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FOREWORD

The ACS Sympostum SEmies 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
1N CHEMISTRY SERIES except that in order to save time the
papers are not typeset but are reproduced as they are sub-
mitted by the authors in camera-ready form. Papers are re-
viewed 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 published papers are not accepted. Both reviews
and reports of research are acceptable since symposia may
embrace both types of presentation.
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PREFACE

Chemical modeling, particularly as related to environmental chemistry,
is a rapidly evolving field. However, because of the wide dispersion
of the pertinent literature in scientific publications of many different
fields and the absence of suitable review articles, investigators are often
unaware of recent advances in disciplines other than their own. There-
fore, it appeared that progress in chemical modeling capability could be
significantly increased by a symposium which would bring together
investigators from the several disciplines. This was facilitated by joint
sponsorship of the symposium by both the Society of Environmental
Geochemistry and Health and the American Chemical Society.

The introduction to the symposium details the current constraints
on research in general and chemical modeling in particular. The 37
technical papers presented fall naturally into the areas of: 1) redox
equilibria, 2) organic ligand characterization and stability constant esti-
mation, 3) adsorption processes, 4) evaluation and estimation of ther-
modynamic and kinetic data, 5) interfacing chemical and biological
models, and 6) comprehensive chemical models and their applications.

By arrangement, certain papers are either partially or totally of a
critical review nature. For the benefit of the reader it may be noted
that these review papers deal with thermodynamic data evaluation and
estimation or with bioavailability: D. Langmuir reviews and demon-
strates available techniques for the estimation and evaluation of thermo-
dynamic data; J. M. Cleveland reviews the solubility and stability con-
stant data for plutonium compounds and complexes, respectively; J. A.
Kittrick reviews the problem of how to treat exchangeable cations in
calculating the solubility of clay (layer silicate) minerals; G. H. Nan-
collas reviews the thermodynamic data for calcium phosphates; L. N.
Plummer, T. M. L. Wigley, and D. L. Parkhurst review the kinetics of
calcite dissolution—precipitation; J. W. Morse and R. A. Berner review
the kinetics and solubility of marine carbonates; S. N. Luoma reviews the
general problem of estimating trace element bioavailability from sedi-
ments; F. L. Harrison reviews the extensive studies she and others have
made of trace element bioavailability and accumulation by macrobenthic
organisms; and finally, D. K. Nordstrom, L. N. Plummer, and others
compare the trace element speciation and solubility disequilibrium in-
dices obtained with various extant chemical models. The latter authors
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concluded that differences in the thermodynamic data selected and treat-
ment of redox are the predominant causes of the discordant results
obtained.
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Chemical Modeling—Goals, Problems, Approaches, and

Priorities

EVERETT A. JENNE
U.S. Geological Survey, Water Resources Division, Menlo Park, CA 94025

The belief that Science can solve societal problems in
acceptable time frames has been discounted by the public in recent
years (1, 2). This situation, according to D. S. Saxton (3), is a
result of the "...overreaching expectations that research....would
visibly contribute to early solutions to difficult social problems.'
Since the total monetary resources available for studying such
problems are limited, the effect of recent policy developments
and legislation has been to increase support for applied studies
with a resultant decrease in support of fundamental research.

The country as a whole has turned, and is turning further, toward
the use of computational models utilizing best guesses and readily
available parameter information which may have only order-of-
magnitude reliability. One result of this trend is an enormous
quantity of reports of a highly applied nature coming out

of institutes, universities, and governmental agencies.

Many of these reports are of dubious value (4). The highly
applied research approach produces some short-run benefits, but
is virtually certain to produce long-term liabilities. One
liability will be that a larger part of the research community
will be trained as data gatherers rather than information synthe-
sizers with a resultant decrease in the transfer value of much of
the work. In the field of chemical modeling, the principal long-
term lisbility will be that insufficent fundamental knowledge
needed for improvement of chemical, biological, and hydrologic
models will not be available within the next several years.

Although the fundamental problems being addressed herein are
large philosphical in nature, it is appropriate to define what is
meant by chemical modeling. As used herein, chemical modeling
encompasses the aqueous speciation of dissolved cationic elements
among organic and inorganic anionic ligands, of anionic elements
among their complexes with cations, and both cationic and anionic
elements among their redox states. Chemical modeling also in-
cludes calculation of the degree of saturation of an aqueous
media with regard both to metastable and to equilibrium solids
and calculation of sorption or desorption. Additionally, pre-

'
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4 CHEMICAL MODELING IN AQUEOUS SYSTEMS

dictive chemical modeling must include kinetics. Chemical modeling
can be used to describe the chemical characteristics of an

aqueous system whether it be a lake water or the fluid in a human
digestive system, given the requisite input data for the system to
be modeled as well as adequate reference data (thermodynamic and
kinetic), and a properly constructed model. Quantitative models
are valuable because they increase one's ability to derive in-
formation from data, to predict certain effects of anthropogenic
inputs, and to do sensitivity analyses. The latter may well be
one of the most important and least recognized uses of such models.
For example, in recent modeling of the inorganic speciation of dis-
solved silver in San Francisco Bay, a sensitivity analysis to test
the effect of metals and ligands not included in the chemical
analyses indicated that hydrogen sulfide at the microgram-per-
liter level would complex more silver than would chloride in the
low salinity portion of the estuary (5). This finding then led

to a preliminary study of dissolved sulfide in San Francisco Bay
waters. Sensitivity analyses can also be performed to indicate
needed accuracy and precision of particular analyses and para-
meters. Chemical models can also be used in appropriate situations
to estimate biological effects on the chemical part of an eco-
system (6).

Goals

The ultimate goal of all research in general and chemical
modeling in particular is additional understanding of processes
and events which can, under the proper conditions, facilitate the
improvement of human life physically, emotionally, and aestheti-
cally. For example, within the next decade, appropriate chemical-
and biological-modeling studies of soil solutions and plant-
nutrient uptake can assist in increasing markedly both the quantity
and quality of terrestrial food production. Chemical modeling can
provide insight into the bioavailability and the variations in
the bioavailability of trace elements in man's diet components.
Processes such as sulfide complexation, valence reduction, preci-=
pitation and organic complexation,may significantly reduce the
activity and hence the bioavailability of various trace elements.
Linkage to biological models will certainly increase the amount of
information which can be derived. In addition to the resultant
potential improvement in human nutrition, insight into the bio-
availability of trace elements from dietary components may con-=
tribute to the control and alleviation of some human diseases
related to trace elements.

More immediate goals differ from one scientific discipline
to another. One goal of which I am most aware is the prediction
of the role of aqueous speciation on the bioavailability and
toxicity of trace elements to plankton and estuarine detritus-—
feeding invertebrates. 1In the longer range, these studies would
be extended to include the various aquatic organisms higher in the
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1. JENNE Goals, Problems, Approaches, and Priorities 5

food chain.

The overall goal of this symposium is to promote the science
of chemical modeling in three ways: 1) by promoting the immediate
exchange of information via oral presentations by as many workers
in the field as practicable; 2) by fostering the maximum amount
of discussion of research goals, problems, approaches, and
priorities; and 3) by preparing a state-of-the-art record in the
form of symposium proceedings. Further goals are to improve the
quality as well as the applicability of chemical models in en-
suing years and to help minimize duplication of computerized
chemical models by increasing the visibility of those already
available. Although new approaches and mathematical frameworks
are obviously to be encouraged, it would appear more profitable
to the scientific community to upgrade and expand the available
models rather than to generate additional ones of similar type
and structure. This view comes out of our experience that the
computer codes, and indeed the models themselves, can be rendered
largely error free only by extended use over time by knowledge-
able investigators. It is hoped that the formal (7) and informal
discussions of attributes of chemical models will increase the
reliability and usefulness of the next generation of chemical
models.

Problems

Important restraints to the usefulness of available chemical
models are inadequacies in the 1) capability to characterize the
organic ligands of natural waters; 2) knowledge of redox status
of waters to permit realistic computation of redox-controlled
speciation; 3) available thermodynamic data; 4) knowledge of the
time dependency of the various processes (such as variation in
apparent trace element concentration during a tidal cycle) in
general and of kinetic data for chemical and biological processes
in particular; and 5) error estimates for the preceding restraints.
The field of chemical modeling is also constrained by the: 6)
need for comprehensive analyses of the systems to be modeled;

7) limitations of the quality and scope of published data;

8) scarcity of adequate literature reviews; 9) difficulties

in organizing and conducting integrated interdisciplinary studies;
and to a lesser extent, 10) limitation in quality of graduate
training.

Organic Ligands. Investigations of organic compounds dis-
solved in surface waters have largely dealt with identification
of specific compounds or groups (e.g., phenols, polyaromatic
hydrocarbons, etc.), determination of complexation capacity, or
separation--with variable types of characterization--into fulvic-
and humic-acid fractions. The information developed in these
studies has not been shown to be particularl& useful to quanti-
tative chemical modeling. The analyses of specific compounds or
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6 CHEMICAL MODELING IN AQUEOUS SYSTEMS

groups of compounds have come about because of taste and odor pro-
blems in drinking water and subsequently because of thepossible toxi-
city of these compounds to food chain components and the toxicity
and carcinogenic potential of these compounds to man. Complexa-
tion-capacity values have served to identify and dramatize the
potentially important role of dissolved organic compounds as
ligands capable of promoting the solubilization and hydrologic
transport of trace elements. However, there seems little point
in continuing these determinations since their magnitude is now
known and it is not apparent how they can be used in quantitative
chemical modeling.

The speciation of cations among organic as well as inorganic
ligands requires estimates of their molar quantities and of their
stability constants. Two possibilities exist. One is that there
are only a few important natural organic ligands for each metal.
The other is that organic complexation is the result of a host
of specific organic ligands, each of which is present in too small
an amount to be individually important. If the former possibility
proves to be true, the individual ligands can be identified by
techniques such as liquid and thin-layer chromatography. If the
latter possibility proves true, then an approach such as that of
Leenheer and Huffman (8) which fractionates soluble organic
compounds into solubility and functional group classes will be
required.

Redox-Dependent Speciation. Valence state determines the
toxicity of an element. It greatly affects the complexation
strength between metals and various ligands, hence the degree of
saturation of water with respect to solid phases. There is almost
complete lack of agreement within the soil science and geochemical
comnunities as to the significance and usefulness of platinum-
electrode estimations of redox status. The techniques of esti-
mating the concentration of the valence states of individual
couples at their envirommental levels are only now becoming
available. These techniques offer considerable promise for
future studies.

Available Thermodynamic Data. There are several problems
regarding available thermodynamic data. The appropriate thermo-
dynamic data do not exist for many solids of environmental
interest. This is particularly true for the solids which are
extensively substituted, such as the cryptocrystalline manganese
oxides or the metallic hydroxy sulfates and phosphates. Greatly
divergent thermodynamic data exist for numerous aqueous complexes
and solids; some of these values differ by orders of magnitude.
Thus, there is a great need for thorough evaluation and selective
redetermination. The evaluation of thermodynamic data is very
time-consuming, requiring extensive literature searches and
considerable knowledge of analytical techniques. The expertise
and effort required to obtain the required quality of results
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generally preclude a comprehensive evaluation of numerous com-
plexes, solids, or elements in the course of a single research
project or contract. However, scientists frequently are com-
pelled by the nature of their studies to undertake compilation
and selection with or without use of evaluation techniques,

since adequately evaluated compilations are not available. Hence,
the compilations made by single investigators are often not as
thorough and comprehensive as is desirable.

The U.S. National Bureau of Standards (NBS) is the govern-
mental agency with primary responsibility for this area although
the U.S. Geological Survey shares responsiblity with the NBS in
regard to minerals and the U.S. Department of Energy shares
responsibility with regard to the transuranic elements. The
evaluation and selection of '"best'" values is a job of such magni-
tude that most of the NBS publications of the last decade (9, 10,
11, 12, 13) present only selected values. The substantiating
references and discussion for these compilations are to follow
in subsequent NBS publications. One recent publication (14)
on thorium gives the critical evaluation and references. Critical
evaluation and documentation efforts need to be greatly accelera-
ted. As one step in this direction, the NBS is funding two
studies devoted to the evaluation and selection of "best" solu-
bility studies from the literature for the carbonate, halide,
phosphate, and sulfide salts of the alkali and alkaline earths
plus V, Cr, Mo, and U (by Allen Clifford of Virginia Polytechnical
Institute) and of Cu, Zn, Cd, Sb, Hg, Pb, and As (by Lawrence
Clever of Emory University). These two reviews are part of
Commission V. 6.1 of the International Union of Pure and Applied
Chemistry (IUPAC) program of compilation and critical evaluation
of the available literature on solubility. The thermodynamic
data for environmentally and geochemically important complexes
and solids (chiefly, nonsilicate) of 29 elements (Ag, As, Au, Ba,
Bi, Ca, Cd, Co, Cu, Fe, Hg, K, Mg, Mn, Mo, Na, Ni, Pb, Sb, Se,
Sn, Sr, Te, Th, Ti, U, V, W, and Zn) are being semi-critically
reviewed by Donald Langmuir and Hugh Barnes of Pennsylvannia
State University with NBS funding. Polysulfide complexes are to
be included in their review. The status of the thermodynamic
data on sulfide- and polysulfide-metal complexes will also be
discussed in a revised edition of "Hydrothermal Ore Deposits"
edited by Hugh Barnes (15).

Critical reviews of thermodynamic data published in the last
few years include the four-volume series of Martell and Smith
(16, 17, 18, 19), three on organic and one on inorganic ligands;
and the single volumes of Christensen et al. (20) for metal-
ligand heats, etc., of Baes and Mesmer (21) for cation hydrolysis,
of Langmuir (22) for uranium, and of Robie et al. (23) for
numerous minerals.

Reliable activity coefficients for marine waters or for
waters of even higher salinity continue to be a problem in cal-
culation of aqueous speciation and computation of mineral

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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equilibria. In particular, the appropriate technique to use for
uncharged ion pairs remains in dispute (24). However, the
chemical-modeling errors attributable to uncertainties in acti-
vity coefficients are generally less than the uncertainties due
to other causes such as missing or unreliable thermodynamic
values, missing analytical data, and incomplete model components
(5). Additionally, a major assessment of activity-coefficent
estimation is now underway (25).

Another potential problem in quantititlve iqueoui speciatlon
is Rolyme;izatlgn. Xarloui elemints (ke . ;n +
Hf+,C+’ o+ H ’Niz,RL},CZ,Zz,13,
Ga n3", Ln?", Pb2$, Sb5+, and Bi3t) are said to exhibit
thlS behavior (26, 21, 27). To the extent that polymerization
occurs and is not accounted for in the aqueous-speciation sub-
model, the activity of the various solute species and saturation
state of solid forms will be overestimated. For example, the
apparent oversaturation of San Francisco Bay waters with silver
sulfide was decreased by about 10 percent when the polysulfide
complexes of Ag and Cu were included in the aqueous speciation
submodel (E.A. Jenne and J.W. Ball, unpublished data, 1978).

There is little agreement among the relevant scientific
communities as to the priorities for obtaining missing thermo-
dynamic data. Top priorities on my own list are for data on
natural organic ligands, polysulfide complexes (data for Ag and
Cu exist, 28), low-temperature solid solution of trace elements
in iron and in manganese sulfides and in cryptocrystalline
substituted (Ba, Li, Sr) manganese oxides; and the solid solu-
tions of Sr, Ba, Mn, and Mg in CaCO3, and various transition
metals plus Sr and Ba in MnCO3. It should be noted that because
of kinetic inhibitions in the precipitation of various solids,
it is highly desirable in solubility and dissolution studies
that physical identification of precipitates and residues be
made by optical, X-ray diffraction, and electron microscopy and
diffraction techniques.

Time Dependency. The time dependency of geochemical and
environmental-chemistry processes is a largely unrecognized but
often important variable. For example, it is not unusual for 50
percent or more of the total annual sediment transport of a
river to occur in the course of a single storm event (29, p.487).
Marked time variations also occur with dissolved constituents.
Girvin et al. (30) report the concentration of dissolved Ni and
Zn at a South San Francisco Bay station to vary by factors of
1.42 and 1.56, respectively, through a tidal cycle. Similarly,
concentrations of dissolved trace element varied in a complex
manner between main-channel and near-shore (tidal flat) stationms.
Diurnal variations in the apparent degree of saturation of sur-
face waters with respect to certain solids may result from
biological activity and temperature changes. Recent studies (V.C.
Kennedy, U.S. Geol. Survey, unpublished data, 1978) have shown

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch001
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pronounced diurnal variation in phosphate concentrations in a
short reach of a stream containing considerable attached algae.
The apparent saturation of ZnSiO3 in a small stream has been

found to vary diurnally (V.C. Kennedy and E.A. Jenne, unpublished
data, 1978). These observations and others indicate that
realistic application of chemical models must take cognizance

of the time scales of biologic, hydrologic, and chemical processes.

Error Estimates. Little attention has been paid to errors
associated with either the thermodynamic or the analytical data
utilized in chemical models. M.L. Good (31) considers this to
be one of the four principal problems of the day with regard to
use and misuse of scientific data. It is essential that chemical
models compute propagated standard deviations for their analytical,
thermodynamic, and kinetic data. This provision exists in the
model of Ball et al. (32).

System Characterization. A further limitation to the ade-
quate testing of chemical models and to their application to
environmental problems is the extensive system characterization
(especially chemical analyses) often required. Adequate charac-
terization often necessitates many difficult and time-consuming
analyses, some of which must be done on site, and the collection--
with adequate preservation--of numerous subsamples.

The appropriate interfacing of chemical with biologic and
hydrologic models is a rather difficult problem. For example,
the prediction of trace-element bioaccumulation by phytoplankton
may require in some instances that the uptake rates and the com-
partmentalized loss rates for various solute species of the ele-
ment present in the system be known. The effect, if any, on
compartmentalized loss rates of the particular solute species
taken up (e.g. HgCH3t vs Hg2+) also needs to be known. The inter-
action effect of the concentration of one element upon the uptake
and loss rates of another element, such as Hg on Se (33, 34, 35),
also need to be known. In many instances, hydrodynamic models
may have to be linked with,or otherwise incorporated, into the
biologic and chemical models to permit predictions of, for
example, increased trace-element levels in oysters resulting from
increased anthropogenic inputs to an estuary.

Limitations of Published Data. The development, testing, and
successful application of comprehensive chemical models requires
at least moderate amounts of wisdom, experience, and time. In
the first half of this decade, universities, institutes, and
government agencies rushed headlong into envirommental chemistry.
The result has been a marked increase in the number of reports
of the occurrence and distribution of trace elements, but this
great effort has produced surprisingly few studies of fundamental
processes and reactions that would provide an understanding of
observed trace element redistribution. Most of the analyses
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reported in such studies have been on poorly characterized, or
even uncharacterized, samples. Generally, trace-element data
have been reported for sediment, or for biota, or for water, but
only infrequently for all three. Even more rare is the inclusion
of useful hydrodynamic data and atmospheric inputs. A trivial
but illustrative example of the result of lack of experience

plus lack of an adequate literature review is the federally
funded contract study of a few trace elements in a surface water
wherein the careful handling of sterile bottles—-with plastic
gloves (to avoid contamination of the bottles with trace elements
from the fingers)--is noted with obvious pride but no mention is
made of any filtration or preservation of the samples or even of
the possible need for these steps! The large number of chemical
analyses of so-called "whole-water" samples (i.e., water samples
from which the suspended sediment has not been removed by
filtration or other means) is an example of the generation of

a large amount of data from which little information can be de-
rived. Proper sampling and sample preservation are essential to
high-quality analyses. It should be noted that '"composite" time,
discharge, or load are generally not useful for chemical-modeling
studies.

Adequate Literature Reviews. I conclude that factors other
than total monies available for research are responsible for
limiting the scientific progress in the fields of environmental
chemistry in general and of chemical modeling in particular.
This conclusion results from the following observations. The
increase in the amount of earth-science data published has been
tremendous and the rate at which it is being published continues
to increase. This lament is of course not new. Barmaby Rich is
quoted as writing in 1613 that "one of the diseases of this age
is the multiplicity of books: they doth so overcharge the world
that it is not able to digest the abundance of idle matter that
is every day hatched and brought forth into the world" (36).

In the 10 years following 1965, the number of papers, patents,
and other published reports cited by Chemical Abstracts was al-
most as large as in the 58 preceding years (37). The increase

in the absolute amount of published products is correlated with
the relative lack of productivity of an increasing proportion of
available research monies and manpower. Present investigators
are increasingly unaware of previously published data, particu-
larly the data which have recently become available orwhich have
been published in journals outside of the investigator's sub-
discipline. The large quantity of published data and its dispersion
in almost innumerable journals-and other publication seriesis, in
part, mitigated by the preparation of review articles. However,
the problem still remains because time, in the order of years,
passes before synthesizers (reviewers) garner the large quantities
of scattered new data and distill information from them. A fur-
ther problem is that many of the reviews are a compilation of
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"who found what" instead of a critical evaluation and synthesis.

The rapid rate of data generation and the sophistication
of techniques and methods often required for significant research
progress can make the products of many small, one-to-two year
grant or contract studies of minimal value. These short-term
grants often do not permit the buildup of expertise necessary to
make significant research contributions. The short-term grants
are not conducive to generating information about mechanisms
and processes because observations must be terminated on a
relatively inflexible time schedule during which completion of a
final report is imperative. The time at which it is necessary
to terminate observations and measurements often coincides with
the time at which further observations have the greatest potential
to increase the investigators' characterization and knowledge of
the system. (Obviously, the small discontinuous grant or con-
tract may result in a significant contribution where it comple-
ments or adds to an ongoing program.) The funding of long-term
investigative programs at the national laboratories and within
investigative governmental agencies has become increasingly
difficult. It must also be noted that there has been a shift

%rant and contract funding away from basic research toward

app ied research.

Interdisciplinary Approach. The integrated interdisciplinary
approach to research is difficult. That it should be possible
is shown by, for example, the GEOSEX, Manganese Nodule, Deep
Sea Drilling, and RANN (Research Applied to National Needs; 38)
projects (Pb at the University of Illinois and Missouri, Mo at
the University of Colorado), funded by the National Science Foun-
dation. It would be highly desirable, and it should be possible,
for funding agencies to promote the common use of selected sites
and samples by investigators from the various disciplines. In
many cases, a good deal more information would be generated by
the use of splits of samples, being collected in other studies,
the use of archived samples, and the use of intercalibration and
intercomparison samples than by the use of some local or distant
set of special samples. Obviously, considerable care must be
taken in the selection of such samples where unstable constituents
or absolute numbers of trace constituents are to be reported.
More generally, use of a limited number of samples collected in
previous or other on-going studies would serve to tie the various
studies together and to facilitate interpolation and extrapolation.
That is, the time has come to concentrate on the generation of
information as opposed to the accumulation of data.

The various interdisciplinary groups differ significantly
in at least two ways. In some, there is little integration of
the substudies wherein each investigator carries out his own
investigation more-or-less independently of the other substudies.
In others, the emphasis is on interrelationship and priorities
are set by consensus. Integrated interdisciplinary groups also
differ in the way they form. They may come about via management
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decisions or they may form voluntarily. The latter type are

termed "associative interdisciplinary groups."

Integrated interdisciplinary groups appear to form only
where at least part of the funding is in common. The quality of
the scientific products from integrated interdisciplinary studies
is nearly always above average because of the multidisciplinary
view points and wide range of experience of the investigaters
their broad coverage of journals, and their professional contacts.
Such groups consisting of a half dozen or more professional mem-
bers often have much less elapsed time between availability of
funds and significant progress because a base, in terms of exper-
ience, and available techniques, supplies and equipment, is nor-
mally much broader than that of smaller project groups. These
larger groups require less investment in small equipment items
than is required for the same number of professionals organized
in smaller projects and can frequently afford more expensive
equipment.

Associative interdisciplinary groups can be formed by in-
vestigators (without common funds) with overlapping interests
for the purpose of sharing research-literature results, literature-
searching information, experience, equipment, space, support
personnel, continuing peer review, and encouragement. This is the
common academic approach to interdisciplinary studies. D.R. Car-
son (3) believes that the shifting of research emphasis towards
the applied end of the spectrum will be accompanied by more
large-scale interdisciplinary research in universities. However,
it should be noted that the language and conceptual barriers
encountered by those undertaking interdisciplinary research some-
times take months to years to overcome (39).

Successful interdisciplinary groups require certain common
attributes:

1. Both integrated and associative interdisciplinary groups
require at least one of the following--a project director,
lead investigator, coordinator, or one or more strong indivi-
duals to establish and maintain coherence. Associative
multidisciplinary groups may function with a committee (which
may be informal) of senior investigators when there is a
shared research or intellectual commitment.

2. Senior investigators must get along well or the group will
break down and cease to function.

3. There must be frequent exchange of information (as opposed
to data) via a common coffee group and(or) periodic seminars
on problems, preliminary findings, and plans. This provides
continuous '"peer" review and critiquing of approaches and
results. Exchanges of recent literature searches, discoveries,
and summaries of "in progress'" and unpublished studies then
occurs naturally.

4, The group, or individual projects contained therein, should
be of a multiyear or continuing nature. In particular, key
leadership and analytical personnel should have a high

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch001

1. JENNE Goals, Problems, Approaches, and Priorities 13

degree of continuity.

5. One or more of the senior investigators must spend a great
deal of time reading, extracting and synthesizing information
from literature and experimental data. This task can be
shared among several of the participants, as is generally the
case with graduate students in associative multidisciplinary
academic groups.

6. Establishing time goals for successive phases of study, and
reviewing them periodically, is essential to maintaining
the necessary sense of purpose and achievement. However,
such time goals should be set conservatively and should be
recognized as being goals, not as absolutes. The nature of
scientific inquiry will often preclude the attainment of such
goals within the initial time frame. Their chief value is as
a yardstick to measure the relative merit of various promising
and interesting substudies.

7. Formal and informal post-doctoral and visiting-scientist
appointments provide new areas of needed expertise and provide
accomodation for the normal year-to-year accordion-like
pattern of funding levels of both contract research and
federal agency programs.

8. The administrative chain needs to recognize the existence of
these groups, and to encourage, and, to some extent, to
deal with them as units.

There are certain problems peculiar to, or at least more
prominent with, these interdisciplinary groups than with the more
conventional individual-scientist research studies. These include
the prepublication sharing of data as well as significant ideas
and concepts, which obscures rights to authorship of papers and
determination of senior authorship and of senior versus junior
authorship. These are important matters because they impinge so
heavily on professional standing and advancement, and on access
to research funding. Professional and institutional recognition
of the efforts of the one or more investigators who contribute a
significant or even a major portion of their time to coordination
is perhaps the most difficult problem, particularly with associa-
tive groups, as V.C. Kennedy points out (U.S. Geol. Survey, writ-
ten communication, 1978):

"Most scientists do quality research for one or both

of two reasons; first, they wish to satisfy their intense

interest or curiosity in a certain field, or second,

they see a financial or professional advancement from the

successful completion of the work. Success in the second

case almost guarantees success in the first. In science,
success in the second case commonly is tied to recognition

of the scientist as a generator of new ideas or techniques

as indicated by first authorship on published talks or

papers. The use of "Doe, et al." to cover several

authors of a paper is an example of the downgrading

of other contributors to a paper. There is no widely
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recognized means of distinguishing coauthors from junior

authors.

The result is that often each member of a cooperating
group gets to publish a short paper with himself as

senior author and others as junior authors. Because

numbers of papers are important also, we get a repetition,

or near repetition, of the same ideas spread widely.

Single, comprehensive reports by multiple authors of

approximately equal scientific status are rare except

where one individual carries much of the load or the

report is broken down to identify separate parts by

authorship.

One thought is to use some other identification

of authorship instead of one person's name. Perhaps

the use of an acronym for the authors and an

acknowledgements section describing each person's

contribution would work in some instances."
An example of the use of an acronym is that of FOAM (Friends of
Anoxic Mud, 40).

A significant part of the research effort of interdiscipli-
nary studies is, and will be, done by graduate students and post-
doctoral fellows. A major problem in the utilization of graduate
students and post-doctoral fellows is the matter of preparation
of journal articles from the research work. A completed thesis is
in and of itself often a sufficiently traumatic experience that
immediately proceeding to the preparation of journal articles is
a difficult task for most advanced degree recipients to face. In-
deed, thesis completion invariably continues beyond the anticipa-
ted date so that there is rarely time to work on follow-up journal
articles. It is generally difficult to get post-—doctoral fellows
to summarize their research at regular intervals. There are in-
evitably one or two more very important things which they feel
must be investigated before termination of the appointment. In
this way, the block of time reserved for preparation of journal
articles can easily evaporate. However, this difficulty may be
minimized by a "contract" to the effect that the thesis or post-
graduate study is incomplete until it has been reduced to accept-
able drafts of journal articles.

Research scientists involved in interdisicplinary research
in the mission-oriented Federal Agencies must face an additional
conflict between the "need" to write papers and the '"need" at the
agency to achieve certain objectives within a fixed time period.
Often a complex choice must be made between these two demands on
the scientist. On the one hand, it can be argued that the initial
phases of a study were at the taxpayer's expense so they must be
reported in the archival literature. On the other hand, pressing
on to the fundamental goal of an adequate understanding of some
process or to the development of some model may in some instances
be considered of sufficient importance to override the need for
and value of any interim scientific paper(s). It seems clear
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that if the preliminary or initial findings are such that they
can reasonable be expected to affect ongoing or in-the-planning-
stage research elsewhere significantly then the finding should
be published with the dispatch. If the primary value will be an
addition to some author's bibliography and list of project re-
ports, then the public interest may be equally well served by
moving as expeditiously as possible to the final objective. This
approach is hazardous in the case of a single investigator in that
a change of job or an untimely death may cause the loss of the
monies which supported man-years of research.

Graduate Training. Another avenue to increased scientific
progress includes the improved academic preparation of research
scientists. We should, of course, heed the admonition of Hubbert
(41)

"-~that thinking is peculiarly an individual enterprise,

and that the greatest of all scientific achievements --

those of the great synthesizers from Galileo to Einstein --

have, almost without exception, been the work of

individuals."
Training in scientific research is presumed to be of a high
quality in this country, but is in fact not invariably so. Such
training for the Ph. D. degree should include: 1) a summer in
field work (outside of the thesis topic if necessary) and a summer
in laboratory work; 2) experience in the preparation of critical
literature reviews; 3) at least one technical paper submitted for
publication before thesis writing is started; 4) arrangements for
adequate technical supervision of thesis research; 5) adequate
knowledge plus experience in the behavioral sciences (pyschology,
sociology, etc.); and 6) experience in one associative integrated
research study. Consideration should be given to dropping non-
thesis advanced degrees from both the physical and biological
sciences.

Some discussion of the first of the above training items may
be in order. In this day of specialization, it may seem strange
to require a theoretical chemist to spend a summer in a field
ecosystem study. This aspect of graduate education is intended
to facilitate interdisciplinary research and to provide the
experience to assist in bridging the gap between field and labora-
tory research. Similarly, the research achievements of many
bright young graduates are limited more by their inability to work
well with others than by limitation of intelligence or willingness
to work hard. Some focused training in behavioral sciences might
well increase the intrinsic value of graduates trained in this
way.

Approaches and Priorities

How, then, can the progress of Science in general and of
chemical modeling in particular be promoted in the following
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decade? Several avenues exist. It seems clear that one avenue
is for research relating to chemical modeling to be carried out
within the context of integrated interdisciplinary, multiscientist
studies. As Russell Peterson (42) has recently pointed out,
"..specialization has been necessary for scientific
and technological advance; and we have learned much
more and learned it quickly by breaking down phenomena
into various compartments and studying them from
the standpoints of biology, physics, chemistry, and
so forth. But we must remember that our world does
not exist in compartments; it comes in single, inter-
related communities, each part of which affects other
parts....it would do well for scientists to establish the
habit of stepping back occasionally from the immediate
task to reflect on what kind of world he or she wants
for his or her children and grandchildren and con-
sider whether the work he or she is doing is leading
in the right direction. If not, the scientist should
have the courage to alter his course, even if it means
some near-term personal sacrifice. It requires courage
to speak and act eff ectively against the status quo.
But we can bring about the essential changes. To do so
will require that we look at things comprehensively and
work toward worldwide goals that provide for improving
the quality of life everywhere."
And as E. Odum (43) has stated so succintly,
"It is self-evident that science should not only be
reductionist in the sense of seeking to understand
phenomena by detailed study of smaller and smaller
components, but also synthetic and holistic in
the sense of seeking to understand large components
as functional wholes.~-Science and technology during
the past half century have been so preoccupied with
reductionism that supraindividual systems have suffered
benign neglect. We are abysmally ignorant of the
ecosystems of which we are dependent parts.-—the time
has come to give equal time, and equal research and
development funding, to the higher levels of biological
organization in the hierarchial sequences. It is in the
properties of the large-scale, integrated systems that
hold solutions to most of the long-range problems of
society."
Clearly, integrated, interdisciplinary, multiscientist efforts are
required to achieve the goal of predictive chemical modeling of
aquatic ecosystems and to make progress toward the goal of under-
standing the bioavailability of trace elements to the various
food chain components within the next decade.
Funding agencies could well develop ways of permitting and
even of encouraging individual investigators to continue along
given broad topical or technique pathways to enhance the production
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of significant information--as opposed to gathering more data.
This continuity of investigative area or investigative techniques
appears to be essential to increase the intrinsic value of re-
search products. The acceleration in rate of data generation by
the scientific community and the sophistication of techniques

and methods often required for significant research progress
require the buildup of expertise and equipment. The rapid changes
in societal concerns and govermmental programs often result in
principal investigators' taking on studies in tangential or even
totally new areas this diversion of effort frequently detracts
from original goals and from building up of expertise in a given
area. The net effect of these conditions is that too many investi-
gators are: 1) insufficiently knowledgeable of published infor-
mation; 2) unacquainted with the conventional wisdom of the field;
and 3) unable to secure adequate funding of sufficient duration
to maximize the scientific value of their technical products.

The lack of pertinent reliable thermodynamic data needed for
chemical modeling is a problem which could be resolved in the near
future for waters to which ion-association models are applicable.
This progress would be facilitated by a coordinated effort among
the funding agencies, the compilation-evaluation agencies, and
professional society groups. Satisfactory modeling of brines
and other concentrated waters will require a major focused effort.
The priority of various national problems to whose solution chemi-
cal modeling could contribute needs to be established. A similar
evaluation and prioritization is needed for kinetic data.

Summary

Trust in, and support for, scientific investigation of funda-
mental processes has weakened in the last decade. Increasing
emphasis has been given to the "black-box" type of modeling
solutions to environmental problems. The ultimate goal of re-
search in general, and of chemical modeling in particular, is
human betterment. I hope this symposium will contribute toward
this primary objective. The immediate goals of this symposium
are the promoting of the timely exchange of pertinent information;
the fostering of extensive discussion of goals, problems, ap-
proaches, as well as research priorities; and the preparation of
a symposium proceedings. The principal restrictions on useful
application of chemical models, to problems ranging from aqueous
speciation to bioavailability in the human digestive system,
include inadequate knowledge of natural organic ligands; of redox
processes; of thermodynamic, time-dependent and kinetic infor-
mation and anthropogenic inputs; and inadequate characterization
of the natural systems being modeled. What many observers con-
sider a low rate of progress being made in solving these problems
is due, in part, to the short term of funding available to many
investigators, to inadequate cognizance and synthesis of the
available technical literatures on the part of some investigators
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and to the lack of integrated, interdisciplinary, multiscientist
studies in many of the systems being modeled.

Acknowledgments

Pleasurable discussions with Ronald James, Jack Feth, Alan
Jackman, Ralph Cheng, Ray Wildung, and Harvey Drucker, but most
especially with Vance Kennedy, are acknowledged. Donald Langmuir,
Harry Leland, Frank Trainer, and particularly David Rickert pro-
vided very helpful reviews.

Abstract

The ultimate goal of research in support of chemical modeling,
as in most scientific research, is the improvement of human life
physically, emotionally, and aesthetically through the under-
standing and prediction of processes and events. More immediate
objectives include reliable aqueous speciation of trace elements
between their valence states and among organic and inorganic
ligands, and prediction of sorption equilibria and kinetic para-
meters as well as. solubility controls on trace element solute
levels. The objective is to predict toxicity and bioaccumulation
in aquatic organisms and ultimately in man.

The complex and interactive nature of aqueous speciation (re-
dox states, organic and inorganic complexation) and of sorption-
desorption by sediment and biota, and the precipitation-dissolution
of solid phases,requires comprehensive models and extensive analy-
ses of an adequate number of appropriately collected and preserved
samples. The prediction of chronic toxicity and bioaccumulation
of trace elements will require the linking of chemical models to
biologic and hydrologic models. This mandates a multiscience,
interdisciplinary approach to the development, testing, and
application of comprehensive models to assist in solving and
preventing environmental problems.

Important restraints on the evolution of superior chemical
models are the inadequacies in the: 1) capability to characterize
the organic ligands of natural waters; 2) knowledge of redox
status of waters, which does not permit realistic computation of
redox-controlled speciation; 3) available thermodynamic dataj
4) knowledge of the time dependency of the various processes
in general (such as variation in apparent trace-element concen-
tration during a tidal cycle) and kinetic data for chemical and
biological processes in particular; and 5) error estimates for
the preceding restraints. The field of chemical modeling is also
constrained by the: 6) need for comprehensive analyses of the
systems to be modeled; 7) limitations of published data; 8)
scarcity of adequate literature reviews; 9) difficulties in or-
ganizing and conducting integrated interdisciplinary studies; and
to a lesser extent, 10) limitation in quality of graduate
training.
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Natural waters are generally in a dynamic rather than an
equilibrium condition, and the concent of a single redox system
characteristic of a given water cannot be maintained. In the most
favorable case, measurements of Eh can be related to a particular
redox system or systems in partial equilibrium (1). The redox
system must be electrochemically reversible at the surface of the
platinum electrode at a rate that is rapid compared with the
electron drain or supply by way of the measuring electrode (2).

In natural waters, only the Fe(II)/Fe(III) and the HZS/Sn systems
correspond to these limitations (3,4,5). The electrochemical
reactions of hydrogen sulfide and*b5195ulfide ions are known to be
rapid at the surface of the platinum electrode (6). Hence, the
potentials obtained in the presence of these species should be
explainable in terms of equilibrium of the redox couple HZS/Sn 3
eventually these potentials might be utilized to infer redox
processes involving the sulfur species. More information is needed
about the relation between measured redox potentials (Eh) and
sulfur chemistry in reducing environments.

Reducing environments are frequently characterized by the
presence of hydrogen sulfide (even in very low concentration). In
these environments several factors, such as slow diffusion of
oxygen, the presence of Fe(III) minerals or organic matter, may
result in the incomplete oxidation of H2S, which yields polysul-
fide ions (S37) and thiosulfate (SQO§ ), (7,8,9):

2HS + 0, ~ (1/4) S, + 2 OH

2 8
HS™ + (n-1)/8 8, % SE7 + H
285 +0,+ HO > 5027+ 82 +2H
21" + 20, > $,05 +HO

The above reactions proceed easily and rapidly in the physico-
chemical conditions prevailing in natural waters (5,8). Thus,

0-8412-0479-9/79/47-093-025$06.50/0
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nolysulfide ions should be found in reducing environments where
the oxidation of HyS has been incomplete. Polysulfide ions can
also be produced via direct reaction between hydrogen sulfide and
bacterially produced elemental sulfur (5,10):
ST+ (n-1)/8'S; 2 SAT +H .

The distribution of the sulfur species between sulfide and poly-
sulfide at equilibrium with elemental colloidal sulfur is repre-
sented in Figure 1.

In this report we examine the agueous solutions associated
with reducing environments in relation to the composition and
redox properties of sulfur species.

Experimental

The study of the electrochemical properties of the sulfide/
polysulfide redox couple have been achieved by measurements of pH,
Eh (the potential of a platinum electrode) and Eg2- (the potential
of a membrane Ag/AgZS electrode), the reference electrode being
a double junction Ag/AgCl electrode. Potentials given are referred
to normal hydrogen electrode (H'/Hp) potential.

To prevent any interference of oxygen in the chemical proces-
ses all the measurements (laboratory and field) were done in an
electrochemical cell under purified nitrogen atmosphere. Details
are published elsewhere (11). Field sampling was done from a glove
box under nitrogen atmosphere.

The technique of study of the electrochemical properties of
the sulfur species was to measure pH, Eh and Eg2- on aqueous solu-
tions after imposed pH variations. The pH variations were obtained
by HC1l or NaOH additions. Eh, Eg2- and pH were measured when the
e.m.f. had stabilized. A moderate stirring was maintained durin
all the measurements. In addition, the concentrations of HpS, Sf~,
Sg» 8203', SD%’ were measured before and after each experiment
either by the standard iodine method or following the method of
Boulegue et al. (12).

Electrochemical study of the H,S-H,0 and HyS-Sg-Hy0 systems

The results of pH, Eh and ESZ— measurements after imposed pH
variations can be utilized to characterize the dissolved sulfur
species. This can be achieved by considering successively the
pH-Eg2- relations, the Eh-pH relations and the Eh-Eg2- relations.

The pH-Eg2- relations. The pH-Eg2- relations are characte-
ristic of the concentration of the total dissolved hydrogen sul-
fide (Z|HZSI]. In the presence of only dissolved hydrogen sulfide
one can write:

Eg2- = E&2- - 0.02951log(s

27y

and
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Figure 1. Distribution of sulfur species in the system H,S-S, (colloid)-H,O-
NaCl (0.7M) for 3[S] = 107 g-atom/kg.Log (molality) vs. pH at 298 K. AGqs
(Sscoll.) = 3.5 k] /mol S (28).
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THyS|/(827) = 11/yg2-} + {(H")/Kpp vps?
A% /Kar Kpz Yios)

with (i) = activity of the ith species, y; = activity coefficient
of the species i, Kpq = (HS™)+(H*)/(HpS), Kap = (S27)"(H')/(HS™).
Thus, Eg2- is a simple function of pH at constant Z[HZS]. Taking
pKaq = 7.01 and pKpap = 14 (5), one can write:

Eg2- = EQ2- - 0.029510g(Z [HyS])

14-pH 20-2pH

+ 0.029510g(4.854 + 1.455 x 10 + 8.734 x 10 )
which is valuable in the HyS-Hy0-NaC1(0.7 M) system. The measure-
ments of ESZ— and pH in the HZS-HZO-NaCl(O.7 M) system have given
results in good agreement with the values predicted from the above
equation (see Figure 2), (5,11).

In the presence of hydrogen sulfide, polysulfide ions and
elemental sulfur one can write:

(Hs7) = £s] / (0/Vps-} + {(H*)/Kpq-Thgs?
+ {31 neKp/(HD)-Ys271) 1)

with £[s] = 2[Hy,S] + =n[s2-] and Ky = (S37)(H")/(HS7). Equation
can be written alternately (HS™) = ZTS]/f[pH], where f(pH) is
the pH dependent member in 1. Taking into account the expression
of Kp2 one can deduce (s27) = Z[S]/g[pH]. In the HyS-Sg-Hp0-NaCl
(0.7 M) system one can obtain (5):
g(pH) = 105.9994 . 1014.181-pH 1
and
Eq2- = EQ2- - 0.02951og(Z[s]) + 0.02951og(g(pH)) . (@

(20~ 949-2pH

Thus Eg2- can be computed in the system HpS-Sg-Hp0 knowing Z[S].
which can be done by titration of the dissolved species. In the
HpS-Sg-H,0-NaC1(0.7 M) system the relations obtained between pH
and Eg2- are in good agreement with the relations computed from
equation 2 as can be seen in Figure 3. At pH > 9, slight devia-
tions were observed owing to polysulfide interaction with the
Ag/AgoS electrode.

Thus the pH-Eg2- relations obtained in the H>S-H0 and HpS-
Sg-Hp0 systems are characteristic of these systems and they can
be employed in natural waters to characterize the presence or the
absence of polysulfide ions. However,owing to the lack of_sensi-
tivity of the Ag/AgyS electrode to small variations of (S27) the
pH-Eg2- relations cannot be employed to detect slight departures
from equilibrium in the above systems.
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Figure 2. Ag/Ag,S electrode potentials (E2-) vs. pH in H,S—H,0-NaCl (0.7M)
system at 298 K. The curves correspond to calculated pH—E 42— relations at con-
stant experimental 3[H,S]. E.2- are given in mV/(H'/H,). S[H,S] (mmol/kg):
exp. 6 (V) 0.05, exp. 7 ([7J) 0.07, exp. 8 (A) 0.7, exp. 209 (/) 5.8, exp. 203 (@) 6.9.
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Figure 3. Ag/Ag,S electrode potentials (E2-) vs. pH in H;S-Ss—H;0-NaCl
(0.7M) system at 298 K. The points correspond to the experimental values and the
curves correspond to the calculated values. Eg2- are givenin mV/(H'/H,). 3[S"]
= S[H,S] + 3[S.*] (mmol/kg): exp. 3 — 0.024, exp. 12 = 4.17, exp. 22 — 12.8.
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The Eh-pH and Eh-Es2- relations in the HpS-H20 system. The Eh
values in the HS-Hy0 system were found to be slightly dependent
upon stirring (#10 mV). At 298°K the potentials of the platinum
electrodes were established quite slowly (1 to 2 hr) at pH > 5. At
pH < 5 it generally takes less than one hour. The potentials were
independent of such electrode pretreatment as cathodic or anodic
polarization. In Figure 4 we present the Eh-pH relations obtained
in the HS-H,0-NaCl1(0.7 M) system.

The Eh values are too high to be explained by the formation
of either PtS or PtSy. The rest potentials of the platinum elec-
trode are dependent upon the concentration of dissolved hydrogen
sulfide (Z[HzS]]. This can be explained by selective adsorption
of H,S species on the platinum followed by the discharge of the
proton mediated via chemisorbed H»S. The corresponding reactions
are (11):

HyS + Pt(e™) Z (e7)Pt-HpS

(e™)Pt—H2S Pt—H + HS™

N

Pt—H + Pt—=H - 2 Pt + Hp

Pt—HS™ + HS

+

Pt—HpS + HS™
Pt—HS™ + H30" 2 Pt—HpS + Hp0 .

Thus the equivalent process controlling the potential of the Pt
electrode is

H30" + e” > H + H,0

where H is hydrogen adsorbed on the platinum surface, and the
redox potential is

Eh

-0.059(pKy *+ pH + log(H))

with Ky = [H]/[e']'[H30+], and (H) is the activity of H atoms on
the platinum. The surface activity of H atoms can be assumed to
follow the law

(H) = k- (Hps) /M

as found in solid-solute interactions (13). In this instance,- the
experimental data on the Eh - Z[HZS]relg?ion correspond to n = 2.5
at pH < 6.5 and n = 1.5 at pH > 6.5; and the best fit with the
experimental data gives k = 2.5. These values are compatible with
an adsorption process (n = 1, (13)). Since n decreases as pH
increases for constant Z[HZS], it is suggested that H2S, rather
than HS™, is effectively mediating the discharge of the proton on
the platinum in agreement with the above processes. With pKy = -3
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Figure 4. Platinum electrode rest potentials Eh (expressed in mV/(H'/H,) vs.
pH in H,S—H,0-NaCl (0.7M) system for different experimental 3[H,S] at 298 K.
The experimental points corresponding to the same S[H,S] have been linked by a
continuous curve. The dashed lines correspond to the Eh—pH relationships in the
H,S5-Se—H;0 system for different logs[H,S] — x (5). Experimental 3[H,S]
(mmol/kg): exp-6 (V) 0.05, exp. 7 ([1) 0.07, exp.8 (A) 0.7, exp .10 (M) 2.4, exp.
11(0)4.6,exp. 212 (VW) 5.7, exp. 209 (N\) 5.8, exp. 203 (@) 6.9.
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(14), one can write:
Eh = 0.153 - 0.059pH - (0.059/n) *log(H3S) (3)

where n is characteristic of the adsorption-discharge process of
the HyS species. Equation 3 is in good agreement with the Eh
values measured in the H»S-H,0 system. Also the resulting Eh-Eg2-
relations obtained in the H,S-Ho0 system are characteristic of
this system as can be seen in Figure 5.

Oxidized sulfur species occurring in natural waters (sulfate,
sulfite, thiosulfate) do not interact with the platinum electrode
when in the presence of HyS and the pH-Eh-Eg2- relations found
were similar to the above relations. Thus, the unambiguous rela-
tions found between pH, Eh and Eg2- in aqueous solutions of hydro-
gen sulfide can be employed to characterize solutions and water
samples where hydrogen sulfide is the only reduced sulfur species
present.

An application of the above results can be found in the study
of the hot sulfurous springs of the French Pyrénées which issue
from massive granlte (5,11). As seen in Table I, HyS, S07 toge-
ther with Na® and dissolved carbonate are major components. Poly-
sulfide species were not detected (Z(n- 1][8 ] < 1078 g.atS/kg).
These sulfurous springs should be equivalent to a HpS-Hy0 system.

Table I. Analyses of two springs from the eastern Pyrénées:
H 18 "Beauté” (Thués) and O 5 "Rossignol” (Ax les Thermes).The
concentrations are given in 1074 mol/kg.

Spring Li Na K Mg Ca pH T(°C)
H18  0.128 28.3  0.659 0.002 0.4 8.89  66.4
05 0.131 21.5  0.585 0.005 0.36 8.74 76

Spring F C1 T[A,S] S,03°7 8042~  £[COp] Si0
H18  3.51  2.09  1.99 = 0.05  5.57 9.1 1.49
05 1.41 3.88 1.68 0.02  1.38 1.2 1.47

The results of the pH, Eh and Eg2- measurements after imposed pH
variations are given in Figures 8 and 7. The agreement of the
electrochemical measurements with laboratory data is excellent and
both selected springs are equivalent to a H2S-H20 system. In this
instance the chemical analyses of the springs and the electroche-
mical measurements are also in agreement.

The Eh-pH and Eh-Eg2- relations in the HpS-Sg-Hy0 system. In
the H»S-Sg-Ho0 system polysulfide ions are produced d following the
general process

(n-1)/8 Sg + HS~ 2 S3~ + H'. (4)

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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Figure 5. Eh—E2- relationships in the H,S—H,0-NaCl (0.7M) system for differ-

ent 3[H,S]. The experimental points corresponding to the same S[H,S] have

been linked by dashed line curves. The Equation 1: Eh — E2— + 210mV corre-

sponds to the Eh—E 42— relation in the H,S~S.—H,O system (5). Eh and Es2- are
givenin mV/(H'/H,). The symbols are the same as in Figure 4.

-200

Figure 6. Eh vs. pH in H 18 and O 5 springs. Eh is expressed in mV /(H*/H,).

The experimental points have been linked by a continuous curve. The dashed

lines correspond to the Eh—pH relations in the H,S-S,—H,O system for different
logs|H,S| =x at 343 K (5). (O)Spring H 18, (M) spring O 5.
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Laboratory experiments (15,16,17) have shown that polysulfide ions
are stable in the H28-837ﬁ25—5§§{em even at very low sulfide con-
centrations (about 1072 - 1075 M, (17)). The major polysulfide
ions are probably S%', SZ' and S%' in a large pH range (17). The
following equatlons can be employed to compute the Eh-pH relation
in the HpS-5g-Hy0 system:

HpS Z HS™ + H* Kaq = 10770
HyS 2 S+ 2H +2e Kyq = 107480
HS™ 2 s+ H + 26 Kyp = 10777
5HS™ 2 SET +5H' +8 e Kg/q= 1070-%8
4HST 2 83T+ 4 Mt 4B e Kgsq= 1072090
20 2 55+ 2e Kg,g= 101152
553" 2 4S8+ 2e Kq 5= 101437

These equations can be employed to draw the stability diagram of
the HyS-Sg-Hy0 system (see Figure 8).

Since the sulfide/polysulfide couple is electroactive and the
reaction at the surface of the platinum is rapid (8), the poten-
tials measured in the H»S-Sg-Hp0 system must be characteristic of
the equilibria between sulfide and polysulfide species. These
equilibria correspond to the redox level within the environment
since the reactions betweer sulfide and polysulfide are rapid (5,
17). In this instance, the redox potential can be directly inter-
preted in terms of chemical and electrochemical equilibria of the
reduced sulfur species. Thus one can employ the notion of pe
(pe = En/(2.3 xRx T x F~1)) when in the presence of polysulfide
lons.

For the general equation

nHS™ 2 SZ7 + nHt o+ 2(n-1) e
the corresponding expression for pe is
- o +\N 2- -5N
pe = pel + {1/2(n-1)}10g((H M- (S57)/(HS ™).

Taking into account equation 1 and K = (S%']'[H+]/[HS'] corres-
ponding to equation 4, one can write:

pe = ped - {n/2(n-1)}pH + {1/2(n-1)}10g(Ky/ (H') *yg2-)

- {1/2}10g(2[S] /¥ (pHY) . (5)
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Figure 7. Eh—E2— relation in H 18 and O 5 springs. The experimental points

have been linked by a continuous curve. The dashed line equation is Eh — E2—

+ 217 mV, i.e., the Eh—E (2— relation in the H,S-Ss—H,O system at 343 K. Eh and
Es2—are given in mV /(H'/H,). The symbols are the same as in Figure 6.
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Figure 8. PE—pH stability diagram of the system H;S—Ss—H,0-NaCl (0.7M) for

3[S] = 10°* g-atom/kg. The grey curve on the diagram for 3[S] — 10 corre-

sponds to the experimental error on PE computed from the uncertainties on the
thermodynamic data (5, 17).

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.

35



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch002

36 CHEMICAL MODELING IN AQUEOUS SYSTEMS

For instance the equation
5SH™ 2 S2™+ 5H +8e

corresponds to

pe = 2.08 - {5/8)pH - {1/2}10g(z[s]/(1.486 + 10°" 97 7P

. 10-8.O+pH])

in the system HyS-Sg-Hp0-NaC1(0.7 M), (5). The potentials measured
in the HyS-Sg-Hy0 system and the HZS—S%:?HZO system (i.e. when
elemental sulfur is not present) can be compared to the potential
computed with equation 5. As can be seen in Figure 9, the agree-
ment between measured and computed values is good. Thus in physico
-chemical conditions close to those encountered in reducing
environments the sulfide and polysulfide species appear to be
chemically and electrochemically reversible. The Eh measurements
are reliable over a large concentration range since at pH = 8.5,
with Z[HyS] = 2 x 1075M and £[S2"] = 5 x 1076M, the exchange
current <o, = 1076 amp/cm2, (5).

Note that at pH > 7 the redox potentials vary only slightly.
The HpS-Sg-Ho0 system behaves as a redox buffer. This effect can
be of importance in waters where sulfide and polysulfide are
found.

Since

Eq2- = E§2- - 0.0295l0g(5%7)
and

Eh = ER® - 0.029510g(S27)
for

s2- 2z s+2e,

one can write for the HpS-Sg-Hy0 system:
Eh = Eg2- + (Eh® - E&2-).

Thus the Eh-ESZ— relation should be linear when in the presence of
sulfide and polysulfide ions. The term (Eh® - E&2-) can be esti-
mated from the thermodynamic data on 527, Sg» Ag, AgyS. For the
Ag/Ag5S electrodes employed in our work E§2— = -660(x10)mV, (5):
with pKpz = 14 one can compute Eh°® = -480mV; thus at 298°K:

(ER° - E§2-] = 180mV
and
Eh = ESZ- + 180mV - (6)

These expressions can be applied to the H»S-Sg-Hy0 system. As can
be seen in Figure 10, the experimental data are in good agreement
with equation 6. Equation 6 can be compared with
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Figure 9. PE—pH relations in the H,S—S.—H ,0-NaCl (0.7M) and H,S-S,*-H,0-

NaCl (0.7M) systems. The points correspond to the experimental data. The dashed

curves correspond to the computed values. The full lines correspond to the PE-pH

stability diagrams in the H,S-S.—H ,O-NaCl (0.7M) system for different 3[S].

S[S"] = 3[H,S] 4 3[S.*] (mmol/kg): exp. 2 — 0.18, exp. 18 = 0.255, exp. 10 —
2.28, exp. 3= 0.024, exp. 12 = 4.17, exp. 22 = 12.8.

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.

37



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch002

38 CHEMICAL MODELING IN AQUEOUS SYSTEMS

T Bl T
@Exp. 2 2
; O Exp. 10 ] (st' sn-'HZO)
.§ A Exp. 18
- OExp. 3 ] ( o)
W Exp. 12 - -
w V Exp. 22 '.bs Sa Hz
oF o _Eh-Eg2+ 210(mV)
———-Eh= Eg2"+ 165(mV)
——Eh= Eg2™+ 180(mV)
_100-
-200- /9
7
7
/‘/ /
s’ -.i
'3°°;// |
/
/ 1
-500 -400 -300 -200 Esz-(niV)

Figure 10. Eh-E2- relations in the H,S—Ss—H,O-NaCl (0.7M) and H,S-S,?—
H,0-NaCl (0.7M) systems. The points correspond to the experimental data. Eh
and Eg2-are given in mV/(H'/H,). The symbols are the same as in Figure 9.
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Eh = Eg2- + 165mV

as obtained by Berner (4) in various reducing environments. Equa-
tion 6 is characteristic of the presence of sulfide and polysul-

fide ions and it can be employed to distinguish the corresponding
systems from environments where only hydrogen sulfide is found.

Thus the pH-Eh-Eg2- measurements can be employed to charac-
terize the state of reducing environments concerning sulfur chem-
istry and electrochemistry. The redox level deduced from the Eh
measurements should be in agreement with the redox level estimated
from the chemical analyses of the sulfur species as found in labo-
ratory experiments (5).

Field measurements of the pH-Eh-Eg2- relations in reducing
environments where hydrogen sulfide, polysulfides and elemental
sulfur were found were in good agreement with the redox level
estimated from the concentrations of the sulfur species [10 18)
For instance in hot brine from the French Dogger, where reduced
sulfur species (hydrogen sulfide, organic and inorganic polysul-
fides, elemental sulfur, thiosulfate) were found, there was a
good agreement between analytical and electrochemical results as
can be seen from the comparison of the data of Table II and
Figures 11 and 12 (18).

Table II. Results of the analyses of the brlne from the Melun
drill-hole (PM2). (a) 101 mol/kg; (b) 1073 mol/kg; (c) 1074
mol/kg.

Li (c) Na (a) K (b) Mg (b) Ca (b) Sr (c) NHg (c) SiO2 (c)
2.0 1.78 1.9 5.8 13.6 4.0 11.0 6.9

F (c) Cl1 (a) HCO3z(b) Z[COZ(b)B (c) pH pe T(°C)
1.7 2.02 6.3 12.5° 7.4 6.40  -2.20 70

S04 (b) Sp03 (c) Sg (c)  Z(n-1TSZ-] (c) =[H,S] + I[SE-] (c)
4,91 2.0 0.05  10.6 5.90

Laboratory experiments have shown that the incomplete oxida-
tion of H,S yields polysulfide and thiosulfate ions (9). In this
case also the electrochemical measurements were in agreement with
the redox level estimated from the concentrations of the sulfur
species.

Thus electrochemical measurements can be employed to charac-
terize reducing enviromments where reduced sulfur species are
present.

Computer simulation of the weathering processes involving reducing
environments.

The above data together with data on iron sulfides in redu-
cing environments (3,19,20, 21) emphasize the possibly important

part played by metastable sulfur species such as polysulfides and
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Figure 11. PE—pH diagram of brine PM2; ([J) sample PM2b, (®) sample PM2c.

The full line corresponds to the PE—pH stability diagram of the H,S-Se—H,O

system for 3[S] = 1.5 X 10 g-atom/kg at 353 K and 1 bar (5). The dominant
species in each domain is put in brackets.
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PM2c. The equation of the dashed line is Eh — Eg2— -4~ 210 mV. All potential
values are given vs. the potential of an Ag/AgCl electrode at the temperature of

the brine.
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thiosulfate in these environments. Since the information from
these results is accurate enough we developed a computer program
which enables us to describe the processes of the chemistry of
dissolved species and minerals in reducing environments (22).

Methods of computer simulation. Our purpose is to calculate
the evolution of the water composition in reducing environments.
The sulfur system is assumed to be the result of a constant yield
of sulfur at a given initial oxidation level included between -2
and 0, plus modifications brought about by possible oxidation.

The mathematical model of Helgeson (23) as modified by
Fouillac et al. (24) was employed as a basic tool of calculation.
It enables us to calculate mass transfer in open aqueous systems
and to compute the evolution in space and time of a weathering
profile. The following modifications were necessary:

(i) The redox potential was introduced as a master variable. This
enables us to take into account disproportionation and oxidation
processes. At each step of the computation the oxidation-reduction
potential is deduced from the oxidation-reduction level of all
electroactive spectes,

(ii) Since oxidation of sulfide to thiosulfate and sulfate is an
irreversible process, we have considered the oxidation processes
as the "weathering” of an "imaginary mineral” which yields oxygen
and consumes electrons. This' "weathering” is linked to a kinetic
process as described by Chen and Morris (8):

~az[H,8] 7dt = K- (2[Hs]y 13 ([02])0-°8 7).

Practically this was achieved by fixing the initial value
(-dZ[HZS]/dt]t=0. The other kinetic variables are deduced from
equation 7 and the stoichiometric coefficients of the reactions

of oxidation of sulfur and iron species.

(iii) The solubility of elemental sulfur in water is not very well
known. Its appearance as an individual phase is an important
event. The precipitation of sulfur was effected at a value of the
degree of advancement of the "weathering” reaction (g) which is
characteristic of the maximum polysulfide concentration in the
system Hp5-Sg(colloid)-H,0 (5).

Since pyrite is a quite ubigquitous mineral we have applied
this method of simulation to the weathering of FeSp in the pH
range 5 - 9. In this pH range the activity of the autotrophic iron
bacteria Thiobacillus and Ferrobacillus ferrooxidans is negligible,
thus microbiological catalysis of reactions is improbable. Practi-
cally we have chosen to study the alteration of a sandstone con-
taining pyrite and calcite to look for the environmental condi-
tions prevailing during the formation of roll-type uranium ores.

The thermodynamic data on polysulfides and thiosulfates are
those of Boulégue and Michard (17) and Giggenbach (16). Other data
are from Sillen and Martell (25,728). o
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Computer simulation of the weathering of a pyrite rich sand-
stone.

(i) Initial conditions. The initial mineral assemblage repre-
sents a pyrite rich sandstone: (in mol %) qguartz = 80, orthoclase
= 6, kaolin = 2, calcite = 6, dolomite = 3, pyrite = 3. The compo-
sition of the pyrite is: (in mol %) S = 66.7, Fe = 33.3; [U/FeT
= 5 x 1078 within the sandstone. The composition of the initial
percolating water (IPW) is: (in mmol/kg) Na = 2.6, K = 0.26,

Ca = 1.5, Mg = 0.99, Cl = 2.2, S04 = 1.4, z[COp] = 1.6, HCO3 =
1.45, HgSi04 = 0.25, 0 <D0y < 0.4; T =298°K.

(ii) Weathering conditions. The pyrite is dissolved yleldlng
FeZ* and S% , and it is also partly oxidized. In this process S7
ions are disproportionated to sulfide, polysulfide and thiosulfate
ions with a total redox level equal to -1. Elemental sulfur and
mainly thiosulfate are the products of the incomplete oxidation of
reduced sulfur species; sulfur Sg reacts with hydrogen sulfide to
yield polysulfides (5,9).

In the calculations of Fouillac et al. (24) dE represents the
ratio of renewed water over total content in an open "box"” where
water and minerals are in interaction. In this condition the para-
meter Vx is the ratio of the speed of alteration over the speed of
the water as explained in details by Helgeson (23), but it has the
dimension of a concentration. We have adopted Vx = 1073 which
corresponds to a slow speed of the water within the rock.

(iii) Results. The program describes the evolution in space
and time of the composition of the percolating water and the neo-
formed minerals. In Figure 13 we present an "instant view” of the
weathering profile with the neoformed minerals obtained in a
simulation where the sandstone is divided in 20 equivalent boxes
at the beginning of the weathering process (27]).

In the downstream part of the weathering profile there is no
more oxygen in the percolating water and only congruent dissoclu-
tion of FeSy occurs. The increase of the concentrations of reduced
sulfur species results in a steady decrease of pe. Dissolved iron
issued from the weathering is mainly represented by FeZ* free ion.
The saturation with respect to FeS is reached at log(g) = -1.86,
and it is soon followed by the precipitation of colloidal elemen-
tal sulfur. A steady state is established, corresponding to the
global process

FeS, 2 FeS + (1/8) Sg.

The evolution in time of the weathering conditions and the compo-
sition of the percolating water in the downstream part of the
weathering profile is given in Figure 14. As shown by Rickard (21)
the FeS-Sg paragenesis is not stable in the presence of polysul-
fide ions and the reformation of pyrite will occur quite rapidly
in the conditions encountered in the percolating water. The pro-
cess 1s probably (21):
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Figure 14. Time evolution of the composition of the percolating water in the
downstream part of the alteration profile of a pyrite-rich sandstone. V. = 107%.
The concentration of the dissolved species are given in mol/kg and the quantities
of neoformed minerals are given in mol as a function of the parameter of advance-
ment of the reaction ¢. All data are represented as the logarithm of the molality
(log m) vs. log ¢&. sU(a) corresponds to [U/Fe] — 5 X 10°® (molar ratio) leached
within the sandstone. 3U(D) corresponds to the maximum possible dissolved
uranium concentration. All the curves are direct Benson plots from the computer.
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Figure 15! Time evolution of the composition of the percolating water in the

alteration envelope upstream of the oxidation front (see Figure 13). V, — 107,

[0.] in IPW = 2.36 X 10"* mol/kg. Evolution of the molality of characteristic
species as a function of ¢&. Other definitions are similar to Figure 14.
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FeS + S2° 2 FeSp + S214 - (8)

Elemental sulfur, in the form of highly reactive colloid (28), can
be the nucleus of additional pyrite reformation following polysul-
fide formation on the surface of the colloidal particles and
reaction with Fe?* as shown by Kribek (29). The stoichiometry of
this process is -

+

HS™ + Sg=S2° + Fe?* 2 FeSp + (9/8) Sg + S21, + H'.  (9)
Since Fe2+ and elemental sulfur are major species in the percola-
ting water it is highly probable that the reaction 9 is competi-
tive with reaction 8. Thus it is possible to write that the wea-
thering of pyrite in the downstream part of the weathering profile
results in an ideal composition of the percolating water corres-
ponding to

FeSp; ~ dissolved species Z FeS + (1/8) Sg =+ FeS,.

In the upstream part of the weathering profile, oxidizing
conditions are prevailing, leading to the accumulation of neofor-
med iron hydroxide Fe(OH)3, while the sulfur species are comple-
tely oxidized to sulfate.

In Figure 15 we have represented the evolution in time of the
composition of the percolating water in the intermediary zone (in
Figure 12 it corresponds to the alteration envelope upstream of
the oxidation front). Dissolved oxygen is still present in the
percolating water and oxidizes FeSp. The main products of the in-
complete oxidation of the reduced sulfur species are elemental
sulfur and thiosulfate. Elemental sulfur yielded by the oxidation
process adds to elemental sulfur coming from the disproportiona-
tion of polysulfides, so that colloidal sulfur precipitates at an
early stage of the weathering. In agreement with the experiments
of Gourmelon et al. (9), slightly oxidizing conditions lead to a
pH increase, which results in the formation of FeCO3 and then
CaCO3. FeS precipitates in the later stage when the concentration
of dissolved oxygen becomes negligible. The conditions following
FeS formation result in the breakdown of CaCO03 formation.

The above results on the simulation of the weathering of a
pyritic sandstone are in good agreement with the results of the
experimental study of pyrite oxidation at pH 5 - 9 (30). They are
also in good agreement with the field observations and limitations
imposed on the processes of genesis of roll-type uranium deposits
(31,32).

Conclusion

The electrochemical measurements of pH, Eh and Eg2- after
imposed pH variations enable an unambiguous characterization of
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the sulfur speciation and the redox level in reducing environ-
ments. The formation of metastable sulfur species (polysulfides
and thiosulfate) should be effective in numerous reducing envi-
ronments as shown by the results of laboratory and field studies.

The redox processes involved in the chemistry of sulfur and
iron can be simulated on a computer. The feasibility of such
simulations is supported by the good agreement between computer
results and field data on the corresponding system of interest as
shown by the example of roll-type uranium deposits.
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Abstract

In sulfurous waters where hydrogen sulfide is the only re-
duced sulfur species present in significant concentrations, the
redox potential of the environment is difficult to assess. The
potentials of the platinum electrode are characteristic of hydro-
gen discharge mediated via selective chemisorption of HzS on the
platinum electrode. Metastable sulfur species such as polysulfide
and thiosulfate ions are stabilized in reducing environments
and they play an important part in redox processes. The
amounts of sulfur in these forms are related to the oxidation-
reduction level of the environment. The simultaneous measurements
of pH and of the potentials of platinum and Ag/Ag>S electrodes
after imposed pH variations enable one to characterize the
oxidation-reduction 1evel of such reducing environments. The
results of laboratory experiments and field data are in good
agreement. Considering the above results, we have developed a
computer program which enables one to describe the chemistry of
sulfur speciee in aqueous solutions. Kinetic processes as well
as metastable species are taken into account. This program also
enables one to describe the evolution ir space and time of a
weathering profile where sulfur species are playing an important
part. We have applied this program to the simulation of the
weathering of pyrite at neutral pH. The results are in good
agreement with the results of laboratory oxidation of pyrite and
field data on weathered pyritic sandstones.
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Redox Equilibria of Iron in Acid Mine Waters
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As the fourth most abundant element in the
earth's crust, no other metal is as important as
iron in geochemistry (1), natural water systems (2),
microbial metabolism (3), the evolution of the
earth's past and the formation of ore deposits
(4,5). The chemical behavior of iron is known to be
a key to the interpetation of processes involving
trace elements, nutrients and oxidation-reduction
reactions in natural waters, soils, sediments and
groundwaters (6-13). An appropriate starting point
for the cycling of iron through the lithosphere is
the weathering of iron minerals, especially pyrite
because it commonly occurs in many rock types and it
provides a major source of sulfate and acidity as
well as iron to natural water systems. Pyrite
weathering also leads to the formation of acid mine
drainage, a major cause of water pollution in many
freshwater rivers and lakes.

Unlike iron transformations in marine systems
or freshwaters of neutral to alkaline pH, acid mine
waters contain very high concentrations of iron,
which are therefore more easily determined. There
are also minimal problems in these waters with non-
equilibrium polymerization and colloid formation.
Attempts at chemical modeling, however, are compli-
cated by the large quantities of agueous complexes
that must be considered and the inadequacy of indi-
vidual ion activity coefficients at moderate ionic
strengths (up to 0.6 molal) when the ion association
method is used. Calculations which are based on ion
association and assume mineral-water equilibrium
have been applied to problems of aqueous geoche-
mistry with encouraging results (14-19). Although
we consider our initial efforts as estimates, our
calculations can be checked against field obser-
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vations. Our results should indicate where the
major weaknesses of this approach remain. We
believe that any chemical model must be continually
tested against many different field situations so
that it can be improved and modified and thereby
enhance our understanding of natural systems. In
this paper we shall focus on three important aspects
of acid mine water equilibria: 1) the measurement
and interpretation of redox reactions, 2) the for-
mation of aqueous complexes and 3) solution-mineral
reactions.

Formation of Acid Mine Waters

Numerous investigations of pyrite oxidation and
the production of acid mine drainage have partially
unravelled the mechanisms of this complex process.
The initial step in pyrite oxidation was demon-
strated by Sato (20) to be the release of ferrous
ions and elemental sulfur:

FeS, = Fe2t + s; + 2e- (1)

Likewise, the initial oxidation step of other metals
sulfides (chalcocite, covellite, galena and sphal-
erite) appeared to produce the aqueous divalent
metal ion and elemental sulfur.

In the next step of the oxidation, sulfur is
oxidized to sulfate and protons are produced

S, + 8H,0 > 250,27+ 16H* + 12e~ (2)
Iron will remain in the reduced ferrous state for
quite some time as long as the solution is acid (pH
< 4). Although the overall oxidant which drives
this reaction is oxygen from the atmosphere, several
investigators have demonstrated that dissolved
ferric iron is the primary oxidant which directly
attacks the pyrite surface (21,22). Since the reac-
tion rate depends upon the availability of Fe3*,
the oxidation half-reaction

Fe2t » Fe3+ 4+ - (3)

has been called the rate-determining step in the
formation of acid mine drainage (23). Reaction 3
proceeds so slowly under acid conditions that acid
mine waters would not commonly occur were it not for
the acidophilic iron-oxidizing bacterium
Thiobacillus ferrooxidans. This bacterium is such
an effective catalyst that the oxidation rate is
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increased by 5 or 6 orders of magnitude over the
abiotic rate (24,2). The bacterium can grow in the
absence of light and it is found deep inside mines
as long as some minimal amount of oxygen is
available. The production of acid mine drainage is
thus a rapid, self-perpetuating process catalyzed by
bacteria which continues as long as air, water and
pyrite are available. The geochemical formulation
of this process is summarized in Figure 1. Pyrite
is attacked by ferric iron, an acid ferrous sulfate
solution is produced, and the ferrous iron is cata-
lytically reoxidized to ferric by T. ferroxidans.
This cycle continues until the pyrite is gone or the
mine water leaves the sulfide surfaces (issues from
the mine) where it will fully oxidize and hydrolyse
to form amorphous ferric hydroxide (yellow-boy),
goethite or jarosite depending upon the acid, iron,
sulfate content of the water and the degree of
ageing. Oxygen enters this reaction scheme by
accepting the electron donated from the iron oxida-
tion of reaction 3 through the metabolic pathways of
the bacterium. The reduction half-reaction is:

%0, + 28Y+ 2e” - H,0 (4)
Since these bacteria are aerobic, this scheme
implies that an important function of oxygen is to
provide oxic conditions for adequate respiration.
These half-reactions (3 and 4) need not be in
equilibrium with each other; only a small amount of
oxygen, enough for respiration, is necessary to
drive this process. In this study, we are chiefly
concerned with the reactions occurring in the
effluent water after it has left the mines and has
entered natural streams.

Field Site, Sampling and Analytical Methods

In Shasta County, California, inactive copper
mines containing several millions of tons of sulfi-
des are being weathered to produce highly acidic
mine waters. The watershed surrounding Iron
Mountain (Figure 2) was chosen for detailed investi-
gations because it was the largest source of acid
drainage in the region (25,26). Approximately 14 km
of stream waters are affected by acid effluent
issuing from the mines at Iron Mountain. These
streams show a large gradient in redox state, pH and
total dissolved solids during downstream transport
due to mixing and dilution as well as rapid oxida-

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.

53



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch003

54 CHEMICAL MODELING IN AQUEOUS SYSTEMS

regenerated by

Thiobacillus ferrooxidans

Y
Fes, +14 Fe' + 8H,0 =15 Fe’*+2so‘;‘+ 16H"

Y

hydrolysis and precipitation of
re(oms, amorphous
FeO(OH), goethite

K re3(so4)2(on)s , jarosite

Figure 1. Mechanism of acid mine water formation
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' Shasta Lake

Area
outlined

in Figure 2

Figure 2. Location of Spring Creck and its two tributaries, Boulder and Slick-
rock Creeks, which contain acid mine drainage and drain the Iron Mountain
watershed

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch003

56 CHEMICAL MODELING IN AQUEOUS SYSTEMS

tion rates. The weathering ore bodies are typical
massive sulfide deposits, and they contain fine-
grained pyrite with variable amounts of chalcopyrite
and sphalerite occurring as pods or lenses within a
rhyolite of Devonian age. Both air and groundwaters
easily infiltrate the ore bodies and stoped out
areas where the acid waters develop. The acid
waters eventually find their way to a portal or adit
and are finally discharged into either Boulder Creek
or Slickrock Creek, the principal tributaries of Spring
Creek (Figure 2). During an 18-month period over
100 water samples were collected at several dif-
ferent locations on these streams in order to
interpret the hydrogeochemical processes controlling
the heavy metal chemistry (26).

Temperature, conductivity, pH, Eh and dissolved
oxygen (D.O.) were measured on site. Water samples
collected for analysis were filtered on site through
0.10 ym membranes in an acid-cleaned plastic
filtering apparatus (27) connected to a portable
peristaltic pump via acid cleaned silicone tubing.
Samples were preserved by acidification to a pH of
about 1 with nitric acid for heavy metal analysis
and with hydrochloric acid for ferrous iron, alumi-
num, alkali metals and alkaline earth metals.
Filtration through 0.10 um membranes remove
iron-oxidizing bacteria and prevents biological oxi-
dation while acidification minimizesinorganic oxida-
tion. Anion analyses were carried out on samples
which were filtered but otherwise were not pre-
served. Eh measurements were made with a com-
bination polished platinum electrode which was
checked at least once in a sampling day with
ZoBell's solution (28). The precision on emf
readings was + 5 mv; the precision on pH readings
was ¥ 0.02, although the accuracy cannot be con-
sidered better than * 0.05. Measurement of pH in
the most concentrated acid mine effluent (pH = 1.0)
were quite slow to come to a steady value but were
always reproducible. Measurements of D.O. were made
by a commercial oxygen electrode which was
calibrated by a Winkler titration on a clean oxygen-
saturated stream water.

Aluminum, silicon and zinc were determined by
d.c.-argon plasma jet emission spectrophotometry.
The remaining cations were analyzed by atomic
absorption spectrophotometry (AAS) except ferrous
iron which was done by a modification of the
Ferrozine method (29,30,31). Total iron was deter-
mined by AAS and Fe3t by difference. Sulfate was
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analyzed by the Thorin method after removal of in-
terfering cations by ion exchange. Fluoride and
chloride were extremely difficult to analyze because
of the high concentration of interfering ions, and
they were present at very low concentrations (about
0.1 mg/L or less). For chemical equilibrium com-
putations they were assumed to be 0.1 mg/L for all
samples.

Water samples collected from the Iron Mountain
watershed provided a large variation in pH (1 to 7),
Eh (350 to 900 mv), total dissolved iron (10 to
12,000 mg/L), temperature (4° to 31°C) and the ionic
strength varied up to 0.6 molal.

Calculations of Activities and Saturation Indices

The water analyses were coded and then pro-
cessed with the computer program WATEQ2., This
program was modified in several ways to handle acid
mine waters: (a) the Eh could be calculated from
the Fe2*/Fe3* activity ratio or vice versa, (b)
several sulfate minerals were added, (c) metal
sulfate and hydroxide complex constants were care-
fully evaluated and included, and @) Mn, Cu, Zn and
Cd species were added since they are major constit-
uents for several of the water samples. These
modifications and the evaluated thermodynamic data
are described by Ball, Jenne and Nordstrom in this
symposium (32).

Redox Status of Acid Mine Waters: Equilibrium or

Disequilibrium?

What we mean in this report by equilibrium and
disequilibrium requires a brief discussion of defi-
nitions. Natural physicochemical systems contain
gases, liquids and solids with interfaces forming
the boundary between phases and with some solubility
of the components from one phase in another de-
pending on the chemical potential of each com-
ponent. When equilibrium is reached by a heteroge-
neous system, the rate of transfer of any component
between phases is equal in both directions across
every interface. This definition demands that all
solution reactions in the liquid phase be simulta-
neously in equilibrium with both gas and solid phases
which make contact with that liquid. Homo-
geneous solution phase reactions, however, are
commonly much faster than gas phase or solid phase
reactions and faster than gas-liquid, gas-solid and
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liquid-solid transfer reactions. Therefore it seems
appropriate to assume that natural waters would be
in equilibrium with respect to dissolved species in
the aqueous phase but might be in varying stages of
disequilibrium with respect to gaseous and solid
phases. Such a system is in partial or local
equilibrium (33). 1In fact, there may be multiple
and diverse local equilibrium states in such a
heterogeneous environment. Equilibrium ther-
modynamics defines the extent to which a natural
water has reached chemical equilibrium even though
it may be undergoing dynamic changes in fluid flow,
heat flow, biologic activity or mass transfer. This
assumption of local equilibrium is a fundamental
postulate of irreversible thermodynamics which
justifies the calculations of equilibrium properties
for a restricted spatial or temporal element in an
irreversible process (33,34,35). With these concepts
in mind, we can appreciate that a natural water may
have one fixed, representative Eh but it may not be
in equilibrium with dissolved gases or the solid
surface of a platinum electrode. We now consider Eh
measurements and chemical equilibrium in natural
water systems.

The Eh of natural waters has been calculated
theoretically (2,36), measured with inert metal
electrodes, calculated from analyses of individual
redox species (37) and measured by equilibration
with known redox couples (38,39). Eh measurements
have been used qualitatively as an operational param-
eter and quantitatively as an indication of a domi-
nant redox couple. The qualitative use of Eh,
advocated by ZoBell (40), has resulted in a great
many measurements (4l). As a gquantitative tool, the
use of Eh has not enjoyed widespread success.
Several criteria must be met before the Eh can be
related to a specific redox couple or mechanism: 1)
the net exchange current at the electrode-solution
interface, i.e., the difference in the rates of
electron transfer to and from the platinum surface,
must be negligible (an equilibrium criterion
required for the application of the Nernst equa-
tion), 2) the individual exchange current, ig
should be greater than about 10~7 ampere/Cm2 @3y, 3)
all aqueous electroactive redox species should be in
homogeneous equilibrium, 4) the electrode surface
must be free of electroactive surface coatings and
adsorbed impurities and 5) activities of the redox
species must be either measured or calculated by
considering the effects of complexing and ionic
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strength on activity coefficients, since the activi-
ties, rather than the concentrations of the par-
ticipating species are the quantities that determine
the potential due to the redox couple. These cri-
teria are difficult to meet and have led to the
skeptical outlook that most Eh measurements are not
amenable to quantitative interpretation (2,42,43).
Contamination of platinum electrode surfaces by oxy-
gen in aerated waters (43,44), by sulfur in anaero-
bic waters (44) and by iron in surface sediments
(45) may cause errors in the measured values.
Furthermore, many Eh measurements are thought to be
mixed potentials (43). For these reasons, most Eh
measurements have been used only in a qualitative
sense,

In contrast to this general pessimism, several
investigators have found good agreement between
measured Eh and a dominant redox couple. Sato (20)
found a relation between the measured Eh and pH of
subsurface waters and the peroxide-oxygen redox
couple. Berner (46) demonstrated a Nernstian rela-
tionship between measured Eh and the S2~/S° couple
in anoxic marine sediments. This equilibrium has
also been substantiated by Kryukov, et al. (47),
Skopintsev, et al. (48) and Whitfield (49).
Thorstenson (37) found good agreement between the
redox couples of sulfur and nitrogen species for
five different reducing environments, implying that
mixed potentials may not be a major problem. In
laboratory experiments, Natarajan and Iwasaki (50)
found Nernstian behavior of platium electrodes in
the presence of varying dissolved oxygen and
ferrous-ferric ratios. Bricker (51) achieved revers-
ible equilibrium behavior with a platinum electrode
in solubility studies of manganese oxides and
hydroxides. Eh measurements of sulfur-rich waters
can deviate from calculated sulfide redox values due
to the presence of colloidal sulfur, but Boulegue
(52) has shown that these interferences can be iden-
tified by acid-base titrations of the sample. Thus,
amid the skepticism, there is already evidence from
several different environments indicating that Eh
measurements can be amenable to quantitative, ther-
modynamic interpretations.

Acid mine waters should be particularly well-
suited to reliable Eh measurements because the high
concentrations of electroactive iron species would
clearly satisfy criteria 1) and 2) above (42,43).

In addition, the acid conditions inhibits surface
coatings of iron oxides on the electrode. The measured Eh
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values in this study were compared with calculated
values based on ferrous-ferric analyses of 60
samples all of which had cation-anion balances
better than 30 percent. _Calculated values were
derived from the Fe2%/Fe3* activity ratios after
species distribution and temperature corrections to
the standard ferrous-ferric couple had been computed
with WATEQ2. The Nernst equation used for the calcu-
lation is
2+
Eh = E° 2+ 3+y - RT [Fe<™]
(T, Fe<"/Fe>T) T 1n [Fe3¥]
where the square brackets indicate activities, R is
the ideal gas constant, T is the Kelvin temperature,
F is the Faraday constant and E° is the temperature-
dependent standard electrode potential for the
ferrous-ferric couple. The results are shown in
Figure 3, where the solid line represents perfect
agreement. Seventy-seven percent of the values fall
within * 30 mv, which would be an anticipated
uncertainty for most Eh measurements. No value is
greater than 80 mv from the other and over half of
the values agree to within * 10 mv, which is twice
the precision of the emf readings. This excellent
agreement suggests a simultaneous validation of the
equilibrium condition of acid mine waters, of the
chemical model and its ability to represent that
equilibrium, and of the accuracy of the Eh measure-
ment.

Several features of this study should be
pointed out. First, the reliability of the Eh
measurement depends greatly on the technique. We
used a closed line to pump water from the stream to
a flow-through cell where a continuous supply of
fresh sample water made contact with the electrode.
No streaming potential effects were noticed because
there was little or no change in potential when the
pumping was stopped. The lack of streaming poten-
tial was probably due to the slow flow velocities
and the high iron concentrations. The method of
using a closed flow-through cell supplying a large
volume of water to the surface of the Eh and pH
electrodes has been found to be quite successful for
a wide range of natural waters (53). We also would
commonly remove the platinum electrode and gently
buff the polished surface with a soft cloth and
repeat the measurement if we noticed any drift.
Second, we felt it was valuable to see the amount
of change in the calculated Eh when activity
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coefficients and complexes were not considered, that
is, when measured total concentrations of ferrous
and ferric iron, rather than their respective calcu-
lated activities, were used to compute the Eh. We
chose two measured Eh values, one which agreed to
within 1 mv of the calculated value and another
which differed from the calculated value by 79 mv.
Without activity and complexing corrections, the
discrepancies increased to 30 and 180 mv, respec-
tively, a large error in each case.

It appears that the largest source of error in
these comparisons is the analytical data. The next
largest source of error seems to be the adequacy of
activity coefficients and stability constants used
in the model and last is the reliability of the
field Eh measurement. Close inspection of Figure 3
shows a slight bias of calculated Eh values towards
more oxidizing potentials. Fe(III) complexes are
quite strong and it is likely that some important
complexes, possibly FeHSO£+ (54,55), should be
included in the chemical model, but the ther-
modynamic data are not reliable enough to justify
its use.

Finally, we return to a clarification of what
parts of the system are in equilibrium. The com-
parison of calculated with measured Eh values gives
strong evidence for homogeneous solution equilibrium
and for equilibrium conditions at the surface of a
platinum electrode in these waters. To determine
whether the D.O. content of the water related to
these equilibria and whether the oxidation of iron
consumed oxygen from the stream water, we made
measurements at the mouth of Boulder Creek and
downstream in Spring Creek where most of the iron
has been oxidized. We compared our D.0O. measure-
ments with the saturation oxygen solubility for the
appropriate temperature and barometric pressure and
found each part of the stream very close to satura-
tion. The streams should contain saturated amounts
of D.O. since they are commonly turbulent and well-
mixed. The results in Table I, however, show that
the Eh calculated using the 02/H O couple is
considerably higher than the meaSured value. The
redox state of the water is thus determined by the
ferrous-ferric ratio; oxygen dissolved in the water,
while in equilibrium with the atmosphere, is not in
equilibrium with the ferrous-ferric couple. This
situation also reflects the fact that the exchange
current for the 02/H20 couple is far less than for
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Figure 3. Comparison of measured and calculated Eh values. Errors of +=30
mV are given for the uncertainty in the Eh measurements.

.
Fe

Fe (ou):

Fe xb"):’

Figure 4. Distribution of dissolved iron redox species for varying concentra-

tions of reduced and oxidized iron. (a) Hornet effluent; (b) Boulder Creek; (c)

Spring Creek; (d) Spring Creek reservoir. Analyses for these four samples are
shown in Table II.
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the Fe2t/Fe3t couple (43) and does not affect
the measured potential.

Solution Complexes of Iron in Acid Mine Waters

The wide range of Eh, pH and dissolved solids
for the acid mine waters in the Iron Mountain
watershed provides an opportunity to survey the
dominant complexes which are calculated from an ion
association model. Rather than choosing some
"average" composition for acid mine water, we have
used naturally-occurring waters which represent the
range of conditions found in the study site. The
analyses shown in Table II are a series of water
samples containing the most ferrous-rich to the most
ferric-rich in iron content. These analyses show
progressive downstream dilution and oxidation
beginning with the source water coming from the
Hornet tunnel which discharges into Boulder Creek
(see Figure 2). The two Spring Creek samples were
taken at 1) a point just below Boulder Creek
confluence and 2) a point 4 km below the Boulder
Creek confluence at the mouth to the Spring Creek
Reservoir. The list of iron complexes which were
used in the aqueous modeling computations are shown
in Table III. Of these complexes, the major ones
are expected to be hydroxide and sulfate. The
distribution of species is shown in Figure 4 as per-
centages of the total dissolved iron. Only species
which contributed 0.2 percent or more of the total
dissolved iron were included. From Figure 4,it is
clear that only the FeSOY contributes to the
complexing of ferrous irdn but that this complex
alone can constitute up to nearly 50 percent of the
total ferrous iron. Ferric iron is much more highly
complexed than ferrous and under most conditions the
free ferric iron is never more than about 8 percent
of the total iron. FeSOZ is always the domlnant
ferric comglex, followed by Fe(SO4)‘ > Fe(OH)
> Fez(OH) > Fe(OH)t in order of decreas1ng
abundance. An objecglon might be raised that organic
complexing plays an important role in the species
distribution of these waters. This possibility is
certainly very real, and there is some evidence that
the dissolved organic carbon in these waters is very
high, but the good agreement on the Eh calculations
and the low pH values of these waters suggest that
any organics present are probably fully protonated
and have only a minor effect on complexing.

Any chemical modeling of acid mine waters

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



65

Redox Equilibria of Iron

NORDSTROM ET AL.

3.

mAmovwm
9 (10)¢ (Yog) €oay
o%ue-€(Yos)%aa

[4

0%Hoz - ¢ (10)° (Yos) +Loa o4

o%uz -Yosa4a

snoydaowe
‘op1x0apiy OTaasd

83Tsoiaep
93TquInbo)
a31detdo)d
93TI93URTSN

:SPITOS (q

€aoa ‘Gaea ‘ygaea ‘S100a ‘$T10%d ‘471094

2(Yos)oa ‘Yosea L(mo)Eea %y (HO)%oa ‘Y(mo)ea ‘S(HO)ea ‘§(HO)BA ‘4zHOR4

Yosea *E(Ho)oa ‘$(HO)2a ‘,HO®4

:saxatdwo) (e

uotT3ie3ndwoo 103 pPaiIdPISU0d uoir jJo saseyd prTos pue saxd7dwod snoanby

III ST9®eL

€00U2"E600-6.6T-10/TZ0T"0T :10p | 66T ‘6T Yo A 9%eq LoD |oNnd

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch003

66 CHEMICAL MODELING IN AQUEOUS SYSTEMS

relies heavily on accurate thermodynamic data for
iron sulfate complexes. Unrfortunately, data for ion
triplets such as Fe(S04); are not accurately known
and possible complexes such as FeHSOZ' and
Fe(HSO4)5 have not been properly identified.

Better data are needed for these species in order
tode?hance the capability of generalized chemical
models.

Water-Mineral Equilibrium Relationships

A suite of both oxidized and reduced iron
minerals has been found as efflorescences and preci-
pitates in or near the acid mine water of Iron
Mountain. The dominant minerals tend to be melan-
terite (or one of its dehydration products),
copiapite, jarosite and iron hydroxide. These
minerals and their chemical formulae are listed in
Table III from the most ferrous-rich at the top to
the most ferric-rich at the bottom. These minerals
were collected in air-tight containers and identified
by X-ray diffractometry. It was also possible to
check the mineral saturation indices (logl (AP/K),
where AP = activity product and K = solublgity product
constant)of the mine waters with the field occurrences
of the same minerals. By continual checking of the
saturation index (S.I.) with actual mineralogic
occurrences, inaccuracies in chemical models such as
WATEQ2 can be discovered, evaluated and corrected
(19), provided that these occurrences can be assumed
to be an approach towards equilibrium.

We have chosen an equilibrium zone around the
S.I. equal to the estimated uncertainty of the solu-
bility product constant. Outside of these limits,
the solution is either supersaturated (positive
direction) or undersaturated (negative direction).
The S.I. values were then plotted vs. the log con-
ductivity to show approaches to mineral saturation
as an approximate function of the total dissolved
solids. Conductivity was chosen as a convenient
parameter because 1) it points out dilution trends
or undersaturation and corresponds to a spatial
trend for downstream sites, 2) it changes more con-
sistently than other parameters, and 3) it covers a
larger range of values than Eh, pH or an individual
ion. Activity diagrams (53) could have been used
but then certain assumptions have to be made about
the mineral stability boundaries such as constant
activity of water or of pH or of sulfate.

Melanterite. The most concentrated acid mine
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waters, such as those flowing from the Hornet tun-
nel, commonly precipitate melanterite, a pure
ferrous sulfate, along their edges. Water which had
infiltrated a massive ore body would also preciti-
pate melanterite along the surface of an open cut
exposed to dry outside air. But melanterite was
found only on sulfide surfaces which were regularly
washed by rainfall or running water. In sheltered
areas, such as the entrance to the Richmond mine,
the dominant mineral occurring on open cuts is
copiapite or a mixture of copiapite and coquimbite.

In Figure 5 we have plotted S.I. values for
melanterite indicating a trend towards saturation
for the Hornet effluent (labeled B). All of the
other waters (collected at downstream sites) have
been diluted and oxidized and therefore appear
undersaturated. The results of these calculations
compare quite favorably with field observations.
Unfortunately, there is a large uncertainty asso-
ciated with the thermodynamic solubility constant
for melanterite. Although its solubility is well-
known, the thermodynamic equilibrium constant is
difficult to obtain because the compound is highly
soluble and therefore becomes saturated only at high
ionic strenths.

More importantly, it should be noted that
melanterite commonly forms on rock surfaces, espe-
cially along fractures where water can be pulled up
from a water-saturated zone to the surface by
capillary forces. Thus, melanterite saturation is
occurring in a microenvironment in many instances
which makes sampling and interpretation difficult.

Copiapite. Theoretically, melanterite can oxi-
dize to form copiapite by the reaction:

5FesSO,*7H,0 + O, + H,SO -

4 2 2 2774

2+, 3+
Fe” Fey" (80,),(OH),*20H,0 + 15H,0,

2
As mentioned earlier, large amounts of copiapite
have been found accumulating on ore surfaces in
areas protected for direct rainfall. The mechanism
of its formation is not at all clear but from field
observations it appears that acid mine water is
being drawn by capillary forces to an exposed sur-
face where it quickly evaporates to melanterite
and/or copiapite. Coquimbite is intimately asso-
ciated with copiapite and these two minerals appear
to be very stable as long as they are protected from
rainfall or running water. No thermodynamic data
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Figure 5. Saturation indices for melanterite plotted as a function of the log con-
ductivity showing an approach to saturation for the most concentrated ferrous-
rich waters of the Hornet effluent (B)
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are available on either copiapite or coquimbite so
that S.I. values cannot be calculated. Copiapite
contains both ferrous and ferric iron but a form
called ferricopiapite containing only iron in the
oxidized ferric state may also occur. There is
little information on the relative abundance of
these minerals nor whether copiapite is a necessary
precursor to the formation of ferricopiapite and
coquimbite. A further complication to the interpre-
tation of mineral reactions is the solid substitu-
tion properties of copiapite. It not only can have
a change in the ferrous/ferric ratio but the diva-
lent and trivalent sites can accept a large number
of divalent and trivalent ions such as Mg +,

cu?*, zn2+*, cd?* and A13+,

Jarosite. The waters which are associated with
such soluble salts as melanterite and copiapite com-
monly have pH values of 0.8 to 1.5. As the pH rises
to the range of 1.5 to 2.5, jarosite will commonly
precipitate if the dissolved iron content is high
enough. A fine-grained yellow precipitate forms in
Boulder Creek every summer and fall, which when
washed and filtered, gives a good X-ray pattern for
potassium jarosite. This mineral is precipitating
directly from the water and it appears to have good
crystallinity. Both copiapite and jarosite are a
bright yellow color and may easily be confused with
sulfur.

In Figure 6,the S.I. values for potassium jaro-
site are given for all the samples. The values show
supersaturation for nearly every sample and prompts
us to ask several questions: (a) are these waters
truly supersaturated and is this a kinetic require-
ment for precipitation? (b) are organic complexes
important for these waters? (c) are the ther-
modynamic data reliable? Some of these questions
can be answered. First, the amount of super-
saturation is more than the * 1.1 log K unit
uncertainty in the thermodynamic data. Second,
the model does not appear to be inadequate for the
Eh comparison and other calculations, and if organic
complexing were introducing a significant error it
would have shown up in the cation-anion balance or
other calculations. Downstream in Spring Creek
where no jarosite has been found the S.I. is often
more supersaturated than in Boulder Creek. This
supersaturation suggests that jarosite solubility
does not control the water chemistry of any of the
streams. The remaining possibility is that Jjarosite
is precipitating only in microenvironments where the
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water chemistry is different than in the bulk solu-
tion. The evidence for this is that jarosite precip-
itation is always found on stream bed surfaces
where bacteria have been growing, and is also found
inside of acid slime streamers produced by these
bacteria. Beyond this, there may be important par-
ticle size effects (12). There could still be local
equilibrium conditions existing here, but they are
probably below the resolution of the sampling tech-
niques. Clearly, more work is needed before the
jarosite geochemistry can be adequately interpreted.

Amorphous ferric hydroxide. Most of Spring
Creek below the Boulder Creek confluence is iron
stained and actively precipitates iron hydroxide.
The pH values are commonly in the range of 2.5 to
3.5 depending on the season. The iron precipitates
are amorphous to X-rays and appear to be amorphous
ferric hydroxide from their color and texture. S.I.
values calculated for amorphous ferric hydroxide
show a trend towards saturation with downstream
dilution and oxidation (Figure 7). We have used the
upper solubility limit of pK = 37.1, where pK is the
apparent stability constant for ferric oxyhydroxides
(12) and most of the downstream sites (labeled N)
fall neatly into the region of pK = 37 to 39 as
would be expected for a freshly precipitated
material. Very little supersaturation appears in
our computations. Again, the S.I. calculations
match very well with the field observations and with
previous studies of ferric hydroxide equilibrium in
natural waters (12,15,17). A noticeable hiatus
occurs at about log K = 41. Below this value the
samples plotted in Figure 7 are very high in ferrous
iron, low in pH and show no sign of ferric hydroxide
precipitation.

Conclusions

We have utilized a chemical model in this
investigation to interpret the equilibrium behavior
of iron in acid mine waters. A successful correla-
tion between calculated and measured Eh values has
been found, using WATEQ2, the computerized ion
association model. This correlation supports
the basic assumption of homogeneous solution
equilibrium in these waters and simultaneously
corroborates both the validity of the agueous model
and the quantitative interpretation of Eh measure-
ments in these waters. This interpretation makes it
possible to calculate the distribution of iron
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species based on Eh measurements when ferrous-ferric
analyses are not available. Although the stream
waters show equilibrium saturation with dissolved
oxygen, there is no equilibrium between the
dissolved oxygen and ferrous-ferric redox couple.

Mineral saturation indices for melanterite and
amorphous iron hydroxide agree quite well with field
occurrences of the same minerals. Jarosite, how-
ever, appears to be supersaturated for nearly all
of the samples regardless of the presence or absence
of the mineral in these streams. Field observations
indicate that jarosite precipitation occurs in the
microenvironment of bacterial colonies where the
chemical conditions may be quite different from the
bulk solution. These considerations lead us to
suggest that there is a kinetic barrier which hin-
ders jarosite precipitation but does not hinder
ferric hydroxide precipitation and that this barrier
is overcome by the surfaces of bacterial colonies
(both iron-oxidizers and unidentified non-
oxidizers).

The chemical equilibria approach used in this
study have enabled us to identify which parts of an
acid mine drainage system are in equilibrium and
which parts are not. Our results have provided
greater insight into the chemical processes of acid
mine waters in particular and the redox relations of
iron in general.
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Abstract
A detailed hydrogeochemical investigation of 14

km of stream waters contaminated by acid mine drainage
in Shasta County, California provides insight into the
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equilibrium transformations of iron during the oxi-
dative weathering of pyritic ore. Over 60 water
analyses covering a range of pH, redox state, total
iron concentration, temperature and ionic strength
were processed with the computerized chemical model
WATEQ2 so that activities of free ions and complexes
and satutation indices could be determined. The
results demonstrate (a) measured Eh values agree
quite well with Eh values calculated from the
ferrous/ferric activity ratio, (b) the dominant
complexes in acid mine waters are FeSOj, Fesot,
Fe(50,)5, Fe(OH)2¥, Fe,(0H)4* and Fe (Of)* anad

(c) aci% mine waters 16w in“pH (1 to 2) &nd high in
reduced iron approach saturation with respect to
melanterite whereas progressive downstream oxidation
and dilution (pH = 2 to 3.5) of these waters forces
these waters to become saturated with respect to
amorphous iron hydroxide. For these two minerals, the
field observations match the saturation calculations
very well. However, all of the waters show super-
saturation with respect to jarosite regardless of the
presence or absence of jarosite in the stream waters.
These results suggest a strong kinetic hindrance to
the precipitation of jarosite.
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Influence of Redox Environments on the Mobility of

Arsenic in Ground Water
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The concept of a sequence of redox reactions in ground water
flow systems has been developed (1). This concept is based on a
modified version of the theory presented by Stumm and Morgan (2,
p. 326-339), and uses the flow system as the hydrogeological frame-
work onwhich a thermodynamically based sequence of redox reactionsis
superimposed. In a confined aquifer containing excess dissolved
organic carbon (DOC) and some solid-phase Fe(III) and Mn(IV)
minerals, redox reactions can occur between the DOC and the
oxidized species present in the ground water. As the water flows
from recharge to discharge within this confined aquifer, the
oxidized species will be reduced in the following sequence:
dissolved oxygen, nitrate, (solid) manganese oxides, (solid)
ferric hydroxides, sulfate, dissolved carbon dioxide and finally
dissolved nitrogen (1).

As a consequence of this concept of redox sequences, it can
be concluded (l) that three sequential zones or environments may
exist in confined aquifer systems: an oxidizing zone (in the
recharge area), a '"neutral" zone (in the transition area), and a
reducing zone (in the discharge area), Figure 1. The mobility
and concentration of multivalent transition metals and nonmetals
varies in each of these zones, a principle that can be usefully
applied to the abatement and prevention of ground water pollution.
As an example, Fe is immobilized as the Fe(III) hydrous oxide in
the oxidizing zone; further downstream in a less oxidizing
environment, the '"neutral" zone, Fe(II) is stable and as it is
also more soluble than the Fe(III) hydrous oxide, the latter
becomes reduced and mobilized as Fe(II). In the reducing zone,
sulfate reducing bacteria may exist and Fe may again be immobilized
as the insoluble sulfide.

Hydrous oxide surfaces of sand immobilize As by adsorption
processes (3). The results of our studies show that the extent
of adsorption varies with the oxidation state of the As, the
redox enviromment and/or the pH of the eluting water. The
influence of these parameters on the mobility of As was studied
by eluting As through sand columns: waters of different redox

0-8412-0479-9/79/47-093-081$05.00/0
© 1979 American Chemical Society

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch004

82 CHEMICAL MODELING IN AQUEOUS SYSTEMS

0g,NO3 Férmnt s
Concentration
'
~+300mV r~+100mvV Ey
DISTANCE FROM RECHARGE AREA

Journal of Earth Sciences

Figure 1. Sequential redox zones within a confined aquifer: oxidizing (O,, NOy);
“neutral” (Fe*, Mn*); reducing (8%)
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characteristics wereused for elution, and the elution behaviour
of As(V) was compared to that of As(III).

Studies in buffered solutions showed that an Fe-As complex
was formed, the solubility of which was also dependent on the
oxidation state of the As and the solution pH.

Experimental

Elution Studies. The elution profiles of As(V) and As(III)
through sand columns were obtained using radioactive arsenic.
7®As was prepared by irradiating reagent grade solid As;03 and
As,05 in the Chalk River NRU reactor. The irradiated solids were
dissolved and loaded immediately. ’"“As was obtained from
Amersham/Searle Corp. as a solution of arsenic acid in 0.04 M HCI;
a portion of this solution was converted to As(III) by heating in
the presence of HSOQ.(Q) (estimated conversion was 70%).

The elution studies were conducted in plexiglas columns
(2.5 cm I.D. and 28 cm long) packed with sand (60-230 mesh). The
Fe and Mn content of the sand was 0.6% and 0.01% (w/w) respect-
ively, determined by atomic absorption spectrometry following an
HCl extraction. The columns were hand packed with the sand,
using techniques to minimize density and size segregation of the
sands (5) and thereby minimizing flow inhomogeneities (6), and
then pre-equilibrated by flushing with the eluate for 3 days prior
to loading. An aliquot of radioactive arsenic ("%As or 7%As) was
loaded onto the base of the column and eluted with upward flow.
Eluant fractions were collected in an automated fraction
collector and analyzed for As by Y-ray spectrometry. The As(V)
and As(III) elution profiles were obtained from separate columns,
eluted in parallel. The results have been corrected for the
decay rate (’°As, ty = 26.4 h, "“As, ty = 17.7 days).

The columns were eluted at 0.5 mL min~! both in laboratory
and field studies. Elution studies in the laboratory were
conducted at room temperature 298 K, using air-saturated
distilled water, pH 5.7. Elutions in the field were carried cut
at ambient temperatures ranging from 278 K to 298 K, using ground
water at a temperature of 279 K. Ground water was pumped
continuously from piczometers by a Masterflex peristaltic pump at
50 mL min~! into a 500 mL plexiglas sampling cell where Ey and pH
values were measured; water was then pumped from this cell into
the columns. The measured potential of a platinum electrode, Ey,
was determined relative to a saturated calomel reference electrode,
but values are quoted relative to a normal hydrogen electrode.

Ground Water Geochemistry. Ground water from the lower
aquifer in the lower Perch Lake Basin at the Chalk River Nuclear
Laboratories, Figure 2, was used for field elution studies to
provide water of different redox characteristics. Water from
piezometer "O" in the transition area, and from KNEW in the
discharge area was used as being representative of 'meutral" and
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reducing environments respectively. Piezometer HA in the recharge
area represents an oxidizing environment but inaccessibility to
electricity precluded its use in the present situation. Thus air-
saturated distilled water was used in the laboratory elution
studies to simulate an oxidizing environment (it is readily
admitted that the absence of DOC and major and minor elements

from the distilled water may alter the elution profile). The geo-
chemical parameters characterizing the ground water at these
locations are presented in Table I. It should be noted that at
piezometer "0", while the dissolved Fe concentration is low and

is entirely due to Fe(II) (polarographic determination), the
ground water here also contains large amounts of suspended
hydrated ferric oxide.

Solution Studies. Reactions between Fe and As in solution
were also studied. An amount of FeCl; solution was added to a
buffered solution containing As so that the total arsenic and
iron concentrations were equal at 5 x 107 M. The solutions were
stirred for 16-24 hours, allowed to settle and aliquots of the
supernatant analyzed polarographically for Fe and As, using a
Princeton Applied Research Model 174 Polarograph in the sampled
DC mode (2 mV s~! scan rate, AE = 50 mV, 1 second drop time).

A 0.2 M sodium oxalate (pH 4) solution was used to determine Fe(II)
and Fe(III) (7), while As(V) was determined in a 2 M perchloric
acid - 0.5 M pyrogallol solution (8) and As(III) in a 2 M sodium
hydroxide - 0.2 M sodium tartrate solution (7).

For heterogeneous studies, As(III) was adsorbed onto silica
gel impregnated with ferric hydroxide, according to the batch
method of Yoshida et al. (9). The initial supernatant solution,
and the supernatant solution resulting from an acid rinse (1 M HCI)
of the silica gel were analyzed polarographically for As and Fe.

Results and Discussion

Column Elutions. The elution behaviour of As(III) is
significantly different from that of As(V), in terms of both its
time of initial appearance and the quantity of As eluted. These
parameters vary for each species with the redox characteristics
of the water used, Figure 3. In an oxidizing environment, As(III)
is detected in the column eluate 5-6 times sooner than As(V), and
the amount of As(III) eluted (v60% of loading) is "8 times larger
than that of As(V). In the '"neutral" environment, the relative
amounts of both species eluted are unchanged; however, the As(V)
moves through the column much more rapidly than before but still
is retarded with respect to the As(III). In the reducing zone,
the mobility of As(V) is accelerated: both species now appear in
the column effluent after less than one column volume is displaced.
Both species are also eluted almost quantitatively (Vv100% for
As(III), "80% for As(V)).
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TABLE I

Ground Water Geochemical Data?

HA "o" KNEW
pH 5.4 6.9 8.3
Ey 580 140 75
DO 2.4 <0.2 <0.2
NO3~ 3.5 0.4 0.5
502~ 14.0 17.3 5.7
Saorb n.d.© 0.02 0.06
Feror n.d. 6.2 0.2
Moo 0.03 0.05 0.06
caz+ 5.2 4.3 7.1
Mg2t 2.0 6.9 5.5
Kt 1.8 3.2 1.4
Nat 91.3 11.9 3.5
c1” 170 22.5 <1.0
picd 10.4 11.2 17.4
Dpoce 2.0 0.8 1.8

@A11 data in mg/L, except Ey (mV)

bThe subscript TOT indicates sum total of species

“n.d. = not detectable
dDIC = dissolved inorganic carbon
®poc = dissolved organic carbon

Journal of Earth Sciences
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Figure 3. Elution profiles of 180 pg of "As(V) and "®As(III) on fine sands as a
function of the redox characteristics of the water used for elution
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The adsorption and retention characteristics of arsenic are
also influenced by the amount of As loaded on the column and by
the nature of the column materials. Much stronger retention of
both arsenic species is observed, Figure 4, when the amount
loaded is decreased from 180 pg to 0.0l pg, but the influence of
the initial oxidation state of the arsenic and of the redox
environment on mobility are still evident. The change in
mobility of both arsenic species as a result of the decrease in
the amount loaded reflects the limited adsorption capacity of
these sands. The influence of the column material on mobility
is illustrated in Figure 5: increased adsorption of both As(III)
and As(V) species is observed when medium-grained sands (5-35
mesh size and with Fe and Mn content 0.8% and 0.013% (w/w)
respectively) are used as compared to the fine-grained sands
(both sands were loaded with 180 ug As).

pH Effects on Adsorption. Yoshida et al. (9) have studied
the equilibrium adsorption of As(V) and As(III) ions on silica
gel impregnated with ferric hydroxide as a function of solution
pH. These workers observed that both arsenic ions had not only
the same adsorption-pH profile but also the same value of the
adsorption coefficient (at a given pH); on this basis, it would be
expected that the elution profiles for As(III) and As(V) from sand
columns would be very similar. A later, more recent publication
by the same authors (10) dealt with the selective separation of
As(III) and As(V) ions using the ferric complex of the chelating
ion-exchange resin, Uniselec UR-10 (whose functional group is a
quadridentate O-hydroxybenzyl-nitrilodiacetic acid). In this
latter study, the maximum adsorption for As(V) was observed at
pH 5.5, while for As(III) it was at pH 9.2; the reasons for the
differences in the pH-adsorption profiles were not discussed.

Frost and Griffin (11) studied the effect of pH on the
adsorption of As by kaolinite and montmorillonite and observed
that the maximum adsorption of As(V) on both clays occurred at
pH 5, while the adsorption of As(III) increased with increasing
pH. At pH 5, both clays removed more As(V) than As(III), while
at pH 8 more As(III) was removed than As(V) (the authors presented
the adsorption isotherm at pH 5; the isotherm at pH 8 can be
constructed from the data presented).

Gupta and Chen (12), observed that As(V) was effectively
adsorbed in the pH range 4 to 7 by activated alumina and bauxite,
but that adsorption decreased sharply above pH 7; activated carbon
had maximum adsorption for As(V) in the pH range 3 to 5, with
sharply decreased adsorption at both lower and higher pH values.
Only slight variations in As(III) adsorption were observed over
the pH range 4 to 9 on activated alumina and bauxite, but
adsorption decreased markedly above pH 9.

Other Controls on Mobility. The mechanism of adsorption of
As onto hydrated ferric oxide surfaces has not yet been elucidated.
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However, the nature of the adsorbent affects the adsorption-pH
profiles (9,10,11,12). Although the difference in the Fe content
of the sand fractions used in this study is small, the large
change in the mobility of both As(III) and As(V) between the fine
and medium fractions may be due to the difference in the nature
of the sand i.e. due to a higher amount of discrete iron oxides
in the coarse fraction (13).

Arsenic mobility is also affected by the amount of As loaded
onto the columns, as is evident from this study, Figure 4, and
from the equilibrium adsorption studies of Gupta and Chen (12).
These workers observed that the percentage of As(III) removed was
greatly affected by the initial As(III) concentration, while for
As(V) the removal was only slightly affected.

pH versus Redox Control on As Mobility. The strong retention
of As(V) observed in the oxidizing environment, Figure 3, is
attributed to its adsorption by the hydrated ferric oxide in the
sand (3). The increase in mobility of As(V) as more reducing
ground waters are used may be due to the increase in pH of the
water, or to the reduction on the column of not only Fe(III) to
Fe(II) but also As(V) to As(III). The concentration of sulfide
in the discharge zone apparently is not high enough to immobilize
the arsenic as a sulfide precipitate.

The weak retention by the sand of As(III), particularly in
the oxidizing enviromment, indicates that the interaction between
As(III) and Fe(III), the hydrated ferric oxide, is much weaker
than that between As(V) and Fe(III). On the basis of other
studies (10,11,12) increased adsorption of As(III) would be
expected as the pH of the eluting water is increased (as more
reducing ground waters are used). However, decreased adsorption
of As(III) is observed, and this is attributed to the reduction
of Fe(III) to Fe(II) on the column.

On the basis of this study, it is not possible to decide
whether pH or the redox environment control the mobility; each has
an important role. Nonetheless, a marked difference is observed
in the mobility between As(V) and As(III), and the relative
concentration of each species is governed primarily by the redox
environment.

Solution Studies

Redox Studies. A possible explanation for the similar values
of the adsorption coefficient and the remarkable similarity in the
adsorption-pH profiles for As(V) and As(III) initially reported by
Yoshida et al. (9), is a redox reaction between As(III) and excess
Fe(III) to produce As(V) and Fe(II):

3Fe (OH) 5" + HASO, + Ht ——>= 2Fe?t + FeAsO, + 4H,0
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This reaction is thermodynamically favoured (AG°rxn = -39.2

kcal mol~!). Redox reactions of this kind, occurring at the
surface of hydrous iron oxide and affecting the concentration of
certain metal ions, have recently been discussed by Hem (14),
although he has not considered this particular reaction.

A redox reaction between Fe(III) and As(III) has not been
observed, despite its thermodynamic favourability. In a
heterogeneous study, As(III) was reacted with a slurry of silica
gel impregnated with ferric hydroxide. Polarographic analysis
showed that while As(III) was removed from solution, Fe(III) was
released into solution; however, As(V) and Fe(II) were not
produced. A redox reaction was also not observed when solutions
of Fe(III) (or freshly precipitated Fe(OH)3;) were mixed with a
solution of As(III) at pH 4 or pH 9. However at pH 4 interactions
between Fe(III) and As(III) were observed that were significantly
different from those between Fe(III) and As(V).

Fe-As Complexes. When a solution of FeCl; was added to an
acetate buffer solution (pH 4.3, [HOAc] + [NaOAc] = 0.5 M)
containing As(V) (the amount of As present being equal to the
amount of Fe added), a pale yellow-brown precipitate formed
immediately. Analysis of the resultant supernatant solution
showed that 97% of the Fe and 70% of the As had been removed
from solution. Increasing the Fe:As ratio to three resulted in
quantitative removal of the As from solution while the amount of
Fe removed was approximately 85% of that added. If, however, the
buffer solution initially contained As(III) instead of As(V), a
precipitate was not visible when the FeClj solution was added,
even when the Fe:As ratio was increased to three. Less than 10%
of the Fe or As(III) were removed from either of these solutions.

These solution reactions were also studied in an ammoniacal
buffer solution (pH 8-9, [NH3] + [NH,*] = 0.1 M), to determine
the effect of increased pH. When a solution of FeCl; was added
to the ammoniacal buffer solution, Fe(OH); was precipitated
quantitatively. However, if the buffer solution initially also
contained As(V) or As(III) (the amount of As present being equal
to the amount of Fe to be added), only a small amount of
precipitate formed on adding the FeCl; solution; the concentration
of both the Fe and As in the supernatant solution had decreased
by only 15-20%. Different results were obtained if the order of
addition was reversed (the FeCl; was first quantitatively
precipitated from the buffer solution as Fe(OH)3, and then the
As(III) or As(V) solutions were added and allowed to mix with the
Fe(OH) 3 precipitate): the concentration of As in the resultant
supernatant solution had decreased by approximately 35%, but the
concentration of Fe had increased by approximately the same
amount.

These results demonstrate that an Fe-As complex is formed in
solution, and that the solubility of this complex depends both on
the As oxidation state and on the solution pH. Since very little
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Fe (or As) is lost from an ammoniacal buffer solution containing
As(V) or As(III) when FeCl; is added to this solution, the Fe(III)
must be stabilized in solution by the formation of an Fe-As
complex. The solubility of the complex formed between As(V) and
Fe(III) decreases with decreasing pH, while the solubility of
the complex formed between As(III) and Fe(III) decreases with
increasing pH. 1In addition, both As(V) and As(III) interact
heterogeneously with precipitated Fe(OH)3: some As is removed
from solution but some Fe also redissolves into solution.

The fact that the solubility of the As(III)-Fe(III) complex
is higher than that of the As(V)-Fe(III) complex is consistent
with the results from the column elution studies, where the
mobility of As(III) was greater than that of As(V). These facts
are also in agreement with the results of Shen (15), who studied
the removal of arsenic from drinking water and observed improved
arsenic removal if the water was oxidized with chlorine prior to
coagulation with FeCl3, as compared to coagulation alone. The
water studied was either well-water (with no dissolved oxygen but
containing sulfide and ammonia) or synthetic water with added
sodium arsenite. The improved removal of arsenic is due to its
oxidation from As(III) to As(V), a conclusion also arrived at by
Gupta and Chen (12).

Summary

The mobility of As(III) through sand columns is significantly
different from that of As(V). The mobility of both species
varies with the redox characteristics of the ground water used for
elution, and this change in mobility may be due to oxidation-
reduction reactions occurring on the column and/or due to changes
in the pH of the ground water. Both As(V) and As(III) form a
complex with Fe(III) in solution, with the Fe(III)-As(III) complex
being more soluble than the Fe(III)-As(V) complex.

This study has not considered the effects of organics on the
mobility of arsenic; they may play a role in determining the
arsenic mobility in ground water or surface waters (3).

When dealing with problems of disposing As-containing wastes
or removing As from ground water, the oxidation state of the As
in the sample is of major importance in determining methods of
immobilizing and/or removing the As. If the arsenic wastes are to
be disposed to the subsurface, the redox characteristics of the
infiltrating ground water must also be determined and considered;
a geochemical barrier (or sequence of barriers) capable of
altering the redox characteristics of the infiltrating ground
water may be required to ensure that the As remains immobilized.

Subsurface storage of radioactive wastes in geologic
formations such as plutons or salt deposits is being considered
(16); the concepts presented here are also applicable to this
waste management problem.
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Abstract

The influence of redox environments and/or pH on the mobility
of arsenic through sand columns was studied by using waters of
different redox characteristics for elution and by comparing the
elution profiles of As(V) to that of As(III). The mobility of
arsenic was affected by each of the above parameters, by the
amount of arsenic loads onto the columns and the nature of the
column materials. Solution studies have shown that both As(III)
and As(V) from complexes with Fe(III); the solubility of the
complexes being dependent upon the oxidation state of the arsenic
and the solution pH.
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Solution Thermochemistry of Humic Substances

Acid-Base Equilibria of River Water Humic Substances!’

E. M. PERDUE
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Portland, OR 97207

Current concern over the potential ecological impact of trace
metals in the aquatic environment has led to extensive research in
two main areas: 1) the coordination chemistry of trace metals in
natural waters and 2) the role of trace metals in the growth of
aquatic organisms. Recent studies have shown that natural waters
possess some capacity to complex metals and that this "complexa-
tion capacity" can strongly influence the biological activity of
a metal (1, 2, 3). Due to the presence of a diverse array of in-
organic and organic ligands in natural waters, a very large num-
ber of metal-ligand complexes could conceivably contribute to the
"complexation capacity" of natural waters. The availability of
sophisticated computer programs such as MINEQL (4) has made it
possible to calculate the distribution of free and complexed
trace metals in well-defined media (i.e., aqueous solutions in
which the analytical concentrations of all trace metals and com-
plexing ligands are known and where stability constants for all
possible metal-ligand complexes are available). While stability
constants have been compiled for a large number of trace metal
complexes with inorganic 1igands and with simple synthetic organic
1igands such as NTA and EDTA (5), no such data are available for
interactions between trace metals and naturally occurring organic
ligands. Until these data are obtained, equilibrium model cal-
culations will at best provide an approximate description of the
distribution of trace metals in natural waters.

The composition of naturally occurring organic matter in
river water is determined mainly by the input of allochthonous
organic matter (6) which includes biopolymers (proteins, carbo-
hydrates, and 1ignins) and geopolymers (humic substances). Since
the chemical character of the geopolymers requires specialized,
less common enzyme systems for breakdown, microbial attack intro-
duces a strong bias favoring digestion of the biopolymers. Con-
sequently, humic substances usually constitute the major frac-
tion of organic matter in river water (7-13). Humic substances
are generally considered to be composed of three operationally
distinct fractions: 1) fulvic acid, which is soluble in both

? Part II of a series.
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acidic and basic solutions, 2) humic acid, which is soluble in
basic solution but insoluble in acidic solutions, and 3) humin,
which is insoluble in both acidic and basic solutions. The bulk
of river water humic substances generally resembles the more
readily solubilized fulvic acid, with the relative amount of the
less soluble humic acid probably being dependent on the pH of
the natural water (10).

The actual structural features of humic substances in natural
waters remain unresolved. It is generally accepted that humic
substances are complex polymers which possess both carboxyl and
phenolic hydroxyl acidic functional groups. These functional
groups are thought to be involved in metal complexation reactions
since protons are released during such reactions (for review,
see Schnitzer and Khan, (14); Flaig et al., (15). The extent of
complexation of a metal will thus depend not only on the stability
constant of the metal-ligand complex but also on the acid dis-
sociation constant of the acidic functional group which serves
as the complexing Tigand. Consequently, many efforts have been
made to determine both the concentrations and chemical character-
istics of the acidic functional groups of humic substances (for
review, see Reuter and Perdue, (10)).

In general, while the potentiometric titration methods used
to characterize acidic functional groups in humic substances
have been useful in determining the concentrations of carboxyl
and phenolic hydroxyl groups, these methods have not been very
useful in determining the pKy values associated with each type
of acidic functional group. Some of the more successful studies
have utilized various mathematical techniques to try to take into
account the effect of accumulating negative charge on the acid
dissociation constants of progressively weaker acidic functional
groups (16, 17, 18). While direct titrations utilizing Gran
functions for endpoint location are sometimes used (16, 17), the
concentrations of carboxyl and phenolic hydroxyl groups in humic
substances are most often determined using the calcium acetate
exchange reaction and barium hydroxide total acidity reaction,
respectively (19). The specificity of these reactions has, how-
ever, been questioned (20, 21). In summary, the need for know-
ledge of the concentrations and acid dissociation constants of
naturally occurring organic ligands has not been adequately met
by the use of potentiometric titration methods.

The technique of titration calorimetry has been successfully
used to determine the nature and abundances of a variety of acidic
functional groups in proteins (22). Several investigators have
made rather Timited efforts to use titration calorimetry to study
humic substances, usually as a method to determine the cation
exchange capacity or titratable acidity of humic substances (23,
24). Choppin and Kullberg (25) have recently used titration
calorimetry to determine the enthalpies of neutralization of
acidic functional groups in humic substances and have combined
that data with pH titration data to obtain AG, AH, and AS values
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for ionization of the acidic functional groups. The usual diffi-
culties in locating potentiometric endpoints were encountered,
leading these researchers to simply assume that their humic acid
contained equal concentrations of carboxyl and phenolic groups.
None of these studies has taken advantage of titration calorimetry
as a technique for the determination of concentrations of acidic
functional groups and for the simultaneous determination of both
AHy and pKy values for ionization of the acidic functional groups
of humic substances. Although pKy values are generally regarded
as being quite characteristic of a particular functional group,
it is not widely recognized that AHy values are also quite use-
ful in determining the nature of an acidic functional group. In
Figure 1, the relationship between AH; and pKy for a large number
of carboxylic acids, phenols, and ammonium ions is plotted. The
location and size of the domain of each functional group was
determined by the mean value and standard deviation of AHy and

pK, values computed from available data (26) utilizing data for
al? tabulated compounds containing only carbon, hydrogen, oxygen,
and reduced nitrogen. It is apparent from Figure 1 that an acidic
functional group is identified at least as readily by its AHy
value as by its pKy value. Of course, if both pKy and AHy are
known for the ionization of an acidic functional group, the task
of identification of the functional group is further simplified.
Furthermore, once pKy and AH, values are known at one temperature
(e.g., 25°C) it is possible to calculate pKy values at other
temperatures using standard thermodynamic relationships.

As pointed out by Christensen et al. (27), the shape of a
thermometric titration curve (heat evolved vs. moles of titrant)
is determined by both the enthalpy change (AH) and equilibrium
constant (K) for the reaction taking place in the calorimeter.

In reactions for which log K>4 (e.g., the reaction of a carboxy-
lic acid with hydroxide ion for which log K=10), the equilibrium
favors the formation of products so strongly that the added in-
crement of titrant is essentially completely reacted. In this
case the amount of heat evolved is determined by the AH for the
reaction and the amount of added titrant. The resulting thermo-
metric titration curve consists of two straight line segments
which intersect sharply at the equivalence point. In such reac-
tions, the K-value cannot be determined from the thermometric
titration curve. However, the endpoint of the titration and the
AH of the reaction are readily obtained. In reactions for which
log K<4 (e.g., the reaction of phenols with hydroxide ion for
which log K=4), a small fraction of an added increment of titrant
will remain unreacted at equilibrium. In this case, the amount of
heat evolved is determined by the AH for the reaction, the amount
of added titrant, and the K-value for the reaction (which deter-
mines what fraction of added titrant will be reacted at equili-
brium). The resulting thermometric titration curve is nonlinear,
showing pronounced curvature particularly near the equivalence
point. Using a curve-fitting procedure, such nonlinear titration
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Figure 1. Relationship between the enthalpy of ionization (AH,) and pX, for
major classes of acidic functional groups
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curves can be analyzed to obtain the "best" AH and K values for
the reaction taking place in the calorimeter and an approximate
value for the endpoint of the titration.

As part of an overall evaluation of techniques for character-
ization of the acid-base and metal-ligand reactions of humic sub-
stances, the method of titration calorimetry was recently used
in this laboratory to characterize the acidic functional groups
of humic acid (28). It was possible to determine the concentra-
tions of carboxyl and titratable phenolic hydroxyl groups, their
respective average enthalpies of fonization (AH;), and the ave-
rage pKy of the titratable phenolic hydroxyl groups. By compari-
son wit% simple organic acids, it was shown that the titratable
phenolic hydroxyl groups (which constitute about one-third of
the phenolic hydroxyl groups in soil humic acid) were probably
not ortho to carboxyl groups and thus could not participate in
metal complexation via salicylate-1ike ligands.

Because of the considerable potential of titration calori-
metry as an analytical technique for characterization of the
acidic functional groups of humic substances, our studies have
been extended to river water humic substances. In this paper,
results are presented for the thermochemical characterization
of the acidic functional groups of river water humic substances
from two quite different river systems: 1) the Satilla River in
southeastern Georgia, and 2) the Williamson River in southern
Oregon.

Experimental Procedure

Isolation and Characterization of River Water Humic Sub-
stances. River water humic substances were isolated from the
Williamson River in southern Oregon and from the Satilla River
in southeastern Georgia using a modification of the procedure
described by Mantoura and Riley (29). The Williamson River is
a small stream which flows through a semi-arid environment domin-
ated by basalt, volcanic glass, and pumice. The river is a quite
dilute (Ca, Mg, Na)-HCO3 system, deriving most of its dissolved
load from rock weathering. Prior to entering Klamath Marsh,
the river contains only 1-3 mg/1 of total organic carbon (T0C)
and is not visibly colored. The highly colored river water
flowing out of the marsh contains 20-40 mg/1 of TOC and is
slightly acidic (pH 6-7). Filtration studies have shown that at
least 80 percent of the organic matter will pass through a 0.025
um membrane filter. Approximately 250 liters of river water was
collected, deaerated with prepurified Ny, and transported to the
laboratory where the river water was centrifuged in a continuous
flow system (rotor speed and flow rate were adjusted to achieve
particle size fractionation similar to that obtained by filtra-
tion through 0.45 um membrane filters). The centrifugate was
acidified to pH 1.8 with concentrated HC1 and passed through a
column of pre-washed Rohm and Haas XAD-7 macrorecticular resin.
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Spectrometric ana]ys1s of the river water before and after passage
through the resin (absorbance at 420 nm, sample adjusted to pH 10
with NaOH) indicated that 97-99 percent of the colored organic
matter was adsorbed on the resin. The adsorbed humic substances
were then eluted from the resin with aqueous triethylamine (0.15
M). The use of an organic base minimizes the likelihood of modi-
fication of humic substances in an aerobic alkaline solution.
Furthermore, a tertiary amine was used to minimize condensation
reactions with carbonyl groups which would increase the nitrogen
content of humic substances. Excess organic base is readily re-
moved in a rotary evaporator and any triethylamine hydrochloride
can be removed by chloroform extraction. These procedures yield
a solution of approximately neutral pH which contains the tri-
ethylammonium carboxylate salts of river water humic substances.
The tr1ethy1ammon1um ion is removed with a cation exchange resin
(H*-form) using either batch or column procedures. The major
loss of humic substances occurs in the desalting step due to

the precipitation of the less soluble "humic acid" component of
river water humic substances in the acidic solution produced
during this step. The amount of precipitated material depends

on the amount of "humic acid" originally in the river water and
on the concentration of river water humic substances in the
solution to be desalted. The overall procedure resulted in a

70 percent recovery of river water humic substances with the
following elemental composition: 47.1% carbon, 4.2% hydrogen,
1.8% nitrogen, and 4.2% ash.

The Satilla R1ver in southeastern Georgia has previously
been described (9, 12). Briefly, the Satilla River flows through
h1gh1y weathered, poorly drained, often swampy terrain. The
inorganic chem1ca1 composition of this very dilute Na-Cl type
river indicates that atmospheric precipitation provides most of
the dissolved salts in the river. The color and content of
humic substances generally increases downstream and averages
about 50 mg/1 of TOC at the sample site used in this study. The
river is quite acidic, with pH ranging from 4.0 to 4.5. The
procedures for collection and isolation of river water humic
substances from the Satilla River are essentially the same as
those used in the Williamson River. The final isolated product
had the following elemental composition: 50.1% carbon, 3.5%
hydrogen, 0.8% nitrogen, and 0.0% ash.

Total acidity (meq/g) and carboxyl groups (meq/g) were
determined by the barium hydroxide method and the calcium ace-
tate exchange method, respectively (14). Phenolic hydroxyl
groups (meq/g) were calcu]ated as the difference between total
acidity and carboxyl groups. These determinations were carried
out under a nitrogen atmosphere to minimize absorption of
carbon dioxide.

Titration Calorimetry of River Water Humic Substances. The
concentration of river water humic substances used in all experi-
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ments was 750 mg/1. While Satilla River humic substances (SR-HS)
were readily dissolved in distilled water, Williamson River humic
substances (WR-HS), which contain a larger percentage of "humic
acid", were not completely soluble in distilled water. As in

the previous study on soil humic acid (28), however, the sample
could be completely dissolved by shaking with 2 mmol NaOH in

800 m1 H20 followed by addition of 2 mmol HC1 and adjustment of
the final volume to 1000 ml with Hy0. The WR-HS solutions thus
contained 2 mmol of NaCl, while the SR-HS solutions were salt-
free.

In order to minimize the heat of dilution of titrant, 4.93
N NaOH was used in all experiments. A1l calorimetric measure-
ments were made at 25.0 + 0.1°C.

The titration calorimetry system used in this research has
previously been described (28, 30). Using a discontinuous
enthalpimetric titration procedure, the amount of heat evolved
is determined for a series of titrant additions. By summation
of the individual data points, a composite curve of total heat
evolved vs. mmol of titrant can be constructed. Through a
previously described curve-fitting procedure (28), the endpoint
of the titration, the enthalpy change (AH), and the equilibrium
constant (K) for the neutralization reaction taking place in
the calorimeter can be determined. The AHy and Ky values for
ionization of an acidic functional group may be readily cal-
culated by combining the experimental AH and K for the neutrali-
zation reaction with AH,(+55.8kJ/mole) and K (1.00 x 10-14) for
the ionization of water (AH; = AH + AHy; Ky = KKy). A1l calcu-
lations were carried out on the Harris System 200 Model 220
computer at Portland State University.

Results and Discussion

Concentrations of Acidic Functional Groups in River Water
Humic Substances. The results of the total acidity, carboxyl
group, and phenolic hydroxyl group determinations for WR-HS
and SR-HS are given in Table I. For comparison, the previously
reported values for soil humic acid (28) are included. These
values are within the range of values usually reported for these
functional groups (14, 31).

Thermometric Titration of River Water Humic Substances. The
thermometric titration curves of WR-HS and SR-HS are given in
Figure 2. In both instances, the initial slope of approximately
-56 kd/mol clearly indicates that carboxyl groups are being
titrated (see Figure 1, with AHz = -0.2 kd/mol) while the non-
linear portion of the titration curve indicates that a much
weaker acidic functional group (presumably phenolic hydroxyl
groups) is being titrated in the latter part of the titration.
Through graphical extrapolation of initial and final slopes and
through the previously described curve-fitting procedure (28),
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Table I. Concentrations of acidic functional groups in river
water humic substances and soil humic acid.

Concentration (meq/g)
Total Carboxyl Phenolic

Samp]ea Method Acidity Groups Groups
WR-HS  pH Titration?¢d 95 5.1 4.4
WR-HS Calorimetry n.d. 3.3 1.2
SR-HS  pH Titration®<9 11.3 6.9 4.4
SR-HS Calorimetry n.d. 4.4 0.8
Soil HA  pH Titration®*4 6.6 4.4 2.2
Soil HA  Calorimetry n.d. 4.1 0.7

n.d. = not determined

Williamson River humic substances (WR-HS); Satilla River humic
substances (SR-HS); soil humic acid (Soil HA).

brotal acidity determined by the barium hydroxide method (14).

cCarboxy'l groups determined by the calcium acetate exchange
reaction (14).

dPhenoh’c groups calculated as total acidity less carboxyl
groups (14).
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Figure 2. Thermometric titration curves for neutralization of (®) Williamson
River humic substances and (O) Satilla River humic substances with NaOH
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the concentrations of carboxyl groups and titratable phenolic
hydroxyl groups in WR-HS and SR-HS were determined. These results
are given in Table I along with the corresponding values which
were previously reported for soil humic acid (28). In all three
samples, the carboxyl content as determined by titration calori-
metry is less than the value obtained by the calcium acetate
exchange reaction. The discrepancy is greatest for SR-HS, less
for WR-HS, and almost negligible for soil humic acid, clearly
decreasing with increasing humic acid content of the sample.
These results suggest that the calcium acetate exchange reaction
seriously overestimates the carboxyl content of river water humic
substances (and possibly soil fulvic acids as well). While most
humic acid can be precipitated from Ca(0Ac), solution as a cal-
cium salt and subsequently removed by filtration, very little
river water humic material is precipitated under these conditions.
In back-titrating the filtered Ca(0Ac), solution to pH 9.8, it

is quite 1ikely that some phenolic hydroxyl groups in the unpre-
cipitated humic substances would be titrated, resulting in an
over-estimation of the carboxyl content of the sample. Since
phenolic groups are calculated as the difference between total
acidity and carboxyl groups, most estimates of the phenolic
content of humic substances are probably too low. Although
titration calorimetry data have been obtained on only three sam-
ples of humic substances, it appears that humic acids and fulvic
acids have similar concentrations of carboxyl groups and that the
higher concentrations of carboxyl groups in fulvic acids which
are frequently encountered in the literature (14) are possibly
artifacts of the calcium acetate exchange reaction.

Dubach et al. (20) recognized the fact that any pK-dependent
method of functional group analysis cannot be specific for a
particular functional group because of the overlap of pKy
ranges for major classes of acidic functional groups in humic
substances. They thus sought methods of analysis were were pK-
independent. Using diborane to determine total active hydrogen,
these researchers observed good agreement between total active
hydrogen (carboxyl, phenolic, and alcoholic groups) and total
acidity (probably carboxyl and phenolic groups). Thus, they
concluded that humic substances contained essentially no alcoholic
hydroxyl groups. It then followed that total hydroxyl groups
(phenolic and alcoholic groups) determined by acetylation was
equal to phenolic groups. Carboxyl groups were then calculated
as the difference between total active hydrogen and total hy-
droxyl groups. The calculated values were always less than the
values obtained by the barium acetate exchange reaction (this
reaction is the same as the calcium acetate exchange reaction).
Dubach et al. (20) concluded that some phenolic groups were
titrated in the barium acetate exchange reaction, resulting in
an overestimation of carboxyl groups.

More recently, Stevenson and Goh (21) conducted a careful
study of the infrared spectra of humic substances and their
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methylated derivatives. They reported that "gross inadequacies"
existed in conventional methods for determining functional groups
in humic substances (the calcium acetate exchange reaction for
carboxyl group determinations was specifically mentioned).

In a study of the applicability of the calcium acetate ex-
change reaction to humic substances, Schnitzer and Gupta (19)
found that the calcium acetate reaction gave similar results to
the quinoline-copper carbonate decarboxylation reaction. Thus,
they recommended that the calcium acetate reaction be used for
the determination of carboxyl groups in humic substances. In
that same study, several model compounds were also examined. In
almost every instance where the model compound contained both
carboxyl and phenolic groups, the calcium acetate exchange reac-
tion seriously overestimated (30-150 percent) the carboxyl con-
tent of the compound. This error was attributed to the reaction
of calcium acetate with phenolic groups. Since hydroxybenzoic
acids have been regularly isolated in structural studies of humic
substances by numerous researchers (for review, see Schnitzer and
Khan (14)), it seems quite reasonable that these structural
moieties would introduce errors in the determination of carboxyl
groups by the calcium acetate exchange reaction.

The phenolic hydroxyl content obtained by titration calori-
metry is not expected to agree with the value obtained potentio-
metrically, since some of the phenolic groups which react with
barium hydroxide in the total acidity determination (pH > 13) are
too weakly acidic to be titrated with sodium hydroxide under our
experimental conditions (max pH 11.5). As was previously demon-
strated, phenolic hydroxyl groups which are ortho to carboxyl
groups (e.g., o-hydroxybenzoic acid) cannot be titrated under
these experimental conditions while more remote phenolic hydroxyl
groups (e.g., p-hydroxybenzoic acid) are readily titrated (28).
While the concentrations and relative abundances of carboxyl and
titratable phenolic groups are similar for all three samples,
the total acidities (as determined by the barium hydroxide method)
are quite different. Since the total titratable concentration of
acidic functional groups obtained by titration calorimetry is
less than the total acidity of the sample, river water humic
substances appear to contain a significant concentration of
weakly acidic phenolic hydroxyl groups (those functional groups
which were not titrated in the calorimeter). If these weakly
acidic phenolic groups are, in fact, ortho to carboxyl groups,
it might be anticipated that river water humic substances, having
more chelating sites, would have a larger metal complexation
capacity than does soil humic acid.

The average AH; values for ionization of carboxyl groups and
titratable phenolic groups and the average pKy of the titratable
phenolic groups of river water humic substances are given in
Table II. The previously reported AH; and pKy values for soil
humic acid (28) are included for comparison. As previously
mentioned, the equilibrium constants for neutralization of car-
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Table II. Thermodynamic parameters for ionization of the
acidic functional groups of river water humic
substances and soil humic acid.

CHEMICAL MODELING IN AQUEOUS SYSTEMS

Functional

Sample? Group R (kJ/mo]e)b’c pKaC
WR-HS Carboxyl +0.6 + 1.2 n.d.
WR-HS Phenolic -11.8 + 7.0 10.1 + 0.2
SR-HS Carboxy1 - 0.6 +0.5 n.d.
SR-HS Phenolic -32.0 + 3.4 10.5 + 0.1
Soil HA Carboxy1 3.8 +3.3 n.d.
Soil HA Phenolic - 1.7 +9.2 10.5 + 0.3

n.d. = not determined

4i11iamson River humic substances (WR-HS); Satilla River humic
substances (SR-HS); soil humic acid (Soil HA).

brhe tabulated enthalpy of ionization (AH?) of the functional
1y

group is calculated from the experimenta determined enthalpy
of neutralization (AH) using the equation: AH; = AH + AHys
where AH, = + 55.8 kJ/mole is the enthalpy of ionization of
water.

CAverage of three determinations for WR-HS and SR-HS; average
of seven determinations for Soil HA.
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boxyl groups with sodium hydroxide are too large to permit deter-
mination of the average pKy of carboxyl groups in humic sub-
stances. In all three samples, the average AHy value for joniza-
tion of carboxyl groups is clearly within the normal range of
values observed for carboxyl groups (see Figure 1).

While the average pKy values of the titratable phenolic
hydroxyl groups of the three samples are typical of phenols in
general, the corresponding AH; values are very unusual, being
much too exothermic (see Figure 1). At present, there is no
good explanation for the observed results, but it is possible
that some other reaction is occurring simultaneously with the
ionization of the phenolic hydroxyl groups (e.g., solvation
effects, a change in the tertiary structure of the humic polymer
as a consequence of the accumulation of negative charge on the
polymer, or the binding of sodium ions to the negatively charged
polymer). Further attempts to characterize these phenolic groups
and to determine average pK; values for ionization of carboxyl
groups are currently underway in our laboratory.

Summary and Conclusions

The calorimetrically determined concentrations of carboxyl
and titratable phenolic groups in river water humic substances
are very similar to those values previously reported for soil
humic acid (28). A comparison of these values with corresponding
values determined by pH titration methods indicates that the
traditional calcium acetate exchange reaction seriously over-
estimates the carboxyl content of river water humic substances.
Since phenolic groups are calculated as the difference between
total acidity and carboxyl groups, most estimates of the phenolic
content of humic substances are probably too lTow. In attempting
to construct models for metal complexation in natural waters,
other researchers should exercise caution in using acidic func-
tional group values determined by these methods.

The calculated AHy and pK, values confirm the generally
accepted opinion that river wa%er humic substances contain car-
boxyl groups and a small amount of moderately acidic phenolic
groups. River water humic substances also appear to contain a
significant concentration of weakly acidic phenolic hydroxyl
groups. These phenolic groups are possibly in close proximity
to carboxyl groups and could therefore participate in metal
chelation reactions via salicylate-like ligands. The concentra-
tion of these functional groups is greater in river water humic
substances than in soil humic acid, suggesting that river water
humic substances may have a greater metal complexation capacity
than soil humic acids.
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Abstract

Calorimetric titrations have confirmed the generally accepted
opinion that river water humic substances contain carboxyl groups
and a small amount of more weakly acidic (presumably phenolic-
hydroxy1) groups. The carboxyl content obtained by titration
calorimetry is significantly lower than the value determined by
the calcium acetate exchange reaction. These results suggest that
some phenolic hydroxyl groups are sufficiently acidic to react
with calcium acetate, causing that method to over estimate
carboxyl group in river water humic substances.

Literature Cited

1. Gdchter, R., Lum-Shue,-Chan, K., and Chau, Y.K. Complexing
capacity of the nutrient medium and its relation to inhibition
of algal photosynthesis by copper. Schweiz. Z. Hydrol. 35,
252-261 (1973).

2. Davey, E.W., Morgan, M.J., and Erickson, S.J. A biological
measurement of the copper complexation capacity of seawater.
Limnol. Oceanogr. 18, 993-997 (1973).

3. Andrew, R.W., Hodson, P.V., and Konasewich, D.E. "Toxicity
to Biota of Metal Forms in Natural Water." Workshop Standing
Committee on the Scientific Basis for Water Quality Criteria
of the International Joint Commission's Research Advisory
Board, Duluth, Minnesota, 329 p., 1976.

4. Westall, J.C., Zachary, J.L., and Morel, F.M.M. MINEQL - A
computer program for the calculation of chemical equilibrium
composition of aqueous systems, Water Qual. Lab. Tech. Note
18, R.M. Parsons Laboratory, Mass. Inst. Tech., Cambridge,
1976.

5. Sillen, L.G., and Martell, A.E. "Stability Constants of
Metal-Ion Complexes," Spec. Publ. No. 17, 754 p., The
Chemical Society, London, 1964.

6. Wetzel, R.G. Organic carbon cycle and detritus. p. 538-
?Z;é in "Limnology," Chapter 17. Saunders. Philadelphia,

975.

7. Lamar, W.L. Evaluation of organic color and iron in natural
surface waters. U.S. Geol. Survey Prof. Paper 600-D, D24-
D29 (1968).

8. Midwood, R.B., and Felbeck, G.T., Jr. Analysis of yellow
organic matter from fresh water. J. Am. Water Works Assoc.
60, 357-366 (1968).

In Chemical Modeling in Aqueous Systems, Jenr_]e, E,;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch005

5

9.

10.

1.

12.

13.

14.

15.

16.

17.

18.

19.

20.

21.

22.
23.

PERDUE  Solution Thermochemistry of Humic Substances 113

Reuter, J.H., and Perdue, E.M. Chemical characterization of

dissolved organic matter and its influence on the chemistry

of river water. Completion Report OWRR Project No. A-026-GA,

Georgia Inst. of Tech., Atlanta, 33 p., 1972.

Reuter, J.H., and Perdue, E.M. Importance of heavy metal-

organic matter interactions in natural waters. Geochim.

Cosmochim. Acta 41, 325-334 (1977).

Leenheer, J.A., and Malcolm, R.L. Fractionation and
characterization of natural organic matter from certain rivers

and soils by free-flow electrophoresis. U.S. Geol. Survey

Water Supply Paper 1817-E. 14 p. (1973).

Beck, K.C., Reuter, J.H., and Perdue, E.M. Organic and in-
organic geochemistry of some coastal plain rivers of the
southeastern United States. Geochim. Cosmochim. Acta 38,

341-364 (1974).

Weber, J.H., and Wilson, S.A. The isolation and characteriza-
tion of fulvic acid and humic acid from river water. Water
Res. 9, 1079-1084 (1975).

Schnitzer, M., and Khan, S.U. "Humic Substances in the En-
vironment." 327 p. Marcel Dekker, New York, 1972.

Flaig, W., Beutelspacher, H., and Rietz, E. Chemical
composition and physical properties of humic substances,

p. 1-211,  in Gieseking, J.E., editor, "Soil Components,

Vol. 1: Organic Components," Springer, New York, 1975.

Gamble, D.S. Titration curves of fulvic acid: the analyti-

cal chemistry of a weak acid polyelectrolyte. Can. J. Chem.

48, 2662-2669 (1970).

Gamble, D.S. Potentiometric titration of fulvic acid: equi-

valence point calculations and acidic functional groups.

Can. J. Chem. 50, 2680-2690 (1972).

Wilson, D.E., and Kinney, P. Effects of polymeric charge
variations on the proton-metal ion equilibria of humic

materials. Limnol. Oceanogr. 22, 281-289 (1977).

Schnitzer, M., and Gupta, U.C.” Determination of acidity in
?011 ?rganic matter. Soil Sci. Soc. Amer. Proc. 29, 274-277
1965).

Dubach, P., Mehta, N.C., Jakab, T., Martin, F., and Roulet,

N. Chemical investigations on soil humic substances.

Geochim. Cosmochim. Acta 28, 1567-1578 (1964).

Stevenson, F.J., and Goh, K.M. Infrared spectra of humic

and fulvic acids and their methylated derivatives: Evidence
for nonspecificity of analytical methods for oxygen-containing
functional groups. Soil Sci. 113, 334-345 (1972).

Jespersen, N.D., and Jordan, J. Thermometric enthalpy titra-
tion of proteins. Anal Lett. 3, 323-334 (1970).

Ragland, J.L. The use of thermometric titrations in soil
%hemiitry studies. Soil Sci. Soc. Am. Proc. 26, 133-137
1962).

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch005

114

24.

25.

26.

27.

28.

29.

30.

31.

CHEMICAL MODELING IN AQUEOUS SYSTEMS

Khalaf, K.Y., MacCarthy, P., and Gilbert, T.W., Application
of thermometric titrations to the study of soil organic
matter-II. Humic acids. Geoderma 14, 331-340 (1975).
Choppin, G.R., and Kullberg, L. Protonation thermodynamics
of humic acid. J. Inorg. Nucl. Chem. 40, 651-654 (1978).
Larson, J.W., and Hepler, L.G. Heats and entropies of ioni-
zation, p. 1-44, in Coetzee, J.F., and Ritchie, C.D.,
editors, "Solute-Solvent Interactions", Marcel Dekker,

New York, 1969.

Christensen, J.J., Wrathall, D.P., Oscarson, J.0., and Izatt,
R.M. Theoretical evaluation of entropy titration method

for colorimetric determination of equilibrium constants in
aqueous solution. Anal. Chem. 40, 1713-1717 (1968).

Perdue, E.M. Solution thermochemistry of humic substances-I.
Acid-base equilibria of humic acid. Geochim. Cosmochim.
Acta 42, 1351-1358 (1978).

Mantoura, R.F.C., and Riley, J.P. The analytical concentra-
tion of humic substances from natural waters. Anal. Chim.
Acta 76, 97-106 (1975).

Perdue, E.M. "Thermodynamics of Acid-Base Equilibria. Sub-
stituted Anilinium Ions, Pyridinium Ions and Thiophenol."
Ph.D. Thesis, Georgia Inst. Tech., Atlanta, 1973.

Stevenson, F.J., and Butler, J.H.A. Chemistry of humic acid
and related pigments, p. 534-557, in Eglinton, G., and
Murphy, M.T.J., editors, "Organic Geochemistry: Methods and
Results." Springer, New York, 1969.

Recervep November 16, 1978,

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch006

Conditional Stability Constants for Copper Ions with
Ligands in Natural Waters
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Heavy metals generally occur in natural waters in
the forms of inorganic (1, p. 238-299) and organic com-
plexes (2, p. 297-313) and adsorbed, or surfacecomplexed,
on charged colloids. This results in a lowering of the
free metal ion concentration. Frequently copper is
used for experiments with aquatic organisms since it
produces effects at very low concentrations, possibly
at levels as found in natural waters. Kamp Nielsen (3)
and Steeman Nielsen and Wium-Anderson (4) determined
a depression and delay of alggl growth at copper con-
centrations as low as 2 x 10-9 M, Millimolar concen-
trations of sodium and potassium reduce the effect of
copper (3). Also, the presence of colloidal Fe(OH)3
and excretion of organic material appears to affect
the toxicity (4). The concentration of free copper in
seawater upwelling from subsurface waters, may be high
enough to suppress plankton growth (4). Hutchinson
(5, p. 817) mentioned this possibility sometime earlier.
Davey et al. (6) used the sensitivity of a diatom to
cupric ion as a tool to determine the copper complexing
capacity of seawater.

Apparently the toxicity of copper to plankton depends
upon the free metal concentration, as is shown in experiments
with varying chelator concentrations (7, 8). Calculations
using the REDEQL computer model for metal speciation (8, 9)
related data from toxicity experiments to free metal concen-
trations. Partial growth inhibition is found in the activity

-1 -

range 4 x 10 1 to2x10 9 M copper (7, 8), and effects on
diatoms are calculated to be linearly dependent upon the free
copper concentration, when p[Cu+Zj is between 8 and 12 (9).

0-8412-0479-9/79/47-093-115$05.00/0
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Methods to Measure the Free Metal Ion Concentration

Evidently it is more important to determine the cupric

ion concentration than the total copper concentration in natural
waters. Polarographic methods have been used to measure
the ligand concentration (complexing capacity) (10) and to de-
termine stability constants for some strong chelators (11).
The plating step, however, strips the metal out of its complex
and introduces a systematic error which becomes larger when
the complex is weaker. Additionally, adsorption effects on the
electrode may obscure the measurement (12).

The concept of the method used here goes back at least
to 1922, to the work of Gunther-Schulze (13, 14). She used
a natural zeolite as an ion exchanger to determine complexation

of copper by inorganic anions, such as cl, SOi~and Br , and
even in her largest dilution (5 x 10-2 M) she still found CuCl2

complexes. The basic change thatwas made after 56 years was
40 measure ligands at six orders of magnitude lower concentra-
tion. With the development of synthetic, organic jon exchange
resins, the ion exchange method has been applied frequently to
the determination of stability constants for complexes of or-
ganic anions and metal cations, e.g. Schubert (15, 16),
Schnitzer and Hansen (17), Gamble et al. (18), Ardakani and
Stevenson (19). These ion exchange resins have a strong af-
finity for the metal ions, however, so one needs either a very
strong complexing ligand or a high concentration of a weak
complexing ligand to be able to readily measure the affinity of
the ligand for the metal ion. In addition, polarographic (a.s.v.)
measurements of the filtrate of a Chelex-100 suspension showed
that fragments or molecules are released which pass the 0.45
pm filter and are able to complex copper or in some other way
obscure the polarographical measurement of copper at pH 6.

As an alternative to the strong, organic, ion exchange
resins, inorganic oxides with intermediate ion exchange pro-
perties were considered. Manganese dioxide (S-MnOZ) pre-
pared as described (20) was chosen because of its stability
over a large pH range and because of its rather straight-
forward ion exchange capability. It is negatively charged at the
pH-range of importance to natural water, pH> 3, in which
vicinity the pH of zero point of charge is (21, 22, 23).
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The authors' procedure has been described in detail
(20), however a short description is given here also. To
450 ml of a filtered (0.45 pum) sample a small quantity (3 ml)
of aged MnO, dispersion is added, to a concentration of 42 pm.
Constant ionic strength (0. 01 M KNO3), constant temperature
(25°C) and a fixed pH are maintained. Nitrogen is bubbled
continuously to remove all carbonates from solution.

Copper is added in nine steps from 0.5 to 16 uM;
one hour equilibrium is allowed after each addition before
a subsample (30 ml) is filtered and acidified. Total dissolved
copper is measured in the filtrate by d.p.a.s.v. Calibration
of MnO, with Cu is carried out at the same concentration,
temperature, ionic strength and pH conditions. The cupric
ion concentration can then be calculated using the Langmuir
equation. Mass balance from the measured total Cu and the
cupric ion gives the complexed copper concentration, Culs;
the total ligand concentration and the conditional stability
constant, KL, for the formation of CuL, Cu™® + L = Cul,

+2
(Cu") and using

. +2
are then calculated by plotting (Cu ) vs. (CuL)

+2
o) 1 (cu')

= + .
(CuL) Ko L) Toear

is obtained from the slope and the conditional stability constant
is obtained from the slope divided by the Y-axis intercept.

The correlation coefficient is calculated from a least squares
analysis of all the data. The method has been tested on some
reasonably well characterized ligands (20) and appears to work
well at ligand concentrations found in natural waters (0.2 pM).
The conditional stability constants obtained for naturally occur-
ring ligands fall within the range of stability constants for
known and tested ligands.

The results of titrations with copper of a number of
lakes and rivers using this method, are given here. An attempt
has been made to correlate the data to other factors such as
UV-spectrophotometric measurements for organic content
and pH.

The ligand concentration

Sample Description

Samples, usually two liters, were taken, filtered as
soon as possible (0.45 ym Millipore) and stored in the dark
under refrigeration. Samples were collected from the
following fresh water environments:
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- dystrophic waters: low pH (4.6) brown coloured waters,
containing much organic matter, flushed out of soils.

The Rivers Dickie No. 5,6 and 10, Red Chalk No. 3 and 4 and

Lake Dickie belong to this group.

- medium alkalinity (v0.5 meq/I), low productivity, non-pol-
luted: Lake Windy

- high alkalinity (~ 2 meq/L), non-polluted: Lake Huron

- high alkalinity (~2 meq/L), medium high production (no
bloom): Gloucester Pool, Lake Ontario, Onaping
River (flows out of Lake Onaping).

- rather heavily polluted with metals, low alkalinity (~0.1 meq/L)
and having a medium high production: Whitewater lake.

-FA: supplied to us by Schnitzer in dried form (15). It has
been extracted from the soil.

Results and Discussion

Conditional Stability Constants and Complexing Capacity.
The results of copper titrations in presence of MnO2 of a

number of natural waters are given in Table I. Initial analyses
done in contact with air atmosphere are less accurate (low
correlation coefficients) due to the large amount of copper
carbonate complexation. Correction involves the subtraction

of the calculated Cuco‘3’ concentration from the measured dis-

solved copper concentration to obtain Cu.-l-2 and Cul. In all
cases the correlation coefficients are calculated for nine data
points and are thus comparable among themselves.

The log conditional stability constants of small, mono-
protic acids can be assumed to be linearly and on a one-to-
one basis dependent upon the pH, due to competition between

+ +2 .
H and Cu ', until the pH reaches the value of the acidity
constant. Since the complexation really is composed of two
competitive reactions:

1. cut?+1 = CuL, K

and 2. HL=H +1L7, K

When pH» Ka, equation 1 is sufficient and KL is constant

(= K. ).
o
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Table I. Complexing capacities and conditonal stability con-
stants of natural waters. In most cases only one type
of complexing site per ligand molecule was found of
relevance to the natural water system. Original
sample pH shown in brackets, r = correl. coeff.,
original, undiluted, ligand concentration given in

brackets.
pH log KL Complexing r
Capacity
*Gloucester 8.4 9.3 0.51uM 0.90
Pool
*Lake Huron 8.3 9.2 0.20 0.70
*Whitewater 8.0 8.6 0. 68 0.98
Lake
*Onaping 7.8 8.6 0.38 0.95
River
*Windy Lake 6.6 7.2 0. 20 0. 57
Lake Ontario 8.4 9.5 0.33 0.97
Lake Ontario 7.4(8.4) 8.6 0. 34 0.986
Dickie No. 5 8.4(4.6) 8.5 5.35(20) 0.98
Dickie No. 5 7.6(4.6) 7.8 2.47(20) 0.987
Dickie No. 6 7.6(4.6) 7.8 5.175 0.98
Dickie No. 10 7.6(4.9) 7.8 4.95(10.9) 0.991
Lake Dickie 7.6(4.6) 7.8 2.19 0.996
Red Chalk #3 7.6(6.3) 7.7 3.35 0.991
Red Chalk #+4 7.6(4.7) 7. 9(KL1) 2.43 0.992
7. Z(KLZ) 5.93 0.998
Fulvic Acid 7.6(4.6)+ 7.8 2.24 0.986

*has been determined in presence of carbonate, in air atmos-
phere.
+pH of FA dissolved in distilled water.
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When pH(Ka, KL, as used here, becomes:

K. . K

g o fLewd T *
L [Cu+2][HL] L [H+]

Now log KL is linearly pH dependent. But since the acidity
constant, Ka.’ is unknown, the authors were unable to calculate
K_ .
L
o

Large polyelectrolytic molecules, however, approach
colloidal particles in their behaviour. Then KL determines

the equilibrium situation for the reaction between a metal ion

and charges on the colloidal particle. So KL should vary with

the degree of neutralization and the ionic strength to the same
extent as the ionization constant, but in opposite direction (24).
Accordingly it has been found in several cases that log KL

varied with the pH but not with a slope equal to one. Takamatsu
and Yoshida (25) found that the overall constants for the forma-
tion of the ML2 complex (L = HA),

B. = [MLZ] , vary as follows for different metal ions:
* DEY

Cu2+ : log [32 =8.65 + 0.65 (pH-5)

n

+
sz : log (32 8.35 + 0.30 (pH-5)

+
Cd2 : log (32 6.25 + 0.63 (pH-5)

For better understanding of such correlations it is necessary
to know the acidity constants involved. Generally, these have
been determined at high ligand concentrations (around 10-3 M)
and rather low pH. The acidity constants also have been
found to be very pH-dependent and ionic strength dependent,
again fitting the comparison with colloidal particles. Thus

Gambe (é) found log constants around 3.6 for K1 and 4.3 for

K2 at pH 3 and pH 4 respectively, for FA's. Coleman et al.

(27) found log K1 = 5.5 for peat.
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All these considerations limit the data with which the
results of this study can be compared, since they were deter-
mined at a higher pH. Results of similar studies are sum-
marized in Table IT, The determinations by Branica (28)
and Shuman and Woodward (11) were actually performed for
conditions of seawater and lakewater, respectively. The other
authors preconcentrated their ligands. Polarographical methods
have the disadvantage that the complex may split up during
measurement, unless the measurement is performed much
faster than the kinetics of the complex dissociation. The
apparent stability constants thus determined may well be too
small. Mantoura and Riley (30), who worked at a pH similar
to the present experiments and who also used a system where
ligand and metal are in equilibrium with each other, found
constants quite similar to those of the present study. The
value determined by van Dijk (31) is mentioned to show how
a comparatively simple method can produce the order of
magnitude of the stability constant. He compared the strength
of some known complexing agents with that of HA in the pre-
sence of an ion exchange resin.

Effect of pH on the Conditional Stability Constant. A
number of waters have been analysed at their original pH,
some have been adjusted to pH 7.6 for intercomparison, and
some have been analysed twice at different pH's. The results
are plotted in Figure 1.

The dystrophic waters all give very similar values
at pH 7.6, and the log constant increases with a slope close to
one with the pH: for Dickie No. 5, log KL is 8.5 at pH 8.4,
and 7.8 at pH 7.6

The other samples provided generally higher constants.
The K_ determined for Lake Ontario, is an order of magnitude
higherthan FA. Again, a shift with the pH with a slope close to
one was observed: Lake Ontario, log KL is 9.5 at pH 8.4, and
8.6 at pH 7.4.

The authors observed that the conditional stability
constants still increase at the highest pH's measured (pH 8. 6).
Apparently the ligand is at least still partially ionized so there
has to be a log dissociation constant larger than 8.6. By
specifically blocking active groups on organic matter, Schnitzer
and Skinner (32) showed that metals are bound by simultaneous
action of acidic carboxyl groups and phenolic hydroxyl groups.
One could speculate that the hydroxyl groups have a rather
high dissociation constant since they are less acidic.
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The ligands that were measured in the first group of
(dystrophic) waters may well be derived from soils. Fulvic
acids, being the smallest and most soluble of the humic com-
pounds, are flushed out most easily and form a major part
of dissolved organics in natural fresh waters (33). The
similarity of the measured stability constants of FA and dy-
strophic waters suggests that similar (carboxyl) groups may
be responsible for binding and that the remaining part of the
molecules is not very much different from each other.

Adsorption of the Metal Complex on MnOZ. Adsorption

of the metal-organic complex, or part of it, on the ion exchange
medium would affect the determination of the stability constant
in that the dissolved copper concentration will be decreased.
Previous studies using ion exchange resins observed no ad-
sorption effects (15) or do not mention it. The present results
with known ligands (20) show that adsorption, if any, of the
complex does not affect the measurement and the results. It
was observed, however, that the organic matter has some sort
of surface active effect on the MnO_ dispersion: subsamples,
taken during the titration with copper, of waters containing a
high ligand concentration (10 uM) take more time, up to about
twice as long to be filtered than samples containing a very
low ligand concentration (0.3 uM). Also, the type of sample
seems to affect the filter speed. A sample of Lake Ontario,
containing 0.5 uM ligands, has roughly the same effect as a
5 pm FA solution. Apparently the size and complexity of the
molecules determines in what way the MnO2 dispersion will be
stabilized.

From Coulombic-forces point of view one can speculate
that there is some adsorption at very low copper concentration
[CuT]< [LigT] » when most of the ligands are complexed and

have a positive charge, while the MnO, still has its negative
charge. As soon as LCuTJ> (_LigTj » both the complex and the
surface of the MnO,_ will have a positive charge and will repel
each other electrosztatically. This will be discussed further

in a later publication.

Molecular Weight of FA. FA was supplied to us by
Schnitzer in dried form (32). If one assumes the
complexation of one copper ion by one FA-molecule, one
can calculate the molecular weight of FA to be 841,
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which compares well to the value of 950 as found by
Schnitzer (34).

Determination of Conditional Stability Constants for
Mixed Ligands and for Complexes other than 1:1. Schubert's

(15) study of complex ions by an ion exchange technique was
commented upon by I. Feldman, who mentioned that the method
works only for 1:1 complexes. This is inherent to any method,
however, which does not vary the ligand concentration. In case
of a mixture of ligands, an average stability constant is deter-
mined (35).

The determination of two stability constants for 8-
Hydroxyl-Quinoline (20) in the present study shows that the
ion exchange method is capable of accurately determining two
sites or two ligands if these two sites are present in equal
concentration, and if the sites result in different enough
stability constants relative to discerning slope changes. In
other cases the graphical representation of the titration will be
slightly curved concavely. Except in one case, the results
produced almost straight lines with high correlation coef-
ficients showing that one site or ligand is at least in a very
dominant position. Contradictory results have been published
earlier. Ardakani and Stevenson (19) found only 1:1 complexes
of metals with HA and observed only a single complexing site.
Schnitzer and Hansen (17) observed the same for FA (from soil)
Mantoura and Riley (30) found two sites on FA extracted from
water.

Light Absorption at 260 nm and Complexing Capacity.
The concentration of humic matter in water has been related
to measurements of light absorption at different wavelengths
at 365 nm and at 250 nm. Scanning spectrophotometric mea-
surements were made from 220 to 380 nm. The peak height
generally decreases going to higher wavelengths and the peak
was rather small to make accurate measurements at 365 nm.
In most samples, however, a plateau that lasted from 255 to
265 nm, and sometimes from 250 to 270 nm, was found. It
was then decided to measure the absorption at the height of
this plateau, at 260 nm. The low pH samples were brought
to pH 7 by the addition of sodium bicarbonate buffer until

10—3 M bicarbonate was present. The results are given in
Figure 2, as absorption vs. complexing capacity. The data
scatter widely which suggests that it is not possible to
accurately predict the complexing capacity from an absorption
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measurement. One cannot say more than that high absorption
might indicate a high complexing capacity. Possibly only part
of the absorption is caused by complexing material. The rest
is caused by other organic matter.

Complexation of Cu by some Known Ligands and
Naturally Occurring Ligands at pH 8.3. The effectiveness in
lowering the free metal ion concentration by some known
complexing ligands and by FA and ligands as in Lake Ontario
water is shown in Figure 3. The relationships have been cal-
culated at pH 8.3, as in seawater, and for 25°C and 0.01 M
ionic strength. The stability constants of the known ligands
have been corrected for the pH using their acidity constants as
found in Sillen and Martell (ﬁ). For FA and Lake Ontario
the constants have been taken from Table I and adjusted for
pH 8.3. In the calculations, 10~/ M complexing ligands and
10-8 M total dissolved copper were assumed. These concen-
trations are similar to values found in open ocean water
which has about 1 mg. Ll.c (37); if the organic carbon oc-
curred as a compound with the Mw. of FA, it would be 106 M
ligands, but because of the very long residence time the
molecules probably are more complex and heavier than FA.
Histidine, which has been reported to occur at levels of

-8 -
10 "M (38)to 10 7 M (39), would bring the free copper ion

down to a very low level of 10-10' 8 M; NTA which might enter

the sea as a result of pollution, would bring it down to

10-12 M, but it is biodegradable and is not produced in situ.

Organic matter occurring in Lake Ontario would produce a
+2
p[Cu ]of 10.5. Anderson and Morel (8) calculated with the

REDEQL computer model a p [Cu+ZJ of 9.6 by inorganic com-
plexation. The presence of only 10-7" M organic complexing
ligands may well be sufficient to diminish the free ion concen-
tration by an order of magnitude. An inorganic particulate such
as MnO2 would not be a successful competitor for cupric ions

under these circumstances.
Complexation of Cu at Varying pH. In order to com-

pare the effects of complexation by lake organics at different
pH's, the fraction (e) of total dissolved copper (CuT) was

calculated which is in the form of the free metal ion
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Figure 3. The effect of complexation at pH 8.3 by naturally occurring ligands

and some artificial ligands (on Cu'?) shown against the conditional stability con-

stant (Ky) at this pH. Conditions for the plot are total ligand concentration Ly —
10""M, total copper concentration Cuy — 10°M, 25°C, p = 0.01.
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-loga

pH

Figure 4. Model for complexation of copper by lake organics. Ligandee —

10"°M, log Krs — 7.8, and log Kontarie — 8.8 at pH 7.6, log Kouwon, = 6.0, log

Kougog® = 6.8, pCO; = 1033, yu — 0.01, 25°C. (Cu?) — o. (Cuy), « — 1/

(Kp * [L] 4+ 1), Cup = 2 X 10°M. I.L — OH", 2.L — COy7, 3:L = FA, 4:L —
ligand in Lake Ontario.
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+2 +2 1
(Cu ): [Cu ]= a. [CuT]and a :KL—.-LL-—]+—1.

From the results, in Figure 4, one can see that until
about pH 9, organics are much more important in complexing
copper than are carbonate and hydroxyl ion. Ata lower pH of
6, and with organics with a stability constant as found ig Lake
Ontario, 90% of the copper present is complexed by 107~ M
organics, whereas ata pH of 8, 99.9% of the copper is
complexed.

Conclusions

Conditional stability constants for complexation of
natural organics with copper have values, at pH 7.6, between

107' 8, for FA, and 108' 8, for ligands in Lake Ontario.
Generally, only one complexing site per molecule has
been found with a stability constant of importance at the con-
centrations found in natural waters, for FA and other natural-
ly occurring ligands.
Organic matter occurring in natural waters is a sig-
nificant complexing ligand for free metal ions.
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Abstract

Toxicity to copper in natural waters may be related to
the cupric ion concentration. Therefore, a method is developed
using MnO2 as weak ion exchanger, to assess the complexing

capacities and conditional stability constants for compounds in
natural waters. Constants found are in the range of 107-8

for fulvic acid to 108-8 for a ligand in Lake Ontario, at pH 7.6,
25°C, and 0.0l M ionic strength. Calculation of the complexa-
tion of copper by 10-6 M naturally occurring ligands, at
different pH's, shows that the free metal ion concentration is
lowered considerably between pH 5 and 9.
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Ion Exchange on Humic Materials—A Regular Solution

Approach

JOSEPH P. FRIZADO'

Department of Geological Sciences, Northwestern University, Evanston, IL 60201

Humic and fulvic acids are a large portion of the organic
matter found in natural environments. They are polymeric mole-
cules whose molecular weights range from several hundred to
several million (1). The structure of these organic molecules
is thought to include a large number of hydrogen bonds, an
aromatic core, and large numbers of functional groups
(2, p.137-198). This very open structure is capable of having
cation exchange sites due to the geometry of the distribution of
functional groups. The ability of humic materials to bind
cations has been studied in detail (2, p.203-249; 3, 4, 5, 6, 7).
They have been found to be excellent ion exchangers, with
exchange capacities similar to that of smectites (4). The con-
centrations of cations associated with marine humic materials
have been found to vary from tens of parts per million to several
percent for any given cation (8).

Sea water contains a much lower concentration of dissolved
organic matter than river water. More than half of this
dissolved organic load is of a humic nature (9). These dissolved
organic acids tend to flocculate as the salinity increases (10).
Hair and Bassett (11) have observed an increase in the particu-
late humic acid load of an estuary as one approaches the sea.
Although no studies of the distribution of humic materials
throughout an estuarine system have been performed, it would
appear that estuaries and their sediments in particular, act as a
major sink for the dissolved and particulate humic materials.
Nissenbaum and Kaplan (12) have observed that terrestrial humic
materials are not deposited at great distances from shore in the
marine system. A study of the flux of particulate carbon through
the Chesapeake Bay comes to a similar conclusion (13).

Sholkovitz (14) has shown that a large portion of the flocculated
material is of a humic nature with large concentrations of

!Current address: Department of Geography and Earth Sciences, University of North
Carolina at Charlotte, UNCC Station, Charlotte, NC 28223.
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associated cations. He believes that only a small fraction of
the dissolved organics are flocculated within the estuary. His
experiments used filtered water samples and neglected any effects
of clay-organic interactions.

The present study attempts to define the ion exchange pro-
perties of humic materials as a function of ionic strength. Due
to the flocculating effects of a salinity gradient, the distri-
bution of humic materials between the dissolved and particulate
loads within an estuary are not well known. The humics' ion ex-
change parameters have been documented at low ionic strengths and
in marine environments. At the lower ionic strengths, some
variation in the exchange parameters has been observed (3). In
order to explain the effects of humic materials on the distribu-
tion of trace metals within an estuary, one must know the effects
of transport through a salinity gradient upon the cations asso-
ciated with the organic molecules.

Experimental Methods

The northern portion of Chesapeake Bay was studied. This
upper section of the bay can be classified as a classic salt-
wedge type estuary (15). The humic materials used in this study
were extracted from several cores of sediments. Two one-meter
cores were taken at each of two locatioms (39°14' N, 76014'«w;
38956' N, 76°25' W) with a gravity corer. The cores of sediments
were then divided into sections and squeezed under nitrogen to
remove most of the interstitial water. The squeezed sediments
were then dried, weighed and washed with distilled water. The
sediments were then washed with 0.5N HCl to remove iron hydrox-
ides, carbonates and exchangeable cations from the clays. Some
of the fulvic acids are lost in this acid wash procedure. The
humic materials were then extracted from the remaining solids by
a 0.1N NaOH solution.

A large volume of concentrated humic material solution was
needed to perform the ion exchange experiments. The UV spectra
of the different humic material solutions were found to be simi-
lar. The extinction coefficients, as measured at 270 mu, were
also found to be identical. Since the samples seemed to be of a
similar nature, a mixture of the samples from the four cores was
made. The mixture was then dialyzed against distilled deionized
water for a period of three weeks. The outer solution was re-
placed periodically. The molecular weight cutoff value for the
dialysis membrane (gpectraporp 6) was approximately two thousand.
The concentration of the interior humic material solution was
monitored by UV absorption. Less than five percent of the ori-
ginal humic material solution passed through the membrane and was
lost to the outer solution.

The ion exchange properties of the humic materials were
studied by potentiometric titrations. The humic materials were
converted to the acid form by acidification of the solution to a
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pH of less than 2 and dialyzed against 0.01N HCl solution for
another week. At this low pH, the functional groups involved in
the ion exchange sites should be in H~form. It has been hypothe-
sized that carboxylic acid and phenolic hydroxide groups are in-
volved in the sites (2, p.203-249). Both of these groups should
be in H-form at this pH. The ionic strength, I, of the reaction
solution was maintained by the concentration of the chloride salt
of the exchangeable cation being studied. The titrant was a solu-
tion of the same metal's hydroxide. In the case of the divalent
cations, the hydroxide solutions were dilute enough to affect the
ionic strength of the Eeaction solution upon addition. The values
given for cat? and Mg+ exchanges cover a range of ionic strengths
rather than a single value as with the monovalent cations.. The
titrations were performed under CO,-free conditions. Additions

of titrant were made until the pH was greater than 10. For
monovalent cations, a constant pH was attained approximately
fifteen minutes after an addition of titrant. Divalent catioms
took approximately three times longer to come to equilibrium.

Results

Some of the titration curves for the Na':Ht and K+:mt systems
are shown in Figure 1. At least two distinct sites are visible
throughout the series of titrations. At lower ionic strengths,
other deflections were observed. These deviations may be due to
ion exchange sites with slightly different characteristics than
the two major sites. They could also be due to sample inhomo-
geneities, but this is unlikely in that 1) the deviations only
appear at lower ionic strengths and 2) the number of deviations
seems to decrease as the ionic strength increases. At ionic
strengths greater than 0.3 only two sites were observed in the
monovalent series of titrations. Evidence will be discussed
elsewhere to suggest that the humic molecules undergo configura-
tional changes as the ionic strength changes. This effect could
alter the distribution of exchange site energies and thereby
affect the titration curves and explain the low ionic strength
deviations.

Back-titrations of the reaction solutions were also per-
formed. The back titrant was 0.01N HCl solution. The shapes of
the titration curves were similar for both the forward and back
titrations. The number of milliequivalents added to reach the
equivalence points was different for each titration pair. In
the back titrations, the exchange capacities of the molecules
were slightly smaller. The smaller exchange capacities can be
explained by irreversible colloid formation. These colloids
would remove some of the exchange sites from contact with the
solution. A titration curve for Kt shows the two sites prevalent
in the Na' series. The first site's pK differs from its Nat
analog by 0.7 units. The second site's pK is essentially the
same as the Nat counterpart. This indicates that the lower pK
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site can differentiate between Kt and Na+, while the second site
cannot.

Divalent cation titration curves are shown in Figure 2. All
of these titrations exhibited only one deflection. None of the
lower ionic strength titration curves had any deviations or addi-
tional sites similar to that observed in the monovalent series.

Derivation of Exchange Constants

The titration data were used to determine the thermodynamic
equilibrium exchange constants for the reactions,6 involved. To
simplify matters, we will only discuss the Nat:H system. The
titration curves were modeled by including all of the activities
of the components involved. The exchange reaction can be written
in the following forms:

Hum-H + Nat 2 Hum-Na + H® (1)

ay+A _ N .
K= H" “Hum-Na “Hum-Na (2)

aNatAHum-H NHum-H

where A is the rational activity coefficient for the exchange site
occupied by the subscripted cation, a is the activity of the
aqueous species, N is the mole fraction of the humic material ex~
change sites that is occupied by the noted cation, and K is the
equilibrium constant for the reaction. (Nyyp-Na» a@Nat and apt) were
evaluated from the titration data. The activity of the Nat was
held constant by the NaCl solution used to maintain the ionic
strength. The activity of the HY was measured by electrode. The
endpoint for the conversion of a site to the Na-form was found by
obtaining the point of maximum slope for the plot of pH versus
base added. The equivalence point for the same site was found at
the minimum slope. The difference in base added between the two
points is equal to one half of the ion exchange capacity of the
site in question. Ny, N, is equal to the amount of base added
minus the amount of base needed to initiate the exchange

reaction, divided by the total capacity of the site.

The rational activity coefficients cannot be evaluated in any
simple manner. Following the model of Truesdell and Christ (16),
a regular solution approach to the problem can lead to expressions
for the rational activity coefficients. If the exchange sites
have the same charge and approximately the same size, then a
symmetrical solid solution will be formed where the rational
activity coefficients for the two components are given by:

w 2

- (N
108 AyumNa = 77303RT ¢ “Hum-H

(3)

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch007

7.

FRizaDO  Ion Exchange on Humic Materials

L

0 192 0 066

meq base added

T
o
& wm o ~ @® ©

w

N

Figure 1. Titration curves for monovalent cation-hydrogen exchange. ( A) Na*
at 0.11; (B)Na* at 0.31; (C) Na* at 0.5 I; (D) K* at 0.1 1. Every third data point is
shown. Interpolation is by a cubic spline method,
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Figure 2. Titration curves for divalent cation—hydrogen exchange. (A) Ca’ at
0.11;(B)Ca?at0.31;(C)Ca?at 0.51; (D) Mg at 0.5 I. Every second data point
is shown. Interpolation is by a cubic spline method.
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and log A, .. = w N 2 (4)
HomH 5o ¢ Nhumya )

where w is the interaction parameter for the solution, R is the
gas constant and T is the temperature in Kelvin. The interaction
parameter is an expression of the potential energy due to the mix-
ture of the two different sites. For any pair of sites (Hum-Na
and Hum-H in this case), w should be a constant over an ionic
strength change. In these experiments, w was found to vary some-
what over the entire range of ionic strengths. By using these ex-
pressions for the rational activity coefficients, Equation 2 can
be transformed into the following:

pK'= pH + log ay,+ + log NHum-Na
1-NHum-Na

= K + w
Cp 3. 303RT ) ifg%gif Nium-Na (5)
in which the unknowns (pK, w ) are on the right-hand side of the
equatinn. If the regular solution model holds true, then a plot
of pK' versus NHum-Na will be linear. Plots for the Nat: ®t
(Figure 3) and ca*2:out (Figure 4) systems are given. Least-
squares lines have been drawn in. The number of points used to
generate these lines and their associated correlation coefficients
are given in Table I. The slope and intercept of these lines can
be used to evaluate pK and w. Restrictions on the applicability
of the above equations allow the model to be used only in the
central region of Njum-Na values. The ‘deviations of those points
with value of NMHum-Na near O and 1 are due to these restrictions.
It is interesting to note that the equilibrium exchange values
for the reactions are variable, as shown in Figure 5. 1In the case
of Na+:H+, as the ionic strength increased, the humic molecules
preferred Ht over Na to a greater extent. Changes in the distri-
bution of exchange site energies could be altered by polymeriza-
tion reactions. The exchange capacities of the humic materials do
not change drastically with ionic strength as one would expect if
polymerization reactions were removing exchange sites. Another
possible explanation is that the configurations of the organic
molecules have undergone slight changes. As the molecular con-
figurations are altered, the cation exchange involves a new solid
phase. The interaction parameter would probably not be altered
greatly by such a change in configuration. The thermodynamic con-
stant for the reaction could easily be altered by such a process.

Effects of Configuration on Exchange Energies

Configurational changes in humic materials have been docu-
mented only recently. Viscosity measurements (17), SEM photomi-
crographs (18) and Sephadex gel filtration (19) have all been used
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t of pK’ vs. N yum.xa for the first sodium exchange site. pK’ = pH +
stum-va/ Nitum-n). (@) is for the 0.3 I experiment; (%) is for 0.5 I;

(W) is for 0.6 I. The least-squares lines have been drawn in.

209
184

164

&1 02 03 04 o0 0 07 08 0 10

N HUMIC -Ca

Figure 4. Plot of pK’ vs. Nyum-ca for the calcium exchange site. pK’ = 2pH -
log acoe-log (Nuum-ca/Num-n,). (@) 0.3 I experiment; (%) 0.5 I; (W) 0.6 1. The

least-squares lines have been drawn in.
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TABLE I - Exchange Reactions Parameters

Cation Ionic Exchange No.Pts. Correl. w* pK*#* AG

Strength Capacity used Coeff. i
meq/ g kJ/mole kJ/mole
Na 0.6 0.35 10 0.93 -5.0 4.3 24.5
0.69 7 0.91 -2.4 6.8 38.5
0.5 0.46 9 0.95 -4.2 4.1 23.6
0.71 11 0.94 -2.0 6.8 38.5
0.4 0.32 12 0.94 -4.0 4.0 22.8
0.61 9 0.94 -3.5 6.6 37.6
0.3 0.25 8 0.96 -3.7 3.9 22.1
0.54 11 0.92 -3.2 6.4 36.6
0.2 0.27 15 0.95 -5.6 3.8 21.5
0.80 8 0.96 -2.8 6.3 36.0
0.1 1.19 19 0.92 -3.0 3.4 19.3
0.91 7 0.94 -2.8 6.1 34.8
K 0.1 0.74 13 0.93 -5.4 2.7 15.4
0.95 11 0.94 -2.3 6.2 35.4
Ca**®* 0.6 2.58 26 0.96 63.8 10.0 57.0
0.5 1.69 28 0.95 71.7 9.1 51.9
0.3 2.26 21 0.96 25.2 7.3 41.6
0.1 2.10 23 0.93 82.2 8.8 50.2
Mg*#** 1.0 1.52 19 0.83 -30.9 9.5 54.2
0.5 1.28 22 0.98 4.3 9.6 54.8
0.1 1.40 18 0.94 5.8 9.4 53.7

* w is found by taking the linear least-squares slope of the
pK' versus N type plot, multiplying by 2.303RT and dividing
by -2. All of the experiments were performed at 298 Kelvin.

** The monovalent cations have two possible sites. The para-
meters of the sites are listed sequentially.

*** The normality of the divalent cations hydroxide solutions
were low, so the ionic strength listed is the initial value.
During the course of the titration, the ionic strength was
diminished. The entire range for each titration is depicted
in Figure 5.
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Figure 5. Plot of pK vs. ionic strength. (@) First Na exchange site; (%) second
Na exchange site; (——) Ca exchange site. The nature of the divalent cation
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to document changes in the configuration of humic acid molecules
as a function of pH and ionic strength. As the ionic strength
increases, the humic molecule is compressed nonuniformly. The
effect of this compression on the exchange sites can be approxi-
mated byusing the theories advanced by Eisenman (20) in his work
on cation selectivity in ion exchangers.

Eisenman (20) derived a simple model which explained the ob-
served selectivity sequences for monovalent cations in various ion
exchanges. He only considered a coulombic attraction and the free
energy difference between the glass and aqueous phases for each
cation studied. For negative singly charged sites, the energy of
attraction for monovalent cations is greatest when the sites are
infinitely spaced. As the distance between exchange sites de-
creases, repulsive forces must be taken into consideration lessen-
ing the exchange energy. The other factor which must be taken
into consideration is the anionic field strength. As the config-
uration of an actual exchange site is altered, the anionic field
strength is changed. Either of these factors can cause the vari-
ation of pK with ionic strength observed for the Nat:ut system.

In the case of divalent:monovalent exchange, the site
spacing becomes more important (21). Calculations using the
Truesdell and Christ (21) equations for divalent-monovalent cation
exchange have shown that the two processes, compression of the ion
exchange site and the alteration of the distribution of sites on
the molecule can act upon the free energy of exchange in different
manners. It is a combination of these two opposite effects that
can cause the minimum value for the pK of the Ccat2 exchange. By
utilizing other multivalent cations in a similar number, it is
possible to begin to discern qualitative changes in the configura-
tion of the humic molecule.

. Summary

Ion exchange properties of humic materials found within
natural environments must be known to understand the speciation
and distribution of trace metals. Although this paper deals with
these properties with regards to major cations, the effects of the
humic materials on trace metals is far greater (8, 22). The
effects of major-minor cation exchanges as the humic materials
pass through a salinity gradient and during diagenesis must also
be studied. Due to the changes in ionic strength, both the
amounts of associated metals and the division of humic materials
between dissolved and particulate forms within an estuary are
extremely variable.

It was found that the humic material ion exchange properties
can be explained by a regular solution model similar to that of
Truesdell and Christ (16) for clays. The thermodynamic constants
for the exchange reactions studied were found to be different for
each ionic strength. Changes in the configurations of the organic
molecules could cause the observed variations. Other evidence (17,
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18, 19) suggests that the humic molecules undergo some kind of
compression during an increase of the ionic strength of the solu-
tion. Using Eisenman's work on cation selectivity of electrodes
(20), it can be shown that the observed variations of the thermo-
dynamic values can be due to a small compression of the organic
molecules. 1In order to estimate the effects of humic materials
upon the distribution and speciation of metals, the ion exchange
parameters for the cations in question must be known, as well as
their variations with ionic strength. The variations of these
parameters for the major cations have been shown to be somewhat
significant. These variations can also be used to determine the
changes in the spacing and anionic field strength of the ion ex-
change sites on the molecule. With more information of this
type, it will be possible to predict the variation of the ex-
change parameters for other metals, including trace metals.

Estuaries are the major pathway of materials from the rivers
to the marine enviromment. In order to understand how dissolved
and particulate organic matter within the estuary affect the
speciation of cations within this environment, the ion exchange
parameters as a function of ionic strength must be studied. In
addition to the physical transfer of material between the
dissolved and particulate forms, the salinity variations also
affect the ion exchange abilities of these organic molecules.
These two major processes can affect the organic material distri-
bution and ability to bind metals, and hence the overall distri-
bution of a given trace metal.
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Abstract

Humic and fulvic acids comprise a major portion of naturally
occurring organic matter. They are high molecular weight poly-
mers that can act as ion exchangers. Although humic materials
have been found in both marine and fresh water environments,
evidence suggests that significant amounts of terrigenous humic
materials do not reach the marine environment. Humic materials
are deposited by the mixing of fresh water and seawater in
estuaries. The reactions of these organic molecules with cations
were studied by potentiometric titrations. Humic substances were
extracted from sediments of Chesapeake Bay. Ion exchange reactions
between H and Ca, Mg, K and Na were studied in solutions of varieus
fixed ionic strengths. The chloride salt of the H-displacing
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cation controlled the ionic strength. Analysis of the titration
curves demonstrates that the organic molecule ion exchange sites
fit a regular solution model. Thermodynamic constants for some
of the exchange reactions are given here. The exchange para-
meters varied with ionic strength. These variations apparently
are related to changes in configuration of the humic molecules.
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Chemical Speciation of Copper in River Water

Effect of Total Copper, pH, Carbonate,
and Dissolved Organic Matter

WILLIAM G. SUNDA and PETER ]. HANSON

National Marine Fisheries Service, Southeast Fisheries Center,
Beaufort Laboratory, Beaufort, NC 28516

There is increasing evidence that the availability of
aqueous trace metals to a number of organisms is determined by
free metal ion activity rather than the total concentration of
metal in solution (1-6). The chemical associations of trace
metals with inorganic and organic ligands are major factors that
control metal ion activities and thus bioavailability.

In this study, we 1nvest1gate the complexation of copper by
inorganic and organic ligands in the water of two rivers in
coastal North Carolina. An ion-selective electrode was used to
differentiate between free and bound cupric ion in titrations of
river waters and model solutions. Stability constants were
determined in chemically defined solutions for complexation of
copper by hydroxide and carbonate ions, the two major inorganic
copper complexing 1igands in most natural waters (7). From these
results, total copper in the river water was partitioned into
organic and inorganic forms and stability constants for complexa-
tion of copper by natural organic ligands were calculated.
Finally, models were calculated which predict the variations in
chemical speciation of copper resulting from changes in the chemi-
cal parameters: pH, carbonate alkalinity, concentration of dis-
solved organic matter, and concentration of total dissolved
copper.

The rivers sampled were the Newport and Neuse. The Newport
River is a small coastal plain river (mean discharge approximately
0.4 to 11.2 m3 sec-1) with a watershed of approximate]y 340 km2.
The Neuse River, in_contrast, is a larger river (mean discharge
approximately 130 m3 sec-!), originating in the p1egmont region
with a drainage basin of approximately 1.1 x 104 km¢. The Newport
River water used in this investigation is character1zed by a high
concentration of dissolved organic carbon (15 mgC 2-1), Tow pH
(6.0), low carbonate alkalinity (0.06 mM) and relatively low con-
centrations of alkaline earth cations (0.14 mM Ca and 0.03 mM Mg).
The Neuse water had an apprec1ab1¥ lower concentration of dis-
solved organic carbon (3.0 mgC 2-1), higher pH (6.8), higher
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carbonate alkalinity (0.15 mM), and about the same concentrations
of calcium and magnesium (0.73 mM Ca and 0.04 mM Mg).

Materials and Methods

Water samples were collected from the Newport River upstream
from Newport, North Carolina and from the Neuse River several
miles downstream from Kinston, North Carolina. Standard proce-
dures for handling water samples were adopted to minimize changes
in the natural state of the samples during sampling and storage.
Portions of the samples were filtered through glass fiber filters
(Gelman A-E) within 24 hr of collection. A portion of the fil-
tered river water was exposed to high intensity ultraviolet radi-
ation (Ladolla Scientific Model P0-14 Photooxidation Unit) to
photooxidize organic matter (8). Calcium and magnesium concen-
trations were determined in filtered samples by flame atomic
absorption spectrophotometry (Perkin Elmer 403). Dissolved organic
carbon was determined using a CHN analyser (F and M 185) on the
residue left after freeze drying samples of acidified, filtered
river water. Carbonate alkalinity of filtered and UV-treated
samples was calculated from pH and Pco2 data for samples equi-
librated with air.

The chemical speciation of copper in river water and model
solutions was investigated by a titration technique in which
cupric ion activities were measured at constant pH as the total
copper concentration ([Cugr]) was varied by incremental addi-
tions of CuSOq. pCu(-log cupric jon activity) was measured with a
cupric ion-selective electrode (Orion 94-29) and pH with a glass
electrode (Beckman 39301) both coupled to a single junction
Ag/AgCl1 reference electrode (Orion 90-01) in a temperature con-
trolled (25 + 0.5°C) water bath. Total copper concentrations in
the titrated solutions were determined directly by atomic absorp-
tion spectrophotometry (Perkin Elmer 603) using a graphite furnace
(Perkin Elmer 2200). Measurement of total copper concentrations
is necessary because of adsorptive loss of copper from solution
onto container and/or electrode surfaces.

The following procedure was followed for all copper titra-
tions at 25°C and constant pH. The three electrodes were first
preconditioned for 30 min in a solution at pH 8 containing 0.1 M
Tris base, 0.05 M HC1 and sufficient CuSO4 to achieve a pCu of
13.0 to 13.5. The electrodes were then rinsed several times with
distilled water and placed for 30 min in a portion of the solution
to be titrated. The electrodes were then placed in a fresh 70 mg
portion of the same solution contained in a 100 m2 borosilicate
glass beaker and titrated with CuSO4. Sufficient time was allowed
for the electrodes to reach steady state potentials after each
copper addition. At no copger addition, 60 min was allowed. For
copper concentrations < 10~/ M and > 10-7 M, measurements were
made 30-60 min and 20-30 min, respectively, after each copper ad-
dition. After reaching steady state, pCu and pH values were
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recorded and the solution was subsampled (from 0.01 to 1.0 m&) for
total copper determination. pH was held constant during the ti-
tration by controlling Pcpoo. At high concentrations of added
copper in river water samp?es (>2x 10-2 M) it was necessary to
add sufficient quantities of NaOH to neutralize hydrogen ions re-
Teased by the complexation of weak acid functional groups.

Titrations were performed on untreated, filtered, and UV-
treated filtered river water samples at in situ and adjusted pH
values. The effect of pH on copper speciation was investigated
by titration of filtered Newport River water at pH 7.0 and
filtered Newport and Neuse waters at pH 8.0. Newport River water
was adjusted to pH 7.0 by decreasing the partial pressure of COp
from the initial ambient value of about 10 times the atmospheric
level. To adjust the pH to 8.0, sodium bicarbonate was added to
bring the river water samples to a concentration of 0.5 mM with
subsequent adjustment of Pcop. Titrations were also conducted at
pH 7.0 in model solutions consisting of 0.01 M KNO3 and 0.1 mM
NaHCO3 with and without the addition of 0.75 uM histidine to test
electrode behavior in solutions of known chemistry.

Stability constants for the complexation of copper by hydrox-
ide ion (Cu hydrolysis) were determined from measurements of pCu
and plCutgT] as a function of pH in solutions containing 0.01
M KNO3 and 1.0 and 2.5 pM CuSO4. These solutions were first
purged with nitrogen at pH < 6 to remove CO2 and then closed to
the atmosphere. Measurements were made under a nitrogen atmos-
phere as the solutions were titrated with small quantities (<25 ug
per addition) of a concentrated solution of KOH. For the deter-
mination of stability constants for carbonate complexes, measure-
ments of pCu and p[Curgy] were made as a function of pH in a
solution containing 0.01 M NaHCO3 and 5 pM CuSO4. The pH and
thus the carbonate ion activity was varied by adjusting Pcoa-

Cupric ion activities and cupric ion concentrations were
determined using the Nernst equation from the differences in
potential between the test solutions and a standard solution con-
sisting of 107° M CuSOq and 0.01 M KNO3 at pH 5.4 + 0.3. Values
of cupric ion activity in test solutions were based on a cupric
ion activity coefficient of 0.68 in the standard solution as
calculated from the extended Debye-Huckel equation. For measure-
ments in defined solutions containing 0.01 M KNO3 or 0.01 M
NaHCO3 cupric ion concentrations could be directly computed via
the Nernst equation because activity coefficients were the same
in both test and standard solutions.

Total copper concentrations in aliquot samples of the titra-
tion solutions were measured by electrothermal atomic absorption
using direct injection of the acidified (HNO3) sample into the
graphite furnace. Standards were prepared at the same acid
strength as the samples and copper values were obtained by the
comparator method. Copper concentrations in filtered (Gelman A-
E) Newport and Neuse waters were 0.011 uM and 0.025 uM, respec-
tively, and were well within analytical capability. Thus, no
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sample preconcentration was required. The precision as estimated
by replicate analyses was about + 0.00062 pM, (reported as one
standard deviation) which is equivalent to a 1% relative standard
deviation at the midrange of the standards.

Computation of Stability Constants for Hydroxo and Carbonato
Complexes. Stability constants for the formation of hydroxo com-
plexes were computed by linear regression from the following
equation:

2+
[CUTOT] - [CU :I * a + K* + (])
s [Cut] Cu(OH)2 OH- CuOH
OH-

where [Cutgr] and [Cu2+] are the measured concentrations of total
dissolved copper and cupric ion respectively and agy- is the ac-
tivity of hydroxide ion gs computed,from the measured pH and the
ion product of water. KCyoH* and BCu(OH)2 are stability constants
for the formation of mono and dihydroxo complexes as defined by
the equations:

. i [CuoH']
Keuowt = EE;ﬁ:ij;;;j (2)
\ [cu(0H),]
Bou(on), ~ [C2*] 2y - (3)

Mass balance for total soluble copper is expressed by the equation:

[Cupgr] = [Cu?*] + [CuoH™] + [Cu(OH),] . (4)

Equation 1 is derived by algebraic combination of equations 2, 3
and 4.

The left term of equation 1 was computed for each data set
([CuZ +1, [CuTQT], pH) and then regressed as a linear function of
agH-. The y-1ntercept and the slope of the regression line are
KCuoH*+ and BCu(OH)2= respectively.

A similar linear regression procedure was used for the
determination of carbonato stability constants. Here the equation
regressed was:

([Cuggy] - ([0?'] + [0 2 sy £))/ [66"] agq - =

BCu(co 2- 22~ * KCuCO

3)2 3
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2
The term [Cu?*] OH' B represents the concentration of mono

plus dihydroxo complexes as comptued from stability constants
(Table I). The activity of carbonate jon was computed from the
concentration of added NaHCO3 (0.01 M) and carbonate acidity
constants at infinite d11ut1on and 25°C reported in Stumm and
Morgan (9). The stability constants obtained from the s]ope and
y-intercept of the regress18n of equation 6 are de§1ned in terms
of the concentrations of Cuét , CuC03, and Cu(C03) and the
activity of carbonate ion. Stab111ty constants for hydroxo and
carbonato complexes were corrected to infinite dilution using
activity coefficients calculated from the extended Debye-Huckel
equation.

Scatchard plots. Stability constants for the binding of Cu
by a model Tigand (histidine) and by natural organic ligands in
river water were computed using Scatchard plot diagrams as
described previously by Mantoura and Riley (10). The general
equation for this analysis was:

[CuLi]

T K[Li_7ord = Kc[CuL;] (6)

where [CulLi] and [Li-ToT] are the concentrations of copper ligand
complex and total 11gand Kc is a conditional stab111ty constant
valid for a given set of chemical conditions of pH, jonic strength
and concentration of competing metal ions (Ca, Mg, etc):

[CulL]
Ke = (7)

[u™] ([L] + 5 [T + 5 [MeL])

2 [HyL] is the concentration of all protonated forms of a weak
ac1d ligand and = [MeL] is the sum of all complexes of the ligand
with metals other than copper, particularly Ca and Mg. The con-
centration of organically bound copper was computed to be equa]
to the total measured concentration of copper in solution m1nus
the computed concentrations of inorganic species: Cu2+ CuOH*
Cu(0H)», CuC03 and Cu(C03)5™ . Concentrations of these spec1es
were calculated from hydroxo and carbonato stability constants
determined in this study (Table I). Activity coefficients used
in these calculations were computed from the extended Debye -
Huckel equation using est1mates of jonic strength based on the
measured concentrations of CaZt, Mg2*, carbonate alkalinity and,
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where applicable (titrations at pH 8.0) the added concentration
of NaHCO3.

The Scatchard plot analyses for the copper titration of
histidine is straight forward since there is gnly a single one-to-
one complex formed. Here a plot of [CulL]/[Cu2*] as a function of
[CuL] should be linear with an x-intercept equal to the concen-
tration of histidine and a slope equal to -K.. However, Scatchard
plots derived from titration data for river water showed markedly
non-linear curves indicating the presence of several binding
sites with different stability constants. Here an iterative
stripping procedure was adopted to estimate total concentration
of individual ligands (more 1ikely groups of ligands or binding
sites) and conditional stability constants.

Chemical Speciation Models. Using the stability constants
derived by us for copper complexes with hydroxo and carbonato
1igands (Table I) and for natural organic ligands (Table II),
the Newport and Neuse Rivers were modeled for copper speciation
as a function of pH, total copper, carbonate alkalinity and total
dissolved organic matter. Speciation models were calculated from
the equation:

[Cuqgr] = [Cu2+] + [CuOH'] + [Cu(OH),] + [Cuco,] +

[Cu(C05)5] + [CuLyy;] (8)
where
[cu?t] = ac 2+ [ ye 2+
[Cu0H] = ag 2+ agy- Keout / Toyout
[Cu(0H),] = ag 2+ agy- Bu(oH), / Ycu(oH),
[CuC03] = ap 2+ acg2- K

3 cuCoz/ Yeuco,

2- 2
[Cu(C0,)57] = a, 24+ ac, 2- B 2- /v -
372 Cu CO3 Cu(CO3)2 Cu(C03)2

N

[Cubrord = agy2e 2 Dhipor] Keoq /(1 Kooy agy2e)
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K and B denote zero corrected stability constants, K._i are
conditional stability constants valid under the same chemical
conditions as for their determination, [Lj-ToT] is the concentra-
tion of the ith organic ligand (ligand group or binding site)

of N total ligands resolved by Scatchard analyses, and y is the
single ion activity coefficient. Polynuclear and mixed ligand
complexes were not considered significant and, thus, not included
in the model.

Results and Discussion

Hydroxo and carbonato constants. p[Cu2+] and p[Cutgr] were
measured as functions of pH for the KOH titrations of solutions
containing 0.01 M KNO3 and initial concentrations of 2.5 uM and
1.0 uM CuSO4. p[bu2+J increased with increasing pH. At least
some of the decrease in the measured cupric ion concentration
could be accounted for by a decrease in dissolved copper due to
adsorption (Figure 1). Adsorption increased with increasing pH
in the range approximately 7.0 to 9.0 but remained constant at pH
values above this range. Up to 92% of the dissolved copper was
lost from solution due to adsorption onto containers or electrode
surfaces. Consistent values for adsorption were found as the pH
was first increased and then decreased indicating that adsorption
is reversible (Figure 1).

A plot of p([Cul*]/[Cutgr]) as a function of pH for three
separate titrations fall on a single curve despite up to five-
fold differences in measured dissolved copper concentration at a
given pH (Figure 2). This behavior of the ratio [Cu2*]/[CutqT]
is indicative of the formation of mononuclear hydrolysis species
and excludes the possibility that the observed reduction in free
cupric jon may have been caused by precipitation of Cu(OH)
(solid) or the formation of polynuclear complexes. Analysis of
data for p[Cu2+], p[Cutgr] and pH in the pH range 7.7 to 10.8
indicated the presence of two hydrolysis species (CuOH* and
Cu(OH)») whose stability constants are given in Table I. OQur
value of the stability constant for the monohydroxo complex
(106-48) falls within the range of previously published values
(100-0 to 106-66) at 25°C and ionic strength approaching infinite
dilution (11, 12, 13, 14).

Values of the stability constant for the dihydroxo complex
reported in the literature are quite variable ranging from 1010.7
to 1014.3 (11, 12, 14, 15). This variability has resulted in con-
siderable uncertainty as to the importance of copper dihydroxo
species in natural waters. Paulson (14) discusses sources of
error in previous experimental and computational procedures that
can account for much of this variability. Our dihydroxo stability
constant (log B2 = 11.78) at 25°C and infinite dilution is in
close agreement with that reported by Paulson (14) (log B =
11.80) who also used a cupric ion-selective electrode technique
and also corrected his data for adsorptive loss of copper.
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Figure 1. Loss of copper by surface adsorption as a function of pH for solutions

containing 10mM KNOj;; () and ([J) 1.0uM CuSO,, and (O) 2.5uM CuSO,;

(W) increasing pH and ([J) decreasing pH. pH varied by addition of concentrated
KOH and HCL.
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Table I. Sta%i]ity constants for reaction of copper with OH-,

C03¢~, and histidine at 25°C.
Ligand Ionic strength log Ki log 8, References
OH™ 0 corr. 6.48 11.78  This work
c0,%” 0 corr. 6.74  10.24 v v
Histidine 0.01 10.45%  ———-- " "
0.01 10.55 18.80 Sillen & Martell,

(12)

* Calculated from a conditional stability constant at pH 7.00 of
108.21 (Figure 5) ang Sirst and sgﬁond hydrogen jon associa-
tion constants of 107-20 and 106-00 (12).

Analysis of data for p[Cu2+], p[Cu 0 ] and pH for the solu-
tion containing 0.01 M NaHCO3 and 5 EM_EU£04 are consistant with
the presence of both mono and dicarbonato complexes (Figure 3).
Constants for these complexes computed from titration data are
given in Table I and are in good agreement with previously pub-
Tished values as reported in Sillen and Martel (11), Sunda (13)
and Bilinski et al. (7). Adsorption of copper in the 0.01 M
bicarbonate soTutions was not as great (maximum adsorption 50%)
as that which occured in the absence of carbonate ion, suggesting
that carbonato complexes of copper are not as readily adsorbed as
cupric ion and/or copper hydroxo species.

Model solutions: Titrations at constant pH and a varijable
p[CuroT]. Data for the Cu titration of a model solution contain-
ing 0.75 uM histidine, 0.1 mM NaHCO3 and 0.01 M KNO3 at pH 7.0
(Figure 4) was analyzed by Tinear regression using a Scatchard
plot diagram (Figure 5). This analysis yielded a stability con-
stant in good agreement with previously published values (Table
I). A theoretical curve calculated from this constant was in
good agreement with the measured pCu and p[CurgT] data throughout
the titration range of p[CuToT] (Figure 4) indicating good elec-
trode behavior even at concentrations of Cutgr as Tow as 10-8.2 M.
PCu and p[Curgr] data did not agree as closely with the theo-
retically calculated curve for a titration of a similar solution
containing no added chelator. The measured pCu values were in
good agreement with values calculated on the basis_of inorganic
complexation for total copper concentrations > 10-7 M, but devi-
ated from predicted values below this concentration (Figure 4). A
maximum difference between measured and calculated pCu values

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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Figure 3.  Titration data for complexation of copper by carbonate. Solution con-

tained 10mM NaHCO; and 5uM CuSO,. pH varied by adjusting Pco,. Curve

calculated according to hydroxo and carbonato stability constants determined in
this work (Table I).
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Figure 4. Copper titrations of model solutions at 25°C and pH 7.00. ([]) Solu-

tion contained 0.0IM KNO; and 0.ImM NaHCO, in distilled water. (O) Solution

contained 0.75uM histidine, 0.0IM KNO,;, and 0.ImM NaHCO,. Solid lines

through data points are theoretical curves calculated according to constants given
in Table I. Dark solid line represents pCu — p[Curor].
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Figure 5. Scatchard plot for histidine model solution. The linear regression line
for the data is shown.
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(0.4 pCu units) occured at p[Cutgr] 8.0. This deviation from
ideal behavior is apparently due to a disequilibrium between the
solution titrated and the membrane surface of the cupric ion-
selective electrode. Our experience has shown that 10/ M total
copper is often the lower 1imit for accurate determination of
cupric ion activity. However, the exact limit of detection is de-
termined by a variety of factors: complexing characteristics of
the solution including kinetics of the complexation reactions,
preconditioning of the electrode surface, and time allowed to
establish equilibrium. The cupric ion electrode shows best be-
havior in well buffered solutions in which the kinetics of com-
plexation reactions are fast, such as in the histidine solution.

Copper titrations of river water. Copper titration data
indicates that copper is highly bound in both Newport and Neuse
River water (Figures 6 and 7). A generally close agreement
between titration curves of filtered and unfiltered samples is
consistant with minor to negligible binding by particulate matter
retained by glass fiber filters (the mean retention size of
glass fiber filters is approximately 0.7 to 0.9um (16). Close
agreement between measurements of background total dissolved
copper in untreated Neuse River water (0.029 uM) and filtered
Neuse River water (0.025 pM) also indicates that only a minor
fraction of copper was associated with particulate matter.

Non-ideal behavior of the cupric ion electrode occurs at
p[Cutgr] > 7 in the titrations of both filtered and unfiltered
Newport River water at pH 5.95 and filtered water at pH 7.0 and
8.0. At Tow total copper concentrations, measured pCu values
approach a constant value independent of the total copper in
solution. Similar behavior was observed for filtered Neuse River
water at pH 8.0, but not at pH 6.78.

As indicated by titration data (Figures 6 and 7), binding of
copper in both Neuse and Newport River water decreases with in-
creasing total copper in a manner consistant with a stepwise ti-
tration of a number of different ligands and/or binding sites.
Binding of copper increases with increasing pH consistant with
reactions with protonated weak acids.

Comparisons of Cu titrations of natural filtered river water
and UV-irradiated filtered river water show a large decrease in
binding of copper after photooxidation of organic matter. UV-
treatment resulted in > 97% destruction of dissolved organic
matter in both Neuse and Newport River waters, based on Tight
absorption measurements in the wavelength range 300-500 nm and
measurements of dissolved organic carbon. Measured pCu values
in natural filtered Newport River water at pH 5.95 are appreciably
higher than predicted for complexation to inorganic ligands
(C0§™ and OH-) alone by values ranging from 0.7 at p[CuroT] 4.2 to
2.47at p[Cutgr] 6.9. From calculations at p[CutgT] 6.9 only 0.4%
of the cogper in solution is present as inorganic species, pri-
marily Cu*, with the remaining 99% apparently bound to organic

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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F igure 6. Copper titrations of Neuse River water at 25°C. (@) Untreated water
at in situ pH 6.78; ([]) glass—fiber filtered water at pH 6.78; () glass—fiber filtered
water at pH 8.00; (O ) UV-treated glass—fiber filtered water at 6.78; (#) twice
filtered UV-treated water at pH 6.78, first filtration by glass—fiber prior to UV-
irradiation, second filtration by membrane (0.2um nuclepore) after irradiation.
Model curves through data points were calculated according to stability constants
determined in this work (Tables 1 and II). Dotted lines indicate limits on data
used for calculation of conditional stability constants for organic binding.
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Figure 7. Copper titration of Newport River water at 25°C. (@) Untreated

water at in situ pH 5.95; ([) glass—fiber filtered water at pH 5.95; (O) glass—fiber

filtered water at pH 7.00; (\) glass—fiber filtered water at pH 8.00; ( O ) UV-treated

glass—fiber filtered water at pH 5.95. Model curves through data points were

calculated according to stability constants determined in this work (Tables I and

II). Dotted lines indicate limits on data used for calculation of conditional sta-
bility constants.
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Tigands. The predominance of binding by organic ligands is
confirmed by an almost complete destruction of binding capability
after UV-photooxidation (Figure 7). 1In the UV-treated Newport
River water at pH 5.95, measured pCu values were in good agreement
with those calculated from inorganic complexation in the range of
plCutor] 7 to 4. A slight increase in measured pCu of up to 0.4
units was observed relative to that predicted from inorganic
complexation at p[CurgT] > 7. This deviation from pCu values
calculated from consideration of inorganic complexation at
p[Curgr] > 7 is similar to that observed in the model solution
containing 0.01 M KNO3 and 0.1 mM NaHCO3 at pH 7 (Figure 4) and
thus, may also be due to non-ideal electrode behavior at low
total copper concentrations.

UV-treatment of filtered Neuse River water also caused a
large decrease in the binding of copper at pH 6.78 and p[CutqTl]
< 7 consistant with predominance of binding of copper by organic
ligands in the natural filtered river water. However, at values
of p[Cu 1] > 7 in the photooxidized filtered Neuse River water
(pH 6.7&?, the measured pCu values behave as if copper was highly
bound by a site present at a low concentration (v 10-7.5 M)
with a relatively high stability constant, although we recognize
that the cupric ion electrode may be exhibiting some degree of
non-ideal behavior. Filtration of the UV-treated river water
through a 0.2 um filter (Nuclepore) reduced the background concen-
tration of copper in the water from 0.025 UM to below the de-
tection Timit of total copper analysis (0.001 uM) indicating
that the background copper was either adsorbed to or incorporated
into filtrable particles. Titration of this refiltered water
also gave a curve for measured pCu vs p[CuTgT] in agreement with
a reduced level of copper binding. The nature of the particles
that copper was apparently associated with is unknown as is the
nature of the chemical association. The particles may have been
hydrous metal oxides or a small fraction of organic matter
resistent to photooxidation. We do not know whether the particles
were initially present in the river water or were formed during
photooxidation, or whether copper was adsorbed to the surface of
the particles or incorporated into the particle matrix. A1l of
these possibilities are completely consistant with the observed
data. However, since the apparent degree of association of copper
with the particles present in UV-treated water is small at
pLCurgr] > 7, our conclusion that copper in the natural river
water is primarily bound by organic matter at p[CurgT] > 7 is not
affected significantly.

Analysis of Organic Binding. Scatchard plots for the binding
of copper in filtered river water showed non-Tinearity indicative
of the presence of binding sites having different stability con-
stants (Figure 8). Similar non-linear behavior has also been ob-
served in Scatchard plots for copper binding by natural organic

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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};g?nds from lake water and soil as measured by gel chromatography
0).

Scatchard plot analysis of data for river water titrations
was conducted for values of [Curgr] > 10-7 M. This was done
because of apparent non-ideal electrode behavior at [Cutgt]
< 107/ M. Data at the highest concentrations of total copper in
Newport River water at pH 7.0 and pH 8.0 were also excluded be-
cause pCu values approach those predicted for the formation of
solid copper hydroxide, i.e., pCu 6.7 at pH 8.0 and 4.7 at pH 7.0.

In our analysis, we modeled the data for binding of copper by
organic matter in accordance with the fewest number of binding
sites required to account for the observed copper titration data.
The titration data for each river and pH were analyzed separately
by resolving the Scatchard plots into postulated one, two, three
and four binding site models. The four possible models for each
river and pH were tested against the data using a runs test and
F-test (17) to detect and test the significance of systematic de-
viations. From these tests we conclude that at least three
separate binding sites are required to model the Newport titration
data at pH 5.95, 7.0 and 8.0 and the Neuse data at pH 6.78
(Figures 6 and 7). Two binding sites are required for the Neuse
at pH 8.0 which is consistent with the restricted range of the
titration data. The actual number of binding sites may be greater
than the number resolved, since sites having similar stability
constants cannot be resolved by the present technique. Values for
total concentration of binding sites and conditional stability
constants are given in Table II.

In general, a consistant set of conditional stability con-
stants was obtained for the two rivers in which the constants
increase with pH and decrease with the ratio of moles of binding
sites per gram organic carbon (Figure 9). The relationship be-
tween stability constants and pH is similar for all three proposed
binding sites in each river with values of A log K./ A pH in the
range 1.0 to 1.3. Mean values for [Lij_7oT] for each of the
i=1,2 or 3 types of binding sites are higher in the Newport River
water relative to those for the Neuse by factors ranging from 4
to 5. Total ligand concentration £ [Li-ToT], i.e., total binding
capacity, is higher in the Newport by a factor of 5 which is in
agreement with the_five fold difference in dissolved organic carbon
(DOC): 15 mgC 2-1 for the Newport and 3.0 mgC %=1 for the Neuse.
Thus, the general picture that emerges is that the binding
characteristics of the organic matter in the Newport River water
is similar to that in the Neuse with the major difference being
the quantity of binding sites present as indicated by the dif-
ference in the quantity of dissolved organic carbon.

It is 1ikely that most if not all of the observed binding of
copper to organic matter results from complexation to fulvic or
humic acids. Newport River water has a pronounced yellowish-
brown color and shows continuously increasing light absorption
with decreasing wave length (13) consistent with the presence of
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these substances. From unpublished data we know that nitrogen to
carbon_ratios (0.02 gN gC-'), hydrogen to carbon ratios {0.11
gH gc-1) and carboxyl group to carbon ratios (13 meq gC-!) for
the dissolved organic matter in Newport River water are similar
to those of humic and fulvic acids extracted from soils (18).
Similarly, Beck et al. (19) have reported that the dissolved
organic matter in another coastal plain river of the southeastern
United States, the Satilla, has chemical properties indistinguish-
able from those of fulvic acids. Postulated binding sites iden-
tified as Ly, Lp, and L3 may represent individual groups of
molecules within complex mixtures of humic and fulvic compounds
or different sites on polyelectrolytic molecules (20) and/or
colloidal particles.

The increase in log K. with pH is typical of copper
binding to weak acid functional groups. For the reaction of
copper with a protonated binding site HpjL,

Cu+ HL =CuL+nH (9)

observed slopes of A log K./ A pH (Figure 9) indicate values of n
in the range of 1.0 to 1.3. A second possibility is that the ob-
served increase in binding with pH results from an increase in
negative charge on polyelectrolytic molecules or the surface of
colloids (21). Both effects may be important.

Binding of metals to humic compounds is thought to occur
primarily by chelation with sites consisting of a carboxyl group
and an adjacent phenolic group (salicylate type sites) and/or with
sites composed of two adjacent carboxyl groups on aromatic rings
(phthalate groups) (18). Copper binding capacities for Newport
River organic matter (10 + 1 mmol gC-1) at pH 7.0 and 8.0 and
for the Neuse (11 + 1 mmoT gC-!) at pH 6.8 are only slightly less
than the content of carboxyl groups for Newport River organic
matter (13 mmol gC-1; Sunda, unpublished data). This is
consistent with the binding of copper by carboxyl groups and
indicates that there are sufficient carboxyl groups to account
for the observed binding of copper. In addition, slopes (A log
Kc/ A pH) of 1.0 to 1.3 observed for all three binding sites 1in
the pH range 6 to 8 may result primarily from reactions in which
a copper ion displaces a hydrogen ion from a phenolic group
(equation 9), since these groups will be primarily protonated at
neutral pH values whereas carboxyl groups will be mostly de-
protonated. Therefore, of the proposed mechanisms for copper
binding to humic compounds, our data are most consistent with
copper binding to salicylate type chelation sites.

Our results show that conditional stability constants for
binding of copper by natural organic ligands are highly dependent
on the pH at which the measurement was conducted and the portion
of the titration curve which was examined. Published stability
constants for fulvic acids often vary considerably and Cheam (22)
has reported that these apparent differences can be reasonably
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accounted for by differences in pH and the ratio of [Cutgyi/gram
organic matter. Our conditional constants at pH 8.0 for that
portion of the binding sites designed as L2 are in good agreement
with stability constants measured by Mantoura and Riley (10) for
binding of copper by organic matter from lake water at the same
pH and similar ratio of moles of binding sites per gram organic
carbon (Figure 9). Mantoura and Riley, who used a gel filtration
technique to measure stability constants, found their data con-
sistent with the presence of two separate binding sites. To
model our titration data we usually had to postulate the exis-
tence of no fewer than three separate organic binding sites. The
apparent difference between results of the two studies can be
resolved if we note that our titrations usually covered 2 to 3
orders of magnitude change in bound copper concentration whereas,
the experiments of Mantoura and Riley (10) covered only slightly
greater than one order of magnitude. Thus, it was impossible for
these investigators to determine the characteristics of copper
binding outside of their experimental range.

Chemical Speciation Models for the Neuse and Newport River
Waters. Copper speciation models for filtered Newport and Neuse
River waters as a function of total copper concentration at in
situ pH values (Figures 10a and 1la) indicate that soluble copper
is greater than 98% bound to organic ligands in the range of
total copper concentration normally encountered in river water,
i.e., p[CutgTr] > 7. At these concentrations, copper is primarily
complexed by organic binding site Ly, a site representing ligands
present at low concentrations with high stability constants.

Site Ly accounts for about 1% of the total binding capacity but
>90% of the bound copper at p[CurgT] > 7. Only at extremely high
concentrations of total copper, i.e., p[Curgr] < 3.7 in the
Newport and < 4.5 in the Neuse, would inorganic species of copper
become dominant. Increasing the pH of the Newport from 5.95 to
7.0 (Figures 10a and 10b) without changing carbonate alkalinity
does not alter the order of dominance of copper species. However,
in the natural range of total copper concentrations (i.e.,
pLCutgrd > 7) increasing pH to 7.0 does increase the extent of
totaT organic binding relative to inorganic species. This re-
sults from the strong pH dependence of conditional stability con-
stants for copper complexes with natural organic 1igands as dis-
cussed previously.

At in situ pH and in situ concentrations of dissolved copper
in the Neuse (0.025 uM) and the Newport (0.011 uM), the models
predict similar pCu values for the two rivers (10.4 and 10.6 for
the Neuse and Newport). Thus in consideration of the major
factors controlling pCu values in the two rivers, the higher con-
centration of organic binding sites and lower total dissolved
copper in the Newport are almost exactly compensated for by the
higher pH of the Neuse.
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SUNDA AND HANSON Copper in River Water

NEUSE RIVER pH 6.78 NEUSE RIVER pH 8.00

a b

plcux;]

p[Curorl

Figure 11. Chemical speciation model for dissolved copper in the Neuse River

at 25°C as a function of total copper concentration. (a) In situ pH 6.78, [Alk]

— 0.15mM and I — 0.0005M; and (b) pH 8.00, [Alk] — 0.65mM and 1 = 0.00IM.
DOC — 8 mgCL™.
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Models for copper speciation as a function of total concen-
tration of organic sites p[Lygr] (Figures 12 and 13) were calcu-
lated at p[Cutgr] 7 with the assumption that total organic matter
was varied without alteration of the relative concentrations of
individual binding sites with respect to the total. Copper
species are also shown versus dissolved or?anic carbon (DOC)
using measured values of 15 and 3.0 mgC 2~' for the Newport and
Neuse, respectively. At in situ pH (Figures 12a and 13a), the
dominance of organic bound species is again demonstrated by the
observation that DOC would have to drop below approximately 0.4
and 0.2 mgC 9-1 for the Newport and Neuse respectively, before
inorganic species of copper would dominate. The effect of pH on
organic complexation is also evident as DOC in_the Newport would
have to be reduced to approximately 0.1 mgC 2-1 at pH 7.0 and
0.08 mgC 2~1 at pH 8.0 before inorganic species would dominate
over organic species. Similarly, DOC for the Neuse would have to
be reduced to 0.1 mgC 21 at pH 8.0.

In a recent review, Duce and Duursma (23) conclude that our
knowledge of dissolved organic carbon in the world's rivers is
limited. From available data for such rivers as the Amazon,
Hudson, Mississippi, MacKenzie and others, dissolved organic
carbon was found to range from 2 to 5 mgC 2-1. These values are
comparable to that found in th? Neuse (3.0 mgC 2-1), but Tower
than in the Newport (15 mgC &~'). Comparing this range of DOC
concentration with the results of our work and assuming that the
complexing characteristics of the organic matter remains approxi-
mately the same among watersheds, we would expect copper chemistry
in the world's rivers to be dominated by copper-organic inter-
actions. This conclusion agrees with that of Mantoura et al.
(24) as based on their copper speciation model for river water.

Copper speciation in the Newport and Neuse Rivers was calcu-
lated as a function of carbonate alkalinity at several pH values
for p[Curgr] 7 and the natural suite of organic ligands deter-
mined previously (Figures 14 and 15). The alkalinity range was
selected to reflect that expected in the world's rivers. From
the data of Livingstone (25), the alkalinity of the world's
average river was calculated to be approximately 0.96 mM. Stumm
and Morgan (9) present data that suggest carbonate alkalinities
in the world™s freshwater would fall in the approximate range
0.1 to 8 mM. 1

In the Newport River with a DOC of 15 mgC & °, organic
copper species clearly dominate over the full range of alkalini-
ties (p[A1k] 5 to 2) at pH 5.95, 7.0 and 8.0. At p[CurqoT] 7 and
p[L 0 ] 3.7 to 3.9, the organic binding site concentrations and
sta 1Tity constants are sufficiently large for organic matter to
successfully outcompete inorganic ligands. Thus, the copper com-
plexes with individual fractions of organic binding sites are
essentially invariant with alkalinity (Figures 14a-c). As pH is
increased the relative amounts of inorganic species of copper de-
cline especially at low alkalinities. As alkalinity intreases
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Figure 13. Chemical speciation model for dissolved copper in the Neuse River
at 25°C as a function of total organic binding site concentration. (a) In situ pH
6.78, [Alk] — 0.15mM and I — 0.0005M; and (b) pH 8.00, [Alk] — 0.65mM and
I = 0.00IM.
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NEUSE RIVER pH 6.78 NEUSE RIVER pH 8.00
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Figure 15. Chemical speciation model for dissolved copper in the Neuse River
at 25°C as a function of carbonate alkalinity at p[Curor] 7
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the relative 1mportance of the monocarbonato comg]ex increases to
dominate the inorganic species for [Alk] > 10-3.2 at pH 7.0
(Figure 14b) and [A1K] > 10-3-9 at pH 8.0 (Figure 14c). At in

situ pH 5.95 (Figure 14a) free cupric ion is the dominant in-

organic species at all alkalinities.

For the Neuse River, the copper speciation follows the same
general pattern (Figures 15a and b) with clear dominance of or-
ganic species for all alkalinities (p[Alk] 5 to 2) at pH 6.78 and
8.0. The lower concentration of organic matter in the Neuse
allows stronger competition by inorganic ligands for copper. At
the in situ pH 6.78 and [A1K] > 10-2-8 the CuCO3 complex out-
competes s the most concentrated but least strongly complexing
organic binding site L3 (Figure 15a).

In our models, we have assumed that conditional stab111ty
constants are 1ndependent of alkalinity. This assumption is not
strictly valid because increased alkalinity would usually be
associated with increased concentrations of calcium and magnesium
and these two cations may compete with copper for binding to
natural organic ligands (24). Increased alkalinity will also
result in increased ionic strength which may affect copper
binding to organic matter. Previous measurements of copper
binding in Newport River water using an ion-selective electrode
have shown, however, that ionic strength has only a slight effect
on the binding of copper by organic matter. Increasing the ionic
strength of a sample of filtered Newport River water by KNO3
addition from an initial value of ~ 10-3 M to a va]ue oE 10'
at p[Cuggr] 6.0 and pH 7.7 caused the value of log ([Cu +]/[Cu
organic ? to increase by only 0.2 to 0.3 units (Sunda, unpub-
Tished data) In the same sample of Newport River water contain-
ing an ionic strength buffer (0.1 M KN03) at the same p[Cutgr]
(6.0) and the same pH (7.7), increasing the calcium concenIrat1on
by addition of Ca(N03)2 from a backgound concentr%t1on of 0.26 mM
to a value of 2.7 mM decreased values of log ([Cu *1/[Cu organic])
by less than 0.2 units (from an initial value of -3.56 to a value
of -3. 42) Likewise under the same experimental conditions,
increasing the magnesium concentration by Mg(NO3)2 addition from
background value of 0.04 mM to a concentration of 0.94 mM caused
values of log (LCu*]/[Cu-organic]) to increase by only 0.2 units.
Since the majority of terrestrial waters have concentrations of
calcium and magnes1um within the concentration ranges investigated
(9), the omission of the influence of changing concentrations of
calcium and magnesium jons should have had only a minor influence
on our binding models.

The general conclusion from the copper speciation models is
that dissolved copper is predicted to occur in rivers principally
as organic complexes over the range of total copper, pH, dis-
solved organic matter and alkalinity values encountered in world
river waters. The principal variables controlling organic bind-
ing will be the concentration and composition of organic matter,
pH and total copper concentration. In cases where the toxicity
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of dissolved copper to organisms is determined by free cupric ion
activity, we would predict toxicity of dissolved copper to in-
crease with decreasing dissolved organic matter and decreasing pH.
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Abstract

The complexation of copper by organic and inorganic ligands
was investigated in the Neuse and Newport Rivers, two North
Carolina rivers that have widely different concentrations of dis-
solved organic carbon (3 and 15 mgC 2']). Potentiometric
titrations with a cupric ion electrode were used to measure com-
plexation of copper by organic and inorganic ligands in river
waters and chemically defined solutions. Stability constants for
complexation of copper by OH- and C03%~, the dominant inorganic
ligands for copper in natural waters, were determin d. g02§tants
at infinite di]ut%on for CuOH*, CuC03, and Cu(CO )g (10%-%c,
106.74, and 1010.24, respectively) agree favorab?y with ?reviously
published values. However, our constant for Cu(OH)2 (10 1.78) §s
" 2 orders of magnitude lower than values that have been widely
used in equilibrium calculations of copper speciation in natural
waters. As a result many published equilibrium models for copper
appear to have overestimated the importance of the copper di-
hydroxo species resulting in some cases in an appreciable over-
estimation of the total level of copper complexation.

Copper was highly complexed by dissolved materials in Neuse
and Newport river waters. A marked reduction in complexation
following U¥photmxidation of organic matter indicated that copper
was bound predominantly to organic ligands. Binding characteris-
tics of the organic matter in the two rivers was similar and a pro-
nounced increase in binding with pH suggested complexation of
copper by protonated weak acids. Scatchard plot analysis of the
Cu binding data indicated the presence of at least three organic
binding sites in each river whose conditional stability constants
increased with increasing pH and decreasing ratio of binding site
concentration per gram organic carbon. Copper speciation models
were computed for the range of pH, organic matter concentration,
alkalinity and total copper typically found in rivers. These
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models predicted that the speciation of copper in the world's
rivers will be dominated by complexes with natural organic ligands.
Binding of copper by organic ligands should have a marked in-
fluence on biological and geochemical reactivity of copper in
rivers, affecting important processes and phenomena such as
toxicity and nutritional availability to organisms, adsorption
onto surfaces, precipitation, and solid solution. Computational
models for the chemical speciation of copper in natural waters
that ignore organic complexation may inaccurately describe the
chemistry of copper in terrestrial waters and perhaps marine
waters as well.
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Nickel Complexes with Soil Microbial Metabolites—
Mobility and Speciation in Soils

R. E. WILDUNG, T. R. GARLAND, and H. DRUCKER
Battelle, Pacific Northwest Laboratories, Richland, WA 99352

It is well-established that inorganic physicochemical mech-
anisms play a predominant role in controlling trace element sol-
ubility in soils and sediments. However, soluble species of
trace elements which hydrolyze in the neutral pH range, or tend
to form cationic inorganic species with intermediate to high
ionic potentials are often present in natural waters as organic
complexes. Less is known of the form of trace elements in soil
and sediment solutions, but on the basis of detailed reviews of
inorganic and organic processes influencing trace element
cycling, it recently has been concluded that dissolved organic
matter at the sediment water interface serves to increase the
concentration of trace elements in waters by decreasing sorption
rate on the solid phase (1, 2).

Trace element organic complexes in soils may be generally
categorized on the basis of their solubility (3), although con-
siderable overlap likely occurs. The major classes of complexes
are 1) relatively high molecular weight humic substances that
have a high affinity for metals but are largely insoluble in
soils, and 2) relatively low molecular weight nonhumic substances
derived largely from microbial cells and metabolism that exhibit
a range in solubilities in association with metals. The origin
and properties of organic materials in both categories in rela-
tion to metal complexation in soils and sediments were recently
overviewed (1, 4). Of the humic substances, the humates (alkali
soluble, acid insoluble) and fulvates (alkali and acid soluble)
constitute up to 90% of the soil organic matter (5). Both frac-
tions exhibit high charge density due principally to acidic
functional groups that lead to a strong pH dependent affinity for
cations in solution and strong association with soil minerals and
other organic constituents in soils (6). Although largely insol-
uble in soils, the fulvates, thought to be of lower molecular
weight than the humates, may, in particular, have potential for
formation of soluble complexes with metals (7). Nonhumate mate-
rials are also likely to be of importance in metal solubilization
in soil. These consist of components of living cells, their

0-8412-0479-9/79/47-093-181$05.00/0
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exudates and the entire spectrum of degradation products which
ultimately serve as building units for the soil humic fraction.
Because of the generally high turnover rate of microorganisms and
readily decomposable organic matter in soils, nonhumate materi-
als, in contrast to humic substances, are inherently transitory
and the relative quantities and composition in soil may be
expected to vary with carbon sources and environmental conditions
(8, 9).

Limited investigations (7) have attributed most of the titrat-
able acidity in soil solution to the aliphatic acids (10) and
amino acids (11). However, a wide range of organic acids and
bases of microbial origin including simple aliphatic acids,
carboxylic acids derived from monosaccharides, products of the
citric acid cycle, and aromatic acids are likely present in soil
solution (10, 12). Recent evidence indicates that soil micro-
organisms produce water soluble ligands with a high affinity for
a range of metals (13, 14) and microbial activity influences Pu
solubility in soil (15). Unfortunately, although the presence of
organic complexes of Cu, Zn, and Mn in soil solution has been
reported (16, 17) few investigations, summarized by Mortensen
(18) and Stevenson and Ardakani (12), have identified specific
water-soluble ligands capable of metal complexation in soil, and
intact organometal complexes have not been isolated and identi-
fied. Thus, evidence in support of the presence of soluble metal
complexes in soil is largely circumstantial and there is a paucity
of knowledge regarding the nature, behavior, and role of organic
ligands in geochemical cycling. The development of an understand-
ing of the role of microorganisms in metal complexation has been
limited by the complexity of soil, sediment and microbial systems
and difficulties in the experimental separation of the effects of
microbial processes from physicochemical processes in soils and
sediments.

To aid in understanding the mechanisms of trace metal com-
plexation by soil microorganisms, an experimental approach was
developed which entailed 1) isolation of organisms from soil on
the basis of trace metal tolerance and C (carbon) requirements,
2) examination of metal transformations and form on growth of iso-
lated organisms in vitro, 3) determination of the mobility and
form of stable metal complexes in soil, and 4) identification and
detailed study of metal complexes exhibiting high metal affini-
ties and soil solubility as determined from steps 1) through 3).
This protocol was applied to the isolation and examination of
metal complexes formed on growth of soil bacteria and fungi
exposed to metals (Cd, Cr, Ni, Pu, T1) with a range of properties
and the chemistry of important Ni complexes was examined in
detail.
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Materials and Methods

Bacteria and fungi were isolated from soil on the basis of
metal tolerance and C source, grouped on the basis of morpho-
logical, growth and physiological parameters and examined for
ability to alter the solubility and form of metals in exocellular
solutions and alter metal solubility in soil. Soluble Ni com-
plexes were subsequently characterized in detail.

Isolation of Bacteria and Fungi from Soil Using Enrichment
Techniques. Two enrichment procedures were employed to isolate
microorganisms from soil: a tertiary enrichment, in which organ-
isms were isolated from soil after incubation to log phase in the
presence of added metal, and a two-phase enrichment, in which
organisms were isolated from the unincubated soil and grown on a
number of different C sources in the presence of metals.

In the tertiary enrichment procedure, soil (Ritzville silt
loam) was amended with starch (1.0%), NH,NO3 (0.5%), and Cd,

Cr, Ni, Tl (1, 10, and 100 pg/g) or Pu (0.05, 5 and 10 pCi/g).
The soil, with amendments, was brought to 22% moisture and incu-
bated (28°C) under aerobic conditions (continuous flow of COj

free air). At mid-log growth phase, as determined by COy evolu-
tion rate, an aliquot (1 ml) of a 1:10 incubated soil:water
slurry was inoculated into an enriched soil extract medium
containing glucose (1%), NH,NO3 (0.5%), KoHPO,; (0.05%),

soil extract (30%) and Cd, Cr, Ni, Pu, or Tl added in soluble
form, to achieve Cd, Cr, Ni and Tl concentrations of 1, 10, and
100 ug/ml and Pu concentrations of 0.05, 5 and 10 pCi/ml. Con-
trols were identical except metals were not added. The pH was
adjusted to 7.0 for aerobic bacteria and 6.0 for fungi. Strepto-
mycin sulfate (0.47%) was added to the fungal enrichment to pre-
vent growth of bacteria. The inoculated cultures were incubated
(28°C)with shaking (150 rpm) until maximum cell density was
obtained and secondary enrichments were initiated by transferring
an inoculum of each of the primary enrichments to fresh, enriched
soil extract medium containing the metals at the same concentra-
tions. The tertiary enrichment was then conducted in a manner
similar to the secondary enrichment. Pure cultures of organisms
were isolated at the end of each enrichment using successive pour
plate and streaking until cultures differing in colony morphology
were resolved. The pure cultures were maintained in stock on agar
slants in the presence and absence of the metals at the concentra-
tions used in isolation. The stock cultures were passed to fresh
slants monthly in order to assure viability.

A two-phase enrichment procedure was utilized to select soil
organisms on the basis of ability to metabolize classes of
organic compounds in the first phase; and on ability to grow in
the presence of metals in the second phase. In the first phase,
aliquots of a standard mineral base medium (Table I, glucose used
only in control) were separately amended with 1) aromatic acids,
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Table I. Composition of standard mineral base medium
employed in microbial studies.

Solution Volume per liter of
Designation Medium (ml) Composition

A 100 685 ml of KHzPoa(O.Zg),
315 ml of NaZHPOA(O.ZE)
diluted to 2000 ml

B 10 20.0 g MgSO, * 7H,0,
1.325 g 08012 2H20
dissolved in 1000 ml

c 1 50 mg znS0, * 7H
50 mg Mn804 . HZO’
12 mg Cu804 . 5H20,
15.9 mg Co(N03)2 6H,0,
19.0 mg Na25407 10H20,
235 mg NaZMooa ° 2H,0,

2
10 ml Fe-EDTA solution (i7.9 g

20>

Na,EDTA- 2H,0 and 3.23 g KOH in
186 ml added to 13.7 g Fe804~ 7H20
in 364 ml HZO' Bubbled filtered

air through solution overnight and
adjusted pH to 5.0 with 8M HNO

dissolved in 100 ml

3)

D 10 10 g Nﬂacl dissolved in 100 ml

EY 100 15 g glucose dissolved in 1000 ml

F 100 2.5 g yeast dissolved in 1000 ml

y

Glucose was not used in studies of the effect of C sources.

including benzoate (0.5%), p hydroxy benzoate (0.5%), m hydroxy
benzoate (0.5%), and tryptophan (0.11%); 2) organic acids,
including succinate (0.5%), malate (0.5%Z), lactate (0.5%), and
acetate (0.5%); 3) sugars, including glucose (0.5%), sucrose
(0.5%), and fructose (0.5%); and 4) an organically rich medium
containing yeast extract and peptone. Aliquots of these media
were inoculated with a soil (1l g) and incubated with shaking
(200 rpm) for 120 hours. From each of these primary enrichments,
a secondary enrichment was performed by inoculating aliquots of
sterile medium containing the same C sources and Ccd, Cr,-Ni, Tl
(1, 10, and 100 yg/ml) or Pu (0.05, 5 and 10 uCi/ml). The inocu-
lated metal-containing medium was incubated (28°C) with shaking
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(200 rpm) for 48 hr. Pure cultures were isolated from the media
exhibiting microbial growth (turbidity) at the highest metal
concentration using pour plate and successive streaking tech-
niques. Morphologically different bacterial and fungal cultures
were placed into stock and maintained as previously described.
Bacterial and fungal enrichments differed only in that bacterial
enrichments were conducted with media adjusted to pH 7.0 whereas
the fungal enrichments were conducted with media adjusted to pH 6
and contained streptomycin sulfate (0.4%).

Morphological and Physiological Characteristics of
Microorganisms Isolated from Soil. The 239 bacterial isolates
obtained in pure culture from the two enrichment procedures were
classified on the basis of morphological, growth and physiolog-
ical parameters. These were measured using standard methods
(19). Aliquots (2 ml) of stock cultures were transferred to a
standard mineral base medium (Table I), incubated (28°C) on a
rotary shaker (150 rpm) for 24 hr. Motility (wet mount) and
gram reaction were measured. The culture was then used to inocu-
late an agar plate of standard mineral base medium which was
cultured for an additional 24 hr and used for the catalase and
oxidase tests. For the gram positive and spore-forming bacilli,
additional tests were conducted on 24-48 hr cultures (standard
mineral base agar). These included acetoin production by the
Voges-Proskauer test; acid production from the mixed sugars,
arabinose, mannose, and xylose; acid production from glucose; and
starch hydrolysis. Spore location and morphology were determined
in older cultures. Pigment production on starch agar was also
used to subdivide certain of the spore-forming bacilli into major
biotypes of Bacillus mycoides. Twenty strains considered repre-
sentative of the cultures in the collection on the basis of these
tests and chemical characteristics of excellular products
(described below) were examined to determine if exocellular com-
plexation of Ni altered Ni mobility in soil relative to inorganic
forms.

A total of 250 fungal isolates were obtained in pure culture.
Colony morphologies of many of the isolates were similar. On the
basis of colony morphology on standard mineral base medium, organ-
isms were separated into 59 types. These types were retained in
stock to examine metal resistance characteristics and their
ability to exocellularly modify Ni form and solubility in soil.
Further classification to the species level is underway.

Modification of Nickel Form by Soil Microbial Isolates. To
determine the ability of the microbial isolates to modify the
chemical form of Ni, standard mineral base medium (15 liters) was
prepared (Table I) and separated into aliquots (500 ml). The
aliquots were frozen rapidly on dry ice and stored (-26°C) until
used. Immediately prior to use, the aliquots were rapidly thawed
at 37°Cin a water bath, filter sterilized (0.2 p) and separately
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amended with unlabeled Ni (as NiCly) and its radioisotope

(63Ni, 0.3 pCi/ml). 1In order to develop a bacterial inoculum

for this medium, stock cultures were grown to log phase in stan-
dard mineral base medium (10 ml) without metal. An aliquot

(0.25 m1) of this culture was used as an inoculum for the growth
medium (10 ml) containing metal, and the cultures were incubated
(28°C) with shaking (150 rpm) for 48 hr. The fungal inoculum was
developed similarly, except fungi from stock were streaked on
standard mineral base agar from the stock solution and incubated
(28°C) until sporulation was evident. An aliquot (10 ml) of ster-
ile buffer (Table I, Solution A) was added to the surface and the
spore suspension pipetted aseptically into tubes. An inoculum
(0.5 ml) of this spore suspension was added to the growth medium
containing Ni (10 ug/ml). The organisms were incubated (28°C),
with shaking (150 rpm) for 72 hr.

At the end of growth in the Ni-containing medium, the cells
were separated by filtration (0.4 | Nuclepore) and dry weights
were determined. An aliquot of the filtrate (<0.4 p) was refil-
tered (<0.01) and the Ni in this fraction was taken as soluble.
Measurements on each culture also included initial and final pH,
cell density, and the initial and final Ni concentration in the
filtered (<0.4 and <0,01 u) exocellular medium.

The extent of modification of the chemical form of Ni on
microbial growth was initially assessed using thin-layer chromato-
graphy and electrophoresis. An aliquot of the filtered (<0.01 W)
growth medium (all Ni concentrations) was adjusted to pH 5 + 0.1
and spotted (10 pl) on 0.1 mm cellulose (Mn 300) plates. Ascend-
ing thin-layer chromatography (TLC) was performed using a solvent
containing ethanol, NH4OH and water (6.6:1.5:1.0). Thin-layer
electrophoresis (TLE) was performed (400 V) using 0.1 M HEPES
buffer on a separate plate. After drying, the location of Ni on
the plates was determined by autoradiography. Modification of Ni
was ascertained by comparison of the autoradiographic pattern
obtained before and after microbial growth.

Solubility of Exocellular Nickel Complexes in the Soil. To
evaluate the effect of microbial metabolites on Ni solubility in
soil, the soluble exocellular solution, separated after growth of
the 20 selected bacterial isolates and all fungal isolates, was
eluted through a column of soil. The concentrations and forms of
Ni in the eluates were compared to the concentrations and forms
of Ni in water and in the growth medium before and after micro-
bial growth. A column (0.8 x 4 cm) was packed (1.5 g/cc) with
sieved (<2 mm), air-dry Ritzville silt loam (1.0 g) and an ali-
quot of the filtered (<0.4 R) exocellular medium (2 ml) was
eluted through the soil. After 1 ml of eluant was collected, the
Ni concentration was determined from the concentration of radio-
tracer. Metal form was characterized in soil eluates by TLC and
TLE as previously described.
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Chemical Form of Nickel Complexes Soluble in Soil. On the
basis of Ni affinity in exocellular media, enhanced solubility in
exocellular media, and solubility on elution through soil, several
Ni complexes formed on fungal growth were selected for further
chemical characterization. The growth medium before and after
growth of organism 458 in the absence of Ni (Ni added after
growth) and presence of Ni (0.1, 1.0, 10, 50 pg/ml) was subject
to gel permeation chromatography (GPC) using a 2.6 x 72 cm column
containing Sephadex, G-25 (superfine) and eluted with 0.02M
NH,0Ac. The fractions collected after elution were freeze-dried
to remove NH,0Ac and reconstituted in buffer to the original Ni
concentration. The fractions were analyzed for 63Ni, total
organic C, and for the presence of selected complexes using TLC
and TLE as previously described.

Results and Discussion

There are several general mechanisms whereby microorganisms
may alter trace metal form in soil, including 1) direct transfor-
mation, such as alteration of valence state or alkylation,

2) indirect alteration, such as through interactions with micro-
bial metabolites or alteration of the physicochemical environment
such as pH and Eh, and 3) transport, such as uptake during cell
growth and release on cell decomposition. The present investiga-
tions have been principally concerned with one mechanism, the
interaction of metals with microbial metabolites, and to a lesser
extent, transport, as this may have occurred in the systems under
study.

Organisms isolated from soil on the basis of C source and
metal presence were categorized on the basis of morphological
(bacteria, fungi), physiological (bacteria), and chemical charac-
teristics of exocellular complexes with metals (bacteria, fungi).
Organisms representing major categories were further examined to
determine the influence of organism growth on metal solubility
and form and soil sorption of exocellular metal complexes. Growth
of several fungi markedly increased Ni mobility in soil relative
to inorganic Ni controls and the nature of these complexes was
investigated in detail to provide insight into the factors
influencing mobility and the importance of complexation on Ni
solubility in soil.

Morphological and Physiological Characteristics of
Microorganisms Isolated from Soil. Major taxonomic subdivisions
of the soil bacterial isolates (20) included four groups: gram-—
positive, spore-forming bacilli (54%); gram-positive, nonspore-
formers (17%); gram-negative, oxidase-negative rods (22%); gram-
negative, oxidase-positive rods (7%Z). The spore-forming bacilli
were further subdivided into three types (I, II, III) using
motility, spore shape and location in the sporocarp, anaerobic
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growth, and pigmentation on starch agar as criteria. Type I
organisms were distinguishable on the basis of pigmentation,
spherical spores and swollen sporocarps but were not readily
classified. Types II and III were provisionally classified as
biotypes of B. cereus var. mycoides. Groups other than the
spore-forming bacilli contained genera provisionally identified
as Acinetobacter, Arthrobacter, Kurthia, Nocardia, and
Pseudomonas.

Taxonomic classification of the fungal isolates has not been
completed but the isolates include genera provisionally identified
as Aspergillus, Cephalosporum, Penicillium, Mucor, and Fusarium.

Modification of Nickel Form by Soil Microbial Isolates.
Following isolation from soil and in conjunction with taxonomic
characterization, pure cultures of bacteria and fungi were grown
to stationary phase in the presence of Ni at several concentration
levels. The exocellular solution from each culture was separated
by filtration (<0.4 and <0.0l p) and the Ni-associated components
characterized using TLC and TLE.

O0f 239 strains of metal-tolerant bacteria, 165 produced
metabolites which complexed Ni. These fell into 13 categories
based on the chemical properties of the complexes, but 136 strains
were in a single category with growth resulting in identical Ni
complexes (Table II). The chromatographic and electrophoretic
properties of the Ni complexes resulting from bacterial growth
did not appear to be related to the C source or the metal employed
in the initial enrichment. The chemical nature of the complexes
differed with organism type. However, growth of the gram-
positive, spore-forming bacilli (Types I-III), approximately
one-half of the collection, resulted in similar exocellular Ni
complexes. Growth of gram-positive, nonspore-formers also
resulted in similar complexes but TLC and TLE properties of the
complexes differed from the spore-formers. The gram-negative,
oxidase-negative rods all produced complexes unique to the
organisms and gram-negative oxidase-positive rods did not alter

Table IT. Soil microorganisms modifying nickel form in
solution culture.

Isolates Categories of
Number of Modifying Exocellular
Organism Isolates Nickel Form Complexes (TLC, TLE)
Bacteria 239 165 14

(136 isolates in
single category)

Fungi 59 59 59
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Ni form relative to inorganic Ni present in the medium. As in

the case of the bacteria, the Ni complexes formed on fungal growth
were not related to C source or metal presence; but in contrast

to the bacteria, the fungi all modified the form of Ni differently
(Table II). The relationship between exocellular Ni complexation
and the type and physiology of these organisms is currently under
study.

Solubility of Exocellular Nickel Complexes in Soil. To
identify those complexes most important in mobilizing Ni in soil,
the filtrates (<0.01) of the exocellular media from 20 represen-
tative bacterial cultures and all fungal cultures were passed
through a column of the soil from which the organisms were iso-
lated and the solubility, and chromatographic and electrophoretic
properties of Ni in sterile water, sterile medium and exocellular
medium were compared before and after elution through soil.

In the sterile water and growth medium controls, Ni was essen-
tially 100%Z soluble after incubation, but after soil elution less
than 0.1% and approximately 10.4% of the Ni2*, respectively,
remained in solution, i.e., most was sorbed by soil (Table III).
The difference in Ni sorption between the sterile water and growth
medium was due to the formation of soluble Ni complexes in the
growth medium. After bacterial growth, the major fraction of Ni
remained soluble and the quantity removed on elution of the exo-
cellular solution through soil was equivalent to the growth medium
control. After fungal growth, the solubility of Ni in the medium
ranged from 32.67% to 100%. This was due to the association of Ni
with fungal cells and metabolites which were initially not soluble
in the growth medium. There was a general reduction in Ni solu-
bility after soil elution due to sorption of soluble components,
with the extent of the reduction dependent upon the organism. Of
major significance, however, is the comparison of the solubility
of Ni in sterile controls with fungal exocellular medium after
soil elution. Growth of six of the fungi resulted in marked
increases in the concentration of Ni in soil eluates, i.e.,
growth reduced soil sorption, increasing Ni mobility in soil
(Table III).

Influence of Chemical Form on Solubility of Exocellular
Complexes in Soil. Application of TLC and TLE to characterization
of Ni complexes with fungal exocellular metabolites (bacterial
studies will be reported elsewhere) before and after soil elution
provided unique insight into the phenomena responsible for alter-
ing Ni solubility relative to inorganic Ni controls. The 63Ni
in the sterile water control was present as the inorganic ion
which behaved as a single component on TLC (Figure 1). As indi-
cated by solubility measurements (Table III), the Ni ion was
essentially removed on elution through soil. The Ni in the ster-
ile growth medium was present in a number of complexes, several
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Table III. 1Influence of bacterial and fungal growth on the
solubility and soil sorption of nickel.

Solution Fraction of Soluble (<0.01W) Nickel 3/,4/
Culture 1/,2/ After Incubation After Soil Elution
¥4

Sterile Controls

Water 100 0.1
Growth medium 100 10.4
Bacteria 89-100 5-26
Fungi
458 100 92.1
319 95.7 39.2
534 67.9 23.7
380 32.6 20.9
527 71.1 15.0
453 89.6 14.0
484 83.6 8.1
Other 52 isolates 44-100 4,5-11.0
y Water and growth medium incubated under sterile conditioms.
Y

Values represent a range for 20 bacterial and 52 fungal
cultures.

Nickel initially present as NiZ*,

Percentage after soil elution based on soluble Ni after
incubation.

&l

of which were removed on soil elution (Figure 1), accounting for
the major reduction in Ni concentration in soil eluates

(Table III). Organisms 484 (growth did not alter Ni solubility
in soil) and 458 (growth increased Ni solubility in soil) serve
to illustrate the range of effects of fungal growth on Ni form
and soil solubility. The reduction in solubility of Ni in the
exocellular medium of organism 484 was due to the sorption of at
least two major Ni-containing components (Figure 1). The compo-
nent remaining accounted for residual solubility equivalent to
that observed in the growth medium and also exhibited TLC charac-
teristics similar to the component of the growth medium which was

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch009

9. wipunG ET AL.  Nickel Complexes with Soil Microbial Metabolites 191

eluted through soil. In contrast, the major Ni-containing compo-
nent in the exocellular medium of organism 458 was not sorbed by
soil. Also, a portion of the Ni was associated with a component
that was not detected before soil elution. This may have resulted
from redistribution of Ni or separation from another soluble
medium or soil component on soil elution.

Further insight into the mechanisms responsible for altering
Ni solubility in soil was obtained on application of TLE to
characterization of Ni-containing exocellular metabolites
(Figure 2). As would be expected, the Ni2* ion in sterile water
migrated to the negative pole. The major Ni component in the
sterile growth medium (Figure 1) migrated to the negative pole
(Figure 2) indicating a positively charged component and account-—
ing for its almost complete removal from solution (Table III) by
the predominantly negatively-charged soil (21). Conversely, there
were two negatively-charged components in the sterile growth
medium which likely arose from the yeast extract (also containing
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Figure 1. Thin-layer chromatographic behavior of nickel complexes with exo-

cellular fungal metabolites (a) before and (b) after elution through soil. Nickel

was visualized by autoradiography; intensity is directly related to nickel concen-
tration.
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metabolic products) used in the medium. These eluted through
soil explaining the residual solubility of a portion of the Ni in
the growth medium (Table III). In the case of isolate 484, the
major portion of the Ni was present in a cationic complex near the
origin which was sorbed by soil (Figure 2). The fraction soluble
in soil consisted of a single, negatively-charged component which
exhibited electrophoretic mobility and chromatographic character-
istics (Figure 1) similar to the most electrophoretically-mobile,
negative component of the growth medium. The reason for the lack
of soil sorption of Ni in the exocellular medium of organism 458
was also apparent. The Ni in the exocellular medium (Table III
and Figure 1) was associated primarily with neutral or negatively
charged species which were not sorbed on elution through soil.
The negatively charged component with high electrophoretic mobil-
ity observed in the growth medium and after growth of organism
484 was not observed in the exocellular medium of organism 458.
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Figure 2. Thin-layer electrophoretic behavior of nickel complexes with exo-

cellular, fungal metabolites (a) before and (D) after elution through soil. Nickel

was visualized by autoradiography; intensity is directly related to nickel concen-
tration.
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However, a component of similar electrophoretic mobility was
detectable after soil elution, suggesting that analogous to the
TLC analysis, it may have arisen from redistribution of Ni in
sufficient quantities to assure its detectability by autoradi-
ography or from breakdown of a complex containing the medium-—
derived complex and a product of fungal metabolic origin. This
component was also present in most of the other 57 cultures
accounting for the 4.5 to 15% Ni solubility which remained on
elution of the exocellular media through soil.

The improved detectability of the anionic component present
in the medium on elution through soil emphasized the need to
consider concentration and other kinetic factors in studies of
this nature. The analytical studies were conducted over a Ni
concentration range of 0.1 to 50 pg/ml and in systems in which Ni
was added and equilibrated before and after microbial growth.
This allowed some assessment of the effects of Ni on organism
growth and the effects of time and Ni affinity on complex forma-
tion. Several components were not detectable in the sterile
medium at concentration levels below 10 pg/ml due to competition
for Ni in solution by ligands with greater Ni affinity (Figure 3).
A similar situation occurred in the case of organism 458 in that
the most electrophoretically-mobile anionic component predomi-
nated when organisms were grown at Ni concentrations of 0.1 and
1 ug/ml (Figure 3). At a Ni level of 10 pg/ml, the near neutral
species which exhibited high soil mobility predominated; and at a
Ni level of 50 pg/ml, the Ni was associated with a cationic
complex which was readily sorbed by soil. This phenomena
resulted from the presence of exocellular ligands in limited
concentrations and exhibited different Ni affinities. Differ-
ences in Ni affinities were accentuated because the concentration
of 63Ni was held constant to avoid radiation effects leading to
a greater association of 63Ni, at lower total Ni concentrations,
with ligands of limited concentration but highest Ni affinity.
Regardless of Ni concentration, the complexes formed when Ni was
present during growth were not different from those formed on
addition of Ni after growth in the absence of Ni. Thus, the
complexes formed during growth in the presence of Ni were not a
unique response by the organism to Ni. Furthermore, their forma-
tion did not limit the quantity of Ni in solution, precluding
formation of secondary complexes during growth.

Chemical Form of Nickel Complexes Soluble in Soil. Of the
microorganisms investigated, which encompassed a broad range of
bacteria and fungi differing in metal tolerance and metabolism,
the fungi were most consistent in producing complex exocellular
ligands with affinity for Ni. Furthermore, although the soil
efficiently sorbed cationic exocellular Ni complexes, the growth
of several fungi increased Ni solubility in soil relative to the
growth medium (Table III) through production of neutral and
anionic complexes (Figures 1 and 2). The most pronounced
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increases (a factor of 9) occurred in growth of the fungal iso-
late 458 which produced a single, predominantly anionic complex
with high affinity for Ni that maintained 92% of the Ni in
solution on soil elution compared to 0.1% and 10.4% for Ni in
sterile water and sterile growth medium, respectively. This
complex was therefore subject to more intensive investigation.

In order to further define the chemical nature of the fungal
complexes with high Ni affinity, the exocellular solution from
organism 458 was subjected to GPC. Organic C was eluted over the
entire separation range of the column (approximately 300 to 3000
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Figure 3. Influence of nickel concentration and time of addition (before and after

growth) on the thin-layer electrophoretic behavior of nickel complexes with exo-

cellular fungal (isolate 458) metabolites. Nickel was visualized by autoradiogra-
phy; intensity is directly related to nickel concentration.
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equivalent molecular weight) and included at least six major peaks
(Figure 4). The Ni-containing fraction was eluted in two peaks
which were sufficiently broad to be composites of several indi-
vidual components. The average equivalent molecular weight of the
minor (elution volume 230 to 260 ml) and major (elution volume 260
to 320 ml) Ni peaks were 900 and 350, respectively. The major Ni
peak corresponded to an elution volume of relatively high organic
C concentration.

Characterization of the eluates from GPC by TLC and TLE
(Figure 5) indicated that the minor peak was a single, negatively-
charged complex equivalent in electrophoretic mobility to the
electrophoretically-mobile complex present in the sterile growth
medium and the exocellular medium of most fungal isolates at
10 ug Ni/ml (Figure 2) and organism 458 at 0.1 and 1 pg Ni/ml
(Figure 3). The major peak consisted of at least three compo-
nents resolvable by TLC (Figure 5). The chromatographic mobility
of one of the components was similar to the major Ni complex
resolved prior to separation by GPC (Figures 1 and 5). It is,
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Figure 4. Separation by gel permeation chromatography (Sephadex G 25) of exo-
cellular nickel and organic carbon after fungal growth (isolate 458, 10 ng Ni/mL)
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therefore, likely that this was the negatively-charged component
present in the GPC eluate and resolved by TLE (Fractions F-J,
Figure 5). However, GPC resulted in the separation of a
positively-charged component (Fractions F-P) with high affinity
for Ni which was previously unidentified as an exocellular product
of isolate 458. The GPC fractions containing the minor and major
peaks were concentrated by lyophylization, eluted through soil
and Ni complexes determined by TLC and TLE as previously
described. The Ni associated with the minor peak was not sorbed
(95% was eluted) as previously observed. The major peak, in
contrast to direct application of the exocellular solution to
soil (Table III; Figures 1 and 2) was sorbed by soil (20% was
eluted) after separation by GPC likely due to the separation of a
positive Ni-containing component from the original complex.
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Figure 5. Thin-layer chromatographic and electrophoretic behavior of nickel
complexes with exocellular fungal metabolites (isolate 458, 10 pg Ni/mL) after
separation by gel permeation chromatography
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The presence of a new, previously unidentified, positive
component after separation may have resulted from redistribution
of Ni to other complexes not observable by TLC and TLE prior to
separation. However, redistribution is unlikely considering the
relatively low concentration and/or Ni affinity of most ligands
in the sterile growth medium compared to the demonstrated high
concentration and Ni affinity of the major component, i.e., most
of the Ni in the exocellular solution was associated with the
complex and it was stable on TLC, TLE, and soil elution. Thus
the exocellular complex responsible for mobilizing Ni in soil
appeared to be a complex ligand comprised of several ligands
capable of complexing Ni independently and exhibiting both posi-
tive and negative charge after separation from the original
entity. These characteristics might be explained by a complex
ligand comprised of several amino acids with molecular weights
similar to glycine and bound by Ni. However, none of the
components gave a positive ninhydrin reaction.

Further study will entail concentration and purification of
the important intact complexes and subunits using recycling GPC
and high pressure liquid chromatography, followed by detailed
chemical characterization of the ligands using gas chromatography-
mass spectrometry and estimation of Ni stability constants.

Importance of Nickel-Complexation by Microbes in Soil. There
are a number of qualifications required in extrapolation of the
results of these studies to intact soil. These arise primarily
from the need to separate microbes from soil to investigate metal
transformations in detail. Microorganisms exist in a dynamic
equilibrium in soil with types and numbers varying markedly as a
function of soil type and changes in envirommental conditions
such as carbon source, temperature, moisture, aeration and the
presence of toxic substances (22). It is not known if the organ-
isms isolated from soil exhibit the ability to effectively compete
with other soil organisms over a range of soil conditions and,
therefore, can produce metabolites in sufficient concentration to
complex, in significant quantities, the Ni associated with differ-
ent soil solutions or solid phases. Furthermore, the microbial
systems studied undoubtedly contain cellular decomposition
products as well as exocellular metabolites. The form and
stability of these products may differ in a mixed population such
as occurs in soil.

The present research was designed to optimize the opportunity
to examine organisms that would 1) normally be present in soil
under aerobic conditions, 2) reflect the presence of a broad
range of C sources and, 3) be particularly competitive at elevated
(pollution) levels of the metals. Emphasis was on identification
of kinetically stable, soluble complexes with high affinity for
Ni which exhibited a degree of commonality between organisms,
optimizing the potential for identification of ligands important
in controlling Ni chemistry in soil solutions. The studies
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demonstrated the formation of highly stable fungal metabolites
with strong affinities for Ni and neutral and anionic charge
characteristics. The metabolites were common to a number of
organisms and controlled Ni solubility in the soil system under
study. In order to evaluate the influence of microbial processes
on Ni solubility in surface soils, further research is required
to chemically characterize important ligands in detail sufficient
to allow identification in soil and examination of the conditions
of formation under a range of soil conditions.
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Abstract

Soil bacteria and fungi, isolated in pure cultures from soil
on the basis of metal tolerance and carbon requirements, produced
soluble, exocellular metabolites which complexed inorganic Ni and
altered Ni mobility on elution through soil columns. The chemi-
cal nature of the complexes, as determined by thin-layer chroma-
tography, thin-layer electrophoresis and gel permeation chroma-
tography, differed with organism type. Cationic, neutral, and
anionic complexes exhibiting a range of chromatographic properties
were resolved. Of 239 strains of metal-tolerant bacteria, 165
produced metabolites which complexed Ni. These organisms fell
into 13 categories based on the chemical properties of the com-
plexes, but 136 strains were in a single category with growth
resulting in identical Ni complexes. In contrast, 59 strains of
metal-tolerant fungi all modified the form of Ni differently.

The mobility of complexed Ni on elution of exocellular solutions
through soil was dependent upon the charge and molecular weight of
the complex, the affinity of the ligand for Ni, and the concentra-
tion of Ni in solution. Neutral and anionic Ni complexes with
apparent molecular weights less than 1200 arising from fungal
metabolism were most mobile in soil increasing Ni mobility by up

to 1000 times relative to inorganic Ni. A single Ni complex
responsible for the most pronounced increases in Ni mobility in
soil consisted of several ligands capable of complexing Ni indepen-
dently and exhibiting both positive and negative charge after
separation from the original complex ligand. The investigations
indicate that microbial processes resulting in the formation of
metabolites with high-affinity for Ni and neutral or anionic charge
characteristics may be of major significance in controlling Ni
behavior in surface soils.
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Stability Surface Concept

A Quantitative Model for Complexation
in Multiligand Mixtures

PATRICK MAC CARTHY and GARON C. SMITH
Colorado School of Mines, Golden, CO 80401

The behavior of metal ions in the natural environment is de-
termined to a large extent by their aqueous complexation chem-
istry. In a simple solution system, containing a single metal
and a single ligand, and where only a 1:1 complex is formed, the
equilibrium concentrations of all species (free metal, free ligand
and complex) can be readily calculated from a knowledge of the
stability constant, and the stoichiometric concentration of metal
and ligand in solution (1, pp 112-114). Calculations become more
cumbersome when a mixture of complexes of different stoichiomet-
ries are produced in the single metal, single ligand system (1,
pp 114-119; 2). When many metal and many ligand species are si-
multaneously present in solution, the situation becomes vastly
more complicated. Nevertheless, computational methods are avail-
able for calculating the equilibrium concentrations of all species
present in such systems. These techniques involve successive re-
finement by iterative methods using digital computers. At present,
many computer programs are available for calculating equilibrium
speciation in multimetal-multiligand systems (for example refer-
ences 3,4,5,6). Basically, these programs calculate the concen-
trations of all species existing at equilibrium. The required
input data for proper use of these programs are the stoichiometric
concentration of each metal and of each ligand species, in ad-
dition to the stability constants for all complexes formed in the
mixture. The pH and ionic strength of the solution, the effects
of solid phases, etc., can also be incorporated. The validity of
the numbers resulting from such iterative calculations depends on
the completeness and accuracy of the thermodynamic data and stoi-
chiometric concentrations employed. Extensive compilations of
thermodynamic data for complexes have been published (7-14), but
the vast majority of these data relate tohomogeneous, i.e. non-
mixed ligand, complexes. However, there are many opportunities
for mixed-ligand complexes to form in multiligand systems, and
statistically, one may expect mixed ligand complexes to dominate
the system. There are relatively little thermodynamic data per-
taining to mixed-ligand complexes in the literature, and this

0-8412-0479-9/79/47-093-201$05.50,/0
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seriously affects the computation of speciation in multiligand
mixtures.

These problems would be encountered even in relatively sim-
ple systems containing a mixture of characterized, synthetic 1li-
gands. The situation is considerably more complicated in natural
systems containing a multicomponent ligand mixture. Frequently,
when dealing with such cases, the total number of ligand species,
or their individual nature and concentration may not be known.
This is particularly true for mixtures of natural organic matter
which may contain phenolic, carboxylic, amino acid, etc. com-
ponents, in addition to the non-specific humic substances. Humic
substances are highly complex mixtures of organic materials formed
in soil, sediments and natural waters (15,16,17). They result
from the decay of plant debris, and play an active role in metal
complexation in the environment. While much is known about their
gross chemical properties, such as functional group content, mo-
lecular weight ranges, etc., very little is known about the spe-
cific nature of the individual ligands. Consequently, models for
determining solute speciation cannot be satisfactorily applied to
such natural systems in the conventional manner due to the lack of
sufficient thermodynamic and stoichiometric data.

Does the above imply that all attempts to compute speciation
in such natural systems are fruitless? While calculation of the
complete aqueous speciation in these natural systems is not pres-
ently feasible, there ©s an alternative approach where one is
primarily interested in distinguishing between the free and total
complexed metal in solution. As a compromise measure and prag-
matic approach to studying metal complexation in complicated data-
deficient systems, we have developed an alternative model.

The purpose of this paper is to present a model for single
metal-multiligand solution equilibrium which quantitatively de-
scribes the net binding of metal ions to the multiligand mixture
as a whole. Equally important aspects of this model are that it
yields a unified conceptual visualization of complexation in
complicated multiligand mixtures, and provides a framework for in-
terpreting the results of experiments on such systems. The model,
as presented here, will be confined to mononuclear complexes, and
it is assumed that no solid phases are present. The influence of
PH on the complexation reactions is described. The model is il-
lustrated by simulation of various metal-multiligand systems, and
the properties of these systems are represented by means of three-
dimensional plots, called stability surfaces.

Stability Function Concept

Consider the continuous addition of a single metal species
to a ligand mixture represented by ILi where the total volume of
the solution is maintained constant i.e. a metal-into-ligand batch
titration. The following scheme with mononuclear complexes, in-
cluding mixed ligand species, illustrates the reactions which can
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occur:

M(Li)3
/M(Li)2§m1 L),

MLi “=——————ML1Li —-—>M(L1) Li

si//' —

M(L1) ——-’M(Ll)3 (@D}

2
‘/l \\\\‘\MLz-—-————--—-ML1L2 ---\-"‘

——-—»M(Ll) L2

\M(LZ)ZEM(M)ZM

M(LZ)3 ETC.

where L1, L2, . . . Li are the various ligand species. In order
to describe the binding of the metal ion in the ligand mixture as
a whole, an average stability quotient, or stability function, is
defined for each stoichiometry represented in the system. This is
analogous to the representation of each stoichiometry by a separate
stability constant in a one-ligand system. The stability function
for the 1l:n complexes, Sn, is defined as follows:

Tn N
>
. Wy B2 s e Ny
i=1
Sn = (2)
N n
Zwi
i=1

where Tn = total number of complexes of stoichiometry, 1l:n,
N number of ligand species in system,
bi = number of times ligand Li appears in a particular
complex, and
N
for any complex, Z bi = n, the stoichiometry of the complex.
i=1

I

[}

The w, terms are weighting factors representing the relative con-
centration of each free ligand species in the mixture and they are
defined as follows:

[Li]

wl = [L1] )
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where [Li] represents the equilibrium concentration of the ith 1i-
gand species, and [L1] is the equilibrium concentration of any ar-
bitrarily-designated reference ligand. fn (lbl’ 2b2’ e ey NbN)

represents the various stability products for complexes of 1l:n
stoichiometry in the mixture, and is defined as:

[M(Ll)bl(LZ)bz. .. (LN)bN]
) = 4)

N
m(H [Li]bi>
i=1

Tn is given by the combinatorial formula (18, p. 13):

Bn(1

LN

bl’2b2" ) bN

(N+n-1)!
(N - Dla! )

Tn =

and represents the total number of statistically possible combin-
ations of ligands surrounding the metal ion for each stoichiometry.
A complete description of any system requires that thermodynamic
data be available for aqll complex species computed from eqn. 5.

It is clear from this equation that in multiligand systems, with
stoichiometries greater than 1:1, mixed-ligand species greatly
outnumber the homogeneous complexes. As already pointed out above,
there is a severe dearth of thermodynamic data for mixed ligand
complexes. In most models, those species for which data are avail-
able are taken into consideration, and all other species are sim-
ply ignored! As a result of ignoring the majority of species in
solving the system equations, one must seriously question the
validity and value of the computed concentrations for the limited
number of species with known thermodynamic data. While this model
cannot include complexes for which constants are unavailable, it
reminds the user that the final values which are calculated may
deviate significantly from the real numerical answers. The model
also suggests that, when there is a reasonable method to approx-
imate constants for mixed ligand species, a more accurate picture
may be obtained through their wuse. The logic behind the defini-
tion of On (eqn. 2) is further discussed in an earlier publication
(19).

The stability function is basically a weighted-average sta-
bility product (20). It is clear that the stability function
defined by equation 2 "weights" each ligand according to its free
concentration, and the number of times that particular ligand
occurs in the complex, as well as the stability products of the
complexes which it forms with a given metal. One reason for
choosing this particular definition of Sn can be seen by substi-
tuting the equilibrium constant expression (eqn. 4) into the
stability function definition (eqn. 2) to yield:
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Tn

Z ML)y, R2) 50 - - A0 ]
Sn = (6)

N
n
[m](E [L1] )
i=1

The similarity of the stability function to the conventional sta-
bility constant is evident from a comparison of equations 6 and 4.
Equation 6 does not require knowledge of the concentration of the
individual ligand or complex species in the equilibrium mixture.

All of the complexes of a given stoichiometry are grouped together

Tn
into one quantity, Z [M(Ll)bl(LZ)bz.. . (LN)bN] and all of the
N
ligand species are also grouped together, ( ) [Lil). Other def-
i=1

initions of an average stability function, which are also logic-
ally sound, require that the individual [Li] and [M(Ll)bl(Lz)bZ"

..(LN)bN] concentrations be known in order to evaluate the defined

function. If such detailed information were available for a mul-
tiligand mixture, the conventional approach to metal-multiligand

equilibrium, discussed in the Introduction, would be more appro-

priate. The stability function is specifically defined to elim-

inate the need for such detailed knowledge of the ligand mixture

and thereby to render it applicable to 'unknown'" ligand mixtures.
Equation 6 can be expressed in words in the following manner: n
represents the total complexed metal concentration of each stoi-

chiometry, MLin, divided by the product of the free metal ion

concentration and the sum of the free ligand concentrations,
raised to the power of the stoichiometry, n.

Generally the ligands, Li, are the conjugate bases of acids,
and thus the overall complexation equilibrium is affected by the
pH of the solution. When the hydrolytic reactions of the com-
plexes, ligands and free metal are to be taken into consideration,
the definition of Sh becomes somewhat more complicated. In that
case, the sum of all complex species in the numerator of eqn. 6
must also include all hydrolyzed forms of the various complexes;
the free metal concentration term in the denominator must include
all hydrolyzed forms of the metal not complexed to any of the
ligands, Li; and the term in the denominator involving the sum of
all free ligand species must also incorporate the various pro-
tonated forms of the ligands. These factors are incorporated
into our model but are not shown specifically in eqn. 6 so as not
to obscure the basic concepts involved in the definition of the
stability function. Thus, pH effects are directly incorporated
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into our model.

Graphical Representation of Stability Function

Stability Profiles. A fundamental understanding of equations
2 and 6 provides a theoretical basis for a more comprehensive
appreciation of metal-multiligand equilibrium. The following
discussion is best presented in terms of a metal-into-ligand batch
titration (defined under Stability Function Concept). As the
fraction of a particular ligand which is complexed becomes small,

O)i — Wi (7)

where Wi is a constant and is defined as the ratio of the stoi-

chiometric ligand concentrations, CL:
C. .
W, =t (8)

i CL1

When equation 8 is satisfied for all ligand species, the stability
function adopts constant, limiting values, given by:

Tn N
bi
z I l WP Y ena, 1,250 N D)
lim Sha = i=1 = CLASP-u  (9)
Wy N
n
E W,
1
i=1

These constant, limiting values of the stability function have
been previously discussed by MacCarthy (20), and have been given
the name CLASP values (conditional, limiting average stability
products). For reasons which will become evident later, we will
refer to them here as upper CLASP values, or CLASP-u. In prac-
tice, eqns. 7, 8 and 9 may be applicable when at least one of the
following conditions is satisfied:
(a) There is trace metal ion in the presence of a very large
excess of each ligand species,
(b) All complexes are sufficiently weak that they are largely
dissociated, and
(c) The system is sufficiently dilute that all complexes are
largely dissociated.
On the other hand, when each of the ligand species is largely
in the complexed form (i.e. [MLi]chi), Wy approaches a different,

limiting value, given by:
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o, (22 o
BL(1)

where Bl1(i) is the stability product for the 1:1 complex with the
ith ligand, Li, and B1(l) is the stability product of the 1:1
complex with reference ligand, L1. When equation 10 is satis-
fied by all ligand species, the stability function adopts the
constant, limiting value:

lim Sn =
wpW, (Bl(l))
B1(1)
Tn N bi
BL(1)
W, 2 Bn(l,.,2, ., « « «,N. )
E I |<181(i)) b1’“b2 bN
i=1 = CLASP-7 (11)
N n
Z w.Bl(l)
*B1(1)
i=1

We will refer to these limiting values of the stability function
as lower CLASP values, or CLASP-1. 1In practice, equations 10
and 11 apply when both of the following experimental conditions
are satisfied:
(a) The metal is present in excess over the total ligand
concentration, and
(b) All of the conditional stability constants (21,22) are
sufficiently large to maintain all of the ligand species
largely in the complexed form at the particular solution
concentration and pH.

The stability function varies continuously between the two
limiting values of CLASP-u and CLASP- as the solution composition
is varied. This is illustrated in Figure 1(a) which shows the
stability profile (19) for the 1:1 complexes, in the metal-into-
ligand batch titration of a two-ligand mixture. This profile is
one slice of the three-dimensional surface depicted in Figure 3(a),
which will be discussed later. The simple type of profile il-
lustrated in Figure 1(a) is frequently obtained. However, in
other cases, more complicated profiles, such as that shown in
Figure 1(b) are found. Figure 1(b) is a slice of the three-
dimensional surface of Figure 4(a). In this case, an inter-
mediate plateau is observed, in addition to the two limiting
plateau regions. Such an intermediate plateau is called a pseudo-
CLASP, and occurs when some of the ligand species in the mixture
are essentially totally complexed while the other ligand species
are largely uncomplexed. In other words, some ligands are in the
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CLASP-u condition while others are in the CLASP- condition. It
should be pointed out that conditional stability constants (21,
22) rather than absolute stability constants, are actually em—
ployed in equations 9 and 11 in order to take the effects of solu-
tion pH into account. Equations 2, 4, 6, 9 and 11 may appear com-
plicated to the reader. Simple examples of their application to
specific ligand mixtures are provided in the Appendix at the end
of this paper.

Stability Surfaces. In order to provide an overall picture
of multiligand complexation behavior, the stability function
should be plotted for all values of metal-multiligand solution
composition. This is easily achieved by representing the solution
composition as a point on a two-dimensional grid, one axis of
which is CM’ the stoichiometric metal concentration, and the other

axis, C the stoichiometric total ligand concentration. The

LT’
composition of any individual solution, prepared by mixing the
metal ion and the multi-ligand mixture, can be depicted as apoint
on this two-dimensional coordinate system. The changes in the
composition of this mixture resulting from various experimental
operations, such as dilution, batch titration, regular titration,
Job's continuous variations procedure etc., are described by
specific paths along this grid. The stability function for each
stoichiometry, or any other solution property such as absorbance,
free metal ion concentration, etc., can then be plotted on a third
axis orthogonal to the other two. Thus, the stability function
can be represented as a three-dimensional surface, Sn(CM,CLT).

These are called stability surfaces. The variation of the dif-
ferent solution properties during the course of an experimental
run can then be depicted as the upward projection of the experi-
mental path from the two-dimensional grid onto the surface. This
conveniently allows one to simulate and pictorially represent the
results of various types of experiments on metal-multiligand mix-
tures.

Figure 2 shows the two-dimensional grid with the paths of
various experimental procedures indicated. It is important to
recognize that this grid has logarithmic axes, in order to accom-
modate a wide range of experimental conditions. Stability sur-
faces, and other types of surfaces, are illustrated in the next
section. The three-dimensional surfaces are conveniently gener-
ated by first producing a set of profiles for metal-into-ligand
batch titrations at various concentrations of the total ligand
mixture. These profiles are then stacked up one behind the other
to generate the three-dimensional surface. A new computer program,
SYSTAB, to generate system stability profiles and surfaces, as
well as other types of surfaces, will be published elsewhere.
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Figure 1. Stability profiles for metal-into-ligand batch titrations: (a) 1:1 profile
for system described in Table I, with C;p — 1.0 X 10 M and pH = 10.0; (b) sys-
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tem described in Table I11, with C.p — 1.0 X 10°M and pH = 7.0

Figure 2. Two-dimensional grid repre-
senting solution composition and various
experimental pathways: (a) metal-into-
ligand batch titration, (b) ligand-into-
metal batch titration, (c) dilution, (d)
symmetrical (i.e. equimolar metal and
ligand solutions) metal-into-ligand regu-
lar titration, (e) symmetrical ligand-into-
metal regular titration. (d) and (e) also
correspond to symmetrical continuous
variations plots, with most of the experi-
mental points generally lying in the re-

gion (f).
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Discussion, and Illustration of Stability Surface Concept

The usefulness and applications of system stability surfaces
will now be illustrated by computer-simulation of various metal-
multiligand equilibrium systems.

Case 1. A simple two-ligand system is chosen first, con-
sisting of zinc(II) in the presence of a mixture of ethylene-
diamine and oxalate ligands at pH values of 10.00, 7.72 and 3.00.
This system is chosen because it is one of the relatively few for
which quite complete thermodynamic data are available, inclusive
of mixed ligand species (23). Table I describes the system
where L1 is oxalate and L2 is ethylenediamine. The stability
surfaces corresponding to this two-ligand mixture, over the spec-
ified solution composition and pH values, are shown by the various
plots in Figure 3. There is a separate stability surface for each
stoichiometry and each pH value. Each point on these surfaces
represents the contribution of the particular stoichiometry to the
strength of binding of the metal ion to the ligand mixture as a
whole, in a solution whose composition is defined by the CM and
CLT coordinates of the point.

Curves (a), (b) and (c) of Figure 3 show the stability sur-
faces for the three stoichiometries at pH 10.00. At this pH,
both of the ligands are essentially totally deprotonated, and
hydrogen ions do not compete effectively with the metal ions for
ligand sites. The variation of the stability functions, with
respect to solution composition, is evident from these surfaces,
indicating that the strength of binding of metal ions to the
multiligand mixture (as defined by eqn. 2) does depend on solution
composition. The function varies from an upper, limiting plateau
(CLASP-u) (20) to a lower, limiting value (CLASP-7). The locations
of the CLASP-u and CLASP-7 regions on the Cy~Crr grid are con-

sistent with the earlier discussion of stability profiles.

It is interesting to note that in a series of measurements of
the distribution of metal between free and complexed forms, where
all measurements are confined to one of the plateau regions, the
stability function is behaving as a stability constant. Con-
sequently, the two-ligand mixture is acting as a single ligand
solution under these experimental conditions. The apparent
"stability constant" incorporates a contribution from all con-
stituent ligands in the mixture, and can be readily calculated
from equations 9 or 11 for a known ligand system. If measurements
are carried out on an unknown ligand mixture in one of the CLASP
regions, a '"stability constant' will be obtained, and equations 9
and 11 provide a theoretical interpretation of such results. This
conclusion is of particular relevance to certain measurements on
soil and environmental samples. Schubert's ion-exchange method
is a technique for determining the stability constants of com-
plexes, and involves measurements in solutions having a trace
concentration of metal ions in the presence of a large excess of
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Table I

System Description for Case I

Largest stoichiometric metal concentration 1M -9
Smallest stoichiometric metal concentration 1x10 "M

Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch010

Number of CM points 36
Largest stoichiometric total ligand
concentration 1M
Smallest stoichiometric total ligand -9
concentration 1x10 "M
Number of CLT points 36
Total number of points on surface 1296
Number of ligands in system 2
Stoichiometric ligand weighting factors
\ 1
1
w2 1
Stoichiometries of complexes in system 1:1, 1:2, 1:3
Number of complexes of 1:1 stoichiometry 2
Number of complexes of 1:2 stoichiometry 3
Number of complexes of 1:3 stoichiometry 4
Stability products for 1:1 complexes
B1(1) 2.75423x10°
B1(2) 5.12861x10°
Stability products for 1:2 complexes
B2(1,1) 3.01995x10°
B2(1,2) 1.62181x10°
B2(2,2) 7.07946x10'°
Stability products for 1:3 complexes
B3(1,1,1) 1.73780x10’
B3(1,1,2) 5.75440x10"°
B3(1,2,2) 2.04174x10'2
B3(2,2,2) 4.78630x10'2
Proton association products for ligands
K1(1) 1.84502x10"
K2(1) 3.44220x10°
K1(2) 8.50000x10°
K2(2) 6.03500x10'
Formation constant for 1:1 metal hydroxide:
H1 1.00000x10"
pH values used 10.00, 7.72, 3.00
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Figure 3. Stability surfaces for system described in Table I: (a), (b), (c) at pH
10.00; (d), (e), (f) at pH 7.72; (g), (h), (i) at pH 3.00; (a), (d), (g) are 1:1 surfaces;
(b), (e), (h) are 1:2 surfaces; (c), (f), (i) are 1:3 surfaces

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch010

10. MAC CARTHY AND SMITH Stability Surface Concept 213

ligands (24). Whereas Schubert's method was developed for single
ligand systems, the method has frequently been applied to environ-
mental, multiligand mixtures, without a theoretical basis for
doing so, or for providing a valid interpretation of the data.
This gap has been filled in by the analysis presented here.
Measurements carried out on multiligand mixtures by Schubert's
ion-exchange method may yield constant values for stability pro-
ducts. The CLASP-u region unambiguously defines the valid range
of "Schubert's conditions” for a multiligand mixture. Measure-
ments which extend outside the range of Schubert's condition will
lead to a variability in the results, as evident from the stabil-
ity surface. The above analysis is of relevance in that the
occurrence of trace metal ion in the presence of a large excess
of ligand mixture is a commonly-encountered environmental situ-
ation. These arguments also apply to measurements carried out
under CLASP-7 conditions. However, this is not as important a
region from an environmental point of view as the CLASP-u region.
In addition, precipitation of complexes frequently occurs in this
region, a factor which is not yet taken into consideration in the
present model.

Papers dealing with the application of Schubert's method to
environmental systems have been reviewed by MacCarthy and Mark
(25). Other experimental methods which have been applied to
multiligand mixtures in the past are Job's method of continuous
variations and Bjerrum's potentiometric titration method. Unlike
Schubert's technique, these two latter methods do not limit their
measurements to one of the CLASP regions but, extend them over a
considerable range of solution compositions and thus span a range
of stability function values. This factor has generally been over-
looked 1in the study of such systems. The misleading results
which Job's method of continuous variations can give when applied
to such systems have already been discussed (19,22).

The stability surfaces show, that in general, researchers
dealing with the same system, but operating under experimental
conditions corresponding to different points on the composition
grid, may report different values for the stability '"constant."
In fact, simply diluting a system will generally lead to a vari-
ability in the resulting data, as is also evident from these
surfaces.

Using the conventional approach, it is difficult to develop
a conceptual feeling for the reactions occurring in a metal-multi-
ligand system. The conventional approach yields the equilibrium
concentration of all species, and in a multicomponent system it
is virtually impossible to simultaneously comprehend all of the
equilibrium reactions which are occurring. The approach developed
here combines all of the reactions of a given stoichiometry into
a single stability function which can be simply described in terms
of a three-dimensional surface. This provides a simplified and
unified visualization of the net equilibrium in a multicomponent
mixture. The constant values which these functions adopt under
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limiting (and some intermediate) conditions, thus allowing multi-
ligand mixtures to be mathematically analyzed as a single-ligand
system, is a further conceptual simplification which emerges from
this model. As this model provides an overall view of the com-
plexation ability of the system, it could be termed a system
approach. The conventional method focuses on the equilibrium con-
centrations of all species, and thus, could be called a species or
component approach.

Curves (d), (e) and (f) of Figure 3 depict the three profiles
at pH 7.72, where the 1:1 conditional stability constants of zinc
with oxalate and ethylenediamine are identical (Table II). At
this pH value, the two-ligand mixture is behaving as if only a
single ligand were present in solution regardless of the com-
position of the mixture (as far as the 1:1 stability surface is
concerned). Thus, the stability surface for the 1:1 complexes
(curve (d)) is a plane parallel to the two-dimensional grid.
Interestingly, the stability surfaces for the 1:2 and 1:3 com-
plexes are also almost completely plamar at pH 7.72 (curves (e)
and (f)). The data for curve (e) do not form an exact plane, but
this is not evident from the figure. Some degree of non-plan-
arity is evident in surface (f). Thus, at pH 7.72, the two-
ligand mixture as a whole, can be treated essentially as a single
ligand system at all solution compositions, insofar as the dis-
tribution of metal between free and total complexed forms in
solution is concerned.

Curves (g), (h) and (i) of Figure 3 show the stability sur-
faces at pH 3.00. Note that the CLASP-u region for S3 is lower
than that for SZ. This is the only example of such a trend, in
this figure. This is due to the fact that the conditional sta-
bility products for the 1:3 complexes are smaller than those for
the 1:2 complexes (Table II) because of the enhanced influence of
alpha-coefficients (21,22) on reactions of higher stoichiometry.
The hydrogen ion concentration at pH 3.00 prevents CLASP-7 con-
ditions from being attained over the CM-CLT range covered in

Figure 3 (cf. condition (b) following eqn. 11).

Case 2. In this case a four-ligand mixture (Table III) is
considered, where only 1l:1 complexes form. In addition, absorp-
tivities are assigned to each of the complex species in order to
obtain an absorbance surface. Unlike Case 1, noneof the numerical
values used in Case 2 (stability products, absorptivities, etc.),
while realistic, correspond to any specific, real system.

The stability surfaces depicted in Figure 3 are quite simple
in shape. As mentioned previously (during discussion of Sta-
bility Profiles), a situation may be reached where some of the
ligand species are almost totally complexed while the others are
largely uncomplexed. This can lead to a temporary constancy of
the stability function over an intermediate range of CM/CLT,ratios,

giving plateau values called pseudo-CLASP's. Surface (a)
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Conditional Stability Products for the
Zinc Complexes of Oxalate (L1) and Ethylenediamine (L2)
at pH's 10.00, 7.72 and 3.00

Complex

B1(1) cond.
R1(2) cond.
R2(1,1) cond.
B2(1,2) cond.
B2(2,2) cond.
R3(1,1,1) cond.
R3(1,1,2) cond.
B3(1,2,2) cond.
R3(2,2,2) cond.

Conditional Stability Product

pH 10.0

1.37711x10
1.38566x10
1.50997x10
4.38183x10
1.03358x10"
8.68895x10°
1.55473x10°
2.98087x10""

3.77598x101

0 o W

0
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pH 7.72

2.73898x10
2.73898x10
3.00216x10
8.65835x10
2.02972x10
1.72695x10
3.07101x10
5.85171x10
7.36687x10

U N 00 N OO0 OO0 O W W

pH 3.00

1.39142x102

8.49691x10
7.70751x10°
1.35743x10
1.94323x10" 11
2.24064x10°
2.43319x10
2.83127x10°
2.17663x10™2

6

3

3
11

0
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Table IIT

System Description for Case II

Largest stoichiometric metal concentration 1M -9
Smallest stoichiometric metal concentration 1x10 "M
Number of CM points 36
Largest stoichiometric total ligand

concentration 1M
Smallest stoichiometric total ligand -9

concentration 1x10 "M
Number of CLT points 36
Total number of points on surface 1296
Number of ligands in system 4
Stoichiometric ligand weighting factors

W 1

1

w2 0.1

w3 1

w4 0.001
Stoichiometries of complexes in system 1:1
Number of complexes of 1:1 stoichiometry 4
Stability products and molar absorptivities

for 1:1 complexes

BL(1) 2.75x103

BL(2) 9.81x10°

B1(3) 3.18x107

BL(4) 3.72x10°

el 3.14x10°

€2 8.48x10°

€3 2.41x10°

A 6.45x10%
Proton association products for ligands

K1(1) 5.71429x10"

K1(2) 1.00000x10'°

K1(3) 4.76190x10°

K1(4) 2.24719x10°
PH value used 7.00
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of Figure 4 illustrates this effect. Part (d) of Figure 4 is a
contour map representation of the same surface. The contour lines
connect points of equal height above the grid surface, and they
are positioned at equal increments along the vertical axis (which
is logarithmic). Thus, the density of lines on the surface is a
measure of the slope at each point. Contour maps provide an al-
ternative method of representing these surfaces, and when used in
conjunction with the 3-D plots, help to clarify certain surficial
features. The two areas in plot (d) which are relatively free of
lines correspond to the CLASP-u and pseudo-CLASP regions, which
are parallel to the two-dimensional grid. A very gentle slope is
still evident at the lower right hand corner of the contour map
indicating that CLASP-7 has not yet been fully reached.

Plots (b) and (e) show the free metal surface of the system
(plotted as pM). These show pM increasing (i.e. free metal
concentration decreasing) very rapidly as one moves more into the
CLASP-u region (i.e. trace metal in presence of large ligand
excess). The metal-buffering capability of the system is clearly
depicted in the contour map (e). For example, the lines, or
portions of lines, which are parallel to the CLT axis, describe

those solution compositions for which the metal is buffered dur-
ing ligand-into-metal titrations (cf. Figure 2). Similarly, the
lines or segments which lie at 45° angles to the CM axis represent

metal buffering with respect to dilution of the system (cf.Figure
2). The metal buffering against dilution occurs in the region
corresponding to excess ligand over metal. This is consistent
with the theory of metal buffering by 1:1 complexes.

Plots (c) and (f) show the absorbance surface for this system.
As evident from the axis designation, plot (c) is being viewed
from a different direction to (a) and (b), in order to optimize
the presentation of its three-dimensional aspects.

A comparison of the three contour maps of Figure 4 shows
certain features in common. There is a strong correlation between
curves (d) and (e); this is generally true for systems in which
only 1:1 complexes are present.

The three-dimensional surfaces presented in Figures 3 and 4
relate to relatively simple multiligand mixtures (Tables I and
ITII, respectively). Even such simple systems can become quite
complicated if all of the possible equilibrium reactions are to
be taken into consideration. These simple systems were chosen for
illustration in this paper so that the reader could acquire a more
complete appreciation of the total complexation system. However,
this model is not limited to such simple cases, and we have
applied it to multiligand mixtures and systems which are vastly
more complicated than those described in Tables I and III.

Conclusions

The stability function is a useful concept for describing
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Figure 4. Various surfaces relating to the four-ligand mixture described in Table

III: (a), (b), and (c) are the stability (S 1), free metal (pM), and absorbance sur-

faces, respectively at pH 7.0. Plots (d), (e), and (f) are the contour diagrams corre-

sponding to (a), (b), and (c), respectively. Note that surface (c) is being viewed

from a different direction compared with (a) and (b). The arrows on the contour

maps (d), (e), and (f) indicate the corners from which the corresponding perspec-
tive representations (a), (b), and (c) are being viewed.
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metal-multiligand equilibrium. It provides a conceptually simple
picture of the metal-binding properties of complicated ligand
mixtures. The stability function adopts constant, limiting values
under certain experimental conditions. This function, and other
solution properties, can be readily depicted by means of three-
dimensional surfaces which clearly illustrate the influence of
solution composition and pH on the overall system behavior.
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Abstract

Methods are currently available for computing the equilibrium
concentrations of all species in multimetal-multiligand mixtures.
However, this is possible only when the stoichiometric concen-
trations of all metals and ligands are known, in addition to the
stability constants for all complex species. Frequently, such
detailed information is not available for the complicated ligand
mixtures occurring in natural environments. The objective of
this paper is to develop a unified, conceptual view of metal-
multiligand equilibrium. For such systems, it is desirable to
have some quantitative measure of the strength of binding of the
metal ions to the ligand mixture as a whole. This can be achieved
through introduction of the system stability function, which is a
weighted-average of the stability constants for all complexes of
a given stoichiometry in the system. In addition, it quantita-
tively describes the binding of metal ions to a multiligand mix-
ture. The stability function has a unique value for each solution
composition and stoichiometry, and can thus be represented as a
three-dimensional surface, S(CM,CLT)pH where § is the stability
M and CLT are the stoichiometric metal and total
ligand concentrations, respectively. These surfaces clearly
represent the metal-binding ability of the mixture as a whole and
provide an insight into the complexation behavior of natural
multiligand systems. They also illustrate how the stability
functions adopt constant, limiting values under certain exper-
imental conditions. Other solution properties, such as absor-
bance, free metal concentration, etc., can be similarly repre-
sented by means of three-dimensional surfaces. 1In addition to
providing a unified picture of the net complexation in multi-

function, and C
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Appendix 1

Simplified presentation of Equations 2, 4, 6, 9 and 11.
Equations 2, 4, 6, 9 and 11 of this paper may appear somewhat
abstract and complicated. This is simply because they are written
in a general mathematical format which incorporates mixed ligand
in addition to the homogeneous complexes. The meaning of these
equations can be clarified by means of a specific example: con-
sider the S2 function for a simple two-ligand mixture (from
eqn. 2). The only 1:2 complexes in this system are M(L1)2,

M(L1) (L2) and M(L2)2<. Thus,

2 0 0 2
Wy W,y 82(12,20)ﬁu1w282(11,21)ﬁnl Wy 82(10,22)

Sz =

2
(w1+w2)
2 2
wy 82(12)+w1w282(11,21)+w2 B2(2,)

= 2 @'
(w1+w2)

which is consistent with equation 2. Equations 9 and 11 are
essentially of the same form as equation 2. The stability pro-
duct (eqn. 4) of the homogeneous complex, M(Ll)z, is given by:

M1y, (2) .1 [M(1),]
B2(1,1) = 20 - 2 )"

(11120021 [read?

and the stability product (eqn. 4) of the mixed ligand complex
M(L1) (L2) is given by:

[M(L1) (L2)]

B2(1,2) = [MIL11L2] @

For the two-ligand system, equation 6 takes the form:

[M(L1)2(L2)0]+[M(L1)(L2)]+[M(L1)0(L2)2]

S2

]

[M]([L1]+[L2])2

[M(L1)2]+[M(Ll)(L2)]+[M(L2)2]

= 2 (ON
(MI([L11+[L2])
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ligand mixtures, these surfaces permit one to evaluate the results
of various experimental methods which are applied to the study of
complexation in ligand mixtures. This paper describes the basic
mathematical theory and chemical principles underlying the sta-
bility function, and its use is illustrated through computer-
simulation of complexation in various metal-multiligand systems.
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Applicability of the Local Equilibrium Assumption to
Transport through Soils of Solutes Affected by Ion
Exchange

RONALD V. JAMES and JACOB RUBIN
Water Resources Division, U.S. Geological Survey, Menlo Park, CA 94025

In an attempt to deal with such unwanted substances as
radioactive and chemical wastes, disposal sites are often used
that are hydraulically connected with usable water supplies via
subsurface transport routes. To manage these wastes effectively,
it is desirable to have the capability of predicting the course
of solute transport along these connecting routes.

Subsurface solute transport is affected by hydrodynamic
dispersion and by chemical reactions with soil and rocks. The
effects of hydrodynamic dispersion have been extensively studied
(1, 2, 3, 4). Chemical reactions involving the solid phase
affect subsurface solute transport in a way that depends on the
reaction rates relative to the water flux. If the reaction rate
is fast and the flow rate slow, then the local equilibrium assump-
tion may be applicable. If the reaction rate is slow and the
flux relatively high, then reaction kinetics controls the chem-
istry and one cannot assume local equilibrium. Theoretical
treatments for transport of many kinds of reactive solutes are
available for both situations (5-10).

It is often desirable, where applicable, to use the local
equilibrium assumption when predicting the fate of subsurface
solutes. Advantages of this approach may include 1) data such
as equilibrium constants are readily available, as opposed to the
lack of kinetic data, and 2) for transport involving ion ex-
change and adsorption, the mathematics for equilibrium systems
are generally simpler than for those controlled by kinetics. To
utilize fully these advantages, it is helpful to know the flow
rate below which the local equilibrium assumption is applicable
for a given chemical system. Few indicators are available which
allow determination of that critical water flux.

The work presented here addresses this question for a labor-
atory ion-exchange system that is relatively simple. Effluent
concentration histories were obtained for calcium and chloride
ions during miscible displacement of calcium chloride solutions
through vertical columns containing homogeneous, repacked sandy
soil that was water-saturated. Calcium self-exchange was the
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only reaction considered. The flow rate was kept constant during
each experiment but it had a large range of variation among the
experiments.

Experimental

Calcium chloride solutions (pH = 6.2) labeled with *$Ca or
36C1 were displaced vertically downward through columns of homo-
geneous, repacked, water-saturated sandy soil by a chemically
identical solution labeled with 36Cl or 4°Ca, respectively.
Constant water fluxes, and solution activities of 1 to 15 uCi/dm®,
were used. Calcium solutions were analyzed by titration with
disodium dihydrogen ethylenediamine tetraacetate to a murexide
end point (}l). The activity of radioactively labeled solutions
was obtained by liquid scintillation techniques. Concentrations
of adsorbed calcium were calculated from isotope dilution. The
concentration of calcium chloride in the influent solution was
0.08 N. Because exchange of calcium for itself was the only
chemical process affecting transport, the calcium chloride con-
centration remained constant at 0.08 N throughout each experiment,
both within the column and in the effluent.

The soils employed in this study were Delhi (11) and Oakley
(12) sands, in which most of the clay appears to be present as
coatings on the sand particles. Characteristics of each soil are
shown in Table I. Oakley sand is quite acidic. This can be ex-
plained (13, p. 282-289) by the substantial aluminum component of
the exchangeable cations.

Table I

Characteristics of Experimental Soils

Cation
Bulk exchange
Porosity density pH** capacity¥*
. 3 3 3 (in 0.01 E
Soil (cm®/em®)  (g/em®) CaCl, (meq/g)
Delhi sand 0.40 1.6 6.1 0.04
Oakley sand 0.34 1.8 4.2 0.02

*Exchange capacity values are averages. Specific values were
obtained for each column and used as explained in the text.
**Determination of soil pH as described by Black 1s.

Each Oakley column was pre-leached, removing about half the
adsorbed aluminum. As subsequent leaching continued during re-
petitive experiments, exchangeable aluminum was removed and the
effluent pH increased. 1In all of the individual experiments
described here, the concentration of aluminum in the effluent
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was so low (less than 3 x 10°° M) that the increases in adsorbed
calcium resulting from removal of aluminum were negligible and the
effluent pH increased less than 0.2 units. Therefore, in each
given experiment the concentration of adsorbed calcium was taken
to be constant. The aluminum concentration was determined col-
orimetrically (14). Delhi sand is a nearly neutral soil and no
pH change occurred during the experiments using it. The concen-
tration of adsorbed calcium was determined for each column by
graphical integration of the area between plotted curves showing
the calcium and chloride effluent histories. The exchangeable
calcium thus determined was used in subsequent theoretical pre-
dictions that were compared with the empirical results obtained
from the corresponding columns.

The columns used in these studies and the general experimen-
tal techniques employed are described by James and Rubin (16).
The soil columns were 10 cm long and 5 cm in diameter. Special
care was taken in packing the columns to avoid radial and longi-
tudinal particle-size segregation (17). Fluid volumes in the
columns averaged 73 cm® for Oakley sand and 81 cm® for Delhi sand.

Results are presented as effluent histories in which the
relative effluent concentration (REC) of labeled calcium is
plotted against time and is given by:

REC = =2 (1)

where c,, c,, and ce are the concentrations of labeled calcium in
the soil at zero time, in the displaced solution, and in the
effluent at time t, respectively.

Theoretical

One-dimensional transport through soils of calcium affected
by equilibrium-controlled self-exchange is described by:

2
sSte S rSE s @

where 8§ = porosity of the medium, p = bulk density of the medium
(g/cm®), z = distance from input end of column (em), t = time
(sec), ¢ = concentration of labeled solute in the soil solution
at z and t (meq/cm®), s = concentration of adsorbed solute at z
and t (meq/g), D = hydrodynamic dispersion coefficient (cm®/sec),
and q = water flux (cm/sec). The equilibrium relation is

%
= 2

where the asterisk denotes unlabeled calcium. Noting that ctc*
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is the total concentration of calcium in solution, Cy, and that,
with the concentration of adsorbed calcium negligibly affected by
the presence of aluminum, s+s* can be taken to be the exchange
capacity of the soil, A, it follows from Equation 3 that

s=%c (%)
t
For the conditions used in this study C, and A are constant,
therefore, partial differentiation of Equation 4 yields
3 _ A e
ot C, ot (5)
Combining Equation 5 with Equation 2 gives the equation
A | dc Fc dc
+ — — —— -_— 6
Cre) P57 1% ©

which in this study was solved numerically for effluent concen-
trations as a function of time using the method and boundary
conditions of Rubin and James (7). The numerical method is
needed because experimental columns of this type are best repre-
sented as two consecutive layers: the soil column and the void
space of the apparatus passages, respectively. The two-layer
description is necessary in order to account for dispersion
induced by the apparatus (16). The dispersion coefficients used
at each flow rate are given in Table II.

Porosity, bulk density, and water flow rate were determined
independently of the elution histories, as described previously
(16) . The dispersion coefficients for the soil were obtained by
trial and error determination of the D values giving the best
agreement between the predicted and the empirical chloride-
effluent histories. The predicted histories were obtained from
the solution to Equation 2 with ds/dt = 0. To find the disper-
sion coefficients for the end caps (16), a length of 0.2 cm and
a porosity of 1.0 were used. The water flux in the end cap is
the same as that in the soil.

Results and Discussion

For both soils studied, comparison of calcium-effluent
histories predicted by the solution to Equation 6 with those
obtained from experimental columns gave good agreement only for
the lowest flow rates. For the three higher water fluxes, more
apparent dispersion was observed than could be explained by
predictions that assume local equilibrium. FExamples of these
comparisons are shown in Figures 1 and 2.
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Table II

Variation with Water Flux of Soil and
Apparatus Dispersion Coefficients

A. Delhi Sand

q D DA*
(cm/sec) (em® /sec) (e /sec)
1.7 x 10°° 5.0 x 107¢ 4 x 1078
1.8 x 1074 2.7 x 1078 3 x 1078
1.7 x 1078 3.5 x 1074 7 x 10°°
1.8 x 107% 3.5 x 1073 6 x 1074

B. Oakley Sand

q D D,*
(em/sec) (cm? /sec) (cm® /sec)
1.7 x 1078 3.0 x 107° 4 x 1078
1.7 x 1074 6.6 x 10°° 3 x 10°°
1.7 x 1078 1.0 x 1074 7 x 10°°
1.7 x 1002 2.0 x 1073 6 x 1004

*The subscript A indicates the dispersion coefficient used
for the layer which describes the dispersion induced by
the apparatus.
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The molecular-diffusion coefficient for calcium in dilute
aqueous solutions of calcium chloride, Dpy,» is about 1 x 10°°
cn® /sec (18,p.700) . The molecular-diffusion coefficient in the soil,
D gscan be estimated by the relation Do ™ Dm&Q/T, where T is the
tortuosity, assumed here to be about 1.2. The estimated
molecular-diffusion coefficient of calcium for the soils employed
in this study is, therefore, about 3 x 107® cm®/sec. Comparing
this value with the dispersion coefficients in Table II, one finds
that at the lowest flow rate studied for each soil the coeffi-
cients are similar, but at higher fluxes they differ by orders of
magnitude. Thus, when the hydrodynamic dispersion coefficient is
nearly the same as the estimated molecular-diffusion coefficient
in the soil, the equilibrium assumption applies. When the dis-
persion coefficient is significantly larger, the local equilibrium
assumption does not apply and a kinetics-based model presumably is
indicated.

In order to further substantiate this conclusion, it is of
interest to compare it with the prediction obtained from a simple
theoretical model. Glueckauf's well-known transport model (19,

p. 449-453), supplemented by the more modern concept of hydro-
dynamic dispersion, is well suited for this purpose. The model
simulates dispersion-affected solute transport with ion exchange
for which diffusion processes are rate limiting. 1In his develop-
ment, Glueckauf assumes: 1) exchange takes place in porous
sperical particles with radius r and porosity Gp; 2) within
these particles, water and solute movement occur only by molecu-
lar diffusion; 3) the reaction rate is determined by the rates
of film and intraparticle diffusion, which are proportional to
the differences between the theoretical equilibrium and actual
concentrations of solution and adsorbed solutes, respectively;
and 4) the relevant equilibrium relations are described by
Equation 4.

Using the modified Glueckauf model described above, and em-
ploying his simplifying mathematical assumptions (the correctness
of which has been confirmed by the authors with the aid of numer-
ical methods), one obtains

ﬁgi-g-qﬁ 1%

6 +pdy L s

Ct ot

which is similar to Equation 6 with D replaced by the effective
dispersion coefficient D, which is given by:

D=D+Fp+Ff (8)

when F and Fg¢ describe the contributions of intraparticle and
film diffusion, respectively, and are expressed by
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0.10pAC, q°r?
= 2
P DmLSP(GC£+pX)

©))
0.133p2\2qR 12

Fe = 2 .
f Dm&(ect+pk) (1+70qr)

As q decreases, the terms F, and F¢ become small compared to D,
and Equation 7 becomes more like Equation 6. This indicates that
the local equilibrium assumption is applicable when q is suffi-
ciently small.

Using the relationship

D=D_ +agq (10)
ms
where 0, is an empirical constant (1), one finds that when the
dispersion coefficient is nearly equal to the molecular-diffusion
coefficient in the soil, aq is much smaller than Dps » giving

D Dm &9

ms
aT

—= = 11
q<<a (11D

Inequality 11 was substituted into Equation 8, together with
reasonable values of other parameters and 0.1 ecm < a < 0.2 cm as
a was found to be in this study. This leads to the conclusion
that, for systems in which r is less than 0.1 cm, the local equil-
ibrium assumption is applicable (i.e., q is sufficiently small)
when D is nearly equal to D, as observed in the experiments. In
soils in which the exchanging particles are not spherical, r would
represent approximately the mean diffusion path within clay
aggregates or within clay coatings on coarse particles.

For soils without appreciable clay aggregation, the experi-
mental results and theoretical analysis described here indicate
that when diffusion is rate-limiting, the ratio of the hydrody-
nanic dispersion coefficient to the estimated soil self-diffusion
coefficient may be a useful indicator of the applicability of
the local equilibrium assumption. For reacting solutes in lab-
oratory columns such as those used in this study, systems with
ratios near unity can be modeled using equilibrium chemistry.

The experimental results indicate that when the ratio is consid-
erably larger than one, another relationship, presumably one
involving kinetics, must be used.

Abstract
Miscible displacement of calcium-chloride solutions through

water-saturated laboratory soil columns was studied for a wide
range of constant water-flow rates. Calcium- and chloride-effluent
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histories were obtained. Calcium self-exchange was the only
reaction considered. Calcium-effluent histories were compared
with predictions from a one-dimensional solute-transport model,
assuming local chemical equilibrium. Good agreement between the
predictions and the data was obtained for the slowest flow rate
studied, but not for the higher fluxes. Thus, the local equilib-
rium assumption applies when the ratio of the hydrodynamic
dispersion coefficient to the estimated molecular-diffusion
coefficient is near unity. This conclusion is further substan-
tiated by comparison with the results of a theoretical analysis
using the relatively simple transport model for solutes affected
by ion exchange that has been developed by Glueckauf (19). It

is suggested that the data obtained for the higher water fluxes
that yield a coefficient ratio much greater than unity cannot be
described by assuming local equilibrium, but must be modeled using
another relationship, presumably one involving kinetics.
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Adsorption of Lead from Solution on the Quartz- and
Feldspar-Containing Silt Fraction of a Natural
Streambed Sediment

DAVID W. BROWN
U.S. Geological Survey, Menlo Park, CA 94025

The extensive use of lead antiknock additives in gasoline
has made lead perhaps the most widely distributed toxic heavy
metal in the urban enviromment and has greatly increased its
availability for solution in natural waters. It is important for
this reason to know whether its introduction into surface and
ground waters by rainfall and runoff will make it available for
solution or whether chemical processes will place a safe upper
limit on its solubility.

A model for predicting the concentration of lead in surface
or ground water must accurately reflect the physical and chemical
processes that affect the distribution of lead between the solid
and dissolved phases. In a natural water system the chemical
processes that can greatly vary the concentration of lead are
those of complex formation, solution-precipitation, and adsorption.

This paper presents a comprehensive method for evaluating
the surface characteristics needed to predict the adsorption
behavior of lead on the silt fraction of sediments from a natural
streambed. Also presented is a quantitative description of lead
adsorption on such material primarily as a function of pH between
4 and 8, the range most commonly encountered in natural waters.

The predicted pH-dependence is then compared with experi-
mental results at two different total lead concentrations.
Special emphasis is placed here on the effect of the presence of
adsorbed lead and other cations on the pH-dependency of this ad-
sorption, particularly that which results from the effect of the
adsorbed cations on electrostatic potential and charge density at
the solution-surface interface.

Chemical Processes Affecting Aqueous Lead Concentration

Complex Ion Formation. Formation of complexes of lead with
the various anions such as chloride, fluoride, carbonate, bicar-
bonate, and hydroxide increases the concentration of lead in
natural waters by preventing lead from taking part in other chemi-
cal reactions, primarily adsorption, that would lower its
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concentration. The important complexes in most surface and
ground-water systems are those of hydroxide and carbonate. The
known monomeric hydroxy complexes are PbOHT, Pb(OH)i Pb(OH) 3™,
and Pb(OH),?~. The most important of these is PbOHT, as the
latter three become significant only above the pH of most natural
waters, and because Pb0H+, a cation, is much more readily adsorbed
to negatively charged surfaces than are uncharged Pb(OH),0 and the
anions Pb(OH)3 and Pb(OH),2~. Thermodynamic data indicate that
the Pp2t species predomlnates to about pH 7, followed by PbOHT to
about PH 10, Pb(0H),0 between pH 10 and 11, then by Pb(OH) 3~ and
Pb(OH)q ~ at higher pH. Since our interest is in the pH range of
commonly encountered natural waters, we use only the thermodynamic
data applicable to the pb2t -PbOH reaction. Lind (1) gives the
formation constant for PbOHT (for which the equilibrium expression
is [PbOHT][HV1[Pb2*]71) as 10723, Hem and Durum (2) give the
lead hydrox1de solubility product *K g (written [Pb2F][HF]™2) as
108

Adsorption and Cation Exchange. The role of adsorption of
lead cations onto streambed or aquifer material must be considered
in any model used to predict the aqueous lead concentration in
natural waters, particularly in ground-water systems. Hem (3)
and Hem and Durum (2) note that the concentrations of lead in
surface and ground waters in the United States are far below those
which would be predicted from equilibrium with solid mineral
species. It therefore- appears that precipitation-dissolution
equilibria are not the chemical processes controlling lead concen-
trations in natural waters. The large surface areas and cation
exchange capacities of clays and silts provide a sufficiently
large sink for lead ioms such that any accurate equilibrium model
used for predicting aqueous lead in natural systems would have to
consider this effect.

Most natural waters come into contact with a large surface
area of clay, silt, and sand. At moderate values of pH, the
silicate surfaces contain a number of negatively charged adsorp-
tion sites to which cations may be tightly bound; the upper limit
to the number of cations that may be held to the surface at a
given time is called the cation exchange capacity (CEC). Despite
the use of this term, we should realize that on one hand cation
exchange and adsorption of cations could be considered to be two
different processes, while on the other hand they may well be two
different attempts at explanation of the same phenomena. What is
commonly referred to as cation exchange is actually indistinguish-
able from simultaneous adsorption of one ion and desorption of the
same number of equivalents of another. (This often happens when
all adsorption sites are initially filled, and further adsorption
of other cations can occur only if some of the currently adsorbed
ions are desorbed.) The main difference between the cation
exchange and electrical double-layer adsorption models lies mainly
in that the cation exchange model is a mass-action approach to the
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competition among different cations for a fixed number of nega-
tively charged sites; this results in the imposition of the
requirement of constant charge of surface cations. The electrical
double-layer approach does not impose this requirement because the
magnitude of the negative surface charge is variable and influenced
by specific adsorption of potential-determining ot and OH™ ionms.

It is for this reason that a version of the double-layer model of
cation adsorption shall be used here in attempting to reconcile
pH-dependent adsorption of lead on a fraction of a natural stream-—
bed sediment.

The major feature of the James and Healy (4) model is the
description of adsorption by a Langmuir isotherm whose equilibrium
constant is based upon a free energ{ of adsorption made up of what
are referred to as coulombic (AGcou ), solvation (AG?O V), and
chemical (AGihem) terms.

Of these three contributions to the free energy, the most
important in terms of its effect on the pH-dependence of adsorp-
tion is the coulombic term AG$OUl, This is a measure of the inter-
action of the charged ion witﬁ the Gouy potential Ayy. at the
plane of adsorption. This surface potential is assumed by
James and Healy (4) to vary in a Nernstian manner with pH, assum—
ing a value which is negative for a pH above the pH (or PZC)
and positive for a pH below the PHpzc.

The solvation term AC?OlV represents the change in free energy
which results from the replacement, on an ion as it adsorbs, of
water molecules from the bulk of the solution with water molecules
at the interfacial region having a lower dielectric constant.
James and Healy's (4) expression for AGSOlV was further refined
(prior to publication) by Levine (5). This, according to Wiese

pzc

et al. (6), constitutes a more accurate and rigorous theoretical

analysis of the changes in solvation energy that accompany adsorp-
tion. Accordingly, the Levine (5) expression was used here in
calculations which were used to attempt to predict lead solubility.

The chemical term AGChem is assumed to be a constant which
applles for all species of a given heavy metal (e.g., Pb2+, PbOH
pbc1t , etc.), and which takes into account effects such as those
of Van der Waals and London dispersion forces which do not easily
lend themselves to theoretical interpretation.

The model recently proposed by Bowden et al. (7) avoids the
use of the assumption that the surface potential varies in a
Nernstian fashion with pH. In the VSC-VSP (variable surface
charge-variable surface potential) model, the surface charge
density o4 is produced as the result of a chemical interaction
between surface sites specific for adsorption only of the potential-
determining ions Ht and OH™. These ions are recognized as having
finite sizes, resulting in a maximum adsorption density Ng of such
ions which can be physically located on the surface.

The surface, interfacial, and diffuse charge densities
(respectively, og, o4, and o4) and the electrostatic (Gouy) poten-
tials at the surface and adsorption planes (respectively Yg and ¥4)
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are related by the equations

o FN [KH[H“]e'F"’S/ R _ KOH[0H°]e+FwS/RT]
1t R o1t ¢
‘/IZIF'\[Id
o, = -/8000 €08h,0 RTy sinh \—5p7—/ (2)
o +0, +0,=0, and (3)
i (4)
b =g = €ntE0 ’

The terms Ky and Koy are the specific adsorption constants for
the potential-determining ions and OH™, respectively; ey, o and
€int are the dielectric constants of water (78.5 at 25°C) and the
interfacial region, respectively; u is ionic strength; [zl is the
mean valence of the supporting electrolyte; and d is the distance
between the surface and the average plane of adsorption. (The
terms F,R, T, and €p are the Faraday, the universal gas constant,
absolute temperature, and permittivity of free space, respectively.)
These equations, in the order listed, describe the specific
adsorption of the potential-determining ions that give rise to
surface charge, the dependence of diffuse layer charge on iomnic
strength and Gouy potential, overall electroneutrality of the
system, and a linear decrease in potential over the interfacial
region proportional to the surface charge density. The value of
the interfacial charge density o4 due to cation adsorption is
obtained from the total surface concentrations of all adsorbed
ions. Each ion's surface concentration is calculated from equili-
brium considerations as in the James and Healy (4) model, using Vg
to calculate the coulombic free-energy term Acgdﬁl Simultaneous
solution of the appropriate equilibria along with the above equa-
tions is normally accomplished by a computerized algorithm. The
manner in which the various surface parameters are related to one
another in the VSC-VSP model is shown in Figure 1 along with a
similar scheme for the James and Healy (4) model.

In the VSC-VSP model the charge density og of adsorbed cations
exerts an effect on the surface and Gouy potentials which can be
quite profound where relatively large amounts of cations are ad-
sorbed. This effect, not considered in the classical double-layer
theory as presented by James and Healy (4), can help us.to explain,
for example, a rise in the increase in adsorption with increased
pH that is different from that otherwise predicted.
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Figure 1. Relationships between charge densities, potentials, and free energies
in James—Healy and VSC-VSP models
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Preparation and Characterization of Sediment

Experimental. The sediment used in this study was obtained
from Colma Creek, at Serramonte Boulevard between E1 Camino Real
and Junipero Serra Boulevard, in the city of Colma, San Mateo
County, California. Colma Creek was chosen because its entire
course occurs within an area of urbanization, and the sediments
are therefore of the type which normally come in contact with
lead and other heavy metals. The main sources of lead, atmos-
pheric fallout and rainfall runoff contain particulate matter
from automobile exhaust emissions. Several shovels full of the
bottom material were placed in a plastic container. In the
laboratory, several kilograms of the material were wet-sieved,
and the fraction passing through a 200-mesh sieve (particle
diameter less than 74 um) was placed in a l-liter graduated
cylinder containing a 1 M sodium phosphate solution. The silt
fraction settles in this medium while the finer clay particles
remain suspended. After several hours, this clay suspension was
then decanted and a portion of the material saved for X-ray
diffraction, as were portions of the sand and silt fractioms.

Adsorption experiments were carried out using only the silt
fraction because this fraction lends itself to batch experiments
and is similar in composition to the sand fraction, consisting
primarily of quartz and feldspar. Furthermore, it was felt that
the application of double-layer theories of adsorption would be
less appropriate on the clay fraction, where the effects of
valence deficiencies resulting from isomorphic substitution in
actual clays are probably more important.

After treatment with hydrogen peroxide in 0.3 M hydrochloric
acid at 70°C for 30 minutes in order to remove adsorbed organic
matter, the silt fraction (4 to 74 um diameter) was washed
repeatedly with distilled deionized water to constant conductivity
in order to remove any adsorbed acid. The specific surface area
of this material was measured using Lawrie's (8) 1,10-phenanthro-
line adsorption method. The cation exchange capacity per gram
was determined by Chapman's (9) method, in which the surface is
first saturated with sodium by three successive washings with
1.0 M sodium acetate solution, followed by three successive
washings with 1 M ammonium acetate, which is saved and analyzed
for the displaced sodium.

For the purpose of determining how the specific adsorption
of potential-determining H' and OH™ ions is affected by pH and
background electrolyte concentration, it is common practice to
titrate portions of the adsorbent with acid and base at various
ionic strengths. Amounts of adsorbent with cation exchange
capacity equal to 1.00 X 10" eq were therefore placed in each of
two 25.0 mL COp-free solutions of 0.001 M NaClOy, two of 0.01 M
NaCl0y, and two of 0.10 M NaClOy. Each solution was separately
titrated with 0.100 N sodium hydroxide or perchloric acid.
Between each addition of acid or base in these six titratioms,
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3 minutes of magnetic stirring were allowed for the pH reading to
equilibrate.

The dielectric constant of the adsorbent material was cal-
culated using the Looyenga (10) equation given by Lal and
Parshad (11). Using these equations, the dielectric constant of
a component of a mixture can be calculated from the overall
dielectric constant of a given mixture, which is normally deter-
mined from the capacitance of a calibrated cell containing the
mixture. Such a cell was constructed from phenolic copper-clad
boards 6 cm square, placed about 1 mm apart, and sealed at the
edges with epoxy glue. Capacitances were measured with a 1000-Hz
AC capacitance bridge, and the cell was calibrated for fluids of
known dielectric constants. Finally 1.131 grams of adsorbent
(0.469 cm3) was placed in the 2.714 cm3 cell which was then
filled with cyclohexane (dielectric constant 2.015 at 25°C) and
shaken vigorously during measurement.

Results and Discussion. The data below show the weight
fractions and cation exchange capacity contributions of the
gravel, sand, silt, and '"clay" fractions of the sediment sample.
(The clay fraction actually contains minerals other than clays
and is in this context a size category only.)

. Percent Percent
Material Diameter (um) CEC, meq/100 g by weight by CEC
Gravel >2000 0 2.6 0
Sand 74-2000 3.6 94.7 72.9
Silt 4-74 32.8 1.9 13.3
"Clay" <4 80.5 0.8 13.8

It can be seen that the sediment sample consisted almost entirely
of sand, which contributed nearly three-fourths of the total
cation exchange capacity. It must be remembered, however, that
in a surface water environment the silt and "clay" fractions will
be in closer and more direct contact with the flowing water (much
of this material will in fact be suspended in it) than will be
the sand underneath, a large quantity of which was unavoidably
scooped up during sampling.

The X-ray diffraction patterns for the sand and silt fractions
had a nearly identical predominance of quartz and feldspar peaks.
The "clay" fraction, however, showed X-ray peaks from quartz and
feldspars as well as for chlorite/montmorillonite. Our use of the
silt fraction in the following adsorption experiments is supported
by the similarity in composition (i.e., mostly quartz and feld-
spars and no clays) between the silt and sand fractions. The silt
fraction, more easily suspended than sand, was an indicator of the
adsorption characteristics that might logically be expected of the
sand fraction as well.

The specific surface area of the peroxide-treated silt frac-
tion was found by 1,10-phenanthroline adsorption to be 72.2 m? g~1
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and the cation exchange capacity by sodium saturation was
measured as 3.42 X 10™% eq g~! or 34.2 meq/100 g.

The VSC-VSP model uses the maximum potential-determining ion
adsorption density Ng, a kind of maximum adsorption capacity for
potential-determining ions Ht or OH™, which is assumed to be the
same for both ions. For our purposes, we are concerned with the
maximum OH™ capacity since the pH range of most natural waters
lies above our measured pszc of pH 4.3. Bowden et al. (7) esti-
mate Ng at 107% eq m™2 on the basis that any surface-charge
densities greater than this are unrealistic because the potential-
determining ions would be less than 5 ) apart, and lateral coul-
ombic forces would become excessive.

The amount of hydroxide adsorbed during a sodium hydroxide
titration of an adsorbent-material slurry was calculated by com-
paring the slurry conductivity with that of a blank. Conductivity
was used here because it is a more accurate indicator of aqueous
hydroxide concentration than is pH, particularly at high pH
(11 to 14) where moderate electrode error is probable. For the
purpose of determining aqueous OH™, conductivity was used in
preference to calculation (NaOH added, less the earlier calculated
adsorbed OH™) because any errors in calculated adsorbed hydroxide
(OH™,4g) would also have appeared in the calculated aqueous hydrox-
ide activity [OH”]. This would have resulted in twice the error
in the (OH™,44)/[0HT] term used to determine Ng in a Langmuir
plot. (The existence, due to specific OH™ adsorption, of a ratio
of Nat to OH™ slightly higher in the slurry bulk solution than in
the conductivity titration blank's normal 1:1 ratio should have
caused little error; the excess of Nat ions in the former was con-
centrated mostly in the first few angstroms of the diffuse double
layer and therefore contributed little to the conductivity. Even
if this were not true, the fact that OH™ has four times the speci-
fic conductance of Na' would still make this type of error rather
small; conductivity is much more a measure of the activity of OH™
than of Nat.) As a first approximation of the previously
described adsorption of potential-determining ions, hydroxide ion
adsorption at high pH can be described by a Langmuir isotherm,
such that (OH az4s) = NgK[OH™]/(1 + K[OH"]), where K is an equili-
brium constant which includes the electrostatic repulsion term
ef¥s/RT, Rearrangement of this expression implies, for a constant
value of K, that a plot of (OH g4s) versus (OH ,4g)/[OH”] should
give a straight line whose intercept equals the maximum capacity
of OH  adsorption, Ng. Such a plot is shown as Figure 2.

Figure 2 shows that the data points toward the lower right
of the graph, for the beginning of the titration, do not give a
straight line while those at the upper left, for the completion
of the titration, do. The reason for this is that the pH in the
latter half of the titration varied more gradually than in the
first half. Because the equilibrium constant K implicitly
includes the electrostatic repulsion term which is a function of
ws and hence of pH, the more constant pH toward the end of the
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titration gave rise to a more constant K, giving a straight line
plot. The least-squares intercept for the last 15 data points
plotted in the upper left is 8.35 X 10~3 eq L™! or 2.23 X 1074 eq
in the final slurry volume of 26.7 mL. For the 0.292 g adsorbent
sample used, this becomes 7.63 X 10~"% eq g~! in comparison to the
Lawrie (8) cation exchange capacity of 3.42 X 10™% eq g~!, a ratio
of 2.23 to 1.

A maximum hydroxide adsorption density of 7.63 X 10~% eq g‘l
on an adsorbent with 72.2 m? g~! gives rise to a surface charge
density of 1.02 C m™2 (1 charge per 16 &2 of surface), which is
approximately equal to the Bowden et al. (7) theoretical limit of
0.965 C m~2.

The calculated surface charge density for the adsorbent at
0.001 M ionic strength is plotted as a function of pH in Figure 3,
where it is zero at pH 4.3, the pHpzc at this ionic strength.

For the similar titrations at 0.0l and 0.10 M ionic strengths,

the values of the pHpzc were found to be 4.0 and 3.7, respectively.
This indicates that the pH at which adsorption of ' and OH™ are
equal decreases with increasing NaClO, concentration, further
indicating the possibility of a specific potential-determining
interaction of the surface with electrolyte ions. Sodium ions
might have been specifically adsorbed in order to produce this
result. Since it is not clear exactly how the pHpzc varies as a
function of ionic strength, we will use 4.3 for our pHpzc. This
is the value obtained at the lowest (0.001 M) ionic strength.

For the purpose of attempting to reconcile theory with experiment,
this value is probably the one which should be used because our
experimental work will be done at an ionic strength near 10'3.M,
approximating the ionic strength of many natural waters.

Using the approach of Atkinson et al. (12), it can be shown
that where the surface potential is small and where the OH™ ad-
sorption density Tog~ is much larger than the ut adsorption
density I'y+, a linear relationship exists such that

loglO(FOH- - FH+) - pH + 2pHpzc =

F(T_ = Ty)
ads OH H 1 .
log1oKy  Ns =~ 303 J/ 2000¢0e, oRTH 3

The pH at which the approximations necessary to derive this rela-
tion are valid lie within a small pH range slightly above the
PHpzc. At constant ionic strength a plot of the quantity
log10(Tog~ - Tyt) - pH + 2pHpze versus Tog~ - 'yt for data within
this pH range should produce a straight line of intercept
1og10KHadSNS. Figure 4 shows such a plot for the data taken at
0.001 M ionic strength, yielding an intercept of -2.52. Titra-
tions at 0.01 and 0.10 M ionic strengths gave similar plots
yielding intercepts of -2.47 and -3.38, respectively. While the
values of the intercept at the two lower ionic strengths are very
nearly equal, the value of -3.38 at the high ionic strength of
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0.10 departs drastically from those of the lower ionic strengths.
This may also be an indication that the sodium perchlorate elec-
trolyte may have interacted with the adsorbent in a manner for
which we have not yet theoretically accounted. Adsorption of
sodium ions, which becomes appreciable at high concentrations near
0.10 M is a possible explanation. In this paper we again use the
value (-2.52) obtained at the 0.001 M ionic strength at which we
can expect the least interference from the electrolyte. This
intercept is equal to loglOKHadSN ; since Ng was eaglﬁgr found to
be 1.06 X 10~° eq m~2, Kyads is equal to 285, or 10 -, Given
the pHpzc of 4.3, KOHadS by comparison calculates as 10 85, more
than five orders of magnitude higher than KHadS

The value of the dielectric constant of the adsorbing solid
is very important in determining the magnitude of the change in
free energy of solvation undergone by the adsorbed ion. This term
is used in both the James and Healy (4) and Levine (5) expressions
for the solvation free-energy term. As a result, the dielectric
constant of the solid is extremely important in determining the
relative values of AGpL2+5°1V and AGppop+S°lV, and hence the
relative proportions of Pb2+ and PbOHT adsorption.

The cyclohexane-adsorbent mixture gave a capacitance corres-
ponding to an overall dielectric constant of 3.267. Based on the
adsorbent volume fraction, the Looyenga (10) equation yielded a
value of 16.4 for the dielectric constant of the adsorbent.

In the strict sense, the dielectric constant for the bulk
particles as measured here may be incorrect as applied to a
hydrated surface environment which has undergone substantial
changes in electrical properties upon addition of water. Levine
(5), for example, uses a value of 10 for the dielectric constant
of a solvated quartz surface when the actual capacitor plate value
for the solid is only 4.3. The effect of a variation in the value
for the solid dielectric constant on the pH-dependence of adsorp-
tion, however, is minimal, requiring only a very small change in
the value of the fitting parameter Agghem in order to produce the
same results. For this reason, our use of the measured value of
16.4 for the solid should suffice, producing little error as
compared to estimating a value for the solvated solid.

Adsorption of Lead

Experimental. In order to study the effect of pH and total
lead concentration on adsorption, slurries were prepared with pH
between 2 and 6 and conta1n1ng total lead concentrations (IPb) of
1.0 X 10~* and 5.0 X 10~% M. These concentrations, while large in
comparison to those normally found in natural waters, were used
mainly for two reasons.

First, adsorption sites on sediments in natural waters con-
taining moderate to large concentrations of calcium, magnesium,
and potassium will probably be moderately or near-saturated with
these adsorbed species, and this large surface concentration of

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch012

12. BROWN Natural Streambed Sediment

-2 T T T
w_intercept = -2.52
6 -
o
£
& T
+
x
a
¢ °
I
2. i
O ~°r [ J 7]
g e
[ ]
[ ]
TF ° ~
[ J
- 1 1 1
0 | 2 3 4

NET ADSORPTION DENSITY [g,~I5.
EQUIVALENTS PER SQUARE METER x10%

Figure 4. Extrapolation of linear portion of 0.00IM ionic strength titration data
for log,,Ky"®N, determination

100

@
o
T

2]
o
T

PERCENT LEAD ADSORBED

Figure 5. Comparison of lead adsorption data (points and solid connecting lines)
with best-fitting James—Healy model predictions (broken lines)

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch012

250 CHEMICAL MODELING IN AQUEOUS SYSTEMS

cations near one plane may exert a perturbing effect on the nature
of adsorption of other cations, lead included. As an alternative
to a rigorous determination of this effect by adsorption studies
for each of these ions, we instead use large total lead concentra-
tions; the adsorption of this quantity of lead should give rise to
an adsorption demsity of charged ions of sufficient magnitude to
study such an effect.

Second, a total lead concentration, approaching the maximum
that can be accommodated by the adsorbent, will cause the rate of
increase in adsorption with pH to decrease. The adsorption will
rise more gradually as pH is increased, rather than suddenly
shifting from a very low to a very high adsorption; the latter is
characteristic of many studies of adsorption of hydrolyzable
heavy metals. This rise in adsorption with pH is called the
"adsorption edge." Adsorption which increases only gradually with
an increase in pH (i.e., a gradual adsorption edge) will give rise
to a larger amount of useful data between the two extremes of
near-zero and near-total adsorption, at which experimental uncer-
tainties tend to more greatly affect interpretation of the data.
For adsorption which increases extremely rapidly with pH (i.e., a
steep adsorption edge), all that need be done in fitting the James
and Healy (4) model to the data is to find the proper value of the
chemical free-energy term AGppchem which will describe the pH at
which the sudden increase in adsorption occurs. For a large total
lead concentration, however, we will be able to determine whether
the model will still properly describe the shape of the adsorption
edge.

Ten separate portions of adsorbent of 0.146 g (5.0 X 10-5 eq)
each were washed to constant conductivity with deionized water in
order to remove any adsorbed ions. They then were each placed in
50 mL of solution to give a CEC per unit volume of 1.0 X 10-3 eq
L~! which contained either 1.0 X 10~* or 5.0 X 10-* M lead per-
chlorate in COy-free deionized distilled water. The pH was then
adjusted, by the addition of 1.0 normal sodium hydroxide or per-
chloric acid as appropriate, to values of approximately 2, 3, 4,
5, and 6 for both the 5.0 X 10™*and 1.0 X 10~* M sets of solutions.
These slurries were then placed in a COp-free atmosphere at 25°C
for 48 hours, during which they were magnetically stirred for
5 minutes every half hour.

After 48 hours, the slurries were removed from the COp-free
atmosphere and the pH measured. Aliquots of 5 mL were then
removed and centrifuged at 30 000 G's for 5 minutes in order to
remove any suspended particulate matter. The supernatants were
then analyzed for lead and sodium by atomic absorption.

Results and Discussion. Table I gives the analyses aﬁd
resultant lead adsorption for the 1.0 X 10~ ' and 5.0 X 10~ M
slurries. The percent lead adsorbed is plotted as a function of
pH in Figure 5, where the results are also compared with the best-
fitting predictions of the James and Healy (4) model. It can be
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seen that the rate of increase of percent adsorption with increas-
ing pH is gradual even in the 1.0 X 10~ M slurries. The rise

in percent adsorption with pH, for this data, is still much

more gradual than that which would be predicted using the model of
James and Healy (4). The curves shown in Figure 5 for this model
were generated using a computer program which selects the best
value of AGppChem in order to minimize the differences between
predicted and experimental percent adsorption. The value for
AGpp°hem obtained in this manner was -7.94 kcal mol~!, a result
leading to an average error between predicted and experimental
data of 15.5 percent adsorption. Figure 5 shows that the optimum
agreement obtainable between experiment and predictions of this
model is poor.

The data at total lead concentration of 1.0 X 10~* M can by
itself be fitted to the James and Healy (4) model with a , minimal
average deviation of only 7.7 percent adsorption between theory
and experiment. The value of AGPbC em (-12.18 kcal mol=!) used
for fitting this data, however, produces very poor agreement
between theory and experiment (an average deviation of 31.4 percent
adsorption) for the data at 5.0 X 10-" M total lead, as is shown
by Figure 6. The James and Healy (4) model therefore cannot
reconcile the data obtained under these two sets of experimental
conditions.

The fitting of predicted adsorption and experimental data was
performed using Levine's (5) expression for the solvation free-
energy term and his suggested value of 30 for the interfacial
dielectric constant. Other workers, however, have used values as
low as 6.0 for this parameter. The effect of a variation in the
interfacial dielectric constant on the fit of the predicted
results is minimal, the only difference being in the value calcu-
lated for the other fitting parameter, the chemical free-energy
term. Use of 6.0 for the interfacial dielectric constant gives
almost identical predictions, with an average error between pre-
dicted and experimental percent adsorption of 16.1 percent. (The
chemical free-energy term arrived at in this instance was
-9.46 kcal mol~l.)

Experimental lead adsorption data are compared in Figure 7
with the best-fitting theoretical adsorptlons, using the optimized
parameters AGPbChem = 14.05 kcal mol~! and d = 2.17 A in the
VSC-VSP model. It is clear that a much better fit is obtained
using this model than by using that of James and Healy (4). The
average deviation in percent adsorption between that found experi-
mentally and that predicted was found to be a very low 3.4
percent, compared to the rather poor 15.5 percent average devia-
tion obtained with the best-fitting James and Healy (4) model.

Like the James and Healy (4) model, the VSC-VSP model also
requires an estimate of the magnitude of chemical interactions,
which usually must be determined by comparison of experimental
data with adsorption predicted at various values of AGppChem,

This model, however, also requires a knowledge of the “average"
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Figure 7. Comparison of lead adsorption data (points and solid connecting lines)
with best-fitting VSC—VSP model predictions (broken lines)
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distance of approach d of an adsorbed cation to the surface. In
reality, any model involving only one or two planes of adsorption
near the surface will be an oversimplification of the real situa-
tion, particularly on surfaces as complex and irregular as oxides
and silicates. Such a concept is nevertheless incorporated in

the VSC-VSP model because of its ability to approximately describe
adsorption phenomena. The concept of an "average" distance from
the surface of an adsorbed cation does not easily give rise to a
method for calculating such distance, except for that by which
comparison of experimental data with theoretical predictions of
adsorption for different values of d will yield a value which
gives the best agreement. What this means, then, is that the
VSC-VSP model as used here has two fitting parameters, AGppchem
and d, while the James and Healy (4) model has one, namely,
AprChem. (It should be noted that allowing the adsorbed ion's
distance of approach x;, as well as AGPbChem, to vary in the curve-
fitting procedure for the James and Healy (4) model does not
result in any significantly better fit between experiment and
theory for this model. The problems illustrated in figures 5 and
6 are still encountered; in contrast to experiment, no significant
effect of total lead concentration on the adsorption edge position
is predicted.)

Bowden et al. (7) use a curve-fitting approach of this sort
to estimate the inner-layer capacitance, of which the value of d
is a measure. They compare their experimental data, plotted as
pH versus surface charge density, with a family of theoretical
curves calculated using various capacitances, selecting the
capacitance giving the best agreement with experiment. It seems
reasonable to assume that the value of d should lie somewhere
between the crystal ionic radius (1.20 &) of the Pb2t ion and the
crystal ionic radius plus the diameter of the first layer of
attached water molecules or primary hydration sheath (3.96 &), as
is normally used in the James and Healy (4) model for Pb2+ and
PbOHT ions.

In incorporating Levine's (5) expression for the solvation
free-energy term into the VSC-VSP model, we were faced with the
dilemma of which value to use for the interfacial dielectric
constant e€jpt. Levine (5) uses a value of 30 in his solvation
free-energy term, while Bowden et al. (7) base their use of 6.0
for this term on work by Hasted et al. (13). Instead of speaking
of a dielectric constant which continuously varies with distance
from the surface, we should rather speak of dielectric constants
of each of the successive shells of adsorbed water molecules.

The water shells very near the surface will have low dielectric
constants, and the more distant shells will have higher ones.
Since the dielectric constant of a dipole is really a measure of
the freedom of the dipole to become oriented in response to
changes in electrostatic field strength, it would seem reasonable
that the first layer of water molecules adsorbed to the charged
surface (as the result at least of Van der Waals and London
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dispersion forces) would be rather low as a result of their
attachment to the surface and resulting immobility. Such water
molecules would also be affected by the electrical field strength
charge of the adsorbed cations, tending to further lower the
dielectric constant. Bockris et al. (14) for this reason give

6.0 as the dielectric constant value for the first such layer.

It therefore seems reasonable to say that as a first approxi-
mation, the interfacial dielectric constant within the first layer
of adsorbed water molecules may be taken as the lower value of
6.0. It is this lower value which we used in the Levine (5)
expression for the solvation free-energy term, and in the surface
potential-Gouy potential relation in the VSC-VSP model in order to
obtain the predicted adsorption shown in Figure 7 and tabulated
in Table I. Our value for d of 2.17 R lies well within the
diameter (2.76 A) of the first adsorbed layer of water within which
the approximation of a 6.0 dlelectrlc constant should be valid.

We should also note that this 2.17 A value of d lies well within
the crystal ionic radius of Pb2t and the hydrated radius used by
James and Healy (4).

As in the earlier James and Healy (4) model calculations here,
the use of different values for the interfacial dielectric con-
stant did not greatly affect the final agreement between theory
and experiment, and resulted mainly in a change in the value of
the fitting parameters. Use of 30, instead of 6.0, for the inter-
facial dielectric constant, gave an average error between pre-
dicted and experimental data of only 6.1 percent adsorption; this
is still better agreement with experiment than that predicted by
the James and Healy (4) model, but not quite as good as the
result obtained using 6.0 for the interfacial dielectric constant.
(Fitting parameters here were found to be -11.37 kcal mol~! for
AG bchem, and 3.00 & for d.) This result appears to lend support
to the preferred use here of 6.0 for the interfacial dielectric
constant.

Conclusion

While previous work has often been conducted under conditions
where only trace quantities of lead or other heavy metals have
been placed in contact with an adsorbent, very few of these
approaches have dealt with the problems faced as the adsorbent
sites begin to be filled. The usefulness of the VSC-VSP model in
taking this into account is illustrated here by demonstration of
the effect of charged adsorbed species on the electrostatic
potential which acts on the adsorbing ions. When a given number
of equivalents of adsorbent are placed in contact with a compara-
tively large number of moles of cations, some of which will attach
to the adsorbent, adsorption will be further opposed in two ways.
First, of course, the process of adsorption will reduce the number
of sites available for further adsorption. Second, the Gouy
potential Y4 is said by Bowden et al. (7) to decrease from the
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surface potential value in linear proportion to the surface

charge density 0g- Since increased cation adsorption works to
make the interfacial charge density o more positive and the
opposing surface charge density og more negative, the potential

¥q at the plane of cation adsorption should become more positive.
This effect is shown in Figure 8 for adsorbent slurries of the
type studied here. The result is a potential which is very differ-
ent from that predicted by classical double-layer theory, and
which seems consistent with the charge-reversal phenomena discussed
by James and Healy (15, Fig. 1, p. 55). It can be seen from
Figure 8 that a total lead concentration of 5.0 X 10™*% M (equal to
half the CEC of 1.0 X 10~3 eq L-!) has a profound effect on yq,
rendering it positive and in some instances increasing with pH at
values of pH above the pszc. The VSC-VSP model, therefore,
predicts a surface potential which is not only dependent on pH

and ionic strength, but also on the total surface charge density
of any adsorbed cations. (As the adsorbed cation concentrations
approach zero, however, the dependence of the surface potential on
PH approaches that predicted by James and Healy (4).) The result
is a pH-dependent potential which actually tends to desorb rather
than adsorb cations as pH increases.

Adsorption nevertheless increases with pH mainly as the
result of the increase with pH in the aqueous activity of the
more readily adsorbed PbOHt at the expense of Pb2+, the latter
ion having a higher solvation energy barrier. The VSC-VSP model,
as applied to our experimental conditions and material, predicts
that at least five times more PbOH' will be adsorbed beyond pH 4.

While natural waters will certainly not contain total lead or
other heavy metal concentrations so large as the 5.0 X 10~% M
value used here to illustrate the effect of cation adsorption on
adsorption potential, sediments in contact with natural waters
will undoubtedly have a large fraction of their adsorption sites
occupied with major cations such as Ca?t, Mg?*, k*, or Nat. The
presence of cations such as these near the plane at which heavy
metal cations adsorb should have somewhat the same effect in
opposing further cation adsorption as did the large surface con-
centrations of adsorbed lead here. If we are to view studies
such as the one here with an eye toward eventual prediction of
heavy metal adsorption in the presence of the other major and
minor solute species normally encountered in natural waters, the
use of the VSC-VSP model will be necessary in order to assist us
in more precisely accounting for the interactions between the
various adsorbed species.

Figure 9 shows the pH-dependence of lead adsorption which
would be predicted using the chemical free-energy term that gives
the best fit in the James and Healy (4) model with the data in
Table I. It can be seen that the adsorption edge positions are
rather similar for total lead concentrations which differ by an
order of magnitude or more. Only when the total lead concentra-
tion closely approaches the CEC is it predicted that it becomes
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slightly more difficult to increase adsorption by raising the pH.

Benjamin (16), however, has recently shown that the position
of the adsorption edge is significantly affected by the total
heavy metal concentration to a much greater degree than that
predictable by classical double-layer models of adsorption.

Figure 10, showing the much larger effect of total lead concen-
tration on the pH-dependence predicted by the VSC-VSP model, is
consistent with these observations. As can be seen, the predicted
shift in the adsorption edge is much larger, in some cases exceed-
ing a pH unit. This illustrates the effect of the adsorbed lead
cations in making more positive the adsorption potential Y4 and
thereby opposing further adsorption at higher surface concentra-
tions.

In summary, the fact that the VSC-VSP model predicts adsorp-
tion edge shift and the effect of charge reversal on the pH-
dependence of adsorption, neither of which can be accounted for
on the basis of the model of James and Healy (4), lends support
to its use in accurately describing heavy metal adsorption. The
agreement between theory and experiment shown in Figure 7 addi-
tionally supports the use of the VSC-VSP model.

Abstract

The James and Healy model for adsorption of metals at the
oxide/solution interface predicts a rise in increased pH which is
much more abrupt than that observed for higher concentrations of
lead adsorbing on the quartz-feldspar silt fraction of a streambed
sediment from Colma Creek in San Mateo County, Calif. Experimental
observations are found to be more consistent with the variable
surface charge-variable surface potential (VSC-VSP) model which
considers the non-Nernstian dependence of surface potential on pH
by accounting for the effect of adsorbed metal cations on the
Gouy potential at the plane of adsorption. The VSC-VSP model
predicts an adsorption pH-dependence which agrees with experiment
here. It also predicts phenomena observed by other workers,
namely, the dependence of adsorption edge position on total heavy
metal concentration and the effect on further adsorption of
adsorption-caused charge reversal.
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Oceanic Elemental Scavenging

PETER G. BREWER and WEI MIN HAO
Woods Hole Oceanographic Institution, Woods Hole, MA 02543

The phenomenon of scavenging, or adsorption onto solid sur-
faces, is frequently invoked by marine chemists as an important
control on the distribution of the chemical elements in seawater.
Kranskopf (1) in an early paper commented on the importance of
adsorption as a control on the abundance of minor elements in
seawater, and other papers, too numerous to mention, have since
ascribed geochemical importance to this process. Unfortunately,
attempts to use surface chemical theory, such as that given in
Stumm and Morgan (2) or in the elegant review by Parks (3), have
had mixed success. One approach has been to study the surface
chemistry of a well-defined solid phase, such as 6-MnO2 (4) or
illite and beachsand (5), in the laboratory and to apply these
data to a set of field observations. However, the particles
present in seawater and assumed to be responsible for scavenging
are not well characterized and are of complex composition (6, 7,
8), and the validity of applying laboratory results from pure
phases is questionable. Here we attempt a different approach;
firstly in collating the various scavenging rate constants which
have been derived, putting these on a common basis and examining
their chemical correlations, and secondly in asking what surface
chemical properties must be attributed to deep ocean particulate
matter in order to explain the observed effects. A knowledge of
these properties would not only have considerable academic merit,
but would be of great practical use in predicting the fate of
other chemical species of radionuclides in the deep ocean.

Most of the observed oceanic elemental removal rates ob-
tained from field studies result from a complex mix of biological,
physical and chemical processes and extracting the component due
to any one idealized process, such as adsorption, is difficult.

A possible exception to this generality lies in the various pap-
ers which describe scavenging as an in situ process operating in
the deep ocean by means of a one-dimensional advection-diffusion-
scavenging model (9, 10). We now realize that the data set (11)
used by Craig (10) was partially deficient; however, his papers
were exemplary and the concepts have since found wide application
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(12, 13). 1In such a model, the distribution of a chemical element
is controlled by mixing between an upper and lower boundary and
some production or removal process. The assignment of a mechan-
ism to explain this process is to some extent intuitive (for in-
stance, a deficit over atmospheric equilibrium is attributed to
respiration); however, for many metal ions, the explanation of the
observed removal rate by an adsorptive mechanism in the deep
aphotic ocean appears to be most likely.

Methods and Data

Thorium. The short residence time of thorium in seawater
and its affinity for solid phases have long been recognized.
Broecker et al. (14) have examined the residence time of thorium
in surface seawater and its implications regarding the fate of
reactive pollutants. Krishnaswami et al. (12) have examined the
isotopic composition of deep Pacific particulate matter samples
obtained by 1arge volume in situ pumping. From their observations
of the 238y-23%Th and 2347-230Th pairs, the activity of the 2307y,
on filters and the observation that on ~20% of the 23%Th in sea-
water exists in a particulate state, they derive a rate constant
for adsorption onto a solid phase of 8 x 1078 sec™! or 1004 yr-l,

Lead. The collection and analysis of seawater samples for
stable lead presents severe problems (see the report of C.
Patterson's group (15)), and all reliable estimates of the rate
constant for the removal of lead derive from observations of the
210py,_226g, disequilibrium (9) in the dee sea. Craig et al. (9
derived a scavenging rate constant for 210Pb of ~1.8 x 1072 yr~1,
based upon the half-life of 210pp (22 yrs) and its observed ap-
proximately 50% depletion from its parent 226pa. This depletion
has been amply confirmed (16, 17, 18); however, Bacon et al. (13)
have shown that the 23%pb activity of marine particulate matter
is inadequate to account for the observed deficiency and postu-
lated adsorption at the sediment-water interface as a dominant
mechanism. Their removal rate constant for adsorption by 31nk1n%
particles was estimated to be in the range 10-2°3 to 10-3
We will take 1072:7 yr~! as an average rate constant.

Copper. Craig (10) and Brewer (19) have postulated that
copper is scavenged in deep ocean water. More recent data given
by Boyle et al. (20) reveal significantly lower concentrations
and convincing evidence for the scavenging process. Boyle et al.
(20) have used an advection-diffusion-scavenging model and calcu-
late a removal rate constant of 10~3 yr‘l. As pointed out by
Craig (10) and Brewer and Murray (21), such models yield net
rates giving the difference between production from decomposing
planktonic debris and consumption due to adsorption onto more
stable particles. The rate constant of 10~3 must then be a

lower limit; the upper limit is unknown but may be estimated
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by postulating that, were no adsorption to occur, copper might be
a linear function of phosphate and summing the postulated produc-
tion and observed consumption rates. The removal rate constant
for copper obtained in this way is 207 higher than the value
given by Boyle et al. (20) and in the range 10-3-05 yr~1,

Nickel. The marine geochemistry of nickel has been dis-
cussed by Sclater et al. (22) and in Boyle (23). The general
trend of the vertical profiles is to show an increase with depth
and a partial co-variance with the nutrients phosphate and sili-
con. Scavenging of nickel was not discussed in these papers; how-
ever, the chemical similarities of Pb, Cu and Ni would suggest
that some adsorption must occur, the question being to what de-
gree. We have used the data given by Boyle (23) for GEOSECS
Station 219 in the Bering Sea and treated this in the same way
as for copper, examining the deviations from the most strongly
biophilic element, phosphate. In this way, we estimate a maximum
removal rate for nickel of 0.65 x 1073 nmol kg~! yr~! and a max-
imum removal rate constant of 107%-2 yr'l.

Cadmium. The data available for cadmium show marked in-
creases with depth, and Martin et al. (24) have observed a
strong correlation of cadmium with phosphate in Californian
coastal waters. Boyle (23) gives cadmium data for GEOSECS Sta-
tion 219. The observed correlation with phosphate indicates that
scavenging of €d?* must be very small and our estimate of the
rate constant is an upper limit of ~107°:25 yr~1,
Discussion

The rate constants for removal, presumably by adsorption,
given in the preceding section were all obtained from deep Pac-
ific data and were derived from the application of a one-dimen-
sional advection-diffusion-scavenging model. There are geograph-
ical differences; however, the differences in properties such as
pH and the amount of suspended matter (P. G. Brewer, unpublished
data, 1978) will not be large. If the derived rate constants have
any validity, they should exhibit some correlation with important
chemical properties relating to adsorption. We know little of
the specific details of the solid-solution interface in natural
waters. Neihof and Loeb (25, 26) have examined the surface
charge of particulate matter in sea water and the role of ad-
sorbed organic matter in determining this charge. In their ex-
periments, all solid surfaces assumed a moderately electronega-
tive charge in natural sea water; in U.V. irradiated, organic-
free water, the solids exhibited their own characteristic charges.
Loeb and Niehof (27) have further obtained optical data on this
adsorbed film which are consistent with a polymeric macromolecu-
lar character. It is generally accepted that pH is the master
variable governing the extent of adsorption of metal ions at
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oxide-water interfaces (2), and that adsorption increases with in-
creasing pH.

Within these broad constraints there is considerable lati-
tude in choosing a model which might realistically describe the
in situ adsorptive process. James and Healy (28) have developed
an important model in which the free energy of adsorption (AG ads)
results from the difference in electrostatic contributions between
coulombic attraction (AG coul) and repulsion due to change in sol-
vation energy (AG solv). The complete process is governed by

AG ads = AG coul + AG solv + AG chem L

where AG chem is an adjustable parameter which appears as a small
difference between the two large terms. A point of interest is
that in this model MaqZt+ ions show minimal tendency to adsorption
due to unfavorable AG solv terms. O'Connor and Kester (5) dis-
cussed the James and Healy model, but opted for a model in which
MaqZ+ was exchanged for surface bound hydrogen ion:

MagZt + HX = Mg(z'l)"' +u . (2)

The reaction was determined by an equilibrium constant (KA) given
as:

[MX(Z—1)+

Ay g4 [HX]
aq

K I ag+

A . (3)

Schindler (29, 30) has proposed a similar model in that M, Zt
ions are adsorbed, yet adsorption is understood in terms og sur-
face complex formation with deprotonated surface OH-groups as
ligands. His schematic example using Si as a typical oxide sur-

face is:

HO HO (z-1)+

- 7+
HO>Si-O + M7 = |10 Si -0 -M (4)
HO Ho>

- (z-2)+
HO>51/0 + M = BN Si/O\M ) (5)
HO o~ N

The free OH ion is a powerful ligand. Dugger et al. (3l) have
pointed out that the ligand properties of the surface OH groups
are not greatly modified by the attached silicon.

If the Schindler model is correct, then the derived rate
constants should bear a significant relationship to the strength
of the interaction of the metal ion with OH™. 1In Table'I and

Figures 1 and 2, we show the rate constants derived from field
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Figure 2.  Plot of the scavenging rate constants derived from advection-diffusion—
scavenging models against the stability constant *8, for reaction with two hydroxo
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measurements compared to the stability constants for hydroxo-com-
plexes Kl and *62. The correlation lends considerable support

to the argument that the interaction with surface OH-groups is a
dominant control on the in situ adsorptive process. The rate con-
stants derived here may be criticized in that they contain several
assumptions; however, the geochemist is afforded some relief in an
equally wide choice of constants. The constants used by Schindler
(29) are also given in Table I. The value for 52 Th in Figure 2
falls significantly away from the other ions reflecting the com-
parison of tetravalent and divalent ions and the intensity of
interaction with a second OH-group.

TABLE I
Comparison of the adsorptlon rate constants derived from field

studies with values for *K; and *B, selected (a) in this
paper and (b) by Schindler (29).

Rate
Element Constant (a) - (®) .
(yr=1) Log "K; Log B2 Log “K; Log "By
Th 1004 -3.7 + 4.3 -7.7
Pb 10-2.7 -7.1 » 7.7 -17.2 -7.76 -17.2
Cu 10-3.06 -7.35 »~ -8 -18 -8 -18
Ni <10-%-2 -9.85 » -10.25 -19 -10 -19
cd <1075-25 -9.7 - -10.25 -19

The constants were taken from the compilations of Sillen and
Martell (34, 35).

The data shown in Figure 1 permlt s1mgle predictions to be
made. For instance, Co2* with *Ky = 10 should have a scav-
engln rate constant of approximately 107 5 yr- 1, while sc3t (*Kl
= 107>+1) should have a rate constant of 210~0+3 yr'l, if the
correlatlons generally hold true. These simple predictions
should not be pressed too far, and it should be pointed out that
the scavenging rates for Sb, Sc and Ni derived by Craig (10) do

not follow the correlations in Figures 1 and 2.

Application of a Scavenging Model

The good agreement observed between adsorption and the sta-
bility of interaction with OH-groups leads us to pursue the
Schindler (29, 30) model further. The reader should consult the
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original papers for details. Briefly, the model gives the per-
centage Ai of adsorbed metal i as

Dok g -n _n
100 a % B~ h  C
A = n (6)
1 3 n %s.-n_n

1+ £k an [Lj] +al Bn h ¢

where a is the amount of suspended matter (kg 1 1) h is the con-
centration of H'-ions (mol 17 ), 3 is the concentration of free
ligand and the constant Bnj is given by

) [Mi (Lj)n] ay
Z+ n
[, [

an

and the constant B represents the appropriate equilibrium con-
stant for the 1nteract10n of the [MjZ*] ion with surface OH-groups
as in Equations 4 and 5. C is the concentration of free surface
OH-groups (mol kg'l) on particulate matter. The total concentra-
tion of surface OH-groups (Co) is related to C by
in
C,=C+zI {=s5i-0) M (zom)ty (8)

In practice under seawater conditions, the free concentra-
tions of the ligands SOq ~ and CO32‘, and the free surface OH-
groups are all governed by the interaction with Mg?t

Knowing something of the flux of particulate matter, it is
then easy to derive an expression for the residence time of an

element with respect to adsorption (Tr(i))
= 1+3 % L.1" 3 %65 p0 G 9
Ty T ( snj[j]+az B, h  C) 9
n
* -
ay g5hn ™"

where 1, is the residence time of particles.

chlndler (29, 30) took whole-ocean residence times for
various elements, as given by Goldberg (32), and found reasonable
agreement between these and the residence times with respect to
adsorption calculated from his model. His choice of properties
took h equal to 10‘8'1, Tg for particulate silica to be 2 x 102
years and a to be 2 x 10-° kg of suspended silica 1-1 (2 mg sil-
ica 171). The term Co was taken to be 1.0 mol kg‘1 of silica,
which led to a value of C of 0.509 mol kg~!, indicating that
approx1mate1y 50% of the surface silanol groups are occupied by
adsorbed Mg The choice of silica as a model oxide surface is
not rea119t1C° however, in this application it has the distinct
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advantage that its surface properties have been well studied, en-
abling estimates of *Bﬁ to be made (31).

In applying this model to the elements for which scavenging
residence times were derived earlier, we know Ty(i)» and a from
various papers (l). 1Tp can be estimated from papers such as
Krishnaswami et al. (12), Tsunogai et al. (33) and Bishop et al.
(8), and the terms relating to the dissolved phase, h and BnJ “and
Lj are well known (see Table II). The unknowns are C the number
of free OH-groups on marine particulate matter, and *gh, the ser-
ies of constants representing the stability of interaction of
metal ions with the naturally occurring surfaces. We shall as-
sume that, as a first approxlmatlon, marine particulate matter is
not dissimilar to silica and that "BS is a linear function of Bn
(31), thus

s _ *
log Bn = X log Bn . (10)

TABLE II
Formation constants, Kj and B,, of metal ions with different
ligands used in this paper

Element €042~ c1” S0,2~
Log K; Log B2 Log K3 Log B2 Log K3
Mg 2.18 —— -—— —-—— 1.22
Th -—— — 0.25 -1.08 3.32
Pb 7.06 9.09 0.9 1.36 2.7
Cu 6.73 9.83 0.74 0.78 0.95

[

The constants were taken from the compilations of Sillen and
Martell (34, 35)

Results

In solving Equation 9, we have taken the pH of deep Pac1f1c
water to be 7.8, the amount of particulate matter to be 15 ug 1~
(P. G. Brewer, unpubllshed data, 1978) and the residence time of
particulate matter to be 3.65 years (consistent with the mean sett-
ling velocity of 2 x 1073 cm sec~! given by Krishnaswami et al. (12)
and the boundary conditions of the various advection-diffusion
scavenging models). By taking any two of the three Th-Pb-Cu data
sets and substituting into Equation 9, we can derive X and C. The
value of X thus obtained is 0.87, which is somewhat higher than
the value reported by Schindler (29) for silica as
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log *8S = 0.077 + 0.624 log *B, .

The value of 0.87 would indicate that the surface hydroxyl groups
of marine particulate matter are closer in their chemical proper-
ties to free OH-groups than are silanol groups, and are less hy-
drolyzed. However, the value of C obtained is 0.76 x 10% mol
kg~1! Clearly, this result is unreasonable since the free OH-
groups on the particulate matter surfaces would weigh 1.3 x 102
more than the particulate matter itself; the value of C, is even
larger. The result is not greatly sensitive to changes in pH and
settling velocity; changing the pH by * 0.3 pH units changes C by
about a factor 2, while decreasing the settling velocity to 1073
cm sec™! only increases C to 1.07 x 10* mol kg=l. The value of
X obtained is the same even when changing the above parameters.
Various other manipulations of the data set were tried with the
most reasonable result being obtained as follows: let the surface
OH-groups be less than the amount of particulate matter (< 59

mol kg'l of particulate matter) and let the principal ion ad-
sorbed from seawater, magnesium, also be adsorbed to an extent
which is less than the amount of particulate matter (< 41 mol
kg'l of particulate matter) and solving Equation 9 so as to find
the minimum value of surface [OH™ + Mg2%]. The result obtained
is X equal to 0.51 and C equal to 4.68 mol kg'l, the greatly
increased stability of interaction with the surface OH-groups
leading to a lesser molar concentration being required. However,
the value for C is still very high and a fit to the observed res-
idence times of Pb and Cu only can be obtained; a very poor fit
for Th, Ni and Cd is found.

Conclusions

The generally good correlation, seen in Figure 1, between
*Kl and the scavenging rate constants would seem to indicate that
adsorption is indeed important in the abyssal marine environment.
However, the unrealistically high concentration of surface groups
required on marine particulates suggests that unless the concepts
of surface chemistry outlined here and our estimates of the flux
of marine particulate matter are seriously in error, sinking par-
ticles cannot be responsible for the observed effects. If, for
instance, the estimate given by Schindler (29) for C of 0.509 mol
kg=! is physically reasonable, then the discrepancy is approxi-
mately 2 x 10%, and sinking particles could produce less than
0.1% of the observed scavenging. A similar conclusion was
reached by Bacon et al. (13) who suggested that the deep ocean
210pp removal was controlled by a dual process of adsorption onto
sinking particles and removal at the sediment-water interface,
possibly onto highly active surfaces such as Mn and Fe oxides.
This latter process was suggested to account for > 90% of the
observed removal.
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The conclusion that sinking particulate material produces
little scavenging in deep water is not surprising. We typically
think of adsorptive equilibria being reached on a time scale of
minutes to hours; the particles falling through the water column
should reach equilibrium long before arriving at the upper bound-
ary of the advection-diffusion models from which our estimates of
removal rates are obtained. The particles in the adsorption
model represented by Equation 9 appear de novo in the deep ocean
and thus would tend to over-estimate the importance of deep scav-
enging. The concept of horizontal diffusion towards a boundary
and adsorption at the sediment-water interface may have much
merit and may account for the observed removal processes des-
cribed here. These calculations should not be taken as defini-
tive, but rather as a first attempt at a systematic treatment of
deep-sea scavenging data, constrained by the concepts of surface
chemistry.
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Abstract

The use of one-dimensional advection-diffusion models to
describe trace metal data from the deep ocean reveals that for
many elements in situ consumption occurs. This consumption is
usually regarded as being due to scavenging, or adsorption onto
sinking particles, and "scavenging residence times", Ty, have
been given for Pb (9), Th (12) and Cu (20). We have attempted
to reconcile these calculated removal rates with the known abund-
ance and flux of marine particulate matter to derive the surface
chemical properties of marine particulate matter required to pro-
duce the observed effects. The calculations are based upon a
model proposed by Schindler (29, 30) in which interaction with
the free Man+ ion with surface OH-groups is the adsorptive mech-
anism. Given a particulate matter concentration of 15 ug kg"1
(1) and settling velocities of 1073 to 107" cm sec”!, we find
that surface Oh-group concentrations of the order of 10" mol
kg_1 would be required. Since this would require that the sur-
face groups weigh 102 to 103 times more than the particles them~
selves, we conclude that, unless estimates of the particulate
flux are seriously in error, sinking particulate matter lacks the
capacity to produce the inferred scavenging effect. This is not
inconsistent with the conclusions of Bacon et al. (13) who sug-
gested that removal of Pb at the sediment-water interface greatly
exceeded that fraction scavenged by particles.
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Surface of Goethite («FeOOH) in Seawater

LAURIE BALISTRIERI and JAMES W. MURRAY
Department of Oceanography, University of Washington, Seattle, WA 98195

The mechanism of adsorption has been extensively studied
in order to evaluate its importance in the regulation of the
concentration of certain species in natural waters. In particu-
lar, adsorption on iron and manganese oxides has been proposed
as the chemical mechanism which controls the concentration of
some trace metals in the world's oceans (1, 2) and the enrich-
ment of certain trace metals in ferromanganese nodules (3).

The most commonly reported solid forms of iron and manganese
oxides in marine sediments and ferromanganese nodules are
goethite (aFeOOH) and hydrous manganese dioxide (birnessite,
todorokite and GMnOZ)(ﬁ, 5, 6). The surface chemistry of
hydrous manganese dioxide has been previously reported (7, 8, 9).
As an extension of that work we have investigated the surface
properties of goethite (aFeOOH). The primary concerns of this
work are to evaluate the effect of the major ions of seawater on
the titratable charge of aFeOOH and to quantitatively evaluate
the capacity of the solid for these ions.

Various theories have been proposed to describe and inter-
pret the adsorption of metal ions at hydrous oxide interfaces
(10). Most models have stressed either the double layer
structure and ion-solvent interactions (11, 12, 13) or surface
coordination reactions with amphoteric functional groups (14, 15,
16). Recently Davis et al. (17) and Davis and Leckie (18, 19)
have proposed a comprehensive model that combines both of these
approaches. No attempt has been made, however, to model surface
interactions or to describe the distribution of surface species
in a complex natural water such as seawater. We present here
experimentally determined acidity constants and binding
constants of Na+, Kt, Ca+2, Mg+2, Cl™ and SOL with goethite.
With these data we can now calculate the distribution of the
major species on the surface of goethite in seawater. This
approach will form the basis for modeling trace metal adsorption
in seawater and determining the competitive effects of the major
ions with each other and with trace metals.

0-8412-0479-9/79/47-093-275$06.00/0
© 1979 American Chemical Society
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Methods

Goethite was synthesized according to the method of Atkinson
et al. (20). Goethite forms after the hydrolysis and aging of
ferric nitrate or perchlorate solutions and consists of double
chains of linked [Fe(OJﬁDe]octahedra. The double chains are
further cross linked to adjacent double chains through corner
sharing of oxygen atoms to give orthorhombic symmetry (6). The
oxide was stored in distilled, deionized water around pH 7.5.
The oxide was identifged by the occurrence of major peaks at
4.18, 2.69, and 2.44 A (Cu radiation with curved crystal mono-
chrometer) in the X-ray diffraction pattern (6). The surface
area was 48.5 + 0.2 m? g1 as determined by N3 adsorption by the
B.E.T. method (21). SEM pictures of the oxide revealed needle-
shaped crystals approximately 1 micron in length and 0.2 microns
wide. The value for the total surface sites (FeOr) was taken
from Yates' (22) work on oFeOOH. Yates (22) determined FeOr to
be equal to 27.8 umol m 2 by tritum exchange. Further details
of the solid's preparation, identification, and basic surface
characteristics can be found in Balistrieri (23).

Potentiometric titrations were done in various concentra-
tions of NaCl, KCl, MgClz, CaCl2z, and NapSOy. In addition,
titrations were done in mixed electrolyte solutions of different
ionic strength containing the major ions of seawater in their
appropriate seawater proportions (24). Potentiometric titra-
tions involve measuring the amount of acid which is consumed or
released by the solid as a function of pH. For a given pH, this
is experimentally accomplished by determining the equivalents of
acid consumed or released by the solid in a supporting electro-
lyte and subtracting from that the equivalents of acid consumed
or released only by the supporting electrolyte solution. Care
must be taken to keep the system free of CO2. Further descrip-
tion of the experimental procedures for potentiometric titra-
tions can be found elsewhere (25, 26, 27, 28).

The amount of acid consumed or released by the solid varies
with the ionic strength of the supporting electrolyte and the pH
of the solution. The pH at which the adsorption density of the
solid is independent of the ionic strength is termed the pH(PZC)
or the pH point of zero charge (10). The charge as a function
of pH is calculated relative to the pH(PZC).

Interpretation of Potentiometric Titrations for aFeOOH in a
Single Electrolyte Solution

The titratable surface charge measurements can be inter-
preted to give a quantitative assessment of the interactions
between the solid and the supporting electrolyte ions. Poten-
tiometric titrations measure the adsorption or release of
protons and the model developed by Yates et al. (29) and Davis
et al. (17) proposes reactions between oxide surface groups and
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supporting electrolyte ions which account for this measured
proton change. According to their model the measured surface
charge is a result of the ionization of the surface functional
groups (Equation 1 and 2)

KII[NT

Fe-OHj %5  Fe-OH + H. 1

I
K2NT

Fe-OH 2=  TFe-0 + H: (2)

and the interaction of supporting electrolyte ions with the oxide
surface (Equation 3 and 4)

4+ INT
Fe-OH + cation g%?tlon Fe-0— cation + H: (3)
2 INT
. + anion + .
Fe-OH + anion + HS = Fe-OHp-anion , (4)

The subscript s denotes isolated ion% on the surface. The
intrinsic equilibrium constants (KIN ) are determined at zero
charge and potential conditions, thereby eliminating the
electrostatic field effects.

The interaction of a cation with a neutral oxide group
results in the release of a proton, while the association of an
anion results in the adsorption of a proton. Accordingly, the
formation of a negative site from a neutral site involves the
release of a proton and the formation of a positive site
involves the adsorption of a proton. Therefore, the titratable
surface charge determined by potentiometric titration is a
measure of both the formation of surface-ion complexes and the
ionization of surface functional groups, and

]

a

o= F [{FeOH;} + IX {FeOHZ - anion_} - {FeO } -
on n

gYm {Fe0 - cationm}] (5)

-2

Faraday's constant _

= surface species concentration in mol cm

number of protons consumed by the formation of an

individual anion complex

Y = number of protons released by the formation of an
individual cation complex

2

L e
-
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summation of all anion complexes

ER =1y
]

summation of all cation complexes.

The intrinsic constants are thermodynamic constants written
for reactions occurring at a hypothetical isolated site on the
surface. Actual activities on the surface cannot be directly
determined but Q or apparent stability quotients can be calcu-
lated based on measurable bulk concentrations. The intrinsic
constants and apparent stability quotients are related by con-
sidering the electrostatic correction for an ion in solution near
the surface compared to an isolated ion on the surface. In an
idealized planar model, ¥ is the mean potential at the plane of
surface charge created by the ionization of the surface
functional groups and the formation of surface complexes and ¥
is the mean potential at the plane of adsorbed counter ions at a
distance B from the surface (17). The electrostatic interaction
energies at the surface and at a distance B are expressed as ex-
ponentials. Therefore:

@ = @ exp (-e¥_/km) 6
[cation]S = [cation] exp (-eWB/kT) @))
[anion]s = [anion] exp (eWB/kT) (8)

e = electronic charge
WO, ¥, = mean potentials
k= Boltzmann constant

T = temperature

The equilibrium constants which define Equations 3 and 4 may
therefore be written as:

{Fe-0 cation} (H+)S {Fe-0 cation} (H+)

INT
* = =
cation {Fe-OH} [cation]q {Fe-OH} [cation] ©S*P
- = % -
([e‘l’B ey, 1/x) Quarion €XP ([e‘i’B e¥ 1/kT) (9
INT {Fe—OHZ anion} {Fe-OHE anion}
* R = = exp
anion  fpe-oH} [anion]S(H+)S {Fe-OH} [anion](H+)
- = *% -
([e‘l’0 eWB]/kT) Qanion exp ([e‘{’0 eWB]/kT) (10)
. -2
{ } = concentration in mol cm
[ ] = concentration in mol 172
() = activity in mol 172
* INT L. .
K = intrinsic equilibrium constant

*Q = apparent stability quotient

The apparent stability quotients are determined by utiliz-
ing the potentiometric titration data and the value for the
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total surface sites (FeOT). The procedure will be illustrated
by considering aFeOOH in NaCl. 1In this case,

o = F[{FeOH}} + {FeOH}C1 } - {Fe0 } - {FeO Na'l}] (11)
and
FeO,, = F[{FeOH}} + {FeOH}C1™} + {FeOH} + {Fe0 } + {Fe0 Na'}], (12)

At higher electrolyte concentrations the dominant contribution to
the surface charge is the formation of surface complexes. For a
negative surface (pH > pH(PZC)) and for values of pH away from
the pH(PZC), the surface charge is approximated by the formation
of cation complexes, i.e.,

o % - F{FeO Na'}, (13)

In terms of fractional ionization this is written as:

O'O
o_ = - Feo, ° (14)

Under these conditions the neutral sites can be approximated as
the total sites minus the cation surface complexes, i.e.,
FeO

{FeOH} = - {FeONa*} a1 -0a_ . (15)

Using these approximations the apparent stability quotient for
Na is:

o +
%, = H) (16)
Na (1 - Ot_)[Na+]
and the intrinsic constant for Na is written as:
+
< INT _ a_ (H) [e‘l’B - eWo] an
a ¥, P KT
1 - a~)[Na ]
or in the logarithmic form:
INT *- 4, o~ ¥p)
Py, = Pl = log g7 + log[Na'] + 547 : (18)
e(‘{’o - WB)
= * ———————————
POy, * 23T . 19)

: . INT
If p*Qy, is plotted as a function of charge, then p*Ky,; can be
obtained by extrapolation to zero charge.
The major assumption in this procedure is that the surface
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charge is due solely to the formation of cation surface
complexes. In reality, the surface charge of a negative surface
is produced by the formation of both negat1¥e charged sites
(Fe0 ) and cation surface complexes (FeO Na ). Thus, the
apparent stability quotients and the intrinsic equilibrium
constants are functions of both the surface charge and the
electrolyte concentration. Extrapolation only to zero charge
will not yield a precise intrinsic equilibrium constant. For
this reason, James et al. (30) and Davis and Leckie (19)
developed a double extrapolation procedure to obtain intrinsic
equilibrium constants. The double extrapolation method involves
extrapolations to zero charge and either zero concentration for
the intrinsic acidity constants (KINT and KI ) or 1 M concen-

tration for the 1ntr1n31c—1on1zat10n constants (*KINT— and
*K INT ) cation

anion

Results

The pH(PZC) and the titratable surface charge of goethite
as a function of pH were determined for the various electrolytes
from the potentiometric titration data. The pH(PZC) was 7.5 in
NaCl and KCl. It shifted to 7.1 in CaCly, 5.0 in MgCl,, and
8.5 in Na,50,. The titratable surface charge data as a function
of pH are shown in Figures 1 through 4. The charge data for
aFeOOH in NaCl and KCl were the same. Titration curves were
reproducible to 2%. Titrations done over 6% months indicate a
decrease in charge with time although the pH(PZC) remained
constant. The decrease in charge with time increased with
distance from the pH(PZC) and appeared to have stabilized after
5 months. This change can be attributed to the aging of the
surface. All the results reported here were completed on well-
aged goethite.

In addition, we propose plausible reactions for the ion-
goethite interactions. The intrinsic equilibrium constants
describing these associations have been calculated by the double
extrapolation method (19, 30).

The data for the determination of the intrinsic equilibrium
constants for Na and Cl are shown in Figures 5 and 6. For Na
(Figure 5), the acidity quotients, pH-log (a-/1-0a_), are plotted
as a function of the fractional ionization, a_, and the log of
the electrolyte concentration. The concentration term is multi-
plied by an arbitrary constant in order to separate the curves.
The acidity quotients calculated from the potentiometric titra-

tion data as a function of a_ - 0.05 log [Na+] are represented
by the filled circles. For each ionic strength the points are
extrapolated to o. = 0. These extrapolated points are designated

by open squares. These extrapolated points are then further
extrapolated to 1 M electrolyte concentration. The open circle

is the value for p*kJNT at zero charge and 1 M electrolyte
concentration.
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Figure 1. Charge vs. pH for goethite in NaCl and KCl
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pal *FeOOH in caCi,

x 0.5M
4 0.1M

O 0.0IM

'
n
o
t

MCOUL cM™2
1} | 1
> o N o

o
][

Figure 2. Charge vs. pH for goethite in CaCl,

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch014

14. BALISTRIERI AND MURRAY Surface of Geothite

o
1 «xFe0OH in MgCl, o,
X 0.5M
-404
0 0.0 54M
l 00.01M
80.001M /
o /
o 30T
s
(@] 1
.}
D
O -20+
(@]
=
10+
o-—
10 +

Figure 3. Charge vs. pH for goethite in MgCl,
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Figure 4. Charge vs. pH for goethite in Na,SO,
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(o] .02 .04 .06 .0 .10 2
x_— 0.05 log Na+]

Figure 5. p*Ky*T determination by the double extrapolation method. Note that
the concentration is multiplied by an arbitrary constant in order to separate the
curves.

0.0IM

) .02 04 06 .08 10 12
%, - 0.05 log [CI™]

Figure 6. p*K¢/>T determination by the double extrapolation method. Note that
the concentration is miltiplied by an arbitrary constant in order to separate the
curves.
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The value of p*KINT can be checked by considering a second
set of extrapolations. Curves of constant o_ are extrapolated to
points at which the electrolyte concentration is 1 M. These
points are then extrapolated to zero charge conditions. Once
again, the open circle represents p*KégT at zero charge and 1 M
electrolyte concentration.

The charge asymmetry in the MgCl,, CaCl, and Na,SO, titra-
tion data (Figures 2, 3, 4) suggests the release of two protons
when a surface complex is formed with Mg+2, ca*? and S0;. For
cations, the release of two protons can be described by the for-
mation of either a bidentate complex (Equation 20) or the ad-
sorption of a cation which either hydrolyzes on the surface or
in solution (Equation 21).

FeO

2 Fe-OH + cation=2 e ~ cation 2 + 2 H+ (20)
S -7 S
FeO
s 42 - + +
FeOH + cation’“ + H,045 FeO - cation OH + 2 H (21)
s s

The SO, data can be described by either the formation of a
bidentate complex (Equation 22)

+
_ + FeOH, _
2 FeOH + 5032 + 2 H < + = SO03? (22)
FeOH,

or a complex suggested by Davis and Leckie (19)

FeOH + SOF2 + 2 H: “  FeOHj - HSO; (23)
S

Using the data presented here we have no basis for distinguish-
ing between these alternative reactions. The possible reactions
for the interactions of the ions with the goethite surface as
well as the corresponding estimate of the intrinsic equilibrium
constants determined by the double extrapolation method are
summarized in Table I. The intrinsic acidity constants,

pK{-NT and pK%NT (Equation 1 and 2), for oFeOOH were also
determined by the double extrapolation method. A discussion

of those results can b% found in Davis and Leckie (19).

The values of K%gn or the equilibrium constants describing
the free energy of association of a hypothetical, isolated
charged site with an ion are determined from a combination of the
intrinsic constants for the ionization and surface complex
reactions (Equations 24 and 25).

gINT INT
- catlon - INT * cation
+ 3 py — - 1 . B e———————.
FeO cation, 4=  Fe0 cation ; Kcat fon K%NT (24)
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Summary of Complex-Ionization Reactions and Intrinsic Constants

. .

.

O 00 N O 1 &~ W N =

=
= o

12.
13.
14.
15.
16.
17.

Reaction E*KINT
FeOH + Na' ¥ FeO Na' + H' 9.6
e -+ o+
FeOH + K 5 FeO K" + H 9.6
< -
2 FeOH + Mg2" 5 (Fe0”),Mg2t + 2 H' 11.9
2+ < - + +
FeOH + Mg® + Hy,0 > FeO MgOH + 2 H 12.2
2 FeOH + Ca?* § (Fe07),ca2t + 2 HY 15.8
o+ < - + +
. FeOH + Ca?" + Hy0 ¥ Feo Ca0H' + 2 H 16.5
2 FeOH + S02™ + 2 H' 5 (FeOH}) 50,2 -14.1
FeOH + SO2~ + 2 H' 3 FeOHS - HSOj -14.4
FeOH + C1~ + H' 5 FeoHIC1™ - 5.5
FeOHS 5 FeoH + HY ~log KTV = 4.9
. FeOH 5 Fe0o + H' ~log KiV = 10.4
log KN
FeO  + Na' ¥ Feo Na® 0.8
FeO + K -~ FeO K 0.8
2 FeO + Mg2+ by (Fe0 ™) pMg2t 8.9
2 Fed  + Ca?t 3 (Fe0™),Calt 5.0
2 FeOH; + S0,2+ 5 (FeOH}), 50,2 bk
FeOH; + 17 5 FeOH} c1” 0.6
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FeOH; + anionsé=; FeOH+ - anion ; KINT = KINT *KINT

anion 1 anion (25)

The equilibrium constants, K%gT, KINT, Ké?T have values less
than 10. Solution ion-pair equiligrium constants which describe
electrostatic interactions range from 1 to 10 (31). This
suggests that the interactions of Nat, K" and CI- with the
goethite surface are basically electrostati%. Although not
directly comparable with K%ET, K%NT and Kég , the equilibrium
constants KégT, KEZT and Kggz are much larger and indicate
stronger, more specific interactions.

For Cat2, Mg'2, and SO there is a shift in the pH(PZC)
which is expected in situations of nonsymmetrical specific
adsorption (17). A change in the pH(PZC) due to specific ad-
sorption is accompanied by a shift in the pHygp in the opposite
direction (10). Under these conditions, extrapolation to zero
charge to obtain *KINT does not necessarily correspond with
extrapolation to zero potential. Thus there may be some error
involved in the intrinsic constants for Ca+2, Mg 2 and SOﬁ.
This problem is currently being investigated using a version of
the solution equilibrium computer program MINEQL (32) modified
to include charge and mass balances for the surface (17, 18, 19,
30). These errors are probably not very large because of the
good agreement between our measured and calculated charge in
seawater which will be discussed in the next section.

Predictions of Titratable Charge and Surface Species Distribu-
tions of Goethite in Seawater

The complexation constants of the individual major seawater
ions with oFeOOH determined in single salt solutions can be used
to predict the titratable charge and surface species distribu-
tion of goethite in seawater. This prediction can then be com-
pared with the experimentally determined charge of goethite in
a mixed seawater type electrolyte.

There are two alternatives available for calculating the
surface species distribution in a sample or a mixed electrolyte
solution. One approach is the solution equilibrium computer
program MINEQL (32) as modified to include surface species by
Davis et al. (17). The surface species distribution is calcu-
lated by simultaneously solving the equations for charge,
potential, total surface sites and individual surface species.
Values for FeOp, KINT, gINT, *INT. *KINE , and integral
capacitances (C; and Cy) of the “$mmer regggngnof the double
layer are necessary. Unfortunately at this time there is no
clear way to choose values for the capacitances in mixed
electrolyte solutions. This is the most powerful approach, how-
ever, and ultimately will have the most widespread application.
The second approach, which we have used here, utilizes apparent

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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stability quotients rather than intrinsic constants and does not
require knowledge of the integral capacitances. This method,
however, requires values for the apparent stability quotients for
each specific set of concentrations and as a result has less
flexibility than the MINEQL program.

A total of nine possible types of surface sites on goethite
can occur when it is suspended in a solution containing the
major ions of seawater. These are the negative, neutral, and
positive surface sites caused by the ionization of the surface
functional groups and the six surface complexes caused by the
interactions of the six (Na, Mg, Ca, K, Cl, SO,) major ions of
seawater with goethite. The distribution of these surface sites
will vary with the pH and concentrations of the individual ions
in the solution. +

The cogcentraEiogs of the various suriace sites (Fe-OH,,
Fe-OH, Fe-0 , Fe-0 Na , Fe-0 K ', Fe-0 MgOH', Fe-0 CaOH',
Fe-OH}C1~, Fe-OH} HSO,) were determined by simultaneously solv-
ing the apparent stability quotients describing the formation of
these sites and the equation describing the total surface sites
(Equation 18).

FeO, = {Fe-0} + {Fe-OH} + {Fe-OH}}+ {Fe-0 Na'} + {Fe-0 MgOH'}
+ {Fe-0"CaOH'} + {Fe-0"K'} + {Fe-oH'C1;} +
{Fe-OH} HSO,} (26)

The equations for the formation of the Mg2+ and Ca®t
hydrolysis complexes were chosen rather than the bidentate
reactions because Davis et al. (17) suggest a similar reaction
for Mg adsorption on rutile. Justification for this species can
be presented by considering the eff$ct of the surface charge on
the first hydrolysis constant of Mg 2 and Ca 2 (12, 19). The
effect of a charged surface with a lowered dielectric constant
is to increase the hydrolysis constant for a cation and decrease
the acidity constant for an anion.

The values for the apparent stability quotients
(*QNa,*QM s *QC s *QK, *Qc1, *Q 0 ) were determined as described
earlier uéing the titration data of goethite in the individual
electrolytes at a given pH and at the concentration of the
specific ion in seawater, rather than at the ionic strength of

seawater. Thus in these calculations we neglect the effect of
ionic strength on the constant. We also assume that the
activity coefficients for the surface sites are equal to one.
These appear to us to be serious deficiencies in the present
calculations and in a final model they will have to be corrected.
As will be shown, however, the agreement between measured and
calculated charge is quite good in spite of these deficiencies.
The concentrations of the free ions in the mixed electrolyte
were calculated by considering the formation of
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solution complexes (MgS0,°, CaS0,°, NaSO,~, KSO,~) (33).
The titratable charge is mathematically related to the
surface species distributions (Equation 27).

o, = F [2{FeOH} - HSO;} + {FeOH}C1™} + {Fe-OH}} - {Fe-0 Na'}
- (FeO K"} - 2 {FeO MgOH'} - 2 {Fe0 CaoH'} - (Fe0T}]  (27)

Table II is a summary of the surface species distributions with
pH. These were used to calculate a titratable charge. The
effect of the ionized surface species (FeO and FeOHf) on the
titratable charge and surface species distributions is less than
the effect of the potassium complexes. Also included in Table
IT are the % contributions of the individual complexes to the
total calculated charge. In Figure 7 the calculated charge is
compared with the titratable charge determined by the potentio-
metric titration of aFeOOH in a major seawater ion electrolyte.
Also included in Figure 7 is a compilation of the titration data
used in determining the calculated charge.

Discussion

An examination of the potentiometric titration data of
goethite in the individual electrolyte solutions permits a quali-
tative assessment of the solids capacity for the major iomns of
Seawater. In more concentrated electrolyte solutions the charge
primarily represents the formation of surface complexes and the
magnitude of the charge is indicative of the amount or strength
of complexation. There are two observations to be made of the
potentiometric titration data of goethite. First, the absolute
magnitude of the charged sites in the pH range of 4 to 9.5 does
not exceed 5,7 mol cm 2 of solid. The total surface sites are
27.8 mol cm 2 of solid and, therefore, the neutral Fe-OH sites
are the dominant surface sites rather than the goethite - major
seawater ion complex sites. Second, the absolute magnitude of
the charges of goethite in the individual electrolytes suggests
that Mg and SOy bind more strongly than Na, K, Ca or Cl. To-
gether these observations suggest the following order for the
strength of ion-binding with goethite:

H >> Mg = SOy > Ca > C1 = Na = K

The sequence of Mg+2 > Cat2 is the reverse of the normal
affinity sequence (Hofmeister series) which is observed on most
clays and on MnOy. The observed sequence On aFeOOH is that
expected when interactions between the adsorbed ions and the
surface sites are greater than hydration effects (31).

In an idealized planar model, 0, is the charge at the
oxide's surface caused by the ionization of the surface function-
al groups and the formation of the surface complexes. This is

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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TABLE II

Distribution of Surface Species on Goethite
in Seawater as a Function of pH
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pH
% Sites 5 6 7 8 9
FeOH 97.2  96.7  94.9  92.5 87.7
FeO MgOH' - 1.8 4.4 6.7 8.1
FeO  CaOH' - - - 0.7 1.8
FeO~ Na' - — - - 1.5
Fe0™ KT - - — - 0.8
FeOHj HSOL 2.7 1.6 0.7 0.1 -
Calculatedl
Charge (ucoul em™2?) 14.5  -0.1 -19.9 -38.8  =59.5
pH
% Charge2 5 6 7 8 9
FeO  MgOH' — 52.9  86.1  88.7  73.4
FeO CaOH' - — - 9.3  16.0
FeO Na+ - - - - 6.8
Feo~ KV - - - - 3.7
FeOH} HSO} (100)  (47.1) (13.9)  (2.0) -

1 Calculated (or net) charge is sum of negative and positive

charge
2

total absolute charge

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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Figure 7. Calculated and measured charge for goethite in a seawater-type elec-
trolyte and compilation of titration data used to obtain the calculated charge
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the charge measured by potentiometric titration. In addition,
there is the plane of adsorbed counter-ions and o, is the charge
caused by the presence of these ions. The ions in the diffuse
part of the double layer "see" the combined effect of o and o,.
Therefore the shift in the pH(PZC) to 5.5 for goethite in sea-
water and the corresponding high negative charge (-36.2 pcoul
em 2) at pH 8 determined by potentiometric titration cannot be
used to evaluate goethite's electrostatic influence on ions in
seawater.

A comparison of our results with other investigators' work
on goethite and other forms of iron oxides is shown in Table III.
Atkinson et al. (20), Yates et al. (34) and our work on oFeOOH
indicate excellent agreement for pH(PZC) and charge in the
appropriate electrolyte solutions. Hingston et al. (35) charge
data for goethite tend to be higher in magnitude. Davis et al.
(17) calculations for pkINT, pkINT, p*KI:EN for goethite agree
very well with our results for goethite. A comparison of the
aFes03, aFeOOH, BFeOOH and am. Fe(OH)3 data indicates similari-
ties in the values of the pH(PZC). This contrasts with the
results of Healy et al. (36) for manganese oxides where the
values for the pH(IEP) (pH of the isoelectric point) as deter-
mined by electrophoresis ranged from pH 1.5 for o-MnO,, pH 1.8
for Mn(II) manganite, pH 4.5 for oaMnO», pH 5.5 for y-MnOy, to pH
7.3 for B-Mn0O,. Breeuwsma and workers (27, 37, 38) found the
reverse Hofmeister series for oFe,03 and in addition Mg adsorbed
much stronger than Ca. Our data on goethite indicate the same
conclusions. However, the values of the pH(PZC) for aFeOOH in
Mg and Ca solutions were 5.0 and 7.1, respectively, while for
oFe;03 pH(PZC) was 6.5 in both Mg and Ca solutions.

Conclusions

A quantitative assessment of ion-binding with goethite was
obtained from an application of the Davis et al. (17), James et
al. (30) and Davis and Leckie (19) model to potentiometric
titration data. By comparison with solution complex equilibrium
constants, the intrinsic constants for the association of Na, K,
and Cl with charged oFeOOH sites (Equations 12, 13 and 17 of
Table I) indicate primarily electrostatic interactions. The
associations of Mg, SOy, and Ca with charged goethite sites
suggest stronger or more specific bonds.

The simplified mass and proton balance model determined
what the surface species distribution of goethite would be in a
mixed, seawater type electrolyte. This surface species distri-
bution was used to calculate a surface charge for goethite.

This calculated surface charge successfully predicted the titra-
table surface charge, as determined by potentiometric titration,
of goethite in a seawater major-ion electrolyte (Figure 7).
These surface species distributions indicate that Fe-OH sites
are the primary sites and that the formation of Mg and SOy
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complexes with goethite account for the formation of the majority
of the charge (Table II).

Abstract

Potentiometric titrations of goethite (aFeOOH) have been
performed in various concentrations of NaCl, KCl, MgCl,, CaCl,,
NaySOy and a mixed electrolyte containing the major ions of
Seawater in their seawater proportions. From this data we have
calculated apparent stability quotients. A method of double
extrapolation has been used to calculate intrinsic acidity and
surface complex equilibrium constants. Using these constants we
calculate the titratable charge and surface species distribution
of goethite in seawater. At pH 8 the calculated charge is -38.8
ucoul cm 2 and 90% of the titratable charge.is due t~ FeO MgOHT
surface complexes. The calculated charge over the pH range 5-9
is in excellent agreement with the measured charge in the sea-
water type electrolyte.
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Speciation of Adsorbed Tons at the Oxide[Water

Interface

JAMES A. DAVIS’ and JAMES O. LECKIE

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

Ionization of the oxide/water interface and the resultant
electrical double layer have been studied intensively by a variety
of techniques within the last decade. Although many electrical
double layer and adsorption models have been proposed, few are
sufficiently general to consider surface equilibria in complex
electrolyte solutions. Recently we proposed a comprehensive ad-
sorption model for the oxide/water interface which can simulta-
neously estimate adsorption density, surface charge, and electro-
kinetic potential in a self-consistent manner (1, 2, 3). One
advantage of the model was that it could be incorporated within
the computer program, MINEQL (4), by adding charge and mass-
balance equations for the surface.

Our approach combined concepts from models which emphasize
specific chemical interactions of solutes with oxide surfaces
(5, 6) and thosewith well-defined electrical double layer struc-
ture (7, 8, 9, 10). Since the model and computational procedure
are general, we were able to describe surface and solution equi-
librium in simple electrolyte solutions (1) and in more complex
solutions containing dilute solutes and swamping electrolyte
2, 3.

Although the stoichiometry of surface reactions may sometimes
be deduced by potentiometric titration, the physical and chemical
nature of bonding at the oxide/water interface is not well under-
stood. Consequently, it is often necessary to make assumptions
regarding the surface speciation and charge distribution of
adsorbed ions. In our previous work (1, 2, 3) we assumed that
the charge of all specifically adsorbed ions was located in a
single plane, 0g (Figure 1). This assumption greatly simplified
the mathematics required to determine the equilibirum distribution
of ions and resultant charge and potential within the compact
layer.
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In this paper we examine the assumptions of our previous
modeling approach and present new model calculations which con-
sider alternative assumptions. In addition, we discuss the physico-
chemical factors which affect the formation of surface complexes
at the oxide/water interface, in particular the effect of decreas-
ing dielectric strength of the solvent. Finally, to demonstrate
the general applicability of the model we present modeling results
for a complex electrolyte system, where adsorption of a metal-
ligand complex must be considered.

Generalized Adsorption Model

Electrical Double Layer. In order to model the structure of
the electrical double layer (EDL) of oxide colloids, it is neces-
sary to formulate 1) the reactions which result in the formation
of surface charge (0y), and 2) the potential and charge relation-
ships in the interfacial region. It has been generally assumed
that surface charge (0 ), defined experimentally by the net uptake
of protons by the surface, results from simple ionization of oxide
surface sites (5, 6, 11, 12, 13), i.e.,

int
+ _Ka +
SOH2 <—— SOH + Hs (@B)

int
Kap _ &
SOH <—— SO0 + HS (2)

where the subscript s refers to a surface concentration (1).
However, Davis et al. (1) proposed that the principal mechanism of
surface charge development in simple electrolyte solutions is the
reaction of electrolyte ions with ionizable surface sites, i.e.,

* int

KNat

SOH + Na: <N 557Nt 4+ H (3)

int
1/ Koi-

SOH + H: +0l = sou2—01 ) (4)

Formation of these surface complexes occurs in addition to simple
ionization of surface groups via Equations 1 and 2. Smit et al.
(14, 15) have recently shown experimentally that Na' is specifi-
cally adsorbed within the compact layer of silica and alumina sur-
faces. The experimental evidence supported a site-binding model
for the EDL of non-porous oxides (1, 7), rather than gel layer
models proposed by other workers (16, 17 18).
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Our modeling approach was first used to describe the EDL prop-
erties of well-characterized, crystalline oxides (1). It was shown
that the model accounts for many of the experimentally observed
phenomena reported in the literature, e.g. the effect of supporting
electrolyte on the development of surface charge, estimates of
differential capacity for oxide surfaces, and measurements of dif-
fuse layer potential. It is important to note that a Nernstian
dependence of surface potential (J,) as a function of pH was not
assumed. The interfacial potentials (Y,, wB, Yq in Figure 1) are
independent variables in the model and the equilibrium values re-
sult from the simultaneous numerical solution of all surface equi-
libria. In subsequent work, the model was applied to a complex
oxide precipitate, i.e., amorphous iron oxyhydroxide, and polymer
colloids (2, 19). Balistrieri and Murray (20) have used the model
to describe the surface charge of goethite in a synthetic seawater
solution.

An important development of the model presented by Davis et
al. (1) was a method for estimating intrinsic surface ionization
and complexation constants. It was suggested that intrinsic sur-
face complexation constants, e.g. * in; and *Kint, could be
estimated from potentiometric titrations of concentrated electro-
lyte solutions (0.1-0.5 M). This followed from the conclusion
that the dominant reactions which account for surface charge (00)
in moderately concentrated solutions are the formation of surface
complexes by electrolyte ions, Equations 3 and 4. Intrinsic acid-
ity constants, KiM't and Ként, were estimated from potentiometric
titrations of dilute electro%yte solutions (1072 or 10‘3@), in
which it was assumed surface ionization reactions would be more
important in the measured surface charge (o).

Recently James et al. (19) proposed an improved method for
determining intrinsic surface stability constants. In the former
approach (1), apparent stability quotients were extrapolated to a
hypothetical condition of zero charge and potential to estimate
intrinsic constants. In the improved method (19), a double ex-
trapolation is made. For example, to determine intrinsic acidity
constants, apparent stability quotients are extrapolated to zero
charge and infinitely dilute electrolyte concentration. Thus, any
contribution to the surface charge (0,) from complex formation
with electrolyte ions is avoided. Intrinsic surface complexation
constants are estimated by extrapolations to zero charge and 1 M
electrolyte concentration.

To date the double extrapolation technique has only been ap-
plied to ionizable latexes (19). Since this technique avoids some
of the assumptions of our earlier methods (1), it would also be
useful for a determination of the intrinsic surface stability con-
stants of oxides. Figures 2 and 3 show sample calculations of
PK;?t and pKé%t for 0-FeOOH in NaCl, using the experimental
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Figure 2. Variation of the apparent acidity quotient (pQ.,) of a-FeOOH as a
function of surface charge and concentration of supporting electrolyte, NaCl.
Lines are contours for constant electrolyte or constant surface charge. The condi-
tion « = C = 0 yields pK,,"”*. a—FeOOH /NaCl. Balistrieri and Murray (1978).
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data of Balistrieri and Murray (20). Apparent acidity quotients
(pQy, filled circles) are calculated from the experimental data
and plotted as a function of fractional ionization, a4 or oa_,
plus a concentration-dependent term, to separate the curves at
each electrolyte concentration. For each electrolyte concentra-
tion, a curve is drawn through the filled circles to the condition
of zero charge, o = 0 (open squares). A second extrapolation is
made through these points (open squares) to the vertical axis,
where a =0 and C = 0 (infinitely dilute electrolyte). An im-
portant advantage of this method is that one may check the result
by reversing the order of extrapolation. Additional curves are
plotted in Figures 2 and 3 for various values of constant charge,
e.g. 0o =0.01. These curves are extrapolated to the condition

C = 0 (open triangles). A curve is drawn through these points to
the vertical axis where C =0 and o = 0. The two extrapolations
(the dashed curves in Figures 2 and 3) should meet at the same
point on the vertical axis, which is pK;n . It is demonstrated
here that the technique works well for oa-FeOOH, pKént = 4,9 and
pKiDt = 10.4. Using the method suggested by Davis Eﬁ.ﬂl- (1) for
the"data at 0.01 M NaCl, the estimates would have differed by ~0.3
log units. Presumably the error would have been less for titra-
tions in more dilute solutions of NaCl.

Adsorption of Metal Ions. Significant advances have been made
in recent years in the development of phenomenological models to
describe trace metal adsorption at the oxide/water interface. In
particular, the concepts of surface ionization and complexation
introduced by Stumm, Schindler, and co-workers (5, 6, 11, 12, 13)
have aided in the understanding of complex adsorption phenomena.
As a further development of the surface complexation approach,
Davis et al. (1) introduced exponential terms to the mass-law
expressions for surface equilibria to account for the effect of
the electrostatic field at the interface. By including the surface
equilibria of metal ions with those of the site-binding EDL model,
one may consider adsorption of major electrolyte ions and dilute
metal ions simultaneously. Thus, calculations reflect the net in-
teractions of all ions at the surface, and the effect of a change
in electrolyte composition or concentration can be assessed.

The modeling approaches used to describe the surface reac-
tions of metal ions differ in their definition of surface struc-
ture and the charge/potential relationships within the compact
layer of the EDL (2, 5, 6). In our previous calculations (2) we
have assumed that the average location of the center of adsorbed
metal ions is the yYg plane (Figure 1), and that ions are at-
tracted or repelled by the equilibrium potential in that plane,
wB. With this assumption, we found that metal ion uptake was best
described by a combination of surface reactions involving aquo
metal ions and their hydrolytic complexes, i.e.,
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Figure 4. Predictive model calculation
of Cd(II) adsorption on amorphous iron
oxyhydroxide as a function of pH and
amount of solid substrate present. Cdjp
5 10°M, 0.IM NaNO,. (—) Model cal-
culations. pKea™'—4.6; pKeaon™—11.1.
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*Kﬁnt
z+ -
SOH + M so—?t + H;' (5)
* int
SOH + Mz + H0 KM(OH)so —on® L 4+ 2H: (6)

305

This approach successfully described the experimental results of
several adsorption studies with various metal ions and oxide sub-

strates (2).
of metal ion uptake, if the surface parameters
trolyte can be estimated. For example, Figure
and experimental adsorption behavior of Cd(II)
oxyhydroxide. Surface stability constants for
mated (2) from an experimental study of Cd(II)

In addition, one can make predictive calculations

of an oxide/elec-
4 shows predicted
on amorphous iron
Cd(II) were esti-
uptake by 0-FeOOH

(21, 36).

Previously we showed that model calculations that consider
complexation of metal ions by bidentate surface sites were in poor
agreement with experimental adsorption data (2). These complexes
have been proposed in other modeling studies (5, 6). Our calcula-
tions assumed that the charges in the surface complex

SO

N2

M

so7

could be represented by a charge of -2 in the 0, plane and +2 in
the Og plane. However, the occurrence of nephelauxetic effects
in coordination compounds indicate that the actual charges of co-
ordinated metal ions can be less than their formal oxidation num-
ber (23). Thus, the charge of a metal ion complexes by oxide sur-
face sites may be better represented by some fractional charge
(28+) rather than an integer charge (2+). Consequently, the mass-
law expression for surface complex formation would have different
coefficients for Y, and wB , i.e.,
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5=
S0 -
N 26+ 80 int
D ~———+~]2——exp[(26ew - 26eyg) /kT] "B e O
SO

Figure 5 shows experimental data (21) and model calculations of
Cd(II) adsorption &n Ti0,. The dashed curve in Figure 5 represents
model calculations with non-integer charges, using the modified
mass-law expression, Equation 7. Calculations with ¢ = 0.5 in
Equation 7 can also simulate the experimental data, giving a some-
what stronger pH dependency (steeper slope) as compared to our cal-
culations using integer charge (solid line in Figure 5). The suc-
cess of the partial charge approach may be fortuitous, since the
coefficients of Y, and Yg with & = 0.5 in Equation 7 are the
same as written for adsorptlon of a monohydroxometal(II) complex.
There is presently no way of knowing the degree of the nephelauxe-
tic effects of surface complexes, if any; however it appears to be
conceptually possible. In view of the difficulty in making ap-
propriate corrections for partial charge, the earlier modeling
approach (2) is simpler and less tenuous conceptually. In those
calculations, one need only consider integer charges located in

the o, and og planes.

Adsorption of Anions. The general nature of the adsorption
model and computational method allow one to describe the uptake of
anions also (3). Similar to the approach for metal ions, we in-
cluded a term in the mass-law expression to correct for the effect
of potential on surface equilibria. Although adsorption of some
anions (e.g. chloride, nitrate, syringic acid, thiosulfate) can be
simulated by one surface reaction (24), formation of two surface
complexes is probable for other anions, e.g. chromate, selenate (3).
Model calculations were more consistent with experimental adsorp-
tion data when the following surface reactions were considered,

i.e.

* 1nt
2- L Kyo- 2-

+
SOH + HS + AS D — SOH2 A (8)

TS
SOH + 2H + A < SOHz—HA €))
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For example, Figure 6 shows experimental data and model calcula-
tions for sulfate adsorption on amorphous iron oxyhydroxide. The
dashed gurve represents a model calculation using Equation 8 only,

with »p kint = 10.1. At low pH the calculated adsorption is less

50,2~

than observed experimentally. At pH < 5, protolysis of adsorbed
sulfate ions becomes significant, and Equation 9 must be included
in model calculations. The solid curve in Figurg 6 considers both

f1ibh i : int _ int _
surface equilibria, with p KS(U?' 10.1 and p KHSO@' 15.6.

Analysis of the data of Balistrieri and Murray (20) for potentio-
metric titrations of 0-FeOOH in NajSO4, solutions yields a similar

value for p* 1284'= 15.0. Previous model calculations which con-

sidered complexation of anions by bidentae surface sites were in
poor agreement with the experimental data (3).

A significant problem in surface complexation models is the
definition of adsorption sites, The total number of proton-
exchangeable sites can be determined by rapid tritium exchange with
the oxide surface (25). Although surface equilibria are usually
written in terms of one surface site, e.g. Equations 5, 6, 8, 9,
adsorption isotherms for many ions show that the number of mole-
cules adsorbed at maximum surface coverage (I'pax) is less than the
total number of surface sites. For example, uptake of Se(VI) and
Cr(VI) ions on Fe(OH)3(am) at Thax equals 1/3 and 1/4 the total
number of surface sites (J. A. Davis and J. 0. Leckie, unpublished
data, 1978). These results may be interpreted in two ways:

1) the adsorbed ions cover a larger area than a proton-exchangeable
site, or 2) not all surface sites determined by “H exchange are
available for surface complexation with large anions.

The number of surface sites covered by an adsorbate is impor-
tant in model calculations when the amount adsorbed approaches the
maximum surface coverage, [ .., and available surface sites become
a limiting factor in complex formation. Although one could write
surface equilibria with a larger coefficient for surface sites,
e.g.

SOH
- .+ SOH| 5
4SOH + CrO + H <— CrO (10)
4 s —> 4
s SOH
SOH_|

it would be inappropriate to use an exponent of four for the con-
centration of available surface sites, [SOH], in the mass-law
expression. We have solved this problem by using different coef-
ficients for surface sites in the mass-law and mass-balance
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Figure 5. Experimental data (21, 22) and model calculations of Cd(II) adsorp-
tion on TiO, in 0.0IM KNO,. (O) Cd(I)y—2 X 10*M. Ti0,—200m?/L. 0.0IM
KNO,, 25°C. Stiglich (1976). (- — —) Model; (—) calculations.
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equations. For example, for each Cr(VI) ion adsorbed, four sur-
face sites are removed from the total available for other surface
reactions. However, the mass-law equation is dependent on [SOH],
rather than [SOH]®. This is equivalent of assuming a tetradentate
site. Since all equations are solved simultaneously by numerical
techniques, this formulation does not present any difficult mathe-
matical problems. This approach is very useful for modeling compe-
tition between adsorbing anions and adsorption of large organic
compounds (24). Figure 7 shows experimental data and model cal-
culations for adsorption of glutamic acid on amorphous iron oxy-
hydroxide. Model calculations are in reasonable agreement with
the experimental data using a coefficient of eighteen for the sur-
face site coverage of one adsorbed glutamate molecule. Calcula-
tions with a coefficient of one for surface site coverage yielded
almost no dependence of percent adsorbed on total glutamate con-
centration. Of course, experimental estimates of surface site
coverage are preferable for model calculations. The empirically
derived number for surface site coverage in the example above
should be viewed with caution. In particular, the microporous
nature of Fe(OH)3(am) causes a problem in interpretation since
there may be interior surface sites unavailable for complexing
large ions such as glutamate.

Adsorption of Metal-Ligand Complexes. In multicomponent elec-
trolyte solutions containing several cations and anions, it has
been shown that complex formation in solution can have a signifi-
cant effect on adsorption of solutes. For example, MacNaughton
and James (26) demonstrated that Hg(II) adsorption on G-quartz was
greatly decreased by the formation of chloromercury(II) complexes
in solution. However, Davis and Leckie (27) have shown that other
metal-ligand complexes may be adsorbed, e.g. AgS903, Ag-ethylene-
diamine, Cu-glutamate. Thus, in a mixed electrolyte system, one
may be required to consider surface equilibria of metal ioms,
anions, and metal-ligand complexes simultaneously.

Such complex systems can be modeled if the surface equilibria
of each solute are well understood from separate experiments. A
good example for illustration is the Ag(I)/Szog"/Fe(OH)3 system.
First, the adsorption behavior of each solute alone was studied
experimentally (27). Modeling results for Ag(I) and thiosulfate
have been previously reported (2, 23). Thus, in the complex sys-
tem, the only unknown surface equilibria are those of metal-ligand
complexes, e.g.

*_ int
1/ KAgSzO§ +

+ 2- -
«———" SOH.—S.,0.,Ag (11)

+
SOH +
HS + AgS + 52 3

In Equation_11 we have assumed that the ligand portion of the com—
plex, AgS5703, binds to a positively charged surface site, since
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Figure 7. Experimental data and model calculations of glutamic acid adsorption
on amorphous iron oxyhydroxide as a function of pH and total glutamate added.
For model calculations a surface site coverage of 18 sites/adsorbed glutamate
molecule was assumed. Fe(OH),(am), 103M; 0.IM NaNO;, 25°C. Glutamic
(O) 10°M; acid ([J) 1.1 X 10*M; added (/) 10°M. (——) Model calculation.
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the pH dependence of AgS,03 adsorption is very similar to 820%'
adsorption (27). Other metal-ligand complexes, e.g. Cu—ethylene-
diamine, may attach to oxide surfaces via the metal atom (28).

By adding Equation 11 to the surface equilibria previously
determined for Ag(I) and szog‘ alone, one can obtain a reasonable
description of Ag(I) adsorption in the complex system (Figure 8).
Although the agreement between calculated and experimental adsorp-
tion density is not perfect, the degree of success is encouraging
since so little is known about the formation of ternary surface

. * int int
complexes. The difference between p KAg820§ (19.5) and p K 0%’

(10.0) is 109‘5, indicating that Ag(I) complexation by adsorbed
thiosulfate ions is energetically similar to complexation of Ag+
by thiosulfate in solution (~10 '9).

Speciation of Adsorbed Ions

The modeling results suggest that the physico-chemical state
of the oxide/water interface has a significant effect on the spe-
ciation of ions at the surface. For example, adsorbed metal ions
may be more easily hydrolyzed (i.e. at lower pH) than aquo metal
ions in bulk solution. Consider the following surface equilibria
of Cu(II) (2), i.e.,

_ .
so—cu?t + H: <— SOH + Cu§+, -log KMt = 4.1 (12)

- % 4
SOH + Cu§+ +HO <= 50 —CuOH' + ZHZ’ log Kt = 9.0 (13)
so—cu?t + H)O <= S0™—CuoH! + H: , log K\ = 49 (14)

Hydrolysis of an adsorbed Cu(II) ion can be compared with the fol-
lowing reactions in homogeneous solution (29), i.e.,

c?t + H0 < cuont + 1", log K < -8 (15)
CuOH + H,0 <— Cu(0H)%(aq) + H', log K < -5.7 (16)
9 5 Cu(OH),(aq , log K < -5.7 .

We cannot be certain whether Equation 15 or 16 should be compared
with the acidity of the adsorbed Cu(II) ion, Equation 14. The sur-
face bond will undoubtedly affect hydrolysis of an adsorbed Cu(II)
ion, and perhaps release of the second proton from the hydration
sheath of Cu?t(aq) may be more appropriate for comparison. Such
comparisons are of limited value, however, since uncertainty in

the available thermodynamic data for hydrolysis of metal ioms is
rather large (30). Nonetheless, with the present data it would
appear that metal ions are more easily hydrolyzed within the com-
pact layer of the EDL.
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Figure 8. Experimental data and model calculations of Ag(I) adsorption on

amorphous iron oxyhydroxide as a function of pH and thiosulfate added. Ag’,

AgOH®, and AgS;0; are silver(1) adsorbing species. (O) 4 X 10M and ([J)

4 X 10°M—S,04*" added. Agr, 4 X 10"M; Fe(OH),, 10°M; 0.IM NaNO;, 25°C.
( ) Model calculation.
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Differences in the speciation of other ions at the surface can
be noted. Using an analysis similar to that above for metal ioms,
one finds that adsorbed anions are less acidic than in bulk solu-
tion. For example, it was shown in Figure 6 that protolysis of ad-
sorbed sulfate ions becomes significant in the pH range 4-5, where-
as in solution bisulfate is formed at much more acidic conditions
(pH ~ 2). Complexes formed by supporting electrolyte, e.g. Na+”
with oxide surface sites have greater stability constants (1ogK1nt
~ 0.5-1.7) than observed for complex formation with oxyanions in
solution (log K ~ 0.0) (1).

It is clear from the foregoing that there are some differences
in complex formation within the compact layer of the interface as
compared to bulk water. An explanation of these phenomena requires
a thorough understanding of the effect of solvent molecules on com-
plex formation. When two oppositely charged ions associate to
form a single species, a moderately large and unfavorable negative
entropy change (AS) would be expected, reflecting the disappear-
ance of a particle in the system. However, in most cases, forma-
tion of complexes in water results in a positive entropy change
(31). The positive entropy change is caused by a compensation of
charges, which increases the mobility of solvent molecules exposed
to the electrostatic field surrounding the ions. The entropy
change is accompanied by a change in enthalpy (AH), which may be
positive or negative, and which is generally correlated with the
A- or B-character of the interaction (32).

Fortunately, the association reactions of interest to our
model studies have been thoroughly studied in aqueous solution.
Perhaps the most important generalization that can be made about
these associations is that the stability of the complex is mostly
or entirely due to a large and positive entropy change. For ex-
ample, protolysis of sulfate ion is a very endothermic process
(AH = 5.6 Kcal/mol), but the reaction occurs ue to the large pos-
itive entropy change (AS = 26.7 cal-deg imo1-1) (33). Hydrolysis
of transition metal ions, e.g. Fe +, Cr +, is slightly exothermic,
but a positive entropy change contributes about 70 to 80 percent
of the free energy of bond formation (-AG) at 25°C (32). Similarly,
the association reactions of alkali and halide ions are endothermic
and are driven only by positive entropy changes. Thus, the most
important factor governing the stability of these complexes is the
release of water molecules from the ions concerned.

An oxide surface in water is covered with a layer of highly
structured, chemisorbed water molecules (34, 35). When exposed to
an electric field caused by charging of the surface, these water
molecules approach dielectric saturation. As a consequence, the
dielectric strength (€) of the solvent within the compact layer of
the interface is lowered. The dependency of log K (stability con-
stant) at constant temperature varies linearly with the reciprocal
of the dielectric constant (€) of the media (36, 37), resulting in
a displacement of the equilibrium towards the adduct in associa-
tion reactions (32). As € decreases, the stability of complexes
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formed primarily by positive entropy changes will increase. Thus,
the stabilities of such complexes formed at the oxide/water inter-
face should be increased, since a neutralization of charge will
increase the mobility of solvent molecules exposed to the electro-
static field of the EDL.

From this perspective the conclusions of our modeling studies
can be better understood. In all cases, the surface equilibria
proposed favor neutralization of surface charge (0,). Surface
complexes formed by supporting electrolyte ions decrease the "ef-
fective surface charge" (o, - GB) and thus increase the mobility
of solvent molecules. The decreased dielectric strength of the
solvent within the compact layer is consistent with the observed
behavior for changes in hydrolysis and protolysis of adsorbed ions.
Adsorbed metal ions are more easily hydrolyzed, because the entropy
gained from the reaction is greater than in bulk solution. While
we have not attempted to define this energy contribution explic-
itly as in other models (10), our conclusions regarding surface
speciation are similar using the surface complexation approach (2).
Formation of charged or relatively polar complexes is accompanied
by a smaller entropy increase than if complete charge neutraliza-
tion occurs (31). Thus, adsorption of hydrolyzed or protolyzed
forms of ions should be favored over complexation by bidentate
surface sites.

For metal ions there may be an additional entropy factor in-
volved in surface complexation reactions. A metal ion, such as
Pb2t or Cu2+, which is hexacoordinated in the aquo state but which
normally forms four-coordinate complexes, may lose an additional
two water molecules upon association with a ligand (31). Opposing
this favorable entropy change is a simultaneous loss of configura-
tion entropy of the ligand. However, for oxide surface sites this
loss will be negligible. Thus, the entropy gained by liberation
of these water molecules may be greater in surface reactions than
in bulk solution.

Summary

A comprehensive adsorption model has been proposed which can
describe the uptake of cations, anions, and metal-ligand adducts
in complex electrolyte systems. An important advantage of the
model is that surface charge and diffuse layer potential are also
calculated and may be compared with experimental quantities, if
available. Calculations reflect the net interactions of all ions
at the surface, and the effect of a change in composition or con-
centration of the supporting electrolyte can be assessed. Intrin-
sic ionization and complexation constants for supporting electro-
lyte ions may be determined from potentiometric titrations at sev-
eral electrolyte concentrations. Surface sites coverage can be
empirically derived from experimental adsorption data in systems

approaching maximum surface coverage, Fmax‘
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Refinement of the model awaits further experimental work on
the physico-chemical nature of surface bonding of ions within the
compact layer of the EDL. At present our conclusions concerning
the speciation of adsorbed ions are supported by 1) enthalpy/
entropy arguments for analogous reactions in solution, and 2) a
limited knowledge of the solvent medium of the compact layer of
the EDL.

Abstract

The results of a newly proposed model for adsorption at the
oxide/water interface are discussed. The modeling approach is
similar to other surface complexation schemes, but mass-law equa-
tions are corrected for the effect of the electrostatic field. 1In
this respect, this model bridges the gap between those models that
emphasize physical interactions. The general applicability of the
model is demonstrated with comparisons of calculations and experi-
mental data for adsorption of metal ions, anions, and metal-
ligand complexes. Intrinsic ionization and surface complexation
constants can be determined with an improved double extrapolation
technique.

By comparison with analogous reactions in solution, it is
shown that the stabilities of complexes formed at oxide surfaces
are governed primarily by large positive entropy changes. The
most important factor in the change of entropy is the increased
mobility of solvent molecules after complex formation. The en-
tropy change of complexes within the compact layer of the EDL will
be larger than analogous reactions in solution, due to the de-
creased dielectric strength of water. Thus, reactions which lead
to a neutralization of charge, e.g. hydrolysis of metal ioms,
protolysis of anions, have greater stability constants at the
surface than in bulk water.
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Critical Review of Plutonium Equilibria of

Environmental Concern

JESS M. CLEVELAND
U.S. Geological Survey, Water Resources Division, Lakewood, CO 80225

The complex interrelationships of three types of chemical
equilibria, namely oxidation-reduction, hydrolysis, and complexa-
tion, as well as polymerization, a nonequilibrium process, deter-
mine the nature and speciation of plutonium in aqueous environ-
mental systems. This paper presents a selective, critical review
of the literature describing these processes. Although most
research has been conducted under non-environmental conditions--
that is, macro concentrations of plutonium and high acidities--the
results in some cases are applicable to environmental conditioms.
In other cases the behavior is different, however, and care should
always be exercised in extrapolating macro data to environmental
conditions.

Oxidation-Reduction Potentials

The oxidation-reduction behavior of plutonium is described by
the redox potentials shown in Table I. (For the purposes of this
paper, the unstable and environmentally unimportant heptavalent
oxidation state will be ignored.) These values are of a high
degree of accuracy, but are valid only for the media in which
they are measured. In more strongly complexing media, the poten-
tials will change. In weakly complexing media such as 1 M HC1Oy,
all of the couples have potentials very nearly the same; as a
result, ionic plutonium in such solutions tends to disproportion-
ate. Plutonium is unique in its ability to exist in all four
oxidation states simultaneously in the same solution. Its behav-
ior is in contrast to that of uranium, which is commonly present
in aqueous media as the uranyl(VI) ion, and the transplutonium
actinide elements, which normally occur in solution as trivalent
ions.

Hydrolysis

It is important to emphasize the often-overlooked fact that
reactions between a metal ion and water molecules (hydration) or
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Table I Plutonium Formal Potentials (in Volts) at 25° (1)

In 1 M HC1O:

2. -0. -1. -0.
py0—2:03 5 3+ =0.9819 . .4 -1.1702 a0} —0:9164 5 ook

-1.0433

-1.0228

In neutral solution (pH = 7):

py3+-0-63 Pu(OH) 4 * yH,0 (s) -1.11 Puo} =0.77 Pu0, (OH) , (aq)
| |
In 1 M OH :
Pu (OH) 5 *xH,0 0.95 Pu(OH) 4 »yH, 0228 py0, (OH) (aq)">28 py0, (0H)3 (aq)
v =-0.4
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hydroxide ions (hydrolysis) are actually complexation reactions
that do not differ in kind from those with acid anions and organic
ligands. Hydrolysis will be considered as a separate process,
however, because it can lead to precipitation and/or formation of
polymeric species. Each plutonium oxidation state hydrolyzes by
the successive addition of hydroxide ions as the pH is increased,
the final product in each case being an insoluble hydroxide precip-
itate. The various oxidation states decrease in their tendency to
hydrolyze in the order

Pu*t >> Puo3t > Pudt > Puo} .

The first hydrolysis constant for plutonium(III), that is,
the equilibrium constant for the reaction

Pudt + H,0 Z Pu(oH)2" + H',

has been determined from acid-base titration curves at an ionic
strength (I) of 0.069 M to be 7.5 X 1078 (2). The solubility
product of the neutral hydroxide precipitate, Pu(OH)j3, is reported
to be 2 X 1072 Qi, p. 299).

Hydrolysis of plutonyl (VI) has been investigated extensively,
but not all the data are relevant to environmental concentrations.
Potentiometric data at T = 1 M and 25° have been interpreted to
indicate the formation of three species, PuOy (OH)T, (Pqu)g(OH)z s
and (Pu02)3(0H)s5, with respective overall hydrolysis constants of

1.1 X 107%, 3.1 X 10'9, and 6.9 X 10'23(3). Another potentiometric
study (5), at I = 3 M and 25°, yielded the following overall
hydrolysis constants:

Pu0, (OH)*, K = 5.0 X 107; (Pu0,),(0H)3%, K = 5.74 X 1077;

(Pu0,) 3 (OM)E, K = 2.0 X 10722; (Pu0,), (OH)%, K = 7.68 X 10730,

The polynuclear species would not be expected at environmental
plutonium concentrations, at which the most common hydrolysis
product is PuO2 (OH)t. The cited hydrolysis constants for this
species are in satisfactory agreement.

Least hydrolyzed of the four oxidation states is plutonyl(V),
whlch has a reported first hydrolysis constant of 2 X 107 10 at

=3 X 1073 M and 25° (2, pp. 478-499).

Plutonium (IV) is the most readily hydrolyzed of the four
oxidation states, but only the first hydrolysis constant is known
with any confidence. For the reaction

Pu*t + H,0 2 Pu(on) 3t + HY
the best value for the first hydrolysis constant, K;, is 0.031,

as determined potentiometrically at I = 1 M and 25° (6). Step-
wise values for K; to K, have been calculated from TTA extraction
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data at T = 1 M to be 0.35, 0.18, 5.0 X 10", and 5.0 X 1077,
respectively (7), but results are questionable. Successive hydrol-
ysis constants suffer from such an accumulation of errors that
they become virtually meaningless. In particular, the value for
Ky, if it refers to the equilibrium between Pu(OH)§ and solid
Pu(OH)y, yields values for the equilibrium concentration of pluto-
nium (IV) in near-neutral solutions that are too high by many
orders of magnitude. On the assumption of a regular progression
of the stabilities of successive hydrolysis products, overall
values for Kj to Ky (that is, for the formation of Pu(OH), from
Pu(OH)n-1) were estimated to be 0.32, 5.0 X 10-3, 5.0 X 1075, and
3.2 X 10710 (8), but these results cannot be taken seriously in
view of the unverified assumptions made in their calculgggon.

The reported solubility product of Pu(OH)y, 7 X 10 as
measured by pH titration (3, p. 300), is an exceedingly small
number. If it were a true representation of the concentration of
plutonium in solution, at pH 7 there would be only 7 X 10728 mole
of plutonium per liter; thus the equilibrium concentration of plut-
onium in neutral water would be about one atom per 2400 liter and
there would be no problem with plutonium-contaminated ground water.
The solubility product does not accurately define the concentra-
tion of plutonium in aqueous solutions because it merely states
the concentration of the Pu*t ion. At pH values of environmental
interest, plutonium will be present not primarily as Pu“+, but as
species such as Pu(OH)§+, Pu(OH)ﬁ, unionized Pu(OH),, colloidal
polymeric forms to be discussed later, as well as other oxidation
states formed by disproportionation at low acidities. Thus, the
total plutonium concentration will be much higher than that
described by the solubility product of Pu(OH),.

Complexes

A brief review of methodology is in order before embarking
on a discussion of plutonium complexes. Determination of stability
constants of metal complexes depends on the measurement of the
effect produced by the particular ligand on an equilibrium involv-
ing the uncomplexed metal ion. The most common methods are ion
exchange, solvent extraction, spectrophotometry, solubility,
potentiometry, and polarography, of which only the last two give
values based on activities rather than concentrations. For this
and other reasons, these two methods generally yield more thermo-
dynamically significant constants. TUnfortunately, they have been
rather infrequently used in studying plutonium complexes. The
least reliable method, solubility, suffers from the difficulty of
achieving equilibrium solubilities and from problems in properly
interpreting the data.

In cases where the stability constants of plutonium complexes
are not known, it is possible to obtain a rough estimate by com-
parison with analogous metal ions (that is, La3t for Pu3+, Tht*t
for Pu“+, NpOZ for PuOZ, UO%+ for Pu0%+). With one exception,
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this approach is not applied in this paper because of space limi-
tations. Moreover, attempting to extrapolate stability constants
from one element to another is a shortcut that can easily be
abused. The analogous ions differ significantly from the respec-
tive plutonium ions in such properties as ionic potential and
oxidation~reduction behavior, which can result in differences in
complexation.

Two types of stability constants should be defined. For the
reaction of one or more ligands, L, with a metal ion, M, the

stepwise stability constant is expressed by the relation

]

K. = 57T
n " ML T(L]

whereas the overall stability constant is defined as

B = E
n n '
M][L]
B
It follows that Kn = 5 Moreover, stability constant equations
n-1

involving protonated species, such as undissociated or partially
dissociated acid, may be converted to the above expressions by
application of the appropriate acid dissociation constant.

Standard deviations are not given, since they merely establish
the reproducibility of a given method and do not necessarily
reflect the accuracy of the data.

Carbonate Complexes. Of the many ligands which are known to
complex plutonium, only those of primary environmental concern,
that is, carbonate, sulfate, fluoride, chloride, nitrate, phos-
phate, citrate, tributyl phosphate (TBP), and ethylenediaminetet-
raacetic acid (EDTA), will be discussed. Of these, none is more
important in natural systems than carbonate, but data on its
reactions with plutonium are meager, primarily because of competi-
tive hydrolysis at the low acidities that must be used. No
stability constants have been published on the carbonate complexes
of plutonium(III) and plutonyl(V), and the data for the plutoni-
um(IV) species are not credible. Results from studies on the
solubility of plutonium(IV) oxalate in K»CO3 solutions of various
concentrations have been interpreted (9) to indicate the existence
of complexes as high as Pu(COg)éz', a species that is most unlikely
from both electrostatic and steric considerations. From the
influence of K,CO3 concentration on the solubility of Pu(OH)y, at
an ionic strength of 10 M, the stability constant of the complex
Pu(CO3)2+ was calculated (10) to be 9.1 X 1046 at 20°. This value

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch016

326 CHEMICAL MODELING IN AQUEOUS SYSTEMS

is based on poor experimental methodology and incorrect interpreta-
tion of the data, and is best ignored. From comparisons with other
plutonium complexes and with carbonate complexes of analogous metal
ions, it appears to be high by about 30 orders of magnitude.

In the case of plutonyl(VI), somewhat more plausible results
have been obtained. Data on the solubility of plutonyl(VI) hydrox-
ide in (NH4)2CO3 solutions of varying concentrations have been
interpreted (11) to reveal the presence of three complexes,

Pu0, (C03)%~, Pu0,(CO3) (OH)™, and PuO,(CO3) (OH)3~, with stability
constants of 6.7 X 1013, 4.5 X 1022, and 2.3 X 1022, at T = 1 M
and 20°. The value for the dicarbonato species is reasonably
consistent with published constants for the analogous uranyl(VI)
species, but the constants for the hydroxy species need further
verification.

Sulfate Complexes. Knowledge of the sulfate complexes of
plutonium(III) and (IV) has advanced somewhat in recent years.

Ton exchange data indicated the presence of two complexes of the
trivalent ion, Pu(SO0,)* and Pu(S04)7, with respective stepwise
stability constants of 44.7 and 43.7 at I = 2 M and 25° (12). It
is unlikely K; and K, would have such similar values, and hence Ko
must be regarded with suspicion. Because these values were the
same in both 1 M and 2 M HC10,, it was concluded that no proton-
ated species were formed. This value of K; takes precedence over
earlier data (13) indicating the existence of two complexes,
Pu(S0,)*, with K; = 18.1 and Pu(HSO,)}, with K; = 9.9, at I = 1 M
and 28°. In the latter case all determinations were at a constant
acidity of 1 M, and therefore the presence of the protonated
complex Pu(HSOq)g was not demonstrated by studies at varying
acidity.

Numerous determinations have been made of the stability con-
stants of sulfate complexes of plutonium(IV), and the results vary
by three orders of magnitude. The most plausible values (14) have
come from careful ion exchange studies at I = 2 M and 25°, which
indicate the presence of two species, Pu(SOL,)2+ and Pu(SOy),, with
stepwise stability constants of 6.6 X 103 and 5.8 X 102, respec-
tively. This K; is in satisfactory agreement with the value
4.6 X 103 obtained potentiometrically at I = 1 M and 25° (6).
Spectrophotometric and electrophoretic studies indicate that
plutonyl(VI) forms complexes containing as many as four sulfate
groups, with anionic species predominating at sulfate concentra-
tions above 1 M (15). The monosulfato complex has a reported sta-
bility constant of 14.4 as determined by extraction studies at
I =2Mand 25% (16).

Fluoride Complexes. Fluoride is known to complex plutonium
strongly, but quantitative data on these environmentally important
complexes are limited. Cation exchange studies (17) yielded values
of 4.5 X 10" at T = 1 M and 7.9 X 107 at I = 2 M for the stability
constant of the monofluoro complex of plutonium(IV), which are in
satisfactory agreement with the value 1.2 X 108 obtained from
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extraction data at I = 2 M and 25° (18). The latter study also
gave 3.4 X 101* as the overall stability constant, Bo, of PuF%+
under the same conditions. (The values cited in references 19 and
20 have been corrected for the ionization constant of HF to convert
them to stability constants as defined in this discussion.) Four
fluoro complexes of plutonyl(VI) have been identified from cation
exchange studies (19) at I = 1 M, with overall stability constants
as follows: PuO,FF, By = 130; PuO,F,, By = 1.4 X 10%; PuO,F3, B3

= 1.2 X 10%; PquFﬁ , By = 2.0 X 10°. These results are somewhat

clouded by the authors' failure to demonstrate the absence of

plutonium(IV), a potential source of error in this system. A

lower value, B; = 12, has been reported from extraction data at
=2 M and 25° (16).

Chloride Complexes. Because of marine disposal or storage of
actinide wastes in salt formations, the relatively weak chloro
complexes of plutonium could become important over extended time
periods. Two plutonium(III) complexes, Pucl?t and PuCl have been
reported (20), the former occurring at chloride concentrations
above 2 M and the latter in the presence of 8 M or greater
chloride ion concentration. No stability data were given.
Plutonium(IV) forms complexes containing from one to six chloride
ligands. Quantitative values exist for the three lower complexes
in 4 M HC1O0, at 20° as determined by cation exchange: PuCl3t, Ky

= 1.4; PuC1%+, Ky = 1.2 PuClﬁ, K3 = 0.1 (21). Other values for
K; agree satisfactorily with the above: 1.38 by potentiometry
(22), and 1.42 by an extraction technique at I = 2 M and 25°

(23); thus the value for K; seems well established. Values for

K, show more variation: 0.49 by potentiometry (22) and 0.16 by
extraction (23). Agreement between the ion exchange and potentio-
metric values is sufficiently good to suggest that K, is somewhere
in the range 0.5 to 1.2.

Potentiometric studies (3, pp. 312-13) at unspecified temper-
ature and ionic strength have indicated Kj for the plutonyl(V)
complex PuO,Cl to be 0.67, a value that should be accepted with
caution in view of the experimental vagueness. Plutonyl(VI)
forms complexes containing up to three or four chloride iomns, but
quantitative data have been reported for only the mono and
dichloro species. The following values have been found, all by
spectrophotometry, for the stability constant of Pu02Clt: 1.25
at T =2 M and 25° (24); 0.73 at I = 1 M and 23° (3, pp. 312-13);
0.56 at I =1 M and 20° (25). Again, agreement is reasonably
good, although it is regrettable that all values were obtained by
the same technique. The single reported stability constant, Kj,
for Pu0,Cl,, also by spectrophotometry, is 0.35 at I = 2 M and
25° (24).

Nitrate Complexes. Although there is spectrophotometric
evidence for the existence of nitrate complexes of plutonium(III),
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they are unstable because of oxidation to plutonium(IV). The
latter forms complexes containing as many as six nitrate groups,
and they are important in the chemical processing of plutonium by
ion exchange and solvent extraction. Values for K; are in good
agreement: 5.5 by cation exchange at I = 4 M and 20° (21); 5.3
by extraction at I = 6 M (26); 4.4 by extraction at I = 2 M and
25° (23). Strong disagreement exists among the wvalues for Kp:
23.5 by ion exchange at I = 4 M and 20° (21); 3.0 by extraction
at I =2 M and 25° (23); 0.96 at I = 6 M, also by extraction
(26). The ion exchange value is probably the least reliable
because of compounding of errors; on this basis the most plausi-
ble K, is in the range 1 to 3. Values for K3 become even less
reliable; of the two reported, 15 by ion exchange at I = 4 M and
20° (21) and 0.33 by extraction at I = 6 M (26), neither can be
accepted with assurance. Mono-, di-, and trinitrato complexes of
plutonyl(VI) have been identified, but they are weak. Of the two
plausible values reported for Ki, that is, 0.93 by extraction at
I=24.1M (27) and 0.25, also by extraction, at I = 4.6 M and

25° (28), the latter is more reliable because of more careful
experimental controls and the more valid assumptions made in its
calculation.

Phosphate Complexes. Of all the systems described in this
paper, the most difficult to evaluate is that of the phosphate
complexes of plutonium. Many of the stability constants were
calculated from solubility measurements, which often yield data
of dubious accuracy. The values that have been obtained are
reported in Table II, and many appear to be too high, a common
error in solubility determinations. The ion exchange values for
the acid phosphate complexes of plutonium(III) are the most
plausible. The data for plutonium(IV) and plutonyl(VI) should be
used with caution.

Citrate Complexes. Because of their ability to form ster-
ically favored chelate structures, many organic ligands complex
plutonium more strongly than inorganic anions. One of the strong-
est naturally occurring chelating agents is citrate, and it forms
a number of very stable complexes with plutonium. Three pluto-
nium(III) complexes have been reported (32), Pu(CgH507),
Pu(H,CgH507)%, and Pu(HyCgHs507) 3, with respective stability

constants of 7.3 X 108, 4.0 X 10°, and 1.0 X 1010, but these
values are suspect because they differ by several orders of
magnitude from constants for citrate complexes of other actinides
and lanthanides. The apparent error is primarily a result of
failure to allow for plutonium(III) hydrolysis and complexing by
sulfite formed from the sodium formaldehyde sulfoxylate used as a
reducing agent, and by improper interpretation of the data. More
reliable data are available for the plutonium(IV) complexes,

which are present at citrate concentrations as low as ].0'15 M
(33). Stability constants of the unprotonated species Pu(CgHs50,) %
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Table IT Phosphate Complexes of Plutonium
Complex Stability Constant Method Reference
Pu (III)
Pu(POy) K; = 1.5 X 1019 Solubility (29)
+ at T =0.5M and 20°
Pu(H,P0,)? K; = 30.2 Cation exchange (29)
at I = 1M and 20°
Pu(H,P0,)% Ko = 5.25 Cation exchange (29)
at T = 1M and 20°
Pu(H,POy) 3 K3 = 5.01 Cation exchange (29)
at I = 1M and 20°
Pu(HPOy) Ky = 3.98 Cation exchange (29)
at I = 1M and 20°
Pu(IV) +
Pu(HPOy) 2 K; = 8.3 X 1012 Solubility (30)
Pu(HPOy) 2 Ky, = 6.7 X 1010 Solubility (30)
Pu(HPO,)3_ K3 = 4.8 X 10° Solubility (30)
Pu(HPO,)f~ Ky = 6.3 X 102 Solubility (30)
Pu(HPO,) 8 Ks = 6.3 X 108 Solubility (30)
Pu(VI)
Pu0, (HPO,) K; =1.5X10 at I =0 Unspecified; (31)
presumably
+ solubility
Pqu(H2P03) K; = 200 at I =0 Solubility (31)
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and Pu(CGH507)%' have been determined by three separate methods
with generally good agreement, as shown in Table III.

Table III Stability Constants of Citrate Complexes
of Plutonium(IV) at I = 0.5 M and 25°

Method By Bo Reference
Spectrophotometric 5.3 X 10!* 1.6 X 1030 (33)
Potentiometric 3.5 X 1015 1.0 x 1030 (34)
pH titration 6.9 X 101> 1.0 x 1029 34

TBP Complexes. Tributyl phosphate (TBP) does not normally
occur in the environment, but its use in nuclear fuel reprocessing
makes it a probable constituent of radioactive wastes and hence a
possible ground water contaminant. TBP reacts with nitrate com-
plexes of plutonium(IV) and (VI) to form the species Pu(NO3);°®2TBP
and PuOj(NO3),°*2TBP, which although not exceptionally stable, are
useful in separations chemistry because of their solubility in
organic solvents and insolubility in aqueous media. By contrast,
the plutonium(III) complex, Pu(NO3)3°3TBP, is poorly extracted by
organic solvents. The stability constant of the neptunium(IV)
complex, defined as

[Np(NO3)y-2TBP]
K =

[Np][NO3]*[TER]2

is reported to be 130 at I = 2 M (35), and the value for the plu-
tonium(IV) complex should be similar. Although these complexes
and their solvent are water-insoluble, they could exist in ground
water in an emulsified form.

EDTA Complexes. Ethylenediaminetetraacetic acid (EDTA) and
its homologues form the most stable known complexes of plutonium.
This discussion will be limited to EDTA, which is most likely to
be found in the environment as a result of its use as a medium
for the addition of soluble iron to soils. The equilibrium
constant for formation of the 1:1 chelate of plutonium(III), as
given by the expression

[Puy~][H]?

K= —m8m——
[Pust][H,727]

(where HyY would represent the unionized EDTA molecule), was

found in 0.1 N KC1 solution to be 3.9 X 1018 at pH 1.5 by spec-
trophotometry (36) and 1.32 X 1018 at pH 3.3 and 20° by ion

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch016

16. CLEVELAND Plutonium Equilibria of Environmental Concern 331

exchange (37). Another ion exchange study, at I = 1 M and pH
values from 1.2 to 3.4, yielded a stability constant for PuY~ of
2.28 X 10'7 and indicated the presence at pH 1.5 to 2.0 of another
species, PuHY, with a stab111t¥ constant of 1.61 X 10° (38)
stab111ty constant of 1.6 X 1012 for PuY~ formation from Pu’ and
Y at I = 0.1 M and 20° has been calculated from spectrophoto-
metric and polarographic data (39).

Determination of the stability constants for EDTA chelates
of plutonium(IV) is rendered difficult by hydrolysis of the
metal ion at fairly low pH values and by protonation of the EDTA
molecule in more strongly acid solution. Thus attempts to deter-
mine the equilibrium constant in the expression

[Puy][HT]?
[Pu*t][H,Y?%"]

at pH 3.3 in 0.1 N KC1 solution gave values of 4.57 X 10t7 by ion
exchange (37) and 1.26 X 10!7 by spectrophotometry (36), but these
numbers describe the complexing of a partially hydrolyzed pluto-
nium species, rather than the Pu*t ion. In 1l M HNO3 a spectro-

photometrically determined value of 1.59 X 102"% was reported (36),
but this, too, is suspect because it fails to allow for the
apparent protonation of EDTA(H,Y) to form species such as H5Y+
and H6Y2+ (40). The dissociation constants of these species
were determined and combined with other ionization constants of
EDTA to calculate a more accurate value for the concentration of
Y4~ ions in 1 M HNO3 and from this the stability constant of PuY
at I = 1M and " 25° was calculated to be 5.7 X 1025 (41). A more
recent value of 4.0 X 1025 at I = 0.1 M determined by spectro-
photometry and polarography (39) is in excellent agreement.

Even plutonyl(V) is strongly complexed by EDTA. The stabil-
ity constant of Pu02Y3 has been determined by three methods:
7.7 X 1012 by spectrophotometry at 20° (42); 8 X 1012 by potentio-
metry in 0.1 M KC1l at room temperature (43), 1.5 X 1010 by ion
exchange at I = 0.05 M (44). The first two values, by virtue
of their close agreement, take precedence. The stability constant
of the plutonyl(VI) chelate, Pu02Y , is somewhat higher than
that for plutonyl(V). Two different spectrophotometric studies
yielded values of 1.07 X 106 at pH 4.0 (36) and 4.0 X 101*
(42) both at 20°, whereas an ion exchange—derlved value of
2.46 X 1016 at pH 3.3 and 20° has been reported (37). Although
these values indicate a high degree of stability for the complex,
the metal ion is unstable toward reduction (36, 42). EDTA reduces
plutonyl(VI) to plutonyl(V), or plutonlum(IV) if an excess of
ligand is present (45). However, because all oxidation states
are strongly complexed by EDTA, the reduction does not result in
the release of uncomplexed plutonium iomns.
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Polymerization

The equilibria discussed above are useful in characterizing
plutonium and predicting its behavior in aqueous systems, but
only if it is in true solution. This is frequently the case for
plutonyl(V) and (VI), but much less common with plutonium(III)
and (IV). 1In particular, plutonium(IV) is very susceptible to
hydrolysis and polymerization at pH values above 1 (46). In
0.009 M plutonium(IV) solutions at 25°, polymerization increased
from essentially zero in 0.1 M HNO3 (pH 1) to 98 percent in
0.04 M HNO3 (pH 1.4). Although polymerization would not occur at
such low pH values with the concentrations of plutonium found in
natural waters, it would be expected at the higher pH values most
common in the environment. Whether the resulting polymer remains
dispersed in the aqueous medium or precipitates depends on a
number of factors, including its molecular weight, pH, tempera-
ture, and the type and concentration of anions in solution; in
general, the presence of polymer will result in a higher concen-
tration of plutonium in the aqueous phase than would otherwise be
the case. It is not in true solution, however, but is present in
colloidal form. Values for its molecular weight range from 4000
to 1010 (47), depending on conditions of formation. Formation of
the polymer is relatively rapid, generally occurring within a
matter of minutes (47); depolymerization, on the other hand,
requires hours to days, depending on acidity and temperature
(48), and is even slower for aged polymers (47). Because of this,
polymer formation is often considered to be irreversible. The
presence of a large molar excess of citrate retards polymeriza-
tion and enhances depolymerization (49), doubtless because of
complex formation. The sizes of the colloidal particles vary,
but generally increase with aging, increased ionic strength, and
the presence of bicarbonate at envirommental concentrations (50).

The nature of the polymer has not been firmly established.
It has generally been considered an intermediate hydrolysis
product in which partially hydrolyzed plutonium species are
linked by hydroxide or oxide bridges into long chains. In this
view, the effect of aging is to increase the size of the polymer
units. A more recent conclusion (51), supported by spectrophoto-
metric, x-ray diffraction, electron diffraction, and electron
microscopy data, is that the polymer consists of small, discrete
primary particles (size 0.5 to 2.0 nm), which may be amorphous or
crystalline, and secondary particles which are aggregates of the
primary particles. Colloidal sols would thus consist of disper-
sions of the primary particles in aqueous media. In this concept
the slower depolymerization of aged polymer is the result of the
conversion of amorphous particles to crystalline particles on
standing. X-ray diffraction patterns of the crystalline particles
correspond to that for PuO,. A similar pattern is found for
precipitated Pu(OH), (47), leading to the suggestion that the
primary particles, which are presumably hydrated PuO,, are also
the first particles to form during precipitation (51).
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Dispersed polymer can be adsorbed from aqueous media onto
surfaces with which it comes in contact. Among solids whose
surfaces can adsorb plutonium are numerous minerals, glass, and
stainless steel. Glass reportedly can adsorb 1.6 ug colloid/cm?
of surface, and the adsorption by steel is much higher (47).
Adsorption is highly variable, depending on colloid concentration,
pH, age of polymer, nature of presence of anions and complexing
ligands, and nature of the surface. It is important to bear in
mind that this adsorption is strictly a surface phenomenon and is
generally irreversible; the rate of desorption is dependent on
depolymerization and solubility considerations. Because of the
nature of the process and its irreversibility, it cannot be
described by equilibrium ion exchange parameters, such as distri-
bution coefficients [Kd]' The two processes are completely

unrelated; interestingly enough, the polymer is reportedly not
adsorbed by ion exchange resins (46). Accordingly, it is impor-
tant for researchers to establish the absence of polymeric species
in a given solution before using it to determine equilibrium
distribution values.

Areas Needing Further Research

With the exception of a few areas such as polymerization,
the aqueous chemistry of plutonium has received much study.
However, most of the current knowledge applies to macro concen-
trations of the element in strong acid solutions, and its appli-
cation to the picogram levels and neutral pH values of environ-
mental systems requires utmost caution. Since hydrolysis is
relatively more important, it is possible that the complex species
formed are not simple metal-ligand moieties, but rather involve
hydroxylated metal ions in complex species not previously identi-
fied. The present state of knowledge of plutonium chemistry
under envirommental conditions does not appear adequate to permit
chemical modeling with any degree of confidence. To reach this
desired objective, additional data, determined under simulated
environmental conditions--not extrapolated from grossly different
conditions--are needed.

Several areas of research seem to merit top priority:

1. attempt to verify published stability constants of environ-
mental interest at lower metal concentrations and higher pH;

2. determine stability constants that are not currently known,
the prime example being the plutonium-carbonate system;

3. assess the interplay of complexation, hydrolysis, and polym-
erization at environmental pH values, as these factors are
important but not well understood under neutral conditions;

4. study the complex chemistry of plutonyl(V), which some workers
believe to be an important species in ground waters;

5. attempt to elucidate the nature and behavior of polymeric
species with the ultimate objective of developing quantita-
tive, reproducible expressions for dispersion, precipitation,
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adsorption, and desorption of the polymer. This is a big order,
and may appear unrealistic to some. In at least one man's opinion,
however, progress in these five areas is desirable, not only for
meaningful modeling, but more importantly, for a true under-
standing of the behavior of plutonium in the environment.

Abstract

The behavior of plutonium in aqueous environmental systems is
governed by the complex interrelationships of three types of
chemical equilibria - oxidation state, hydrolysis, and complexa-
tion - and by polymerization, which is a non-equilibrium process;
and our ability to understand its environmental behavior will de-
pend on our knowledge of these fundamental chemical reactions.
Oxidation potentials are known with satisfactory precision.
Hydrolysis constants and hydroxide solubility products are of
varying but generally dubious reliability. The situation with
regard to complex stability constants is somewhat variable. Com-
plexes with strong chelating legands such as citric acid, EDTA, and
DTPA have been quantitatively described with reasonable accuracy,
but data on plutonium complexes with such environmentally-important
ions as carbonate and phosphate are meager and questionable.

Least understood of all are the irreversible polymerization reac-
tions of plutonium which play so large a part in its aqueous
chemistry. Data for all of these reactions will be reviewed and
evaluated, accompanied when necessary by a critique of the methodo-
logy. The environmental consequences of this information will be
assessed; for example the fallacies of attempting to use solubility
products to calculate plutonium concentrations, or of employing
equilibrium ion exchange concepts to describe non-equilibrium sur-
face adsorption of polymer will be emphasized. Moreover, since
most of the literature refers to macro concentrations of plutonium
and frequently to relatively strong acid solution, great caution
is necessary in extrapolating to environmental conditions. In
conclusion, suggestions will be made of areas of plutonium chemis-
try that most urgently require further study.
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Estimated Free Energies of Formation, Water Solubilities,
and Stability Fields for Schuetteite (HgzO2SO,) and
Corderoite (HgsS:Cl:) at 298 K

GEORGE A. PARKS and DARRELL KIRK NORDSTROM'
Department of Applied Earth Sciences, Stanford University, Stanford, CA 94305

Mercury forms many double salts of which a few occur natu-
rally; these include eglestonite, Hg,40Cly and terlinguaite,
Hgo0Cl (1), schuetteite, Hg302S04(2), and corderoite, Hg3S2Cly (3).
Solubility and thermodynamic data useful in assessing the impor-
tance of these compounds in controlling the mercury content of
natural waters are lacking. Only an enthalpy of formation for
schuetteite is reported. We have estimated the standard free
energies of formation of schuetteite and corderoite by first esti-
mating their absolute entropies and the missing enthalpy of form-
ation of corderoite. Independent estimates were derived from
solubility data for schuetteite and from vapor-phase synthesis
data for corderoite. The two sets of estimates are compared and
the results were used to determine the stabilities of these miner-
als relative to the more common mercury minerals. The stability
field diagrams and solubilities are used to comment briefly on
conditions required for field occurrence.

Estimation of Entropies

The Debye theory of the heat capacities of solid elements (4)
yields an expression for their entropies,

S = 3R(nT - K, + Kl) 1)

2
in which Kj 1is a universal constant. Ky is a constant for each
element and is determined by the interatomic force constant and
atomic mass. Equation 1 assumes that the heat capacity and en-
tropy are dominated by vibrational contributions. Electronic,
disorder, rotational, structural, and mixing contributions are
small fcr most monatomic solids, and are neglected. Postulates

by Latimer (5) and Kopp (see Pitzer and Brewer (4)) make it pos-
sible to predict entropies of polyatomic solids or compounds.
Latimer assumed that the contribution of interatomic force
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constants to entropy was small, and postulated that the entropy of
each element in a solid compound could be approximately accounted
for by its mass alone,

S = RnM + s(; (2)

where Sg has the same value for all elements. Kopp proposed
that the heat capacity of a solid compound could be approximated
by the stoichiometric sum of the heat capacities of its constitu-
ent elements. On the basis of Kopp's postulated additivity of
heat capacities, Latimer suggested that the entropy of a solid
compound, MjAs , could be approximated by the stoichiometric sum
of the contributions of its constituent elements,

Smoa, = ISy T ISy . 3)
1]

Latimer used Equation 2 to obtain entropy contributions for cat-
ions and Equation 3, together with experimental entropies of
compounds and the cation contributions, to estimate anionic con-
tributions. Naumov, Ryzhenko and Khodakovsky (6) extended Lati-
mer's tables of constituent contributions. For estimating the
entropy of a particular compound with Equation 3, Drozin (7) used
anionic contributions derived from compounds of metals in the same
periodic subgroup rather than overall averages as Latimer (5) had
used. Equations 2 and 3 can be combined to express the entropy
of one compound in terms of another, thus

W
3 M
Swoa, TSy, TR _) . )

ij i™j W
N
Pitzer and Brewer (4) suggest this approach for estimation if
NjA; 1is similar, in terms of structure and properties, to MiAj.
This approach should minimize error arising in neglect of non-
mass-related entropy contributions.

If the heat capacities and entropies of solids are simply the

weighted sums of those of their elemental constituents, then the
entropy change should be zero for symmetrical reactions such as,

2HgX, + Pb,0S0, = 2PbX, + Hg,0S0 (5)

2 27774 4
in which the number of molecules produced is the same as the num-
ber consumed and the number of atoms in each product molecule is
the same as the number in a corresponding reactant molecule (7).

X 1is a monovalent anion in Equation 5. Using this principle, .the
entropy of HgZOSO4 is given by

S =5 - 25 + 28 (6)
Hg,0S0, 1>bzoso4 PbX, HgX
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and can be estimated if the other entropies are known. This meth-
od should yield results similar to those obtained with Equation 4
but could introduce greater error since close similarity in struc-
ture and properties among four compounds of two different types is
unlikely. For this reason Drozin (7) suggests using compounds of
metals in the same periodic subgroup in comparisons utilizing
Equation 6.

Tests of Estimation Methods

Equation 3. We estimated the error to be expected in the use
of Equation 3 by comparing empirical entropies with those calcu-
lated using contributions tabulated by Latimer (5) without modifi-
cation. The empirical data were taken from Hepler and Olofsson (8),
Robie, Hemingway and Fisher (9) and the National Bureau of Stan-
dards Technical Note 270 series (11). Data for mercury are listed
in Table I. Empirical and calculated entropies are compared

Table I. Thermodynamic Propgrties of Mercury Minerals
and Compounds at 298.15K, Including Estimates.

o o o

s°, ;o AG°,
IK tmo1”t KJ mol KJ mol ™t
Hg(R) + 76.02 0.0 0.0
1e2* (aq) - 36.23 +170.16 +164.703
montroydite HgO(c,red,orth.) + 70.29 - 90.83 - 58.555
calomel Hg2C12(c) +191.42 -265.579 -210.773
HgClz(c) +146.0 -225.9 -180.3
cinnabar HgS(c,red) + 82.4 - 54.0 - 46.4
corderoite HgBSZCIZ(C) [301+17] [(<=396.)] [(<-332.)]
Hg2804(c) +200.66 -743.58 -626.34
HgSO4(c) [142] -707.5 [-594.]
schuetteite Hg302804(c) +208 to -932.4 -737 to
[269+21] [-752]

Data from Hepler and Olofsson (8), including estimated entropy
and AG for HgSO, (c), unless otherwise specified. Brackets denote
estimated entropies; parentheses denote estimated enthalpies of
formation.
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visually in Figure 1, using calcium, mercury and lead as test cases.
The slope and intercept in each case are statistically indistin-
guishable from 1.0 and 0.0 respectively, as required by Equation 3;
there is no justification in these data for use of an empirical
correction to the calculated entropy. The standard error of the
estimated entropy is about 17 JK=! mol-l(at a 95% confidence level)
for mercury compounds.

If anionic entropy contributions are calculated from Pb(II)
compounds alone instead of using Latimer's average anionic contri-
butions, the standard error of the estimate for mercury compounds
remains about the same. No significant improvement is obtained by
using the constituent contribution suggested by Naumov et al. (6).

Equation 4. Among the heavier elements in the B subgroup of
the periodic table, thallium, lead, and bismuth are notable be-
cause their compounds resemble those of the elements with atomic
numbers two lower; thus the properties of Pb(II) compounds are
similar to those of Hg(II) compounds, etc. (12). For this reason,
we have chosen Pb(II) compounds as the principle bases for estima-
tion of entropies of Hg(II) compounds with Equation 4,

To estimate the error expected in predictive use of Equation 4,
we attempted to fit a straight line to the empirical entropies of
Hg(II) compounds as though they were functions of the entropies of
the corresponding Pb(II) compounds, as required by Equation 4. The
slope should be 1.0 and the intercept, 1.5R&n(Wy/Wy), if the k'
term is small for pairs of compounds of similar properties 4.

Results of these tests are shown in Figure 2. We found no
statistical justification in any case for slopes different from 1.0.
Using the Student-t test, there is no statistically significant
difference, at the 90% confidence level, between the observed in-
tercept and the atomic weight in Equation 4 for the Hg/Pb or Hg/Zn
data sets. The standard error of an estimated entropy, using
Pb(II) compounds as references, is about 21 JK! mol~! (at 95% con-
fidence level).

Equation 6. The entropy of schuetteite was estimated using
the entropy of the corresponding lead compound and the entropies
of the oxides, chlorides, bromides, iodides, and sulfides of Hg(II)
and Pb(II) as the binary salts in Equation 6. There are insuffi-
cient data to estimate the error expected in estimated entropies
for mercury compounds by this method. Instead, we will arbitrarily
assi%n Drozin's estimate of the probable error, or about 17 Jk-!
mol™' (at 95% confidence level).

Estimates. Entropies estimated for schuetteite and corderoite
with Equations 3, 4, and 6 are summarized in Table II. A simple
average was chosen, rather than an average weighted to reflect ex-
pected errors, because the three estimates contain different
sources of error. These averages are listed in Table I.
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TABLE II. Entropies of Hg(II) Compounds Estimated With Equations

3, 4, and 6.
() =1 =1
8298 J deg™! mol
Eqn. 3 Eqn. 4 Eqn. 6 mean

Schuetteite
HgSOA'ZHgO 269.4+17 274.5%21 263.6+46 269.0+21
Corderoite
HgClz'ZHgS 302.9+17 e e 302.9+17

Enthalpy of Formation

An experimental value for the standard enthalpy of formation
of schuetteite is available; it is given in Table I. No enthalpy
of formation is available for corderoite.

Many methods of estinating enthalpies of formation of binary
compounds have been proposed (see, e.g., 13). Wilcox and Bromley
(lé), treating complex compounds analogous to corderoite as double
salts, e.g.,

HgBS C1 = 2HgS - HgCl2 ,
suggest accepting the stoichiometric sum of the enthalpies of for-
mation of the parent salts, for brevity designated "IAH", as an
estimate of the enthalpy of formation of the compound, thus

o egt o o ~
BH (Hg ,5,C1,) 20H7 (HgS) + AHj(HgCl,) = IAH. )

We have compared XAH with the corresponding experimental
AHf for Pb(II) and Hg(II) oxide salts. In all cases, LAH is
less negative than the experimental AHf ; we designate the differ-
ence "AAH". AAH 1is plotted as a function of the mole fraction
of MO in the salt in Figure 3.

We will base our estimate of AH on the sum of ZIAH and an
estimated AAH . It is difficult to estimate AMH  for 2HgS°HgC12
because we have no experimental data for sulfide-containing doublé
salts. As a f1rst approximation, we have chosen to set AAH =
-41.8 kJ mol', the most negative value observed for the analogous
oxide salts. The resultant AHg is -381 kJ mol~!; this will be
revised after consideration of other data.
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Free Energies of Formation

For the two compounds of interest we estimated AGf 208 >
using the equation

Ac® = AE® + TAS® (8)

with tabulated or estimated entropies and enthalpies.

Schuetteite. AGf ,298 for schuetteite, estimated from Equa-
tion 8 is -751.6 * 8.  Another estimate can be derived from pub-
lished solubility data. Cameron (15) synthesized Hg302504 by
reacting solid HgSO, with water. He determined the solubility of
the material as prepared and after drying at 100°C. Vosburgh and
Lackey (16) determined the solubility of Hg30750, in sulfuric acid
solutions. In both investigations, the solid was characterized
only by its chemical analysis, and very little information was
provided about solution compositions. The data of Vosburgh and
Lackey are summarized in Table III. We have used these data to
calculate estimates of the solubility product of schuetteite
written for the reaction

Hg,0,50, + 2H,0 = 3Hg++ + 4OH + soz 9)
for which Kg, = (Hg ) (OH-)A(SOZ) 0f course the equilibrium
solution contalns hydroxo sulfato complexes of mercury and HSOy

as well as HY, OH™ and 804. The individual activities of the free
ions, Hg++, SOZ, and OH™ are needed to derive a value for KSo
These were calculated from the analytical solution compositions
given in Table III using the computer program MINEQL (Westall,
Zachary and Morel (17)) with stability constants selected from
Martell and Smith (18). MINEQL corrects for all hydrolysis and
complexation and for computed ionic strength. The resulting
values of Ky, are listed in Table III. The solubility data re-
ported by Cameron (15) were rejected because our calculations
showed his solutions to be much oversaturated with respect to HgO.

TABLE III. Solubility (Vosburgh and Lackey (16)) and Calculated
Solubility Products for Schuetteite

. . -1 .
Experimental concentrations, mol dL ~, for four experiments:

Total dissolved Hg, 0.007 0.0203 0.0131 0.001

Total sulfate, 0.0129 0.1518 0.0998 0.0123

Initial HZSO4 added, 0.0127 0.1450 0.0954 0.0119
Calculated:

Ionic strength, I, 0.026 0.22 0. 0.025

log, o (vy) - 0.07 - 0.14 - 0.13 - 0.07

logloKSO(I + 0) —58.93 -57.89 —57.86 —58.34
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The AG? corresponding to our average Kg, 1is «737.g * 4.o,
which is considerably less negative than the value estimated with
AH% and our estimated entropy. The entropy that schuetteite
would have to have if AG% were -737.g and the NBS value for
AH% were correct is between 208 and 237 J K-! mol~!, the range
reflecting probable error in the solubility data alonme. This
value differs from our estimated value by more than our expected
error, leading us to suspect possible error in either the solu-
bility data or the NBS AH% in addition to error in the estimated
entropies. Ordinarily we would prefer the experimentally based
AG° derived from Kg, over an estimate, but in this case there
is suff1c1ent questlon about the experimental methods (e.g., no
test for equilibrium is described) that we prefer to select a
probable range for AG2 , -737 to -752 kJ mol~l.

Corderoite. The free energy calculated from estimated entro-
py and enthalpy of formation for corderoite is -317.6 kJ/mole.

Carlson (19) synthesized corderoite using the reaction,

3HgC12(g) + ZHZS(g) = HgBS Cl (s) + 4HCl(g) (10)

and used the conditions required for the reaction to proceed to
calculate an approximate value for the free energy change associ-
ated with the process, =159.8 kJ mol~! at 575°K. With this value and
high temperature free energy data for the other reactants (9,20)

we calculate AG% 575 = -274.9 kJ mol”! for corderoite. Finally,
using this free efergy of formation, our estimated 8298 , heat
capacity data (9,21), and the assumption that the heat capacity

of corderoite is the stoichiometric sum of the heat capacities of
HgS and HgCly, we calculated an estimate of AG ,298 = -332.2 kJ
mol~!. Errors arising in estimates of entropies and heat capaci-
tles are likely to be smaller than those ar151ng in estimates of .
AH , thus we believe that this value of AGf contains less ya
error from this source than the preceding estimate, -317.6. How=
ever, because Carlson provided no evidence that equilibrium was
achieved in his experiment, -332.2 should be considered a limit

to AGf 3 the true value is probably more negative If -332.2

were the correct AG§ , and our S° correct, AHf would have the
value —395.9 kJ mol~1; we consider this a more reliable estimate
and include it in Table I. /

As for schuettelte, it should be possible to derive another
estimate of AGY for corderoite from published solubility data.
Karoglanov and Sagortschev (22) describe a series of experiments
in which an alleged Hg4S9Cl, was synthesized by mixing solutions
of mercuric chloride with solutions of sodium sulfide. The solid
was not analyzed; its composition was inferred from the amounts of
reagents added, the composition of the final solution and the
assumption that all sulfur was precipitated. No details of method,
such as measures taken to prevent loss or oxidation of HjS, are
provided. Providing no details whatever, these authors report
that the solubility of 'pure" Hg3SyCly is 0.0097 g per litre of
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water at 22°C. Owing to the lack of analyses for dissolved sul-
fur and the high probability of error due to oxidation or vola-
tilization of H9S, we chose not to calculate serious estimates of
Kso and AGE for corderoite from these data.

We are left with the conclusion that AG% 298 for corderoite
is probably more negative than -332 kJ/mole.

Discussion

Because mercury forms relatively stable hydroxo, sulfato,
and chloro complexes in solution, the solubilities and relative
stabilities of mercury minerals depend heavily on ambient solu~-
tion compositions. Figure 4 illustrates the calculated effect of
pH and total sulfate on the solubility of schuetteite. The curves
take into account all complexes for which data are available in
Martell and Smith (18) and precipitation of HgO; they cross when
changes in solution composition result in changes in dominance
among complexes. Schuetteite is quite soluble relative to HgS and
elemental mercury under common conditions.

Tentative stability field diagrams illustrating conditions
under which HgSO,, schuetteite, and corderoite are likely to form
are given in Figures 5 and 6. These diagrams were constructed
using our estimated free energies of formation together with other
required data from Hepler and Olofsson (8) and Robie, Hemingway,
and Fisher (9) and methods described by Garrels and Christ (23)
and Stumm and Morgan (24).

HgSO4 is unlikely to be found in nature, first, because it is
unstable with respect to the oxide sulfates except under unrealis-
tically high SOZ and H™ activities and, second, because it is so
soluble (log Keo = -2.8).

Formation of schuetteite requires acid, oxidizing conditions,
as suggested by Bailey, et al. (2). However, these conditions are
not unduly restrictive and might be expected in or near oxidizing
sulfide ore deposits, mine dumps, or smelter waste (calcine)
dumps (23,24). The solubility of schuetteite is high relative to
that of the common rock formZn% minerals and heavy metal sulfides,
i.e., a minimum of about 10~*-2 molar or roughly 10 mg Hg per
litre. This solubility is not high with respect to that of some
other common oxidized minerals however. The minimum solubility of
gypsum, for example, is about 10~3:6 molar (as total dissolved Ca).
Schuetteite may be more common than has been observed in oxidized
zones of mercury deposits high in iron sulfides; it could easily
be missed by visual inspection of samples containing jarosites or
hydrous Fe(III) oxides.

The conditions needed for formation of corderoite required by
our estimated AG% (Figure 7) are incompatible with any realistic
natural environment. A combination of low pH and mildly reducing
conditions with a high ratio of chloride to sulfide or sulfate is
conceivable in the anaerobic sediments of closed-basin lakes, but
the lowest pH would be closer to 4 than to 2.5. The AG? of
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corderoite must be 40 kJ mol ! more negative than we have estimated
if the stability field for corderoite is to extend to pH values as

high as four under the conditions of Figure 7.
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Symbols
I Ionic strength mol dL-1
AGE Standard free energy of formation
AH? Standard enthalpy of formation
KSo Solubility product . -1
R Gas constant, 8.31 JK = mol
s° Standard ent]:'opy,JK-1 mol_1
T Temperature, K
Y Atomic weight
Yq Activity coefficient of monovalent ion
Abstract

With published and estimated entropies and enthalpies of
formation, we have estimated free energies of formation of
schuetteite (Hg302804) and corderoite (Hg382012) at 298°K. These
estimates were compared with others based on the solubility of
schuetteite and conditions of vapor phase synthesis of corderoite,
to yield tentative selection as follows; AGC = -737 to -752 kJ
mol~! for schuetteite and AG% < =332 kJ mo’l:'1 for corderoite.
Tentative water solubility curves and stability field diagrams
derived from these data indicate that schuetteite should form only
in acid, oxidizing, high sulfate, low chloride conditions such as
are found in acid mine waters, while corderoite requires extremely
acid, mildly reducing, low sulfur, high chloride conditions unlike-
ly to be found in nature.
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Techniques of Estimating Thermodynamic Properties for

Some Aqueous Complexes of Geochemical Interest
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A host of variables can influence the stability of an aqueous
complex relative to its uncomplexed addends. Among these are:

(a) the valences of the addends; (b) their distance of approach
in the complex; (c) the degree of covalency of their bonding; (d)
the number of ligands coordinating the cation or cations in the
complex; (e) the packing arrangement of cations and ligands in
the complex; and more subtle considerations, including (f) the
polarizability or deformability of the electron cloud surrounding
the addends; and (g) ligand field effects for transition metal
complexes in particular (5, 6). Of these, the most important
variables are the valences of the addends and their separation
distance in the complex. As a rule, the stability of complexes
formed with a given ligand increases with cation valence and de-
creases with cation radius. This is expected, based strictly on
Coulombic arguments. Equations to predict the thermodynamic
properties of complexes as functions of valence of addends and
the reciprocal of their radii or separation distance abound in the
literature. The best known of these are the simple Coulombic
expression of Denison and Ramsey (7) and the equations of Bjerrum
and of Gilkerson and Fuoss (8, 9). As the covalency and polar-
izability (etc.) of associating addends increases, however, the
simple Coulombic models tend to fail. They do, nevertheless still
suggest limiting values for the thermodynamic properties of com—
plexation. Because of their convenience and general utility, the
simple charge-distance equations are discussed at some length in
this paper in connection with free energy and entropy data for
sulfate, fluoride, and phosphate complexes.

Predicting the stability of complexes which owe their ex-
istance to important non-Coulombic contributions can be difficult.
Where increased covalent bonding between cations and a given
ligand is involved, plots of stability versus ionization potential
or electronegativity (EN) of the cation are sometimes useful (5,
10). 1In any case, the best general approach is to compare the
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stabilities of complexes formed with a common ligand where the
cations considered exhibit similar or systematically trending
behavior in complexation. Here, classifications distinguishing
cations and ligands are useful. These include the class A, B,
and C cation groupings of Schwarzenbach (2), and the hard and
soft acid and base designations of Pearson (3) and Ahrland (4).
A variety of estimation and correlation techniques are pre-
sented in this paper. They include plots involving the thermo-
dynamic properties of metal complexes with the ligands HCO4 ,
0032-, 5042‘, OH , SH , the halogens (especially F ), and H,POy4
(n = 0-3), plotted against, for example: (a) the value of n in
HnPO43_n; (b) the EN of the cation or EN order of ligands; (c)
the ligand number (for complexes of U and Th); and (d) z+z_/d,
where z4 and z_ are the valences of the cation and ligand,
respectively, and d their distance of separation in the complex.
The thermodynamic data plotted in the figures or discussed
in the text have been obtained from references including Yatsimir-
skii and Vasil'ev (11), Ringbom (12), Sillén and Martell (13, 14),
Christensen et al. (15), and Smith and Martell (16). Other
sources have included Wagman et al. (17) for thorium complexes,
and Langmuir (18) for uranium complexes. Whenever possible, the
thermodynamic data are for 25°C and zero ionic strength (I = 0).
When stability constants were reported for higher ionic strengths
but could be corrected to I = 0, this has been done, using the
extended Debye-Huckel equation or mean salt calculations (10, 19).

3-n

Complexes Formed by Hydrolysis of Cations

An appreciation of the nature and stability of complexes
formed by hydrolysis of cations is important because: 1) such
complexes are the predominant forms of occurrence and transport of
many cations in natural waters; and 2) the occurrence of impor-
tant amounts of other types of complexes involving the same
cation requires that their ligands compete effectively with the
ligands formed by hydrolysis of the cation. In general, hydro-
lysis of monovalent and divalent cations produces H20-cation
complexes or aquo-cations. In contrast, smaller cations of val-
ence 3+ to 6+ usually exist as OH-or 02-- cation complexes in
water. + +
The larger monovalent alkali metals Rb and Cs (6-fold
crystallographic radii of 1.47 and 1.67 A, respectively) are
thought to be essentially unassociated with water molecules (1).
However, the smaller monevalent and most divalent cations form
strong aquo-complexes. Thus, the reaction

2

+ +
Mg~ + nH20 = Mg(HZO)nZ

has a Gibbs free energy (AGO) of about -460 kcal/mol. (Here, n
corresponds to the number of water molecules in two layers of
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coordinating water (1)). For most cations, the immediate hydra-
tion envelope around the cation contains six water molecules (20).
In this first envelope, the water dipoles are oriented with their
oxygens towards the cation and protons away (21). Second and third
layers of water may also be significantly associated with the
cation, although these are more loosely held. The strength of
bonding between the inner sphere of water dipoles and a positively
charged core ion increases qualitatively as the charge density
of the core ion increases. The direct dependence of charge
density on the valence (z+) and its inverse dependence on ionic
radius (r, in Angstroms) has led to the concept of ionic potential
(Ip) which is defined as zy/r. The valence of most geochemically
important cations or cations in their oxy- and hydroxy-complexes
is plotted against the cation radii in Figure 1. Most of the
radii are from Shannon and Prewitt (22) and, when the data exist,
are for the cations at their appropriate coordination numbers
with oxygen or hydroxyl. The plot shows, in general, that at pH
values between 2 and 12 and at 25°C, the larger monovalent and
divalent cations occur as simple cations or aquo-iomns. If we
define a hydroxycation as a cation whose first. OH complex pre-
dominates over the unhydrolyzed cation at some pH below 7, then
Be, Cu, Sn, Hg, and Pb are all hydroxycations (23).

With increasing ionic potential of the cation, OH and then
0 —bonding of the core cation becomes important. The OH and

02--bonded cations become predominant forms even in very acid

waters. For the oxycations (e.g., UOj + s V02+) and oxyanions
(e.g., SO4 , P043 , C032 ), the cation-oxygen bond is a strong
covalent one, so that these complexes persist as such in most
reactions that form larger complexes. However, for di- and tri-
valent cations, the hydroxy complexes may be less stable than
complexes formed with other ligands. The dashed lines in Figure
1 are drawn to roughly separate grougg of cations by their ten-
dency towards formation of OH™ and O complexes in water. These
lines clearly do not yield groupings based simply on ionic poten-
tial, which would plot as straight lines passing through zero
for both variables in Figure 1.

The stoichiometries of known or presumed complexes formed
by hydrolysis of cations have been listed in Table I. The best
discussion of the stabilities and behavior of most of these
species is given by Baes and Mesmer (23).

Inner and Outer Sphere Complexes

As noted above, most metal cations in pure water are complex-
ed with H20, OH , or 02=. TFormation of a complex with another
ligand then may involve displacing one or more water molecules
from the coordination sheath of the cation by the ligand. Thus,

M(H,0) + L = M(H,0) L+ H)0

When one or more hydration spheres remain after complexation, then
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Valence of

core catio

1:

2+:

4+

5+:

6+:

Species formed by hydrolysis of cations in water at
25°C, and pH 2-12. Only species which may exceed 10%
of the total core cation concentration are listed.
Cations are written as free species if they occur
chiefly as such in the pH range 2-12. When a cation is
less stable than its hydroxy or oxy-complex at a pH
below 7, the hydroxy or oxy-complex is listed instead
of the free cation. Most of the free cations occur as
HyO-complexes. Elements such as Cu(II), Fe(III) and
Th(IV) which form polymers, are assumed to occur at <
10-5 molal total concentrations. Brackets enclose
possible values of n and/or m. Most of the tabulated
species are discussed by Baes and Mesmer (23).

n Cations and complexes

Ag, Au, Cu, Hg, K, Li, Na

Ba, Ca, Cd, Co, Fe, Mg, Mn, Ni, Pt, Ra, Sr, Znj;
Be (OH)2™1[0-4], Cu(OH)z'n[O~4], Cu2(0H)2+, Hg (OH 20
[0-3], Pb(OH)z“n[o 3], Pb (OH) +, Sn(OH)ﬁ"n[o-3].

AL(0H) 37"[0-4], AsO+, As(ou)3'n[3 471, Au(OH)g'n[2~4],
B(OH)3 03 47, B1(OH)3 n[0-4], Bi (OH)12,

Bi (0H)27 n[20-22], Cr (on)n "o-41, Cr3(OH)5+,
Fe(OH)3‘n[0 4], H NO% -n [0,1], La3t, Mo3t,

Sb(OH)3 n[2-4], v<ou)3‘“[o -3].

4=-n

H C02~n[0 -21, H so§~n[o 1], H Se02-n[o 2], H sloh

[2 4] Pb(OH)4“n[3 -671, Pt(OH)4'n[l -47] Sn(OH)4
Te(0m) 413, 4], TeO(OH)n‘4[2 3], VO(OH)2 no,17],
Th(OH)4 n[0-4], Th, (0§, Ti(OM)4™ [2-4], U(OH)}™®
[1-5].

2 b

n-310_ n-310_ n=-3,_
H_As0973[0-3], H_PO?~3[0-3], H VO} "[1-4], IO

Sb(OH)i"“[5,6], Uo;.

3> NO3

H Croz“n[o 1], H Moo2 "[0-2], H_ 50270(0,1], H_Se0Z™™

4 4 4
[0,1L HDWOZ n[Q- 2], MnOZ", Te0_ (OH)6 -2n-m [nm = 06,
15, 24], (UOZ)n(OH)in ™ [om = 10, 11, 22, 351,
6...
W19939"

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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the complex is called outer sphere or an ion pair. Bonding is
chiefly long range and electrostatic. The ion pair may persist
through a number of collisions with water molecules. Examples

of ion pairs are most monovalent and divalent oxyanion complexes0
formed with alkali metals and alkali earths (for example, NaHCOj3 ,
SrC04°, CaN03+, and MgHP0,4®). The list also includes most mono-
valent and divalent metal sulfate and chloride complexes. Avail-
able data suggest the following log Kyggo. Values for ion pairs:
ML pairs "0 - 1; MLy or MyL pairs ~.7 - 1.3, and MpL, pairs 2.3

- 3.2. For ion pairs, Kaggoc values tend to be roughly constant
for a given ligand with metal cations of identical valence and
roughly the same size. For example, the divalent metal sulfate
ion pairs formed with Ca, Mg, Ni, Zn, Cu, Co, Cd, Mn, Fe, and

Cu have log K550, values from 2.28 to 2.35 (see Figure 2). This
behavior reflects the largely electrostatic attraction between the
ions, nearly independent of the detailed electron configuration
of the cation (1).

When complexation involves displacement by the ligand of
water molecules immediately adjacent to the cation so that the
ligand contacts the cation, the complex is called inner sphere.
Such complexes are generally more stable than outer sphere com-
plexes or ion pairs. Actually, there are no pure '"inner" or
"outer" sphere complexes. For example, even in SO, complexes of
Be, Mg, Zn, Ni, Co, and Mn, about 10% of the bonding is inner
and 907% outer sphere. For Cr3*-sulfate, the proportions become
more than 70% inner and 30% outer sphere (1).

Electronegativity

Pauling (24) has defined electronegativity (EN) as the power
of an atom to attract electrons. The concept is useful in com—
paring stabilities of inner sphere complexes when their bonding
is significantly covalent. The degree of covalency (as opposed
to ionicity) of bonding in the complex increases as the differ-
ence in EN (AEN) of the cation and ligand approaches zero. Based
on bonds in crystals, Pauling computes that roughly when AEN <1.7,
covalency predominates over ionicity. Electronegativity data for
monatomic cations and ligands are available in Pauling (24),
Gordy and Thomas (25), Allred (26), Wells (27), and Rosler and
Lange (28). Unfortunately, such data are mostly lacking for poly-
atomic cations and ligands, although EN may be estimated or
computed for such species from mineral solubility products (29).
In the absence of such data, plots of stability constants for
isostructural metal complexes formed with a common ligand against
EN values for the metal ions are still useful. As shown in
Figure 2, the stability of divalent metal complexes with HC03-
and 3042' is practically independent of cation electronegativity,
whereas the metal complexes formed with HPO42~ and CO32' are in-
creasingly dependent on EN, particularly for EN >1.5. Based on
the relative solubilities of their salts, EN values for 0032’,
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Figure 2. Stabilities of some 1:1 oxyanion complexes plotted against the electro-

negativity of the cation. Literature data have been corrected to 1 = 0 when

necessary. Lines through the data for HCO, and SO,*” complexes are for mean

values. Curves drawn through the HPO,* and CO,* data have no statistical
significance.
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HP042', and 8042' should decrease from near 4 to about 3 in the
order 8042' > HP042‘ > CO32‘. Thus, covalency of bonding should
be least for the sulfate complexes and greatest for the carbonate
complexes, which are apparently for the most part of inner sphere
character for cation EN values above 1.5.

For the alkaline earths, bonding with all four ligands
shown in Figure 2 is largely ionic (i.e., independent of EN) be-
cause of their predominantly outer sphere character. The slight
decrease in stability of these complexes generally, from Ba
through Be, may reflect the ligands' closer approach to the
relatively unhydrated Ba ion (Ip = 1.5), a proximity not possible
in the case of Mg (Ip = 3.0) or Be (Ip = 5.7). These smaller
ions strongly retain their waters of hydration in complex form-
ation.

Schwarzenbach's and Pearson's Classifications

There are no simple rules involving addend size, valence,
Ip, or EN that can explain all the observed stabilities of com-
plexes. However, further insights are provided through
approaches suggested by Schwarzenbach (2), and Pearson (3) and
Ahrland (4). Pearson and Ahrland classify cations and ligands
as 'hard' or 'soft' acids or bases. Soft infers the species'
electron cloud is deformable or polarizable and may enter into
electronically unique states in complexation. Hard addends are
comparatively rigid and non-deformable and show an absence of
electronic interactions in complexation.

Schwarzenbach (2) (see also Phillips and Williams (30);
Nancollas, (1)) defines three classes of complexes. Class A
includes metal cations which have noble gas configurations.
These are listed below.

Cation (increasing covalency.__5 ) Atomic Configuration
+ 2+

Li , Be He
Na+, Mgz+, a¥t g > Ne
K, ca?t, sc¥t, it 3|8 Ar
Rb+, Sr2+, Y3+, Zr4+ E g Kr
Cs+, Ba2+, La3+ e Xe

Class A cations have spherical symmetry and low polarizability and
thus are 'hard spheres' (3l). Pearson's hard acids include the
above, but also MnZt, U0,4™, vo2+t, cr3t, Fe3+, 003+, Ga3t, Si4+,
U4+, and Th4t. These cations tend to form largely electrostatic
bonds with ligands, especially when the ligands are hard (have low

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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polarizability) and the cations monovalent or divalent. Important
complexes are formed with hard ligands F , Ho0, and OH™. Carbon-
ate and bicarbonate complexes are also important but only for the
monovalent and especially divalent cations. The stability of_
complexes is generally in the order OH >F , 0032'>HP042‘>>N03

and P043:>>HP942‘>SO42‘. Complexes are usually not formed with S,
N, C, C1 , Br , or I7, because these species cannot compete with
Ho0 or OH . Complexes probably increase generally in stability in
the order I <Br~<Cl™<F~, although data are mostly lacking for the
extremely weak I~ and Br complexes.

Because bonding is in large part electrostatic, when a single
ligand is considered, Kyggoc Values are usually proportional to
z+/r+ or to z+z_/(r+ + r_) where the + and - subscripts denote
cation and ligand charge and radii respectively (30). As z4/r4
(Ip) values increase, however, covalent bonding becomes important.
For example, important covalency and cation deformation oceurs
when complexes are formed with Belt or species such as Fe3 s Al3 N
and U4t ®).

Schwarzenbach (2) defines class B metal cations as those
with electron configurations of Ni©, Pd©O, or Pt© (31). The group
includes Cut, Ag", Aut, zn?+, cd?¥, Hg2+, Ga3*, 1n3F, T13% ana
§gﬁ+. Here and below the underlined species are the most impor-
tant geochemically. Class B cations are considered soft spheres
and are highly polarizable. Sometimes included in the list are
Tl+, Sn2+, Pb2t, and Bi3*. Pearson (32) prefers to treat In3* as
a hard acid species, and zn?t, Pb2%, sn2+, and Bi3* as "border-
line" rather than truly soft or hard cations. Class B cations
form largely covalent bonds in complexation, so that the stability
of their inner sphere complexes tends to increase with decreasing
AEN values between the cation and ligand. Thus, stability con-
stants for the monovalent cation complexes and Pb2+, Cd2+, and
Hg2+ complexes increase in the orders F~<C1~™<Br—<I~ and F <OH™
<SH™<S2~ (see Figures 3 and 4). For Sn2t, zn2*, and In3*, com-
plex stabilities are reversed for the halogens and increase in the
order I7<Br <Cl <F <OH™. The latter three cations thus exhibit
behavior more akin to cations of the class A group. As shown in
Figure 2, the diva%ent class B cations form 8042‘ complexes and
probably also HPO44~ complexes.

For the reacﬁion 2cut = cu® + Cu2+, K = 100 = [Cu2+]/[Cu+]2,
so that Cut is relatively unimportant in solution. It occurs,
however, in sulfides such as CuZS(KSp = 10'48-5, (16)). In so-
lution, Cu+ and Ag wusually form four-coordinated complexes. Aut
is unimportant in natural waters.

Class B metals generally yield their strongest complexes
when they associate with deformable or polarizable ligands such
as 17, SH™, Sz", Sez", and Te?~. These ligands are termed soft
acids by Pearson (32).

The transition element cations, which comprise class C (2),
have 0-10 d subshell electrons in the M shell (first series) or N
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Log Kgggoc Of 111 Complex (1:2 for Au* halogens)

I
I~ Br~ CI” F~ OH™ SH™ §%
Ligand

Figure 3.  Stabilities of some class B monovalent cation complexes at 1 = 0 based

on published data. EN values for Tl*, Ag*, Cu*, and Au* are 1.5, 1.8, 1.8, and 2.3;

of I, Br, Cl', F-, OH", SH-, and S* are 2.55, 2.8, 3.0, 3.95, 2.15, 2.3 (estimate), and
2.5, respectively (29).
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shell (second series), etc. These cations have partially filled
3d subshells either in the ground state or when ionized (Table II),
Moving across the periodic chart from Sc to Cu, protons are added
to the nucleus and electrons to the unfilled inner 3d subshell.
Attraction of these inner electrons to the nucleus leads to an
overall decrease in cation radii (Table III). The divalent ions
are generally 6-fold coordinated in complexes. Cu?t is an ex-
ception and, because of its small size and unique electronic con-
figuration, tends to occur in distorted 4 or 6-fold coordination.
Table III also lists Ip, EN values, and thermodynamic data for
divalent cations of the first transition series. The near con-
stancy of S° for the transition metal cations indicates that their
aquo-ion stability differences reflect chiefly AHsC differences.
Typically, the stability order for inner sphere M4* complexes
(Kagsoc values) follows the AGf©, £ and EN sequences for the
aquo-cations (11). Thus, for the M2+ cations of geochemical
interest, complex stabilities increase in the order Ca<Mn<Fe<Co<
Ni<Cu>Zn. This is the same as the order of increasing Ip, except
for Cu2+, which is preferentially stabilized in complexes because
of Jahn-Teller effects (6). The above sequence has been called
the Irving-Williams order. It is followed by stability constants
with the majority of ligands, including oxalates, citrates, NTA,
and EDTA (1, 11, 12), soil fulvic acid complexes (38), and also

by the stab111ty constants of the sulfide, telluride, and hy-
droxide minerals (16, 39). Although data are 1ncomp1ete, avail-
able stability constants for M2* - C032~ and HPO,2~ complexes
(Figure 2) appear to follow the Irving-Williams order.

The Irving-Williams order results from an enhancement of
stabilities for complexes formed with Fe2+, co2*, Ni2*, and Cu2t
because of electronic interaction between the cation and ligand,
i.e., ligand field stabilization energies, LFSE's (6). Such
effects do not occur with Mn?* or zn2% , so that their complexes
are generally less stable than those formed with Fe2t and Cu2t,
respectively. Accordingly, a plot of AG®, AHO, or log K,gq,
data for a particular 11 and agalnst atomic number will usuaily
show minima at Ca2+ and zn2t. LFSE effects will raise the
stabilities of intermedlate complexes above the line connecting
Ca2+, Mn2+, and Zn2%*. The Mn2+ to 7n2t portion of such a plot is
shown in Figure 5 for 1:1 M2t - on~ complexes. Stability data
for these complexes reported by Yatsimirskii and Vasil'ev (11)
and Hancock and Mariscano (40, not shown) follow the Irving-
Williams order. These authors suggest log Kzggoc values of 3.9
and 3.7 for FeOH', repectively, whereas data in Wagman et al. (36)
yield 7.2, with Baes and Mesmer (23) and Smith and Martell (16)
both suggesting 4.5. These latter three data sets violate the
Irving-Williams order, and, in addition, the sets of Baes and
Mesmer and Smith and Martell suggest no LFSE for Niont ,» which
seems unlikely. Whichever of these data are correct, it is clear
that Kaggoe for FeOH' from Wagman et al. (36) is too large.

Based on LFSE arguments, the stability constants of the tri-
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Log Kgggoc Of I:1 Complex

Ligand

Figure 4. Stabilities of some class B divalent cation complexes at 1 — 0 based
on published data. EN values for Hg?, Cd?, Pb*, Sn*, and Zn* are 1.8, 1.5, 1.6,
1.7, and 1.5, respectively (29).

Table II: Number of 3d electrons and common valence states in
natural waters of elements of atomic numbers twenty
to thirty. Parentheses indicate ion is rare or does
not exist in natural waters as a complex former.

No. of 3d
Element electrons (+) valence states Comments
Ca 0 2 ion is class A
Sc 1 3 jon is class A
Ti 2 2), (3), 4 4+ is class A
v 3 2’ 3, 4’ 5 I
Cr 5 (2), 3’ 6 ===
Mo 5 2, (3), 4 3+ in minerals only
Fe 6 2, 3 _——
Co 7 2, (3) 3+ in minerals only
Ni 8 2 —_—
Cu 10 1, 2 1+ is class B
Zn 10 2 1+ is class B

In Chemical Modeling in Aqueous Systems; Jenne, E.;
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valent transition metal complexes often follow the Irving-Williams
order Sc<Ti<V<Cr<Mn>Fe<Co<Ni<Cu>Ga (11). For the trivalent ions
stable in nature waters, AGg®, AHfC, and EN data suggest the
order of increasing complex stabilities should be V<Cr<<Fe<Co>>Ga.
Among the trivalents, Sc3t, Fe3+ , and Ga * form the sequence of
minimal complex stablllties, reflecting tHe absence of LFSE
effects, with intermediate cation complexes having greater sta-
bilities because of such effects.

Exceptions to the two Irving-Williams orders for inner sphere
complexes occur particularly when complexes with more than four
ligands or large, assymetric ligands are compared (12). Stability
constant sequences for weak outer sphere complexes, such as are
formed with chloride (41) and fluoride (16, 40), do not obey the
Irving-Williams orders. o 34 34

As noted earlier, Pearson (3) lists cations Mn~ , Ga~ , Cr~ ,
Co”', and Fe3" in the hard acid class. The divalent cations Fe,
Co, Ni, and Cu are described as "borderline" between the hard and
soft acids.

Some Thermodynamic Considerations

The stability of a complex is usually described by its Kyggoc
value, where Kyggoe = [ML]/[MI[L] for a 1:1 complex, AG® = -RTIn
Kassocs and AGO = AH® - TAS®. The stability of the complex de-
pends on the relative and absolute contributions of AHO and AS°.
Ahrland (4) observes that the strongest complexes are formed by
the association of hard acid cations and hard base addends, such
as F~, OH , and 02', or by soft acid cations and soft base addends,
such as Sz', Se“”, and I°. Bonding in hard acid-hard base com-
plexes is largely electrostatic and reflects a predominant +AS®
and usually minor +AH® (endothermic) contribution to complexation.
On the other hand, bonding in soft acid-soft base complexes is
largely covalent, and the stability of the complex results from
a large -AH® (exothermic) contribution. The ASC term is usually
small in this case and may be of either sign. Complexes formed
between hard-soft or soft-hard addends are generally weak.

Because most common species of geochemical interest are hard,
the stability of complexes usually reflects a +AS® contribution to
their formation (42). This entropy effect can be qualitatively
described in terms of structural changes consequent to complexa-
tion. Thus:

o _ o o o o o
As” = ASnet chg + AStr + ASrot + ASvibr + ASdehydr
) )] D) + )

where the signs in parentheses indicate the usual contribution of
each term. There is an entropy reduction (ASonet chg) due to the
decrease in number of charged particles. Some of the translation-
al gntropy (AS tr) in the addends 1soconverted to vibrational
(AS”y4ipy) and rotational entropy (ASorot) in the complex. However,
the chief effect is usually the + AS gehydr term which reflects
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partial dehydration of the cation and/or ligand. Complexation
leads to a breakdown of the structured water of hydration around
the separate addends, with a resultant decrease in the order of

X . 0 . .
the ‘solution. Accordingly, the +ASdehydr term is proportional to

the number of water molecules displaced by the ligand. Thus,
Asdehydr (and +As° total) is greatest for multivalent ion complex-

ation, since these species are initially the most hydrated. If
little or no coordinating water is eliminated in complex formation,

a net -As® may result because of the contributions of -AS
net chg

o
and ~AStr. This is the case with cation-neutral ligand complexes,

which consequently are weak. For the same reason, As® is less
positive iIn ion pair formation than in inner sphere complexation.

The +AS~ term is usually greatest for the addition of the
first ligand to the cation, decreasing for each additional ligand.
Chelates (such as EDTA) are ligands that can bond the cation via
more than one electron-donating atom in the ligand. This usually
frees several cation-coordinating waters and so yields a large
+AS~ contribution to complex formation (6, 43).

Correlation or Comparison Methods and Plots

Nieboer and McBryde (44) have developed what they term a
correlating numerical index Q, which is a function of the ionic
charge and electronegativity of a particular metal cation, and of
the type of ligand complexing with it. Linear relations are ob-

tained when Q is plotted against log Kassoc values for complexes

formed by more than thirty-six metal catioms, and ligands that
include the halogens, OH , and a number of organic anions.
Nieboer and McBryde show that Q is directly related to the hard-
ness or softness (3, 4) of the cation, and to the thermodynamic
properties of the complex.

Other researchers have derived equations to predict the
thermodynamic properties of complexes based on the degree of soft-
ness or hardness of their addends. The earlier work in this area
is reported on in papers collected by Pearson (3, 45). More
recently, such research has been continued by Hancock and
Marsicano (40), among others. These authors (see also Drago et al.

in Pearson (3)) have suggested equations of the form log KaSSOC

(or -AHO) = CACB - EAEB’ where C and E are the contributions of

covalent and ionic bonding, and subscripts A and B denote the acid
and base, respectively. The right-hand terms are established
empirically. Hancock et al. (46), Hancock and Marsicano (40),

and Marsicano and Hancock (47) have used graphic methods to corre-
late the thermodynamic properties of metal complexes in terms of
differences in the hardness or softness of the metals and asso-
ciated ligands. Stability constants have been so correlated for

+ +
Ag , Au+, Cu+, Cu2+, Coz+, Hg2+, Fe3+, and Bi3
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Log Kaesoc of First Hydroxy Complex

Figure 5. Stability constants of 1:1 hydroxy complexes of divalent metal cations
of the first transition series. ([]) Wagman et al. (36); (X) Baes and Mesmer (23);
(®)Yatsimirskii and Vasilev (11); () Smith and Martell (16).

Log Kggsoc Of |21 Carbonate Complex

Pb

1

Cu

uo,

6

8

Log Kggsoc Of |:1 Oxalate Complex

10

Figure 6. Stability constants of some 1:1 divalent metal carbonate complexes
plotted against stability constants for the corresponding oxalate complexes. Data
are from literature and are for I — 0. The equation of the line is log Kassoo

(MCO,°) — 1.11 X 10g Kagsoo (MC50,°).
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Comparison plots such as these are a valuable predictive
tool. Such plots are most useful when the cations or ligands
chosen for comparison have similar properties, such as equal
valence, similar size and geometry, and similar electron config-
urations and bonding properties. In this way, trends or differ-
ences in their plotted behavior can be more rationally understood.
For example, Figure 6 compares the stability constants of oxalate
and carbonate complexes with the same divalent cations. The
equation of the line is log KMCO30 = 1.11 log KMC204°' The plot
indicates a strong correlation (r2 = 0.95). Stability constant
data for carbonate complexes is less available than that for the
oxalate complexes. Yatsimirskii and Vasil'ev (11) have developed

X - °
the equation log Kassoc 2.5 + 0.47 x B for the MCZO4 complexes,

where B is 2.0, 3.0, 4.0, 4.8, 5.0, 5.2, 6.0, 6.9, and 8.5 for the
divalent ions Mg, Mn, Fe, Co, Pb, Zn, Ni, Cu, and Co. The success
of Figure 6 suggests that the stability of unknown carbonate com—

plexes might be predicted using it. Thus, log KaSSOC = 3.89 for
o = o
MnC204 (11) leads to log Kassoc 4.32 for MnCO3 .

The cations Fe3+ and A13% are both considered hard acids by
Pearson (3). Thus, it is not surprising that a plot comparing
stabilities of the isostructural complexes and minerals gives a
strong correlation. The oxygen-donor species, in particular, plot
nearly on a straight line. The almost exact linearity of the OH
complexes is particularly interesting. The relations in Figure 7
suggest a means of estimating the stability constants of AlH2PO42+
and AlHP04+, which have not been measured. The log Kassoc values

for FeH2PO42+ and FeHP04+ are 4.17 and 9.92 at zero ionic

strength, respectively, based on Galal-Gorchev and Stumm (48).
The ratio of the logs of the plotted Fe3* versus A13t+ complexes

with one OH™ and one 8042‘ ligand are 1.32 and 1.37, respectively.

Assuming an average ratio of 1.35 (slope of solid line in Figure

7), leads to 3.1 and 7.4 for the log K values of AlH PO, 2%
assoc 2" 74

and AlHP04+, respectively. Only data for the MSO4+ and MOH2+
complexes were used in this case. This is because they are the
only 1:1 complexes formed with oxygen-donor ligands in the plot.
Their bonding is thus more likely to be comparable to that in the
1:1 phosphate complexes.

A variety of other plots have been found useful for pre-
dicting unknown data and appraising published data. Figure 8
shows stability constants for metal orthophosghate complexes as a
function of decreasing valence of the HnPOAH" ligand (n = 0-3).

The increasing strength of the complexes with increasing ligand
valance is expected. Also expected is the grouping of cations by
their valence for each ligand, and the observation that H' and
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Figure 7. Cumulative stability constants for some Fe(IIl) complexes and solids

at I = 0, plotted against the constants for corresponding Al(III) complexes and

solids. The dashed line is drawn for reference through equal log B, values for
both metals.
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Figure 8. Stability constants of 1:1 complexes with H,PO,"3 ligands (n = 0-3).
All stability constants are for 1 — 0, except values for ThH,PO,* and UO,H ;PO *,
which were obtained at I — 2M. Stability constants for COHPO,°, NiHPO,°, and
ZnHPO {(log Ksso- values of 3.0, 2.9, and 3.2, respectively) are not plotted to avoid
cluttering the figure. The constants for Al** species are estimates.
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2+
UO2 behave like trivalent cations. The relative constancy of

differences in log Kassoc values for cations of equal valence with

the same ligands suggests that if a stability constant with one of
these ligands is known, the other constants may be roughly pre-
dicted. The plot suggests, for example, that the published con-

stant for FeH2P04+ may be too large.

Another useful approach is to plot the number of ligands (n)
in monomeric complexes with a given ligand against the cumulative
formation constant (B) of each complex. (B = [Mln]/[M][L]n,

where valences are ignored for simplicity.) Such plots are given
in Figures 9 and 10 for thorium and uranium complexes, respec-
tively. The stepwise constants (as log Kn values) for the com-

plexes where K = [MLn]/[MLn-l][L] correspond to the differences
in successive log Bn values (note Bn = K1K2 P Kn (49). The

steepness of the slope between successive cumulative constants is
a measure of the size of the stepwise formation constant for the
complex with the higher n value. Figure 9 shows that for weak
complexes, such as form with chloride, complexes beyond ML are
relatively weak and thus unimportant. In contrast, the more
stable the ML species, the more likely that higher ligand-numbered
complexes will also be important. The general parallelism of the
lines through successive Bn values suggests that, when such lines

cross, the constants responsible should be questioned. This casts
doubt, for example, on 82 for U02(HPO4)22' in Figure 10.

The maximum value of n in a stepwise complex is constrained
by the valences of the addends and maximum possible coordination
number of the ligand around the cation (usually<6). Monovalent
and divalent cations rarely associate with more than 2 ligands,
whereas trivalent and more electropositive cations have maximum
coordination numbers up to 6 with spherical ligands such as fluo-
ride. Maximum coordination numbers of 3 or less are usual for
oxyanions. Complexes above MLn are rarely formed when MLn has a

negative charge in excess of 2. Complexes beyond 1:1 (and poly-
mers) are most important at high ligand concentrations.
Beck (49) discusses equations for predicting Kn values in a

stepwise series where two or more such values are known. For

electrostatically bonded complexes Kn/Kn+1 = 102X where ) is con-

stant for a given M and L. This expression may be rewritten log
Kn = log K1 - 2X(n-1). Such an approach has been used by Baes

and Mesmer (23) and Langmuir (50) to predict the stabilities of
hydroxy complexes.
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Figure 9. Cumulative formation constants of monomeric Th* complexes plotted
against their ligand numbers. All the data are for I — 0 unless otherwise indi-
cated.
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plexes plotted against their ligand numbers. All the data are for T = 0 unless
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Thermodynamic Models Based on the Valences and Radii of the
Addends

It has been observed that straight line plots often result
when log K, AS®, or AH® of association values for complexes formed
within a given ligand are plotted against functions of cation and
ligand charge, divided by a measure of the distance between cation
and ligand in the complex. Such straight line relations have been
taken by some as proof that the bonding results from strictly
Coulombic forces (51). However, this is often not the case. It
will be shown that straight line plots are obtained even when
bonding is largely covalent.

The Simple Electrostatic Model. The simplest theoretical
approach to predict the stability of a complex is to assume that
the bonding is purely electrostatic, and that the separation dis-
tance (d) of the addends is the sum of their crystallographic
(unhydrated) radii. These assumptions lead to

AGe = z+z_e°2NA/€d 1

(7, 9), where z, and z_ are the valences of the cation and anion,

+

respectively, e, the electron charge, N, Avogadro's number, and €

A
the dielectric constant of water. At 25°C, this expression
reduces to

AG° (keal/mol) = ~4.24 x 107° (z,z_/d) (2)
or
_ -8
log Kassoc = 3,11 x 10 (z+z_/d) (3)
where d is in centimeters. Because AS° = -3AG°/JT, one can show
AS® = AG® (31lne/dT). (4)

The term (91ne/3T) is almost constant near room temperature and
equals 0.00454 K-1 at 25°C based on data in Akerlof and Oshry
(52). (Note also 3e/dT = -0.3556 K-l near 25°C.)

The Bjerrum Model. Bjerrum (see Robinson and Stokes (19))
defined an "ion pair" as existing when two ions of opposite charge
approached such that the mutual potential energy between them
equalled 2kT (k is the Boltzman constant). At 25°C, this means
that an "ion pair" exists if the ion separation distance is equal
to or less than 3.57|z+z_|A. For large b values, the model leads

to - 3b
Koesoc = 4N de /1000b (5)
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(53), where b = z+z_e02/€dkT. Expression 5 may be used to com-—
pute AG® of complexation via AG®° = -RTln Kassoc' In general, ex-
pression 5 is equivalent to

AG®(cal/mol) = -112.8 T + RT 1n [z+z_/d4eT]

- 3.321 x 107 [2,2_/de] (6)

which at 25°C becomes

AG® (cal/mol) = -39600 - 4.241 x 107> [z,z_/d]
+ 1364 log [z+z_/d4] . €]
Because AS° = -3AG°/3T, it may be shown

AS® (cal/mol deg) = 114.8 - R 1n [z+z_/d4€T]
- 0.3556 RT/e (8)
and at 25°C

AS® (cal/mol deg) = 132.1 - R 1n [z+z_/d4:|
+19.26 x 1078 [z,z_/d]. 9

The Fuoss Model. Fuoss (9) observed that because the Bjerrum
d value would generally exceed the sum of the radii of the addends
Bjerrum's so-called "ion pairs" might not be in contact. Accord-
ingly, he developed an equation based on the assumption that an
"ion pair" existed only when oppositely charged ions were in con-
tact. Based on this and other arguments (19, 54), Fuoss derived
the expression

_ 3b
Kassoc = 47TNAd e /3000 (10)

with terms defined as before. Robinson and Stokes (19) note that
this expression may be linearized in the form

-InK . =A- B/eT (11)

where A = 1n [3000/4'rrNAd3] and B = z,z_ eoz/kd (see also Siebert
and Hostetler (55)). Expression 10 is equivalent to

AG® (cal/mol) = -RT 1n [2.524 x 1021d3]
- 3.321 x 10'3[z+z_/ed] (12)
and at 25°C

AG® (cal/mol) = -29200 - 1364 log d3
-4.241 x 10_5[z+z_/d] . (13)
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The corresponding entropy at 25°C is
AS® (cal/mol deg) = 97.94 + 4.576 log d
+19.26 x 10’8[z+z_/d] . (14)

3

Application of the Models. Plotted in Figures 11 and 12 are
measured and model-predicted AG® and AS° values for 1:1 sulfate
complexes against z,z /(r,, + r.. ). Clearly, the Fuoss equation

+7-" M SO4
better predicts the AG® data than does the Bjerrum equation or
simple electrostatic equation. Not surprisingly, soft (class B)

cations Tl+, Ag+, and Hg2+ have stabilities discordant from the
borderline and hard cations. The Fuoss equation has been assumed
by some to be a measure of outer sphere coulombic contributions to
complexation (40). Its success at all valences is, in fact, a bit
surprising, particularly since the Fuoss values are computed as-
suming constant, crystallographic jonic radii and the dielectric
constant for bulk water (¢ = 78.3). The cation-sulfate separation
distance decreases with increasing valence of the cation, along
with increasing covalency of bonding for 3+ and 4+ cations which

form predominantly inner sphere complexes. Thus, true cation-SO4

separation values must exceed the sum of the crystallograph}g
radii for MSQ4 ion pairs but approach this sum in the MSO4
plexes.

Further, the dielectric constant of water associated with a
complex is known to decrease as cation and ligand more closely
approach each other (19, 56). Thus, Choppin and Unrein (57) sug-
gest "effective" € values of 57.0 for MFt2 and 40.8 for MFt3 com—
plexes. The drop in both d and € should increase the stability
of multivalent cation complexes over monovalent ones. That the
Fuoss equation roughly predicts AG® for 3+ and 4+ cation complexes,
although ignoring real changes in d and ¢, must therefore be con-
sidered fortuitous.

The Fuoss model yields more accurate AS® values for the sul-
fate complexes than the Bjerrum model. Most remarkable, however,
is the even better overall accuracy of AS° calculated by the sim-
ple electrostatic model.

An extensive body of literature exists on the thermodynamic
properties of fluoride complexes. As noted by Hefter (51), the
electronic configuration of fluoride is such that bonds in its
complexes should be governed by electrostatic effects "more than
for any other ligand." Hefter, and Mesmer and Baes (58) present

a variety of plots of log KaSSOC and AS° against such functions as

z+Z_/(rM + rF). Mesmer and Baes develop simple equations to pre-

com—

dict log KaSSOC and log Bn values for the fluorides. Unfortunately,
these equations and those of Hefter are defined for 1 molal ionic
strength.

Figure 13 shows AG®° data for fluoride complexes at zero ionic

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch018

378 CHEMICAL MODELING IN AQUEOUS SYSTEMS

8 T T T 7 U,
// Th;
T &7 (F)
4 (B
U )

= n e/ B .
g 5 <& cL:;,;/b.V( )
~ /7
g ar L ]
S—“ P /Bgczs.' N‘((l):o.)Cu. Zn
© %é‘ _
3 Mg
g J7 e
2 7 (B) oBe
2r ) /T%/:g oHg 7]
| (e .
v Na
C/
O -
/1(8 1 1
[0} 0.5 1.0 1.5 20

2,2 /(ry+ 1)

Figure 11. Empirical —AG® data for 1:1 metal sulfate complexes (1 = 0) plotted
against z.z_/(ty -+ tg0,), where z, and z. are the valence of cation and sulfate ion,
1y is the crystallographic radius in Angstroms of the cation in sixfold coordination
(33), and rgo, — 3.05 A (59). The locus of —AG® values computed for the com-
plexes by the simple electrostatic model is shown as a dashed line, and computed
by the Fuoss and Bjerrum equations as lines labeled (F) and (B), respectively.
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strength versus z+z_/(rM + rp). The line drawn through the data
is an excelleai fit2 particularly if points for the soft cations
(t1*, agt, cd®", Hg?", Ga3*, In3%) and the borderline cations
(szi, Sné+, and Zn2+) are ignored. Without these cations, the
equation of the regression line through the data is -AG® =-9.96
+12.50 [z4z_/(ry + rp)] with r2 = 0.95. The hard 3+ and 4+
cation complexes are much more stable than predicted by the Fuoss
or electrostatic models. These complexes evidently owe an impor-
tant part of their stability to covalent bonding.

For the trivalent and quadrivalent actinide and lanthanide
fluoride complexes, Choppin and Unrein (57) suggest an equation
for AG® which contains zyz_/(ry + rp)e, with € the adjustable
parameter. They give € = 79.8, 57.0, and 40.8 for MF', MF2+, and
MF3+ complexes. Introducing these values in the electrostatic
or Fuoss model equations greatly improves the agreement between
predicted and empirical data. However, it must be remembered
that these € values also include the effect of decreasing d values
in the complex with increased valence of the cation.

Measured and predicted ASC values are plotted against zz_/
(ryM + ry) in Figure 14. Again, surprisingly, the simple electro-
static model most closely reproduces the emgirical data, except
for Be2t and Cu2+ and soft cations Ag+, Cd2 , and Hg2+.

In Figure 15, AGO data for MHPO, complexes are plotgid
against z4z_/(ry + rHP04)~ As with the fluorides, for M~ comp-
plexes, -AG® rises rapidly above values predicted by the Fuoss (or
electrostatic) models. This presumably reflects increased cova-
lency of bonding with the multivalent cations. The curve is
schematic, and has been drawn to suggest the trend of increasing
covalency. No reliable AS® or AHO data are available for the
HP042‘ complexes. However, emboldened by the success of the
simple electrostatic equation for predicting AS® in the case of:
sulfate and fluoride complexes, it is tempting to estimate ASO
for the phosphates in the same manner.

Conclusions

Some of the more important findings of this paper include
the following:
1. The Fuoss equation is a good predictor of Ac° and ASO values
for complexes in which the bonding is chiefly electrostatic (most
1:1, 1:2, 2:1, and 2:2 complexes formed by hard acids and hard
bases, including in this study F~, 8042-, and HPO42' complexes).
2. The simple electrostatic model is the most accurate predictor
of ASO of complexation for trivalent and quadrivalent cation com-
plexes with S04<~ and F~.
3. Empirical thermodynamic data for complexes with a common
ligand often plot along straight lines or smooth curves when the
abscissa is z4z./d. Such lines indicate important covalent bond-
ing for 3+ and 4+ metal complexes with F~ and HPO42-. The strong-
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est linear correlations are obtained when such plots compare the
stability of complexes with metal cations having the same general
behavior (for example, hard or soft, or of class A or B).
4. Electronegativity is a useful plotting parameter, particularly
for inner sphere complexes such as are formed with 3+ and 4+ metal
cations or with soft cations or soft ligands.
5. Plots comparing the stabilities of complexes in which two
similar cations or ligands occur are also valuable. For example,
in this paper, plots of Fe(III) versus Al1(III) complex stabilities
and CO3 ~ versus C204 complex stabilities led to estimatedX
values for AlHPO4 and MnCO3

Thermodynamic data, and especially As® values, are generally
unreliable or lacking for important phosphate complexes. Until
such ASO data is measured, it can be estimated with fair accuracy
using the Fuoss equation for monovalent and divalent-bonded com-
plexes and the electrostatic model when trivalent and quadrivalent
addends are associated. Unfortunately, published AGP and AS©
data on HS™, S2-, and Se and Te aquo-complexes are suspect or
largely lacking (Barnes, H. L., Pennsylvania State University,
personal communication, 1978). Both the stoichiometry and
stability of such complexes remains in doubt. Once a few such
data have been accurately measured, plots with EN (10) or Q (44)
as a variable, or using hard and soft acid and base concepts
(3, 4, 40) should permit the useful estimation of many as yet un-
known values.
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Abstract

Geochemists and others concerned with the behavior of metals
in natural waters are frequently confounded by a dearth of reli-
able thermodynamic data for aquo-metal complexes at zero ionic
strength. Classifications of types of cations, ligands, and com-
plexes which provide guidance in appraising or estimating such
data for complexes include: the concept of inner versus outer
sphere-type complexes (1); grouping metal cations into classes A,
B, and C, based on their electron configurations (2); and the
concept of hard and soft acids and bases (3, 4). Taking into
account these classifications, and considering also the effects
on complexation of valence, electronegativity, radii of the add-
ends, and of ligand number, a host of graphic and other methods
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have been developed to relate and predict the free energy and
entropy of formation of complexes. Such approaches, including
the Fuoss and Bjerrum equations, have been used here to appraise
published values and to estimate free energy and entropy of for-
mation of metal complexes with hydroxyl, the halogens, bicarbon-
ate, carbonate, sulfate, and orthophosphate among other ligands,
and for a number of thorium and uranium complexes.
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Critical Review of the Equilibrium Constants for

Kaolinite and Sepiolite

R. L. BASSETT—U.S. Geological Survey, Denver, CO 80225
Y. K. KHARAKA—U.S. Geological Survey, Menlo Park, CA 94025
D. LANGMUIR—Pennsylvania State University, University Park, PA 16802

Clay minerals generally form in three ways: 1) precipita-
tion from solution; 2) alteration through weathering of primary
minerals which have become unstable in a given environment; and

3) diagenetic or hydrothermal alteration of other minerals. In
the last two cases, resultant clay-mineral chemistry usually
reflects parent mineral composition. Chemical variability among
clay minerals of a given group poses a formidable problem when one
wishes to determine the thermodynamic properties of a given clay.
Other factors must also be considered in the experimental deter-
mination of free energies of formation.

First, particle size may be a significant property, because
most clays range from a few microns in effective diameter to
collodial dimensions. In this size range, the free energy required
to form the surface per mole of material can easily be two to
three kilocalories (1).

Second, isomorphus substitution of aluminum for silicon in the
tetrahedral layer, or iron, magnesium, titanium, lithium, and so
forth, for aluminum in the octahedral layer, will affect the ener-
getics of formation of the mineral. Such substitutions may vary
from trace impurity to complete replacement.

Third, the degree of crystallinity or extent of disorder
should be evaluated, whether due to (a) mode or conditions of for-
mation, for example, low temperature as opposed to hydrothermal
precipitation, or (b) techniques employed to prepare the sample
for investigation, such as mechanical grinding. These factors
tend to increase the solubility and make the material less stable
than an ordered macroscopically crystalline sample.

Finally, clays such as the smectites almost invariably have a
net negative structural charge because of isomorphous substitution
of cations of lower charge than would be present in a balanced
structure. In kaolinite, the amphoteric nature of the hydrated
aluminum and silica surface contributes more to surface charge
than does substitution. As a result of either substitution or
surface dissociation, a region of counter ions (exchangeable and

0-8412-0479-9/79/47-093-389$05.00/0
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adsorbed ions) surrounds the clay to balance the charge. Whether
variations in the chemical composition of the layer of counter
ions affects the free energy of formation, AGf, of the clay is a
question that has not yet been resolved.

Igitially in this study, it was planned to critically evalu-
ate AG; data for complex clays, including chlorite, illite, and
the smectites. However, there is much evidence that these clays
dissolve incongruently so that the apparent equilibria in solution
are determined by secondary phases, such as gibbsite, boehmite,
amorphous silica, and ferric oxyhydroxides. The smectites are
frequently the dominant clays in the colloidal size fraction in
natural sediments. They have very large exchange capacities, and
exhibit wide chemical variations. Usually, one or more of these
factors have not been considered in the experimental solubility
work. Even if appropriate corrections could be made, it is
uncertain whether a AG_ value so obtained would have applicability
to natural systems.

In part to avoid such problems, we have restricted this study
to an appraisal of the stabilities of kaolinite and sepiolite;
compared, for example, to chlorite and the smectites. These clays
are well defined both chemically and structurally. Despite these

characteristics, the published AGE 298.15 for kaolinite ranges

from -900 kcal/mol to -908.07 kcal/mol, and for sepiolite,
-1101.8 kcal/mol to -1105.6 kcal/mol.

Methods and Computational Scheme

Thermodynamic data, whether determined through calorimetry or
solubility studies, are subject to refinement as more exact values
for the components in the reaction scheme, or more complete
description of the solution phases, become available. Many of the
solubility studies on clays were done before digital-computer
chemical equilibrium programs were available. One such program,
SOLMNEQ, written by one of the authors (2) solves the mass—action
and mass-balance equations for over 200 species simultaneously.
SOLMNEQ was employed in this investigation to convert the chemical
analytical data into the activities of appropriate iomns, ion
pairs, and complexes.

To derive free energy of formation data from solubility
investigations, the solution phase must be in equilibrium with the
solid phase and the activities of the ions must be known. The
dissolution rate for clay minerals is extremely slow at 25 C;
consequently, most studies have allowed equilibration times of
several years. Because of the requirement for a long equilibra-
tion time, a number of researchers have fitted kinetic expressions
to the rate of dissolution and extrapolated to the equilibrium
value. 1In all cases in this study, the chemical analytical data
measured at what appeared to be equilibrium, rather than
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extrapolated values derived from systems still changing in
concentration with time, were used in the computation.

For the dissolution of kaolinite and sepiolite, the following
reaction schemes were employed:

Kaolinite
+ « 3+ . ~O
A1281205(0H)4(C) + 6H -~ 2Al + 2H45104 + H20 (1)
2 2
a, .3+ - a o a
- Al H4SiO4 H20 2)
eq
a6+
H
Sepiolite
. <« 2+ o - (3)
Mg281307.5(0H).3H20(C) + 4.5 H20 - 2Mg© + 3H45104 + 40H
2 3 4
2+ a o a. -
- oM H,510, ~ “on )
q 65
H20

where a, denotes activity of species i, and the activity of the
solid p%ase is defined to be unity. Reaction schemes used by
several authors (3, 4) were written to include the dominant
aluminum complex present at the pH of the experiment. In this
way the activity could be estimated, neglecting the other
complexes. The approach taken in our study, utilizing the chem-
ical equilibrium computer program, offers the advantage that
regardless of the pH, the activities of all the identified ions
are computed through the use of an internally consistant set

of stability constants for the complexes and ion pairs. This
being the case, all data were analyzed according to the equations
shown below:

AGS = -RT 1n K
eq

o
R
where R = the gas constant,
temperature, in degrees kelvin, and

= standard Gibbs free energy of reaction.

S
AGR

AG; = ZAG?(Products) - ZAGcf’(reactantS) .
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For kaolinite:

(o)
BGg 99g.15(AL,51,05(0H) )

— _An© o 3+ o o o
= AGR + 2AGf(Al ) + 2AGf(HASiO4) + AGf(HZO).

The second modification performed on the orignial data was
the substitution of more recently determined values for the free
energy of formation of the components. Hemingway and Robie (5, 6,
7) have recently revised the free energy of formation for the

aqueous Al3+ ion to -116.97 + 0.33. 1In most cases, the Al3+ value
is =1.9 kcal/mol more negative than that previously used. The
data employed in the computations are given in Table I, and in
part represent a critical review of the existing thermodynamic
data for aqueous species being conducted by one of the authors

(D. Langmuir).

Table I.--A Partial List Of The Thermodynamic Data Employed In
Computing The Revised Values For The Free Energy Of
Formation Of Kaolinite And Sepiolite

Components  "6%,208.15  %H: 508.15 ° Reference
(kcal/mol) (kcal/mol) (cal/deg mol)
Aluminum
INEANOT)) -116.97 -126.9 -73.3 (6)
A108%T (aq) -166.8 -183.3 40 1/
AL(OH)) (aq)  -217.7 - - C))
Al (on)g (aq) ~266.66 - - €D
Al(OH)Z (aq) -312.0 -356.1 35 1/
Silicon
H4s1oz (aq) -312.6 -348.30 45.1 1/
H,510, (aq) -299.18 -342.18 20.7 109)
stiOZ'(aq) -281.31 -330.7 - 1/
Others
H,0 -56.688 -68.315 16.71 1y
OH -37.60 -54.98 -2.56 8)
ut 0 0 0 ®)
Mgt -108.70 -111.58 -32.98 (8)
1/

— Langmuir, Donald, Pennsylvania State Univ. unpublished data,
1978).
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Thermochemical Studies of Kaolinite. The earliest reported

Gibbs free energy of formation (AG°,298.15) for kaolinite 1is
-888.1 + 0.7 kcal/mol, as computed by Barany and Kelley (12). Two
kaolinites were employed in their study, one from a deposit near
Murfreesboro, Ark., and the second from Alta Mesa, N. Mex. The
free-energy value was obtained by combining the heat of solution
measurements from hydrofluoric acid solution calorimetry of Barany
and Kelley (12), with heat capacity determinations for kaolinite
by King and Weller (13). The free-energy value is much too
positive and can be made more realistic by incorporating revised
and updated thermodynamic data into the reaction scheme. In the
same study, Barany and Kelley also determined the heat of forma-
tion for gibbsite; Hemingway and others (5) redetermined the
enthalpy and heat capacity of gibbsite (5, 7) and re-evaluated
Barany and Kelley's results. Hemingway and others discuss the ex-
perimental work in detail and point out that the heat of solution
measurements for both gibbsite and kaolinite appear to be correct;
however, the heat of solution of H,0(1l) + HF and H,0(l) + HC1l in
HF is in error. In addition, the Teaction scheme Originally em-
ployed required that the heat of solution for AlCl,+6H,0 (aluminum
chloride hexahydrate) be known; that value was incorrect because
of the technique used in emplacing the sample in the ampules and
loading them into the calorimeter. To avoild these sources of
error, Hemingway and Robie (7) used only the heat-of-solution
measurement of Barany and Kelley and wrote the reaction scheme to
include gibbsite, which has well-known thermodynamic properties.
Their recalculated value for the free energy of formation of
kaolinite at 298.15°K is -908.07 kcal/mol (7), which is the most
negative free energy reported to date and represents the only
calorimetric value available. It should be noted that the
mineralogical purity and crystallinity of the two kaolinites

used by Barany and Kelley (12) is not known, as an X-ray
examination was not conducted; however, the chemical analysis

of the bulk material indicated that the SiO, and Al,0, content

was within s percent of the theoretical cofiposition of

kaolinite.

Solubility Studies of Kaolinite. There have been numerous
attempts to determine the free energy of formation of kaolinite
from solubility studies (Table II). Polzer and Hem (3) reacted
an API standard kaolinite from Lewistown, Mont., for 2 years
with an acidic solution approaching equilibrium from under-
saturation. The sample appears to have been very near to equi-
librium, and these authors report a AGf 298.15 = -903 kcal/mol.

Using SOLMNEQ to recompute the activities of the dissolved
species from their experimental data, and employing the most
recent thermodynamic data, the recalculated value is

-907.76 kcal/mol. This is very close to -908.1 kcal/mol, which
is the calorimetric value of Robie and others (8). Additiomal
confidence may be placed in this value because the particles
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Table II.--Original And Recomputed Data For The Free Energy Of

Formation Of Kaolinite And Sepiolite

Material Original Recomputed Recomputed
Size o o
source 8G¢ 298.15 108 Koq G 598,15
Murfreesboro,
Ark.——————————e Bulk 1-228 1 (19Y  —mmemr 2_

Alta Mesa, N. Mex. Bulk 888.1 (12) 908.1
Lewiston, Mont. 2.0-149.0 um -903.0 (3) 5.92 -907.8
England-————-———- Bulk -903.8 (19) 6.70 -906.7
Georgia 1-—-————- Bulk -903.6 (19) 6.88 -906.4
Georgia 2--—————- Bulk -903.4 (19) 7.08 -906.1
Idaho--—————————- Bulk -902.9 (19) 7.36 -905.7
North Carolina--- Bulk -902.9 (19) 7.33 -905.8
Georgia 3--—————- Bulk -902.7 (19) 7.37 -905.7
South Carolina--- Bulk -902.5 (19) 7.61 -905.4
Montmorillonite3  .2-5.0 ym  -904.2 (20)  6.20 -907.4
Dry Branch, Ga.-- Bulk %-905.8 7.38 -905.8
Keokuk, Iowa----- Bulk -903.6 (&) 7.54 -905.5

Variedd——————meue Bulk 5-897.5 to = ————m -901.1 to
-903.6 (4) -907.5
Selected value 5.96 3-907.7

Sepiolite

Precipitated -1101.0 (24) -37.4 -1101.0
Balmut, N.Y.-————- 0.5-10 um -1105.6 (25) -40.2 -1105.4
Amboseli, Kenya-- 63-124 um -1105.6 (gﬁ) -40.4 -1105.6
Selected value -40.4 3-1105.6

1Average value from five experimental runs on each clay.
2Accepted value of Hemingway (7) computed from the

solution data of
35ee text.

Barany and Kelley (12).

“Average value for 16 sample runs on same material
University of Wisconsin, personal communication, 1978).
SRange of values for kaolinite from 26 locations.
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less than 2 um diameter were removed to eliminate particle-size
effects.

Reesman (4) investigated the solubility of numerous standard
clay minerals, monitoring the approach to equilibrium from under-
saturation for several months. The analytical data have been
re-evaluated by us and yield free energies of formation ranging
from -900.4 to -907.4 kcal/mol for kaolinite (Table II). Reesman
employed a well crystallized kaolinite (Keokuk), which is
generally associated with geodes found in Iowa. Even though the
Keokuk kaolinite has been proposed as a reference mineral, due
to its well-ordered and highly crystalline nature (14), the samples
used by Reesman were bulk samples and probably contained very
small particles which increased the solubility. An indication
of this is the fact that he chose to centrifuge his samples for
8 hours to settle all the suspended colloidal material (4). The
recomputed value obtained for Keokuk kaolinite is -905.5 kcal/mol
(Table II). This value is slightly greater than 2 kcal/mol more
positive than the calorimetric value, or the free energy of forma-
tion determined for Polzer and Hem's data, which had the <2.0 um
particles removed.

To determine the possible effect of small particles on the
solubility of a similar mineral, gibbsite, Parks (1) used the
equation of Enustun and Turkevich (15) and Schindler and others
(16), shown below:

2 1

AG =

W
alH
N

Moy (1
o} d

]

where M formula weight of solid,
density of solid,
mean surface-free energy
particle dimension, d,>d,, and
a shape factor (ratio of“particle surface to particle
volume multiplied by d, a value of 14 is used here).
There are no published values for the surface-free energy for
clay minerals; however, the value for hydrated silica gel is
approximately 120 ergs/cm? (17). Smith and Hem (18) report sur-
face energies for the edge and face for gibbsite crystals as 483
and 140 ergs/cmz, respectively. Parks determined that a surface
energy of 270 ergs/cm2 would be all that is required to explain
the free-energy discrepancy in the gibbsite data that he evaluated
which was due to 0.010 um particles (1l). Employing the same
reasoning, assuming that 0.015 pm particles are present in the
bulk samples used by Reesman in his study, then the 2.2 kcal/mol
difference between the data of Reesman (4) and that of Polzer and
Hem (3) would require a surface-free energy for kaolinite of
150 ergs/cmz. This is certainly within the range of values one
would expect for a surface composed of hydrated aluminum and
silica.
Because the exact value for the surface-free energy and the
minimum particle size in the bulk samples are not known, the posi-
tion taken in this paper is that a free energy of formation for

[}

[}

]

Q A <IT
]
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kaolinite of -905.5 kcal/mol derived from Reesman's data is the
most positive value one should use for well-crystallized kaolinite.
There are numerous uncertainties in the solubilities determined by
Reesman (4) for the other kaolinites; many samples contained other
clay mineral impurities; most were bulk samples; and some were
mechanically crushed, which may have distorted the crystallinity
and increased the solubility.

Kittrick (19, 20) performed two separate studies to determine
the stability of kaolinite. In the first investigation, samples
of bulk kaolinite from seven localities were equilibrated with a
dilute acid solution for 2 years. Recomputed AGY values for the
seven kaolinites based on his final solution compositions range
from -905.4 to -906.7 kcal/mol.

In the second study, Kittrick (20) reacted the 0.2 to 5 um
fractions of three montmorillonite clays with low pH (<3.47) solu-
tions for 3 to 4 years. Under these conditions, montmorillonite
is unstable with respect to kaolinite. It is uncertain whether
the kaolinte formed through 'precipitation,! in which case the
nucleation process may have produced numerous small particles,
or it formed through the alteration of the pre-existing montmoril-
lonite structure, which could have maintained the existing
particle size or even increased it, with growth of the new phase.

The only other study for which.the raw experimental data are
available is that of May (see Table II footnote). In this inves-
tigation, 16 samples of Dry Branch kaolinite were equilibrated
with solutions containing various concentrations of silica and
aluminum. His data yield an average free energy of formation of
-904.8 kcal/mol. The samples were bulk material with no reported
minimum particle size (personal communication). This value is
close to the free energies of formation obtained by Reesman and
Kittrick for bulk samples (Table II) and seems to represent the
upper stability limit.

In summary, the mean of solubility, precipitation, and calori-
metric data for kaolinite free of particle size effects yields the
value for the free energy of formation of -907.7 + 0.4 kcal/mol.

Solubility Data for Sepiolite. Although sepiolite is not a
major clay mineral in terms of worldwide abundance, it is commonly
associated with deep-sea sediments, salt formations, evaporite and
playa lakes, soils, and carbonate deposits (21, p. 140). In most
instances, it appears that sepiolite is formed during a time of
silica abundance and(or) high pH. Sepiolite was precipitated in
the laboratory by Siffert and Wey (22) and Siffert (23) by raising
the pH of a magnesium chloride solution saturated with amorphous
silica. Insufficient data are available describing the equilibrium
conditions. Wollast and others (24) reviewed the literature for
data on the laboratory synthesis of sepiolite and found that the
experimental data were qualitative only and too incomplete for
determining thermodynamic values.

The work by Wollast and others (24) was intended to determine
the equilibrium constant and free energy of formation for precipi-
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tated sepiolite. By adding silica to freshly collected seawater
and maintaining the solution at pH 8.0, a hydrous magnesium sili-
cate precipitated. The product was chemically similar to
sepiolite, but the X-ray analysis indicated a relatively amorphous,
fine-grained phase. These authors report AGf,298.15= -1101.8
kcal/mol with an equilibrium constant of 10_37'2, as defined by
equation 4 . Assuming a general composition for seawater and
recomputing the solution speciation with SOLMNEQ, Keq becomes

107374 and a6° = -1101.5 kcal/mol for sepiolite. Because the

precipitate was poorly defined, much uncertainty remains.

Christ and others (25) attempted to determine the stability of
sepiolite at three temperatures (51°C, 70°C, and 90°C) approaching
equilibrium from undersaturation. They used well-crystallized
samples, obtained good reproducibility between samples runs, and
apparently reached equilibrium. Our calculations with SOLMNEQ do
not significantly alter the K obtained by Christ and others
(10740-2 ed

magnesium ion of -108.7 kcal/mol (25) reduces the AG?

by approximately 200 calories and give -1105.4 kcal/mol (Table II).

The three high-temperature values for the free energy of fgrmation

were fitted with a heat-capacity power function so that AFf 208 is
b

o
); however, use of a more recent value for the AGf of

for sepiolite

an extrapolated value (25). Recent dissolution experiments at 25°C
by Stoessell (26) using naturally occurring sepiolite from
Amboseli, Kenya, suport the extrpolated value of Christ and others

(23). Stoessell obtained a Keq equivalent to 10 -40.4 for the

reaction described by expression (4) yielding a AG (sepiolite) =
-1105.6 kcal/mol.

Conclusions

The experimental values for the free energies of formation of
kaolinite and sepiolite are given in Table II. The value of
-907.7 + 1.33 kcal/mol recommended for kaolinite, is the mean of
three recomputed free energies of formation weighed equally in the
computation, and was obtained from calorimetry, dissolution, and
precipitation data. Several values in the -905 to -906.0 kcal/mol
range probably reflect the more soluble nature of small particles
typically present in bulk samples.

A free energy of formation for sepiolite of -1105.4 kcal/mol
is based on extrapolation to 25°C of results from measurements
made at 51, 70, and 90°C by Christ and others (25). In support of
this, Stoessell (26) has determined a Keq at 25°C which yields a

2GS at 25°C, only 200 calories more negative than that computed
from the results of Christ and others. The value recommended here
for the free energy of formation for sepiolite is -~1105.6 + 0.4
kcal/mol.
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Abstract

Clay minerals are present in almost all surface-water and
ground-water systems, and in many instances may be controlling the
concentration of aluminum, silica, iron, magnesium, or other
cations in solution. The thermodynamic data necessary to evaluate
the state of reaction (saturation) are not available for some clay
minerals, and for those minerals with published values, the data
are in disagreement by as much as 10 kilocalories per mole for the
same clay mineral. A critical review of the available data for
kaolinite and sepiolite, incorporating both the most recent thermo-
dynamic data for the components in the reaction schemes and a
more complete computation for the solubility data, yields the
values of -907.7 + 1.3 and 1105.6 + 0.4 kilocalories per mole for
the free energy of formation of kaolinite and sepiolite,
respectively.
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Ion Exchange and Mineral Stability: Are the Reactions
Linked or Separate?

J. A. KITTRICK
College of Agriculture Research Center, Washington State University, Pullman, WA 99164

From a general chemical point of view the most important
class of minerals in agricultural soils are those having ion
exchange capacity. These same minerals also possess most of the
total inorganic surface area of soils and sediments. They thus
have a major influence on water retention and on other physical
properties of soils. They are also important in the retention of
the many pollutants that find their way into soils and sediments,
including Cd (e.g., (1)) and long-lived radiosotopes, including
iodine-129, neptunium-237, and plutonium-239 (e.g., (2)).

Minerals that have ion exchange capacity are also important
in the discovery, recovery and refining of petroleum. In
petroleum refining, they are important chiefly as catalysts and
adsorbents. In petroleum recovery they mainly affect reservoir
permeability. In the search for petroleum they are chiefly
important in drilling fluids and as marker horizons.

Much of the practical importance of minerals that have
exchange capacity hinges on how they control the composition of
waters they contact. Examples have been given for the soil
solution (3), spring waters (4), lake waters (5,6), and the ocean.

A recent trend in the study of mineral stability has been
toward the use of predictions based upon the principles of chemi-
cal thermodynamics. This has been prompted by the inability of
previous empirical approaches to provide quantitative predictive
models. Models based upon equilibrium thermodynamics require
free energies of formation of minerals and the ions and molecules
with which they are in equilibrium, plus equations and equilibrium
constants that describe equilibrium conditions. With these,
models based on equilibrium thermodynamics can provide insight
into the relationship between various aqueous enviromments and
associated minerals that are in equilibrium with them. Where the
aqueous environment and associated minerals are not in equilibri-
um, equilibrium thermodynamics can furnish a frame of reference
for understanding the kinetics of mineral alteration and for-
mation. The approach was pioneered by R. M. Garrels and has been

0-8412-0479-9/79/47-093-401$05.00/0
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used increasingly for studies in sedimentary geochemistry (e.g.,
8, 9).

Minerals that have exchange capacity are usually rather
complicated, so the determination of their stability by calori-
metric or solubility methods has been difficult. An important
problem, unique to these minerals, also limits progress in the
understanding of their stability and the stability of other
minerals that compete for the same elements. This problem con-
cerns whether equilibria with structural ions and equilibria with
exchangeable ions are linked or separate.

Almost all investigators of mineral equilibria tacitly
assume that equilibria with structural ions and equilibria with
exchangeable ions are part of the same reaction. Studies of ion
exchange equilibria invariably assume that the two equilibria are
separate. One group must be wrong, and the consequences are far
from trivial.

The Assumption of Homogeneous Equilibrium for Montmorillonite.
Montmorillonite will be used as an important example of a mineral
that possesses ion exchange capacity. Consider the equilibrium
of Nat saturated Belle Fourche montmorillonite with water as
follows:

: 3+
[(s1; ALy 1) (Aly (M sgFey ;5)0,0(0H), INay 5 + 7.48 H,0
+12.55 H' = 7.87 1,510, + 3.16 A1 4 0.58 Mg?t + 0.45 FeT
+0.56 Na'. I1]

One cannot tell by looking at an expression such as equation 1,
however, whether the overall balanced equation applies to a
homogeneous equilibrium, or to a heterogeneous equilibrium in
which has been included a second equilibrium, perhaps associated
with and dependent upon the first. If we assume homogeneous
equilibrium for equation 1 , and include H' with each cation to
avoid the necessity of a separate H' variable, then

log Keq = 7.87 log H4SiO4 + 3.16 (log A13+ - 3 log H+) +
0.58 (log Mgt - 2 1og H') + 0.45 (log Fe T - log H')
+
+ 0.56 log E%— [2]

H
where K is the equilibrium constant and the activity of
montmoritlonite and water are assumed to be unity. The last term
has been written as a ratio to simplify a later comparison.
There is some question as to whether montmorillonites can come to
equilibrium with acid aqueous solutions (10), although there is

recent evidence that they can (11).
Equations 1 and 2 are written as if they apply to a
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homogeneous reaction, where Ky, depends upon both structural and
exchangeable ions. This Kgq implies that the stability of Belle
Fourche montmorillonite (or of any mineral having exchangeable
ions) depends upon the solution activity of whatever exchangeable
ions it contains. Since natural exchangers usually contain
several exchangeable ions, understanding the stability of these
minerals in detail could become very complicated. To simplify
the situation, a single exchangeable ion is usually assumed
(e.g., (12)).

Investigators of ion exchange equilibria are usually
interested in the details of exchangeable ion composition, so
they seldom assume the presence of a single exchangeable ion.
Furthermore, there do not seem to have been any ion exchange
investigations that even suggest the possibility of linked equi-
libria, such as depicted in equation 2. If equation 2 were
correct (as assumed by most investigators of mineral equilibria)
then even a small change in the activity of the neutral molecule
H4Si04 under the right circumstances could make a large change in
the activity of exchangeable Nat. Tt is clear that, if equation
1 is correct, ion exchange equilibria cannot be understood
without reference to equation 2.

The Assumption of Heterogeneous Equilibrium for
Montmorillonite. If the dissolution of montmorillonite is
heterogeneous as assumed by investigators of ion exchange
equilibria, then it might be more suitable to write equation 1 as

3+ 0.56-

[(51; g7810,13) (Al o3MBy sgFen 450090 (0M),] +7.48 B0+
12.55 Y = 7.87 H,510, + 3.16 a3 4 0058 MgZT + 0.45 FeT. [3]
The corresponding expression for the equilibrium constant is
Log K, = 7.87 log i,510, + 3.16 (log a3t Z 3 10w
+0.58 (log Mg?T - 2 log H') + 0.45 (log Feo©
- 3 log H+) - 0.56 log H+. [4]

In equation 3 the montmorillonite is considered to exist as a
charged silicate, but the exchangeable ion is omitted. Kegq in
equation 4 is then independent of exchangeable ion composition.
Equation 3 assumes that the exchange reaction coexists with
the silicate equilibrium, but that the equilibrium constants of
the two reactions are independent. If this is true, then some-
thing is amiss with respect to current methods for approximating
the standard free energy of formation of minerals having ex-
changeable ions, because all such methods require inclusion of

the exchangeable ion in the calculation (13, 14, 15). For a
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consequence that may be easier to visualize, consider a portion

of a stability diagram from Helgeson, Brown and Leeper (16), as
shown in Figure 1. Notice that the stability field of Na montmoril-
lonite increases relative to kaolinite, as log Nat/Ht increases,
in accord with equation 2. That 1s, montmorillonite becomes more
stable as the activity of its exchangeable ion increases. If
equation 4 were correct, the kaolinite-montmorillonite join would
be vertical on such a diagram, because the stability of both
minerals would be independent of Nat activity.

Homogeneous vs. Heterogeneous Equilibrium. Why Don't We
Know Which is Right? Ion exchange equilibria are usually so
much faster than mineral equilibria that it is easy to assume the
two are not linked. However, mineral equilibria can be rapid if
small amounts of equilibrating liquid are used (e.g., (17). Many
investigators may not realize that their equations involve such an
assumption. Perhaps the main reason the question of homogeneous
vs. heterogeneous equilibrium is not settled, for minerals having
ion exchange capacity, is that many investigators wish to apply
mineral equilibria and ion exchange equilibria to immediate
practical problems. They are not in a position to perform the
necessary basic research, so merely making an assumption is an
attractive way to proceed. If equation 1 represents a hetero-
geneous reaction, that fact can probably not be determined
calorimetrically, since it does not appear to be possible to
evaluate mineral equilibria and ion exchange equilibria separate-
ly with that method.

Considering minerals with large exchange capacities, it was
not until 1968 that Reesman and Keller published the first
experimental solubility work on montmorillonite stability (18).
Since that time, solubility work on montmorillonite (19-26,10) and on
vermiculite (27, 28) has not specifically addressed the question
of homogeneous vs. heterogeneous equilibrium. Such a determina-
tion was not even possible with the systems used by these
investigators, though it should be possible using a proposed
experimental system to be outlined later in this paper.

The System Montmorillonite-Solution

From equation 2 it is evident that in order to calculate
K for a reaction assumed to be homogeneous, it will be neces-
sagy to determine the equilibrium solution activity of HyS10y4,
A13*, B, Mg?*, Fe3t, and Nat. However, in order for the system
to contain measureable amounts of A13T and Fe3+, and for the Al
ion species to be known with reasonable certainty, the pH of the
system will probably have to be 4.0 or legss (20). At this gH
the dominant exchangeable ions will be A13% (and perhaps Fe3t) not
Nat (e.g., (29), page 284). Rewriting equation 1 for ex-
changeable AI3* and homogeneous equilibrium we have:
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[(5i ) (Al )0 (OH)4]A1 + 7.48 H 0

7.87810.13) 413 03M8; sgFed’ss 0.19
34 2 3+

+ 12.55 HY = 7.87 H,Si0, + 3.35 AL”" + 0.58 Mg~ +0.45 Fe

with the corresponding equilibrium constant expression
3+

[5]

log K, = 7.87 log H,$i0, + 3.35 (log A”" - 3 log uh) + 0.58

4519,
(log Mg?" - 2 log H') + 0.45 (log Feo - 3 log H'). [6]

Comparing equation 6 with equation 2 we find that, since Na+ is
no longer the exchangeable ion, K., is no longer a function of
log Nat/Ht. Furthermore, since A1§+ is now the exchangeable ion,
the coefficient of (log A13+ - 3 log H') in equation 6 is greater
than in equation 2 because the amount of Al * in equation 5 is
greater than in equation 1. By rearranging equation 6 and divid-
ing through by 3.35, we find that

3pH - pAlST = 2.35pH, 510, - 0.17 (2pH - g2y

- 0.13 (3pH - pFe3+) + 0.30 pKeq [7]

where p indicates the negative logarithm of the respective terms.

Since heterogeneous equilibrium, on the other hand, is independent
of the exchangeable ion, we may start with equation 3 . Equation

4 can then be rearranged as was equation 6 to give

3+

3pH-pAl>" = 2.49pH,Si0; + 0.18 (3pH-pMg2 ") + 0.14 (3pH-pFe 1)

- - 8
0.32p1<eq 0.18pH. [8]

Comparing equation 8 with equation 7 we see that the two largest
differences in coefficients are 2.35 vs. 2.49 for pH, 510y and
zero and 0.18 for pH. If equation 7 can be distinguished from
equation 8 experimentally, it will have to be through use of
these coefficients. In Figure 2, 3pH—pAl3+ . 18104 for
equations 1 and 8 is graphed at constant Mg + Fe3 and pH.
Considering estimated precision of analyses and appropriate
ranges in solution composition, it would not be possible to
distinguish a slope of 2.35 from one of 2.49.

Based upon previous results with Belle Fourche montmoril-
lonite (20), it is not likely that the pH range will exceed one
unit for equilibrium samples in a system where both A13% and Fe
activities can be determined and where A13% is the dominant
exchangeable ion. This means that log Kyq for heterogeneous
equilibrium in equation 4 would differ from log K., for homo-
geneous equilibrium in equation 6 by a maximum of about 0.2 due
to the pH term. Since the average deviation of log K., for Belle
Fourche montmorillonite was + 0.2 for an equilibrium pﬂ range of
less than one unit (20), it is evident that equation.7 cannot be
distinguished from equation 8 on the basis of the pH term. Thus,

3+
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'
ALBITE
-+
]
o
o
GIBBSITE Na MONT.
KAOLINITE
Figure 1. Some minerals in the system e
HCI-H,0-Al,0;~Na,0-SiO, at 25°C. - -
After Helgeson et al. (16). log H4SiO4

3pH-pAl®*

Figure 2. Comparison of Equations 7

and 8 for constant Mg*, Fe*, and pH.

The slope of 2.35 on the basis of analyses

having the precisionl indicated by the
circle.
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under the experimental conditions required to determine all
necessary ions in the system montmorillonite-solution, it does
not appear possible to experimentally distinguish homogeneous
equilibrium from heterogeneous equilibrium.

The System Montmorillonite-Gibbsite-Hematite-Solution

The experimental difficulty preventing a choice between
homogeneous or heterogeneous equilibrium arises from the fact
that A13% and Fe3* occupy mineral exchange sites when their
activity in solution is high enough to measure. The key to
surmounting this difficulty is the addition to the system of
standard minerals of known stability (e.g., gibbsite, Al(OH)3,
and hematite, Fe203 which will control equilibrium A13% and Fe
at very low activities which can be calculated from the
equilibrium pH even though they cannot be measured. Since A3t
and Fe3t cannot be measured, gibbsite and hematite of known
stability cannot serve as internal indicators of sample equili-
brium. 3+ 34

If the equilibrium pH is kept near 7, A1~ and Fe~ acti-
vities in solution will be very low and thelr occupatlon of
exchange sites will be negligible. Also, Mg2 levels will be
relatively low, because only small amounts of the montmoril-
lonite need dissolve to saturate the equilibrium solution. If
sr2* is used as the exchangeable ion and is added in large enough
amounts, it will compete effectively with Mg * for exchange sites.
Thus, the exchange sites should be occupied almost exclusively by
a single exotic ion, providing a maximum effect on montmoril-
lonite stability with a minimum of complications due to exchange-
able ions also present in the montmorillonite framework.

3+

Homogeneous Equilibrium. For homogeneous equilibrium
including gibbsite, hematite and exchangeable Sr +, the dis-
solution equation would be

[(51; g7Al 13) (Aly o3Mey sgFe o *45)020(0M) 15T 5o + 17.62 H,0
+1.72 H' = 7.87 1,510, + 3.16 AL(OH), + 0.58 Mgt
+0.22 Fey0, + 0.28 sr2T. [9]
Assuming the activity of solid phases and water to be unity, then
PK,, = 7.87 pH,S10, + 0.58 oMg?t + 0.28 psrit- 1.72 pH.
Grouping terms and rearranging gives
2pH-psr2T = 28.11pH, $10, - 2.07 (2pH-pMg>T) - 3.57pK, - [10]

If samples are prepared so that the equilibrium pH ranges from 6
to 8 and pSr is maintained at 3 for all samples, then the range
in 2pH - pSr2 will be 4. This range will correspond to a change
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in EHASiOA of 0.14, which is negligible. However, a range in
2pHT - pSr2+ of 4 corresponds to a range of approximately 2 in
2pH - ng2+. This in turn corresponds to a change in ngZ+ of
approximately 6, over the pH range 6 to 8. This change in ngZ+
can be measured easily.

Heterogeneous Equilibrium. For heterogeneous equilibrium
and exchangeable Sr4t, there should be no relationship between
pH-1/2pSr2+ and the other parameters in equation 10. The re-
lationship that probably should be observed can be derived as
follows:

. 3+ 0.56
[(51; g7ALg 13) (Aly o3MBy sgFeg 45)0pq(0M), 17777 + 17.62 H,0
+1.72 5" = 7.87 H,Si0, + 3.16 AL(OH), + 0.58 Mgt
+0.22 Fey0,. [11]
. 2
pKeq 7.87 pH48104 + 0.58 pMg™ - 1.72 pH.
Grouping terms and rearranging gives
pH = 14.05 pH,S10, - 1.03(2pH-ng2+)-1.79pKeq [12]

For a range in pH from 6 to 8 the anticipated change in pHASiO4
is once again negligible (at 0.14). As with equation 10,
however, a range in pH of 2 units corresponds to an easily-
measured range in pMg?t of 6 units.

Dissolution Equations. In equation 10, the effect of
variable experimental values of pH4SiO can be eliminated by
adjusting all pH,Si0, values to a singie arbitrary value through
the coefficient 28.11. Equation 10 thus represents a straight
line of slope -2.07 on 2pH—pSr2+ axes with an intercept of
28.11 pH45104-3.57pKeq, as indicated in Figure 3. Similarly,
equation 12 can be represented by a straight line on pH vs
2pH - ng2+ axes, with a slope of -1.03 and an intercept of
14.05 pH,8104-1.79pK, , as shown in Figure 4., 1If overall
montmorillonite equilibrium corresponds either to equations 9 and
10 or to equations 11 and 12, it should be possible to distinguish
between the two by noting which relationship is most closely
approached when the data are plotted according to Figures 3 and 4.

It may be that overall montmorillonite equilibrium, whether
it be homogeneous or heterogeneous, is not adequately represented
by the formulas considered thus far (e.g., 30). However, if
equilibrium is carefully approached ‘from undersaturation and
supersaturation over a sufficiently broad range of solution
conditions, it whould be possible to accurately determine the
slopes of lines similar to those shown in Figures 3 and 4. These
slopes represent the coefficients in appropriate dissolution
equations. Thus, it seems likely that proper equations can

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.



Publication Date: March 19, 1979 | doi: 10.1021/bk-1979-0093.ch020

20.

pH

KITTRICK ~ Ion Exchange and Mineral Stability 409

INTERCEPT
28.11 PH4Si04~3.57 PKegq

. SLOPE -2.07

Figure 3. Experimental wvalues con-
forming to Equation 10 should lie along

17

t += J the indicated line for homogeneous equi-
2pH-pMg? librium .

INTERCEPT
14.05pH,S104=1.79 pK eq

SLOPE —1.03
s

Figure 4. Experimental values con-
forming to Equation 12 should lie along

' t 1 the indicated line for heterogeneous equi-
2pH-pMg2* librium.
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be derived from careful experimental results. Such experimental-
ly-derived equations should show whether or not stability and
exchange equilibria are linked. They should also show exactly
how dissolution equations for minerals with exchangeable ions
must be written in order that true equilibrium constants will be
obtained.

An array of analyses along a line of appropriate slope may
in fact be one indicator of sample equilibrium. More reliable
indicators would be 1) approaching the solubility line from both
undersaturation and supersaturation and 2) the return of samples
to a solubility line after the equilibrium has been perturbed.

Abstract

Minerals with ion exchange capacity strongly influence the
chemical and physical properties of soils and sediments, and the
composition of natural waters. The stability and exchange
characteristics of these minerals have important practical and
theoretical implications to agriculture, pollution control, and
petroleum production. Understanding the stability and exchange
characteristics of these minerals is presently limited because of
uncertainty as to whether equilibria involving mineral structural
ions are 1) separate from, or 2) linked to, equilibria involv-
ing exchangeable ions. Practical and theoretical applications of
mineral and exchange equilibria have proceeded upon one or the
other of these opposite assumptions, guaranteeing a large body of
questionable data.

Calorimetric methods cannot distinguish between separate or
linked equilibria in the same sample. For the mineral montmoril-
lonite (an aluminum silicate containing Mg, Fe and other elements),
under the restricted conditions where all common ions are measur-
able, solubility methods also cannot determine whether the two
equilibria are separate or linked. However, when gibbsite,
Al§OH)3, and hematite, Fe,03, are allowed to control A13% and
Fe3tin equilibrium with mongmorillonite (at low levels that can-
not be measured but which can be accurately calculated), it
should be possible to experimentally determine whether or not the
two equilibria are linked, using solubility methods.
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Silica Apparent Solubilities and Rates of Dissolution

and Precipitation

For ca. 25 Common Minerals at 1°-2°C, pH 7.5-8.5
in Seawater

DAVID C. HURD, CHARLES FRALEY, and JAMES K. FUGATE
Hawaii Institute of Geophysics, University of Hawaii, Honolulu, HI 96822

This paper is basically an outgrowth of an ear-
lier paper (1) wherein the author considered the
possible effects of glacial weathering on the silica
budget of Antarctic waters. In that study a number of
finely ground rocks, considered to be typical of those
now being glacially eroded from the Antarctic conti-
nent and deposited nearby, were allowed to react with
1-2°C seawater having dissolved silica concentrations
typical of Antarctic surface and bottom waters. It
was found that a number of rocks either adsorbed
silica from solution or dissolved so slowly as to pro-
vide negligible input to the silica budget. This
finding was somewhat different from those of earlier
investigators (2, 3) who had postulated that these
same rocks might well be a significant source of dis-
solved silica to the world oceans and comparable to
the annual input by rivers. Constructive criticism of
Hurd's manuscript by C. V. Clemency and P. E. Calkin
State Univ. N.Y., Buffalo, personal communication 1977)
suggested the need for studying individual minerals as
well as the above rocks observed by Hurd. The following
study is, in part, a response to that criticism.

We have chosen to look at the data from a partic-
ular point of view: how much reaction would occur
during a 0-6 week period for a given mineral at various
dissolved silica concentrations. We wanted to try to
begin to understand the following questions by such an
approach:

1. Would any of the 25 common silica-containing
minerals we were studying release or precipitate dis-
solved silica over the range of dissolved silica
values commonly encountered in open ocean waters or in
sediment pore waters, and if so at what rates and
magnitudes would these reactions occur?

0-8412-0479-9/79/47-093-413$08.25/0
© 1979 American Chemical Society
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2., If any of the above minerals were to be the
only mineral injected into the bulk of ocean waters,
could it measurably affect the overall silica budget?
If so, to what extent?

3. If we were to look at all of the minerals
under their conditions of maximum dissolution rate
(i.e. at near-zero dissolved silica concentrations
and/or from freshly ground material) can we create
what will be analogous to a chemical weathering
sequence for these minerals in seawater at low temper-
atures? If we can, how does this arrangement relate
to those currently in existence for fresh waters?

4. 1Is there any simple way to relate mineral
structure to solubilities and release rates? Will
this ranking allow us to suggest the order of impor-
tance of these minerals with respect to input or
removal of silica to the silica budget?

The results and discussions of our experiments
involving the above questions will be considered in
two sections along with a Hawaii Institute of Geophys-
ics data report. The first section, dealing with our
proposed method for considering the problem of esti-
mating alumino-silicate solubilities in seawater at
1-2°C, pH 7.6-8.3 and of a method for estimating
particle dissolution rates, will be discussed and
criticized in this paper. The second section, dealing
with the application of these calculations to the
silica cycle in the oceans will appear in the near
future. The data report which will be a compilation
of the dissolved silica and pH measurements, and X-ray
diffraction and elemental analyses of each mineral
sample, as well as a number of the first-order flux
and dissolution rate calculations will be available
by Spring 1979. A copy may be obtained by writing to:
Publications Office, Hawaii Inst. of Geophysics, 2525
Correa Road, Honolulu, Hawaii 96822.

Methods

Mineral samples were initially broken up using a
Diamond@ rock crusher. Using an agate mortar and
pestle the coarse sand and smaller sized particles
were further ground to a fine powder, which was then
screened through .a 160 mesh sieve. The resulting
sample particles were all less than 100 microns in
diameter.

Then, 2.00 * 0.02 grams of a given powdered sample
were weighed out and transferred to a clean, labeled,
polyethylene bottle. Approximately 75 * 3 cm3 por-
tions of 1-3°C, 33 £ 2 %, salinity, filtered seawater,
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whose dissolved silica concentration had been adjusted
to the desired value, were added to each of the sam-
Ples. The sample bottles were then placed on a shaker
table, shaken at 100-150 shakes/min, and kept at 1-3°C
for the duration of the experiment. After the appro-
priate sampling interval had passed, the samples were
removed from the shaker table and centrifuged at 1000-
2250 rpm (300-1000 g) for 4-15 minutes depending on
the sample. The clear supernatant was poured off into
clean plastic bottles, filtered through 0.45 micron
Millipore@ or Gelman® filters and analyzed for dis-
solved silica according to the method described by
Strickland and Parsons (4). Fresh, cold 75 cm3 por-
tions of the corresponding seawater solutions were
added to the samples and shaking was resumed.

Silica standard solutions were prepared by fusing
a weighed amount of powdered quartz with NajCO3 in a
platinum crucible, following a procedure described in
Maxwell (2). The resulting fused material was dis-
solved in distilled-deionized water and diluted to a
concentration of either 10 or 20 x 10-3 molar $i0,.

A couple of pellets of NaOH were added to the solution
to maintain basicity. The standard solutions used in
the analyses were dilutions of these Si0, solutions,
using 0.70 N NaCl as the diluting liquid. A set of
standards was done with each set of analyses, and the
precautions of Fanning and Pilson (6) adhered to, as
well as those of Strickland and Parsons (4&).

Those solutions which were buffered (pH range
7.6-7.9) had the pH adjusted by the addition of enough
sodium bicarbonate to make the solution 10 mM. Those
solutions which were unbuffered generally remained in
the pH range 8.3-8.5. The pH measurements were made
after centrifugation but before filtration of each
sample.

Specific surface areas were generally measured at
the beginning and end of each run. The one exception
to this was the experimental series pH 8.3-8.5, ca.
100 pM Si(OH)4 wherein the seawater solutions were

divided roughly in half after six weeks. One of the
portions was continued in the experiment using 37 to
38 cm3 portions of the spiked seawater. The other

half of the sample was centrifuged, and the solid
washed several times with distilled water and dried.
This latter sample was then used to determine the
"half-way" point specific surface area. Difficulties
attendant with this procedure are described in the
results section.
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Results

Release Rate Curves. Figures la, b and ¢ show a
portion of the raw data involving dissolution and pre-
cipitation of silica in pH 8.3-8.5, 1-3°C seawater
solutions for the minerals olivine, albite and kaolin-
ite respectively. These figures show the difference
between the initially adjusted value of dissolved
silica in the extracting solution and whatever the
value was at the time of solution change. This par-
ticular approach of using a series of seawater extrac-
tions all having the same initial dissolved silica
concentration for a given experiment was an attempt to
imitate the situation of a given mineral suspended in
open ocean seawater, which has a certain dissolved
silica value. 1In that there is so little suspended
silicate or alumino-silicate material per unit volume
in the deep oceans (7, and references therein), the
dissolution or precipitation of such material would
not immediately have a significant effect on the water
surrounding it. It is obvious to us that our experi-
ments imperfectly mimic the desired set of conditionmns.
A graph of instantaneous concentration of dissolved
silica in the extracting solution versus time would
show a series of ramps above the initial dissolved
silica value for dissolution and below it for precip-
itation. The concentration of dissolved silica in
solution is always changing but is periodically
returned to the same reference point at the time of
solution change to see if the process of dissolution
or precipitation of dissolved silica will continue at
that reference value. 1In Figure la it appears that
the change from net dissolution to net precipitation
occurs somewhere between 200 and 475 pM dissolved
silica in the pH range 8.3-8.5. 1In Figure 1b, the
changeover occurs near 50 M for albite and in Figure
lc, between 2 and 50 M for kaolinite. The type of
information to be gained from the above figures is
useful but limited unless we know the amount of avail-
able reactive surface for each mineral per unit
volume of extracting solution.

Surface Area Data. Table I summarizes the sur-
face area data for the rocks and minerals studied.
There are three groups of surface area values. Those
in the column labeled "initial" are those values
obtained from dry-ground samples which had no contact
with seawater or any other fluid. Those values in the
5th and 6th columns refer to numbers obtained from the
pH 8.3-8.5, ca. 100 E§ dissolved silica experiment
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wherein: the values in the 5th column refer to the
half of the suspension which was poured off after six
weeks, and the 6th column refers to the remaining
solid whose area was determined after an additional
4-6 weeks. The remaining numbers refer to samples
which had reacted with the seawater solutions for at
least six weeks, and which were washed briefly with
distilled water, dried and analyzed.

There are many troubling inconsistencies in the
numbers in Table I.

The observant reader will note that in many cases,
the average of the columns 5 and 6 data for a given
mineral may be very close to the column 1 value, even
though the numbers in columns 2 and 3 are quite dif-
ferent from each other. This prompted an experiment
which produced the data in Table II. In this experi-
ment, two grams of freshly ground mineral were placed
in a small plastic bottle with 75 em3 of seawater; the
bottle and contents vigorously shaken for ca. 60
seconds and approximately half of the suspension
poured off as rapidly as possible. Then the specific
surface area of each portion was determined. The data
in Table II suggest that there is a great deal of
inhomogeneity in freshly ground samples having spe-
cific surface areas of ca. < 1 mz/gm. Larger surface
areas (i.e. ca. > 20 mz/gm) are seemingly much less
affected probably because of the longer settling times
of the smaller particles. These results suggest that
unless a given sample has been previously size sorted,
samples of the suspension should not be periodically
removed by pouring off small volumes because the sur-
face area of solid:volume of solution may change in an
unpredictable manner.

Yet another difficulty arises when the data in
columns 2-4, 7 and 8 are compared with column 1 and
the averages of columns 5 and 6. Differences among
the former columns of 100% are common although a num-
ber of the minerals show fairly small scatter. This
suggests that the variability from one sample to the
next for the same mineral is important, especially in
view of the fact that no attempt to size separate the
finest particles from our freshly ground samples was
made. We also do not appear to have enough informa-
tion to conclusively say whether there should be con-
sistent increases or decreases in specific surface
area depending on whether dissolution or precipitation
of dissolved silica occurs. It is likely that inter-
sample specific surface area variability swamps most
of the effects of chemical reaction during our sam-
pling periods.

In Chemical Modeling in Aqueous Systems; Jenne, E.;
ACS Symposium Series; American Chemical Society: Washington, DC, 1979.
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Effects of Grinding on Solubility and Dissolution
Rate. As mentioned in the introduction, this research
is an outgrowth of a previous work (1) wherein
freshly-ground but otherwise untreated material was
allowed to react with low-temperature seawater having
various dissolved silica concentrations. The process
of grinding surely produces very small particles which
may have higher surface energy because of their size
alone and may also disturb the actual surface of
larger mineral grains especially where bonds have been
broken. These two poss