffuse layer 1s essentially zero for small surface
potentials -~ see the curve for kL = 0,1 in Figure 4. 1In the limit
L+ 0, it is easy to see from Figure 5 that the area ORSO will
approach the area ORNO. 1In other words

V(L + 0) » =2 f_ (29)

with f_ given by Equation 23. This result states that the work
needed to bring two charged surfaces from infinity to =zero
separation (when the surfaces will become uncharged) is, apart from
the sign, twice the energy of formation of two charged surfaces at
infinite separation. That 1s, the energy needed to completely
'discharge' two surfaces 1is V(0). Furthermore, as the surface
charge o reduces to zero as L + 0, we can see from Figure 5 that
the surgéce potential ¢y _ will approach the Wernst potential y
(8). These observations are useful for checking the numerical
accuracy of implementations of algorithms for calculating the
double layer interaction (6) because Equations 25 and 29 gives us
an exact analytical result on the value of V(0).

We note that the interaction free energy under the assumptions
of constant charge or constant potential rather than at chemical
equilibrium can also be represented in Figure 5. The interaction
free energy at constant potential is given by the area designated
by ORPO while the interaction free energy under constant surface
charge corresponds to the region ORCSPO. It is clear from Figure 5
that the double layer repulsion under constant charge is higher
than that under chemical dissociation equilibrium in our amphoteric
model; which in turn is higher than the repulsion under constant
potential interaction.

Detailed numerical examples of the behaviour of the surface
charge and surface potential when the electrical double layer of
two identical amphoteric surfaces overlap and interact are
available in the 1literature (8). Examples of the differences
between the form of the interaction free energy under constant
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charge, constant potential and dissociation equilibrium have also
been given (§). The interaction involving dissimilar surfaces
bearing ionizable groups 1is more cumbersome to analyse. A method
of tracking the changes 1In the surface charge, the surface
potential of the two surfaces as well as the force between the
surfaces has been glven earlier (2).

Concluding Remarks

Using a simple amphoteric model for the mineral surface, we have
demonstrated the role specific chemical binding reactions of
potential determining ions in determining the electrical properties
and thermodynamics of the oxide/solution interfaces. A by-product
of our study 1s that under appropriate conditions, an amphoteric
surface can show marked deviations from 1ideal Nernstian
behaviour. The graphical method also serves to 1illustrate the
difference between double layer interactions under the assumptions
of constant potential, constant charge or dissociation equilibrium.

Returning to our introductory remarks about the existence of
various models for the oxide/solution interface, it may be
appropriate to point out that the results of very relevant
experiments based on electrokinetic measurements are often not used
in conjunction with titration data. Granted that there may be
additional difficulties in identifying the precise location the
slipping plane and hence the significance of the electrokinetic g
potential may be open to debate, both titration and electrokinetic
data ought to be combined where possible to elucidate the behaviour
of the oxide/solution interface.
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Mechanism of Lead Ion Adsorption
at the Goethite-Water Interface

Kim F. Hayes and James O. Leckie

Environmental Engineering and Science Group, Department of Civil Engineering, Stanford
University, Stanford, CA 94305-4020

The pressure-jump relaxation technique has been used to
determine the mechanism of the reaction of lead fon with
the goethite/solution interface. The kinetic study
required three types of information to unambiguously
specify the detailled reaction mechanism: (1) overall
equilibrium, (2) reaction stoichiometry, and (3) reaction
rate data. Electrical double layer models must be used
in both equilibrium and time-dependent relationships for
reactions occurring at charged interfaces. Based on the
kinetic results of this study, a bimolecular adsorption/
desorption reaction has been postulated for Pb + adsorp-
tion/desorption at the goethite/solution interface. The
desorption step associated with breaking the bond of the
inner-sphere lead hydroxyl surface complex is the rate-
limiting step. Dependence of the rate constants with
pressure-jump magnitude is consistent with adsorption/
desorption from sites with a distribution of bond ener-
gles.

Due to the fast kinetics of adsorption/desorption reactions of
inorganic ions at the oxide/aqueous interface, few mechanistic
studies have been completed that allow a description of the elemen-—
tary processes occurring (half lives < 1 sec). Over the past five
years, relaxation techniques have been utilized in studying fast
reactions taking place at electrified interfaces (1-7). In this
paper we illustrate the type of information that can be obtained
by the pressure-jump method, using as an example a study of Pb
adsorption/desorption at the goethite/water interface.

Based on the pressure-jump relaxation results reported here,
the following mechanism is postulated for the adsorption/desorption
of Pb2t ion at the goethite/water interface (8):

Kk
SOH + Pb2t -<—-1—> sopb + u' (1)
kg
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i.e., a bimolecular adsorption/desorption reaction, where k; and k_;
represent the forward and reverse rate constants. In order to ver-
ify the above mechanism, three types of information are required:
(1) establish the overall equilibrium partitioning, (2) establish
the reaction stoichiometry, e.g., the number of protons released per
pbt adsorbed, and (3) determine the rate law that correctly relates
the observed product and reactant changes to the inverse of the
relaxation time constant. In the discussion that follows the mecha-
nism shown in Equation 1 is verified through the development of the
required relationships based on (1)-(3) above.

Experimental Materials and Methods

The goethite used in this study was prepared according to the proce-
dure described by Atkinson et al. (9). Adsorption experiments were
performed in polypropylene tubes that were mixed by end-over-end
rotation at 8 RPM at 25°C. The amount of metal ion adsorbed was
determined using the 1OPb isotope as a tracer and analyzing the
supernatant for 210Pb activity following solid/liquid separation.
Solid/liquid separation was accomplished by centrifugation at 22,000
RCF for 1 hour at 25°C. Equilibration times for partitioning exper-
iments were varied from 2 to 24 hrs with no significant difference
in amount adsorbed observed.

All chemicals used were ACS reagent grade quality. Ionic
strength, pH, and metal ion concentrations were adjusted using
NaNO3, HNO3 and NaOH, and Pb(NO3)2, respectively. For high ionic
strength solutions (I = 1.0 or 0.IM) the background electrolyte con-—
centration was adjusted to give the desired ionic strength value;
for the 0.01M system, the ionic strength was only approximately
0.01M. 1In this case the nitrate concentration was adjusted to be
exactly 0.01M (e.g., HNO3 + NaNOg + Pb(NO4), adjusted to nitrate =
0.01M). The solids concentration of 30 g?l for each experiment was
obtained by dilution of a 60 g/l stock slurry. Each point on a pH
versus percent adsorbed curve was obtained from a separate polyprop-
ylene tube.

The constants and parameters required for making triple layer
model (TLM) computations (e.g., K;?t, K;%t, Kﬁgt, Kﬁgt, Cy, Cy, and
N;) were determined by the standard procedures.3 The site density,
Ng» of the goethite was estimated from isotherm data and surface
area measurements. The surface area was measured by NZ gas adsorp-
tion and the BET model. A site density of 7.0 sites/nm2 was used
for all model calculations; this value falls between the calculated
value of 3.0 sites/nm2 from crystallographic analygis of goethite
(}9) and tritium exchange results of 11.0 sites/nm“ measured_in this
laboratory. As shown in Figure 1, the value of 7.0 sites/nm“ gave a
good model fit to experimental data obtained over a range of surface
coverage and solution concentrations of lead. The acidity and elec—
trolyte binding constants were estimated from potentiometric titra-
tions by the extrapolation technique degcribed in Davis et al. (}})2
assuming a site density of 7.0 sites/nm2. C, was fixed at 20 uF/cm
in accordance with literature estimates and Cy was obtained from a
best fit of model calculations to experimental titration data. The
TLM constants and parameters are summarized in Table I.
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Table I. Triple Layer Model Parameters and Values

Surface Area = 52.0 m2/g
(3)site Density = 7.0 sites/nm?
Capacitance: C; = 110 uF/cm2 3 Cp =20 uF/cm2
(®)glnt - _s.80
(®igint = 11
(®)dnt = _g.80

(b)pint _
KNO3 7.60

(a)Based on model fit to isotherm data (Figure 1).
(b)For reactions as written in Table II.

Kinetic experiments were conducted using a pressure-jump appa-
ratus with conductivity detection. Details of the apparatus and its
operation can be found in Appendix A. Sample equilibration time can
have an effect on the kinetic results (e.g., slow processes (on the
order of hours-days) occurring concurrently but not monitored in the
time frame of the p-jump technique (milliseconds-seconds)); hence,
it is important to run kinetic experiments on samples with similar
equilibration history. All samples were equilibrated between 3 and
4 hours for the p-jump kinetic studies. The temperature of the
p-jump apparatus, which includes sample and reference solution
cells, was malntained at 25.0°C + 0.1°C.

Equilibrium Model

At equilibrium the rate of all elementary reaction steps in the
forward and reverse directions are equal; therefore, this condition
provides a check point for studying reaction dynamics. Any postu-
lated mechanism must both satisfy rate data and the overall equilib-~
rium condition. Additionally, for the case of reactions occurring
at charged interfaces, the appropriate model of the interface must
be selected. A variety of surface complexation models have been
used to successfully predict adsorption characteristics when certain
assumptions are made and model input parameters selected to give the
best model fit (12). One impetus for this work was to establish a
self-consistent set of equilibrium and kinetic data in support of a
given modeling approach.

Surface complexation models attempt to represent on a molecular
level realistic surface complexes; e.g., models attempt to distin-
guish between inner- or outer-sphere surface complexes, i.e., those
that lose portions of or retain their primary hydration sheath,
respectively, in forming surface complexes. The type of bonding is
also used to characterize different types of surface complexes;
e.g., a distinction between coordinative (sharing of electrons) or
ionic bonding is often made. While surface coordination complexes
are always inner—sphere, ion-pair complexes can be either inner- or
outer-sphere. Representing model analogues to surface complexes has
two parts: stoichiometry and closeness of approach of metal ion to
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surface site. Generally, in multi-layer models, a closer distance
of approach of the adsorbing ion reflects a stronger interaction
with the surface. Some models assume the metal ions are bonded
directly to the surface (13, 14), while others place the metal ion
at a plane farther away (11, 15). In the TLM, analogues for either
surface coordination or ion-pair complex can be chosen. Also, back-
ground electrolyte surface reactions can be modeled allowing the
effects of changing ionic strength on metal ion adsorption to be
tested. Because of this flexibility, the TLM was chosen to estab-
lish the overall equilibrium behavior in this study.

Triple Layer Model

The triple layer model has been described in detail elsewhere (11,
16, 17); however, the model as reported here has been slightly ‘modi-
fied from the original versions (11, 15) in two ways: (i) metal
ions are allowed to form surface complexes at either the o- or
B-plane insted of at the B-plane only, and (ii) the thermodynamic
basis of the TLM has been modified leading to a different relation-
ship between activity coefficients and interfacial potentials. The
implementation and basis for these modifications are described below.

TLM Surface Complexes. As the name implies, the TLM is composed of
three planes where charge and potential are evaluated. The charge
at the o- and B-planes depends on the concentration and charge of
species adsorbed at the given plane. The concentration and charge,
in turn, depend on the constauts of the mass law expressions and
reaction stoichiometries specified. Assuming protous bond to the
surface plane and background electrolyte (e.g., Na¥ and NO3) form
ion-pairs with protonated or deprotonated surface hydroxyl sites at
the B-plane (11), the following mass action expressions can be
written: —

K +
soi; —2L> som + " %, - [S°H1£H_l 2
[SOH, ]
K —
—a2, - _ [s0 1[H]
SOH —2& 50 + H' Ka2 = ““T50H] (3)
+ -
K SOH,—N0.]
NO [
SOH + HY + NO3 2—-—39 SOHFNO3  Kyo. = “"‘“‘%F"sz" (4)
3 [SoH][H ][NO,]
'é _ -. + +
SOH + Nat &> s0"wa® + W Ky, = BERIEL (s

[SoH][Nat]

The charge balances based on these expressions are

0, = B([SOH}] + [SOH}~N03] - [SOT] - [S0—Na™]) (6)
og = B([S0—Na’] - [SOHF—NO3]) M

where B is equal to 10° F/A, F is faradays constant, and A is surface
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area per unit volume of suspension (e.g., m2/1). From the electro-
neutrality condition,

G, + 0g + 0g = 0 (8)

The charge at the diffuse layer plane is calculated from Gouy-
Chapman-Stern—-Grahame theory, which for a symmetrical monovalent
electrolyte of concentration Cg 1s given by

zewd
2kT

/2

sinh( )] in uC/cm2 &)

1
o4 = 11.7408
The relationship between charge and potential are derived by assum-—
ing that the planes can be treated as plates of two parallel plate
capacitors in series (18) with

9o = Gy, — ¥g) (10)
and

~0g = Cylig = ¥y) (1)

In the original versions of this TLM (16), metal ion reactions
were written as ion-palr analogues with the metal ion placed in the
B-plane:

- +
[soMeZ ) 1u

[Me 2t 1 [50H]

SOH + MeZ* 25399 S0™Me2t + H' Kyo = L a2

with charge balances, e.g., in the o- and B-plane given by

"

o, = B([SOH] + [SOHE—NO3] - [S07] - [SO™Na*] - [SO™=#eZ¥)) (13)

og = B([SO—Na'] + 2[S0™MeZ*] - [SOH}NO3]) (14)
However, an alternative is to consider the TLM analogue of an inner-
sphere surface coordination complex by placing the metal ion in the

o-plane (19), e.g.,

SOH + M2t —Mes goMet + H 15)

Crm—n

By allowing metal ions to be placed in the o-plane, the surface
charge is now given by (6):

0y = 0 + Oye (16)

where oy and oy, represent the contribution from protonated and de-
protonated sites and metal bound sites, respectively. This leads to

o, = B([SOH}] + [SOHk—No3] + [SoMe™] - [507] - [S0™Na®])  (17)

o5 = B([SO—Na®] - [SOH}—NO3)) (18)
with

Oye = B([SOMet]) (19)
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Figure 2 gives a schematic illustration of the TLM with examples of
ion-pair and surface coordination complexes.

In representing TLM surface complex analogues, it 1is tempting
to use interchangeably the terms ion-pair or outer-sphere complex
when metal ions are placed in the 8-plane and surface coordination
or inner-sphere complex when metal ions are placed in the o-plane;
however, placement of metal ions in these planes only implies a
relative closeness of approach of the ion to the surface. Histori-
cally the TIM (i.e., the Grahame-Stern model) (20) was developed
with a distinct physical picture of the interface in mind. The
closest approaching ilons located at the IHP (inner Helmholtz plane)
were considered those that lost their primary hydration sheath on
the side facing the surface so that the radius of the central ion
touched the surface, OHP (outer Helmholtz plane) ions attached to
the surface retaining their primary hydration sphere, and diffuse
layer ions, which also retained their primary hydration sheath,
approached no closer than the outside of the hydration sphere of
ions in the OHP. 1In this historical context, the interpretation of
the TLM discussed here would equate the surface plane to the IHP,
the R-plane to the OHP, and have an additional diffuse layer
d-plane. The need for identifying the IHP with the surface plane
arises from considering that "surface” charge results from surface
protolysis and coordination reactions. In this model construct, the
terms inner- and outer—sphere have their implied structural meaning;
however, depending on the values of interfacial capacitance, TLM
estimates of the distance of ion approach may differ somewhat from
the Grahame-Stern physical model. This serves as a warning that
model analogues should not be taken literally to imply a given type
of complex. Model results can, however, allow direct conclusions to
be drawn about the relative closeness of approach and the best
choice of planes in which to place ions regardless of the actual
structure of surface complexes.

Final justification for using terms such as inner- or outer-—
sphere awaits direct spectroscopic confirmation. Electron Spin
Resonance, Mossbauer, and Fourier Transform Infrared-Cylindrical
Internal Reflection Spectroscopic techniques are being used to
establish the structure of surface complexes (see, e.g., McBride,
Ambe et al., and Zeltner et al., this volume). The potential for
using EXAFS (extended x-ray absorption fine structure) to establish
the type of surface complex for Pb2+ adsorbing onto goethite is
currently being undertaken in our laboratory.

TLM Activity Coefficients. In the version of the TIM as discussed
by Davis et al. (11), mass action equations representing surface
complexation reactions were written to include "chemical" and
"coulombic” contributions to the overall free energy of reaction,
e.g., the equilibrium constant for the deprotonation reaction
represented by Equation 2 has been given as

gint' _ [SOH][H*] YsouYir+
a

; exp(-ey'/kT) (20)
iny Y °
[SOHZ] SOH}

where Kint' is defined as the intrinsic acidity constant in absence

of electrical double layer effects, the Yi are activity coefficients,
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and the exponential term represents the coulombic contribution to
the overall equilibrium. The thermodynamic basis of the activity
coefficients and exponential term described by Equation 20 has been
attributed to short- and long-range interactions by Chan et al. (gl)
and Sposito (10). In the modeling approach used for calculations in
this paper, no distinction is made between short- and long-range
contributions, leading to the result that

+
Kint = EO.H_];[_H__]_ exp(—ewo/kT) (21)
[SOH, ]
with
Y Y
joqu+ = exp(-ey, /kT) (22)
SO
2

where these y; represent activity coefficients due to both short-
and long-range interactions (19). In applying Equation 20 Davis et
al. (11) assume YéOH/Y' + = 1, leading to

SOH,

int' _ [SOH][H'] , '
Kal = —[—SO—H;]— YH+ exp(—ewo/kT) (23)
Comparing Equations 21 and 23 it is apparent that the main differ-
ence computationally lies in the appearance of y', in Equation 23.
The TLM has been modified accordingly to eliminage activity correc-
tions like y', in Equation 23 for the modeling computations reported
here. A detgiled discussion of the thermodynamic basis for making
this change can be found in Hayes (8) and Hayes and Leckie (19).
This change has two attractive features: (1) It eliminates the
separation of activity coefficients into short- and long-range
interactions, which cannot be evaluated separately in practice, and
(2) implicitly incorporates an expected effect of surface potential
on solution activity through the activity coefficient relationship
of Equation 22. Table II summarizes the relevant reaction and
activity coefficient terms based on the above modifications of

the TLM.

Equilibrium Results

Results of a two order-of-magnitude change in iopic strength (I =
1.0M-0.01M) on the adsorption of lead (2.0 x 107M total Pb) onto
goethite (30.0 g/l1) are shown in Figure 3. As shown, there is rela-
tively little effect of changes in background electrolyte concentra-
tion on the position of the adsorption edge. The ionic strength
dependence data for Pb2+ ion adsorption at the goethite/water inter-
face was modeled using the TLM as described above. Modeling results
for the inner— and outer—sphere cases are shown in Figures 4 and 5,
respectively. The surface protolysis and background electrolyte
constants and model parameters shown in Table I were used for all
computations. The general approach was to fit 0.1M lonic strength
adsorption data using either the lead inner— or outer-sphere model
analogue assuming a reaction stoichiometry of 1 or 2 protons re-
leased per lead ion adsorbed. Using the reaction stoichiometry and
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constant that fit best at ionic strength of 0.1M, model computations
were then made at different ionic strengths and compared to the
adsorption data.

As shown in Figure 5, the modeling simulations for the outer-
sphere case do not compare well with the observed data. It is also
important to note that the best fit at I = 0.1M (NaNO,) required a
reaction stoichiometry of two protons released per lead ion adsorbed.
On the other hand, the modeling results assuming an inner—sphere
surface complex, shown in Figure 4, agree quite well with the
observed experimental result that ionic strength changes have little
effect on the adsorption behavior of lead ion adsorption at the
goethite/water interface. 1In the inner-sphere case a reaction
stoichiometry of one proton released per lead ion adsorbed is
required to obtain a good model fit.

Potentiometric titrations of suspensions of 30.0 g/l goethite
in 0.0IM (NaNO,) were conducted in the presence and absence of
2.0 mM lead to determine the number of protons released per lead ion
adsorbed. The net number of protons released is related to the
(stoichiometry of reaction or) ligand number as described in Appen-
dix B. Following the approach of Hohl and Stumm (22), the ligand
number was found to be 1 (Figure 6). As discussed in Appendix B, it
is not correct to equate the net number of protons released to the
ligand number. The o values in the denominator of the term of the
ordinate axis in Figure 6 reflect the need to account for the redis-
tribution of surface species in the presence of adsorbed lead. The
ligand number of 1 obtained from the slope of the line in Figure 6
agrees with the inner-sphere reaction stoichiometry required to
model data shown in Figure 4. This analysis establishes the inner-
sphere analogue as the proper choice for modeling the overall
equilibrium behavior of lead ion adsorption at the goethite/water
interface and establishes the reaction stoichiometry of 1 proton per
lead ion adsorbed. What now remains is the description of the
kinetic model and mechanism consistent with both the overall equi-
librium and kinetic results.

Kinetic Model

Having chosen a particular model for the electrical properties of
the interface, e.g., the TLM, it 1s necessary to incorporate the
same model into the kinetic analysis. Just as electrical double
layer (EDL) properties influence equilibrium partitioning between
solid and liquid phases, they can also be expected to affect the
rates of elementary reaction steps. An illustration of the effect
of the EDL on adsorption/desorption reaction steps is shown sche-
matically in Figure 7. 1In the case of lead ion adsorption onto a
positively charged surface, the rate of adsorption is diminished and
the rate of desorption enhanced relative to the case where there are
no EDL effects.

As an example of the manner in which EDL effects are incor-
porated into the kinetic analysis, consider the following bimolecu-
lar adsorption/desorption mechanism:

K
SOH + MeZt Z—l~> soMet + H* (24)
k_q
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=

. U [soMe’ 1 [H'] (25)

Lok rsonjMe?t

Using the TLM, the intrinsic equilibrium constant is defined using
the activity coefficients, as described previously, 1.e.,

kit = ¥, exp(ey,/kT) (26)

Defining intrinsic rate constants as rate constants that would be
observed in the absence of an electric fileld leads to

int
int ! 1 27
LS ol E——'exP(e¢o/kT) 27)
k_) -1

What remains is to relate the surface potential to activation
potentials for the adsorption/desorption reaction steps. Defining
the activation potentials as ¢T, ¢f1 for the activation required to
overcome the EDL potential for the adsorption, desorption steps,
respectively, allows the intrinsic rate constants to be directly
related to the rate constants ky, k_y %), ti.e.,

K" = k) exp(ey/kT) (28)
KD = k_y exp(eyly /KD (29)
Since
e " kg exp(eyi/im)
R I T ¥ = K, exp(ey /kT) (30)
k—l k__1 exp(e¢_1/kT)
and
exp(ev} /kT)
% = exp(ey _/kT) (31)
exp(ey_,/kT)
then
o = -k = /2 (32)

In arriving at Equation 32 it is assumed that the magnitude of the
activation potentials for adsorption and desorption are equal and
opposite in sign (a reasonable assumption if the surface potential
is relatively unchanged during the course of the reaction, which
would be the case for small perturbation of the equilibrium). In
this manner the EDL properties are developed consistently for both
the equilibrium and kinetic analysis based on the TLM.

Kinetic Results

The equilibrium and inner-sphere modeling results discussed above
are consistent with the following overall equilibrium
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K
-FeOH + Pb2t Z—la -Feorb™ + H" (33)

. [-Feopv')[u')

(34)
[~FeOH] [Pb2T)
Pressure-jump kinetic experiments were conducted over the same pH
range as the equilibrium results, at 2.0 mM total lead, I = 0.01M,
and 30.0 g/1 a-FeOOH (see, e.g., Figure 4). A typical relaxation
curve from the pressure-jump kinetic experiments is shown in Fig-
ure 8 (for a discussion of the p~jump apparatus with conductivity
detection, including the relationship between conductivity and
reactant concentrations, see Appendix A). Determination of the
relaxation time constants from the semi-log plot of the relaxation
curve of Figure 8 (23) shows two relaxation events occur following
the pressure perturbation (see Figure 9). In the following discus-
sion only an interpretation of the fast process is given in terms of
a mechanism. The_analysis of the slow step, complicated by the
dependence of T;l on AP, is the subject of a future paper (24).

The pH dependence of the inverse of the fast relaxation time
constant, TF » is shown in Figure 10 (error bars represent 95% con-
fidence level) for pressure-jump magnitudes of 70-140 atmospheres.

A mechanism is determined from these data by choosing one which is
consistent with the overall equilibrium behavior and which correctly
matches the rate relationships derived for the postulated mechanism;
e.g., assuming the bimolecular adsorption/desorption reaction mecha-
nism, as given in Equation 1, and using the kinetic model described
above, the following relationship between T and reactant and
product concentrations can be derived (see Kppendix C):

! - kint{(exp(-ewo/ZkT) x ([-FeoH] + [Pb2T]) +

int -1

(&)™) x exp(ey /2kT) x ([-FeOPb' 1 + [H' ]} (35)

If this mechanism is consistent with the experimental relaxation
data, then a plot of Tp  versus the expression in the brackets of
Equation 35 will give a straight line with a slope of k}“ and an
intercept at the origin. As shown in Figure 11, the data fit this
proposed mechanism quite well. Values for Voo reactant and product
concentrations, and K™ input into Equation 35 are from the equi-
librium modeling resuits calculated at each pH value for which
kinetic runs were made. Normally a variety of different mechanisms
are tested against the experimental data. Several other more
complex mechanisms were tested, including those postulated for metal
ion adsorption onto y- Al,y0q (7), however, only the above mechanism
was consistent with the experimental data. Hence it was concluded
that the bimolecular adsorgtion/desorption reaction was the most
plausible mechanism for Pb“" fon adsorption onto a-FeOOH,

No mention has yet been made of the variation of 1y~ with the
pressure-jump magnitude as shown in Figures 10 and 11. In fact,
this result is quite surprising. For small perturbations, only the
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Figure 11. Plot of TEI versus the term in brackets on the right-

hand side of Equation 35 (denoted C* in figure) at AP = 70, 100,
and 140 atmospheres.
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amplitude of the relaxation curve should change as the pressure-jump
magnitude is varied (23). This variation is interpreted as an indi-
cation that a distribution of site types exists for the adsorption
of Pb%t onto oxide surfaces (8, 24). The results of the analysis of
the data in Figure 11 are summarized in Table III. The trend in the
intrinsic rate constants k nt’ kf“t with pressure—jump magnitude are
consistent with the notion that at higher pressure, more higher-
energy sites are perturbed. This is reflected in the lower value of
the rate constants at higher AP, which implies a higher activation
energy and a slower overall rate. Equilibrium evidence that a dis-
tribution of site types exist for metal ion adsorption has been
previously reported (25).

Table III. 1Intrinsic Rate Constants

AP (atm) k%nt (mol_ldm3s_1) ki?t (mol—ldm3s_1) K%nt
140 1.7 x 10° 4.2 x 102 4.0 x 102
100 2.4 x 10° 6.1 x 102 .

70 3.6 x 107 8.9 x 102 "

In an interesting analysis of the effects of reduction of
dimensionality on rates of adsorption/desorption reactions (26), the
bimolecular rate of 10°M 1s™1 has been reported as the lower limit
of diffusion control. Based on this value, the rates given in Table
IIT indicate the desorption step is chemical-reaction-controlled,
likely controlled by the chemical activation energy of breaking the
surface complex bond. On the other hand, the coupled adsorption
step is probably diffusion controlled.

Summary

Relaxation techniques can be used in determining mechanisms of reac-
tions at the mineral/water interface. In this paper the pressure-
jump kinetic study of lead ion adsorption at the goethite/water
interface was reported. At least three pieces of information are
required to establish a plausible mechanism: (1) overall equilib-
rium, (2) stoichiometry of reaction, and (3) rate data. For reac-
tions occurring at charged interfaces, electrical double layer
models must be incorporated in equilibrium and rate relationships.
The equilibrium results suggest an inner-sphere surface complex is
formed. Based on the kinetic results for lead adsorption on goe-
thite of this study, a bimolecular adsorption/desorption reaction
has been postulated for pp2t adsorption/desorption at the goethite/
water interface. The rate-limiting step is the desorption step
associated with breaking the surface bond of the inner-sphere lead
hydroxyl complex. The variation of the rate constants with pres-
sure—jump magnitude is suggested as evidence of adsorption/desorp-
tion from sites with a distribution of bonding energies.
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APPENDIX A

Pressure-Jump Apparatus with Conductivity Detection

Apparatus. The principle of the pressure-jump method is based on
the pressure dependence of the equilibrium constant, i.e.,

(BIHK)T - - AV (A-1)

3P RT

where AV 1s the standard molar volume change of the reaction, P, the
pressure, R, the universal gas constant, and T, the temperature. A
pressure perturbation results in the shifting of the equilibrium;
the return of the system to the original equilibrium state (i.e.,
the relaxation) is related to the rates of all the elementary reac-
tion steps. The relaxation time constant associated with the
relaxation can be used to evaluate the mechanism of reaction.

Section views of the pressure-jump apparatus used in this
investigation are shown in Figure 12. The main components include
the central pressure-jump chamber or autoclave, a pressure pump,
sample and reference cells, bayonet socket, and vacuum pump. Pres—
surization of the autoclave 1s accomplished with the pressure pump.
The autoclave has ports for both a sample and reference cell. The
caps of the cells have a plastic membrane which effectively trans-
mits pressure. The confined volume of the autoclave is filled with
water which transmits the pressure changes to the cells. A piece of
brass shimstock is clamped onto one wall of the autoclave with the
bayonet socket. When the pressure in the autoclave gets high enough
the shimstock bursts and the pressure returns to ambient pressure
"spontaneously,” i.e., in less than 100 ps. After the shimstock
bursts, the sample solution having equilibrated at the higher
pressure is out of equilibrium due to the "instantaneous"” pressure-
jump (instantaneous relative to chemical relaxation processes
occurring slower than 1 millisecond). The chemical relaxation of
the sample solution back to the equilibrium condition of ambient
pressure is monitored by conductivity detection. The reference cell
is filled with a background electrolyte solution which has no
relaxation in the time range of the pressure-jump apparatus. Water
is circulated around the autoclave and through a constant-
temperature bath to maintain the temperature at 25°C + 0.1°C. 1In
the pressure-jump experiments described in this paper three
different thicknesses of brass shimstock were used to obtain
pressure—jumps of 70, 100, and 140 atmospheres.

Conductivity Detection. The conductivity detector of the pressure-
jump apparatus is based on a simple Wheatstone bridge circuit. The
sample and reference cell make up two arms of the bridge; the other
two arms are made up of varlable resistors and capacitors. A
nonrelaxing solution (e.g., sodium chloride) with nearly the same
conductivity as the sample is placed in the reference cell. The
resistances and capacitances are adjusted to balance the bridge.
During pressurization of the autoclave, the chemical equilibrium of
the sample solution shifts, resulting in a change in conductivity
and an unbalancing of the bridge. After the brass shimstock bursts
the sample solution is out of equilibrium with respect to ambient
pressure and must "relax" to the equilibrium state defined by
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7. HAYES AND LECKIE Mechanism of Lead lon Adsorption 135

ambient pressure; this relaxation process is monitored by the con-
ductivity bridge as a voltage change. The electrical signal is
stored by a Tektronix 7612AD Programmable Digitizer. The digitized
data 1s sent to an HP9836 computer for analysis.

The conductivity change measured by the Wheatstone bridge
arrangement is directly related to the extent of reaction. The con-
ductivity and change in conductivity following a pressure perturba-
tion are given by

v = To05 ] cylzyfuy = 7000 ° w2yl (A=2)

13

80 = 1505 (P L |zj|ujAmj +p0 7 |zjlmjAuj D) |zj‘mjujAp) (A-3)
where o is the specific conductivity (Q-lcm'l), F is Faraday's con-
stant, z, the valence of ion j, m and C, the molal and molar concen-
tration of ion j, respectively; u is the electrical mobility (in
cmZV_lsec_l), and p the density of the solution. The first term of
Equation A-3 is due to chemical relaxation effects while the later
two terms are from physical effects resulting from pressure and tem-—
perature changes which occur during a pressure-jump. The bridge
arrangement described above fully compensates for the physical
effects and thus the conductivity change is directly related to
changes from chemical relaxation, i.e., the first term in Equation
A-3. Taking as an example the bimolecular mechanism postulated for
lead, {i.e.,

-FeOH + Pb?* > -Feopbt + H' (A-4)

then
Ao = %6 (Zupb(A[Pb2+]) + ng(AlE'D) (A-5)

Since
(arpb?t]) = -(apu’]) = x (A-6)

then Equation A-5 can be rewritten as follows:

- F — —
Ao = 1660 (ZuPb UH)X (A-7)

and so Ao is directly related to X, the change in concentration of
the reacting species. 1In the case of the lead adsorption/desorption
studies, the conductivity decreases as the system relaxes (see Fig-
ure 8). This can be explained as resulting from a shift in the
equilibrium to the right for the reaction written above in Equation
A-4. A shift of the equilibrium to the right favors desorption of
protons and adsorption of lead. Since protons have a higher mobil-
ity and thus higher conductance than lead, this results in an
increase in the conductivity and subsequent decrease during the
relaxation in accordance with the observed results of Figure 8.
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APPENDIX B

Net Proton Release and Ligand Number

The determination of the ligand number (27) for adsorption reactions
has been discussed by Hohl and Stumm (22). The following example
illustrates the relationship between the net proton release and
ligand number.

Consider the sodium nitrate/goethite suspension titrated in the
presence and absence of lead ion. The following equations governing
the titrations are easily derived from the charge and mass balance
equations:

(Cg = C4 + [HT] - [OH™])

([S07] - [SOHj] + [SO™—Na¥]

- [SOHE-NO31) (8-1)

(Cy - Cy + [H¥] - [oH"]) = ([s07]* - [soH}]* + [so™—Na®1"

- [SOHFN031* - [SOPbT] - 2[(S0),Pb]) (B-2)

where the superscript * represents the concentration of surface
species in the presence of lead, and where two types of lead surface
complexes are allowed that would release 1 and 2 protons respec—
tively. In order to find the number of protons released in the
presence and absence of Pb +, Equation B-1 is subtracted from B-2.
When the following relationships are substituted into B-1 and B-2

[SOH}] = Sqa,  [SoH}]™ = Spa, (8-3)
[SOH] = Spa; [SOH]* = Sya; (B-4)
[S07] = Spa, [5071* = Sqoay (B-5)
[S0™Na®] = Spay [SO—Nat]* = ST, (B-6)
[SOHENO3] = Spay [SOHE-N031™ = STay (8-7)
where

Sp = ([SOH}] + [SOH] + [SOT] + [S0—Na'] + [SOHINO3])  (B-8)
S = ([SOH5)* + [SoH]* + [s071* + [so™—wNat)*

+ [SOHFN031™) (B-9)
Sy = Sp + [SOPbY] + 2[(S0),Pb] (B-10)

and when Equation B-1 is subtracted from B-2

ACg = (ay, = ap ~ag +a; +1) x ([SOPb+] + 2[(S0),Pb]) (B-11)
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where
* *
ACB = (CB - CA) - (CB - CA)

The a4 are defined as follows:

+
Kal KalKaZ + KalKNa[Na ]

- -.y-1 _
ag = (1 + s + 2 = + x31KN03[No3]) (B-12)
+
+ K K. [Na']
[H] a2 Na + -.3-1
o ( +1+ + + [H']1[NO,1) (B-13)
1 k. i ] KNO3 3
+.2 -
+ [H']7[NO5 1Ky
+.2 + Na'] 34 o
a, = Q—Ui—l— + 0104 a2 + 3)'1 (B-14)
KaKaz  Xa2 K2 Ka2
-+ 2
[H+ 2 H+ K 2 KNOgNO3][H ] -1
oy - ] + [ l + +a +1+ -
(Na ]KalKNa KNa[Na ] (Na ]KNa KNa[Na ]
(B-15)
o, = 1 + 1 + KaZ

KalKNO3[NO;] [NO;][H+]KN03 KNo3[H+]2[N°;]

+
[Na ] _
+ -——-———jiﬁi———— +1) 1 (B-16)

- ot 2
Ko, [NO51([H ]
0 3
3
Since the ligand number is defined as

2-1
£, ((s0),Pb )
-_ 1 _
n= PbT (B-17)

where Pbp 1s total bound lead, then

ACB/PbT

n

= (B-18)
(Lo, —ay = o3 +a)
As can be seen by Equation B-18, 7 does not simply equal ACB/PbT but
is lowered by the factor (1 + 0y ~ Gy — a3zt a4)2 which reflects the
redistribution of surface speciation due to Pb“’ adsorption.
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APPENDIX C

Derivation of the Time Constant Relationship of Equation 35

The relatlonship between the inverse of the relaxation time
constant, 1, and the concentration of the reacting species shown by
Equation 35 is developed as follows. For the bimolecular reaction

K
-FeOH + Pb2* —L5 _peoppt + H (c-1)
ky
the rate is defined as
. - _d[-Feon] _ _ d[pb®*] _ a[-Feorb’] _ aru' (c-2)
dt dt at dt
or
r = -k [-FeOH] [Pb2*] + k_; [-FeoPb ] [H'] (c-3)
At equilibrium r = O and Equation C-3 becomes
s N
0= -kl[—FeOH][Pb2+] + k_l[—FeOPb+][H ] (c-4)

where the overbar denotes equilibrium concentrations related by the
mass law expression

+ k
[-FeOPb ][H N _
el ! (c-5)

[~FeOH][Pb2T]

Following a small perturbation, e.g., a pressure-jump, equilibrium
concentrations are shifted some small amount A, and the time-
dependent concentrations are given by

[-FeOH] = [-FeOH] + (A[-FeOH]) (C-6)
(2] = (267 + (arep?*) (c-7)
[-FeOPb™] = [-FeOPb'] + (A[FeOPb'] (c-8)
(') = (57 + (arE'D) (c-9)

According to the law of mass conservation
(A[~FeOH]) = (a[PbZ*]) = -(a[-FeoPbt]) = -(a[H']) = X (c-10)
or from Equations C-6 through C-9

[-FeOH] = [-FeOH] + X (Cc-11)

pb2t) = (pp2h) + x (c-12)
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[-FeoPb'] = [-FeOPb'] - X (c-13)

[;i] - X (C-14)

(5]

Substituting C-11 through C-14 into C-3

dx

r = ——

& = =k, ([-Feon] + x)([2b27] + X) + k_,([-Feopb'] - X)([H'] - X)

‘kl([-FeOH][Pb2+]) + k_l([—FeOPb+][;;])

2 + k_lxz

(C-15)

- [k, ([-FeoH] + [Pb2*]) + k_, ([-FeOPb'] + 1)) - K

The first two terms sum to zero via relation C-4 and for small per-
turbation (i.e., small X), the last two terms become vanishingly
small leading to

X _ 1 )
& -Lx (c-16)

with
v = i ((-Feon] + [BB2T]) + k_, ([-FeoPb'] + [H']) (c-17)

Combining the following relationships based on Equations 28-32, i.e.,
k; = kit exp(-ey,/2kT) (c-18)
and
oy = k1T exp(ey,/2kT) (c-19)
and Equation C-17

e kint[(exp(-ewo/ZkT) x ([-FeOH] + [Pb2+])

+ (xi“t)'1 x exp(ey,/2kT) ([-FeoPb’] + [H'])] (C-20)
Legend of Symbols
A = surface area/l
B = 10° F/a
Cy, = concentration of acid
Cg = concentration of base
CS = concentration of symmetrical electrolyte
Cq = 1iater-layer capacitance
CZ = outer-layer capacitance
e = electrostatic charge
F = Faraday's constant
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k = Boltzmann's constant

T = temperature

z = charge of ion

ay = distribution coefficient

Yi = activity coefficient of species i

Yo = potential at o-plane

Yg = potential at B-plane

¥q = potential at d-plane

¢T = activation potential of adsorption

wfl = actlvation potential of desorption

0o = charge density in o-plane

0g = charge density in B-plane

o4 = charge density in d-plane

Tp = relaxation time constant for fast step

* = superscript to indicate concentration of given species in
presence of lead ion
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Characterization of Anion Binding on Goethite
Using Titration Calorimetry and Cylindrical Internal
Reflection-Fourier Transform Infrared Spectroscopy

W. A. Zeltner, E. C. Yost, M. L. Machesky, M. 1. Tejedor-Tejedor, and M. A. Anderson
Water Chemistry Program, University of Wisconsin, Madison, WI 53706

Titration calorimetry and cylindrical internal
reflection-Fourier transform infrared (CIR-FTIR)
spectroscopy are two techniques which have seldom
been applied to study reactions at the solid~liquid
interface. In this paper, we describe these two
techniques and their application to the investigation
of salicylate ion adsorption in aqueous goethite

(@ -FeOOH) suspensions from pH 4 to 7. Evidence
suggests that salicylate adsorbs on goethite by
forming a chelate structure in which each salicylate
ion replaces two hydroxyls attached to a single iron
atom at the surface.

Lucio Forni (l), while discussing catalysis research, commented
that: "Each technique, in fact, taken by itself, allows some
useful information to be collected, but can give rise to
criticisms. The combination of information obtainable by two or
more of them can often be the only way to give a complete picture
of the surface acid properties of the solid."

To a certain extent a similar statement could be made
about research on the chemistry of mineral-water interfaces. Some
theoretical models (2,3) developed to date have focused primarily
on their ability to fit data collected from one experimental
technique, namely potentiometric titration. While these models
have done much to improve our understanding of the oxide-water
interface, we do not have a complete picture of the interfacial
region at present. Although potentiometric titrations can still
provide new insights, failure to utilize other techniques
may result in the problem mentioned in Forni's statement above.

Several alternative methods for examining the chemistry of
interfacial reactions are currently being developed, as evidenced
by the many fine chapters in this volume. While it is certainly
not necessary to utilize all techniques described, many can be
employed in a given system to better understand the reaction
chemistry involved in these complicated interfacial processes.

0097-6156/86/0323-0142%06.00/0
© 1986 American Chemical Society
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To put things into perspective, we can broadly classify these
analytical methods into bulk, dry surtace, and in situ interfacial
techniques. This chapter focuses on the last category,
illustrating two in situ techniques used to study anion binding at
the goethite (a-FeOOH)-water interface: titration calorimetry and
cylindrical internal reflection-Fourier transform infrared
(CIR-FTIR) spectroscopy. In fact, CIR-FTIR could prove to be
extremely powerful, since it allows direct spectroscopic
observation of ions adsorbed at the mineral-water interface.

Both of these in situ techniques have proven very beneficial in
our research.

Background

Several general experimental points will be presented before
discussing these two methods in detail. All experiments described
in this chapter were performed using goethite prepared in
polyethylene vessels by the method of Atkinson et al. (4), with a
OH/Fe ratio of 2 and 50 hour aging time. Sample morphology was
determined by electron microscopy, which showed that the primary
particles were needle shaped, with the 100 plane as the predominant
face. The needles averaged 5G nm in length and 20 nm in width, and
B.E.T. ﬁnalysis of nitrogen gas adsorption indicated a surface area
of 81 m"/g.

Anion adsorption densities are directly affected by the net
surface proton balance (often referred to as surface "charge" in
the theoretical models) of hydrated metal oxide surfaces. Surface
proton balances are determined by potentiometric titration G-7),
which also yields the pH value for the zero point of charge (ZPC).
Our goethite titrations gave a ZPC of pi 8.1 * 0.1 using sodium
perchlorate as the inert electrolyte. This is higher than other
reported goethite ZPC values of 7.5-7.6 (8-10) but in excellent
agreement with that of Kavanagh et al. (11), who found a ZPC of
8.2. All apion adsorption measurements were made at pH values at
least 1.5 pH units below the ZPC to ensure that initial anion
adsorption was occurring on positively charged surfaces.

The primary anion studied in both the titration calorimetry
and CIR-FTIR experiments reported here was the salicylate
(2-hydroxybenzoate) ion (SAL). Acidity constants for salicylic
acid are pK, = 3.0 and pK, = 13 (12}, and the aqueous solubility
of salicylic acid is 2.4 g/L, while that of NaSAL is 975 g/L. SAL
has been shown to adsorb on both iron oxides (13) and aluminum
oxides (l4). Several other anions were also studied, and results
for these anions are given as needed to illuminate certain features
of the salicylate-goethite adsorption process.

Titration Calorimetry

Titration calorimetry involves the measurement of heat evolved
while adding a titrant. This technique is well established for
determining reaction enthalpies in homogeneous solution (see refs.
15 and 16 for general reviews of the method) but has been used far
less often to measure adsorption enthalpies in heterogeneous
suspensions. Instead, adsorption studies have relied mainly omn the
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determination and interpretation of adsorption free energies
(usually through adsorption isotherm experiments) using one of
several available models. While the understanding of the overall
adsorption process has increased with this approach, enthalpic and
entropic components of adsorption free energies have rarely been
determined. Reaction enthalpies can provide important information
on site heterogeneity and temperature dependence of adsorption
reactions, while entropies reflect increased system ordering or
disordering as adsorption occurs.

Most previous adsorption studies employing calorimetry have
investigated cation exchange phenomena on zirconium phosphates
(17-21), titanium phosphate (22) and clay minerals (23,24).

Proton exchange with alkali metal cations on zirconium phosphates
is initially exothermic, but subsequently becomes progressively
endothermic after reaching some critical exchange fraction. This
transition depends on the crystallinity of the exchanger as well as
the nature of the alkali cation. Entropies were generally
negative when calculated from measured enthalpies and free
energies. This was largely attributed to the net water
structuring resulting from exchange of the metal cation, which may
keep all or part of its hydration sheath intact. During investi-
gations of cation exchange phenomena on clay minerals, regions of
relatively discrete exchange enthalpies were observed which were
explained as being due to the heterogeneous nature of the
aluminosilicate surfaces studied (also see Goulding, this volume).

Calorimetric investigations of hydrous metal oxide suspensions
are more scarce. A study of starch adsorption on hematite revealed
that the adsorption process became less exothermic as surface
coverage increased (gé). This was attributed to a rearrangement of
starch molecules to less favorable configurations.

Free energy variations with temperature can also be used to
estimate reaction enthalpies. However, few studies devoted to the
temperature dependence of adsorption phenomena have been published.
In one such study of potassium octyl hydroxamate adsorption on
barite, calcite and bastnaesite, it was observed that adsorption
increased markedly with temperature, which suggested the enthalpies
were endothermic (26). The resulting large positive entropies were
attributed to loosening of ordered water structure, both at the
mineral surface and in the solvent surrounding octyl hydroxamate
ions during the adsorption process, as well as hydrophobic chain
association effects.

The major conclusions which can be drawn from previous work
are:

1) Adsorption enthalpies vary with surface coverage and
adsorbent type but are usually exothermic - at least
during initial stages of the adsorption process.

2) A large portion of the calculated entropy change (+ or -)
results from the relative ordering or disrupting of water
structure during adsorption.

3) Heat changes occur over a period of minutes in contrast to
most solution phase reactions (seconds).

Methods. The equipment used consists of a TRONAC Model 450
(TRONAC, Inc., Orem, Utah) isoperibol titration calorimeter which
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has been modified by adding (1) a high precision buret driven by a
stepping motor and (2) micro glass and reference pH electrodes
(Microelectrodes, Inc., Londonberry, NH). This system is
interfaced to an Apple IIe computer through an ISAAC 41A (Cyborg,
Inc., Newton, MA) data acquisition and control system equipped with
a 2 channel, 16 bit A/D converter to digitize temperature and pH
data, as well as a binary I1/0 card that permits automated titrant
delivery and heater calibration. Operator control is obtained by
setting required input parameters before starting data acquisition.
These parameters include: (1) a threshold digital value to initiate
data acquisition, (2) the number and length of titrant additions,
(3) time between additions, and (4) a "digital window" that is used
in the pH stat mode to activate a second buret containing standard
acid or base. These inputs allow experimental conditions to be
easily altered and optimized.

In order to adequately resolve the uV level thermistor
signals, 16 bit A/D conversion is necessary, rather than the more
conventional 12 bit. Also, signal to noise ratio is enhanced by
averaging 90 A/D conversions for each channel every 0.5 sec, an
averaging time well within the thermistor (v3 sec) and pH
electrode (v10 sec) response times.

Digitized thermistor and pH data (stored on floppy disk) are
converted to temperature and pH values using a previously
determined thermistor constant (°C/digital value) and digitized pH
buffer values. Several corrections must be included, however,
before temperature data can be converted correctly to heat content
values (in Joules) correspounding to the interval including and
following each titrant addition. This data reduction process
must account for such physical effects as heat producec by stirring
the suspension, heat lost to the surroundings, and resistance
heating of the thermistor. The heat of water formation which
results from acid-base neutralization as the system pH is changed
must also be determined. This is particularly important outside
the pH range of 5 to 9. Detailed explanations and equations for
these corrections are published elsewhere (l§321)2§)'

The standard calorimetric reaction of tris(hydroxymethyl)
aminomethane (THAM) neutralization with HCl was used in several
initial experiments to determine both precision and accuracy for
the data acquisition and reduction process. Three to five minutes
were allowed between acid additions, since this same time frame was
used for all later suspension titrations in order to minimize the
effects of slow surface reactions which occur during a titration
(9,29,30). The amount of acid added in each experiment was varied
to generate heat changes of 40-4C0 mJ (typical heat changes
observed in our adsorption studies with goethite suspensions).

Precision (% Standard Deviation (SD)) estimatecs at 400, 160,
80 and 40 mJ are 3.1, 6.4, 11.1 and 19.3% respectively. The
corresponding accuracy values (%) are +0.6, +4.3, +1.5 and -13.0%.
Thus, precision and accuracy decrease as heat evolved decreases,
and the magnitude of this decrease permits error estimates to be
obtained.

Suspensions were prepared in 500 mL polycarbonate bottles by
ultrasonically dispersing freeze-dried goethite in dilute nitric
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acid (with enough solid NaNO., added to give a 0.05 M solution) for
24 hours. This gave a suspénsion concentration of 10 g/L at a pH
between 4.2 and 4.5, following which all suspensions were aged at
least one week (one month maximum). Suspensions kept at pH 4 for
two months showed undetectable (<1 ug/L) dissolved Fe levels in
the filtered (0.05 um Nuclepore filters) supernate when analyzed
by graphite furnace atomic absorption. Fifty mL aliquots of the
suspensions were used for all titrations, with the only addition
being nitric acid to adjust the system to the desired starting pH.

Proton Adsorption Results. The capability of measuring pH as well
as temperature change allowed us to perform combined potentiometric-
calorimetric titrations on suspensions. Data representative of
such titrations are presented in Figure 1. All titrations were
begun at pH ~3.8 (0.05 M NaNOQ) and equal volumes of standard NaCH
were added every five minutes until pH ~10. Standard HNO, was
then similarly dispensed until the pH returned to ~4. Ovar the
entire pH range, heats were exothermic for proton adsorption and
endothermic for proton desorption, but the absolute values of
these heats were largely identical when partitioned according to
the following scheme:

Adsorption
+ + 3

1) MOH + H = MOH2 exothermic

Desorption
1) MOH2+ + 0N = MOH + H,0 exothermic
2) HZO = H+ + OH~ endothermic

+ + .

3) MOH2 = MOH + H endothermic

Data from different experiments exhibited considerable
variation at a particular pH value, but the overall trend was for
proton adsorption -~ desorption heats to increase over the pH range
4-9. Above pH 9, adsorption - desorption heats may decrease, but
the difficulty in obtaining data above pH 10 precluded further
delineation of this trend. At present our calorimetry system is
not equipped for nitrogen purging during titration, so carbonate
interference is possible at pll values above 7. However, carbonate
contamination effects were probably small, since suspensions were
aged at pH 4 and held under basic conditions for less than one hour
during a titration. As mentioned earlier, our goethite suspensions
had a zero point of charge at ph §.1. Thus, over the pH range 4 to
8, we are likely measuring heats associgted with only one general
type of reaction (i.e., MOH = MOH + H ), and electrostatic
considerations can justify the data trend. As the goethite surface
becomes less positive (titrating from low to high pH), proton
desorption becomes less favorable, which leads to more endothermic
reaction heats as observed. Surface site heterogeneity could also
explain the data, but "step-like" discontinuities are not
apparent (in contrast to the clay mireral study (gé) discussed

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



8. ZELTNERET AL. Anion Binding on Goethite 147

earlier), showing that surface site heterogeneity with respect to
proton reactions in these systems may not be extreme. There is
also an unknown influence of carbonate contamination and particle-
particle aggregation phenomena on the data at all pH values.

Anion Adsorption Results. To investigate heat changes associated
with the adsorption of various anions on goethite it was necessary
to fix all other important system parameters. The conditions
chosen were: a goethite suspension concentration of 10 g/L, an
ionic strength of 0.05 M NaNO,, and a pH of 4.0 £ 0.1. Since
adding an aliquot of anion inVariably resulted in a pH increase,
it was necessary to add acid to maintain the pH at 4.0. This was
done by dispensing standard HNO, from a calorimeter buret one
minute after the anion addition”and subsequent pH rise. Then the
system was allowed an additional four minutes for temperature
equilibration before adding the next anion aliquot. Separate
adsorption isotherm experiments were performed in a similar manner
outside of the calorimeter to determine the fraction of any
particular aliquot adsorbed. Both calorimetric and adsorption
isotherm experiments were necessary to reduce the data to kJ
produced/mole adsorbed. Because these experiments were
constrained to five minute intervals between anion additionms,
resulting adsorption isotherms were not true equilibrium
isotherms. Since the experimental reaction enthalpies did not
necessarily represent equilibrium conditions, these enthalpies
were not used to derive any additional thermodynamic information.

Fvidence from pressure jump kinetic studies (31,32) has
suggested that anion adsorption proceeds according to the
following mechanism:

+ +
Step l: M-OH + H = M—OH2

Step 2: M—OH2+ + AT = M-A + HO
Proton abstraction from solution is thought to activate a site for
subsequent ligand exchange Our adsorption isotherm experiments
have indicated that the [H ] abstracted to anion adsorbed ratio
measured during an anion adsorption experiment is less than one and
can vary with surface coverage (28). This is possible because the
suspension has been preequilibrated near pH 4 for at least one week
before use, so that many surface sites have already been activated
by the Step 1 reaction before anion adsorption experiments are
begun. Because of electrostatic attraction, these sites would be
expected to react with adsorbing anions by Step 2 above. However,
Step 2 does not provide a direct mechanism for proton abstraction
from the supernate. This occurs indirectly, since Step 2 produces
a less charged surface which then can adsorb more protons from the
supernate at pll 4. After this, further anion adsorption is
possible. Because our systems have been preequilibrated at pH 4,
the number of protouns abstracted fcr initial site activation has
not been measured. Consequently, although this postulated
mechanism would lead to a proton abstracted to anion adsorbed ratio
of one on the microscepic level, our measured ratios of less than
one appear reasonable.

American Chemical Society

Library
1155 16th St., N.W.
Washingion, D.C. 20036
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The surface proton adsorption which occurs after Step 2,
however, complicates the determination of the heat content change
resulting from anion adsorption. In order to make this correction,
the heat associated with proton adsorption must be determined from
the previous potentiometric-calorimetric titrations. Proton
adsorption on goethite is exothermic, and Figure 1 provides an
average value of -29.6 kJ/mol near pH 4. This value, when
multiplied by the moles of protons required to return to pH 4 after
anion adsorption, allows correction for the heat associated with
proton adsorption. This correction, however, is based on the
assumption that the proposed two-step anion adsorption mechanism
described above represents the only surface reactions which occur
during anion adsorption. As such, the results obtained by this
procedure are model dependent and are best used for comparative
purposes.

Figure 2 depicts the differential adsorption heats as a
function of surface coverage for HZPO ~ and salicylate (SAL). The
large enthalpy (24 kJ/mol) observed éor SAL adsorption on goethite
at very low surface coverage (~10%) tentatively argues for
bidentate bonding, as this enthalpy is similar to that of
phosphate, which is thought to adsorb as a bidentate complex at low
surface coverages (33-35). Fluoride ions, on the other hand, which
would not be expected to show bidentate bonding, gave a maximum
adsorption enthalpy of only ~7 kJ/mol at low surface coverage
(g§), although this is not illustrated here. However, the
conclusion that phosphate undergoes bidentate adsorption on
goethite at low coverages, as mentioned above, is based on infrared
studies of dry or slightly moist goethite in vacuum, rather than in
aqueous suspensions. Further support for the bidentate bonding of
phosphate on suspended goethite comes from comparing the maximum
adsorption densities of phosphate and fluoride on our goethite at
pH 4, which were 220 and 550 umol/g respectively (28). Since
nonodentate SAL-goethite bonds could have an energy of 24 kJ/mol,
though, the conclusion that SAL-goethite bonding is bidentate must
be considered speculative without additional evidence.

A sharp decrease in adsorption enthalpy between 10 and 30%
surface coverage of SAL can also be seen in Figure 2. This
decrease may indicate that only a small number of surface sites are
favorably oriented for SAL-goethite bond formation, although
possible SAL-SAL interactions on the surface may also have an
effect. Separate measurements of SAL adsorption on goethite, gave
relatively small adsorption maxima (when compared to the phosphate
and fluoride adsorption maxima discussed above) of 22 and 11 pmol/g
at pH 4.8 and 6.3, respectively, in either 0.001 M NaNO, or 0.001 M

3
KC1 (36).

At high surface coverage (>30%), bonding enthalpies for SAL
are low and comparable to enthalpies observed for fluoride (28),
which suggests that little, if any, SAL-goethite surface bonding
occurs. Instead, electrostatic attractions could account for the
small exothermic heats found in this region, especially given the
large measurement errors shown by the error bars. Such attrac-
tions would also account for the higher adsorption maximum of SAL
on goethite at pH 4.8, as mentioned above, because the goethite
surface would have a larger positive charge at the lower pH.
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Figure 1. Proton adsorption-desorption heats (* 1 Standard
Deviation or SD) as a function of pH for goethite at 10 g/L
solid concentration in 0.05 M NaNO,. All titraticns were
NaOH titrations starting from pH 4 followed by acid
titrations back to pH 4.
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Figure 2. Adsorption heat (* 1 SD) as a function of
fractional surface coverage for phosphate (m) and salicylate
(@) at 10 g goethite/L in 0.05 M NaNO3 at pH 4.0.
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It may prove possible to apply titration calorimetry data in
one further dircction. 1If AG can be estimated for SAL-goethite
complexation and reaction enthalpies can be cbtained under
equilibrium conditions, then an entropy change for this reaction
can also be derived. This can only be done, however, ii the
adsorption reaction can be shown to be reversible. Since this has
not been proven as yet in our systems, such thermodynamic
extensions of titration calorimetry can only be speculative at
this time,

We have shown that titration calorimetry, by measuring the
heat change resulting from adscrption reactions, can provide useful
information on the strength of adsorbate-adsorbent interactions.
This information, in turn, provides indirect evidence which can
indicate pessible adsorption mechanisms. Our titration calorimetry
results, when combinec¢ with other evidence, suggest that salicylate
ions bind to goethite by forming some type of bidentate complex on
only relatively few surface sites. However, this is a tentative
conclusion which still requires direct support. As discussed
below, direct CIR-FTIR spectroscopic investigation of the
interfacial region provides cven more useful information about the
bonding mechanism.

Cylindrical Internal Reflection - Fourier Transferm Infrared
(CIR-FTIR) Spectroscopy

CIR-FTIR spectroscopy provides a direct technique for studying in
situ hydrous metal oxide surfaces and molecules adsorbed on these
surfaces (37). By itself, FTIR spectrometry is a well established
technique which offers numerous advantages over dispersive
(grating) IR spectrometry: (1) improved accuracy in frequency
measurements through the use of a HeNe laser; (2) simultaneous
frequency viewing; (3) rapid, repetitive scanning which allows many
spectra to be collected in a small time interval; (4) minimal
thermal effects from IR beam; and (5) no detection of sample IR
emissions (38).

Cylindrical internal reflection (CIR) is accomplished by
using polished crystal rods (ZnSe in this study) with coune-shaped
ends (22). In CIR, the infrared beam enters the crystal
obliquely, passes a fraction of a wavelength beyond the crystal
into a less dense medium (e.g., water), and then "reflects" back
into the crystal. Thus, for a cylindrical rod, the infrared beam
"bounces" from edge to edge while traveling in the direction of
the rod's diameter, providing multiple reflections through the
crystal. (Harrick (40) provides a more detailed explanation of
internal reflection spectroscopy.) Because of the slight beam
penetration into a medium like water, only the vibrations of
groups that are near the crystal surface (v0.4 - 2.4 um depending
on wavelength) can be detected. The advantages of CIR over
transmission IR include small infrared beam penetration into water
(a strong IR abcorber), easy sample addition or withdrawal, and
very reproducible sample path lengths. CIR-FTIR can thus be used
to identify surface groups and adsorbed molecules in the aqueous
interfacial region. This technique has successfully been applied
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qualitatively and quantitatively in aqueous solution (41,42) and
aquecus colloidal suspensions (37).

Our studies have focused on using CIR-FTIR te examine the
aqueous goethite interface and adsorption of organic substrates
with IR active vibrations (simple substituted benzoic acid and
phenolic compounds). Except for investigations of electrode
surfaces (43), very little research has been published to date
concerning in situ aqueous-solid interfaces studied by FTIR. This
paucity of data is especially significant in both geochemistry and
environmental chemistry, where soil matrix components, such as
goethite, and organic adsorbates are (and have been) receiving
much attention (3,44-48).

Parfitt and co-workers have published several IR studies which
examined oxalate and benzoate adsorption on goethite (49);
phosphate, oxalate and benzoate adsorption on gibbsite (50); and
humic~fulvic acid adsorption on goethite, gibbsite and imogolite
(51). However, they utilized = technique of drying the organic and
metal oxide on AgCl plates and then obtained IR spectra with a
dispersive IR instrument and an evacuated cecll, Cornell and
Schindler (52) analyzed hydroxycarboxylic acid (e.g., lactate)
adsorption on goethite and amorphous Fe(I11) hydroxides using a
dispersive TR system and solid KBr and AgCl discs, respectively
(except for lactate where a liquid film was used). Liquid films of
Na benzoates in water and deuterium oxide have been analyzed by
dispersive IR spectrometers with celis having psth lengthsc less
than 100 ym (53,54). CGrating spectrometers have also been used to
examine salicylic acid (55-57) and NO, substituted phenolic
compounds in water films (55), in carbon tetrachloride (56-58) and
in dioxane (57). A FTIR study of crystalline salicylic acid has
been perform@ﬁ'using KBr discs (59). This brief literature review
illustrates that simple substituted benzoic acid and phenolic
compounds (like salicylic and benzoic acid) have not been
investigated in situ in aqueous solutions or in systems with soil
component solids using the advantageous FTIR method.

Methods. CIR-FTIR analyses utilized a Barnes Analytical (CIRCLE)
ZnSe rod, 80 mm long and 6 mm in diameter. The system is designed
so that the light bhcam strikes the crystal at a 35° average angle
of incidence, providing 5 reflections within the sample holder.
The holder is a stainless steel "open boat" with & 3 mL cavity

25 mm in length.

Spectra were recorded interferometrically with either a 60SX
or 170S8X Nicolet Fourier Transform Iinfrared spectrometer and a
Hg-Cd-Te (MCT) detector. Single beam spectra were obtained by
adding either 1000 or 2000 indjvidual scans, giving 4 wave number
resolution in the 600-4000 cm ' range. Typical spectrometer
parameters included setting the iris aperture at 8.7mm and using
1.57 cm/sec total optical mirror velocity. Happ-Genzel apodization
was used for all spectra.

Spectra of KCl solutions (reference) were subtracted from
spectra of aqueous organic solutions (sample), both at the same pH
value and both previouely ratioed against the empty cell spectrum,
to yield aqueous solution spectra of the organic compounds.
Goethite spectra were obtained similarly by subtracting supernatant
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spectra (reference) from suspension spectra (sample), both
previously ratioed against spectra of the empty cell. Each
reference and corresponding sample were closely matched in pH and
ionic strength. The cell remained untouched through all spectral
scans to keep its transmittance and average angle of incidence
constant.

Concentrations of the benzoic acid or phenolic compounds were
0.05 to 0.1 M, with IM KC1 used as a swamping inert electrolyte.
This high ionic strength was used to better match reference and
sample solutions, thus minimizing ionic strength effects on the
resulting aqueous solution spectra of the organic compounds.
Goethite spectra, however, were obtained using suspensions between
30 and 100 g/I. concentration with background electrolyte
concentrations of 0.001 to 0.01 M KC1l. Here the ionic strength was
kept as low as possible because we observed that less coagulated
systems provided more intense spectra (37). Also, goethite
suspension concentrations needed to be higher than for the
calorimetric titration study (10 g/L) in order to provide enough
goethite particles in close proximity to the ZnSe reflecting
crystal to produce good quality spectra. All pH adjustments were
made far enough in advance, using HCl or KOH, that the samples
were at steady state conditions before CIR-FTIR analysis.

Goethite suspensions were also examined by CIR-FTIR using D,0
as the solvent to facilitate group assignments in regions where
H,0 is a strong absorber. For D,0 suspensions, the solid was
séparated by centrifugation from“the first D,0 suspension
prepared, then treated again with another D2 aliquot to eliminate
residual H,0. All D O experimental manipulations were performed
under nitrogen atmosphere.

Results. Infrared absorbing goethite surface groups were easily
observable in H,0 and D,0 using CIR-FTIR (37). Figure 3 (a and b)
shows the predominant I& peaks of H,0 (3305 and 1633 cm "), while
the subtracted spectrum (Figure 3c¢) contains bands obtained from
bulk (or subsurface lattice) goethite groups as gfll as hydrated
surface groups. The band assignments are (in cm "): 3400-3500
surface OH stretching from Fe-OH groups; 3045 bulk OH stretching;
1600-1650 surface H, 0 bending; 895 and 800 bulk Fe-O-Fe and/or

8 (Fe-OH) vibrations”™(37,60). Russell et al. (61) and Rocheste
and Topham (62,63) have reported IR bands at 3660 and 3480 cm

for surface OH groups on samples of dry (evacuatedz goethite.
These frequencies are higher than the 3400-3500 cm ~ band found
for goethite in aqueous suspension (Figure 3c) because hydrogen
bonding of OH surface groups to interfacial water molecules in our
system reduces streEEhing vibrational energy (37). The presence
of the 1600-1650 cm ~ band is important for two reasons: it shows
structured water on the surface and it overlaps important
absorption pezks for our test organic adsorbates.

Figure 4 illustrates the positions and relative intensities of
absorption bands given by functional groups when D,0 is the
solvent. Although the bulk Fe-0-Fe and/or 8§ (Fe-0H) vibration
peaks at 895 and 800 cm are_Ehe same, three new bands, appear
(1188-1219, 2256, and 2604 cm ). The band at 3145 cm ~ caused by
bulk OH stretching is now in closer agreement with the position and
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Figure 3. CIR-FTIR spectra of goethite (x-FeOOH) at 100 g/L
solid concentration suspended in water at pH 6.5: (a) spectrum
of suspension, (b) spectrum of supernatant, (c) difference

spectrum a-b. Reproduced with permission from Ref. 37.
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Figure 4. CIR-FTIR spectra of goethite at 100 g/L solid
concentration suspended in D,0 at pD 7: (a) suspension, (b)
supernatant, (c) difference i-b. Reproduced with permission
from Ref. 37, Copyright 1986; American Chemical Society.
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relative intensity (compared to 800 cm—1 region peaks) of the
similar band seen in dry goethite transmission spectra (37). The
three new bands produced by D,0 treatment result from interactions
at the solid-liquid interface, since bands from the solution phase
have been eliminated by subtracting the supernatant (reference)
spectrum (37). These frequencies agree with reported hydrogen
bonded Fe0-D stretching vibration and hydrogen bonded D,0
stretching ag? bending vibrations (respectively the 260%, 2256, and
1188-1219 cm bands shown in Figure 4c) (62,64).

Figure 5 (upper) shows a CIR-FTIR spectrum of the aqueous
salicylate anion (SAL) at pH 5.5. Although Volovsek et al. (57)
attributed 1386 cm =~ to a phenolic 0-H inner plane bend of
salicylic acid in CCl,, the same strong peak is observed in
aqueous benzoate solution (Figure 5, middle) which has no phenolic
group, indicating that 1386 em = is more likely a carboxylic
vibration. We assign the 1253 cm = peak to a C-0 phenolic stretch
after analyzing aqueous phenol solutions at two pH values. Figure
5 (lower) shows the phenol spectrum at pH 5.5, where phenol is
uncharged. However, a spectrum taken at pH 11.4, where_phenol
exists as the phenolate ion, shows no band near 1378 cm while the
1240 cm ~ band shifts to 1270 cm ~. These two observations
indicate that the 1378 cm = peak corresponds to a C-OH bending, _
since the O-H proton is not present at pH 11.4, while the 1240 cm
peak is a C-~0 phenolic stretch in which the C-0 stretching
vibrational energy is greater than for the C-0OH group. TherefoET,
if the 1240 cm = band is the phenolic OH in phenol, the 1253 cm
band should be the corresponding vibration in SAL (in this case
more energy is needed for vibration due to internal hydrogen
bonding). By studying other aqueous solutions of benzoic acid and
phenoliglcompounds, we have assigned the SAL doublet at 1487 and
1458 cm to C=C skeletal ring stretchings. The former assignment
matches research performed on solid salicylate (65) as well as a
study of salicylic acid in CCl, and djoxane solutions (57),
both of which attributed the 1287 cm ~ peak to a ring vibratiom.

When the aqueous SAL spectrum (repeated in Figure 6, upper) is
compared to the spectrum of SAL adsorbed on goethite (Figure 6,
middle), where DO is used as the solvent to reduce water
interference in fhe 1570-1650 cm = region, a clear difference in
the two spectra can be observed, indicating that some interaction
between SAL and the goethite surface has occurred. Further
information about the interaction can be obtained by comparing
Figure 6 (middle) with the spectrum of SAL in aqueous Fe(III)
solution at pH 1.8 (Figure 6, lower). Even though the supernatant
pH values differ by 3 units in the two systems, their associated
spectra_?re very similar. Essentially identical bands occur at
1369 cm (middl ) and 1359 cm (lower) (probable carboxylic
group), 1239 cm (phenolic group observed when SAL adsorbed on
goethite in H,0), and the 1456, 1467 cm doublet (C=C ring
vibrations). "Even the 1540, 1573, and 1601 cm _,bands are similar,
although the aqueous Fe(1II)-SAL system 160l cm = band does have a
lower relative intensity. -1

There is a slight discrepancy between the 1369 and 1359 cm
peak positions since our system resolution is 4 cm . This
discrepancy may be due to the difference in residual iron charge
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Figure 5. CIR-FTIR spectra of three 0.1 M organic compounds

in 1 M KC1 at pH 5.5. (upper) salicylate (SAL) = C6H40HCOO_;

(middle) benzoate = C6HSCOO_; (lower) phenol = C6H5OH.

between a solution complex and a SAL-goethite surface complex or
may be related to the 3 pH unit difference between supernatant pH
values. However, this small shift in peak positions is not a
solvent_Tffect, because SAL-goethite spectya in H,0 have a
1370 cm ~ peak as compared to the 1369 cm = peak In D,O.

Previous studies propose that Fe(III) and SAL form a 1l:1l
chelate at low pH in aqueous systems (66,67). Such a chelate would
be highly conjugated and have the following structure:

+
o]
f

C\\?
O/Fe

In order to explain the similarity between the SAL-goethite
spectrun and the aqueous SAL-Fe(III) spectrum, a chelate structure
similar to that drawn above must be assumed to form during SAL
adsorption on goethite.
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Figure 6. CIR-FTIR spectra of SAL and iron:SAL complex in
solution and SAL on goethite. (upper) 0.1 M SAL in 1 M KCIl
at pH 5.5; (middle) SAL on goethite in D ,O with goethite
surface groups subtracted at pD 4.5, 0.0f M KC1 and 100 g/L
solid concentration; (lower) aqueous iron:SAL complex at pH
1.6.

To facilitate such chelate formation, each SAL ion would have
to displace two surface hydroxyl groups from one iron atom in the
goethite crystal. This does assume, however, that the goethite
surface 1s fully hydrated before SAL adsorption occurs, so that all
iron atoms near the surface are coordinated to six oxygen atoms.
This assumption seems reasonable considering that all suspensions
used to obtain spectra in D,0 were equilibrated with D,0 for at
least four days before use,“and some ultrasonic dispersion was
performed during this time. Steric constraints might be expected
to limit the number of iron atoms at the goethite surface which can
form such chelation structures. This would explain the relatively
low maximum adsorption densities for SAL on goethite reported
earlier. Also, if SAL-goethite surface chelates do form, possible
stoichiometries for this reaction are limited because they must
provide a proton abstracted to anion adsorbed ratio less than one,
as discussed previously in the titration calorimetry section under
anion adsorption results. Since this adsorption reaction is
occurring in a deuterated system already preequilibrated at pD 4.5,

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



158 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

one possible surface reaction which provides a proton abstracted to
anion adsorbed ratio less than one is the following:

0 -

o0, o
J»Fe + | — 3—Fe + 2,0
~
oD D,

Similar bonding mechanisms have been proposed previously for
adsorption of benzoic acid and phenolic derivatives on iron oxides
(51) and aluminum oxides (14). Cornell and Schindler (52) have
also suggested that COOH groups are involved in aliphatic
hydroxycarboxylic acid adsorption on goethite. Parfitt et al. (49)
proposed that oxalate adsorption (pH 3.4) on goethite involved
replacing two singly coordinated oxygens by ligand exchange, while
benzoate adsorption required replacing only one singly coordinated
oxygen. However, most of these earlier studies did not investigate
aqueous suspensions due to limitations in the techniques used.

As we have shown, the CIR-FTIR technique can be used to extend
these mechanistic binding investigations into the aqueous solution
or suspension phase. By examining CIR-FTIR peak assignments and
shifts, in situ bonding of an organic ion (salicylate) to a metal
oxide (goethite) can be investigated directly, complementing
thermodynamic information obtained from an entirely separate
technique, titration calorimetry.

Summary

Titration calorimetry and CIR-FTIR are valuable tools for studying
processes which affect adsorption reactions at solid-liquid
interfaces. Since CIR-FTIR can be used for direct, in situ
investigations of metal oxide-water interfaces, it has tremendous
potential for elucidating adsorption reaction mechanisms. We have
used these techniques to obtain evidence suggesting that salicylate
ions bind to goethite in a chelated structure by displacing two
surface hydroxyls from single iron atoms. However, neither method
should be considered a "stand-alone" technique. Just as Forni's
statement (1) implies, information obtained using several methods
(e.g., titration calorimetry, electrophoresis, adsorption
isotherms, CIR-FTIR) must be combined in order to develop a
reasonably complete picture of interfacial reactions in metal
oxide and other mineral systems. Our challenge now is to apply
these techniques in geochemical investigations of the factors
controlling such processes as mineral dissolution and
precipitation, adsorption of organic and inorganic molecules on
mineral surfaces, and interfacial redox reactions. Many of these
techniques can also be extended to studies of the interfacial
chemistry of biological systems as well.

Acknowledgments

This research was funded by grants from the U.S. Department of
Energy under Contract DE-AC02-80EV10467 and the U.S. Department of

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



8. ZELTNER ET AL. Anion Binding on Goethite 159

Interior, U.S. Geological Survey, State of Wisconsin Water
Resources Research Institute Program 14-08-0001-G890. We also wish
to thank Jean Schneider and Helen Crogan for typing the manuscript.

Literature Cited

. Forni, L. Catalysis Rev. 1973, 8, 67.

2. Westall, J.; Hohl, H. Adv. Colloid Interface Sci. 1980, 12,
265-294.

3. Sposito, G. "The Surface Chemistry of Soils"; Oxford: New
York, 19843 Chap. 5.

4. Atkinson, R.J.; Posner, A.M.; Quirk, J.P. J. Inorg. Nucl.
Chem. 1968, 30, 2371-2381.

5. Bolt, G.H. J. Phys. Chem, 1957, 61, 1166-1169.

6. Parks, G.A.; de Bruyn, P.L. J. Phys. Chem. 1962, 66,
967-973..

7. James, R.0.; Parks, G.A. Surf. Colloid Sci. 1982, 12,
119-216.

8. Atkinson, R.J.; Posner, A.M.; Quirk, J.P. J. Phys. Chem.
1967, 71, 550-558.

9. Yates, D.E. Ph.D. Thesis, University of Melbourne,
Australia, 1975.

10, Balistrieri, L.S. M.S. Thesis, University of Washington,
Seattle, Washington, 1977.

11. Kavanagh, B.V.; Posner, A.M.; Quirk, J.P. J. Colloid
Interface Sci. 1977, 61, 545-553.

12. Martell, A.E.; Smith, R.M. "Critical Stability Constants
Vol. 3: Other Organic Ligands"; Plenum: New York, 1977;

p. 186.

13. Davis, J.A.; Leckie, J.0. Environ. Sci. Tech. 1978, 12,
1309-1315.

14. Kummert, R.; Stumm, W. J. Coll. Interface Sci. 1980, 75,
373-385.

15, Barthel, J. "Thermometric Titrations"; Wiley: New York, 1975;
Chap. 2.

16. Hansen, L.D.; Lewis, E.A.; Eatough, D.J. In "Analytical
Solution Calorimetry"; Grime, J.K., Ed.: Wiley: New York;
1985; Chap. 3.

17. Clearfield, A.; Kullberg, L.H. J. Phys. Chem. 1974, 78,

152-159.

18. Clearfield, A.; Kullberg, L.H. J. Phys. Chem. 1974, 78,
1812-1817.

19. Clearfield, A.; Tuhtar, D.A. J. Phys. Chem. 1976, 80,
1302-1305.

20. Kullberg, L.; Clearfield, A. J. Phys. Chem. 1980, 84, 165-169.

21. Clearfield, A.; Day, G.A. J. Inorg. Nucl. Chem. 1981, 43,
165-169.

22. Guarido, C.G.; Suarez, M.; Garcia, R.; Llavona, R.;
Rodriguez, J. J. Colloid Interface Sci. 1985, 17, 63-68.

23. Goulding, K.W.T.; Talibudeen, O. J. Colloid Interface Sci.
1980, 78, 15-24.

24, Talibudeen, 0.; Goulding, K.W.T. Clays and Clay Minerals
1983, 31, 37-42.

25. Khosla, N.K.; Bhagat, R.P.; Gandhi, K.S.; Biswas, A.K.
Colloids and Surfaces 1984, 8, 321-336.

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



160 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

26. Pradip; Fuerstenau, D.W. Colloids and Surfaces 1985, 15,
137-146.

27. Eatough, D.J.; Christensen, J.J.; Izatt, R.M. "Experiments in
Thermometric Titrimetry and Titration Calorimetry”; Brigham
Young Univ. Press: Provo, UT, 1974.

28. Machesky, M. Ph.D. Thesis, University of Wisconsin, Madison,
Wisconsin, 1985.

29. Onoda, G.Y., Jr.; de Bruyn, P.L. Surf. Sci. 1966, 4, 48-63.

30. Berube, Y.G.; Onoda, G.Y., Jr.; de Bruyn, P.L. Surf. Sci.
1967, 7, 448-461.,

31. Mikani, N.; Sasaki, M.; Hachiya, K.; Astumian, R.D.; Ikeda,
T.; Yasunaga, T. J. Phys. Chem. 1983, 87, 1454-1458.

32. Mikani, N.; Sasaki, M.; Kikuchi, T.; Yasunaga, T. J. Phys,
Chem. 1983, 87, 5245~5248,

33. Atkinson, R.J.; Parfitt, R.L.; Smart, R.St.C. J. Chem. Soc.
Faraday Trans. I 1974, 70, 1472-1479.

34. Parfitt, R.L. Adv. Agronomy 1978, 30, 1-50.

35. Taylor, R.W.; Ellis, B.G. Soil Sci. Soc. Am. J. 1978, 42,
432-436.

36. Yost, E.C., unpublished data.

37. Tejedor-Tejedor, M.I.; Anderson, M.A. Langmuir 1986, 2,
203-210.

38. Skoog, D.A. "Principles of Instrumental Analysis”, 2nd Ed.;
Saunders College: Philadelphia, PA, 1980; pp. 241-254.

39. Wilks, P., Jr. Industrial Research and Development 1982,
September, 132.

40. Harrick, N.J. "Internal Reflection Spectroscopy”; Harrick
Scientific Corp.: Ossining, NY, 1979.

41, Messerschmidt, R.G. Scan Time 1983, 2, 3.

42, Wong, J.S.; Rein, A.J.; Wilks, D.; Wilks, P., Jr. Appl.
Spectros. 1984, 38, 32,

43. Foley, J.K.; Pons, S. Anal. Chem. 1985, 57, 945A-956A.

44, Mortland, M.M. Adv. Agr. 1970, 22:75-117.

45, Bailey, G.W.; White, J.L. Residue Rev. 1970, 32, 29-92.

46. Morrill, L.G.; Mahilum, B.C.; Mohiuddum, S.H. "Organic
Compounds in Soils: Sorption, Degradation, Persistence"; Ann
Arbor Science, Ann Arbor, MI., 1982; Chap. 4-5.

47. Davis, J.A. Geochim. Cosmochim. Acta 1982, 46, 2381-2393.

48. Ward, C.H.; Giger, W.; McCarty, P.L. "Ground Water Quality”;
Wiley: New York, 1985; Chap. 4,8,19,23.

49. Parfitt, R.L.; Farmer, V.C.; Russell, J.D. J. Soil Sci.
1977, 28, 29-39. 50. Parfitt, R.L.; Fraser, A.R.; Russell,
J.D.; Farmer, V.C. J. Soil Sci. 1977, 28,40-47.

51. Parfitt, R.L.; Fraser, A.R.; Farmer, V.C. J. Soil Sci. 1977,
28, 289-296.

52. Cornell, R.M.; Schindler, P.W. Coll. Polym. Sci. 1980, 258,
1171-1175.

53. Lindberg, B.T. Acta Chem. Scand. 1968, 22, 571-580.

54. Dunn, G.E.; McDonald, R.S. Can. J. Chem. 1969, 47, 4577-4588.

55. Mori, N.; Asaro, Y.; Irie, T.; Tsuzuki, Y. Bull. Chem. Soc.
Japan 1969, 42, 482-487.

56. Czarnecka, E.; Tramer, A. Acta Phys. Polonica 1969, 36,

133-143.
57. Volovsek, V.; Colombo, L.; Furic, K. J. Raman Spec. 1983, 14,
347-352,

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



8. ZELTNER ET AL. Anion Binding on Goethite 161

58.

59.
60.

61.
62.
63.
64.
65.

66.
67.

Thijs, C.; Zeegers—Huyskens, Th. Spectroscopy Letters 1977,
10, 593-602.

Wojcik, M.J. Chem. Phys. Letters 1981, 83, 503-507.
Marshall, P.R.; Rutherford, D. J. Colloid Interface Sci.
1971, 37, 390.

Russell, J.D.; Parfitt, R.L.; Fraser, A.R.; Farmer, V.C.
Nature 1974, 248, 220-221.

Rochester, C.H.; Topham, S.A. J. Chem. Soc. Faraday Trans. I
1979, 75, 591-602.

Rochester, C.H.; Topham, S.A. J. Chem. Soc. Faraday Trans. 1
1979, 75, 872-882.

Nakamoto, K. "Infrared and Raman Spectra of Inorganic and
Coordination Compounds"; Wiley: New York, 1978; pp. 119-123.
Ansari, A.K.; Verna, P.K. Indian J. Pure Appl. Phys. 1979, 17,
632-634,

Bertin-Batsch, P.C. Ann. de Chim. 1952, 12, 481-494.

Ernst, Z.L.; Menashi, J. Trans. Faraday Soc. 1963, 59,
1794-1802.

RECEIVED May 20, 1986

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



9

Macroscopic Partitioning Coefficients for Metal Ion
Adsorption
Proton Stoichiometry at Variable pH and Adsorption Density

Bruce D. Honeyman’ and James O. Leckie

Environmental Engineering and Science Group, Department of Civil Engineering, Stanford
University, Stanford, CA 94305-4020

This paper addresses one aspect of the problem of
extending laboratory data to field situations. The
emphasis is on macroscopic, semi-empirical descriptions
of metal-ion adsorption and their use in the
"predictive” modeling of adsorption over a range of pH
values and adsorption densities. Two methods for
determining the net release or consumption of protons
during adsorption, Kurbatov plots and isotherm analy-
sis, are critically evaluated. Isotherm analysis shows
that the net proton stolichiometry is dependent on pH
and metal adsorption density. Kurbatov's method is
insensitive to these dependencies. Macroscopic proton
coefficients, ¥, are only rarely observed to have inte-
ger values although geochemists have often, arbitrar—~
ily, given x a value of 1.0 or 2.0 in adsorption
models. Comparison of macroscopic adsorption stoichio-
metries with the specific microscopic subreactions of a
surface coordination model (Triple Layer) indicates
that protolytic and electrolyte ion reactions appear
important in determining the macroscopic proton coeffi-
cient. In addition, macroscopic partitioning coeffi-
clents provide ambiguous information on the existence
and nature of surface-site heterogeneity.

Several different approaches can be used to model the interaction of
solutes with reactive mineral surfaces. The conceptual approaches
differ in the degree to which they account for observed or postu-
lated solution and surface reactions. Whatever the approach, the
description of interactions at the particle/solution interface must
inevitably take into account the effect of pH on solute adsorption.

The advent of surface-complexation models brought the concepts
and formalisms of coordination chemistry to the study of
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interactions at the solid/solution interface. The objective is an
understanding of observations of macroscopic adsorbate behavior
through the use of multiple, competing microscopic subreactions,
both for the surface and bulk solution. The emphasls is on elemen-
tary equilibrium reactions with an accounting for the effects of the
electrified interface either by explicitly considering electrostatic
effects (1-3) or by the incorporation of field effects into the
rational activity coefficients (4). For example, a subset of the
suite of microscopic reactions needed to describe the macroscopic
removal of a metal ion from solution by a hydrous metal oxide may
include the surface and solution reactions shown in Table I (SO~
represents a broken oxygen bond on the oxide surface and M a metal
of charge Z7).

Table I. Examples of Sub-Reactions Needed to Describe Overall
Metal Adsorption Using Surface Coordination Models.

adsorbate surface reactions

5o~ + MZt = som?~1
so™ + MonZ1 = somonz~?2
other surface reactions
protolysis SOH = H' + so~
SOH + HY = SOH}
exchange SOH + Nat = s0™ —-Na* + 't

SOH + Nog + Hy0

+ - -
SOHZ-—NO3 + OH

s0™--Na* + monZ! = so™~-monZ"! + Na*

solution-phase reactions

M=+ 1,0 = monz~l + wt

* 4+ c1m = mor%!

hydrolysis

complex formation MZ

Surface-complexation models require a high degree of detail
about the heterogeneous systems. Unfortunately, the chemical detail
required to use surface-complexation models will often exceed our
knowledge of interactions taking place in natural systems. Conse-
quently, geochemists have often resorted to semi-empirical, macro-
scopic descriptions, which are more easily utilized.

The semi-empirical descriptions of adsorbate/solid interactions
are based on net changes in system composition and, unlike surface
complexation models, do not explicitly identify the details of such
interactions. Included in this group are distribution coefficients
(KD) and apparent adsorbate/proton exchange stoichiometries. Distri-
bution coefficients are derived from the simple association reaction

Maq : Mads S
and ™Y Mo
K = ads” _ ads” |1 (mk-g_l) (2)
D [Maq] [Maq] CP
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where [ ] denotes concentration, { } the mass of metal removed from
solution per mass of particles, C_ the particle concentration and M
represents all species of the metal of interest either in solution
or assoclated with the particle surface. Because a Kp does not
include a functional relationship between (H*] and [Mads]/[Ma 1, a
K, cannot be utilized at pH values other than for which it was
determined. A modified form of the distribution coefficient can be
derived from a macroscopic (i.e., net) metal/proton exchange
reaction (e.g., (5))

>
soux +M _ SOM + H 3)

X
_ Lsom][n] )

K = o lnd
[SOHX] [M]

SOH represents any surface site unassociated with any specles of M,
SOM a metal/surface-site complex and X the apparent ratio of moles
of protons released or consumed per mole of adsorbate removed from
solution.

In surface-complexation models, the relationship between the
proton and metal/surface-site complexes 1is explicitly defined in the
formulation of the proposed (but hypothetical) microscopic subreac-
tions. 1In contrast, in macroscopic models, the relationship between
solute adsorption and the overall proton activity 1s chemically less
direct: there is no information given about the source of the
proton other than a generic relationship between adsorption and
changes in proton activity. The macroscopic solute adsorption/pH
relationships correspond to the net proton release or consumption
from all chemical interactions involved in proton tranfer. Since it
is not possible to account for all of these contributions directly
for many heterogeneous systems of interest, the objective of the
macroscopic models is to establish and 'calibrate' overall parti-
tioning coefficients with respect to observed system variables.

In this paper we compare two graphical methods for determining
macroscopic proton release (i.e., x in Equation 4): the adsorption
edge linearization method of Kurbatov et al. (6) and the isotherm
analysis technique of Perona and Leckie (7). We will examine their
usefulness in describing metal adsorptiod_bver a range of pH and
adsorption densities. We will also demonstrate that, while Kurbatov
plots may be useful for describing the characteristics of individual
pH/metal fractional adsorption edges, they are inappropriate for use
over a range of solution conditions. This is particularly important
in light of a recent renewal of interest in Kurbatov plots (8-10).
Finally, the macroscopic proton coefficient and mass action expres-—
sion are compared to the subreactions used in the Triple-Layer Model
of Davis et al., (1) and it is demonstrated that 1) macroscopic
proton coefficients do not represent the actual microscopic
adsorbate/H+ stoichiometry, and 1i) overall partitioning expressions
are poor diagnostic tools to demonstrate the existence of surface
site heterogeneity.

Macroscopic Descriptions of Solute Adsorption and the Net Proton
Coefficient. The macroscopic proton coefficlent plays two important
roles in our macroscopic descriptions of surface processes. First,
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the magnitude of x determines the extent to which net partitioning
of an adsorbate between solid and solution phases changes in
response to system pH and site concentration. Second, what 1s known
about x 1s intimately related to phenomenological models for surface
interactions.

x and the Partitioning of a Metal Between Solid and Solution. As an
illustration of the first point, consider Figure 1. This figure
shows the hypothetical adsorption of a metal, M, onto either hydrous
oxide A or B. That is, each set of M=-distribution lines represents
the net solid/solution partitioning of M in a system containing only
solid A or solid B. 1In either case, the solids are present in
equivalent total site concentrations (SOHT). The macroscoplc proton
coefficient, X, for the interaction of M with SA is 1.0 and for M
with Sp it 1s 2.0. Adsorption 1s described according to an overall
exchange reaction (Equation 3). The adsorption equivalence point
([soM] = 0.5 Mp) 1s equal to pH 8 for both systems at the initial
conditions (Figure la). The slopes of the distribution lines are
equal to the respective net proton coefficients.

An interesting characteristic of the modeling is that the
response of the net solid/solution partitioning of M to changes 1in
total site concentration is also a function of X. This 1s indicated
by shifts in the system equivalence point. For example, as the site
concentzztion of _each solid is increased by an order of magnitude,
from 107" to 107 °M, the equivalence point of system M/SA shifts by
one pH unit (1/x=1) and that of M/SB by (1/%=2) pH units. This
point is illustrated more directly in Figure 2 where the equivalence
point is shown as a function of site concentration. Again, the
systems have an initial equivalence point of pH 8. In practical
application this means that adsorptive reactions which produce a
greater change in the net proton coefficient will exhibit less
dependence on particle concentration in determining overall parti-
tioning between the water and solid phases. For example, a step
change in the concentration of amorphous iron coated particles in a
lake water column will produce a much smaller change in the net
solid/solution partitioning of Pb(II), e.g., adsorbed Pb/dissolved
Pb, (x = 2.0, 7) than 1t will for Ag(I) (x = 0.9, 7).

General Observations About x, its Relationship to the Overall
Partitioning Coefficient and to the Concept of Surface-Site
Heterogeneity. One approach to metal/particle surface interactions
which has been developed, historically, in a variety of forms, 1s a
conceptual model that assumes only two conditions for surface

sites: occupled by an adsorbate or unoccupied. In applylng this
approach to the solid/aqueous solution interface, the adsorption
reaction {s modeled as analogous to a simple solution-phase reaction

M + SO = SOM (5)
and
- _soM]
X = parsol (6

The surface-site mass balance is given by

Sy = [S0] + [soM] 7
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Figure 1. Log concentration-pH diagram showing the effect of the
macroscopic proton coefficient on metal adsorption onto two
hypothetical solids in separate, single adsorbent systems. Both
adsorbents are present at the same site concentration: top,

107M, and bottom, 1073M.
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Figure 2. Shift in system equivalence points (pH of 507
fractional metal adsorption) as a function of site concentration
and macroscopic proton coefficient. Initial equivalence point of
pH 8 and SOHg = 104M are arbitrary reference conditions.
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M and SOM represent all specles of an adsorbate, M, which are dis-
solved or assoclated with the surface, respectively. SO represents
all surface sites not associated with any adsorbed specles of M and
[ 1 denotes concentration. A combination of Equations 6 and 7
ylelds the Langmuir isotherm

S.. K [M]

T+ K ] (8

[soM] =
where K 1s the metal ion/surface assoclation constant.

Two assumptions used to derive the Langmuir Isotherm are that
all surface sites are equivalent (surface~site homogeneity) and that
the energy of interaction between an adsorbate and the surface does
not change with the adsorption density (T = moles M adsorbed/mole
sites). The distribution coefficient, KD (Equation 2), is often
mistakenly assumed to behave Langmuirian at all adsorption densi-—
ties, 1.e., that KD is constant for a given adsorbate and surface
type and general solution conditions. However, Kp is only constant
when the concentration of adsorbed metal 1is well below Sy Like-
wise, in its simplest form, the overall exchange reaction and mass-
actlon expression (Equation 4) is also derived from assumptions of
Langmuirian behavior: the particle surface i1s homogeneous and K is
independent of adsorption density.

Benjamin and Leckie (5) tested the applicability of extending
the Langmuirian model to metal ion adsorption onto hydrous metal-
oxide surfaces by examining metal ion adsorption over a wide range
of adsorption densities (T). At very low adsorption density, when
unoccupled surface sites were in great excess ([SOH] = SOHp or [soM]
<K SOHT), the intensity of metal ion/surface site interactions (as
described by K, Equation 4) appeared independent of surface cover—
age, and metal ion adsorption was considered to exhibit Langmuirian
behavior. However, at higher adsorption densities (above some crit-
ical adsorption density, T ) K decreased monotonically with increas-
ing (T). Benjamin and Leckie attributed this phenomenon to hetero-
genelity of surface sites on oxide surfaces, which produced a range
of metal ion/surface reaction energies.

In theilr description of metal ion adsorption, Benjamin and
Leckie used an apparent adsorption reactlon which included a genertlc
relationship between the removal of a metal ion from solution and
the release of protons. The macroscoplc proton coefficient was
given a constant value, suggesting that x was uniform for all site
types and all intensities of metal ion/oxide surface site interac-
tion. Because the numerical value of X is a fundamental part of the
determination of K, discussions of surface site heterogeneity, which
are formulated in terms similar to Equation 4, cannot be decoupled
from observations of the response of X to pH and adsorption density.
As will be discussed later, it is not the general concept of
surface-site heterogeneity which is affected by what is known of ¥x;
instead, it is the specific details of the relationship between K,
pH and T which is altered.

To what extent are assumptions of a constant X valid? Table II
shows the observed macroscopic proton coefficients for cation and
anlon adsorption in a variety of heterogeneous systems. The coeffi-
cients were determined by Kurbatov plots (6) or by isotherm analysis
(7), unless otherwise indicated. 1TIn all cases, X is not an integer.
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Table II. Overall Conditional Proton Coefficients (after Schindler

(17))
ADSORBATE ADSORBENT pH pl(-log i%i;) X Ref.
PH(II) (am)Fe203.H20 4,5-5.0 2.05 1.98 7
"FeOOH" 5.0 - 1.18 11
6.0 - 1.59 11
§-MnO 6.0 - 1.40 12
Y-A1203 4.0-7.0 - 1.50 2
Cd(II)  (am)Fe,04.H,0 6.0-7.5 1.8-5.4 1.4-2.5 13
a-Ti0, 5.0-7.0 1.8-4.3 0.9-1.1 13
a—A1203 6.0-8.0 2.5-4.5 1.2-2.0 13
a—FeOOH 5.8-9.1 2.5~4.5 0.4 10
Na-Mont. 6.5 2.6-4.4 0.2-.44 13
Mn(II) G-MnOZ 4.5-8.2 - 1.0-1.7 14
Cu(II) (am)Fe203.H20 5.1-5.8 2.17 1.9 7
a~FeOOH 3.8-5.9 2,0-3.5 1.1 10
5.0-6.0  1.2-3.0 1.3-1.77 15
Ag(I) (am)Fe203.H20 6.5-10.0 2.0 0.9 7
Sb(III) (am)Fe203.H20 7.0-9.0 3.0 0.4 7
cr(vi) (am)Fe203.H20 6.,0-8.0 2,5-5.0 -0.7 - -2.7 10
«-Ti0, 7.0-8.5 2.0-4.5 -1.7 - =2,6 10
a—A1203 6.0-8.0 1.2-5.0 -0.3 - -0.7 10
Se(VI) (am)Fe203.H20 4.,5-6.4 1.5 -0.9 7
As(VI) (am)Fe203.H20 9.5-10.5 1.5 11.5 7
v(Vv) (am)Fe203.H20 9.5-11.5 3.2-4.0 -0.6 - -1.0 16
a-Ti0, 8.5-11.5 3.0-3.8 =-.59 - -.61 16
a-A1,04 8.0-11.0  4.3-4.7 =0.7 - ~1.0 16

Ttitrations
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In addition, ¥ is generally not constant and appears to exhibit some
dependency on pH and adsorption density (T). Cation coefficients
are generally greater than one, although there are some marked
exceptions (e.g., Cd/a-FeOOH or Na-montmorillonite). In contrast,
the absolute value of net proton coefficlents for anlons are gener-
ally between zero and one. The negative value of x for anions indi-
cates that anion adsorption results in an overall removal of protons
from solution.

Non-integer, net proton coefficients are reasonable considering
the complexity of heterogeneous systems (q.v., Table I). Although
integer stoichiometric coefficlents are appropriate for microscopic
subreactions, arbitrarily extending stoichiometric relationships
used in microscopic reactions to macroscopic partitioning expres—
sions 1is unwarranted.

It also follows from analogy to coordination chemistry of solu-
tions that the apparent macroscopic stoichiometric coefficient for
[H+] should be affected by pH. For example, the mole-fraction
averaged proton release from the two competing surface reactions

* int

X

- +
son + M%% = sou®! + H (9)
*K;nt
OH
+ - +
SOH + M + H0 = soMonZ "2 + 21 (10)

is a function of the pH-dependent hydrglysis o£ MZt in solution in
addition to the relative magnitude of Ky and Kygy.

The relationship between X and T is less obvious; however, the
most straightforward explanation is that the relative importance of
Equations 9 and 10 varies as a function of I'. This would indicate
that the gegendence of “t on T at a fixed pH is different from
that of nﬁ sinfe the solution speciation and, therefore, the
ratio [Mz+] ?MOHZ- ], are fixed once the pH is known. Another
possibility is that the average number of protons associated with
surface sites varies on a surface with heterogeneous sites.

Whatever the specific cause of the observed range in X, the
fact that the numerical value of the net partitioning coefficient is
very sensitive to differences in x makes knowing X accurately an
important issue. Consequently, X must be known, i.e., “"calibrated,”
in terms of major, observable variables.

Determination of x(pH,T) as a Macroscopic Model Parameter

The macroscoplc proton coefficient may be determined by graphical
analysis of observed system variables according to two different
procedures: fractional adsorption edge linearization (6) and iso-
therm analysis (Z). The procedures for calculating the macroscopic
proton coefficlents according to these two methods are discussed in
detall below, as are their relative advantages and disadvantages for
use in semi-empirical descriptions of adsorption.

Kurbatov Plots. Kurbatov plots (6) are made by applying the
linearization of a general overall mass action expression (e.g.,
Equation 4)
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™ ,.]
ads
tog T jsonT) ~ %P * o K an

to experimental data for metal-ion adsorption as a function of pH.
The variables in the argument of the log in the left hand side (LHS)
of Equation 11 are all readily determined from experimental observa-
tion. The LHS of Equation 11 plotted as a function of pH yields a
line of slope Xg and intercept of log Ky. The subscript 'K' denotes
Kurbatov constants.

The application of this method to typical experimental results
is illustrated for Cd(II) adsorption onto a—A1203. Cadmium (II)
fractional adsorption as a function of pH and alumina concentration
is shown in Figure 3a. At constant Cd(II)pn, the position of the
pH/CA(II) fractional "adsorption edge” shi?ts to higher pH as the
surface site concentzation decreases from 7.3 x 10°° M (50 g/%
alumina to 2.9 x 1077 M (2 g/% alumina). Such a shift is expected by
analogy to metal-ligand complexation reactions in solution. In
addition to the shift, the slope of the fractional adsorption edge
decreases with increasing [SOHT]/[M] . Figure 3b contains Kurbatov
plots corresponding to the fracttonaT adsorption data shown in
Figure 3a. For example, linearized edge data for the 6 g/2 a=A1203
systems (circles, Figure 3b) have a slope of 1.09 & 0.09 moles
protons released per mole Cd(II)T adsorbed and an intercept of -4.89
+ 0.66. The observed decrease in the fractional adsorption edge
with decreasing [SOH]T/[Cd(II)]T ratio corresponds to a decrease in
Xg from 1.31 & 0.12 to 0.83 t 0.083.

Surface site densities used in the computation of the oxide
site concentrations presented in this paper were determined by
either rapid tritium exchange or acquired from published values
(18). Reported total site densities for hydrous metal oxides show
relatively little varlation; generally they range by less than a
factor of 3. Since [M], [SOM], [H] and x are known or can be
determined from experimental data, uncertainties in estimates of the
total site concentration are directly translated into uncertainties
in the calculated partitioning coefficient.

In spite of their usefulness as curve-fitting parameters,
Rurbatov coefficients (i.e., proton and partitioning) have deficien-
ciles sufficient to restrict their use in macroscopic adsorption
models. The compilation of proton coefficients presented in Table
IT suggests that x has a dependency on either pH or T or both.
However, each set of fractional adsorption data included in a
Kurbatov plot includes a range of pH values and adsorption dens-
ities. Consequently, Kurbatov coefficients cannot be used to
resolve the question of whether or not x should have a clear func-
tional relationship to pH or . For example, Figure 4a shows
plotted as a function of the adsorption density which corresponds to
50% fractional adsorption from an extended Cd(II)/a—Alzo3 data set
azn. Xg exhibits a general decrease with increasing surface cover-
age, although the scatter in the data obscures any clear functional
dependence of Xg on F'. Since the uncertainty in Xk (from multiple
linear regression at the 95% confidence interval) is generally less
than 10% (approximately the diameter of a datum point symbol), the
scatter in Figure 4a suggests that Xk is a function of another
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variable, in addition to I'. The scatter in X produces a wild
variation in Ky with adsorption density (Figure 4b).

Isotherm Subtraction. A second method (7) of determining the net
proton coefficient from adsorption data is an adaptation of the
thermodynamics of linked functions as applied to the binding of
gases to hemoglobin (19). The net proton coefficient determined by
this method is designated, . The computational procedure makes a
clear distinction between the influence of adsorption density and pH
on the magnitude of the net proton coefficlent. The fundamental
equation used in the calculation of xp is

an
- H _ (Alo [M]
X, G;E—)uﬂ G——zgg-)r (12)
M

It carries with it the restriction that the chemical potential of
all other species must remain constant and the value of the coeffi-
client must be estimated at constant surface coverage. The appendix
to this paper contains a straightforward and intuitive derivation of
Equation 12.

The protocol for determining X from adsorption data is as
follows. Using the metal ion adsorption data as a function of pH
(e.g., that of Figure 3a), two adsorption isotherms are generated
for a narrow pH interval around the pH of interest (Figure 5). The
smaller the pH interval the more representative is of the target
pH. RKurbatov coefficients (xK and KK) are useful for interpolating
to pH values for which there are no adsorption data. The proton
coefficient determined from isotherm analysis may be calculated in
accordance to Equation 12 in the following manner:

x, = {(T=y,)/my = (T-y )/m) }/ (ol -pH ) (13)

where m is the slope of the isotherm and y is the surface coverage
at an arbitrarily chosen dissolved equilibrium metal ion concentra-
tion. The isotherm proton coefficients given in Figure 6 were deter-
mined by evaluating Equation 13 at different surface coverages for
isotherms at the pH values pH; and pH,. The pR at which the (n
relationship is shown 1s the pH at the center of the evaluation
interval.

At constant pH, ). increases with increasing surface coverage
and, at constant T(pl) decreases with increasing pH (Figure 7). For
example, for Cd(II) adsorption onto a-Al,04 at pH 7

xp = 0.105 log T + 1.840 (14)

This combined dependency of X, on pH and surface coverage has the
net effect of decreasing the glope of the pH-fractional adsorption
edge as the ratio of adsorbate to adsorbent sites increases, as in
Figure 3a.

Consequences of x = f(pH,T). In previous sections it was demon-
strated that the net proton coefficient plays an important role in
macroscopic models of metal adsorption. However, its relationship
to major system variables, such as pH and T, 1s poorly understood.
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Two methods for determining net proton coefficients from adsorption
data were also described. 1In the following sections the pH and
adsorption-density dependency of x are discussed and implications
for the macroscopic modeling of metal adsorption are presented. The
effect of including the pH- and pl-dependence of in the calcula-
tion of a macroscopic partitioning coefficient is shown in Figure
8. The line designated 'surface reaction' represents the calculated
partitioning coefficient when the contribution of the proton is
excluded from the mass—action expression, i.e.,
[socd]

Xsr = TCdT[50H] (15)
The decrease in log K__ with increasing surface coverage, i.e., non-—
Langmgiriin behavior, comes directly from experimental observation.
If Cd“7/H" exchange is included, but with a constant proton coeffi-
cient (x # f(pH,T), the resultant log K/log T line in Figure 8 is
parallel to that of Ksr but lower in magnitude by [H+]X. For
example, data at pH 7 and x = 1.2, the difference in the partition—
ing coefficients would be ~ 2 x 107, However, X is not constant;
instead, it increases with surface coverage. When the specific
relationship between x_ and T is included in the calculation of K,
the slope of the log Kylog I line becomes more negative (Figure 8).
The partitioning coefficient which is sensitive to the variation of
x with T ({.e., it includes Xp) is designated P and

P=K [H]Xp (16)

ST

For example, for Cd(II) adsorption onto a-Al,04 at pH 7
log P = 1,50 log T - 12.85 (17)

The relationship between P and T also changes with pH for two
reasons (compare lines 3 and 4 of Figure 8): i) dissolved/solid
partitioning of the metal (i.e., K ) changes with pH, and ii), X,
is a function of pH (Figures 6 and 5).

The observation that the macroscopic proton coefficient is a
function of adsorption density and pH has several implications for
macroscoplc modeling of cation and anion adsorption. The dependency
of x on pH and T affects: 1) the relationship of the macroscopic
partgttoning coefficient to pH and adsorption density, 2) the notion
of metal ion preferences for a particular surface in systems with
multiple solid phases, 3) the accuracy of predictive models when
used over a range of adsorption density and pH values, and 4) con-
clusions about site heterogeneity based upon partitioning expres-—
slons which use constant proton coefficients.

P=f(x., pH). As described above, the magnitude of P is inexorably
linkeg to the variations of x with pH and adsorption density.
However, the response of x (and P) to T and pH varies among hydrous
oxides. For example, Figure 9a shows the instantaneous (isotherm)
proton coefficient (x_ ) "zones" determined for Cd ion adsorption
onto (am)FeZO * H,0, a—A120 and o-TiO,. The zones are defined by
the calculated proton coef%icients determined for a range of pH
values and adsorption density. The “"thickness" of each zone gives a
qualitative comparison of the pH dependency of xp at each adsorption
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density. Titania shows little change in with either pH or
surface coverage while amorphous iron oxyhydroxide and alumina
exhiblt large ranges in the observed proton coefficlents.

The corresponding partitioning coefficlient zones are shown in
Figure 9b. Because ¥ _ 1s an exponent in the numerator of the overall
mass action expression describing metal adsorption (e.g., Equation
4) the slopes of the x_  and log P vs log T functions (and the
predominance zones) have opposite signs (this 1Is not the case for
anion adsorption; see Honeyman, 1984). The dependency of on pH
produces a number of possible partitioning coefficients at each
adsorption density. It is also clear from Figure 9b that the rela-
tive ability of these three metal oxides to remove Cd(II) from solu-
tion varies considerably with adsorption density which, in part, is
due to changes in yx_ (pH,T). For example, consider each oxide to be
present at equal sige concentrations. At low surface coverages,
0-Al,05 should be more effective at removing Cd(11) from solution
than is (am)Fe203 Hy0. At moderate adsorption densities
(pT ™ 3 to 4), the similarity of partitioning coefficients will make
them indistinguishable in their ability to remove CA(II) from solu-
tion. At still higher adsorption densities, amorphous iron oxyhy-
droxide may successfully compete with a—TiOZ. This example suggests
that metal ion preference for a particular surface which is deter-
mined at one point in pH/T "space” should not be extended to other
conditions unless P = f(pH,T) is explicitly known. This illustrates
one of the problems in extending laboratory data for metal ion
preferences to field situations.

Metal Ion Adsorption in Mixtures of Multiple Solid Phases. One of
the arguments put forth for extending the concepts of solution
coordination chemistry to heterogeneous systems 1s the hypothesis
that the mineral components of soils or sediments can be considered
as ligands which compete for complexation of adsorbates. To this
end, it is important to know the relative ability of different
mineral surfaces to complex solutes.

For example, consider the adsorption of Cr(VI), an oxyanion,
onto a—A1203 and (am)Fe203.H20 (Table III). With each oxide in
suspension present at the same total site concentration, approxi-
mately the same fractional adsorption of Cr(Vl1) was observed at pH 7
from a one micromolar solution of Cr(VI). Counsequently, the affin-
ity of alumina and amorphous iron oxyhydroxide surfaces at pH 7 for
chromate ion are the same when the affinity is defined in terms of a
distribution coefficient (KD or K, ). However, the pH dependence of
Cr(VI) fractional adsorption is different for the two adsorbents, as
indicated by the Kurbatov proton coefficients, i.e., the slope of
the pH/fractional adsorption edge. Therefore, at pH values less
than 7, KS for Cr(VI)/a-A1203 will be less than the Ko r for
Cr(VI)/(amSFe203 Hy0. At pH values greater than 7 the converse is
true. When XK is used to account for the partitioning of Cr(VI)
with pH, calcnlated affinities differ by approximately two and one
half orders of magnitude. Use of ¥ markedly widens the apparent
affinity preference and, as discussed next, improves our ability to
describe solute adsoprtion over a range of adsorption densities.
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Table III. Cr(VI)Adsorption onto a-Al,04 and (am)Fe203.H20

Cr(vi) 1.0 x 10'6M; SOHp 8.8 x 10"‘}4; pH 7

£ log Ksr X PKK &: PP
0Al 504 0.56 3.16 -0.70 8.09 0.72 7.68
Fe,04 H,0 0.47 3.01 -1.09 10.65 -1.46 13.26

Predicting Adsorption Over a Range of Adsorption Densities.

Kurbatov coefficients (XK,KK) are useful curve-fitting parameters
for fractional adsorption edges, but their use in macroscopic models
of solute adsorption should be carefully considered. This is 11lu-
strated in two examples. Figure 10 compares the observed adsorption
densities for CA(II) on a—A1203 with the corresponding adsorption
densities calculated from a single pair of Kurbatov coefficients
(XK’KK)' The coefficients used were for a CAd(II) fractional adsorp-—
tion edge representing a relatively low agsorption dengity (pT X 4;
log(mol ads/mol sites); CA(II)p = 1 x 107°M; 7.3 x 107°M total
sites). Except at lowest adsorption density, there is a significant
departure between the observed and calculated adsorption: the calcu-
lations overestimated the actual Cd(II) removal.

An invariant partitioning coefficient will not account for
decreasing metal/surface affinities with increasing adsorption
density. The isotherms in Figure 5 have slopes of approximately
0.7. This means that the macroscopic partitioning coefficient
decreases with increasing surface coverage (Langmuirian behavior
should exhibit a slope of 1.0). In fact, because of the way in
which Kurbatov coefficients are determined (refer to the discussion
of Figure 4), it is very unlikely that it would be possible to
determine an unambiguous relationship between KK and I, Thus, the
use of Kurbatov coefficients requires that adsorption be Langmuirian
in behavior (that is, that the metal ion/surface assoclation param-
eter must be independent of T,

As a second example, consider the partitioning of Cd(II)
between two adsorbents—-a—TiOz and (am)Fe,O .HZO. Figure 11 shows
Cd(II) fractional adsorption as a function of pH for binary mixtures
of these adsorbents under experimental conditions such that Cd(IL)q
and SOHp are constant: only the surface site mole fraction varies
from one end-member to the next. As the site mole fraction shifts
between the end-members, the fractional adsorption edges for the
binary adsorbent mixtures varies bhetween the limits defined by end-
members. 1In the absence of particle-particle interactions, the
adsorbents should act as independent ligands competing for complexa-
tion of Cd(II). If this is the case, then the distribution of
CA(II) in such binary wmixtures can be described by a composite mass—
action expression (13) which includes a separate term for the inter-
action of CA(IT) with each adsorbent.

The results of two sets of computations are shown in Figure
12. Open circles represent calculations for the binary adsorbent
systems which used the Kurbatov coefficients for the end-member
systems. This {s the approach used by Davies-Colley et al., (9) in
their examination of metal ion adsorption 1n mixtures of model
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adsorbents. The T-invariant Kurbatov coefficients are inadequate to
describe the general adsorption behavior at the relatively high
adsorption densities of the experimental systems. However, the use
of proton coefficients which depend on pH and T results in good
agreement between the experimental data and calculations.

Macroscopic Coefficients and Surface-Site Heterogeneity. Benjamin
and Leckies' model (5) of heterogeneous metal oxide surface sites
includes two observations of metal ion/surface site interactions.
At very low adsorption densities, metal ion adsorption exhibits
Langmuirian behavior. However, above some critical adsorption
density, I' (i.e., when approximately 0.01%7 of surface sites are
occupled), the intensity of metal ion/interactions decreases with
increasing surface~site occupancy. A corollary of this mgdel is
that X has a unique value at adsorption densities below T for a
specific adsorbate and adsorbent. By extension, 4G ds 1s unique
and, therefore, independent of I'. This 1s one of tﬁe basic tenents
of Langmuirian adsorption.

The incorporation of x (pH,T) into macroscoplc mass—action
expressions for adsorption gas shown not only that K*is not a unique
function of T at adsorp;ion densities greater than I' but that K is
also not unique below I' . In both cases it is due to the dependence
of the macroscopic partitioning coefficient on pH (Figure 13).

If X {s taken as a surrogate measure of the intensity of metal
ion/surface reactions, then the observation that K is not unique at
adsorption densities below I suggests that surface site/adsorbate
interactions are still of variable intensity (4G is not con-
stant). Hence, one of the basic tenents of Langmuirian behavior 1is
not met.

Microscopic Subreactions and Macroscopic Proton Coefficients. The
macroscopic proton coefficient may be used as a semi-empirical
modeling variable when calibrated against major system parameters.
However, X has also been used to evaluate the fundamental nature of
metal/adsorbent interactions (e.g., 5). In this section, macro-
scoplc proton coefficients (¥, and )} calculated from adsorption
data are compared with the microscopic subreactions of the Triple-
Layer Model (1) and thelr inter-relationships are discussed.

The macroscopic proton stoichiometry of an adsorption reaction
represents the net consumption or release of protons by all subreac-
tions which result from the removal of an adsorbate from solution.
Macroscopic partitioning expressions do not identify the detaills of
such interactions; the stolchiometric expressions merely show a
generic relationship between adsorbate removed from solution and a
transfer of protons. Schindler (17,23), for example, has discussed
the relationship between the expected maximum proton release and the
observed overall stoichiometry of surface complex formation due to
competing surface protolytic and electrolyte ion surface reactions.
He observed that the proton release will be equal to the actual net
metal species/proton exchange only when the contribution of compet-
ing reactions, e.g., those of Table IV, are negligible or are speci-
fically taken into account. Surface coordination models, in con-
trast, explicitly define a proposed suite of reactions which can be
used to describe net system behavior. In the following comparison of
microscopic subreactions and macroscopic coefficients it is shown
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that electrolyte lon reactions have an important effect on the net
proton transfer.

It is not currently possible to examine the configuration of
the adsorbed species unambiguously. However, since thermodynamic
arguments do not require a specific model at the molecular level, it
is still possible to analyze equilibrium data within a thermodynamic
context. Most surface reactions are inferred from experimental
observations of reaction stoichiometries and perhaps only in a
limited range of I'. Consequently, the choice of specific surface
speclies is dependent on two considerations: (1) the need to explain
the observed measurements in terms of reaction stoichiometries, and
(2) the selection of a model to allow the representation of metal/
surface site interaction intensities.

Table IV. Subreactions and Constants Used in Triple-Layer
Model Dalculations for Cd(II)/a—A1203

reaction gint so:rce
SOH + Na' = so=-Na* + H* -9.2 20
SOH + NO3 + H' = SOH}--NO3 8.3 21
so~ + HY = son°® 6.3" 22
soi + H' = SOH} -12.0' 22

€, = 120, ¢, = 20 uF/cmZ: The capacitances for the inner and
outer regions of the compact layer.

Tfor Y-alumina

A specific example of the relatioanship between the microscopic
subreactions required to model experimental observations of metal
removal and the macroscopic proton coefficient is shown for the case
of Cd(II) adsorption onto a-Al 03 (Figure 3). One variation of the
surface coordination concept 1s used to describe the system subreac-
tions: the Triple Layer Model of Davis et al., (1,20). The specific
subreactions which are considered, the formation constants and com~
pact layer capacitances, are shown in Table IV. Protons are
assigned to the o-plane (the oxlde surface) and Cd(II) surface
species and electrolyte ions to the B-plane located a distance, B,
from the o-plane.

The information in Figure 14 was produced in the following way.
The slope (or the Kurbatov coefficients shown in Table V) and posi-
tion of the fractional agsorgtion s %es in Figure 3 were used as the
criteria of model fit. and Kedon were used as the fitting
parameters and all other parameters were held constant. Conse-
quently, the intrinsic constants shown in Figure l4a represent best
fit parameters and, given that all other surface and solution
association constants are invariant, constitute a unique solution
set for each adsorption density.

At low surface coverages (high SOHT) only the S0=-CdOHt surface
species 1is rquired to fit the data. For example, decreasing SOHp
from 7.4 x 1072 to 2.9 x 107°M increases the CA(II) adsorption
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density but only the s0=-cdor’ suriace species 1s needed to fit the
experimental data. Furthermore, p KCHSH is the same for both
adsorption densities at 11.8. _At lower alumina concentrations and
greater values of T the SO=-Cd“" species must be included for two
reasons: 13+t0 reduce the overall proton release (the formation of
the S0--Cd“" species produces one proton compared to 2 for the SO--
CdOH surface species), and 2) to produce the observed shift in the
pH/metal-fractional adsorption edge with changing SOHT/Cd(II)T
ratio.

The distribution of CA(II) surface species is shown as a
function of SOH, in Figure 14b. The mole fraction of Cd(II) surface
specles is defined as the ratio of the concentration of a CA(II)
surface sgecies relative to the total C4d(II) on the surface, e.g.,
[S0=-CdOH" )/ [ JCA(II) 1 4corbed] -

To what extent Is the macroscoplc proton release the direct
expression of the metal/surface site reactions? Table V compares
the macroscopic proton coefficients ( 'XK) with the coefficlent
expected if only the Cd(II) surface reactions are considered: X, ¢,
is the proton coefficlent determined by considering the mole
fraction of Cd(II) surface specles and thelr formation reactions
(Figure 14b). For example, when pSOH 1s 2.84, x ¢ = 0.1l x 1 +
0.89 x 2 = 1.89. At high alumina concentrations (pSOH 2.14-2.53)
the single surface reaction required to fit the data sets a limiting
proton release of 2.0.

Table V. Comparison of Proton Coefficients

mole fraction pSOH Xp. £. & Xp
S0--Cd S0--CdOH
0.77 0.23 3.53 1.23 0.83 1.48
0.49 0.51 3.06 1.51 0.97 1.48
0.11 0.89 2.84 1.89 1.17 1.47
0.00 1.00 2.53 2.00 1.15 1.46
0.00 1.00 2.14 2.00 1.31 1.43

It is clear, for the Cd(II)/a—A1?03 system at pH 7, that other
reactions are not negligible in their contribution to the macro-
scoplc proton coefficient; at low surface coverage, when SO:—CdOH+
is the only postulated metal-containing surface species, the macro-
scopic proton coefficlent is less than 2. , however, does
approach 2.0 at low pH and high T (Figure 7).

Furthermore, although other electrostatic models for the oxide/
water interface may yleld different relationships among postulated
system components, 1t appears unlikely that either nor Xy alone
will adequately represent the postulated 'true' adsorbate/proton
exchange ratio.

Evaluations of Surface-Site Heterogeneity. An interesting aspect of
these modeling results relates to the concept of site heteroﬁeneity.
When alumina site concentrations were greater than 2.9 x 107" (or
log ' < =-3.2) a single surfacg %omplexation reaction was needed to
describe CA(II) adsorption. KCSSH was constant and independent of
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surface coverage. Under these conditions, Cd(II) adsorption (in
terms of the specific subreaction) exhibits Langmuirian behavior.
In contrast, at the macroscopic level, and (and Ky and P) are
not constant with I', suggesting non-Langmuirian behavior. Such a
contradiction between the macroscopic description of adsorption and
microscoplc sub-reactions again suggests that conclusions about the
existence or extent of surface-site heterogeneity, when based solely
on macroscoplc partitioning coefficients, may be over estimated.
Although it 1is reasonable that multiple site types could exist on
oxide surfaces, the specific relationship between a macroscopic
partitioning coefficient and adsorption density may not be an
accurate reflection of changing intensities for metal/surface
reactions. Instead, variations in macroscopic partitioning coeffi-
clents with surface coverage may represent changes in surface
speciation as well as changes In Interaction intensity.

Summary

The chemical complexity of most natural systems often requires that
adsorption reactions be described using semi-empirical, macroscoplc
models. A common approach is to descrihe the net transfer of an
adsorbate from the solutlon phase to the solid/water interface with
a single stoichiometric expression. Such stoichiometries include a
generic relationship between the adsorption of a solute and the
release or consumption of protons.

Kurbatov plots (g) have often been employed to determine the
net metal ion/proton exchange, X, from adsorption data. Although
Kurbatov constants are convenient curve-fitting parameters, they are
insensitive to the variation of X with pH and adsorption density and
should be dispensed with for use in adsorbate partitioning calcula-
tions, particularly when high adsorption densities are expected (9).

It 1is possible to factor out the macroscopic pH- and
I'-dependence of X through isotherm analysis (7), however, the value
of x derived from such a technique will still reflect the net change
in H' from all subreactions (including surface protolytic and elec-
trolyte ion/surface interactions), not just the formation of metal
ion/surface site complexes (i.e., compared to ). In spite of
this, partitioning coefficients determined from isotherm analysis
may be useful for describing metal behavior in natural environments
since much of the variation in metal adsorption with pH and
adsorbate/adsorbent ratio may be accounted for by variations in the
macroscoplc proton coefficient. This includes adsorption behavior
which cannot be predicted through the use of deterministic models.
For example, the apparent existence of heterogeneous surface sites,
or where the use of equilibrium speciation models are unwieldly,
such as describing metal adsorption over a wide range of MT/SOHT.

Although macroscoplc partitioning coefficients will provide
accurate empirical descriptions of the variation in adsorption
intensity with adsorption density, they are unlikely to yield
sufficient information ahout the origin and fundamental physical/
chemical nature of surface heterogeneity. For example, in certain
instances, what is interpreted from an analysis of P or K as a range
of surface-complexation energies (log K 1s not constant, therefore
AGads varies) may instead be the consequence of changing surface
speclation.
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APPENDIX I

THE MATHEMATICAL DEVELOPMENT OF ISOTHERM ANALYSIS
FOR THE MACROSCOPIC PROTON COEFFICIENT, xp

This method is an adaptation of the thermodynamic analysis of linked
functions, the binding of multiple ligands to macromolecules (e.g.,
Wyman, 12) and the binding of gases to hemoglobin.

The Gibbs Free Energy change accompanying the transfer of dng
moles of B from a reservoir in which it is present in its standard
state to the equilibrium mixtures 1is

(o]
dc = (ub - uB)dnB (A-1)

where uo {s the chemical potential of B in its standard state. The
Gibbs-Duhem Equation for species in solution is written as

anuB + anuH + Znidu1 =0 (A-2)
ny and du refer to protons in solution and the summation extends to
all other species in solution.

The total differential of the Gibbs Free Energy of B in
solution (nBuB) is

dGB = anuB + qunB (A-3)
Substitution of Equation A-2 into Equation A-3 gives
dGy = updny - nydu, - n duy (A-4)

Since dGB is an exact differential

ou auH
e = - ) (a-5)

Ong My

The variables in Equation A-5 refer to the solution phase. If HB
represents the moles of B on the oxide surface, then

= - n o= - -6

dng dng dT (A-6)
where T is the moles of adsorbed B per mole of adsorbent. Equation
A-5, evaluated at constant ng, can be rewritten, according to
Equation A~6, as

du on

) = - ) (4-7)

duy’p o by
The right-hand side of Equation A-7 is the number of moles of ut
lost or gained by the solution per mole of B adsorbed. Thus, in
terms of the general stoichiometric relationship for cation
adsorption

= SO-M +
SOHX + M SO0-M xH

or anion adsorption
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SOH + An + xH = SOH(1+X) - An
the definition of the isotherm (net) proton coefficlient becomes

o)
X, = l5— (A-8)
P BnB uH

Since dG = (RT ln(aB))dn , the effect of the at activity on dG
can be found by substituting for ng and taking the partial
derivative of dG with respect to Hy at constant T. Thus,

3ln(a,)
9(dG) _ _om(__ B . _
( Buy T,T,P - RT Ty T,T,P dT (a-9)
Also, from Equation A-1
o]
ou 9
3(dG) _ s Ak _
( Ay )F,T,P - [(auH r,T,P (auH )F,T,P]dr (A-10)
(o]
Since Up is dependent of My
£
3(dG) - _ (_B . _
( du, ’I,T,P - auH)F,T,P dT (a-11)

Consequently, a combination of Equations A-7, A-9, and A-11 yields

81n(aB) 1 Giﬁi)
duy r,T,Pp  RT

o Wy

Since u, = u - RT(2.303)(pH), Equation A-12 can be rewritten in
terms og pH as

(A-12)

Bln(aB) Bln(aB) BuH dln(a_)
S 4 - (B () = -2.303RT ()
(p) ’‘T,P,T auH o(pH) ‘T,P,T BuH T,P,T
(A-13)
Substitution of Equation A-13 into Equation A-12 yields
3ln(a_) on
1 (B = (__H) (A-14)
2.303 ‘3(pH) T,P,T In uH,T,P
B
and
An Alog, ,(B)
Xp = (_H_) = (— 10"~ (A-15)
AnB Hys T,P ApH T,P, T

where the activity of B (aB) is replaced by the equilibrium molar
concentration. Since Equation A-15 is based upon the overall system
behavior, includes contributions from all reactions which result
in a net change in the bulk-solution nt activity.
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Symbols
a activity
An anionic adsorbate
B generic adsorbate: anion or cation
C capacitance
Cp particle concentration (g 2_1)
AGads Gibbs free energy of adsorption
K generic metal ion/surface association coefficient
Ky distribution coefficient (ml g~ %)
*Klnt intrinsic surface complexation constant
KK Kurbatov partitioning coefficient -1
Kop solution/solid distribution coefficient (mol™ ")
M a generic metal element; or, all specles of element M
m.f. mole fraction
P macroscopic partitioning coefficient: a specific function
of pH and adsorption density (T)
pT -logl
p* P when I < ¥
SO unoccupied surface site
SOH surface site occupied by a proton
SOHT total surface sites
SOM surface site occupied by any species of M
ST total surface site concentration
H chemical potential
r adsorption density [(moles M adsorbed/moles of surface sites)]
X generic macroscopic proton coefficient
X isotherm proton coefficient = f(pH,T)
P
XK Kurbatov proton coefﬁ}cient
] concentration (mol £ ) -1
{1} mass solute adsorbed/mass adsorbent (mg g )
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Sorption of Hydrophobic Organic Compounds
by Sediments

Gary P. Curtis, Martin Reinhard, and Paul V. Roberts

Environmental Engineering and Science Group, Department of Civil Engineering, Stanford
University, Stanford, CA 94305-4020

Thermodynamic and kinetic principles which govern the up-
take of nonionic, hydrophobic organic chemicals by sedi-
ments in aqueous systems are summarized. Sorption onto
organic-rich sediments can be modeled as a process where
the hydrophobic compound partitions into the organic
matter associated with the sediments analogous to the
partitioning in the octanol water system resulting in a
linear free energy relationship between the two partition
coefficients. The influence of dissolved organic matter
can be accounted for by considering a binding isotherm
between the hydrophobic solute and dissolved macromole-
cules. In the case of mixed cosolvents, partition coef-
ficients can be correlated with predictions based on the
solvophobic model. Adsorption at the mineral-water
interface becomes important when the adsorbate contains
polar functional groups and/or when the adsorbate con-—
tains quite small concentrations of organic matter.
Sorption can require more than a month to reach equilib-
rium for highly hydrophobic compounds, but can be ade-
quately described by a radial diffusion model accompanied
by the retarding influence of sorption.

Hydrophobic contaminants, such as halogenated hydrocarbons and poly—
nuclear aromatic hydrocarbons are one of the most important classes
of environmental pollutants. The hydrophobicity of these compounds
is generally characterized by their physical properties, such as low
aqueous solubility, high octanol/water partition coefficient, and
high air/water partition coefficient (i.e., high Henry's constant).
These properties vary over several orders of magnitude for the con-
taminants encountered in the ecosphere. Research on the sorptive
interactions between sediments and hydrophobic organic solutes in
aqueous solution has focused primarily on determining the solute aad
sediment properties that govern the sorption process. Information
on suach processes is necessary for modeling the environmental fate
of these pollutants.

0097-6156/86/0323-0191807.50/0
© 1986 American Chemical Society
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Previous research has demonstrated that sorption of hydrophobic
compounds by sediments can be estimated from (1) molecular parameters
indicating the sorbate's hydrophobicity, such as octanol/water
partition coefficient (Kow)’ and (2) from the mass fraction of the
organic carbon (foc) in the sorbent. The chemical principles of
hydrophobic sorption by sediments have been reviewed most recently
by Karickhoff (1). In general, the empirical relationship between
sorption, K ., and foc has been developed using organic-rich sedi-
ments or soils, whereas relatively little attention has been given
to low-organic, sandy aquifer materials. The purpose of this paper
is to summarize the concepts of hydrophobic sorption and to address
the limitations imposed by the influence of dissolved macromolecular
material, sorption kinetics, the nonsingularity in the sorption and
desorption isotherms and the conditions under which mineral surfaces
influence sorption.

Adsorption Mechanisms

The mechanisms of adsorption of organic solutes-—including hydro-
phobic, polar, and ionic species--~onto surfaces have been summarized
previously (2-5). Assuming that the various adsorptive mechanisms
act independently, the free energy of adsorption (AG,44) can be
expressed as the sum of the individual contributions as follows (ﬁ):

AGads = Z AGi (1)

where AGy corresponds to the free energy contributions of the pos-
sible adsorption mechanisms. The various mechanisms by which an
organic solute may adsorb include (1) interactions between an or-
ganic ion and the electrical double layer, (2) 1on exchange,
including protonation followed by ion exchange, (3) coordination by
surface metal cations, (4) ion-dipole interactions, (5) hydrogen
bonding, and (6) hydrophobic interactions (2, 3). The first and
second of these mechanisms are important only for ionizable com-
pounds, which are not considered here. Coordination by exchanged
and structural metal cations is important when the organic is a good
electron donor (Lewis base) relative to water, such as amines (2).
Similarly, the ion-dipole interactions between the charged surface
and the uncharged adsorbate are also expected to be negligible in
aqueous solution. Finally, because the carbon-hydrogen and the
carbon-halogen bonds in halogenated hydrocarbons are only weakly
acidic and basic, respectively (6), hydrogen bonding should account
for only a small contribution to the total adsorption free energy.
In addition, the relative insignificance of the hydrogen bond
between a clay surface and an OH group of an adsorbed molecule has
been demonstrated by IR spectroscopy (2).

The arguments presented above lead to the conclusion that the
adsorption of nonionic compounds such as halogenated hydrocarbons
results primarily from "hydrophobic bonding” or, perhaps more appro-
priately, the hydrophobic interaction (7). The thermodynamic
driving force for hydrophobic interactions is the increase in
entropy resulting from the removal, or decrease, in the amount of
hydration water surrounding an organic solute in water. Studies
have shown that the adsorption of aliphatic amines onto clays (§)
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and surfactants onto oxides (9) increased linearly with increasing
hydrocarbon chain length, with each additional methylene group
contributing approximately -1.8 to -2.5 kJ/mol to the total free
energy of adsorption. These values are slightly less negative than
the -2.9 to -3.7 kJ/mol observed for the transfer of a methylene
group in a hydrocarbon chain from an aqueous phase to an organic
solvent (10, 11). The dependence of the adsorption intensity on the
chain length indicates that hydrophobic interactions are responsible
for the increased adsorption for the longer chain lengths.

In considering the sorption of nonionic solutes onto sediments,
it is generally found that the sorption isotherm for hydrophobic
organic solutes are approximately linear over a substantial concen-
tration range and can be adequately described by a constant distri-
bution coefficient, Kd . Kd tends to be variable over several
orders of magnitude for a given solute with different solids, but it
generally correlates with the organic carbon content of the sedi-
ment. By attributing all the sorption to the organic matter, an
organic carbon partition coefficient, Koc’ can be defined by

K
_d
Koc 1 2
oc

where f . is the mass fraction of organic carbon of the sorbent.
Koc generally varies only by factors of three to five for a given
solute (12). K c typically correlates well with physico-chemical
properties of tge sorbate, such as aqueous solubility (S) or the
octanol-water partition coefficient (Ko ), again suggesting that
hydrophobic interaction predominates. %he correlation of K __ with
K v has led to the definition of linear free-energy relationships
(gFER) of the form

log K . = a log K, +b 3

or,

log Koc c log S +d (4)
where a, b, ¢, and d are constants resulting from a regression anal-
ysis. K W is most widely used for correlations with K c because of
the avai?ability of an extensive data base and estimation methods
(23 l}). Other correlations have been proposed, most notably with
the aqueous solubility, S, (l4-16).

In addition to the depéﬁﬁéﬁzé of sorption on the organic frac-
tion of the sorbent, and the Kow of the sorbate, Chiou et al. (13)
cite the following observations as support for the hypothesis that
the sorptive mechanism is hydrophobic partitioning into the organic
(humic) fraction of the sediments: (1) the linearity of the iso-—
therms as the concentration approaches solubility, (2) the small
effect of temperature on sorption, and (3) the lack of competition
between sorbates for the sorbent. These arguments also illustrate
the applicability of the Kd approach for modeling sorption on hydro-
phobic compounds; an approach which has been criticized when used in
the context of adsorption of trace metals onto oxides (17).

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



194 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

Partitioning Thermodynamics

The LFER that results when correlating partitioning in the octanol-
water system and the humic substances-water system implies that the
thermodynamics of these two systems are related. Hence, much can be
learned about humic substances-water partitioning by first consider-
ing partitioning in the simpler octanol-water system. The thermo-
dynamic derivation that follows is based largely on the approach
developed by Chiou and coworkers (18-20), Miller et al. (21), and of
Karickhoff (1, 22). 1In the subsequent 't discussion, we will 1 adopt the
pure liquid as the standard state and, therefore, use the Lewis-
Randall convention for activity coefficients, i.e., y = 1 if the
mole fraction x = 1.

Partitioning in Octanol-Water Systems. At equilibrium, the chemical
potential of a solute (defined as u; = u? + RT 1n y;x4) is equal in
the octanol and the water phase. Hence, we may write

* % * %

VSR (5)
where Y and Yo are the activity coefficients of the solute in ihe
aqueous phase and the octanol phase, respectively, and x, and x, are
the mole fractions of the solute in the water and the octanol
phases, respectively. The asterisks denote that the two phases are
not pure but are saturated with the other "immiscible” solvent. In
dilute solutions, the mole fractions x can be approximated by x =
C.V_, where C is the molar concentration and Vg is the molar volume
of the solvent. Hence we can write Equation 5 in terms of the molar
concentrations and obtain an expression for the octanol/water parti-
tion coefficient, K, , = C, /C in terms of the activity coefficient
and the molar volumes of octanol and water (19):

(6

ow

=
n
< | =
° *lt *
< I <
o # g *

where V and Vo are the molar volumes of the water saturated with
octanol and the octanol saturated with water, respectively. The
asterisks in Equation 6 denote that the phases are not pure but in
fact are saturated with the other “immiscible" solvent.

We may consider the aqueous solubility as partitioning of a
compound between its pure state in liquid form and the saturated
aqueous phase. Then the partitioning coefficient (Equation 6) may
be written as

S = 7)

where the asterisks have been omitted since the cosolvent (octanol)
is absent and the organic compound is assumed to be a pure liquid
(x = 1), which in turn implies that the organic solute is at the
standard state or vy, = 1 (23).

A correction to Equation 7 is required for organic solutes that
are solids at the temperature and pressure of the partitioning
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system. This correction is required, because the intermolecular
forces in the crystal must be overcome before the chemical enters
solution. However, it cancels out in octanol/water systems, since
the correction applies to both phases equally (23). One method that
accounts for the crystalline energy effect is to use an estimate of
the solubility of the supercooled liquid given by (24):

AS; T - T
log S, = log S_ + z—gax (—=—) (8

where S, and S are the molar solubilities of supercooled liquid and
the solid, respectively, ASf 1s the entropy of fusion, T, and T are
the melting temperature and the temperature of interest, and R is
the gas constant. Since the entropy of fusion is positive for non-
ionic organic compounds (24), the solubility of the supercooled
liquid is larger than the solubility of the solid as shown by Equa-
tion 8. The subsequent discussion assumes that the solubility of a
solid organic solute is expressed as the solubility of the super-
cooled 1liquid.

Since the solubility of octanol in water is only 0.0045M (9),
the molar volume of the aqueous phase saturated with pure octanol
can be approximated by the molar volume of pure water (Vw = Vw).
With this approximation, Equations 6 and 7 give

1 *
v

w
K., = —% —% 9

Svo YuYo

which can be rewritten as
*

log K = - log SV* + log % * 10
og K = og SVo og ;;-— log Y, (10)

If an ideal solution is formed in the octanol phase, and the solute
in the aqueous phase is not affected by the dissolved octanol, then
the last two factors in Equation 10 equal zero. Under these assump-
tions, an ideal octanol/water partition coefficient (ng) can be
defined by (19):

log K3, = - log S — log V: (11)

Equation 11 implies that under these idealized conditions a log—-log
plot of S versus Ko will ha¥e a slope o; -1 and an intercept of
-log V, (19). The ¥actors Yw/Yw and 1/Y° can be viewed as correc-
tions for the activity change in the aqueous phase caused by the
octanol dissolved in the water, and for nonideality in the octanol
caused by the incompatibility of the solute with water-saturated
octanol, respectively.

Nonidealities in Water-Saturated Octanol. Chiou et al. (19), Tewari
et al. (25) and Banerjee et al. (26) presented solubility data and
octanol/water partition coefficients for 125 organic solutes.

Figure 1 shows data from these three sources, the least-squares
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regression line for all of the data, and the ideal line as defined
by Chiou et al. (19). The regression line has a slope of -0.860 and
differs from the ideal slope of -1 at the 99.5% significance level.
These*deviations are caused by either (1) a linear increase in

log Yo With decreasing log S, (2) a linear decrease in log Yw/Yw
with increasing log S, or (3) a combination of both. Chiou et al.
(19) reported that both factors were significant: the solubility of
the hydrophobic compounds hexachlorobenzene (log Kow = 5.50) and DDT
(log K = 6.36) were enhanced by dissolved octanol to the extent of
80% and 160/, respectively, such that 1og(yw/yw) accounted for
approximately one-third of the deviation from the ideal line. 1In
contrast, Miller et al. (21) observed that Yw and vy, were indis—-
tinguishable for compounds with log K, up to 5.8. Calculations
based on the solvophobic model (27), discussed below, suggest a
negligible effect of dissolved octanol on the solubility of pyrene
in water*(log Kow = 5.18). Therefore, it appears that the variation
in log Yo, accounts for the majority of the deviations from the ideal
line.

If all of the deviations between the ideal line (Equation 11)
and the observed data are attributed to log y,, the empirical cor-
relation between log S and log K, (Figure 1) can be combined with
Equation 9 to give:

log vs = 0.16 log K,, + 0.08 (12)

Equation 12 shogs that Yo increases by a factor of only 7 as K.,
increases by 10

The most important factor in determining K, is the aqueous-
phase activity coefficient (aqueous solubility) of the organic sol-
ute. The observed partition coefficients are less than the ideal
partition coefficients (K ) as result from 1) the incompatibility
of the solute in water-saturated octanol and, to a lesser degree,
2) the depression of the aqueous phase activity coefficient by
octanol. The values of log Y and log Yw/Yw increase linearly with
decreasing log S.

Partitioning in Natural Organic Matter-Water Systems. For K, . we
may write, by analogy to Equation 6,

* *

Y \
_ 'w/oc'w 1
Koe = % * o 13)
Yoc/wvoc o¢

where Y:/oc is the activity coefficient of the solute in water satu-
rated*with dissolved organic carbon derived from humic substances
and Yoc/w is the activity coefficient in humic substances saturated
with water. This analogy is justifiable since sorption to organic
matter proceeds by a process similar to hydrophobic liquid-liquid
partitioning (1, 15, 20). The density of the organic carbon
phase is 1nc1uded in EEhéEIbn 12 so that X . is expressed in the
conventional units of cm”/g. B multiplying the numerator and
denominator of Equation 13 by VoYuYor substituting K, . as defined in

Equation 6, and assuming yw = vy, as before, it can be shown that
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*
M /

Koc = C1Koy (=) (—=) (14
Yoc/w Tw

The quotient V;/V poc has been substituted by Cy, since this
quantity should be constant for a given sorbent. Equation 14 illus-
trates that K,. is proportional to K,, but is modified by two terms,
(YO/Y;C/W) and (Y:/oc/Yw)’ which account for the differences in
activity coefficients in the aqueous and organic phases, respec—
tively. 1In the following discussion, we examine the factors thit
influence the activity coefficients in the organic phases (Yo/Yoc/w)
and the activity coefficients in the aqueous phase (Yw/oc/Yw
Sorption data from several different studies are correlated
with Kow in Figure 2. The data presented include halogenated ali-
phatics and aromatics, alkyl-substituted aromatics, and polynuclear
aromatic hydrocarbons. By selecting data for these classes of
compounds, we have minimized possible influences of complexation,
hydrogen bonding, strong dipole interactions, and charge effects.
Therefore the correlation indicated in Figure 2 represents hydro-
phobic partitioning into the organic matter and water. In view of
Equation 14, the observed slope of less than unity must arise from a
negative linear dependence of log(y* /Yoc/w)( w/oc/Y ) on log K,
In the subsequent discussion, we examine this dependence, which
defines the coefficient a of Equation 3.

Nonidealities in Humic Polymers

Organic-Phase Nondealities. To assess the impact of nonideality in
the orggnic matter, we assume for illustrative purposes that
Yw/oc/Yw equals unity. Consequently, Equation 14 simplifies to

*
Y
ow _%

K = ClK
Yoc/w

oc (15)

* .
Substituting the previously derived expression for vy, (Equation 12)
gives

K = cplel6 1

16
oc 2 ow (16)

Yoc/w

where C, equals Cy x 10008 | This substitution yields an expression
of K . as a function of the molecular property K, and the activity
coefficient of the solute in the water—saturated organic matter.

Equivalently, Koc could be expressed as a function 8f Ehe solubility

of the solute in water by substituting K,  with 1/s%: (see Fig-
ure 1).
In logarithmic form, Equation 16 rearranges to
. an
log Ky, = 1.16 log K, + log Cy - log Yoo /w

Te account for the experimentally observed slope of 0.92 (Figure 2),
Yoc/w Must be positively correlated with K . if C, is a constant;
otherwise the slope of the correlation would equal 1.16.
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Figure 1. The relationship between the aqueous solubility and

octanol-water partition coefficient for nonpolar organic solutes.
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Figure 2. The correlation between the organic carbon partition

coefficient and the octanol water partition coefficient.
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It is well known in polymer science that a small amount of
organic solvent dissolved in a polymer results in large negative
deviations from Raoult's law because of the large entropic effects
without the associated enthalpic effects (28). This is a conse-
quence of the mixing of molecules of greatT§'different sizes (32).
Therefore, it is unreasonable to assume an activity coefficient
equal to one in the organic phase. Chiou et al. (20) have treated
the humic material as a non-swelling amorphous poi;aér and used the

* %
Flory-Huggins theory to estimate the activity (xoyo) of a solute
partitioned into the humic matter from (28, 30)

1 * 1
nxy =1ln¢ + ¢p(1 -

<| |<|

) + xoo (18)
P

where ¢ and ¢ are the volume fractions of the solute and humic
phase, respecgively, V and V_ are the molar volume of the solute and
an estimated average molar volume of the humic polymers, respec-—
tively. The Flory-Huggins interaction parameter (yx) characterizes
the interaction energy between a solute molecule and the polymer.
With the assumption of a dilute solution in the humic phase
(i.e., op = 1, VK Vp, and ¢ = n1V/n2Vp, Equation 18 simplifies to

In Yoo/ = 1n(V/V,) ) + x + 1 (19)

Equation 19 illustrates that ln Y:c/w (or log Y:c/w) will be less
than zero for V <K V_ and small yx. Under these conditions, the
large disparity in molecular size favors partitioning to the humic
material relative to organic solvent phases with smaller V.

The Flory-Huggins interaction parameter, x, is the sum of
enthalpic (xy) and entropic (xg) contributions to the polymer-solute
interactions (28). xg is an empirical comstant related to the coor-
dination of the polymer subunits (29). Chiou et al. (20) have
selected a value of 0.25 for xg of humic matter. From regular solu-—
tion theory, xy is given by

v

~ _ 2
Xg = w7 (¢ Gp) (20)

where § and §_ are the solubility parameters of the solute and humic
material, respectively (29).

For a constant Vp and xg, Equatioms 17, 19, and 20 can be com—-
bined to give

= vV 2
log K, = 1.16 log Ky, - log V = = (6§ - Gp) + Cj (21)

This equation illustrates that K,. depends on the solute parameters
Kows Vs and §. Since molar volume and log K, are positively corre-
lated (log X, = 0.49 + 0.020V; 21), K, . could be expressed as a
function of the solute parameters K . and §, and polymer parameter §..
Table I presents an evaluation_of Equation 21 based on previ-
ously reported values for log K ., V, and §. The constant Cq was
calculated from the log K,. of benzene estimated from Figure 2.
Estimates of log Koc for the remaining compounds in Table I are pre-
sented for §_ equal to 10.3 and 11.5. The value of 10.3 corresponds

to the Gp 1m3%1ed from solvent extraction studies (31). In this case,
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Table I. Koc Estimated from K V; 8§, and §

ow? P
log K
. *—Icm3) Ts(cal)l/z oc
Compound log K o mol cm3 Sp = 10.3 Sp = 11.5

benzene 2.13 88.7 9.2 1.51 1.51
trichloroethylene 2.53 89.0 9.2 1.96 1.96
toluene 2.65 106.3 8.9 1.83 1.55
chlorobenzene 2.98 116.9 9.5 2.42 2.36
ethylbenzene 3.13 122.5 8.8 2.19 1.71
m-xylene 3.20 123.2 8.8 2.27 1.78
naphthalene 3.33 148.0 9.9 2.84 2.85
1,2-dichlorobenzene 3.38 137.8 10.0 2.92 3.04
propyl benzene 3.69 139.4 8.6 2.54 1.77
phenanthrene 4.54 197.0 9.9 4.05 3.84
anthracene 4.57 199.0 9.8 4.05 3.74

slope 1.04 0.92

intercept -0.82 -0.60

R? 0.92 0.70
* Ref. 21. T Ref. 32.

the estimated log Koc values do correlate well with log K, . The
slope of the correlation (1.04) is less than 1.16 and closer to
observed data. A close match of the experimental and estimated
slope is obtained with §, = 11.5. 1If §, = 11.5, which is approxi-
mately equal to the average of previousfy suggested values (20, 31),
then the slope from the estimated log Koc values is nearly identical
to that presented in Figure 2. However, the correlation coefficient
decreased markedly to 0.70. This decrease in r2 may be due to the
limited applicability of the Flory-Huggins theory to hydrophobic
partitioning into sediment organic matter, which may not exhibit
ideal polymer properties, as assumed by Flory-Huggins. Although
more complex thermodynamic models have been proposed (30), their use
is unwarranted at this time given that solubility parameters for the
humic material are not well known and that numerous assumptions were
required in deriving Equation 21. Nevertheless, the calculations
based on the Flory-Huggins theory are encouraging in that the trends
predicted in terms of the LFER slope do agree with observed data.

Aqueous—Phase Nonidealities

The Effect of Dissolved Humic Material. Several investigators have
reported that the solubilities of strongly hydrophobic solutes

increase in the presence of dissolved organic matter (DOC) (33-38).
This solubilization phenomenon is most likely a consequence of the
solute binding to dissolved macromolecules (39). Such binding may
alter rates of photolysis, hydrolysis, volatilization, or biodegra-
dation, all of which can affect the environmental fate of trace

organic solutes (40). 1In the context of this work, the most impor-
tant effect of binding is a lowering of the thermodynamic activity
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of the solute when compared with the activity in the absence of the
macromolecule (39). By analogy to Equation 7, we may express S,
the total solubility of a solute in the presence of dissolved humic
material, as

s = —1 — (22)

T Vwa/oc
where Y: oc 1s the activity coefficient of the solute in water in
the presence of humics. It is therefore clear that the reporied
solubilization phenomenon is directly related to changes in Yw{oc

Chiou et al. (41) proposed that a linear equilibrium model may

be used to describe the effect of DOC on the solubility of an
organic solute. The model regards a hydrophobic solute in solution
as being either "free" or truly dissolved, on the one hand, or
"bound"” or complexed with the humic material on the other hand. The
model relates the free and DOC-bound concentrations, C, and Cy
respectively, by a simple partitioning equilibrium constant

Cp = CuCdocRdoc (23)
where Cy,. is the concentration of the DOC and Ky,. 1is the DOC-water
distribution coefficient (41, 42). The total measured concentration
Cp of organic solute in solution is merely the sum of C, and Cy
which is given by

CT = Cw(1 + Cdochoc) (24)

The value of Kdoe is presently uncertain, but recent studies report
that Kdoc varies with the source of the humic material, the solution
pH, and the ionic strength (42, 43). As an approximation, K4,. can
be estimated from K ., using one of the correlations developed
between K and Koe® Alternatively, as an upper bound, Ky,. may be
assumed equal to the Koy Of the compound (1).

Equation 24 may be used to predict the effect of DOC on the
total solubility of a hydrophobic compound in the presence of DOC
(S7) as a function of 5 and the above b%nding model. At solubility
(Cp = ST)’ the ratio S/ST is equal to Yw/oc/Yw (Equations 7 and 22),
and therefore, by considering Equation 24 we may write:

*

Y -
mloe L1+, x, )7t (25)
Y doc doc
w
where the assumption of constant molar volume and dilute solution
have been made.
By analogy to Equations 10 and 11 we may express the observed
partition coefficient K,. as

*
M’_‘i (26)

K . =K®
oC Y

ocC
4

where Kgc is an ideal partition coefficient, which applies only when
DOC has no effect on the dissolved solute (Yw/oc =y, As discussed
previously, Yw/oc/Yw is the correction factor which accounts for the
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solubilizing effect of DOC. Combining Equations 25 and 26 results
in

_ L -1
Koe = Kocll + Cdochoc) 27

This equation, which is identical to equation 9 of Gschwend and Wu
(44), allows one to estimate the effect of DOC on the observed par-
tition coefficients. If we assume that Kgoc can be related to Kow
by a LFER (log Kioc = @ log K . + b), we obtain
*
Yw/oc -

Yu

-1
b
(1+cy.ax,) (28)

where a and b are empirical constants. Figure 3 shows Y:/oc/Yw as a
function of Koy at various DOC concentrations, using the correla-
tions between K, and K, . reported by Karickhoff et al. (15). These
model calculations show that at DOC concentrations representative of
natural systems, (e.g., Cdoc < 50 mg/1), binding of organic solutes
to DOC should be insignificant for compounds with log Ky, < 4. For
a compound with log K . equal to 6.0 and a Cy,. equal to 10 mg/l,
however, the apparent partitioning coefficient is approximately an
order of magnitude smaller than the ideal value. These predictions
have been supported by experimental solubility data showing that
moderately hydrophobic compounds such as toluene (44) and lindane
(45) are not influenced by DOC, whereas DOC markedly affects highly
hydrophobic compounds such as DDT (42), PCB (46) and polynuclear
aromatic hydrocarbons (47). —_—

Calculations which consider binding of sorbing solutes to dis-
solved humic matter show that the previously reported inverse rela-
tionship between effect of sediment concentration and sorption
equilibrium can be accounted for by desorption of humic material
followed by binding to the DOC (46, 48).

One of the important assumﬁ?fbdg_hade in deriving Equations 24
through 28 is that Kdoc is independent of Cdoc* However, it has
been observed that Ky,. is inversely related to Cy,. (42, 43, 45,
ﬁZ) in a manner that is analogous to the sediment concentration
effect on K,., although the dependence is substantially weaker.
Thus, questions still remain regarding the cause of the sorbent
concentration effect, since the binding of solutes to macromole-
cules, which was used to interpret the effect of sorbent concentra-
tion, also varies with loading of sorbent sites.

Influence of Organic Cosolvents. Rao et al. (49) have recently
presented a solvophobic model for estimating the sorption of a
hydrophobic solute from a mixed solvent. This model is based on the
work of Yalkowsky et al. (27), who developed an empirical relation-
ship between the solubility in a mixed solvent system, Sm, and that
in pure water given by

In Sy = In S + o.f (29)

c
where f. is the volume fraction of cosolvent. For hydrophobic
solutes, the parameter o is given from empirical relationships by

(o4
oe = Ay 1((gSA) (30)
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where AYC is the difference in surface tension of pure water and
pure cosolvent, HSA is the hydrophobic surface area of the solute, k
is the Boltzmann constant, and T is the absolute temperature. Based
on the inverse relationship between K. and S (Equation 4), the
following relationship can be derived (49, 50):

In(Kg . /K§ ) = -a o f 31)

c
where the superscripts m and w denote the mixed solvent and water,
respectively, and o is an empirical constant. Equation 31 predicts
that (1) K. should decrease exponentially with increasing f, for a
given solute and (2) the decrease in ch caused by a given solvent
should be greatest for the least solubfe (largest HSA) compounds.
These predictions have been verified experimentally for water-
methanol, and water—acetone cosolvent systems (50, él)-

Typically, K. is expressed in units of volume of solution per
mass of organic carbon. Fu and Luthy (50) observed that a plot of
ln(Kgc/Kgc) versus f, was nonlinear whéﬁ—koc was expressed in the
common units of volume per mass of organic carbon. A linear plot
was obtained when K,. was expressed in units of moles of solvent per
gram of organic carbon.

Using values of o, determined from solubility measurements, Fu
and Luthy (50) found an average value of a equal to 0.51, which
shows that the decrease in KU was half of that expected from the
increase in solubility. This was interpreted as evidence that the
cosolvent was swelling the organic fraction of the soil and conse-
quently increasing the accessibility to the organic matter (50) in
accordance with the gel-partition model (31).

Frequently it is convenient, when conducting sorption experi-
ments, to use a cosolvent such as methanol to facilitate transfer of
a volatile or insoluble solute. Equation 31 may be used to estimate
the effect_of the cosolvent on measured sorption coefficient. If f
equals 1077 and o is conservatively chosen as unity, the methanol is
predicted to decrease the sorption of anthracene (cc = 9.76; log K,
= 4.54; 50) by 1% relative to the case of no cosolvent. The effect
of the cosolvent should be smaller for solutes with smaller HSA (or
Kow)’ which is cons}gtent with the observed negligible impact of
methanol at £, < 10 ~ on the sorption of hexachloroethane (log K, =
3.6; 52).

Limitations of Partitioning Theory

Inefficiency of Partitioning. Equations 2-4 imply that the sorptive
capacity (K,.) of organic matter for hydrophobic organic solutes is
independent of origin and of the composition of the mineral matrix.
However, investigators studying individual particle size fractions
found that the organic matter associated with a coarse or sand frac-
tion is apparently less efficient in sorbing organics than that
associated with the finer materials (15, 53). To account for the
relative inefficiency of the f . of the sand fraction, Equation 2
may be rewritten as

K =4 (32)
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where Q@ is an efficiency factor similar to that originally defined
by Lambert (54), which always equals unity with the exception of
sandy solls, for which Q would be less than unity. Either kinetic
limitations or fundamentally different properties of the organic
matter associated with the coarse grain fraction could account for
the inefficiency factor.

Adsorption on Inorganic Surfaces. McCarty et al. (55) and Karickhoff
(1) proposed a two-phase model for sorption onto mineral surfaces
and organic matter partitioning. This model hypothesizes that
sorption to inorganic surfaces may occur simultaneously with the
accepted partitioning into the organic matter. Assuming additivity
of these two contributions, K4 can be estimated from

Kg = £5cKoc + f10Ki0 (33)

where f;  and K;, are the fraction and the distribution coefficient
for the inorganic material, while foe and K, are as previously
defined. If only the organic and one inorganic phase is considered,
the sum of f, = and foc equals one. For a given mineral, Kj, is
hypothesized to be the product of the specific surface area, ) and
a specific surface adsorption constant, KS. Therefore, the overall
distribution coefficient can be given by

Kg = focKoe + £105aKs (34)
The inorganic contribution, Ki,s for chromatography-grade silica was
found to depend weakly on K,y (log K, = 0.16 K ) (55), which is
consistent with the results ?or silica and alumina obtained by
Schwarzenbach and Westall (56).

Figure 4 presents distribution coefficients predicted from the
two-phase model for two values of f_. and Sp+ Figure 4 shows that
the dominance of one or the other contribution to sorption depends
on two factors: Kow and foc‘ For a given foc’ compounds with low
K,y are influenced primarily by Kio,» while compounds with higher K.
are influenced primarily by K,.. Alternatively, at a given K, and
Sp» the model predicts the dominance of inorganic adsorption below a
certain f . and dominance of organic-phase partitioning above this
f,c- The range of organic and inorganic sorption dominance depends
on both the K, and the Sp-

The two-phase model proposed by McCarty et al. (55) is based in
part on the assumption of independently acting organic and inorganic
sorption sites. Shin et al. (57) and Plerce et al. (58) reported
that the distribution coefficient for sorption of DDT increased
after the oxidation or removal of some of the organic matter from
the sorbent. Karickhoff (1) has interpreted this increase as evi-
dence that the humic material had blocked clay sorption sites.
Conversely, Chiou et al. (41) proposed that the oxidation process
may have preferentially removed soluble organics which, if present
in the aqueous phase, would decrease the sorption intensity due to
binding of the organic solute to the DOC. This difference empha-
sizes the need for characterizing the sorption properties of the
dissolved as well as sorbed organic matter and of the mineral
matrix.
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Karickhoff (1) presented data that show more sorption than can
be explained by simple partitioning theory when the expanding clay
matter to organic matter ratio (cm:om) is "high"”. The term high is
a relative term that cannot be easily quantified, but appears to be
inversely related to K _, as predicted by the two-phase model. For
the nitrogen heterocycles simazine (log K,, = 2-16) and biquinoline
(log Kow = 4.31), the limiting cm:om ratio is 30:1. Pyrene, which
is more hydrophobic (log K,, = 5-18) and contains no polar moieties
unlike the previous two compounds, was not strongly influenced by
the clays. Similar data have been observed for sorption of amino-
and carboxy-substituted polynuclear aromatic hydrocarbons (59),
acetophenone (60), and a-naphthol (61).

The data from these various sources are presented in Figure 5
along with partitioning data previously presented in Figure 2. The
partitioning data for the polar solutes are in agreement with gen-
eral predictions of the two-phase model; specifically, the devia-
tions are greatest for the least hydrophobic compounds. All of
these compounds exhibit larger K, values than predicted from the
organic matter partitioning theory, probably because of the presence
of polar moieties which can participate in nonhydrophobic bonding,
such as complexation of exchanged cations by the amino or carboxyl
groups (2), hydrogen bonding (1), and even covalent bonding (62).

Organic coumpounds contaidfhg polar functional groups are not
the only organic solutes that can participate in sorption interac-
tions in excess of organic matter partitioning. Schwarzenbach and
Westall (36) found that silicon and aluminum oxides, non-expanding
clay minerals, and a low foc aquifer material, all exhibited more
sorption capacity for halogenated and aromatic solutes than could be
explained by partitioning into the organic matter. Furthermore, all
of these samples with this "anomalously"” high sorption capacity had
foc values less than 0.001, which led them to caution against using
any of the numerous correlations when the sorbent has an foc below
0.001.

In support of this finding, Curtis et al. (63) found enhanced
sorption for five halogenated organic solutes onto an aquifer mate-
rial with both a low surface area (0.8 mz/g) and a low f (0.0002).
These data, along with those of Schwarzenbach and Westali (56) are
presented in Figure 6 along with the partitioning data presented in
Figure 2. Unlike the data presented in Figure 5, all of the data
presented in Figure 6 are for halogenated aliphatic and aromatic
compounds, and hence specific sorption mechanisms, such as complexa-
tion interactions or hydrogen bonding, should be negligible. The
higher than predicted K,. values for the sorbents with low f,.
suggest that sorption onto the mineral surfaces is a significant
factor. The partition constant correlates positively with KSW,
which is expected, since both the free energy of sorption an
partitioning in octanol/water increase linearly with the number of
methylene groups (8-11).

Since adsorption at a mineral surface is a replacement process,
we would expect mineral surfaces with weak affinity for water to
have the strongest affinity for hydrophobic solutes. Infrared
spectroscopy shows that siloxane surfaces on clays with little iso-
morphic substitution form weaker hydrogen bonds than water forms
with itself (64), which corresponds to one of the definitions of a
hydrophoblc surface offered by Texter et al. (65). Therefore,
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mineral surfaces of sediments need to be characterized with respect
to their affinity for water in order to predict adsorption of hydro-
phobic solutes.

Sorption Kinetics

The rate at which pollutants sorb to sediments has frequently been
assumed to occur rapidly and consequently equilibration studies have
often been conducted by mixing sample for 24 hours. Karickhoff

(1, 66) has reported that sorption may require up to two months to
reach an apparent equilibrium. Similarly, desorption has also been
observed to require on the order of months to reach completion

(67, 68). McCall and Agin (67) observed that the desorption rate of
picloram was inversely related to the contact time.

Two models, a first—-order kinetic model and a hindered diffu-
sion model, have been proposed to describe the sorption and desorp-
tion rates of hydrophobic molecules. The possible origin of slow
sorption rates include (1) the hindering of diffusion by the
polymer-like organic macromolecules (31), and (2) diffusion in
microporous minerals or into the interlamellar regions of expanding
clays. These two processes may interact synergistically in the case
of carbonate minerals, which can be both porous and contain signifi-
cant amounts of organic carbon (69).

The First-Order Kinetic Model. Karickhoff (1, 68) has proposed a
two-compartment equilibrium—kinetic model for describing the solute
uptake or release by a sediment. This model is based on the assump-
tion that two types of sorption sites exist: labile sites, S,,
which are in equilibrium with bulk aqueous solution, and hindered
sites, Sy, which are controlled by a slow first-order rate process.
Conceptually, sorption according to this model can be considered
either as a two-stage process:

k
C =2 1y T2 4y (35)
Keq 21

or, alternatively, as a parallel process:

k

12
q, z—._K_Z c z—_k_z qy (36)
eq 21

where C is the solution concentration and q represents the sorbed
concentration. Karickhoff and Morris (68) observed that the frac-
tion of labile sites decreased with increasing sorption and, more
importantly, the rate of desorption was inversely proportional to
K .
ov The two-phase kinetic model developed by Karickhoff (65) is
capable of fitting either the sorption or desorption of a sorbing
solute. For linear isotherms, the mathematical description given by
Karickhoff (1) and others (67, 70, 71) is virtually identical to
that of a mass transfer process (72).

We may also postulate that the rate of sorption or desorption
can be described by a diffusive mechanism. The application of dif-

fusion equations to describe the uptake of a sorbing solute can be
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quite restrictive because of the need to satisfy rigid boundary
conditions (68, 73). However, solutions for the diffusive uptake
into such different geometries as a plane sheet, a cylinder, or a
sphere deviate only slightly (73). Therefore it is useful to exam-
ine the solution to the diffusion equation to evaluate important
parameters controlling the diffusive uptake of a solute.

The Diffusion Model. The uptake of a solute by a sorbent can be
analyzed by a diffusion model, which has been used successfully to
model adsorption rates onto activated carbon (74, 75), ion exchang-
ers (72), heterogeneous catalysts (76), and soil columns (77). For
the purpose of illustration, we can consider the diffusion of a
compound into a spherical sorbent grain under conditions of linear
sorption and no exterior mass transfer limitations (73), which is
described by .__

D 2
C _ e 3
A (__

3t 1 + R 2
p odr

%}
(o]

2
T 37

|
RO
"

where De = effective diffusion coefficient, (LZ/T); RY = a dimen-
sionless equilibrium partition coefficient, r = radial distance

from the center of the sorbing grain, (L), and t = time. R_ is a
dimensionless partition cogfficient equal to p/e Ka>» where p =3 3
sorbent grain density (M/L’), ¢ = sorgent internal porosity (L°/L7),
Ky = sorbent partition coefficient (L°/M). The effective diffusion
coefficient accounts for the molecular diffusivity and tortuosity in
the sorbent grain.

When the sorbent is initially free from solute, Equation 37 can
be solved analytically (73) to give the ratio of the mass sorbed at
time t to the mass sorbed at equlibrium (i.e., the fractional
approach to equilibrium). The mathematical solution depends on the
mass fraction ultimately sorbed from the aqueous phase (F), and is
most conveniently presented in terms of 1, a dimensionless time
parameter given by

1= ° (38)

where a is the radius of the sorbent grain. The quantity [az(l +
R )]/De can be considered a relaxation time for diffusion accompanied
by linear sorption. Three solutions to Equation 38 corresponding to
values of F equal to 0.2, 0.5, and 0.8 are illustrated in Figure 7.
Several important assumptions were necessary to achieve the
solution given in Equation 38. First, it is assumed that the rate
of sorption is much faster than the rate of diffusion. This implies
that all solute in the internal pores of the sorbent is at equilib-
rium with its immediate surroundings. In addition, it is assumed
that the sorption sites are homogeneous and that once a compound is
sorbed to the solid, it does not migrate along the surface.
Finally, to solve the diffusion equation, the inherent assumption
required is that the geometry or physical dimensions of the sorbent
do not change during the course of the experiment due to abrasion,
dissolution, swelling, or other process.
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Figure 7. The fractional approach to equilibrium (after 73).
Fractional uptake = mass of solute sorbed at equilibrium/mass of
solute added to system; fractional approach to equilibrium = mass
of solute sorbed at time t/mass of solute sorbed at time w.

Figure 7 shows that for F = 0.5, a sorbing (or desorbing) sol-
ute wi}l have reached 95% of the ultimate sorption capacity at
(195)1 2 -0.38. If we assume Rp >> 1, then Equation 38 can be
rearranged to give

(0.38)%R_a®
L (39
e
Thus we see that tggy is proportional to R, and square of particle
radius.

For a hypothetical sorbent with properties listed in Table II,
we assume that experiments have shown that sorption of dichloroben-
zene (log Kow = 3.3) is 95% complete within one day. R_ equals 1000
on the basis of the correlation of Karickhoff et al. (_g). If we
estimate R for other solutes from the same correlation and assume
negligible mineral sorption, we may estimate the time required to
reach 95% of equilibrium for other compounds. These calculations
imply that approximately 0.1 days will be required to reach 95%
equilibrium for benzene (log Kow = 2.1), approximately 10 days for
1,2,4,5~tetrachlorobenzene (log Kow = 4.7) and approximately 100
days will be required for hexachlorobenzene (log Kow = 5.5).

Clearly the time required to approach equilibrium can be substan-—
tially longer than provided in usual laboratory protocols, depending
on the strength of sorption.
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Table II. Assumed Sorbent Properties Used to
Estimate the Time to Equilibrium

Property Assumed Value

Bulk density (p) 1700 (kg/m3)
Internal porosity (e) 0.05 ()
foc 0.02 (-)

-9 2
Molecular diffusivity (D 1) 107° (m /s)
Tortuosity (T) 10
Particle radius (a) 2.4 x 10~ %

Since the same general solution holds for desorption under con-—
ditions of linear equilibrium, similar arguments can be employed to
describe the diffusion out of the sorbent (73).

Previously, it was noted that organic ‘matter associated with
the coarse fraction of a sorbent was a substantially weaker sorbent
than the organic matter associated with smaller materials (lé).

This discrepancy is consistent with a radial diffusion model: since
Tggy 1s proportional to a“ (Equation 39), the time required to reach
equilibrium should increase with the square of the particle diameter.
Clearly if the same mixing time were used for both fine-grained and
coarse—-grained sorbents, the coarser material could have been far
from equilibrium.

Wu and Gschwend (78) successfully employed a radial diffusion
model to describe laboratory observed sorption and desorption kinet-—
ics. Their data show that sorption and desorption rates were slower
for more hydrophobic compounds and sorbents with a larger grain size
in a manner consistent with the radial diffusion model.

In many early experiments, hysteresis was observed for highly
hydrophobic compounds such as PCBs (79, 80). Since the time to
reach equilibrium can be quite long Tor strongly hydrophobic
compounds, a solute may have never reached equilibrium during the
sorption isotherm experiment. Consequently, Kd would be underesti-
mated, which leads to the discrepancy between the sorption and
desorption coefficients that was attributed to hysteresis. The case
for hysteresis being an artifact is supported by recent data for
tetrachlorobenzene (log K = 4.7), illustrating that sorption and
desorption require approx mately two days to reach equilibrium with
approximately equal time constants (78). Finally, the diffusion
model is consistent with the observation that the extent of hystere-
sis was inversely related to particle size (81).

Summary and Conclusions

In general, the driving force for the sorption of nonpolar organic
compounds by sediments is their incompatibility with water as a sol-
vent, i.e., their hydrophobicity, and their affinity for the lipo-
philic environment of the sediment organic matter. If the fraction
of organic matter is low and the specific surface of the mineral ma-
trix is high relative to the hydrophobicity of the solute, sorption
by mineral surfaces may become significant, and organic sorption may
become insignificant. Practical approaches for evaluating dominance
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ranges for organic and inorganic sorptions have been evaluated. If
the aqueous phase contains organic cosolvents or organic macromole-
cules, the aqueous-phase activity of the hydrophobic solute is
lowered. The effect of organic macromolecules (usually character=-
ized as DOC) has been modeled as a binding between the hydrophobic
solute and the macromolecule. The effect of organic cosolutes has
been modeled by semi-empirical correlations. The significance of
both effects increases with increasing hydrophobicity of the organic
solute and the concentrations of DOC and cosolvents. DOC may be
responsible for hysteretic adsorption isotherms in batch adsorption
experiments.

The kinetics of sorption can be considered as the sum of two
processes: 1) rapid sorption by labile sites which are in equilib-
rium with solutes dissolved in bulk solution, and 2) hindered
sorption by sites which are accessible only by slow diffusion.
Alternatively, sorption kinetics can be modeled by a radial diffu-
sional process into spherical sorbents. The slow sorption process
prevents complete equilibration within one day, the time used in
typical batch experiments. Because the apparent rate of diffusion
decreases with increasing hydrophobicity, time to equilibrium is
longer for highly hydrophobic compounds.

The description of the sorption process is largely based on
empirical correlations, without knowledge of the detailed structure
of the sediments. No doubt, in the future a greater effort will
have to be made to understand sorption behavior in terms of sediment
constituents. It will not suffice to consider sorption onto sedi-
ments simply in terms of partitioning into a uniform, thermodynami-
cally ideal, stationary organic phase.

List of Symbols and Abbreviations

Symbols:

a radius of a sorbent grain SL)

C aqueous concentration (ML™)

Cb aqueous concengration for solute bound to dissolved macro-

molecules (ML™?)

Cdoc aqueous concentration of dissolved organic cgrbon (ML—3)
Co organic-phase concentration of a solute (ML™~)

Cy aqueous concgntration of a freely dissolved solute

Cr Cp + Cy, (ML)

D ffective diffusivity (L2171

A effective usivity (L )

f fractional approach to equilibrium (-)

fio fraction of inorganic material (-)

foc fraction of organic carbon (-)

fractional uptake (-)

G Gibbs free energy

HSA hydrophobic surface area (LZ)
k Boltzmann constant (JK_l)

k1o empirical rate constant (T-l)

K equilibrium constant (varieg)

L distribution coefficient (L M—l)

Kioc tribution coefficient between free and DOC-bound solute

di
<L§M'1>
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Kio distribu&ig? coefficient for solute bound to inorganic sur-
faces (L°M )

Koc organic-carbon-normalized distribution coefficient (LBM—I)

Kow octanol-water partition coefficient (~)

Kgc K,. excluding the effect of Cy,. (L3M—1)

kS, ideal K, (LM1)

K surface specific partition coefficient (LZM_l)

porosity (-)

sorbed concentration (M/M)

radial distance from the center of a sorbing grain (L)
gas constant (JK~ mol'l)

equilibrium partition cgefficient (-)

_f%d»ﬂﬁ

S aqueous solubility (ML—BQ

Sa specific surface area (L M—l) 3

Sy aqueous solubility of a supercooled liquid_(ML™ ")

Sa aqueous solubility in a mixed solvent (ML—3g

Sq aqueous solubility of an organic solid (ML™~)

t time (t)

T absolute temperature (T)

T melting temperature (T)

\A molar volume of solute in phase 1 (L3H—1)

b4 mole fraction concentration (mol mol-l)

Greek Symbols:

a empirical constant (-)

Y; activity coefficient of a solute in phase i (-)

Y activity coefficient of a solute in phase i saturated with a
cosolvent (-)

§ solubility parameter of a solute (cal M"]'L'3)1/2

8p solubility parameter of a polymer (cal M"IL—B)U2

ay€ difference in surface tensiog SMt-z)

€ sorbent internal porosity (L°L 3

p sorbent grain bulk density (ML™°)

Poc bulk density of organic matter (ML—3)

T time constant for diffusion accompanied by linear sorption )

¢ volume fraction of solute in polymer (-)

¢p volume fraction of polymer in solution (-)

X Flory-Huggins interaction parameter (-)

Xy enthalpic contribution to x (-)

Xg entropic contribution to yx (-)

Q efficiency factor for sorption (-)
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Distinguishing Adsorption from Surface Precipitation

Garrison Sposito

Department of Soil and Environmental Sciences, University of California, Riverside,
CA 92521

Measurements of the chemical composition of an aqueous
solution phase are interpreted commonly to provide
experimental evidence for either adsorption or surface
precipitation mechanisms in sorption processes. The
conceptual aspects of these measurements vis-a-vis
their usefulness in distinguishing adsorption from
precipitation phenomena are reviewed critically. It
is concluded that the inherently macroscopic, indirect
nature of the data produced by such measurements limit
their applicability to determine sorption mechanisms in
a fundamental way. Surface spectroscopy (optical or
magnet ic resonance), although not a fully developed
experimental technique for aqueous colloidal systems,
appears to offer the best hope for a truly molecular-
level probe of the interfacial region that can
discriminate among the structures that arise there
from diverse chemical conditions.

The loss of a chemical species from an aqueous solution phase to a
contiguous solid phase may be termed a sorption process. Among the
mechanisms by which sorption processes occur, the three principal
ones are: Erec1p1tat10n, the growth of a solid phase exhibiting a
primitive molecular unit (a complex) that repeats itself in three
dimensions; adsorption, an accumulation of matter at the interface
between an aqueous solution phase and a solid adsorbent without the
development of a three-dimensional molecular arrangement; and ab-
sorption, the diffusion of an aqueous chemical species into a solid
phase 21 2) A precipitation mechanism may be initiated by either
homogeneous or heterogeneous nucleation, may involve the formation
of a solid mixture either by inclusion or by coprecipitation, or may
take place on the surface of a pre-existent solid phase (surface pre-
cipitation). Regardless of these variations, the essential charac-
teristic of precipitation is the development of a solid phase whose
molecular ordering is intrinsically three-dimensional (2). An ad-
sorption [strictly speaking, positive adsorption (1)] mechanism, on
the other hand, involves only two-dimensional molecular arrangements
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218 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

on a surface. This latter restriction does not preclude mixed
adsorbates ["two-dimensional solid solutions" (2)] but it does
eliminate solid phases whose structure is 1nherent1y three-dimen-
sional, even if they form on surfaces and are hindered in their
growth for stereochemical reasons [e.g., interlayer metal hydroxides
on 2:1 layer type aluminosilicates (1)]. From this point of view,
"multilayer adsorption” must refer to a succession of adsorbate
layers, each of whose molecular ordering can be influenced only by
the layer on which it forms and not by any other previously adsorbed
layers. 1In the same vein, "absorption' must refer to the penetration
of a chemical species into a solid phase beyond the nanometer depth
from its periphery that operationally defines the interfacial region.
A central problem in the chemistry of natural water systems is
the establishment of experimental methods with which to distinguish
adsorption from surface precipitation (1-3). Corey (2) has written
a comprehensive review of this problem which should be read as an
introduction to the present essay, particularly for his set of six
conclusions that set out general conditions likely to result in
adsorption or precipitation., The discussion to follow is not a com~
prehensive review, but instead focuses on three popular approaches
to the adsorption/surface precipitation dichotomy. The emphasis here
is on the conceptual relationship of each approach to the defining
statements made above: To what extent is an approach capable of
distinguishing adsorption from surface precipitation?

Solubility Methods

Adsorption isotherms. The quantity of a chemical species i adsorbed

per unit mass of a solid material contacting an aqueous solution
phase is calculated with the equation (1):

q.; =n., - Mwm. (1)

where n; is the total number of moles of species i in the suspension
per kilogram of solid, M, is the mass of water per unit mass of
solid, and m; is the molality of the adsorptive i in the aqueous
solution phase. 1In batch experiments M, is the inverse of the
suspension density, whereas in column experiments M, is the gravi-
metric water content. Equation 1 represents the surface excess of
species i assigned to an interface where there is no net accumulation
of water (1); hence, the superscript w on the left side of the equa-
tion. . -

Adsorption phenomena frequently are studied by measuring solely
the change in concentration of a species i in the aqueous solution
phase. Simple mass-balance considerations (1) show that Equation 1
can be rewritten in a form compatible with this methodology:

= Am.M (2)

(w)
9y i Tw

o
where Amj = mj; - m; and m1 is the molality of spec1es 1 in Mry

kilograms of water in the aqueous solution phase prior "to its being
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11. SPOSITO Distinguishing Adsorption from Surface Precipitation 219

brought into contact with 1 kg of solid material. Equation 2 pro-
vides a basis for calculating q;'¥’/ as a loss of mass from aqueous
solution. The critical assumption underlying its equivalence to
Equation 1 is that the species i (e.g., HoPO4™ or Cd2+) preserves
its chemical identity after it accumulates on the adsorbent. This
assumpt ion seldom is checked experimentally by chemical species
analysis of the solid material after reaction. Often even the aque-
ous solution phase is not speciated and i refers, for example, to
Cd(II) instead of Cd2*(aq), with a concomitant lack of specificity
in what is actually being adsorbed. When qi(w) and m; refer to
total concentrations instead of species concentrations, the task of
distinguishing adsorption from surface precipitation becomes corre-
spondingly more difficult,

A graph of q;‘¥/ against mj, or an equivalent concentration
variable, at flxed temperature and pressure is an adsorption iso-
therm. Data of this kind typically have been fitted numerically to
special cases of the equation (2):

n b Kfm Bm
m m 1
@ - - 3

o
m=l {1 +B_ cim]Ym

where cj is the concentration of an adsorptive 1 in the aqueous
solution phase (e.g., the molality) and by, Kp, Bm, m> Sm» and yp

(m =1,...,n) are adjustable parameters. Equation 3 represents an
adsorption isotherm equation. Popular special cases of this ex-

pression include (3,4) the Langmuir equation (Bp =8y = vy =1,
B, =Kyps n=1or 2) the van Bemmelen—Freundllch equat1on (Bm 0,
0 < By <13 n=1), and the Toth equation (B, s By = Kmm

Ym = 1/6 ;n=1), In general, the larger is the number of ad-
justable parameters in an adsorption isotherm equation, the better
its fit to experimental data is likely to be.

The provenance of expressions like that in Equation 3 has never
been shown to be uniquely an adsorption mechanism. On the contrary,
it is possible to derive special cases of Equation 3, such as the
classical Langmuir equation

MO N )

on the basis of sorption mechanisms for cations and anions involving
only precipitation reactions (1,5). The situation for the "two-

surface" Langmuir equation, a four-parameter version of Equation 3,
w_ 28 Pa% e )
94 1 +K. c. 1 +K, c.
11 2 i

is yet more ambiguous. On strictly mathematical grounds (6), it has
been shown that Equation 5 can be fit to any set of sorption data for
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which a plot of ql(")/c1 (the distribution coefficient) against qj (w)
is convex toward the x-axis and has finite (extrapolated) y- and x-
intercepts. This result is independent of the mechanism of the sorp-
tion process. Unfortunately, many sorption data — indeed, most —
meet the mathematical criteria required in order to apply Equation 5.
These kinds of difficulties make evident the point that adsorption
isotherm equations should be regarded simply as curve-fitting devices
without a priori chemical significance, but with predictive capa-
bility under limited conditions. The mechanistic implication of this
conclusion can be formalized in the following rule (1):

The adherence of experimental sorption data to an ad-
sorption isotherm equation provides no evidence as to
the actual mechanism of a sorption process.

The scope of this general rule extends to adsorption isotherms
which turn convex to the concentration axis at higher adsorptive
concentrations (7) and to adsorption "edges" or "envelopes" observed
in plots of q;‘¥/ against pH at fixed total adsorpt1ve i concen-
tration (1) Adsorption isotherms that show a monolayer knee" at
lower concentrations followed by an upward turn at higher concentra-
tions of adsorptive can be modeled by retaining two or more terms in
Equation 3 and choosing the adjustable parameters judiciously (e.g.,
a Langmuir first term and a van Bemmelen-Freundlich second term (7)).
This possibility does not imply that adsorption alone governs the
process described by isotherms that grow continually with the adsorp-
tive concentration, any more than fitting the data by an adsorption
surface precipitation model (7) would imply that surface precipita-
tion was indeed the controlling process at higher concentrations.

The same conclusion applies to the modeling of adsorption "edges" or
"envelopes". That an adsorption "edge" for a metal reacting with a
hydrous oxide exhibits its sharp rise at lower pH values than it does
when the adsorbent is absent can mean either that an adsorption pro-
cess has occurred or that surface precipitation of the metal as a
‘hydrous oxide has been induced by the presence of the adsorbent. No
direct evidence favoring one interpretation or the other can be pro-
vided by these data alone. Similarly, the enhancement of metal
sorption sometimes observed when a strongly sorbing anion has been
reacted previously with a hydrous oxide adsorbent may be modeled
either as a metal-anion surface precipitate effect (8) or a metal-
anion surface complex effect (9). Sorption data themselves do mnot
provide for a choice of model, unless the ion-activity product for

a proposed surface precipitate exceeds the corresponding solubility
product constant.

Ion-Activity Products. As in the determination of the amount sorbed
through Equation 2, the characterization of surface precipitates

often utilizes measurements made solely on the aqueous solution phase.
Solubility studies limited in this way run a risk of being ambiguous
as to mechanism because of the lack of direct information about the
solid phase (10). In respect to the aqueous solution phase, ambiguity
can be minimized if equilibrium is approached both from supersatura-
tion and from undersaturation; if the equilibration time is varied
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systematically; if the aqueous solution phase is monitored through
two or more concentration (or activity) variables susceptible to
quantitation with high precisionj and if the stoichiometry of the
assumed precipitation-dissolution reaction is verified experimen-—
tally (10).

Once the composition of the aqueous solution phase has been
determined, the activity of an electrolyte having the same chemical
formula as the assumed precipitate can be calculated (11,12). This
calculation may utilize either mean ionic activity coefficients and
total concentrations of the ions in the electrolyte, or single-ion
activity coefficients and free-species concentrations of the ions in
the electrolyte (11). 1If the latter approach is used, the computed
electrolyte activity is termed an ion-activity product (12). Re-
gardless of which approach is adopted, the calculated electrolyte
activity is compared to the solubility product constant of the
assumed precipitate as a test for the existence of the solid phase.
If the calculated ion-activity product is smaller than the candidate
solubility product constant, the corresponding solid phase is con-
cluded not to have formed in the time period of the solubility
measurements. This judgment must be tempered, of course, in light
of the precision with which both electrolyte activities and solu-
bility product constants can be determined (12).

The difficulty here is that the ion-activity product includes
not only the Gibbs energy change in a solid dissolution process but
also the activity of the solid itself. Consider, as a simple ex-
ample, the dissolution of CdCO3(s), for which the ion-activity
product (IAP) is (12):

_ 2+ 2-. _
= [Cd ][co3 ] = Kso[CdCO3(s)] (6)

where K, = 107 -1l a¢ 298 K (10) and [ ] represents a thermodynamic
activity. If Cd(II) has coprecipitated with another metal (e.g.,
Ca(II)) to form a solid solution, then [CdCO3] < 1 and IAP < Kg.
Thus a homogeneous, mixed surface precipitate typically can be ex-
pected to produce low IAP values and, if the chemical element of
interest is in the mixture only in trace amounts, the discrepancy
between IAP and K., easily can be an order of magnitude (1,10). A
low IAP value of thls kind then might be interpreted to mean n that
surface precipitation had not occurred, and that adsorption had
occurred, because undersaturation existed in the aqueous solution
phase. The error of such a conclusion, in the absence of a direct
examination of the solid phase, is apparent from Equation 6: Only
precipitates whose activity equals or exceeds 1.0 have been elimi-
nated. The inference to be drawn from this discussion can be
formalized conservatively in the rule (1):

The experimental observation that an ion-activity pro-~
duct is smaller than a corresponding solubility product
constant by an order of magnitude or less provides no
evidence as to the general mechanism of a sorption
process.
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In systems where surface precipitation has been verified on the
basis of a direct examination of the solid phase, it sometimes is
true that, because of epitaxial or other stereochemical constraints,
the activity of even an aged precipitate is larger than 1.0, relative
to a standard state in which the solid phase is macrocrystalline and
free of inclusions (12). The larger solid-phase activity leads to
an IAP larger than K;; (cf. Equation 6). A typical example of
this effect is in the precipitation of aluminum hydrous oxides onto
the interlayer siloxane surfaces of 2:1 layer type aluminosilicates
during weathering. When an aluminum hydroxy-solid precipitates
onto the 1nter1ayer surface of smectite or vermiculite, IAP =
[A13+][0H l Y 10—32, whereas for macrocrystalline gibbsite,

Keo = 10-3 (13) The fact that IAP > Kso implies a lower degree
of crystallinity or crystalline size exists in the surface precipi-
tate.

Kinetics Methods

Electrokinetic behavior. A shearing stress applied to or induced in
an aqueous solution phase contacting a charged adsorbent produces a
response at the solid-liquid interface known as an electrokinetic
phenomenon (1,14). The principal electrokinetic phenomena of rele-
vance to sofSETEh experiments are: electrophoresis, the response of
a charged adsorbent to an applied, constant electric field; electro-
osmosis, the response of an electrolyte solution near a stationary,
charged adsorbent to an applied electric field, and the streaming
potential, the response of an electrolyte solution near a stationary,
charged adsorbent to an applied, uniform pressure gradient. For all
three phenomena, experimental data can be summarized in calculations
of the zeta potential z, the inner electrostatic potential near the
adsorbent surface at the plane of shear induced by an applied elec-
tric field or produced by an applied pressure gradient (1,14).

The significance of r for distinguishing adsorption from surface
precipitation has been brought into clear focus by James and Healy
(15). They pointed out that 7 often decreases to a minimum value,
followed by a rise to a maximum value then decline toward negative
values, as the pH is increased in an aqueous suspension containing a
hydrous oxide adsorbent and a hydrolyzable metal cation adsorptive.
This behavior can be interpreted as the result of a gradual accumu-
lation of hydrolytic species of the metal on the surface of the
adsorbent (producing a net increase in surface charge and an in-
crease in g with increasing pH) which culminates in the formation of
a hydroxy-polymer coating of the metal on the adsorbent (producing
ultimately a net decrease in both 7 and the surface charge, which
gradually reflects that of the coating, not the adsorbent). This
interpretation applies to any bivalent, trivalent, or tetravalent
metal cation that hydrolyzes to some extent above pH 6 in aqueous
solution (16). The magnitude of the concentration of hydrolytic
metal species in solution is not relevant, even if the concentration
is very small, since aqueous solutions are effectively open systems
with respect to these species. If an adsorbent exhibits a high
enough affinity for a hydrolytic species, it can be adsorbed at once
and be replaced in the aqueous solution phase through hydrolysis of a

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



1. SPOSITO Distinguishing Adsorption from Surface Precipitation 223

solvated species until the availability of the latter has been ex~
hausted. The concentration of the hydrolytic species may remain
quite small, but its adsorption is determined by the affinity of the
adsorbent for it and the total metal concentration in aqueous solu-
tion.

If a surface precipitate of metal hydroxy-polymer has formed on
an adsorbent, the r~pH relationship for the coated adsorbent should
resemble closely that observed for particles consisting purely of the
hydroxy-polymer or the hydrous oxide of the metal (15). This kind of
evidence for Co(II), La(III), and Th(IV) precipitation on silica
colloids was cited by James and Healy (15). It should be noted,
however, that the increase in 4 toward a maximum value often occurs
at pH values well below that required thermodynamically to induce
bulk-solution homogeneous precipitation of a metal hydrous oxide (15,
16). 1If surface precipitation is in the incipient stage under these
‘conditions, it must be a nucleation phenomenon. James and Healy (15)
argue that the microscopic electric field at the surface of a charged
adsorbent is sufficiently strong to lower the vicinal water activity
and induce precipitation at pH values below that required for bulk-
solution precipitation of a metal hydrous oxide.

Both Schindler (17) and Fuerstenau et al. (18) have called
attention to the point that the surface precipitation concept need
not be invoked to explain the Z-pH relationship described above. If
only solvated metal cations adsorb in inner-sphere surface complexes,
their adsorption will be enhanced by decreasing the adsorbent charge
through increasing the pH and they will concomitantly increase [ by
bringing positive charge to the solid-liquid interface. At high pH
values, the metal cations will begin to hydrolyze significantly in
aqueous solution and these hydrolytic species can form at the expense
of adsorbed species, with the result that ¢ decreases as the metal
cations desorb to hydrolyze. The qualitative form of the g-pH re-
lationship produced by this mechanism resembles experimental observa-
tions for the bivalent metal cation-silica system closely (17). The
implication of this fact is that an observed Z-pH relationship does
not provide an unambiguous method of distinguishing adsorption from
surface precipitation.

Reaction kinetics. The time-development of sorption processes often
has been studied in connection with models of adsorption despite the
well-known injunction that kinetics data, like thermodynamic data,
cannot be used to infer molecular mechanisms (19). Experience with
both cationic and anionic adsorptives has shown that sorption re-
actions typically are rapid initially, operating on time scales of
minutes or hours, then diminish in rate gradually, on time scales of
days or weeks (16,20-25). This decline in rate usually is not
interpreted to be homogeneous: The rapid stage of sorption kinetics
is described by one rate law (e.g., the Elovich equation), whereas
the slow stage is described by another (e.g., an expression of first
order in the adsorptive concentration). There is, however, no pro-
found significance to be attached to this observation, since a con-
sensus does not exist as to which rate laws should be used to model
either fast or slow sorption processes (16,21,22,24). 1If a sorption
process is initiated from a state of supersaturation with respect to
one or more possible solid phases involving an adsorptive, or if the
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adsorbents present are either poorly crystallized or well hydrated,
it is likely that multiple sorption mechanisms will operate right
from the beginning (1,2). The time-development of the sorption
process then should reflect this multiplicity and defy any simple
interpretation in terms of an adsorption mechanism.

When the kinetics of a sorption process do appear to separate
according to very small and very large time scales, the almost uni-
versal inference made is that pure adsorption is reflected by the
rapid kinetics (16,21,22,26). The slow kinetics are interpreted
either in terms of surface precipitation (20) or diffusion of the
adsorbate 1nto the adsorbent (16,24). With respect to metal cation
sorption, "rapid kinetics" refers to time scales of minutes (16 26),
whereas for anion sorption it refers to time scales up to hours 1:
21). The interpretation of these time scales as characteristic of
adsorption rests almost entirely on the premise that surface phe-
nomena involve little in the way of molecular rearrangement and
steric hindrance effects (16,21).

An illustration of the reaction kinetics approach to distin-
guishing adsorption from surface precipitation is provided by the
sorption of o-phosphate by calcite (27-30). The loss of o-phosphate
from aqueous solution in the presence of calcite is pronounced on a
time scale of tens of minutes and is enhanced by increasing tempera-
ture or pH (27-29). Thereafter, on a time scale of hours or days,
the o—phosphate solubility decreases gradually, then drops sharply
again (27,28). This behavior is interpreted mechanistically as
adsorption of o-phosphate at selective sites on calcite followed by
the nucleation of a calcium phosphate solid on the surface (27,29,
gg) The gradual decline in o-phosphate solubility, which per51sts
longer the smaller is the initial o-phosphate concentration (28),
represents the period of rearrangement of adsorbed o—phosphafg—
clusters into calcium phosphate nuclei (27,29). Epitaxial, three-
dimensional growth of calcium phosphate E?};Eéls then follows.
Scanning electron micrographs of calcite taken during the re-
arrangement period (30) show hemispherical growths of o-phosphate
(identified by microprobe analysis) at edge sites and dislocations
on the crystal surface.Griffin and Jurinak (29) found the adsorption
kinetics to be second-order, whereas the rearrangement kinetics were
first—order. Similar results for the slower kinetics of o-phosphate
sorption by metal hydrous oxides and soils have been reported (20,
21), but no consensus exists (23,25,31). The principal criterion,
however, is not homogeneity of the rate law, but a clear separation
of the kinetics according to time scale (1).

Surface Spectroscopy

Solubility and kinetics methods for distinguishing adsorption from
surface precipitation have the common features of being essentially
macroscopic in nature and of not utilizing a direct examination of
sorbed material. The essential difference between an adsorbate and
a surface precipitate lies with molecular structure, however, and

it is inevitable that methodologies not equipped to explore that
structure directly will produce ambiguous results requiring ad hoc
assumptions in order to interpret them. The principal technique for
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investigating molecular structure is spectroscopy (32,33). Surface
spectroscopy, both optical and magnetic, offers the best opportunity
at present to elucidate the structures of chemical species at the
solid-liquid interface.

Surface spectroscopic techniques must be separated carefully
into those which require dehydration for sample presentation and
those which do not. Among the former are electron microscopy and
microprobe analysis, X-ray photoelectron spectroscopy, and infrared
spectroscopy. These methods have been applied fruitfully to show the
existence of either inner-sphere surface complexes or surface pre-
cipitates on minerals found in soils and sediments (13b,22,31—37),
but the applicability of the results to natural systems is not with-~
out some ambiguity because of the dessication pretreatment involved.
If independent experimental evidence for inner-sphere complexation or
surface precipitation exists, these methods provide a powerful means
of corroboration.

X-ray diffraction, Raman spectroscopy, and magnetic resonance
spectroscopy (nuclear and electron), on the other hand, do not re-
quire dehydration of the sample. X-ray diffraction is a method of
long standing for the detection of surface precipitates that is
usually — but need not be — applied to dried materials (30, 38-41).
Raman spectroscopy (42)and nuclear magnetic resonance spectroscopy
(32 33) have not often been used to distinguish surface species in
aqueous systems comprising natural colloids, but their potential for
this kind of investigation remains significant (33,37). Perhaps the
most useful technique has been electron spin reéEEEEEé spectroscopy
(32, ,43), particularly the applications of it made by McBride and his
coworkers (44-48). Although limited intrinsically (32) to only three
metals of major interest in natural colloidal systems s — Fe(III),
Mn(II), and Cu(II) — this method has been uniquely successful in
providing a general understanding of the conditions under which ad-
sorption or surface precipitation is likely to occur.

A prototypical example of electron spin resonance (ESR) spectro-
scopy applied to surface speciation on a layer silicate is Cu(II)
sorption by hectorite (44b). The ESR spectrum of a Cu-hectorite
suspension shows a gradual decrease in the intensity of the line
characteristic of the Cu(H20)62+ species as pH increases, consistent
with the gradual appearance of hydrolytic species of Cu(II) which do
not produce an ESR signal. At pH < 5.2, the fraction of Cu(II) in
hydrolytic species on the hectorite surface is much larger than in
aqueous solution, indicating a high affinity of the surface for these
species. Air-dried Cu-hectorite presents ESR spectra assignable to
Cu(II) bound in inner-sphere surface complexes in the hectorite
interlayers, by contrast with the diffuse-ion swarm or outer-sphere
surface complex Cu(II) inferred from the suspension spectra. As pH
increases, this adsorbed Cu(II) converts gradually to hydrolytic
species. Kinetics data taken with the ESR spectra in suspension were
consistent with the formation of surface precipitates at pH > 6. A
similar study of Cu(II) sorption by microcrystalline gibbsite (47)
produced spectral evidence for inner-sphere surface complexes of
Cu2* predominating below pH 5 and Cu-hydroxy species — eventually
Cu(OH)7(s) — predominating above pH 5. For both hectorite and
gibbsite, the IAP = [Cu2*][0H"]12 for the surface hydroxy species was
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smaller than the solubility product constant of macrocrystalline
Cu(OH) »(s).

Concluding Remarks

Solubility and kinetics methods for distinguishing adsorption from
surface precipitation suffer from the fundamental weakness of being
macroscopic approaches that do not involve a direct examination of
the solid phase. Information about the composition of an aqueous
solution phase is not sufficient to permit a clear inference of a
sorption mechanism because the aqueous solution phase does not de-
termine uniquely the nature of its contiguous solid phases, even at
equilibrium (49). Perhaps more important is the fact that adsorption
and surface precipitation are essentially molecular concepts on which
strictly macroscopic approaches can provide no unambiguous data (12,
EL). Molecular concepts can be studied only by molecular methods.
It is for this reason that spectroscopy offers the only experimental
method for characterizing the interfacial region that is not auto-
matically destined to run into basic conceptual difficulties. This
is not to say that difficulties of a technical nature will not arise
(40-48), nor that the conceptual difficulty of differing time scales
among spectroscopic techniques will cause no problems (50). None-
theless, it is to be hoped that future investigations of sorption
reactions will focus more on probing the molecular structure of the
mineral/water interface than on attempting simply to divine what the
structure may be.
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Adsorption-Desorption Kinetics
at the Metal-Oxide-Solution Interface
Studied by Relaxation Methods

Tatsuya Yasunaga’ and Tetsuya Ikeda?

/Institute of Science and Technology, Kinki University, Higashi-Osaka 577, Japan
?Department of Chemistry, Faculty of Science, Hiroshima University, Hiroshima 730,
Japan

Chemical relaxation methods can be used to determine
mechanisms of reactions of ions at the mineral/water
interface. 1In this paper, a review of chemical re-
laxation studies of adsorption/desorption kinetics of
inorganic ions at the metal oxide/aqueous interface
is presented. Plausible mechanisms based on the
triple layer surface complexation model are discussed.
Relaxation kinetic studies of the intercalation/
deintercalation of organic and inorganic ions in
layered, cage-structured, and channel-structured
minerals are also reviewed. In the intercalation
studies, plausible mechanisms based on ion-exchange
and adsorption/desorption reactions are presented;
steric and chemical properties of the solute and
interlayered compounds are shown to influence the
reaction rates. We also discuss the elementary
reaction steps which are important in the stereo-
selective and reactive properties of interlayered
compounds.

The fast reactions of ions between aqueous and mineral phases have
been studied extensively in a variety of fields including colloidal
chemistry, geochemistry, environmental engineering, soil science,
and catalysis (1-6). Various experimental approaches and techniques
have been utilized to address the questions of interest in any given
field as this volume exemplifies. Recently, chemical relaxation
techniques have been applied to study the kinetics of interaction of
ions with minerals in aqueous suspension (7). These methods allow
mechanistic information to be obtained for elementary processes
which occur rapidly, e.g., for processes which occur within seconds
to as fast as nanoseconds (8). Many important phenomena can be
studied including adsorption/desorption reactions of ions at
electri fied interfaces and intercalation/deintercalation of ions
with minerals having unique interlayer structure.

In this paper, a review of the mechanistic information that has
been obtained in chemical relaxation studies of reactions of ions
with metal oxide minerals in aqueous suspensions is discussed. The

0097-6156/86/0323-0230$07.00/0
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review is devided into five sections: (1) Principles of Chemical
Relaxation Method, (2) Experimental Methods and Materials, (3)
Surface Reaction Kinetics, (4) Intercalation Kinetics, and (5)
Summary and Conclusions.

Principles of the Chemical Relaxation Methods

Chemical relaxation methods involve small perturbations of equilib-
rium (8). The dependences of the equilibrium constant K on tempera-
ture, pressure, and the electric field are given by

31nK AH

T )p T R oY
31nK AH

7 < " ® (2)
d1nkK. AM

( 9E )P,T - TRT (3

where AH, AV, and AM are the standard enthalpy, standard volume, and
electric moment of reaction. In jump-relaxation methods, the equi-
librium constant is changed by rapidly altering an external parame-
ter (temperature, pressure, or electric field strength). The re-
equilibration or relaxation can be observed by some suitable means
of detection such as conductivity (Figure 1).

Experimental Methods and Materials

(a) Apparatus. Pressure-jump relaxation with electric conductivity
detection can be applied to reactions occuring on the order of
seconds to milliseconds. The details of the measurement of the
relaxation signals using the pressure-jump apparatus with conduc-
tivity detection have been described elsewhere (7). It has a time
constant of 80 us at a bursting pressure of 200 atm.

The electric~field-jump method with electric conductivity
detecting system can be applied to reactions occuring on the order
of milliseconds to microseconds. The rise time of the applied
electric field is much faster than 0.1 us. The strength of the
electric field is 20 kV/cm. The details of the electric-field-jump
apparatus can be found elsewhere (9).

Reactions which cannot be perturbed by changing an external
parameter may be detected by the stopped-flow method. The detection
system of this apparatus is the same as that of the pressure-—jump
apparatus described previously (10). For this system, aqueous
electrolyte solution and an aqueous metal-oxide suspension are mixed
rapidly by operating an electric solenoid valve under nitrogen gas
of 7 atm. The dead time of this apparatus is 15 ms.

The Z-potential of the metal-oxide particles was measured by
means of the micro-electrophoresis method (li).

(b) Materials and Sample Preparation. The metal oxides used were
Fe,03, Fe3Oy, 0-FeOOH, TiO,, silica-alumina, and y-Al;03. Layered
compounds used were a- and Y-zirconium phosphates (a-, Y-ZrP), TiSa,
hydrotalcite-like compound (HT), montmorillonite (Mont), zeolite 4A
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(Z-4A), and zeolite H-ZSM-5. The interlayer distance varied by the
intercalation was determined from X-ray diffraction patterns. The
interlayer space of the crystalline zeolite is separated by the
three-dimensional cage structures. The mean diameters of particles
were approximately 1 pm. Such small particles formed very stable
suspensions with no sign of sedimentation over the time course of
the kinetic measurements. The analytical techniques used to obtain
the equilibrium concentration are described elsewhere (10-22). All
samples were equilibrated for 24-72 h after preparation. The tem-—
perature was controlled at 25 °C.

Surface Reaction Kinetics

In aqueous suspensions, metal oxides have amphoteric properties
(4). One can describe the adsorption/desorption of H* and counter-
ion on surface hydroxyl groups (SOH) using the following mass action
equations:

in the pH range below the PHzpc

ki
SOH} ~e——= SOH + Ht (D)
ko1
k2
SOHY + A ~=———= SOH}-—A" (1I1)
k_2
in the pH range above the PHzpc
ks
SOH w———= 350~ + Hut (I11)
k_3
ky
SO~ + Bt e————=m 507-—-Bt (V)
k_y

where PHzpes A~, and Bt stand for the pH of the zero point charge of
the metal oxide, an anion, and a cation, respectively, and ki (i=1,
2, 3, 4) are the rate constants. For the above reactions, the
equilibrium constants are given by

[souj[u+] ey . eyo
Ki = ————exp(—) = K" exp(—) %)
[sout] kpT kT
[soHt-—-A"] ey ey
Kanion = ____3_——:—_ eXPC“g = xint . exp(——g) (5
[soHf][A Ig kpT kT
[sOTJ[H'],  evo eo
Kz = ————— exp(—) = Kint exp(—) (6)
[SoH] kpT kT
[s0™---B*] ey . Vg
Keation = P exp(- —) = Kg3tion exp(- — &)
[s0”1[BT]4 kT kpT
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where the subscripts ¢ and B refer to the planes of adsorbed gt and
counterion (A~ and BY), respectively. o and Yz are the electro-
static potential at the surface and B-plane, respectively. Ki“t
are the intrinsic equilibrium constants and kg is the Boltzmann
constant. According to the surface complexation model described by
Davis et al. (4), the potential and charge relationships in the
electric double layer are given by

Yo - Yg = do/Ca (8)
g = Vg = - 0g/C2 9
Op + og +04q = 0 (10)

where Y3y is the mean potential at the slipping plane, which is
assumed equal to the Z-potential in these studies, and 0o, Og, and
04 are the charge density at the surface plane, the B-plane, and
the slipping plane, respectively; Ci and C: are the integral
capacitances in the inner and outer regions of the immobile layer,
respectively. From Gouy-Chapman diffuse layer theory, Oy (uC/cm?)
is

ey
4 (11)

04 = - 11.74 c'/? sinh(2k T
B

where C is the equilibrium concentration for a symmetrical electro-
lyte in the bulk phase. The expressions of Oy and og are

oo = A([sont]+[sont---A"] - [s07] - [s07-—-B*]) (12)
og = A([807-—-B*] - [SOH}-—-A"]) 13

with
A = 10°F/([PlS) (14)

where F is the Faraday constant, [P] is the particle concentration,
and S is the specific surface area.

(a) Adsorption/Desorption Kinetics of Potential Determining Ions.
Application of the pressure-jump method to the acidic suspensions
of metal oxides shifts equilibrium for reactions I and II towards
dissociation. Under the condition pH <pH,,., reactions III and IV
above can be neglected because the counterion of S0 is vanishingly
small. Since no relaxation is observed in acid-free suspensions,
homogeneous HClO4 solution, or the supernatant solution of centri-
fuged samples, the single relaxation found in the pressure-jump
studies has been attributed to proton adsorption/desorption on the
suspended particles (12).

When counterion binding reaction II is extremely rapid, the
concentration dependence of the relaxation time is given by (11)

eYo Kanion"'[SOH.;]

) ([SOH] + [Ht] +K,
2k, T Kanion + [SOH}] +[A7]

! = k%ntexp(—

(15)
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In order to verify Equation 15, one must determine the equilibrium
concentrations of [SOH], [SOHY], [H*], and [A™]. The surface
concentrations are determined by potentiometric titrations while
solute concentrations are measured using standard analytical
techniques (12). The surface potential Yo can be evaluated by using
the following relation (4):

eYo

— = 2.303(pkint _ pK;) (16)

kBT ‘
The value of Kéggon for the perchlorate ion used in this study was
not known, but numerical values of the constant for various other
anions have been reported to be 50-100. Since T~! in Equation 15
is quite insensitive to the value of Kaggon in this range, K;gton =
50 was used in the plot of T~! vs. the concentration term on t
left hand side of Equation 15. The values of the rate constants
obtained in the TiO;, Fe;03, Fe3O4, silica-alumina, and &~ and y-
zirconium phosphate systems are listed in Table I.

Table I. Rate Constants of the Adsorption/Desorption
and Equilibrium Acidity Constants

kint kETt .
system S _pK:%nt
mol~! dm® s7! s~ !
Ti0, /% 6.2 x10° 1.3x10} 4.7
Fe,0s/ut 2.4 x10° 1.6 x10™} 6.2
Fe304/H 1.4 x10° 3.4 x107} 5.6
silica~alumina/H* 2.9 x10" 4.6 x10" 2.8
a-ZrP/Ht 1.8 x10° 1.9 x 10?2 3.0
y-zrp/ut 2.4 x10* 1.3 x102 2.3

To compare the rate constants of the adsorption/desorption of
H' in aqueous suspensions of the metal oxides, we plotted log klnt
and log klnt against pKi in Figure 2. 1In the systems of TiO2z,
Fe»03, Feaoq, and a-zirconium phosphate, the values for log klnt are
related linearly to pKi. This suggests that the intrinsic a01d1ty
of the metal oxide compounds is related to the desorption step. As
has been pointed out by Astuminan and Schelly (13), due to reduction
of dlmen31onallty durlng adsorption, rate constants with values as
low as 10° mol™! dm® s~ !, may be indicative of diffusion control.
Hence, the nearly constant value of the adsorption rate constant k)
(~10° mol™! dm® 1y may be due to diffusion limitation. On the
other hand the desorptlon step having a much higher activation
(k_1 <<10° mol~! dm® ) reflects differences in the chemical
nature of the acid 51tes of minerals. However, in the silica-alumina
and y-zirconium phosphate systems, the adsorption rate constarts are
one order of magnitude smaller, indicating the possibility of a
chemical reaction controlled adsorption step in these systems.
This may be due to the higher acidity of the surface sites (see Kint)
values in Table I) and hence higher activation energy of proton
adsorption for the silica-alumina and y-zirconium phosphate.
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Figure 1. Typical relaxation curve in the aqueous y-Al,0; -
Cu(NO3), suspension observed by using the pressure-jump method.
[P] = 30 g/dm®, and T = 7.5x10"3 at 25 °C; sweep 20 ms/div.

410
0 0
€7 18 B
4 4
o o
3 o
3 16
_ols 1
6
° 3
1 i 'y 1.
-6 -4 -2
tog K™

Figure 2. Relationships between kint (e), k1Bt (o), and acidity

constant Kint: (1) a-ZrP, (2) y-ZrP, (3) TiO,, (4) Fes0,, (5)
Fe,03, (6) silica-alumina.
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(b) Adsorption/Desorption Kinetics of Counterions. For the fast
process in the acidic suspensions of a-FeOOH -HCl and HClO4 systems,
electric-field-jump studies were carried out (l4). A single relax-
ation caused by the second Wien effect was observed. It has been
shown that the relaxation time for surface protonation reaction I
is on the order of milliseconds, and thus it may be assumed that the
reaction I cannot possibly contribute to relaxations of microsecond
order observed in these electric-field experiments. 1In reaction II,
it is noted that the interaction between the protonated surface
hydroxyl group and the counterion results in a decrease of electro-
static potential in the vicinity of surface and an increase in the
amount of proton adsorbed.

For the counterion binding reaction II, the concentration
dependence of the relaxation time is derived as (12)

ewB ewB

) LISOHE] + [A™] + (Kypi0n) ~texp(- —)} an

ZkBT kBT

In Equation 17, g was calculated from the Z-potential by using
Equations 5-11, C1 = 140, and C2 = 20 as reported by Davis et al.
(4). The value of Yo was estimated from the acidity constant pKint
and titration data using Equation 16. However, when the experi-
mental values of T~" are plotted against the concentration term, the
result does not even remotely resemble a straight line through the
origin, and hence reaction II which has been suggested by Davis et
al. (4) may be eliminated from consideration. Taking into account
a possible, though somewhat more complicated explanation of the
surface reaction, i.e., assuming reaction II involves the diffusion
of an anion with three degrees of translational freedom to the B-plane
followed by the surface reaction IV as shown below, leads to

™1 = kintexp(

A" + surface .r————J-Aé (diffusion process) V)
+ - ks -
SOH + Ag g__f_‘som;---A (VI)
kI,
' [SoH}-~-A"] [A7]g
Kanion = = Kigion Kq (18)

[SOH71[A™], [A7]

where K3 is the equilibrium constant of the diffusion reaction.
According to the rate theory for diffusion of an ion from bulk
solution to an oppositely charged particle surface (8), the
relaxation time is expected to be shorter than 0.1 ps. Thus the

relaxation time for reaction VI coupled with reaction V is given
by (14)

K

7! = kiintg

[SOHE] +[A7]5) +k!int (19)
Kg+1
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where K%gion (= kjint/krinty yas treated as a variable parameter.
The values of the rate constants obtained in the a~FeOOH -HCl and

HC10y systems are listed in Table II.

Table II. Rate Constants of the Adsorption/Desorption
of the Counterion

int int i
k2 kig Kéggon
system [,
mol™! dm® s7! s ! mol™! dm?
a-FeOOH/C1™ 6.0x10° 1.0x10" 60 (50)2
a-FeOOH/C10% 1.4 x10° 2.0 x10" 6

2 The values reported by Davis et al. (4). K%Rion taken
equal to 60 mol™! dm® for €1~ and 6 mol™' dm3 for C10%.

It should be noted that the value of Kigg o in the o-FeOOH - HC1
system is in good agreement with that reported by Davis et al. (4).
The Kéﬁion shown in Table IT indicate rhat the ion-pair surface com-
plex of Cl- is one order of magnitude stronger than ClOj.

Figure 3 shows the pH dependence for phosphate adsorption on
YAl,0;3 for a phosphate concentration of 8 x 10-3 mol dm-®, at I=
1.5x10-2M, [P] = 30 g dm-®, and 259C. It is well known that below
the PHzpc in the absence of phosphate, both the surface- and
gz-potential in the y-Al,0; suspension are positive; however in the
presence of phosphate, the surface is negatively charged at pH
values below the zpc (pH = 8.5 indicating specific adsorption of
phosphate (see Figure 4). A mechanism to explain phosphate
adsorption based on pressure-jump studies has been postulated by
Mikami et al. (15)

ki
Alont + H,PO7 <r—7:-—:- Al0H}---H,P0% (V1)
-1

ko
AlOH} + HPO2™ <———= AlOH}——-HPO2™ (VIII)
k_,

where AlOHz-—-HzPOE and AlOHg—--HPOf— are the adsorbed states of
H2POy and HPOﬁ—, respectively. Assuming that the adsorbed anions
locate on the same plane as that of the adsorbed electrolyte
counterion, K; and K; are defined as

[AloHt——-H,P07) ey e
Ki = 2 " exp(—D) = Kint exp(—E (20)
[a106%1[H,POY ] kgT kT
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LAIOH3-H,PO;) LAIOH3- H,PCE]
) + [AIOH}-HPOZ ]

percent phosphate adsorbed
an
=
T

~
0 L i 1 S 1

4 6 8 10
pH

Figure 3. pH dependence of the amount of the phosphate adsorbed
(o) at [P] = 30 g/dm3, phosphate concentration = 8 x107% mol dm™3
I =1.5 XlO-a, and 25 °C. The solid curve indicates the sum of

the calculated amounts of adsorbed H,P0; (---) and HPOZ™ (—--.

40 T T T
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mV
o
|

.

-20

-40
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I 1
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-60

Figure 4. CZ-potential as a function of pH at I = 1.5 x 1072 and
25 °C. Concentration of phosphate is 8 x10™% mol dm~°.
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[AlOH}---HPOZ™] eV, 2ew8
K2 = exp(—) = Klnt exp(

+ 2~
[ALOH}1[HPOL ] kT kT

(21)

For reactions VII and VIII, the concentration dependences of
the relaxation times are given by

(k3! + [A10H}]) [H,PO; ]

-1
T1
2k, T K3! + [ALOHE] + [HPOZ™]
ey

+ (Kintyeyp(- —By} = iint gy (22)
kT

13}

. elg
k30t {exp (—) ([Al0HT] + [HPOZ™])
kT
B

ey .
+ (Klnt)‘lexp( ——ﬁﬁ} = K" F, (23)
k T

To calculate the concentration terms in Equations 22 and 23, the
intrinsic equilibrium constants K%nt and K%nt, Yg, and the equilib-
rium concentrations of surface species have to be obtained. These
values were determined by solving a set of simultaneous equations,
i.e., Equations 4-14, 20 and 21. 1In a series of calculatlons, the
values, KaREon = 80, Klnt = 50, and C2 = 20 UF/cm?, which have
been reported by Dav1s et a& ), were used.

The plots of T1 vs. F; and 13! vs. F2 in Equations 22 and 23
are shown in Figures 5 and 6, respectively, where the value of the
inner layer capacitance C; was varied. Both plots yield straight
lines passing through the origin at Ci1 = 180. The rate constants
of adsorption/desorption of phosphate and chromate on Y-Al203 are
listed in Table III. The adsorption rate constants for HCrOx and
CrOﬁ' are

Table III. Rate Constants of Adsorption/Desorption
of the Phosphate and Chromate

k%nt ki?t k%nt ki%t
system
mol™! dm® s~} s™! mol~! dm® s7! st
Y~Al203
phosphate 4.1x10° 2.3 1.1x107 2.7
Y-Al203
chromate 5.3x10" 1.9 x10! 9.9 x 10" 5.2 x10%
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1A5_ T T T
G =140 =180
T 1.0
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=
Y
0.5t
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0 1 2 3 4
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Figure 5. Plots of 17! vs. F1 in Equation 22 using the various
values of C; = 140 (o), 180 (o), and 220 (e).

€, =140

75, 100 &

=180 / =220

1

05 1.0
F, . 10%mol dm3

Figure 6. Plots of 137! vs. F; in Equation 23 using the various
values of C; = 140 (o), 180 (o), 220 (e).
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one and two orders of magnitude smaller that those for H2POy and
HPO%', respectively, while the values of desorption rate constant
for the former are one order of magnitude larger than those for the
latter. This indicates that the interaction of phosphate with
AlOHE is stronger than that of chromate with AlOH?. On the other
hand, the value of C; = 180 determined is slightly larger than that
reported by Davis et al. (5). This difference may result from an
increase of the electrical double layer dielectric constant caused
by the large amount of anion adsorbed.

(c) Adsorption/Desorption Kinetics of Divalent Metal Ions. Based on
pressure—Jump kinetic studies the mechanlsm of adsorption/desorption
of cu?t, Mn?*, zn?*, co?t, and Pb2t on the Y-A1,03 has been postulat-
ed (16,17)

ki ky
A10H ALOM(H20)F_, ALOMOH (H20),_, (X1)
k_, k_,

M(H,0)2* Bt +H,0 ut

where AlOM(H20)+_1 and A1OMOH(H20)p—, denote two kinds of surface
complexes formed by adsorption of hydrated metal ioms, M(H,0) 2t,
The degendences of pH and Z-potential on the adsorbed amount of
M(H,0) %t at the total metal ion concentrations of 3 x10~° mol dm~
are shown in Figures 7 and 8, respectively. The amount adsorbed
for each M?>% increases with the pH, and the inflection points are
shifted toward the lower pH region in the order of co?t, zn?t, Pb2t,
Cu? , which corresponds to the order of the hydrolysis constant of
metal ions. To explain the M2 —-adsorption/desorption, Hachiya et
al. (16,17) modified the treatment of the computer simulation
developed by Davis et al. (4). In this model, M?* binds coordina-
tively to amphoteric surface hydroxyl groups. The equilibrium
constants are expressed as

[ALOM(H20)F_, 1 [H] ) eVo
X1 = = Xint exp(- —) (24)
[A1OH] [M(H,0)2%] kT
[ALOMOH (H20),_, ] [H+] eyo
K2 = = K%nt exp(—) (25)
[ALOM(H20)}_ ] kT

M** is not adsorbed at the B-plane of adsorbed counterions but at

the surface plane of adsorbed protons. The surface potential g
and surface charge density are defined by

b =y (26)
Oo = OM + OH
F
- 155 ([Alom}) + [(AlOM(H0E)D) @n
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100

percent metal adsorbed

Figure 7. pH dependences of adsorption of divalent metal iomns to
v-Al,05 of [P] = 30 g/dm®, the total metal ion concentration of
3x107% mol dm™3, and I = 7.5x107% at 25 °C. The solid curves
are the theoretical ones on the basis of the coordinate adsorp-
tion model.

T T T T

sr \~\ oPb%* D Co?| 14
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Figure 8. pH dependences of the {-potentials and Py in the aque-
ous y-Al;03;-M(NO3), and y-Al,03; -HNO3; systems of [P] = 30 g/dm3
and I = 7.5x107% at 25 °C. The solid and dashed curves show the
f-potentials in y-Al,0; -M(NO;3), and y-Al,0; -~HNO; systems,
respectively. The dash-dotted curve represents Vg -
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where Yy and Yy are the surface potential created by M2t and wt-
adsorptions, respectively; Oy and oy are the corresponding charge
densities. Using the above relationships, pH dependences of the
amount of adsorbed M2t were numerically evaluated with K?nt, gint
C1, and C, treated as variable parameters. As can be seen

from Figure 7, good model fit to data was obtained using the values
of K™, kI, C:, and C2 shown in Table IV. From Figure 9a, one
can see that the values of K1t and K}ntK%“t correlate with the
hydrolysis constants K; of metal ioms.

Table IV. Intrinsic Constants and Capacitance Values
for Divalent Metal Ion Binding

. . C1 C2
system pkint pK3int " 5

uF cm”™ UF cm

Y-Al,03/Cu?t 1.6 6.6 250 40
Y-Al,03/Pb3t 1.8 7.6 200 40
y-Al,03/Zn%t 2.4 8.6 200 30
Y-Al;03/Co >t 3.7 8.1 200 40
Y-Al203/Mn?*t 4.7 7.6 200 40

Considering the possible steady-state intermediate and
mechanism shown below

kla H klb +
ALOH: Alo M(H,0)* ALOM(H20)F-1 Xx)
koia 2Y¥/n-1 k_1p
M(H,0) 4t H20 ut

and assuming k_,, >> k}, the relaxation time is given by

! = kNt {{atoM@H0)E_,1 + [HY]
int e¥o 2+
+ K} exp(- —) ([ALOH] + [M(H20);"])} (28)
k. T
B
with
kjint = gint (29)
int - { int i - i int
kINE = WINERINE /KRt = kIDE 7 KGf (30)
K{int = kiint / k:}nt - K}gt K%gt (31)

where the k%nt are rate constants accounting for interfacial
potential affects as described by Mikami et al. (15) and Ha¥es and
Leckie (this volume). Figure 9b shows that the values of k_?t
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(= klnt) obtained correlate with those for a release of a water
molecule from a hydrated metal ion, kHzO’ in the metal complex
formation in homogeneous systems. This correlation 1is consistent
with the coordinative adsorption/desorption of M 2+ In addition,
Hachiya et al. (16,17) reported that y-Al,03; has at least two kinds
of the surface sites with different adsorption energles, i.e., one
is the strong surface sites of the largest fraction and the others
are the remaining weak sites of the small fraction among multisites.
Similar results for Pb*t ion adsorption/desorption on goethite are
reported by Hayes and Leckie (this volume).

Intercalation Kinetics

Layered compounds such as montmorillonite and zirconium phosphate
intercalate adsorbing molecules into their two dimensional inter-—
lamellar spacing. Intercalation accompanies ion exchange in which
exchangeable ions are bound on the host lattice in the interlayer
and are exchanged with intercalating ions without large change of
the surface potential. Stereoselective and catalytic intercalation
processes are governed mainly by steric properties of the inter-—
calating molecule which may depend on both the interlayer distance
and the size of the guest molecule. Recently, the mechanisms of
intercalation have been clarified by the authors using the chemical
relaxation method (18-22). Here we present the results on the
intercalation kinetics and discuss how differences in the stereo-
selectivity and acid strength affect intercalation phenomena.

Two chemical relaxation processes {(involving decreasing
conductivity) having a characteristic duration of the order of
milliseconds were observed in a-ZrP -alkali metal ion, TiS; —alkali
metal ion, Z-4A -alkylammonium ion, HT -L- and D-histidines, and
Mont - L-arginine systems by using the pressure-jump method (18-22).
Single relaxations were observed in Z-4A - alkali metal jon system
and several H-ZSM-5 - NH systems with silica-alumina ratios of 40,
80, and 160 using the stopped-flow and the pressure-jump methods,
respectively. The kinetic experimental data in each system show
that the relaxation times depend on the concentration of added
intercalating species. The static experimental data show that
intercalation of each ion into the lamellar layer of the layered
compound takes place and that in some systems ion-exchange reaction
may accompany intercalation.

For intercalation of molecules into the interlamellar layer
region, the reaction scheme is written as

S(a) S(A)M s(Ma S(M)
111111 111111 111111 111111
ki M ko A ks (X1I)
A ? k_, A k_, M k_3 :_._M
11y 111171 1111171 N
step 1 step 2 step 3

where S(A), S(A)M, S(M)A, S(M) denote the exchangeable ion, A, bound
in the interlayer; intercalating ion, M, adsorbed at the entrance of
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the interlayer; M intercalated deeply by the intracrystalline
exchange; and M intercalated with A released from the interlayer,
respectively. Exchangeable ions in the interlayer of the layered
compounds are HY for a-ZrP and H-ZSM-5, Nat for Z-4A and Mont, and
C1™ for HT. In the case of TiS,, the interlayer is initially
vacant. In typical intercalation, step 3 is the rate determining
step, requiring 24-72 h for equilibration. Under the assumption
that step 1 is much faster than step 2, the relaxation times are
given by

!

ki([s(a)] + M) + k_, (32)

[s(A)] + [M]
13! ko ([M] + [S(A)] ) + ke, (33)
K1 + [S(A)] + [M]

The rate constants and interlayer distances determined from X-ray
diffraction patterns for the intercalation studies described above
are given in Table V. In those systems where intercalation causes
large changes in the interfacial potential (ZrP and TiS;), Equations
32 and 33 were modified using intrinsic rate constants. In cases
where steady state reactive intermediates were postulated, the rate
constants in Equations 32 and 33 were modified as shown in Table V.

(a) Stereoselective Intercalation. The values of rate constants
and interlayer spacing shown in Table V yield important information
with respect to the stereoselectivity of layered, channeled, and
cage-structured minerals. In pressure-jump kinetic studies of the
intercalation of alkali metal ions into a-ZrP, a strong correlation
between the size of the metal ion and reaction rate was found (20).
This is shown in Figure 10 where there is a linear relationship
between log k; and log k, and the interlayer distance. The inter-
pretation is that the alkali metal ion size determines the relative
interlayer spacing in a-ZrP which in turn influences the rates of
the intercalation steps 1 and 2 in the reaction scheme of Equation
XII shown above. In studies of the intercalation of alkali metal
ions into TiS, and 2Z-4A (10), the interlayer distance is

less influenced by the intercalating ion and as a result the inter-—
calation rates for each alkali metal ion are less dependent on the
size of the intercalating ion (Table V). Apparently, the layered
TiS> compound and the cage-structured Z-4A zeolite compounds are
more rigid and their structure are less affected by the intercalat-
ing ions.

The effect of ion size on the rates of intercalation of NHf,
CH,NHY, C,H NHY, n-C,H,NHY, i-C.H,NHY, (CH,),NH}, (CH,),NH*, and
(CH3)4N+ into Z-4A zeolite has also been investigated using the
pressure-jump technique (18). The results shown in Table V illus-
trate that Z-4A acts like an ion-sieve. For ions with a volume
(estimated from van der Waals radii) greater than 120 A? no exchange
was observed, i.e., neither relaxations or any ion-exchange was
found in the intercalation studies of 1-C,H,NHY, (CH3)3NH+,°and
(CH3)4N+ (all whose estimated volumes are greater than 120 A%.
Figures 11 and 12 show the dependence of the ion-exchange and
kinetic rate constants on the volume of the alkylammonium ions. As
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Figure 9. (a) Logarithmic plot of Kintgint (o) and Kint (e) vs.
the hydrolysis constants of the metal ions, K. (b) Relation-
ship between the adsorption rate constants, k{int, and the rate
constants for a release of water molecule from hydrated metal

ion in the metal complex formation ky,p, for the divalent metal
ions.
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Figure 10. Plots of log k%nt and log k; vs. interlayer distance.
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Figure 11. Plot of K' vs. volume of cation. K' is the ion-
exchange constant ([Mag4g] [Nat1/[S(Na)]1[M]).
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is apparent from these data, the smaller ions are able to inter-
calate more favorably into the solid phase. From Figure 12 it is
seen that the trend in the overall reaction is a function of both
steric factors and chemical properties of the exchanging ion. The
intercalation rate constants ki and k2 (the intercalation step
through the aperture to an adsorption site and the subsequent ion~-
exchange step) correlate with the cation volume, reflecting steric
effects. On the other hand, the rate constant k_,; (deintercalation
step) seems to correlate better with the pK, value of the alkyl-
ammonium ion as shown in Figure 13, suggesting that the chemical
properties of the exchanging ion may also be important.

A possible explanation for the preference of living systems
for the L (levorotatory) over the D (dextrorotatory) optical isomer
may be associated with the stereoselective properties of layered
minerals. To test this hypothesis, the rates of L- and D-histidine
intercalation into HT layered compound was investigated using
the pressure-jump relaxation technique (21). The rate constants
and interlayer spacing based on this investigation are summarized
in Table V. As shown the slightly enhanced rate for L-histidine
suggests that relative chemical reactivity may be associated
with natural selection of the L-form of amino acids in nature.

(b) Catalytic Intercalation Phenomena. The ability of mineral
surfaces to catalyze hydrolysis reactions of organic contaminants

is a topic of current interest and discussed elsewhere in this
volume (see, e.g., Voudrias and Reinhard). The hydrolysis of L-
arginine to L-ornithine and urea, catalyzed by arginase, is well known.
However, this reaction takes place only very slowly in the absence
of a catalyst. The mechanism for the hydrolysis reaction in the
presence of montmorillonite using the pressure-jump technique was
determined to be as follows (19):

ks

k1 ka
S(Na) S(Na)Argt S(Na*Orn+Urea) S(Na) (XIII)
? k_, 7 k_, k_3<
Arg+_

H,0 Orn or Urea

The rate constants from this study are given in Table V. The
kinetic data show that intercalation steps (steps 1 and 2) are
responsible for the cbserved catalyzed hydrolysis. The much slower
product release step (step 3), occuring over hours and not associ-
ated with the observed relaxations, is the rate limiting step.

This study suggests that interlayer spacing and molecular size of
contaminant may be important in determining the catalytic potential
of minerals in the environment.

(c) Effect of Acidic Properties on Intercalation Phenomena. In the
channels of the H-ZSM-5 zoelite, protons bound on the aluminosilicate
framework play an important role in their catalytic and acidic
activities (23). The catalytic and acidic properties of H-ZSM-5 in
turn depend on the silica-alumina ratio (23). The rate constants
obtained from the relaxation kinetic studies of exchange of NH+ for
HY in H-ZSM-5 at three different silica-alumina ratios (40, 80 160)
(gg) are summarized in Table V. The mechanism that was proposed is
as follows:
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ki
S(#) + NHY «———> s(NHy) + HF &IV)

L

where the intermediates S(H)NHt and S(NHL.)H+ in the reaction scheme
of Equation XII are not required to interpret the kinetic results
in this study, i.e., the relaxation observed was found to be result
of the ion-exchange reaction. As shown in Table V, the interlayer
spacings were the same for all silica-alumina ratios studied; hence
the trend of increasing values of k: and k_; corresponds to the
increasing acidity (more silica) in going from a silica-alumina
ratio of 40 to 160, and is directly related to the acidity of the
ion-exchange site. This implies that in systems where the inter-
calating ion is not appreciably sterically hindered (e.g., NHE) the
chemical properties of the ion-exchange site play an important role
in the relative reactivity of the minerals.

Summary and Conclusions

In this review we have shown that chemical relaxation methods can be
successfully applied to study the dynamics of reactions occuring at
the mineral/water interface. For reactions of inorganic ions with
charged, essentially nonporous metal oxides, electrical double layer
theory and equilibrium and rate data can be combined to obtain
plausible reaction mechanisms. Mechanisms of adsorption/desorption
of proton, electrolyte counterion, and specifically adsorbing anions
and cations have been discussed. Relaxation kinetic studies of
intercalation/deintercalation and ion-exchange of inorganic and
organic ions with minerals having predominately interlayer surface
have also been reviewed. The mechanistic information obtained has
illustrated that steric and chemical properties of ions and minerals
have varying degrees of influence on the rates of reaction.

Minerals with stereoselective, catalytic and ion-sieve properties
have been discussed.

Acknowledgments

The authors are grateful to Kim F. Hayes at Stanford University for
critical reading of the manuscript and for helpful discussion.

Literature Cited

1. Allen, L. H.; Matijevic, E.; Meites, L. J. Inorg. Nucl. Chem.
1971, 33, 1293-1299.

2. Huang, C. P.; Stumm, W. J. J. Colloid Interface Sci. 1973, 43,
409-420.

3. James, R. O.; Healy, T. W. J. Colloid Interface Sci. 1972, 40,
42-52, 53-64, 65-81.

4, Davis, J. A.; Leckie, J. 0. J. Colloid Interface Sci. 1978,
67, 90-107.

S. Davis, J. A.; Leckie, J. 0. J. Colloid Interface Sci. 1980,
74, 32-43.

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



12.

10.
11.
12,
13.
14,
15.
16.
17.
18.

19.
20.

21.
22.

23,

YASUNAGA AND IKEDA Adsorption- Desorption Kinetics 253

Whittinham, M. S.; Jacobson, A. J., Eds., "Intercalation
Chemistry"; Academic Press: New York, 1982.

Hachiya, K.; Ashida, M.; Sasaki, M.; Kan, H.; Inoue, T.;
Yasunaga, T. J. Phys. Chem. 1979, 83, 1866-1871.

Bernasconi, C. F. '"Relaxation Kinetics"; Academic Press: New
York, 1976.

Tsuji, T.; Yasunaga, T.; Sano, T.; Ushio, H. J. Am. Chem. Soc.
1976, 98, 813-818.

Ikeda, T.; Nakahara, J.; Sasaki, M.; Yasunaga, T. J. Colloid
Interface Sci. 1984, 97, 278-283.

Dolzhenkova, A. N.; Gevorkyan, B. A.; Vishnyakova, G. V.
Obogasch. Rud. (Leningrad), 1973, 18, 31.

Astumian, R. D.; Sasaki, M.; Yasunaga, T.; Schelly, Z. A.

J. Phys. Chem. 1981, 85, 3832-3835.

Astumian, R. D.; Schelly, Z. A. J. Am. Chem. Soc. 1984, 106,
304-308.

Sasaki, M.; Moriya M.; Yasunaga, T.; Astumian, R. D. J. Phys.
Chem. 1983, 87, 1449-1453.

Mikami, N.; Sasaki, M.; Hachiya, K.; Astumian R. D.; Ikeda, T.;
Yasunaga, T. J. Phys. Chem. 1983, 87, 1454-1458.

Hachiya, K.; Sasaki, M.; Saruta, Y.; Mikami, N.; Yasunaga, T.
J. Phys. Chem. 1984, 88, 23-27.

Hachiya, K.; Sasaki, M.; Ikeda, T.; Mikami, N.; Yasunaga, T.
J. Phys. Chem. 1984, 88, 27-31.

Ikeda, T.; Sasaki, M.; Yasunaga, T. J. Phys. Chem. 1983, 87,
745-749,

Ikeda, T.; Yasunaga, T. J. Phys. Chem. 1984, 88, 1253-1257.
Mikami, N.; Sasaki, M.; Yasunaga, T.; Hayes, K. F. J. Phys.
Chem. 1984, 88, 3229-3233.

Ikeda, T.; Amoh, H.; Yasunaga, T. J. Am. Chem. Sco. 1984, 106,
5772-5775.

TIkeda, T.; Yasunaga, T. J. Colloid Interface Sci. 1984, 99,
183-186.

Kokotailo, G. T.; Lowton, S. L.; Olson, D. H.; Meier, W. M.
Nature (London), 1978, 272, 437-438.

RECEIVED June I8, 1986

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



13

Highly Selective Ion Exchange in Clay Minerals
and Zeolites

A. Maes and A. Cremers

K. U. Leuven, Laboratorium voor Colloidchemie, Kard. Mercierlaan 92, B-3030 Leuven,
Belgium

The charge density of the clay mineral and the
polarizability difference between the exchanging
pair of ions are the two important factors governing
the ion exchange behaviour of alkali, alkaline earth
and organic ammonfum cations. Highly selective ion
exchange behaviour is discussed in terms of these
parameters. It can essentially be ascribed to high
enthalpic contributions resulting from enhanced
electrostatic interactions. Complexation of
transition metal ions with uncharged ligands leads
to significant enhancements -~ up to three orders of
magnitude ~ of ion selectivities in smectites and
these effects prevail over the entire range of
surface compositions. Similar enhancements in
selectivity occur upon complexation in the rigid
zeolite pores but are of a lesser extent. The
extremely high Cs-selectivity observed in a small
fraction of the charge of illites, illite-smectite
interlayers and reduced charge montmorillonites, is
a thermodynamically reversible ion exchange process
and is discussed in terms of a multi-site ion
exchange model. In zeolites, the combination of a
typical crystallographic configuration and cation
properties may in certain cases (Ag, Na) lead to
high selectivities in a limited number of exchange
sites.

The distribution of elements bLetween the solid and the liquid
phase is of primary importance for the transport processes in the
environment. In addition, the uptake of elements in plants and
other living organisms is determined by the speciation of the
element in that phase.

The distribution of the major elements (Ca, Mg, Na, K, ...)
in soils is well known to be governed by ilon-exchange processes
(1). The behaviour of transition elemeuts such as Co, Ni, Cd, Cu,
etc. in natural systems (soils, sediments) often results from a
combination of different effects such as precipitation, sorption
in oxides, exchange in clay minerals and complexation with organic

0097-6156/86/0323-02548$11.50/0
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matter. These effects are largely influenced by the pH and redox
conditions (2-3). The binding capacity and binding strength by ion
exchange in clay minerals is considered to be weak relative to
other metal associations wunder oxidizing conditions, and
negligible under reducing conditions (2-3). In pure clay minerals
and at sufficiently low pH ion exchange mechanisms are involved
which are ruled by selectivity patterns comparable to the exchange
of the major elements. With increasing pH a gradual shift occurs
form predominant ion exchange towards a specific adsorption
behaviour on 'oxide-like' surfaces involving either broken bonds
at clay mineral edges or oxide coatings (4).

Extremely high ion exchange affinities are however sometimes
observed for alkali metals (e.g. Cs) and transition metal ion
complexes in clay minerals and zeolites. The objective of this
paper is to give an account of the factors which are involved in
these high selectivity phenomena. The discussion will be focuseed
mostly or montmorillonites and faujasites as representatives of
the phyllosilicate and tectosilicate groups.

Thermodynamic background

The free Spergy %Bange for the general cation exchange reaction
between A”" and B”" cations on an exchanger X , represented by

z zB zB zA
zBA AX + zAB b4 zAB X + zBA
is written as
(] = o o - o _ °
Gy = (zpup — zgu)) = (zpug - zgh)) &

and is governed by the difference in standard chemical potentials
of both exchanging species in the surface (indicated by a bar) and
solution phase.

From a thermodynamic viewpoint the theoretical framework
(5-6} and the experimental measurements of such equilibria are
well established. Two approaches are currently in use. They only
differ in the definition of the ion activity at the surface, which
is either expressed as an equivalent fraction (5) or as a molar
fraction (6-8).

Both approaches lead to identical standard thermodynamic
values of exchange (9-10). Such a difference in the choice of the
surface concentration scale is of course only important for
heterovalent exchange ecuilibria. For the heterovalent case the
numerical value for both selectivity coefficients, K. (Gaines &
Thomas) and K; (Vanselov) differ and, consequently, their
variation with surface composition also differs.

Although both methods are thermodynamically equivalent it
appears that K.  remains independent of surface mpos on r
PP +1 £ ggmposipion £g
exiaanges of Na versus, Ca (11-12), versus Co °, Cu ~, N1 7,
Cd (13) and versus Cu (14) in montmorillomnites. In contrast

K  values increase with occupancy in all these equilibria.

Straightforward thermodyrnamic data relating to the exchange
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of these ions are only obtained from measurements in €10, media.
In the case of Cu and Ca exchange in Wyoming Bentonite (14~-15), it
was shown that ilon pair formation with CL or NO, may lead to
higher selectivities compared to valuei obtainqg i Cl0,, caused
by the selective adsorption of the CuCl or CaCl ion-pairs. Since
most ion exchange data were obtalned in Cl or NO, media they may
be somewhat inaccurate due to the presence of a %hird (ion-pair)
component.

Exchange in clay minerals

Influence of interlayer charge density and interlayer hydration

Rather small selectivity differences are observed for homovalent-—
and heterovalent exchanges involving alkali, alkaline earth,
bivalent transition metal ions, aluminium and rare earth cations,
as 1is amply evidenced from the extensive compilation by
Bruggenwert and Kamphorst (16). This compilation includes various
clay minerals : illite;~_ montmorillonite, vermiculite and
kaolinite.

Homovalent exchange of inorganic cations. The difference in ac®

among the monovalent cations ranges from about 0.6 (Na-Li) %5
about 10 (Na~Cs) kJ Eq = in a typical mentmorillonite from Camp
Berteau. Differences observed among the various clay minerals
(illites, kaolinites, vermiculites, montmorillonites) are ascribed
to differences in mineral charge density and/or to the
mineralogical heterogeneity or purity. The charge density of the
mineral is undoubtedly a very important parameter. This 1is
unequivocally verified in the Na-Cs exchange (ll) measured on an
isostructural series of montmorillonites obtained by charge
reduction of Camp Berteau montmorillonite using the Hofmann-Klemen
effect (18). Fig. la shows that exchange data on several
montmorillonites follow the reduced charge montmorillonite series
(R.C.M.). Small deviations in Wyoming Bentonite and Chambers
mentmorillonite may be ascribed to the influence of tetrahedral
charge substitution (19) and/or to the presence of micaceous
components (20).

In general the thermodynamic functions of exchange for
different pairs increases with increasing difference in hydration
energy of the ions (See table 1).

Focusing, on the Na-Cs pair, the AGo is less pronounced with
decreasing charge density and tends to vanish at zero charge
density, corresponding to a tendency of equal differences in
surface and solution terms in eq. (1). This situation is possible
if the hydration status of the adsorbed cations tends to equal
that of solution cations. It follows therefore that the actionm of
forces that tend to dehydrate the interlamellar cations such as
the increase in charge density of the mineral or the increase in
electrolyte concentratior (32), enhance the selectivity of the
least hydrated cation.

The observation that the cation with the smallest hydration
energy is increasingly preferred with increasing charge density 1is
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Figure 1. Variation_1 of the AGOx (circles) and AH:Zx
(triangles) (in kJ l_:nfl ) with the cﬁarge density of the clay
mineral (in meq. cm ~) for

a) the Na' » cs’ exchange in different RCM's (empty symbols)
(17) and clays as indicated, viz. Otay, Hectorite (17), Camp
Berteau (21), Bayard (22), Wyoming Bentonite (23), Chambers
montmorillonite (chl, (24); ch2, (22); ch3, (25)).

b) the Ca+2 > enH+2 exchange in Otay, Camp Berteau, Hectorite

and 0.63 RCM (ReduCed charge montmorillonite retaining 63 7 of
it's original charge) (26).

c)the Ca+2 > Cu(en)+2 (upper part) and Ca+2 > Cu+2 (lower
part) exchange in different RCM's (empty circles) (27) and
clays as dindicated, viz. Otay (27), Hectorite (27),
Laponite (27), Camp Berteau (28) and Wyoming Bentonite
(29). Reproduced with permission from Ref. 17, 26 and 27.
Copyright 1978, 1981 and 1983, The Chemical Society.
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semi-quantitatively predicted (19) from double layer theory
corrected for hydration effects (33-34) by incorporating the
potential energy difference between hydrated and unhydrated
catlons.

Eberl (35) predicted the opposite variation of AGO, (Na + Cs)
with charge density in both the dry (Eisenmann model (gﬁ)) and the
wet interlayer (Cruickshank model (37)) as shown in fig. 2. By
plotting the experimental data of Maes and Cremers (17) in fig. 2
it is again demonstrated that the decreasing hydration status of
the interlamellar cation (increasing interlayer molality) with
increasing charge density corresponds with increasing AGex
(Na + Cs).

The high hydration energies of the bivalent and trivalent
cations makes them more reluctant to dehydrate in the
interlamellar region at these %yarg§+§ens%£ées in montmorillonite
and consequently only small AG (A + B”') values are expected
and observed for alkaline earéﬁ'(32,38) and bivalent transition
metal ions (39).

The variation of bivalent-bivalent exchanges with charge
density are expected tc be similar to, but smaller (gl) than
monovalent-~monovalent exchanges.

Exchange of organic ammonium cations. Exchange selectivity of
monovalent alkyl ammonium cations in montmorillonites (40-41) and
octahedrally substituted synthetic clay minerals (laponite)
increases with their chain length (42) and along the serles
primary < secondary < tertiary < quaternary ammonlum cations. This
selectivity rise is ascribed to the lowering of the alkylammonium
ion hydration upon adsorption in the interlamellar space. Th%s
relationship was shown by the linear correlation between the AGex
and the gas phase basicity of the amines (42-43). The gas phase
basicity refers to the free energy of interaction of a proton and
the amine in the gas phase (44-45). The gas phase basicity itself
is logically correlated with the electron density distribution on
the amine head group under varying conditions of chain length and
replacement of hydrogen in the headgroup (45) without any
interfering effect of hydration forces.

The true gas phase basicity order is observed in the
montmorillonite (43), whereas in solution the well known amine
anomaly exists, i.e. the expected inductive effects of the organic
carbon chain are screened off by the solvent. For example,
identical AG®° values of protonation are found in solution for
methyl- and butylammonium.

The inductive effect of the carbon chain in the clay phase
amounts to (only) 5 to 7 % of the effect in the gas phase.
Ammonium cations in the interlamellar region of clay minerals are
therefore less hydrated than in equilibrium solution. The free
energy of alkylammonium exchange increases with charge density
from Laponite (42) < Red Hill montmorillonite (40) < Camp Berteau
montmorillonite (41) in 1line with the smaller interlamellar
hydration status of the adsorbed cation at higher charge density.

The exchange of Ca-ethylenediammonium in a series of
montworillonites (26) shows AGex values which increase with charge
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Figure 2. Calculated variation of ac° (Na +» Cs) (kJ mol-l)
with the equivalent anionic radius (A)egt different interlayer
molalities (éé). Data of Maes and Cremers (l7) are also shown.
(Figure supplied by D.D. Eberl). Reproduced with permission
from Ref. 35. Copyright 1980, The Clay Minerals Society.
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density increase (see fig. 1b) similar to the Na-Cs exchange.
Relatively high AG values are observed as expected from the
small hydration eﬂ%rgy of one of the exchanging cations
(ethylenediammonium}. The decreasing and small d 1 spacing with
charge density increase (table I1) are in line wf% the preceding
plcture of smaller interlamellar alkylammonium hydration at higher
charge density.

Correlation of exchange data with electron density
distribution in organic ammonium cations indicate that spreading
of the charge (delocalization) over increased volumes leads to
higher selectivities. This was shown for alkylammonium cations
(see table III) and bisquaternary ammonium cations (47) of
different chain length. The thermodynamic data for the exchange
(AGO, AHO, ASO) among alkali- and alkaline earth metal cations are
linearly related to the polarizability difference between both
exchanging cations (38). This observation fits in nicely with the
concept of charge delocalization.

Heterovalent exchange. Although double layer theory predicts
increasing AG._ of mono-bivalent exchange with charge density
increase, such a relationship was not always obvious (20,48).

By using an isomorphic series of reduced charge
montmorillonites, the variable parameter charge density can be
isolated. It was shown (46) that ac® (Na » Ca) in such a series
of samples increases 1linearly with®%he logarithm of the charge
density. The experimental free energy loss is less dependent on
charge density than double layer thegry predicts. This might well
be due to the invoivement of Ca-NO, ion pairs (15), which are
indeed expected to contribute more to the total free emergy change
with decreasing exchange capacity.

o The sq$ll discrepancy between double layer predictions of
LGex and AH values, assuming interactions of point charges, and
thé” experimental observations were ascribed to the partial
dehydration of the Ca - exchanged form, which is more pronounced
at higher charge density as verified by the decreasing d00
spacing (table II) and by the increasing endothermicity ané
entropy of exchange.

Goulding and Talibudeen (20) observed the reverse
relationship with charge density for the K » Ca exchange in that
the selectivity increased from New Mexico montmorillonite (1.35
meq/g) < Camp Berteau (1.15 meq/g) < Red Hill (1.12 meq/g) =
Wyoming bentonite (1.0 meq/g). The selectivity order is governed
by the decreasing mica and hydrous mica character of the different
montmorillonites. The contribution of mica and hydrous mica
interlayers is obtained from measurements of the differential
enthalpy of K-Ca exchange (see later). Non-specific coulombic
interactions (of point charges) are expected to hold irrespective
of the charge origin and density. Other factors are therefore
involved. Detailed analysis of the thermodynamic data (AH and AS
terms) shows that specific interactions between the cations and
the surface as well as entropic factors determine the overall
selectivity and its variation with surface composition (20).
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Cation selectivity dependency on loading. The mass action
selectivity coefficient is generally found to depend on the ionic
composition of the exchanger (49 and references therein) and on
the $§nic+gtrength of the solution (32). The variation of the
K M. »M,) with surface composition 1is related to the
difference” in the hydration status of the exchanging cations in
that the preference for the least hydrated cation decreases with
its increase in occupancy. This dependency is more pronounced with
increasing difference in hydration energy of the dions. 1In
heterovalent exchange the selectivity for the ion with the highest
charge increases with its occupancy. The functional dependency on
surface composition is more pronounced for heterovelent (30,
50-54) than for homovalent exchanges (12, 24-25, 30).

Several factore hLave been invoked to explain the variation
with surface composition. Heterogeneity of exchange sites is an
important factor in view of the charge density dependency of the
thermodynamic functions of exchange (17, 26-27) and the measured
heterogeneity of surface charge demsity distribution (55-58). The
differential heat of exchange also decreases with loading in
homovalent (17) and heterovalent (20) exchanges. In the latter
case the variation was ascribed to the presence of a mixture of
different clay minerals. Demixing (54, 59), tactoid formatiom (11,
60-61), and layer stacking, which is influenced by charge
heterogeneity and demnsity (55, 62-63), are phenomena related to
the hydration status of the exchanging cations and are a source of
variation of K with surface composition.

McBride (49, 64) proposes entropy changes due to site
localization of the exchanging cations to explain the selectivity
variation of inorganic cations with composition. Exchange among
complex cations (Ag(ethylenediamine), - Cu(ethylenediamine)z) in
Wyoming bentonite (29), in which case the interlamellar space is
collapsed, shows a pronounced but opposite variation with surface
composition and is related to changes in electrostatic
interactions, due to the heterogeneous surface charge
distribution.

Exchange of cations of high polarizability

The former experimental observations allow one to make predictions

on the conditions necessary to obtain highly selective exchange

behaviour in two cases :

1. By 1increasing the charge delocalizztion in one of the
exchanging cations;

2. By increasing the charge density of the mineral.

Exchange of complex cations. Complexation of transition metal
cations with uncharged ligands such as with amines and with amino
acids results in a selectivity enhancement compared to the
selectivity of the aqueous metal cation (27, 65-72). Fig. 3 shows
an example for the Cu(ethylenediamine) adsorption in
montmorillonites of different charge gensity. Standard
thermodynamic data for other cases are given in table IV. In all
cases the free ligand concentration in equilibrium solution was
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In K¢

Figure 3. Logarithm of the selectivity coefficient for
Ca-Cu(en), against Cu content of the exchanger in Otay, & ;
0.95 RCM,  @,0; 0.74 RCM, w , v ; hectorite, A; 0.59 RCM, ® ,0
and Laponite, «; (upper curves) at 10 total normality
(closed symbols) and at high ionic strength (open symbols).
The lower curves represent the log of the selectivity for Ca -
Cu in 0.95 RCM, o0; 0.74 RCM, ¢ and 0.59 RCM, @ ., Reproduced

with permission from Ref. 27, Copyright 1979, The Chemical
Society.
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sufficient to obtain the fully coordinated complex. Selectivity
enhancements of up to three orders of magnitude are observed. The
high affinity process was put to use in the determination of the
cation exchange capacity of soils and clay minerals (70, 78--79).

The enhanced selectivity of the complexed transition metal
cation compared to the uncomplexed aqueous form can be expressed
as a gain iIn the stability constant of the adsorbed complex with
respect to its stability constant in the solution phase (§g). The
complex formation reaction and Sprresponding stability constants
of a transition metal cation M° with an uncharged ligand L in
both the surface (indicated by bars) and solution phase are
defined as

ﬁz+ + L » ﬁiz+ and MZ+ + ML > MLZ+
« n « n
5 - HEA o oM™
n ﬁz+(i)n n Mz+(L)n

The surface species ﬁiz+ and ﬁz+ are expressed as equivalent

fractions of the exgﬁanger capacity; (L) is in mol/l. Three
methods can be used to measure the complex formation constant of
adsorbed complexes.

1) The ion exchange method, (28, 80) which cousists in
determining the ion exchange constants of a complexed and
uncomplexed transition metal cation versus a non-complex
forming reference cation, leading to the determination of

MLn n
_ ¢ D

n ¢

%a

w

Assuming unit partition of the uncharged ligand between the
equilibrium and interlamellar solution allows one to determine the

overall surface complex formation constant Bn from the

hypothetical exchange constant gLnKex of the complex versus
the uncomplexed transition metal ion, and the complex formation
constant in solution (B ). Unit partition was verified for
ethylenediamine in the éé—Cu—ethylenediamine system (g§). The
excess free energy loss for the formation of the coordinatively
saturated complex in the interlayer phase is then defined as

fn
AGexcess = - 2.3 RT log E;
2) The Bjerrum surface complex formation function (28, 67)
consists in measuring the gradual formation of the transition
metal complex at the surface, or the mean ligand number n,
with increasing 1ligand concentration. This method allows to
determine the successive surface complex formation constants
from
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3) The selectivity-complex formation function (§l) describes the
variation of the selectivity coefficient of the tramsition metal
ion versus a non complex forming reference cation with increasing
ligand concentration as

. 2
Kc (aq) 1+ KlL + lezL

The second and third method allow the measurement of surface
complexation constants at various transition metal loadings and
consequently yield apparent composition dependent constants. In
the first method on the contrary a truly thermodynamic constant is
obtained under standard state comditions.

All three methods lead to consistent surface complexation
constants in clay minerals (27, 28) and zeolites (82). The surface
protonation constants of the organic compounds such as amines can
be defined and determined similarly (41, 83) and are also found to
be enhanced in the clay interface.

The influence of the charge density on the selectivity of
complex cations is similar to the case of Ca-ethylenedjammonium
(enH,“) and Na-Cs exchanges as shown in fig. lc for the case of
the Ca-Cu(en) exchange in the isostructural series of
montmorillonites.

The stabilization factor which is identical to

Cu(en)2 = 2.01 107 r + 0.36

log Cu

m'ml
3

=]

Kex is given by 1log

and, vanishes at zero charge density (I' = charge density in meq
cu 7). The similarity of complex ion stabilization and simple
inorganic and organic cation exchange is evident.

The similarity in the exchange of complex cations, organic
ca&}ons i&d simple ino&gan%p cations is also apparent in that both
Ca “-enH (29) and Na -Cs exghanges 7) in montmorillonites of
varying charge density and Ca “-Cu(en) exchange in Camp Berteau
montmorillonite (27) are all governéd by exothermic enthalpy
changes.

The thermodynamic functions of exchange in all cases also
decrease with decreasing charge density which may be visualized as
a "dilution"™ of the exchangeable cations in the interlamellar
phase. Thig, proce is v fied by, the increasing d spacings
for Cu(en)iz, enﬂii R C;ﬁ?-and Cu+f (table 1I1I) anéx¥esults in
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nearly vanishing AGO, AH° and AS® functions at zero charge
density., Judging from the small variation of the Cu-Ca exchange
with charge density, the magnitude of the thermodynamic functions
are clearly related to differences in the hydration status of the
adsorbed cations. It i1s therefore more realistic to consider both
hydration and electrostatic changes in the surface phase with
charge density, as was already shown for the Na-Cs pair in fig. 2
and calculated for alkali metal cation exchanges (19, 33, 34).

Standard free energy changes of hetercvalent exchange

equilibria among complexes increase with charge density i?
agreemen5+yith double layer expectatiors as shown for the Ag(en)
- Cu(en)2 +Txchange in fig. 4. For the case of Wyoming bentog}ge
the Ag(en), - Cu(en),” reaction is endothermic (12.5 kJ Eq ),
while AG® “= 9.665 kf (see table 1IV), showing that enthalpic
factors also rule the exchange among complex ions.

In general, the (scarce) thermodynamic data for exchanges
involving complexes leads us to conclude that the selectivity
enhancement upon complexing is enthalpy driven and may be ascribed
to enhanced charge dependent (primarily coulombic) interactions
with the surface as compared with the aqueous ions.

The energetic contribution to the extra stability which is
gained upon adsorption of the complexes in the interface is
confirmed by spectroscopic data obtained on air dry samples
(84-86) showing crystal field stabilization energies (CFSE)
exceeding those of the complexes in aqueous solution. In the case
of Cu(en),, the CFSE values increase with the charge density of
the clay mineral (§Z) and decrease with Cu(en), loading, which is
consistent with the heterogeneous distribution” of the isomorphic
charges over the surface (55, 58) and with the fact that the clay
interisyers with the highest negative charge density are filled up
first. In this process of stabilization the clay polyanion acts
physically as a (hecterogeneous) anionic solvent with solvation
power smaller than water (85, 88). The clay favours the adsorption
of planar complexes by stripping off two axially coordinated water
molecules, thereby increasing the tetragonal distortion of the
complex.

Considering the contribution of the solvent and surface terms
to the total free energy change, it is apparent that the enhanced
selectivity in the presence of e.g. ethylenediamine corresponds in
sign to variations in the solution term and is (in part) due to
smaller AG values of hydration of the complex cations. This is
exemplified for the Ca-Cu and Ag-Cu cases 1in the presence and
absence of ethylenediamine by the equations :

AG(aq) = (aCu - aCa) - (GCu - GCa)

AG(en) = (aCu(en)z - aca) - (GCu(en)2 - GCa)

and

6oy = (G, - 2§Ag) - (G, = 2 Gy))

AG(en) = (ECu(en)z - 2(—;Ag(en)z) - (GCu(en)z - ZGAg(en)z)

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
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Figure 4. Variafion of 1nkK (Cu(en), + Ag(en),) with charge
density (meq cm °) in Otay, Chambers (Na CEC ="1.13 meq g ),
Camp Berteau, Belle fourche (Na CEC = 0.84 meq g ) and 0.64
RCM.
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in which G and G stand for the free energy content in solution and
the surface phase, respectively.

The contribution of the surface term to the total AG change
is difficult to assess since no quantitative data on hydration of
complexes are available. The importance of the surface term,
however, can be judged from the surface charge densityodepenQEPce
o£+fhe Ca-Cu(en), and Ca-Cu exchange ecguilibria. AGe éCa 3
Cu ) 1is almost independent of charge demnsity, whergﬁs file (Ca-_7
> Cu(ge) ) decrease linearly from about - 10 kJ Eq at %5 10
meq cm %o zero at vanishing charge density.

Exchange of organic cations. «, w bistrimethylammoniumalkanes
(BTM-n) of different chain length (indicated by the mnumber of
carbon atoms in the alkyl chain) are obtained by quaternizing the
primary aminc group in the corresponding alkanediamines by
substituting H for CHi groups.

Imporggnt selectivity enhancements betwegn the pajixs of ions,
Ca 2 > enﬂiﬁ jPGEh = —+3.95 kJ mol;z) annga25 > B'I‘M—Z%E (AQ:f = -
17.26 kJ mol *) or Ca + BTM-10 (AG = - 22.2 kJ mol ) in
Camp Berteau montmorillonite have een ascribed to the
delocalization of the charge cver increased volumes (47). CNDO/2
calculaticns of electron distribution in BTM cations explains
their solution behaviour and this in turn is reflected in the
changes in their ion exchange behaviour with chain length (47).

The exchange of BTM-n cations is mainly governed by enthalpic
effects in contrast to alkylammonium exchange, the behaviour of
which is primarily determined by entropy changes (an® being
essentiaily zero). This suggests that electrostatic interactions,
which are enhanced due to better delocalization, are also
important. dOOl spacings of 1.45 nm confirm a flat orientation of
these ions.

The introduction of unsaturated aromatic compounds also leads
to better charge delocalization and enhanced ion exchange
affinity. This is_Fyerified by 1) the higher free erergy of
exchange versus ( in biprotonated histammonium (83) (A%ex =
- 12.33 kJ mql ) compared to ethylenediammonium (38) (AG =
~ 5.87 kJ mol 7) and by 2) the highly exothermic enthalpieg gf
exchange of mono- and bipyridinium compounds in Na -
montmorillonite (Clay Spurj (89).

The infiuence of the organocation structure on the exchange
adsorption becomes evident from the data in table V.
4,4'Bipyridigfum cations adsorb two times more energetigally (AHo
= 22 kJ Eq ) than do 2,2'bipyridinium cations (pAH = 11l
Eq ). The former adapt a planar orientation (d00 = %6 nm) in
contrast to the inclined position of the latter (5001 = 1.4 nm),
despite the fact that sufficient surface 1is available for
adsorption in a flat configuration. Smaller erthalpy terms are
consistent with smaller electrostatic interaction energies. The
reason for the tilting is unknown however.

Flat-oriented bipyridinium compounds adsorb with additional
stabilization compared to flat-oriented mono-pyridinium compounds,
due to charge transfer interactions and resonance stabilization in
linked aromatic rings versus single pyridinium ions. Although
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4-phenylpyridinium compounds were not flattemed in the interlayer
space, they exhibit highly exothermic interactions which are
ascribed to the involvement of Van der Waals forces between the
ring systems, which are oriented perpendicular to the clay
surface. In this case excess adsorption was also observed.

The interaction of the compounds, shown in table V, with
vermiculite (90) are entirely different from their behaviour with
montmorillonite in that endothermic effects are observed in the
initial adsorption process. The endothermicity is attributed to
the removal of water which is tightly bound by vermiculite. This
is also corroborated by the fact that none of the organocations
takes a flat orientation upon adsorption in the interlayer (d001
exceeds 1.45 nm in all cases).

The exchange of complex cations and organic ammonium cations
follows the general rules for exchanges among alkali and alkaline
earth metal cations. Homovalent exchange equilibria involving one
complex cation, eg. Cs-Ag(en), and Ca-Cu(en), or involving the
bisquaternary ammonium cations” are exergonic and exothermic when
the most polarizable cation exchanges for a less polarizable.

The charge delocalization or the polarizability difference
explains the selectivity behaviour in cases of high polarizability
differences (complex versus aqueous metal icr) or in a homologous
series of ious (either inorganic cations or ammonium cations). The
smaller hydration status of all typec of interlamellarly adsorbed
cations 1is ascribed to the mutual stabilization by charge
delocalization over the planar oxygens and exchangeable cations
and is caused by the electrostatic interaction forces.

Highly selective exchange in illite and modified montmorillonites

Alkali and alkaline earth metal ion exchange in illite. Fig. 5
shows typical Ca > Cs and Ca * Rb selectivity profiles in Morris
illite (91). Adsorbed Cs and Rb rapges from about 10 meq/100 g
(CEC = 20 meq/100 g) down to 10 meq/l00 g. The selectivity
coefficients appear to be highly dependent on loading and change
by 4 orders of magnitude in a narrow loading range, indicating
that crystallographically distinct sites with very different
interaction energy are involved.

The selectivities for Cs (1nCSK x 20) and Rb (lanK = 14)
Ca'c¢c Ca' ¢

versus alkaline earth metal ions are extremely high at trace
loading and decrease to the usual values at high Cs and Rb
content. The sites involved at trace loading highly differentiate
between Cs and Rb, and the selectivity behaviour changes into the
usual pattern in the higher loading range.

Notwithstanding the exceedingly high selectivities, the
process occurring at trace loading is not an irreversible fixation
but a reversible ion exchange reaction, as can be deduced from the
internal consisggncy of , the trace Cs and trace Rb adsorption
equilibria in Na - and K -illite shown in fig. 6.

The data in fig. 5 were simulated using the multi-site ion
exchange model of Barrer and Klinowski (92). The model essentially
consists in assigning intrinsic selectivity coefficients to the

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
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Figure 5. LnK vs. Cs - (and Rb -) exchange levels
(m, /100 g) in 1llite clay (25 for the equil ria Cs -
+
ca’t (o), Cs - R ®), c§+ 2o, TGO e
- Sr (A), and Rb - (l ). Dashed and full curves

relate to a two-site and a three-site model respectively (see
text). Reproduced with permission from Ref. 91. Copyright
1983, American Chemical Society.
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separate site groups. Taking an exchanger consisting of only
highly (H) and poorly (L) selective sites and choosing the
equivalent fraction scale one writes :

+ (2 + (2
H (M H) aM2+ L M L) aM2+
l(c = —~————, and Kc = ——
2+ 2 2+ 2
M H aM+ it L aﬁ+

Taking H and L as the equivalent fraction of the high and low
selectivity sites one obtains the overall selectivity from

=t at, 2 a 2+
overall =(HMH + LML) . M

K

The selectivity values at both ends of the surface composition
scale are related to the intrinsic selectivity coefficients by
(81) :

1lim kcc.»verall > H2 KE at %+ + 0, and KI;/L at mM++ + 0.

The full curves in fig. 5 (top to bottom) are calculated

following a three-site model by using the sets of characteristic

Lnk values for, respectively, site I (0.1 meq./100 g), site II

0.8 meq./100), and planar sites (19.3 meq./100 g) : 30.6 (I) -

13.8 (II) - 4.6 (planar); 29.6 (I) - 13.8 (II) - 4.6 (planar);

24.9 (1) - 13.8 (II) - 4.6 (planar). The dashed curve relates to a

two-site model (site I : 0.1 meq./100 g; planar 20 meq./100 g)

with Lnk values of 30.6 and 4.6.

Altﬁough no direct crystallographic evidence of ion-siting
can be given, as was the case for the Na-Ag exchange in zeolite Y
(93), the multi-site lon exchange approach is justified on the
following grounds :

- the process involved in the high affinity sites 1s a
reversible ion exchange reaction;

- the widely varying selectivities can hardly be assigned to non
ideality effects resulting from 1on-ion interactions,
especially in view of the fact that, as shown below;

-~ such high affinity sites can be progressively generated in
montmorillorite type clay minerals and are associated with
collapsed 10 A clay layers (94-96).

Nothwithstanding the extremely high selectivities the
selectivity order among the alkali metal cations follows the
sequence commonly observed in clay minerals i.e. Cs > Rb > K > Na
and corresponds to the selectivity sequence generated for low
field strength sites using the Eiscnmann approach (36). Exchange
is therefore governed by the hydration energy difference of the
cations., The extremely high selectivities were ascribed to the
exchange of largely unhydrated catious, which is consistent with

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
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expectations based on the contents of fig. 2, showing increasing
selectivities with increasing interlayer molality and charge
density.

The high affinity sites were assigne¢ to collapsed (10A)
edge-interlayer positions in the crystal, in line with generally
accepted views (2&), whereas the lowest selectivity sites were
ascribed to the more abundant planar sites.

Differential enthalpy data obtained from microcalorimetry
(87) 1is a powerful tool for measuring and interpreting exchange
selectivities in terms of the wunderlying crystal structure
components. Clay minerals appear to be composed of homogeneous
groups of exchange sites which show cbaracteribtigl constant
exchange enthalpies. Typical enthalpy values (in kJ Eq ) of Ca-K
exchange were identified, and could be ascribed tc 'pure' clay
minerals : Illite (-20.0), Vermiculite (-15.2), mica (-10.7),
hydrous mica (-9.4 and -8.7) and montmorillonite (-~7.5, -6.6 and
-5.7). No omne clay mineral appears to be 'pure' (except for
muscovite). Montmorillonites (20) and kaolinites (98) show
properties of mica (non-expanding) and hydrous mica components.
Cicel and Machajdik (99-100) calculate the total layer charge of
smectites in terms of the contribution of 10, 14 and 16,8 A layers
which are obtained after glycol treatment of K or NH, exchanged
samples. The 10, 14 and 16.8 A spacings are typical for mica,
vermiculite and montmorillonite layer charges.

Cs-Ca selectivity modelling is well suited to detect surface
heterogeneity in an extremely small fraction of the CEC, which is
difficult to measure by differential calorimetry. However,
differential calorimetry detects site heterogeneity covering the
whole range of CEC.

Cesium and Rubidium exchange in illite/smectite interlayers and in
reduced charge montmorillonites. Further insight into the nature
and location of 2the E;gh affiﬁity a}tes was recently (101)
obtained from Ca + Cs and Ca © » Rb  selectivity measurecments
in two series of wontmorillonite samples. The interlayer
properties were modified either 1) by progressively reducing the
nontmorillonite charge density following the Hofmann-Klemen method
(18) of Li incorporation after 24 hcurs heating at 240 °C of mixed
Na-Li clays, or 2) by subjecting K-montmorillonite to _alternate
wetting-drying (W.D.) cycles. This process leads to K -fixation
and to the progressive transformation of montmorillonite to illite
through a series of random illite/smectites as verified by
electron diffraction (102-104). The degree of reorganization of
swelling K-montmorillonite intc a collapsed more ordered mica-like
structure, depends on the number of W.D. cycles (102-104) and on
the layer charge of the smectite (104).

Fig. 7 shows the progressive transformation of
montmorillonite to 1liite/smectite interlayers by the gradual
development of both the characteristic Cs and Rb high selectivity
profiles observed for 'pure' illite and the high Cs~Rb selectivity
at trace %&adings. The data can be simulated (see table VI for the
Ca + Cs case) using a consistent set of intrinsic selectivity
coefficients and identical site group capacities for the Ca-Cs and
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wetting-drying cycles (ﬂ).zgurves+ilre a simulation. Table VI
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with permission from Ref. 101. Copyright 1985, The Clay
Minerals Socilety.
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Ca-Rb equilibria. The 1ncreasing number of high energy sites
(table VI) 1s associated with the formation of collapsed (10 R)
111ite layers, which were observed (102-104) with increasing
number of W.D. cycles.

High affinity sites of comparable magnitude to illite and
illite/smectite serles are also formed 1n reduced charge
montmorillonites (R.C.M.). The Ca + Cs selectivity coefficients
and site group capacities given in table VII simulate the
experimental curves. Increasing amounts of high affinity sites
were correlated with the residual Ca CEC of the RCM's, which again
provides evidence for the association of high energy sites with
collapsed layers. This suggests that any 103 clay layer which for
unspecified reasons is able to force the exchange of dehydrated
cations, «can produce extremely high selectivities. Stated
alternatively, very high selectivity is not necessarily due to the
interaction of cations with charged centers of sufficiently high
charge density to provoke their dehydration.

The essential difference between the i1llite/smectite samples
and the R.C.M. samples with respect to highly selective exchange
is that the illite/smectite samples probably have K-collapsed
interlayer regions similar to illites, whereas the in-situ charge
neutralization in the R.C.M. samples leads to the collapse of very
low charged interlayers or interlayer regions. This difference is
verified by the fact that the selectivity in the lowest energy
sites decreased with charge density in the R.C.M. samples (in
contrast to the i1llite/smectite samples).

In addition to the very high affinity sites I (108 phase) and
the planar sites IV, at least two additional sites with
intermediate selectivity are necessary to simulate the data in the
two series of samples, as shown by sites II and III in table VI
and VII. In both sample series, a range of sites with intermediate
selectivity is probably formed (as visualized in figs. 9 and 10
from ref. 105) by the changing degree of hydration caused by
steric hindrance at 'frayed edges'. The model representation of
islands of high selectivity (10&), surrounded by increasing areas
of lower selectivity, is consistent with the contents of tables VI
and VII in that the higher selectivities occur on the smaller site
group capacities. Since high affinity sites are not a unique
property ot 1llites, but are merely present in or close tc
collapsed regions (94), the extremely high Cs selectivity cannot
be used as a probe to identify small quantities of 1llite, without
additional evidence. For example, the small number of high
affinity sites observed in the original Camp Berteau
montmorillonite may be assigned to micaceous I1mpurities, as
indicated from measurements of the partial enthalpy of Ca * K
exchange (20). In the absence of such evidence, any sites located
at the edge of low charged, collapsed layers can equally explain
such behaviour.

Reversibility

Ton exchange equilibria involving alkali, alkaline earth (§§) and
transition metal ions (39) are reversible as a rule. Reversibility
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is evidenced from identical forward and reverse reactions or is
verified when the Hess law is obeyed.

Extremely high selectivities are frequently interpreted as
"fon fixation", which suggests an irreversible phenomenon. This is
the case for exchanges of Cs, Rb and K in illite clay minerals
(95-96) as well as for Cu(NH,), exchange in fluorhectorite (66).
However, reversibility was “verified from the Hess law for
adsorption of Cs, Rb and K on the high affinity sites in illite
(91) and modified montmorillonites (101) as well as for the
exchange of transition metal complexes (29, 75).

Exchange in zeolites

Highly selective exchange as related to the presence of

crystallographically different site groups

Zeolites present a porous structure of channels and cages of
varying dimension (106-108). The exchangeable cations are located
in different positions. Since more sites are available than
charges to be neutralized, the neutralization pattern may vary
with the kind of exchangeable cation (109-110).

Exchange in zeolites of alkali, alkaline earth, transition
metal ions and small organic ammonium ions, has been reviewed
(111), and in general, the exchange is characterized by small AG
values comparable to those found in clay minerals. Althougﬁ
identical selectivity orders for alkali and alkaline earth metal
ions are obtained, as in montmorillonite, the opposite variation
of AG % with charge density is found.

n account of the presence of crvstallographically different
site groups and their characteristic neutralization pattern for
each type of cation, the entering ion does not necessarily take
position of the 1leaving ions (111-112). This and the 1limited
hydration in the narrow ©pore system leads to exchange
selectivities which may vary strongly with occupancy in homovalent
and heterovalent exchanges.

Two examples are discussed showiqg extreme selectivities : 1)
the hexagonal prism for unhydrated Ag in NaY zeolite, and 2)_the
cubooctahedron for hydrated Na ions in fully exchanged Co™ -Y
zeolite. Such very high selectivity differences cannot be assigned
to non-ideality effects; instead they are ascribed to very
different interaction energies with crystallographically distinct
site groups.

Na-Ag exchange in NaY zeolite Fig. 8 shows part of the Na > Ag
exchange isotherm obtzined in NaY (113). Using again the
nulti-site ion exchange model (92), the overall selectivity can be
described in terms of the selectivities of different site groups.
The set of parameters that simulate the experimental curve are
given in the legend of fig. 8. A very high selectivity coefficient
of the order of 2000 im site I (4 iomns/u.c.) is mnecessary to
describe the data. The remainder of the exchange sites show small
Na » Ag selectivities. The behaviour of the different site groups
is assumed ideal, i.e. site groups act independently and
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Figu 8. Comparison of the experimental and calculated Na+1
+ Ag selectiyities in zeolite Y (113) as a function of the
number of Ag ions/unit cell. The set of selectivity
coefficient values and maximum number of ions/u.c. (given in
parenthesis) used in the simulation for respectively, site I
(4 ioms/u.c.), site I' (13.5 ions/u.c.), site II (10
ions/u.c.) and unlocalized ions (26.5 ions/u.c.) are : 2000
(I), 2(1'), 20(II) and 4 (unlocalized). Reproduced with
permission from Ref. 113. Copyright 1978, The Chemical
Society.
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selectivities In each site group are assumed to be invariant with
changing surface composition. This does not mean that these
selectivity coefficients can be identified with thermodynamic
equilibrium constants in each site group, as stated by Barrer
(109, 110, 114), since it 1s impossible to assign different
chemical potentials to the same component Ag on different site
groups present iIn the same crystal (115).

As stated by Barrer (109), without additional information, a
given isotherm cannot be analysed in terms oi component isotherms
because numerous emPifical combinations of K= and X, may lead to
the correct KO €*%%%,  Table VIII shows ° identfcal Ag ion
distributions obtained from X~ray diffraction analysis and
calculated from the selectivity data. Such correspondance allows
to assign Na-Ag selectivity coefficients to various
crystailographic sites. o +

Based on their radii, the theoretjcal 0° - K bond (0.273 nm
distance) is better sulted than the © - Ag (0.266 nm distance)
to fit the observed 0, ~ site I (hexagonal prism) distance of
0.275 nm. The very high selectivity for Ag is therefore ascribed
to the formation of a coordination compound of Ag with 6 oxygen
atoms in the hexagonal prism. The ability of Ag to form complexes
and its much higher hydration energy than K  support this
hypothesis.

+ + 24
Na - K =~ Co” exchange in Y zeolite. Heterovalent exchange
reactions in zeolites generally show an even more pronounced
dependency on loading (116-118). Rees (116) observed variations of
the selectivity coefficient by a factor 1000 fer the Na-Ca and
Na-Mg exchange in zeolite A at 25 °C. An+exa_E\£le of e¥tre$§
variations 1is shown 1in fig. 9 for the K -Co and Na -Co
selectivitfes 1n zeolite Y at 45 °C (lll). The exchange
temperature of 45 °C is necessary to obtain full exchange of Co in
the small cavities. Heterovalent exchange at lower temperatures,
suffer from incomplete exchange. Selectivities range from
SZKC= 5 at Z, =0to2x 107 at Ze, = 1

Judging from fig. 9, about 25-307 of the crystal charge
exhib}ﬁgrfgz extremelyskdgh intrinsic eelectivity of Na versus
Co (Kc = 2,5 x 107). Such a high selectivity is in line with
X-ray structural evidence (119) of the formation of a stable
Na-hydrate in the sodalite .Ezées in presence of bivalent (Ca)
cations in the big cavities. Comparison with the K-Co exchange,
which is less dependent on composition, shows (see fig. 9) that K
is more selective in the supercages. The reverse effect is
observed in the small cages, in agreement with the S-shaped K-Na
exchange isotherm at 45 °C (120). The very high selectivities for
Na 1ir the small cages of zeolite Y are reminiscent of the
'apparent' difficulty of obtaining fully exchanged bivalent ion
loaded zeolites, as well as the ‘'apparent' higher loadings
obtained when starting from the K-Y zeolite (119). Kinetic effects
related to the partial stripping of hydration water to allow
migration into the small cages are superimposed on the
aforementioned thermodynamic effect.

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



GEOCHEMICAL PROCESSES AT MINERAL SURFACES

286

*L13sTway)y Jo K391205 TeAOY 8/ IUSTakdo) *g11 °3F9y woiF uorsstwiad yrTm pasnpoadsy

8°1 80" % 0°9 8°y 8°1 91°1 LA 26°¢€ 00° %1

G¢°'1 61°1 8°1 06°1 €°0 €°0 6°€ 78°¢ SC°L

- S0°0 - 1°0 - 10°0 6°1 00°¢ 0°2
Aea-x Ty Lea-yx ITY fex-y IT3 fex-x ITF (*o°n/suot)
n 11 W1 I /37 TeI0L

g *813 ur uaAT3 saalawexaed ay3z Jo asn £q palIe[nOTEd pue s3anbTuysdl UOTIOBIIITP
Aex-¥x £q paururailap dnoal 93Fs yoes UF SUOT +w< 3o uorayerndod syl us9miaq uosTiedwo) “IIIA TIIYL

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



13. MAES AND CREMERS Clay Minerals and Zeolites 287
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-+
Fi$ﬂre 9. Stirlface +czomposit:ion dependency of the Na1 >
Co

(e) and K + Co (@) selectivities at 45 °C in zeolite
Y. Reproduced with permission from Ref. 117. Copyright 1980,
The Chemical Society.
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Exchange of transition metal ion uncharged ligand complexes

The exchange and thermodynamic characterization of complex cations
in montmorillonites present no problem with regard to the
accessibility and the accomodation of the complexes, regardless of
the extent of exchange.

Exchange of complexes in zeolites, however, is far more
complicated, in that a) due to sieve effects, the exchange of
complexes is restricted to the accessible part of the crystal; b)
steric effects, due to the bulkiness of the complexes or due to
the limited available pore space, may further limit the extent of
exchange; c¢) competition between solvent, ligand and lattice
oxygens for the coordinating metal ion may shift ion~positions in
the crystal. Very few thermodynamic data are available for the
adsorption of complexes in zeolites. The exchange of complex
catiors may or may not be enhanced with respect to their aqueous
couniterparts. Furthermore, exchange of complexes, is in general
strongly dependent on composition due to steric effects. Increased
affinity over the entire surface composition was observed for
Cu(NH ), adsorption in mordenite (121-122), X and Y zeolite (123
(shown in fig. 10), and for Ag(TU)_ adsorption in Y zeolite (124).
Cu (ethylenediamine), on the contrary 1s only preferred versus
Cu(H,0) at low loadfngs of the complex in X and Y zeolite (125).
Agipyrl ine), complexes have smaller selectivity compared to aquo

in the” blg cavities of zeolite NaY (82). The opposite
behav1our is observed in Na-LaY zeolite in which 40 2 of the
charge is irreversibly neutralized in the small cages.This smaller
selectivity for Ag(pyridine), in NaY is obtained notwithstanding
the higher polarizability og the complexed cation, and is very
likely due to the fact that the colinear Py-Ag-Py complex (about
1 nm 1long) cannot be accomodated in the supercage without
considerable strain. This arises from the electrostatic
interactions with the framework charges. In Na-LaY this strain 1s
lessened due to the smaller charge. In mentmorillonite such strain
is absent; the planar structure favours a ‘'double-sided'
interactior and consequently a very high preference of
Ag(pyridine)2 over Ag is observed (74).

The eXchange of complex cations in zeolites is
self-consistent with regard to charge density effects. Exchange
involving ions of strongly differing size (polarizability) is
favoured with charge density decrease (and consequently with
internal dilution); e.g. Na-Cs in NaX and NaY zeolite (126 128),
Na-Ag(pyridine), in NaY and Na-Cay (82), and NH,-Cu(NH,), in NH
Mordenite (l?T -125), NH,X and zeolite (&f%) In
montmorillonites the opposite occurs, ﬁ)oth for Na-Cs (17) and
transition metal complexes with uncharged ligands (27). “(Charge
density decrease in montmorillonites occurs with interlamellar
dilution).

Selectivity enbancements observed when Co3+, Cu+2 and Zn+2
are complexed with NH, in zeolites (121-122), and the selectivity
series of Cu(NH,), (Mordenite > Y > X) and Cu (X > Y > Mordenite)
are rationalized in terms of dielectric theory (122, 123, 126).
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Fiﬁure 10. Plots of the normalized selectivity coefficient
(Kc) for Cu in zeolite X (®,0), Y (A,A) and mordenite (w,v).
Empty symbols : hydrated ion; filled symbols : amminated
copper. Reproduced with permission from Ref. 123. Copyright
1980, Heyden & Son Ltd.
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Reversibility

Exchange reactions are in generail reversible. Apparent
irreversibility is in fact an hysteresis effect (118, 121, 130).
This is obtained when the small cage sites of X andjg'zeolites are
forced to exchange with multivalent cations (La~ , transition
metal ions e.g.) by drying or freeze drying (129), or by
increasing the exchange temperature or the exchange time.
Subsequent verification of the reverse exchange reaction at lower
temperature or for shcrter exchange times may lead to hysteresis
effects.

Enviroumental Relevance

Highly selective ion exzchange reactions described here in clay
minerals and zeolites are reversible and cccur on the constant
charge fraction of these minerals. Interactions with a siloxane
surface are therefore involved in contrast to the so-called
'specific adsorption' effects occuring on hydroxyl bearing
surfaces.

Importaunt selectivity enhancements are observed wupon
complexing with neutral ligands. The stability constants of the
adsorbed complexes exceed the values in aqueous solution by two to
three orders of magniture. Such cbservation may be relevant to the
behaviour of transition elements in the environment in that
stability constants of adsorbed organic matter complexes may
differ from the values found for solution phase equilibria. Such
effects are indeed observed for Cu (139) and Ca (132).

Illites and illite/smectite interlayers show Cs ion-exchange
selectivities ranging from extremely high values corresponding
respectively to the exchange in collapsed (10A) edge-interlayers
and in hydrated smectite interlayers. In between these extremes a
range of selectivities are observed which are associated with a
range of binding sites formed by the changing degree of
hydration caused by steric hindrance at frayed edges. The extreme
affinity for Cs is relevant to the problem of the burial of
radioactive waste where clay 1s used as a barrier to nuclide
migration. The ion exchange and diffusion (133) behaviour of Cs in
Boom Ciay (a potential repository site at -200 m depth located in
Mol, Belgium) can be quantitatively explained in terms of the
presence of illite.
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Potassium Fixation in Smectite by Wetting and Drying

Dennis D. Eberl’, Jan Srodon?, and H. Roy Northrop®

1U.S. Geological Survey, Box 25046, Federal Center, Mail Stop 404, Denver, CO 80225

?Institute of Geological Sciences, Polish Academy of Sciences, 31-002 Krakow, Senacka 3,
Poland

JU.S. Geological Survey, Box 25046, Federal Center, Mail Stop 963, Denver, CO 80225

Potassium-smectites with various layer-charge
densities and layer-charge locations were subjected
to as many as 100 wetting and drying cycles, thereby
producing randomly interstratified illite/smectite
that contained illite layers stable against exchange
by 0.1 N SrCly or 1 N NaCl. The percentage of illite
layers formed by this process in montmorillonite was
proportional to layer-charge and, based upon very
limited data, their stability with respect to sub-
sequent exchange was inversely proportional to alpha,
the angle of tetrahedral rotation. Most of the illite
layers were produced during the first 20 cycles.
Sodium-smectites treated in wetting and drying experi-
ments that contained potassium-minerals (e.g.
feldspar) formed illite layers by fixing potassium
released from dissolution of the potassium-minerals.
The presence of NaCl, KC1, and HC1 in the experimental
solutions had little effect on reaction rates, but
CaCl, decreased and KOH increased the rate of illiti=-
zation. The reaction with KOH increased layer charge,
whereas, in all of the other experiments, layer charge
remained constant. Oxygen isotope data confirmed the
conclusion drawn from chemical data that the reaction
mechanism for illite formation at high pH (chemical
reaction of 2:1 layers) differed from that found at
more acid pH (mechanical rearrangement of 2:1 layers
around potassium). The wetting and drying process
may be responsible for producing mixed-layer illite/
smectite from smectite at surface temperatures, and
for accelerated dissolution of sparingly soluble
potassium-minerals in sediments and soils.

One method for studying reactions that occur at the mineral-water
interface is to concentrate the interface by drying a clay mineral
slurry. Certain reactions are promoted by this process, for
example, reactions that respond to Brgnsted acidity (1, 2). Repeated

0097-6156/86/0323-0296%08.75/0
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wetting and drying (WD) cycles may be used to increase reaction
yield.

Another type of reaction that responds to WD cycles is the
fixation of K and NH4 ions by smectite (Q:Z). The fixation of K
in smectite has been studied extensively by soil scientists because
of its effect on the availability of plant nutrients. The
reaction also decreases smectite's ability to swell, decreases its
cation exchange capacity (CEC), and modifies its Brénsted acidity.
Therefore, an understanding of this phenomenon is applicable to many
fields of study that are concerned with swelling clays, fields such
as soil fertility, soil mechanics, waste disposal, clay catalysis,
and the geochemistry of ground and surface waters.

Previous Work

A review of the literature concerning K-fixation by smectite reveals
the following patterns of reaction:

(1) Simple K-exchange of smectite without WD forms illite-like
layers in the clay, but this reaction is completely reversible with
respect to exchange by cations having substantial hydration energy.
For example, Weaver (§) reported that smectite derived from the
weathering of muscovite (Womble shale) collapsed to 1.0-nm during
K-saturation, but re-expanded completely during Ca-exchange as long
as heat was not applied. K-Ca exchange isotherms for smectite
(9-11) show complete reversibility, even though absorption sites
with enthalpies similar to mica and vermiculite are present, and
even after heating to 300°C. When K-exchanged smectite is exchanged
by cations with minimal hydration energy, however, some of the K
may remain fixed (i.e. non-exchangeable with respect to a standard
cation exchange procedure) even though the clay has not been
subjected to WD cycles. For example, NH4, a cation with a hydration
energy similar to that of K, also becomes fixed, and, therefore,
replaces only part of the K, trapping the rest in collapsed
interlayers. Both K and NHyq are completely replaced, however,
by exchange with Na, Mg, and Ca (12, 13). Simple K-exchange may
produce an interlayering of three types of layers in smectite
(14). For example, K- and NH4-smectites investigated by direct
Fourier analysis of their X-ray diffraction (XRD) patterns (15)
were determined to be composed of randomly interstratified
1.0/1.26/1.56-nm  layers (air-dry) or 1.0/1.4/1.68-nm layers
(ethylene-glycol treated). More of the contracted (1.0-nm) layers
were found in air-dry samples than in glycolated samples, thereby
confirming earlier work on the sensitivity of the structure of
K-smectite to solvent type (16). The structure also is sensitive
to relative humidity (17).

(2) The percentage of illite layers produced by K-exchange in
smectite 1is proportional to the CEC of the clay (18-21). Schultz
(22) determined that among 83 smectites studied, only minerals of
the Wyoming type [charge less than about -0.40 equivalents per
010(0H)2] do not change XRD characteristics after K-exchange and
heat treatment, and that total layer charge, rather than charge
location, is the important factor in determining the extent of
layer expansion. Yaalon and Koyumdjisky (23) reported that high-
charge smectites fix K by simple exchange with respect to subsequent
NH4-exchange, but that neither cations are fixed in low-charge
materials.
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(3) Wetting and drying of K-exchanged smectite may fix K
irreversibly, fixation being defined as a lack of K-exchange with
respect to a standard-exchange procedure, such as shaking overnight
in 1 N NaCl. Wetting and drying experiments, performed with several
different smectites and four cations (K, Na, Ca, Mg), indicated
that only K is fixed, and that the original CEC of the smectite is
decreased by as much as 52% by K-fixation (18). Small quantities of
K are fixed without drying by illitic material, but WD is necessary
for irreversible fixation by smectite (19). One complication is
that interlayer Al- and Fe-complexes can block K-fixation (19).

(4) The mechanism of K-fixation appears to be a trapping of
dehydrated K-ions in "hexagonal’ holes between 2:1 layers. Wetting
and drying may mechanically rearrange 2:1 layers around K into
more stable configurations; i.e., line up "hexagonal" holes across
interlayer space and change the coordination of interlayer K-ions
from prismatic to octahedral by rotating adjacent 2:1 layers by
+60°. The reaction appears to result from an interaction between
cation-hydration energy, 2:1 layer-charge density, and structural
arrangements between adjacent 2:1 layers.

Page and Baver (24) suggested that the unique ability of K to
be fixed by smectite is related to its ionic size, the dehydrated
K-ion having the correct radius to fit into "hexagonal" holes in
the basal oxygen planes of the 2:1 layers. However, potassium's
minimal hydration energy also has been considered to be the major
factor in K-fixation (25, 26). The latter hypothesis is consistent
with experiments (27, 28) that determined that Cs and Rb also are
are fixed by smectites and vermiculites, even though these ions
are too large to fit comfortably into the "hexagonal™ holes.
In addition, others (29, 30) have determined that K may not fit
well into these holes because of distortions related to tetrahedral
rotations in the 2:1 layers. Eberl (31) presented a hypothesis
for cation fixation and selectivity by smectite, based on a
consideration of cation-hydration energies and smectite surface-
charge density. The possibility that a mechanical rearrangement
of 2:1 layers during WD is responsible for greater stability is
supported by structural studies of K-smectites that showed that
K-fixation by WD is accompanied by the development of tridimensional
ordering of the initially turbostratic smectite structure (32, 33).

Aims of the Present Study

Previous studies have shown that elevated temperatures, such as
those prevailing during deep burial, and long reaction times are
required to produce illite/smectite (I/S) from smectite by chemical
reaction (34-38). However, mixed-layer illite/smectites that have
not been recycled from older materials occur in sediments that
have never been exposed to elevated temperatures (39, 40), thereby
indicating that another mechanism may be responsible for producing
I/S at low temperatures. The studies discussed previously suggest
that this mechanism is WD. Thus, WD was investigated systematically
to discover how smectite-crystal chemistry and how chemical
environment affect illite-layer formation by this mechanism. Recent
methods for XRD analysis of mixed-layer clays (41-43) permitted a
study in greater detail than was possible previously.
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Materials and Methods

Smectites with a range of layer charges and a variation in layer-
charge location were chosen for experimentation (Table I). Chemical
analyses for some of these smectites, which had been purified
and size-fractionated after the methods of Jackson (44), are given
in Table II; structural formulae are presented in Table III. The
formulae in Table III are average compositions for all of the
smectite layers in a given smectite, although each smectite
probably has a heterogeneous layer-charge distribution. The
starting smectites were analyzed for 2:1 layer chemistry by X-ray
spectroscopy (45); starting smectites and experimental products were
analyzed for interlayer chemistry by atomic-absorption spectroscopy
(46). Coarse-grain K-minerals (Table I) were ground, and then
washed by shaking in distilled water overnight, then washed several
more times to remove readily soluble K and to clean the samples
of very fine (<5um) material. K-, Na-, or Sr-saturation of the
starting smectites was achieved by shaking overnight in 1 N chloride
solutions, followed by two more 1 N chloride exchanges, by several
washings in distilled water, and finally by dialysis, until chloride
could not be detected by the AgNOs test. The first Sr-exchange of
the experimental products was accomplished by shaking in 0.1 N SrCl,
overnight; subsequent Sr-exchanges were accomplished by shaking for
about 1 hour in 0.1 N solutions. Experimental products then were
washed and dialyzed as discussed previously.

WD experiments were conducted at 30°, 60°, and 90°C in a drying
oven, by putting 300 mg of clay together with 20 mL of solution in
polyethylene-weighing boats. Most experiments were conducted
without shaking; 2 WD cycles were completed each day at 60°C. In
several experiments, clays were dispersed completely by shaking
prior to each drying cycle, and 1 WD cycle was completed per day at
60°C. A Na-K exchange isotherm was determined for the Kinney
montmorillonite by overnight shaking of 150 mg of clay dispersed in
100 mL of 0.05 N solutions having different NaCl/KCl ratios.

Solid-experimental products were investigated by powder XRD
(automated Siemens D-500 system; the use of trade names in this
paper is for identification only and does not constitute endorsement
by the U.S. Geological Survey) of oriented, glass-slide
preparations solvated with ethylene glycol (42). Clays subjected to
WD cycles in distilled water were investigated with no additional
treatment, and after exchange with Na or Sr. Clays processed in
electrolyte solutions were washed prior to analysis, and then given
additional exchanges by dispersion, centrifugation, and dialysis.
Clays processed with K-minerals largely were separated from these
K-minerals prior to XRD analysis.

I1lite contents of the run products were measured by the
techniques of Srodon (43, 44) using crystallite thickness determined
from XRD characteristics of the starting smectites. Most illite
contents were measured using the 003 and 005 XRD peaks (smectite
reflections), but the 003 and 006 peaks (47) were used in the runs
that contained muscovite.

Oxygen isotopes were analyzed using the technique of Clayton
and Mayeda (69). Data are presented using the standard 5 notation
relative to Standard Mean Ocean Water (SMOW).
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Experimental Results

Behavior of K-Exchanged Smectites Without Wetting and Drying. All
of the smectites (Table I) gave XRD patterns characteristic for
randomly interstratified (RO) mixed-layered minerals upon

K-exchange. Those of 1low 1layer «charge (e.g. Wyoming) gave
patterns for I/S with a few percent illite layers. Those of
higher layer charge were identified as 3-component 1.0/1.4/1.7-nm

interstratifications. This heterogeneous swelling probably is
related to heterogeneous layer-charge distributions in the
smectites. XRD patterns for the 3-component interstratifications

differed from those of the 2-component, in that the 001 was
displaced toward higher angles; the 002 was much more diffuse; the
003 was displaced toward higher angles; and the 005 was displaced
slightly towards lower angles of two-theta. The latter two peaks
for the 3-component system plot on the extreme left side or outside
of the graph used to identify mixed-layer I/S (see Figure 8A in
43). Saturation of K-smectite with an ion of higher hydration
energy led to complete re-expansion, in agreement with previous
studies. For example, XRD patterns for K- and Na-Black Jack
smectite are given in Figure 1.

A Na-K exchange isotherm was determined using Na-Kinney
smectite to study the evolution of 3-component mixed-layering with
increasing K content. This evolution was followed by plotting the
changing positions of the 003 and 005 XRD peaks as a function of
K/Na ratio for the exchange solution on a graph used to determine
illite contents and glycol spacings for I/S (Figure 2). From a K/Na
ratio of O to about 25/75, the illite content of the sample
increased from 0 to about 499%, and the glycol spacing of the
expanded layers increased, as is expected for Na-K exchange (42).
At K/Na ratios between 25/75 and 35/65, illite content remained
nearly constant, and glycol spacing continued to increase, which is
interpreted as a continued replacement of Na by K in expanded
layers. At K/Na ratios greater than 40/60, the XRD spacings evolved
out of the two-theta range possible for I/S; as discussed above,
characteristics of 3-component interstratification could be
observed. In particular, the 001 reflection began to migrate
towards greater angles at Na/K of 35/65, as is expected for the
development of 1.4-nm layers.

All of the K-exchanged smectites (Table 1I) re-expanded
completely when exchanged four times with 1 N NaCl solution. Then
it was determined that a single, overnight exchange with 0.1 N SrCl,
is the mildest treatment sufficient to restore the K-Kinney to a
100% smectite structure, which means reexpanding to 1.7-nm on glycol
saturation both the vermiculite-like (1.4 nm) and the unstable
illite-like (1.0 nm) layers. This treatment subsequently was used
as a standard test because, unlike Na, Sr is not replaced by
hydronium ions during dialysis (49); therefore, Sr gives a better
measure of CEC during chemical analysis. Illite layers formed by
burial diagenesis are not affected significantly by either the Na-
or the Sr-~exchange procedures.

Response of K-Smectites to WD Cycles in Water at 60°C. Results of
these WD experiments are given in Table IV; sample XRD patterns are
given in Figures 3 and 4. The following patterns of reaction are
evident from Table IV:

In Geochemical Processes at Mineral Surfaces; Davis, J., et al.;
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Figure 2. Plot of XRD peak positions (CuK_ radiation; ethylene
glycol-solvated samples) for Kinney smecti%e treated with 0.05
N Na + K exchange solutions. Experimental points are labeled
with percentages of K in solution. The graph, used to determine
percentage illite layers and glycol-spacing for illite/smectites
having crystallite thickness of 1-14 layers, is from (42).

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



306

GEOCHEMICAL PROCESSES AT MINERAL SURFACES

300 : : . ; ; - ; . - T
< 4
0.2772 0.2045
362 OTAY
225/ 03 1% |
0.889 0.547
0.2776 02077  BLACK JACK
(43%1)
02075  FERRUGINOUS
(43%1)
150+
0.2054 CHETO
(41%l)
4 4
0.2070
KINNEY
{33%I)
754 J
0.2072 GARFIELD
(26%I)
0.2110 WYOMING
o (8%I)
0 ! 10 ) 20 ! 30 40 50

TWO — THETA (DEGREES)

Figure 3. XRD patterns (CuK_ radiation; ethylene glycol-solvated
samples) for Sr-exchanged K-smectites that have been subjected to
100 WD cycles in water at 60°C. A low-angle shoulder that
indicates a trace of Rl ordering is marked by a tick on the Black
Jack pattern. Peaks labeled in nm.
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Figure 4. XRD patterns (CuK_  radiation; ethylene glycol-solvated
sanples) showing a range of illite contents for K-Kinney smectite
that has been subjected to various treatments. A 100 WD cycles
in 0.5 N NaCl; B = 40 WD cycles in 0.5 N NaCl; C 100 WD cycles
in 0.5 N KOH, with 1 Sr exchange; D = 100 WD cycles in 0.5 N
CaClp; E = 100 WD cycles in 0.5 N KC1, with 1 Sr-exchange; F =
100 WD cycles in 0.5 N CaCly, with 1 Sr-exchange; G = clay left
in suspension for a time equivalent to 100 WD cycles, with 1
Sr-exchange. Peaks labeled in nm.
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(1) WD cycles stabilize 1.0-nm layers against exchange by a
cation with substantial hydration energy.

(2) A regular decrease in CEC (meq Sr) occurs as the per-
centage of fixed K and percentage of illite layers
increases.

(3) The quantity of illite layers formed after 100-WD cycles
and 1 Sr-exchange is proportional to layer charge (data
from Tables III and IV plotted in Figure 5), although
smectites with a large component of octahedral charge
(montmorillonites) follow this relation better than do
those that have a large component of tetrahedral charge
(beidellites and one montmorillonite with 61% octahedral
charge). A perfect correspondence between the quantity
of illite layers formed by WD and layer charge is not
expected, however, because this reaction may also depend
on other factors, such as layer-charge distribution.
Figure 5 may indicate that charge distribution is more
heterogeneous for the beidellitic smectites.

(4) The total milliequivalents of interlayer cations is
not changed significantly by the WD process, thereby
indicating that 2:1 layer charge does not change. These
data suggest that the reaction to illite is a
transformation reaction caused by simple dehydration and
rearrangement of smectite layers, rather than by an
increase in 2:1 layer charge.

All of the I/S produced by WD are randomly interstratified,
with the possible exception of the Black Jack sample (Figure 3) and
the most illitic Kinney sample (Figure 4), both of which show signs
of partial Rl ordering between illite and smectite layers. For
these samples, the 001 XRD reflections are displaced towards larger
angles, and a very weak superlattice reflection is visible at small
angles.

The stability of the illite layers produced by WD was
investigated further by applying two additional 0.1 N SrCl,
exchanges to WD smectites for which sufficient sample was available
(Table IV). The quantity of illite layers decreased significantly
with this treatment, but measurable illite layers were preserved in
all samples except the Black Jack smectite. Exchange experiments
with a WD Kinney sample showed that the use of three 0.1 N SrCl,
exchanges is a slightly stronger treatment than the use of four
1 N NaCl exchanges used to study diagenetic I/S (44). Thus, the
illite layers remaining in the WD clays after three Sr-exchanges
may be of comparable stability to those formed by burial diagenesis.

The percentage change in illite layers between one and three
exchanges with 0.1 N SrCl,, which is a measure of the stability of
the illite layers formed by WD, correlates neither to original
smectite~layer charge, nor to layer-charge location, but, based on
very limited data, does correlate roughly to the mean angle of
tetrahedral rotation of the original smectite (Figure 6). Angle
of tetrahedral rotation (o) was calculated from structural formulae
(Table III) and measurements of b (Table V) by the following
equations (29, 50):

Cos a = bobserved * bideal

(Si,_Al) =9.15 + 0.74x

where

bideal
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ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



4. EBERL ET AL. Potassium Fixation in Smectite 311

60 r

50 |- o
E 40 |- -
b4
w
3]
o
w
S
'ﬁ’:’ 30 |- J
w
>
<
-

100
= (100} o
- 20 For_Montmorillonites: -
- % ILLITE = 157C - 45
R? - 097

10 ® (61) s

0 | 1 A

-0.3 .0.4 -0.5 -0.6 -0.7

LAYER CHARGE (C)
(EQUIVALENTS PER HALF - UNIT CELL)

Figure 5. Percentage illite 1layers versus layer charge for
K-smectites subjected to 100 WD cycles in water at 60°C and 1
Sr-exchange. Numbers 1in parentheses refer to percentage of
octahedral charge. Best fit line is for montmorillonites having
69% or more octahedral charge. Data from Tables III and IV.
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Figure 6. Stability of illite layers formed by WD mechanism:
percentage of change in percentage illite layers between 1 and 3
Sr-exchanges is plotted against o, the angle of tetrahedral
rotation. Data from Table V.
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Table V. Data Used to Construct Figure 6 for K-Smectites Submitted to
100 Wetting and Drying Cycles, and Then Exchanged Once and Three
Times With 0.1 N SrCl,

Original Smectite (nm) o Illite Layers?
Clay bobserved bideal (Degrees) (Percent Change)
Black Jack 0.899 0.925 13.6 100
Cheto 0.898 0.915 11.1 63
Ferruginous 0.907 0.921 10.0 33
Garfield? 0.914  ----- 6 39
Hectorite 0.909 0.916 7.1 NA3
Kinney 0.897 0.916 11.7 73
Montmorillon 0.898 0.917 11.7 37
Otay 0.899 0.917 11.4 50
Texas 0.897 0.915 11.4 50
Umiat 0.898 0.918 12.0 70
Wyoming 0.898 0.917 11.7 NA

1(% jillite layers, 1 Sr-exchange) — (% illite layers, 3 Sr-exchanges)
(% illite layers, 1 Sr-exchange) .

24 measured directly (51).

3Not analyzed.
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This method for estimating a applies generally if a is greater
than about 7°, and assumes an ideal 0(apical)-Si-0(basal) angle of
109°28'. A relationship between o and illite layer stability is
expected, because the larger the « is, the smaller the ditrigonal
holes are in the basal oxygen planes of the 2:1 layers. The smaller
the holes are, the less deeply dehydrated K ions can penetrate into
2:1 layers; thus, the more susceptible the K ions are to
Sr-exchange. Alpha is only an approximate indicator of hole size;
it would be better to measure directly the hole size, or the K-0
bond lengths for the illite layers. But such a detailed structural
analysis is beyond the scope of the present work.

Tetrahedral rotations in dioctahedral clays are required to adjust
for a misfit in size between the normally larger tetrahedral sheet
and the octahedral sheet. Rotation angles of 30° close the holes
completely. The hole is so large for small angles of o that the
hole approaches hexagonal symmetry; in this case, interlayer K
enters more nearly into 12-fold coordination, rather than into the
6-fold coordination of ditrigonal holes (30). Thus, perhaps the
reason that the Garfield sample, with a small, measured o = 6° (51),
does not lie on the curve in Figure 6 is because it belongs to an
energetically different system. But other factors, in addition to
a, could influence, or even play a dominant role, in affecting the
availability of K to Sr-exchange. Two such factors are the
presence of heterogeneous layer charges, which would tend to bind K
more strongly in highly-charged interlayers, and the presence or
absence of three-dimensional ordering in the WD smectite-crystal
structures, which could lead either to prismatic or octahedral
coordination for K in the dehydrated interlayers, and to various
distortions in the 2:1 layers that could affect K availability (V.
A. Drits, personal communication).

The kinetics of the transformation towards illite for
Ferruginous and Kinney smectites are shown in Figure 7. Most of the
illite layers are formed in the first 20 WD cycles, although illite
content appears still to be increasing slightly after 100 WD cycles.
The Ferruginous smectite produces more illite layers for a given
number of WD cycles than the Kinney does even though the Ferruginous
smectite has a slightly smaller layer charge (Table I1II). This
effect may be related to the much larger component of tetrahedral
charge, to the slightly smaller degree of tetrahedral rotation for
the Ferruginous sample, and to the other factors mentioned above.
Similar experiments with other iron-rich smectites are needed to
resolve this question.

Shaking in water prior to each drying cycle speeds reaction.
For example, a K-Kinney smectite subjected to 64 WD cycles produced
42% illite layers, with shaking, compared with 30% for K-Kinney
subjected to 50 WD cycles, and 32% for K-Kinney subjected to 75 WD
cycles, without shaking.

The equivalents of fixed-interlayer cations per illite layer
decrease with increasing illite content for the WD samples (Figure
8). Fixed cations are K, with a very small component of Na that was
not removed by Sr-exchange (Tables IV and VI). The relation roughly
fits a power curve, as depicted in the figure. Calculations for
samples that plot on the extreme lower end of the curve (at 1.0
equivalents) actually gave equivalents of fixed-interlayer cations
greater than one, which is impossible structurally, because there
are not enough holes in the basal oxygen planes to accommodate more
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versus number of WD cycles for Ferruginous and Kinney smectites
after 1 Sr-exchange. Data from Table IV.
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Figure 8. Percentage illite layers versus equivalents of fixed
interlayer cations (Na + K) per illite layer [based on 0(0H),].
Solid circles = aluminous smectites with 1 Sr-exchange. Open
circles = aluminous smectites with 2 or 3 Sr-exchanges. X =
iron-rich smectites with 1 Sr-exchange. Points calculated from

data in Tables III, IV, VI, and VIII.
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than 1.0 equivalents of K-ions. The excess is attributed to errors
in determining illite contents in highly smectitic clays. The data
in Figure 8 indicate, from a consideration of the increase 1in
illitic content with increasing WD cycles (Table IV and Figure 7),
that a greater number of WD cycles is required to stabilize
low-charge illite layers.

The iron-rich samples plot mostly to the left of the curve
in Figure 8, thereby indicating that iron-rich clays tested in
these experiments can form illite layers by WD at a lower fixed
cation content than aluminous clays can. A similar observation
has been made for iron-rich illite layers (glauconite) produced
by diagenesis (ig). This effect may be related to the deeper
penetration of K into the larger basal holes found in iron-rich
2:1 clays, as well as to the other factors mentioned above.

The pattern in Figure 8 is distinct from that for randomly
interstratified I/S produced from bentonite by burial diagenesis
(Figure 9). Fixed interlayer cation content for the latter clays is
relatively constant at about 0.55 equivalents per illite layer for
clays that contain less than 50% illite layers (53).

Effect of Solution Composition. The effect of changing solution
composition on the reaction of K-Kinney is given in Table VI. The

Table VI. Effect of Solution Composition on the Reaction of
K-Kinney Submitted to 40 Wetting and Drying Cycles at 60°C, and Then
Exchanged Once With 0.1 N SrCl,

Reference Meq per 100 g Oxide Illite Layers
Solution
Number Na K Sr Total (Percent)
26 Water 4 37 83 124 30
44 0.5 N NaCl 5 35 82 122 32
45 0.5 N KC1 3 40 81 125 31
46 0.5 N CaCl, 3 27 96 126 23
47 pH 3.6 (HC1) 3 32 85 121 30
481 0.5 N KOH 6 71 77 154 48

lpoverage of two analyses.

presence of 0.5 N NaCl, 0.5 N KC1, and HC1 (pH 3.6) had no effect on
reaction rate as compared with experiments made in water. The 0.5 N
CaCl, solution significantly slowed the rate of reaction, whereas
the 0.5 N KOH solution increased the rate. With one exception, the
data in Table VI indicate that total layer charge did not change
significantly during reaction. The exception is the high pH run
(KOH) in which layer charge increased, thereby indicating that the
composition of the 2:1 layer was altered. The average charge for
illite layers in this sample (0.57) is plotted in Figure 8, and
is greater than that expected for clays of this expandability
formed by WD. It fits better on the diagenetic curve (Figure 9).
In addition, the average charge for expanded layers increased
from -0.49 for untreated Kinney to about -0.52.

Oxygen isotope data (Table VII) support conclusions drawn from
the chemical data (Tables IV and VI) that clay in the high pH, WD
experiments underwent significant chemical reaction, whereas clay
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Figure 9. Percentage illite layers versus equivalents of fixed
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from data in (53).
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wetted and dried in other experimental solutions did not. Data in
Table VII indicate that clay subjected to WD cycles in distilled
water either remained unchanged isotopically, thereby indicating
that the 2:1 layer chemistry did not change, or became slightly
lighter, which is, perhaps, related to an exchange of oxygen atoms
on crystal edges (54), or to experimental difficulties that were
encountered in removing all of the interlayer water from the
Sr-exchanged samples. The latter possibility is favored by the
tinding of larger oxygen yields (micromoles 0, per mg clay reacted)
for the Sr-saturated clays, and of a decrease in scatter for 6130
values for clays subjected to increased drying times. The Kinney
smectite, however, became 2 per mil heavier after 40 WD cycles in
the high pH experimental solution, thereby indicating substantial
alteration of 2:1 layer chemistry.

In other experiments, K-Wyoming and K-Otay smectite were
subjected to 20 WD cycles in 0.5 N KOH, and then Sr-exchanged. The
Wyoming reacted to form greater than 50% illite layers, giving a
weak XRD pattern after the treatment, and the Otay clay was
destroyed. Otay in suspension for the same length of time with 0.5
N KOH, but without WD, reacted to form about 42% illite layers,
thereby demonstrating that WD is not essential for the reaction to
illite at high pH. Previous studies (8, 55) have shown that a
significant number of illite layers can be formed in low-charge
smectites by boiling them in 1 N KOH. The increased solubility of
Al and Si at high pH may lead to a chemical reaction in which layer
charge is increased by Al for Si substitution. More work is needed
to confirm this suggestion.

The KC1, HCl, and KOH experimental products (Table VI), when
X-rayed prior to Sr-exchange, have characteristics of 3-component
1.0/1.4/1.7-nm interstratification. The NaCl and CaCl, experimental
products prior to Sr-saturation, however, were two component
1.0/1.7-nm interstratifications, containing 1.0-nm layers well
in excess of the number remaining after one Sr saturation. WD
experiments with more cycles than those given in Table VI showed
that illite content (no Sr-exchange) increased from 63 to 71%
between 40 and 100 WD cycles for the NaCl experiments, and from
30 to 42} for the CaCl, experiments. But the stability of these
additional illite layers did not increase with the number of WD
cycles: after one Sr-exchange, the 40- and the 100-cycle runs
differed by only a few percent illite.

Effect of Temperature. Temperature had 1little effect on the
percentage of illite layers formed from K-Kinney, which was
subjected to as many as 6 WD cycles at 30°, 60°, and 90°C, and then
saturated twice with 0.1 N SrCl, (Table VIII). Unfortunately, the
experimental products were not X-rayed after a single Sr-saturation;
therefore, results in Table VIII are not directly comparable to
those in Table 1V. The erratic data resulting from the 90°C
experiments are unexplained.

Reaction with K-Bearing Minerals. WD experiments with mixtures of
Na-Kinney and sparingly soluble K-minerals were undertaken to
simulate natural conditions. When K-feldspar was shaken with
Na-Kinney at room temperature without WD for as long as 1 year, no
illite layers were found in the experimental product. Nor were
illite layers formed when muscovite was shaken with Na-Kinney for
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Table VIII. Effect of Temperature on the Formation of Illite Layers in
K-Kinney Submitted to Wetting and Drying Cycles, and Then Exchanged
Twice With 0.1 N SrCl,

Reference Temperature Number of Meq per 100 g Oxide Illite Layers
WD
Number (°c) Cycles Na K Sr Total (Percent)
49 301 0 4 9 113 126 0
50 1 4 13 110 127 7
51 2 3 15 107 125 7
52 3 NAZ  NA NA --- 12
53 4 3 18 110 131 12
54 5 3 16 108 127 12
55 6 3 18 106 127 12
56 ) 60 0 3 4 116 123 0
57 1 NA NA NA --- 4
58 2 3 16 110 129 11
5% 3 3 17 106 126 11
60 4 3 17 106 126 12
61 5 NA NA NA - 11
62 6 3 21 104 129 11
63 90 0 3 5 117 125 0
64 1 2 15 108 125 7
65 2 3 17 107 127 12
66 3 3 19 105 127 7
67 4 3 20 103 126 12
68 5 3 20 103 126 15
69 6 3 18 108 129 8

IDried under vacuum.
2Not analyzed.
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100 days. Phlogopite, however, formed about 4% 1.0-nm layers when
shaken with Na-Kinney for 100 days, but these layers disappeared
after Sr-exchange.

All WD experiments, however, produced a significant percentage
of illite layers after 100 WD cycles. The rate of illite-layer
formation was greatest for the potassium-feldspar systems, and
least for the systems that contained illitic material. The final
proportion of illite layers depended on the initial ratio of
K-mineral/Na-Kinney in the system, and on the number of subsequent
Sr-exchanges. With a ratio of 0.17, illite layers were unstable
with respect to Sr-exchange. With ratios of 1 or more, and with
the exception of the experiments containing illitic material and
phlogopite, these systems formed illite layers at a rate equivalent
to, or greater than, that found for K-smectite (Table IX).

Conclusions

The experiments indicate that WD can have a major effect on
reactions that occur at the mineral-water interface. This process
can rearrange clay 2:1 layers into more stable configurations, can
substantially alter smectite selectivity for competing exchange
cations, and can weather sparingly-soluble K-minerals in the
presence of smectite.

The experiments also indicate that WD may be an important
mechanism for producing I/S at low temperatures in nature by a
transformation mechanism (56). The percentage of illite layers
formed by this mechanism is proportional to the number of WD cycles,
and to the layer charge of the original smectite. Simple K-exchange
does not produce stable illite layers in smectite; therefore, these
layers probably form by WD prior to deposition in subaqueous
environments. The exception is found in high pH environments where
illite layers may form without WD by chemical reaction, as has been
reported previously for alkaline lakes (64, 65).

Illite layers form relatively quickly by WD (most in less than
20 WD cycles), and the reaction rate is not affected greatly by
changes in solution compositions or temperatures that are typical of
near-surface environments. Thus, that which has been studied in the
laboratory also may occur abundantly in nature.

The fixation of K is expected to occur wherever smectite and
K-minerals are subjected to the wetting and drying process. This
process occurs, for example, in soils, deltas, flood plains, and
playas. Thus, the patterns of reaction described here could be used
geologically in studies of sediment cores to discover when a lake
was dry, or to find the surface of a fluctuating, ancient water
table. From a geochemical perspective, WD concentrates K in the
unsaturated zone, whereas other cations are released to ground
water and surface runoff. Agriculturally, the WD process can free
K from sparingly soluble K-minerals, and then store it with varying
degrees of availability in expanding clay, with availability
depending on smectite-layer charge and on the angle of tetrahedral
rotation. Availability also may be influenced by factors other
than those investigated in these experiments, factors such as
heterogeneous layer-charge distribution (66), and three-dimensional
ordering of the 2:1 layers (67, 68). Finally, WD should be
considered in the design of swelling clay barriers used to contain
toxic chemical and radioactive wastes, because the process could
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Table IX. Percentage of Illite Layers Found in Na-Kinmey Subjected
to 100 Wetting and Drying Cycles in the Presence of a Potassium

Mineral at 60 0C
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Reference Potassium

Ratio of weight
K~-Mineral to

Illite layers (%)

No Sr-exchange 1 Sr-exchange

Number Mineral Weight Na-Kinney
70 Microcline 0.17 19 0
71 1.00 NA 43
72 5.00 48 40
73 Muscovite 0.17 25 0
74 1.00 NA 37
75 5.00 47 NA
76 Glauconite 0.17 30 0
77 1.00 NA 37
78 Phlogopite 0.17 28 0
79 1.00 NA 31
80 Illitic 0.17 30 0
81 material 1.00 NA 24

1Not analyzed.

In Geochemical Processes at Mineral Surfaces; Davis, J., et a.;

ACS Symposium Series; American Chemical Society: Washington, DC, 1987.



324 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

cause barriers to crack, or, at least, to lose some of their
absorptive properties.
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Potassium-Calcium Exchange Equilibria
in Aluminosilicate Minerals and Soils

Keith W. T. Goulding
Rothamsted Experimental Station, Harpenden, Herts ALS 2JQ, England

Potassium-calcium exchange equilibria in some selected
layer silicate minerals and soils were studied using
exchange isotherms and microcalorimetry. Groups of
homogeneous exchange sites, identified by their differential
enthalpies of Ca * 2K exchange, comprised eight distinct
types. These, in turn, were tentatively associated with the
surfaces of mica (one type of site), hydrous mica or illite
(three types of site), vermiculite (one type of site), and
montmorillonite (three types of site). If the
jdentification is correct, the method can be used to
estimate the amount of each mineral in a clay or soil and
thus more precisely determine clay composition.

Plants take up the potassium (K) they require from the soil
solution. Very 1ittle K is present in this form, however, perhaps
5-10 kg ha-l in the surface soil (0-20 cm). Almost all of the K
in soil is adsorbed on the surfaces of soil colloids, chiefly on
aluminosilicate minerals; very little K is held on organic
materials (see below). In temperate soils, about 500 kg K ha-1
is present in this exchangeable form in topsoil, and it is
released into solution by a simple cation exchange reaction. By
far the greatest proportion of K in soils of temperate regions,
80-99% or 2-50 Mg ha-l, is held within the interlayers of
partially-weathered and unweathered mica minerals, and within the
crystal structure of feldspars. Although the term
"nonexchangeable' is widely used for this K, this is not strictly
correct. The K is exchangeable, but only very siowly. It is
released into more available forms - exchangeable or solution K -
by slow weathering, which again involves cation exchange in the
case of micas.

The release of K into solution from the solid phase is
jmportant in plant nutrition, and it has been extensively studied
at Rothamsted as at other agricultural research stations
throughout the world. We have been interested in the process both
from the practical standpoint of determining the avajlability of K
to crops, and from the more fundamental view of understanding its

0097-6156/86/0323-0327%06.00/0
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328 GEOCHEMICAL PROCESSES AT MINERAL SURFACES

adsorption and release properties and the nature of the surfaces
and sites on which K is adsorbed. We have thus examined both the
equilibria and kinetics of K exchange. Because calcium (Ca) is
the dominant cation in most British agricultural soils, we have
concentrated on K/Ca exchange. Also, soils are multicomponent
systems, containing aluminosilicate (phyllosilicates or layer
lattice clays, etc.) and organic exchangers. To determine
something of the contribution of each component to the exchange
characteristics of a soil we have therefore examined K/Ca exchange
reactions on soils and on some of the individual aluminosilicates
most commonly found in the clay fractions of temperate soils.

P.W. Arnold (1-3) was an early pioneer of the work at
Rothamsted. The present research programme was begun by O.
Talibudeen (4-6), with whom I began collaboration in 1974. This
paper summarises our results and my more recent work on exchange
equilibria (4-16).

Materials

The soils and clays used in the work were described in full in the
original reports (1311;16). The soils used were taken

chiefly from long-term experiments on plant nutrition at
Rothamsted and at experimental stations and farms throughout
Britain. Those of contrasting mineralogy and constitution were
selected where possible and also those that had been subjected to
different fertilizer and cropping sequences, and which therefore
had very different K contents and exchange characteristics.
Generally, the whole, untreated soils were examined but also, in
one case, the various particle size separates.

The aluminosilicates examined were chosen as end members of
those groups of phyllosilicates that commonly occur in soils:
muscovite and biotite mica, Fithian and Morris i1lite, Montana
vermiculite, montmorillonites from Upton (Wyoming bentonite), Camp
Berteau, Redhill and New Mexico, and kaolinites from St. Austell,
England, and Georgia, U.S.A.

Methods

Equilibria. Potassium-calcium exchange equilibria were studied
using standard exchange isotherm techniques and by the
microcalorimetric measurement of enthalpies of exchange; the
methods were described in full by Goulding and Talibudeen (7).
Essentially the soils and clays were saturated with Ca and the
enthalpies of Ca » 2K exchange measured at 303K by adding
successive 5 ul aliquots of 0.5 M KC1 to a suspension of about 50
veq of the solid in 2-5 ml water in an LKB Batch microcalorimeter.
An injection system fitted to the calorimeter, described by
Talibudeen et al. {8) and Minter and Talibudeen (9), greatly
speeded up the experimental work. The enthalpy measured after
each step was summed to give the integral enthalpy of exchange
(8Hy), and the rate of change of this with K saturation was the
differential enthalpy of exchange, d(&Hy)/dx (Figure 1). The
AHy:K saturation relationship appeared to be a series of

straight 1ines rather than a smooth curve. Thus, the derived
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0.2-1.0 pm Wyoming Bentonite

AHy
and
d(aHy)/dx

d(AHy)/dx

(kJ eq™")
. 1 A

0 d
0 0.25 050 0.7 1.0
Fractional X saturation (x)

Figure 1. Integral (aHy) and differential (d(aHy)/dx)
enthalpies of Ca + 2K (@) and 2K ~ Ca (0) exchange on Wyoming
bentonite as a function of the fractional K saturation of the

exchange capacity.
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d{aHyx)/dx:K saturation relationship became a series of sharp
steps (Figure 1). To show if this was truly the case, and to
obtain the best fit for the data, the Rothamsted Maximum
Likelihood Program (17) was used to fit and compare a linear
spline {split 1ine) with several smooth curves {quadratic,
exponential, exponential plus linear). In all the cases referred
to here, the linear spline gave the statistically better fit. The
extent of exchange following each injection was determined
separately in a scaled-up version of the calorimeter experiment.
The two procedures allowed all the thermodynamic parameters of
cation exchange to be calculated following the procedure of Gaines
and Thomas (18). The usual working standard states were used:

the homoionic exchanger in equilibrium with a solution of the
saturating cation of constant ionic strength (0.1M), and an ideal
solution at unit molarity. In this paper, only the differential
enthalpies of exchange, defined above, and the standard free
energy (5Gg), enthalpy (4Hy), and entropy (4Sy) of exchange

are considered. The Tlatter functions represent the integration
over the whole exchange of the change in selectivity, bonding
strength and order, respectively, when changing from a
Ca/water/solid to a 2K/water/solid system.

Results and Discussion

Aluminosilicate minerals. Standard free energies of Ca » 2K

exchange, AGy, were always negative, showing that all of the 2:1
phyllosilicate minerals {hereafter described simply as clays)
studied, and the 1:1 mineral, kaolinite, were selective for K over
Ca (Table I).

Table 1. Standard free energies (4Gg), enthalpies (4H,) and
entropies (TaS,) of Ca » 2K exchange in the soils and
phyllosilicate minerals {From references 7,15)

Material Cation exchange AG AH TaS
capacity (Ca-form) ° 0 0
{neq g'l) ———-%J eq U
Muscovite mica, <1 um 60 -19.35 -10.48 +8.87
Fithian i11ite, <2 um 210 -5.10 -9.24 -4.14
Montana vermiculite, <2 um 1200 -5.13 -7.67 -2.54
Wyoming bentonite, 700 -1.32 -5.96 -4.64
0.2 -1 um
St Austell kaolinite,
< 2.5 um 60 -4.42 -9.12 -4.70

Selectivity decreased through the weathering sequence mica >
il11ite = vermiculite > montmorillonite. Selectivity for K over Ca
has been ascribed to the low hydration number and polarizability
of K (19), to wedge sites at the weathered edge of clay
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crystallites (gg, 21), and to the characteristics of the
adsorption site generally (20, 22). For the series of clays
examined here, it must reflect differences in the adsorption
sites, and therefore, in the surfaces at which exchange occurs.

While 4Gy is a measure of selectivity, 2Hy is a measure
of bond strength. The change in enthalpy reflects the breakage
and formation of all bonds in the ijon/water/clay system (ion-ion,
jon-water, ion-clay, water-clay, clay-clay, water-water). A
negative (exothermic) enthalpy change in going from Ca+2K implies
stronger bonds in the 2K/water/clay system than in the
Ca/water/clay system. As Sposito (23) states, thermodynamic
quantities cannot be interpreted directly in terms of molecular
structure, nor be assigned to any one component without further
nonthermodynamic evidence., However, they can be seen to agree or
disagree with a particular model. The data here agree with
Sposito's (23) model of ion exchange in terms of surface
complexes which is based on x-ray (24), infrared (25), and
neutron scattering (26) data. According to the model, potassium
adsorbed on 2:1 layer silicate minerals is in an inner-sphere
complex with no solvent molecules between it and the surface
functional group; the K is held by ionic or covalent bonds or some
combination of the two. Good examples of this are the very stable
K-mica and K-vermiculite surface complexes in soil (24). By
comparison, adsorbed Ca is held by electrostatic bonds in an outer
sphere complex with at Teast one water molecule between it and the
surface functional group, e.g. the two-layer hydrate of Ca-
montmorillonite.

The greater bond strength in the K-clay system decreases in
the same order as the selectivity for K, suggesting at first that
bond strength controls selectivity, as Brouwer et al. (27)
stated. However, the data show the range of enthalpies to be very
much less than that of free energies, and that entropies exert a
strong influence, especially in the muscovite mica. The standard
entropy change accompanying Ca -» 2K exchange on the mica,
expressed as TaSy, is positive, while that of all the other
clays is negative (Table I). This implies greater order in the Ca
than the K system in mica, but vice versa for the other clays.

It is not easy in such a complex system to decide which component
or components is influencing the entropy changes most. The
overall order of the system includes that of the clay surfaces,
the adsorbed cations and the water molecules - both those
associated with the cations and those in the free solution.
Following work of Plancon et al. (28) and Eberl and Srodon

(this volune) which showed how the 2:1 layers of Na-smectites
rotate and realign on adsorbing K, I think that this realigmment
is the principle component of entropy changes in illites,
vermiculites and smectites, giving them greater order on adsorbing
K. In mica, no rearrangement is possible, and the principal
component of 4S5 is the increased randomness in distribution of
adsorbed K over adsorbed Ca.

Differential enthalpies of exchange, plotted as a function of
K saturation, exhibit a stepped character (Figure 1 and Table II).
This can only reflect different types of adsorption sites on the
clay surfaces, the group of sites with the most negative enthalpy
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(those which bind K most strongly) being completely exchanged
before K begins to fill the next group of sites. Only the
muscovite mica contained a single type of exchange site (cf 29),
which was naturally ascribed to a mica-type surface. The 0.2-1 um
Wyoming bentonite contained a few sites just 1ike those in the
mica, but mostly contained sites which bind K weakly and which are
attributed to montmorillonitic surfaces. The il11ite contained the
mica-type sites and also sites with the same differential enthal py
as those found in Wyoming bentonite. These sites were ascribed to
micaceous and montmorillonitic surfaces. The Fithian i1lite also
contained a few sites that exhibited a very large bonding strength
and selectivity for K over Ca and were not seen in any other
mineral or soil. Such sites were also found by Brouwer et al.
(27), and have recently been generated in montmorillonites by
repeated wetting and drying and by charge reduction (30).

1t is very difficult to link the observed groups of sites
with known physical characteristics of the clays with certainty.
As Talibudeen (10) states, it is unwise to assign them simply
to the interlayér, edge, and planar surfaces of clays in the way
that Bolt et al. (22) and Schouwenberg and Schuffelen (20)
did, an interpretation that has become widely accepted.” Several
reasons can be adduced for the strong adsorption of K which
involve physical (specific) and charge (coulombic effects). The
occurrence of several types of sites in one sample could also
reflect interstratification within relatively large crystallites
(31) or, as has recently been suggested by Nadeau et al.
(32), a random arrangement of thin fundamental particTes.
However, Maes et al. (30) thought that there were 'islands' of
highly K selective sites corresponding to a collapsed 10A core
(i.e. wedge sites) in their altered (i11itized) montmorillonite.
They also thought that the highly K selective sites in illite were
at the edges of crystallites. This agrees with the conclusions of
Le Roux et al. (33) who, for Rb/Sr exchange on weathered
micas, found the Rb (which behaves very much 1ike K) to be
concentrated at particle and step edges, at cracks, and, in the
case of weathered biotite, at boundaries of vermiculite and mica
zones (wedge zones). Altogether within the five clays, six groups
of exchange sites can be identified on the basis of similar
differential enthalpy values iTab]e 11). The means of each group,
excepting that of -7.4 kJ eq-l, are significantly different from
each other. On the basis of the minerals in which the site groups
are found, the six groups can be associated with four main types
of 2:1 layer silicate surface: micaceous, hydrous mica (i1itic),
vermiculitic, and montmorillonitic, as in Table II. Such an
identification of exchange sites with specific mineral surfaces
must be tentative in the absence of other supporting data,
however. The present 'classification' also differs somewhat from
that given earlier {(16), because our ideas have changed as more
data were collected.”

If mica-type sites are truly indicative of mica surfaces,
and so on for montmorillonite etc., then of the clays examined,
only the mica could be regarded as pure. The Montana vermiculite
contained much montmorillonite, the Fithian i1lite contained mica
and montmorillonite, the Wyoming bentonite contained some mica,
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and the kaolinite a very small amount of vermiculite/
montmorillonite. Extending the investigation to the <0.2 um
fraction of montmorillonites from Wyoming, Redhill, Camp Berteau
and New Mexico, produced the same types of site as already found,
plus two more. These, being of intermediate differential enthalpy
value between mica and montmorillonite, were, again tentatively,
associated with hydrous mica surfaces (Table III). The
differential enthalpy value of -11.7 found in the New Mexico
sample and grouped under ‘mica’ is perhaps a Tittle too negative
for mica-type sites and may reflect some other type of surface.
Again, if the various site groups do indicate particular mineral
surfaces, then only the Wyoming bentonite can be regarded as a
pure montmorillonite; the other samples contain mica, vermiculite,
etc. (Table III and reference 11).

Looking at a series of kaoTinites from St. Austell, England,
and Georgia, U.S.A., suggested that all of them, even two reckoned
pure according to XRD and viscosity measurements, contained a
small amount of 2:1 mineral surfaces that would account for all of
their exchange characteristics (Table IV and reference 12).

Using a characteristic exchange capacity, the amount of charge
occupied by the various 'impurities' was converted into a
percentage composition by weight (7, 11, 12). If such a

procedure is correct, it offers a means of quantitatively
assessing very small amounts of 'impurities’' that have an exchange
capacity in minerals. Certainly there was seni-quantitative
agreement between the amount of 'impurity' in the kaolinites
calculated from enthalpy measurements and by x-ray data (Table
IV). Further verification of the technique was provided by
Arkcoll et al (13) who used it to identify small amounts of

mica and hydrous mica as the source of hitherto unexplained K
reserves in some strongly weathered Brazilian soils. However,
conclusive verification requires a detailed comp