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ABSTRACT

The objectives of this study were [1] to conduct some

experimental tests of the surface precipitation adsorption model, and

[2] to work on the development of a simple yet widely applicable

approach to modelling adsorption of inorganic ions on oxide surfaces.

The latter represents the first portion of our continuing effort to

develop a data base for adsorption of inorganic contaminants in oxide

suspensions.

An investigation of the kinetics of cadmium adsorption on

hydrous ferric oxide at different initial adsorbate/adsorbent ratios

was conducted as a partial test of the surface precipitation model.

Kibetics of cadmium adsorption were observed to slow considerably as the

adsorbate/adsorbent ratio was increased. The results confirm our

hypothesis that adsorption kinetics should decrease as the

adsorbate/adsorbent ratio is increased because of the shift from surface

complexation to surface precipitation as the dominant adsorption

mechanism.

A number of constant pH equilibrium adsorption experiments with

cadmium and hydrous ferric oxide were conducted in order to verify the

isotherm predicted by the surface precipitation model. A recently

published, extensive isotherm for zinc adsorption on hydrous ferric oxide

was also examined. This investigation revealed that cation adsorption

isotherms exhibit adsorptive saturation at high adsorbate concentrations

and that the smooth transition from adsorption to precipitation predicted

by the surface precipitation model occurs above this saturation. To

model these data, a two site-type model with surface precipitation on

weak binding sites is needed.

VIIIni III IIII 1IIIIImiIIIll



As the first step in our effort to develop a data base for

adsorption of inorganics, we reviewed available adsorption data and

surface complexation models and identified a modelling approach capable

of describing all existing data. The model that we propose is a two site

surface complexation model with surface precipitation on weak binding

sites, combined with the diffuse layer model for electrostatic

corrections. For proton and anion binding, two site-types and surface

precipitation will usually not be necessary - these refinements are

included for accurate description of cation binding. The basic diffuse

layer surface complexation model is thus the nucleus of the proposed

universal model.
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CHAPTER I. INTRODUCTION

Background

Sluicing systems are commonly used at coal-fired electric power

plants to remove combustion residues, i.e. fly ash and bottom ash, from

the plant. In most cases these sluicing streams are directed into ponds

in which settling of the ash particles takes place. The sluicing water,

minus most of the solids, is usually then discharged into a stream or

lake, though in some plants a portion or all of the sluicing water is

recycled (1).

A variety of soluble chemical species are present in ash sluice

streams from leaching of the fly ash and bottom ash and also possibly

from addition of plant liquid wastes to the sluice water. Disposal of

liquid wastes in sluice water is a practice that varies from plant to

plant. Liquid wastes produced in the operation of a coal-fired power

plant include boiler and cooling tower blowdown, wastes from boiler

cleaning and other cleaning procedures, coal pile runoff, etc.

The chemical contaminants of most concern in sluice waters are

inorganic, in particular metals. These are derived from input of liquid

wastes and from leaching of ash particles, which consist primarily of

oxides of iron, aluminum, and silicon but also contain a number of other

metals at lower levels (2,3). Fly ashes generally contain little organic

matter (4,5), and less than one percent of the organic carbon present is

extractable in benzene (5).

Upon contact with water, ash particles tend to form coatings of

hydrous aluminum and iron oxides, with the latter dominant (3,6,7).

Because these surface coatings happen to have large adsorptive affinities

and capacities for metal ions, ash settling ponds also serve as treatment



systems for removal of trace metals (8,9). In addition to

adsorption/desorption reactions, other chemical processes governing the

fate of dissolved metals in ash ponds are precipitation/dissolution and

possibly redox reactions in the bottom layers of some ponds.

In previous work performed at MIT, Farley et al. (10) developed a

physical-chemical model capable of predicting fluid and particle

transport as well as chemical equilibrium in ash ponds. The novel and

most critical features of this ponding model are the submodels for

sedimentation and adsorption. The sedimentation submodel (10,11)

emphasizes the importance of coagulation in the sedimentation of

suspended particles and is a departure from the common engineering

approach to sedimentation in which discrete particle settling is assumed.

A simple power law description of sedimentation kinetics was developed by

approximating the theoretical coagulation equations and was verified by

laboratory experiments. To describe the adsorption of metals in oxide

suspensions, a new thermodynamic adsorption model -- the surface

precipitation model (10,12) -- was developed because existing adsorption

models were found to be inadequate at the relatively high metal

concentrations typical of ash ponds. The surface precipitation model

extends the surface complexation approach (13,14) and allows for a

continuum between surface reactions and precipitation. This continuum is

evident in adsorption data but cannot be described with existing surface

complexation models.

Farley et al. (10) used the ponding model to predict the performance

of several ash ponds with respect to solids and metal removal. Mass

removals of solids predicted by the model agreed with field observations,

but prediction of the chemical composition of pond effluent was somewhat

less successful. The discrepancies between predicted and observed



effluent chemical composition were due in part to the use of

inappropriate analytical techniques to characterize effluent chemistry

(neutron activation analysis, which detects metals fixed in the solid

matrix of ash particles in addition to the soluble and leachable metals

of interest) and in part to lack of adsorption constants for some

chemical species in the sluice water. Despite these problems, the model

was successful in predicting trends in effluent chemistry under changing

operational conditions.

Objectives and Scope

In order to make the ponding model a predictive tool for chemical

removal, our long rang objectives are [1] to obtain experimental

verification of the surface precipitation model, [2] to develop a

complete data base for the surface precipitation model, and [3J to

demonstrate the predictive ability of the surface precipitation model-

(using the enlarged data base) when applied to complex systems. To use

the surface precipitation model (or any chemical adsorption model) in a

predictive way, development of a data base specific to the chosen model

is needed. Existing data for the adsorption of inorganic ions on metal

oxides have been interpreted by individual investigators with a great

variety of adsorption models which are not consistent with each other and

do not yield similar values for equivalent parameters (15).

Our work in 1984 encompassed important parts of the first two of the

objectives above. We conducted adsorption kinetics and equilibrium

experiments to test several aspects of the surface precipitation model,

and we worked on development of a simple yet widely applicable approach

to modelling adsorption of inorganic ions on oxide surfaces. The latter

represents the first portion of our larger effort to develop a complete

3
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set of mass law adsorption constants for the surface precipitation model.

The experimental work related to surface precipitation is presented in

Chapter II and the theoretical investigation related to adsorption

modelling is described in Chapter III. Three appendices are also

included. Appendices A and B contain listings of the raw experimental

data while Appendix C is a brief critique of the quality of equilibrium

adsorption data for inorganics reported in the literature. The third

appendix is intended to serve as an aid in choosing experimental data for

extraction of adsorption constants and is thus an extension of the

"Guidelines" section of Chapter III. In addition, Appendix C will serve

as our reference for assessment of data quality in our future work aimed

at development of an adsorption data base.
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CHAPTER II. SURFACE PRECIPITATION: AN EXPERIMENTAL INQUIRY

II.A KINETICS OF CADMIUM ADSORPTION ON HYDROUS FERRIC OXIDE

Introduction

Many experimental studies of cation adsorption on hydrous metal

oxides have been conducted over the past two decades, the primary

objective being to obtain equilibrium adsorption data under a variety

of solution conditions. Given the common objective in these studies

and the similarity in experimental designs, the relatively wide range

of equilibration times reported in the literature (minutes-weeks) is

at first glance a bit surprising. Moreover, it is often difficult to

evaluate the validity of equilibration times because they are

established in "preliminary experiments" which are not reported in

detail. Though adsorption of cations by hydrous metal oxides is

frequently reported to be very rapid (e.g. for adsorption of cations

on MnO2 - Refs. 1,2,3), other investigators may employ much longer

equilibration times in adsorption experiments with the same oxide

(4,5).

Equilibration time discrepancies in the literature are traceable

to the two step character of the kinetics of cation adsorption on

hydrous oxides at constant pH. The two step process comprises a

rapid initial uptake followed by a slower step in which the

equilibrium adsorption density is approached asymptotically. In many

adsorption studies it is assumed that the contribution of the slow

adsorption step is small and short equilibration times are selected.

However, it has been demonstrated that under certain conditions the
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slow adsorption step can represent a significant portion of total

adsorption (5,6,7). There has not been much investigation of factors

that determine cation adsorption kinetics, but some factors that

appear to slow adsorption kinetics and increase the importance of the

second adsorption step are increased ionic strength (1,8) and

increased adsorbate/adsorbent ratio (8,9). Adsorption kinetics are

also likely to be influenced-by pH, but effects of pH have been

studied over narrow ranges only (8,10).

In this study we examined the effect of the initial

adsorbate/adsorbent ratio on the kinetics of cadmium adsorption on

hydrous ferric oxide (HFO). The study was undertaken as a partial

test of the hypothesis that adsorption of metal cations on hydrous

oxides at high adsorbate/adsorbent ratios involves a different

mechanism than at low ratios, i.e. surface precipitation rather than

surface complexation (11). An additional objective was to

investigate the importance of the adsorbate/adsorbent ratio in the

design of equilibrium adsorption experiments.

Experimental

Experiments were conducted in a closed system consisting of a

200 mL Teflon beaker inside a 250 mL jacketed glass beaker (see

Figure A.1) and a nitrogen atmosphere was maintained in the system.

Nitrogen gas was passed through an Ascarite-filled drying tube to

remove CO2 and then through Millipore Q-water to saturate it before

it entered the reaction vessel. The reaction vessel was maintained

at 25.0 ± 0.1C using a circulating water bath.

A check for CO2 contamination in the reaction vessel was

performed by measuring CO2(aq) and 02 (aq) in a 100 mL solution of
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O.1N NaNO3 using gas chromatography. After confinement in the

reaction vessel for 4 hours, 80 mL of the solution were withdrawn

with a gas tight syringe and samples were prepared for GC analysis

using a head space equilibration technique (12). Gas samples from

these equilibrations were injected into a gas chromatograph with a

thermal conductivity detector; a Carbosieve-B column was employed for

CO2 (g) analyses while a molecular sieve 5A column was used for 0 2 (g).

The concentration of CO2(aq) so determined was below the detection

limit (less than 5 pM) and the concentration of 02 (aq) was

negligible, the latter confirming no atmospheric contamination.

The pH was monitored continuously in all experiments (Orion

combination pH electrode 91-05; Orion Model 801 digital pH meter) and

maintained at 7.50 ± 0.05 by addition of CO3-free NaOH as needed.

These tasks were automated using a pH-stat; that is, the pH meter was

linked to a microcomputer which in turn was used to control base

delivery from a Gilmont microburet.

All Teflonware in contact with the solution was soaked in 3N

HNO 3 at least 24 hours prior to use. Chemicals used to prepare metal

stock solutions were reagent grade, dilutions were made with

Millipore Q-water, and all stocks were acidified to pH < 2 with

distilled HNO 3 . Concentrations of stock solutions were checked by

means of atomic absorption spectrophotometry (Perkin Elmer Model 372

with HGA 400 graphite furnace). A check for cadmium contamination in

10-3 M and 10 M Fe(NO3) 3 solutions by AAS indicated less than 10-8M

total cadmium contamination.

Hydrous ferric oxide (HFO) was precipitated in situ by dropwise

addition of CO3-free NaOH to a 100 mL ferric nitrate solution; the

ionic strength was fixed at 0.1N with NaNO 3 in all experiments. The
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resulting suspension was aged 4 hours at pH = 7.50 ±0.05 with

constant stirring. Physical-chemical characteristics of the

amorphous colloids formed upon precipitation of ferric nitrate have

been examined in detail in a number of recent studies (13, 14, 15,

16).

At the end of the aging period cadmium nitrate was added which

contained radioactive Cd-109 (New England Nuclear) as a tracer.

Samples (ca. 500 to 1000 L) were withdrawn at various times using

Teflon tubing connected to a Plastipak 5 mL syringe. The samples

were expressed through 0.025 pM Millipore membrane filters (cat. no.

VSWP 01300) which were held in Millipore 13 mm polypropylene filter

holders. Cadmium was measured in the acidified filtrate by liquid

scintillation counting of the Cd-109 tracer. Sample volumes were

small in order to avoid significant drawdown in the reaction vessel

since adsorption of HFa to the walls of the Teflon beaker was

significant. [This sticking of adsorbent to the vessel walls in

unknown quantities eliminated the possibility of determining

adsorption by counting the Cd-109 on the solids retained by the

filter.] To compute the percent adsorbed, it was assumed that all

HFO in the vessel was reactive. At least two experiments were

conducted for each combination of total Cd concentration (TOTCd) and

total iron concentration (TOTFe). In a carbonate-free system at pH =

7.50, Cd2+ is by far the dominant dissolved cadmium species

[(Cd2+)/TOTCd = 0.9975; (CdOH+)/TOTCd = 0.0025; based on stability

constants from Morel (17)].

Adsorptive losses of Cd to the reaction vessel walls and on the

filtration apparatus were investigated and quantified. An experiment
-5

with TOTCd = 5x10-5 M and no solid present indicated that maximum

11
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adsorption to reaction vessel walls was 3±2 percent after 27 hours.

No correction was applied to the adsorption data for this effect

because of the large uncertainty and the likelihood that HFO coatings

on the vessel walls would outcompete any exposed Teflon surface. To

examine adsorptive losses in the course of filtration, experiments

were conducted with TOTCd ranging from 6.5x10 - 7 to 10- 2 M and no

solid present. Samples were withdrawn and filtered after a 2 hour

-3
incubation period. In all experiments with TOTCd < 10-3 M , 10 ± 3

percent of TOTCd was adsorbed on the filtration apparatus, perhaps

because of the pre-soaking in HNO3 (18). Since less than millimolar

TOTCd was employed in the experiments reported here, measured

solution concentrations were corrected for a 10 percent adsorptive

loss in filtration, i.e. true (Cd2 + ) = 1.125 x measured (Cd2+).

Results and Discussion

The initial adsorbate/adsorbent ratio was shown to influence

adsorption kinetics in two complementary sets of experiments. In

one, the concentration of HFO was held constant and TOTCd was varied

(Figure A.2) while in the other TOTCd was fixed and the adsorbent

concentration was varied (Figure A.3). Adsorption kinetics slowed

with increasing adsorbate/adsorbent ratio in both sets of

experiments. The raw experimental data are listed in Appendix A.

The mechanism of adsorption, at least for low

adsorbate/adsorbent ratios, likely involves the formation of surface

complexes between the adsorbate cation and functional groups on the

oxide surface (19, 20, 21). At higher adsorbate/adsorbent ratios,

however, adsorption may proceed via another mechanism (11, 21). In

terms of the surface precipitation model (11), the slowing of

12
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Figure A.3 Kinetics of Cd2+ adsorption on hydrous ferric oxide.
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ratio varied by changing solid concentration:
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adsorption kinetics with increasing adsorbate/adsorbent ratio is due

to the shift to solid solution formation as the dominant adsorption

mechanism. Indeed, Harvey and Linton (21) recently detected the

formation of increasing amounts of Zn(OH)2(s) surface precipitate on

HFO with increasing equilibration time.

The possibility of a shift in the mechanism of adsorption at

higher adsorbate/adsorbent ratios is supported by the fact that only

the adsorption kinetics data for lower TOTCd/TOTFe ratios can be fit

with a rate expression corresponding to a surface complexation

reaction, e.g.

+ 2+ +
FeOH + Cd = FeO-Cd + 2H ;K [A.1]

+

2+
Cd 2 . At equilibrium,

{EFeO-Cd+ I {H+ 2  f
K = = [A.2]

{EFeOH {Cd 2+ b

where {} represent activities and f and b are forward and reverse

reaction rate constants, respectively. For constant pH and

electrolyte concentration, it is convenient to work with a

conditional constant that incorporates pH effects as well as

activity corrections, including electrostatic effects due to the

charged surface.

Kapp (FeO-Cd1Cd f [A.3]

(=FeOH2 ) (Cd 
2 + )  s2{H+ b

15
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The parentheses in Eq.[A.3] represent concentrations, YCd is the

activity coefficient for Cd2 + , and ysl and ys2 are the activity

coefficients for the two surface species. To simplify notation, let

+
X = EFeOH

2

C = Cd2 +

+
XC = EFeO-Cd

In this notation, the rate expression for the surface complexation

reaction in Eq. [A.3] is written

d(XC)/dt = f'(X)(C) - b'(XC) [A.4]

Equation [A.4] can be expressed in terms of (XC) by substituting for

(X) and (C) from the applicable conservation equations:

XT = total X = (X) + (XC) [A.5]

CT = total C = (C) + (XC) [A.6]

After substituting for (X) and (C) and some algebraic manipulation,

Eq. [A.4] can be rewritten as

d(XC)/dt = f'(XC) 2 - (XC)[f'XT + f'CT + b'] + f'XTCT [A.7]

which is a first order, nonlinear differential equation with constant

coefficients that can be solved numerically for (XC) as a function of

time. It is possible to obtain estimates of Kapp and XT by



considering simultaneous mass law equations for two equilibrium

conditions.

(XC)1  [Kapp XT - Kapp (XC)1] (C)1  [A.8]

(XC)2 = [Kapp X - Kapp (XC)2 ] (C)2  [A.9]

By substituting equilibrium (XC) and (C) values for the cases TOTFe =

10- 3 M, TOTCd = 6.5x10 - 7 M and TOTFe = 10- 3 M, TOTCd = 5.0x10 - 6 M

into Eqs.[A.8] and [A.9], the following estimates were obtained:

Kapp = 7.04 x 105

-6
XT = 5.0 x 10 M

Using a fourth order Runge-Kutta formula to solve Eq. [A.7], values

of f' and b' that enabled fits of the top two data sets in Figure A.2

were determined subject to the constraint that Ka p p = f'/b'. The

parameter values selected were

f' = 3.52 x 10 hr - 1 M-

-1
b' = 0.05 hr-1

which provide excellent fits of the two data sets corresponding to

the lower adsorbate/adsorbent ratios. As indicated in Figure A.2,

the two data sets corresponding to higher ratios could not be fit

with the same parameter values. Adsorption was significantly

underpredicted for the lower two data sets for all times. The reason

for this underprediction is apparent by noting that the values of

TOTCd in both cases exceed XT by at least an order of magnitude.

-I



Hence, in both cases only a small fraction of TOTCd could be

associated with the surface if the adsorption process was only one of

surface complexation.

The same rate constants were employed to obtain the curves shown

in Figure A.3. XT was adjusted for the different values of TOTFe [M]

using the relationship

-3
XT = 5 x 10 x TOTFe [A.10]

i.e., it was assumed that XT is linearly related to TOTFe. As seen

in Figure A.3, good fits are obtained for data sets with TOTCd < XT.

For the case TOTCd = 6.5xi0 - 7 M, TOTFe = 10- 4 M, however, adsorption

is underpredicted for all times. Though TOTCd is greater than the

-7
XT (= 5x10-7 M) in this case if Eq. [A.10] is valid, TOTCd does not

exceed XT to a sufficient extent to entirely explain the poor fit

obtained. A better fit would result if either Kapp or XT were

increased, but such changes would mean that either binding intensity

or site density decreases with solid concentration. These

possibilities are discussed in the next section of this report. For

the present we simply conclude that adsorption rates slow with

increasing adsorbate/adsorbent ratio and that a rate expression based

on a surface complexation reaction only works for systems with low

adsorbate/adsorbent ratios.

These experiments demonstrate that the commonly employed 1-4

hour equilibration times are adequate only for systems with low

adsorbate/adsorbent ratios, i.e. systems with surface sites in great

excess. At higher ratios, equilibration times of 30-48 hours or

greater may be necessary. Considering the kinetics data for Cd



adsorption reported here, the data for Ag and Hg reported by Avotins

(6) and Davis (7), and the data for Zn reported by Kinniburgh (22),

48 hour equilibration times would seem to be appropriate for

adsorption experiments with HFO at higher TOTM/TOTFe ratios.

Summary

A systematic investigation of the kinetics of cadmium adsorption

on hydrous ferric oxide at different initial adsorbate/adsorbent

ratios was conducted. The kinetics of Cd2+ adsorption were observed

to slow considerably as the adsorbate/adsorbent ratio was increased.

At the lower ratios examined, reaction times of 0-15 hours were

required for equilibrium while at the higher ratios equilibration

times were on the order of 30-48 hours. The kinetics data obtained

for systems with low ratios of adsorbate/adsorbent could be fit with

a rate expression derived with the assumption of surface complex

formation. Data obtained at higher adsorbate/adsorbent ratios could

not be fit with the same rate expression. At the higher ratios the

dominant adsorption mechanism may involve solid solution formation

which would explain the continued adsorption after site saturation and

the slower reaction kinetics. In any case, these results show that the

adsorbate/adsorbent ratio must be taken into account in the design of

equilibrium adsorption experiments with hydrous oxides and in the

assessment of reported adsorption data for use in equilibrium models.
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II.B EQUILIBRIUM ADSORPTION OF CADMIUM AND ZINC ON HYDROUS FERRIC OXIDE

Introduction

In the surface precipitation model for equilibrium metal ion

adsorption on hydrous oxides (1,2), a transition from surface

complexation to surface precipitation (solid solution formation) is

considered to occur as reactive surface sites become completely

occupied. This mechanism, which is depicted schematically in Figure

B.1 for the adsorption of a metal cation to hydrous ferric oxide, is

somewhat analogous to the mechanism proposed by Brunauer et al. (3)

for adsorption of gases onto solids. The BET theory for multilayer

adsorption at the gas/solid interface involves a transition from

adsorption at reactive sites to condensation of gas molecules

adsorbing subsequently at the occupied sites.

At constant pH, the mathematical formulation of the surface

precipitation model reduces to an isotherm equation which is similar

to the BET isotherm equation. This similarity is evident by comparing

the classic BET isotherm plot with isotherm plots computed with the

surface precipitation model, e.g Figure B.2 for the adsorption of a

metal cation on hydrous ferric oxide. At low metal concentrations,

surface complexation is the dominant adsorption mechanism and

adsorption follows a Langmuir isotherm. As metal concentration is

increased and saturation of reactive sites is approached, surface

precipitation becomes increasingly important. In this range

adsorption follows a Freundlich isotherm. With further increases in

metal concentration surface precipitation dominates the adsorption

process and the model predicts a smooth transition between surface

reactions and bulk solution precipitation of the adsorbate metal.
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Figure B. 1 Adsorption isotherms predicted by the basic surface
complexation model and the surface precipitation model.



---- ~l Yll~i i

5
-Fe-O-H(0)M2+H O20 - Fe-O-MOH(. ) +H+

Schematic of surface complexation model

-Fe-0-H()+ M2+ 2H O Fe(OH) (s)-M-O H (+)H +
i2 3 H

H(+) M2+ __ Fe(OH) (s) M H +
Fe(OH) (s):M-O ()+M +2H 20 3 M-O(+)+2H

3 H M(OH) 2 (s) H

Schematic of surface precipitation model
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Though the linear (surface complexation) and nonlinear

(transition) regions of the isotherm shown in Figure B.2 have been

observed experimentally, past experimental studies of metal adsorption

have not been carried out at sufficiently high adsorbate

concentrations to verify the shape of the isotherm in the region where

surface precipitation is expected to dominate. At metal

concentrations that approach bulk solution precipitation, the surface

precipitation model predicts a rapid increase in adsorption density.

To test this prediction, we conducted equilibrium adsorption

experiments with cadmium and hydrous ferric oxide (HFO) for a wide

range of adsorbate concentrations in order to develop a complete

adsorption isotherm. In this section we present the results of these

experiments and interpret them in terms of the surface precipitation

model. We also compare our results with some recent data for zinc

adsorption on HFO that span a wide range of Zn concentrations.

Experimental

Experimental materials and methods were the same as described in

Section II.A with the following exceptions. The equilibration time

for all experiments was 48 hours. Samples were withdrawn and analyzed

two or three times after 24 hours to insure the attainment of

-3
equilibrium at 48 hours. For TOTCd greater than 10-3 M, no correction

for adsorption onto the filter apparatus was necessary. In some of

the systems with very high TOTCd and TOTFe inputs, lesser amounts (or

no) NaNO 3 was necessary to achieve an ionic strength of 0.1 M. For

the highest TOTCd and TOTFe systems, ionic strength was greater than

0.1 M but in no case exceeded 0.5 M (see raw data in Appendix B).
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Results and Discussion

Results from the equilibrium adsorption experiments with cadmium

and hydrous ferric oxide at pH=7.50 and 0.1 M ionic strength are

presented in Figure B.3. Data obtained by Benjamin (1978) under the

same conditions of pH and ionic strength but with somewhat different

experimental methods are also given for comparison.

The Cd-HFO isotherm appears to exhibit a linear relationship

-6
between p(Cd) and prCd at low metal concentrations (less than 10-6 M),

especially if the data obtained in systems with lower (10- 4 , 2x10 - 4 M

TOTFe) and higher (10- 3 , 5x10 - 3 M TOTFe) solid concentrations are

considered separately. The approximate 0.3 log unit difference in

adsorption density between the two sets of data indicates that

adsorption at the lower solid concentrations exceeds that at the

higher concentrations by a factor of two. Honeyman (4) has observed a

solid concentration effect of similar magnitude for Cr(VI) adsorption

onto Al203 and HFO. Wheter this solid concentration effect is due to

experimental artifacts (5), to a decrease in effective surface area by

coagulation, or to some other process is not known. The scatter in

the Cd-HFO isotherm is reduced significantly if data for only one

solid concentration are considered (Figure B.4).

The line with slope 1.0 drawn on Figure B.3 through the data at

low metal concentrations was computed with the assumption of a surface

complexation reaction as described in Section II.A (Eq. [A.1]); the

stability constant K and the site concentration XT derived in Section

II.A were used for the calculation. Recall that K and XT were derived

by solving simultaneous mass law expressions for two systems with

-3
TOTFe = 10 M (points indicated by check marks in Figure B.3). The

noncoincidence of the isotherms for the low and high solid

26
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Figure B.3 Adsorption isotherm for adsorption of Cd2+ on hydrous ferric

oxide at pH = 7.50. The various fitted curves are described in the text.

Csa t represents Cd2+ concentrations at which bulk solution precipitation

of Cd(OH)2(s ) is expected based on reported solubility products.
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concentration systems (the solid concentration effect) explains why

-4
the kinetics data for TOTFe = 10 M (Figure A.3; bottom plot) could

not be fit with the same rate constants as the kinetics data for TOTFe

= 10-3 , 5x10-3 M (Figures A.2, A.3; top two plots). The forward (f)

and reverse (b) rate constants were selected such that f/b = K, where

-3
the value of the stability constant K was optimal for TOTFe = 10 M.

Note in Figure A.3 that adsorption is underpredicted by approximately

-4
a factor of 2 for TOTFe = 10 M. This is precisely what one would

expect from the isotherm data in that adsorption densities for TOTFe =

-4
10 M systems are about a factor of 2 higher than those for systems

with TOTFe = 10-3 , 5x10-3 M.

In terms of the surface precipitation model, the surface

complexation reaction of Cd2+ with HFO can be expressed as

+ 2 +  + +FeOH2 + Cd + 3H 0 = Fe(OH) + =CdOH + 2H [B.1]2 2 3(s) 2

where the surface symbols E and = are used to denote bonds of the

metal atoms at the surface of the solid and have different meanings

3+ 2+
for Fe3 and Cd2+: FeOH represents [Fe(OH)3]n and =CdOHO represents

[Cd(OH)21n . Thus, reaction [B.1] is balanced with respect to H and 0.

The stability constant for reaction [B.1] is given by

{Fe(OH) (s)} (=CdOH ) {H+} 2

K 3 [B.2]
+ 2+

(EFeOH 2) (Cd 
2 +)

2+
At low Cd concentrations the activity of the hydrous ferric oxide

is very close to unity; hence Eq. [B.2] is equivalent to Eq. [A.1] and

the same stability constant is applicable. The line with slope 1.0

drawn through the isotherm for (Cd2+ ) less than 10- 6 M corresponds to



Eq. [B.2], with unit solid activity and pK = 9.15, combined with

conservation equations for total sites and total adsorbate (see Eqs.

[A.5] and [A.6]). The horizontal line drawn on Figure B.2 indicates

saturation of binding sites, i.e. log of TOT(EFeOH)/TOTFe.

As adsorbate concentrations are increased the surface

precipitation model predicts that the dominant adsorption mechanism

shifts from surface complexation to solid solution formation (details

given in Refs. 1,2). Metals at the solid/liquid interface are treated

as surface complexes, while metals buried within the solid phase are

treated as solid species. Activities of solution species and surface

complexes are assumed to be equal to their concentrations while the

activities of the solid species, for a first approximation, are

assumed to be equal to their mole fractions (ideal solid solution

behavior). For adsorption of Cd2+ on HFO, the equations which define

the surface precipitation model (for constant pH) include Eq. [B.2]

and the following:

+ 2+ + +
=CdOH2 + Cd + 2H20 = Cd(OH) + =CdOH2  + 2H [B.3]

S/KsP(Cd)

+ 3+ + +
FeOH + Fe + 3H 0 = Fe(OH) + EFeOH + 3H [B.4]

2 2 3(s) 2 1/K S/KP(Fe )

TOTCd = (Cd2 +) + (=CdOH2) + (Cd(OH)2 (s)) [B.5]

TOTFe = (Fe 3 ) + (EFeOH2) + (Fe(OH)3 (s)) [B.6]

TOT(=FeOH) = (2FeOH 2) + (=CdOH 2) [B.7]

{Fe(OH)3(s)} = (Fe(OH) 3(s))/[(Fe(OH) 3 (s)) + (Cd(OH) 2 (s))] [B.8]

{Cd(OH)2(s ) } = (Cd(OH) 2 (s))/((Fe(OH) 3 (s)) + (Cd(OH) 2 (s))1 [B.9]

------ -oil



Since this system of 8 equations contains 8 unknowns, (=Cd(OH)2) and

(Cd(OH)2 (s)) can be determined explicitly and an analytical isotherm

(constant pH) expression can be derived (1,2). If the solubility

product for HFO (K SP(Fe)) is regarded as fixed, the surface

precipitation isotherm equation contains three fitting parameters: K,

TOT(EFeOH), and KSP(Cd). The use of KSP(Cd) as a fitting parameter

means that the solid phase activity coefficient for Cd(OH)2 (s) is not

unity, i.e. deviation from ideal solid solution behavior is allowed.

For the Cd-HFO adsorption data in Figure B.3, the two solid

curves that coincide and become linear for p(Cd) > 6 are isotherms

predicted with the surface precipitation model for log KSP(Cd) equal

to 12.5 and 13.0; values for the surface complexation constant and

total binding sites were derived previously (pK = 9.15, TOT(EFeOH) =

5x10 -6 M). The range of values reported in the literature for KSP(Cd)

is 13.4 to 15.4. As evident in Figure B.3, the surface precipitation

model provides an adequate fit of the data at low to moderate values

of (Cd2+). At high values of free cadmium, however, the predicted

rapid increase in adsorption density is not observed. Instead, the

data indicate a maximum adsorption density. To our knowledge, this is

the first time that surface saturation has been observed for

adsorption of a metal cation on a hydrous oxide. Harvey and Linton

(6) reported saturation for Zn adsorption on HFO at pH values less

than 6.5, but their experiments were conducted with only four hour

equilibration times. As demonstrated in Section II.A (and in fact

also by Harvey and Linton), longer equilibration times are appropriate

at high adsorbate/adsorbent ratios.



The leveling off of the Cd-HFO isotherm indicates adsorptive

saturation but at higher concentrations a transition to precipitation

must occur in the isotherm. [In this study experiments at higher

TOTCd (and TOTFe) concentrations could not be conducted without the

ionic strength greatly exceeding 0.1 M. On the basis of prior

theoretical work we expected a rapid increase in adsorption density at

a lower Cd concentration, and so for consistency with much other data

we chose to use I = 0.1 M.] Indeed, there is evidence for a smooth

transition between adsorption and precipitation in some recent data

for zinc adsorption on HFO. Nevertheless, it is clear that neither

the single site-type surface complexation model nor the surface

precipitation model with only one type of reactive site is capable of

the fitting the data in Figure B.3. A two site surface complexation

model [TOT(=FeOH)I = 5x10
- 6 M, pKI = 9.15; TOT(=FeOH)II = 3.16x10 M,

pKII = 12.0] provides a better fit of the data (dashed curve in Figure

B.3), but is not consistent with a smooth transition between

adsorption and precipitation..

The surface precipitation model (2) is not exclusive of a

multiple site model(7), and a merger of the two seems appropriate in

view of the Cd-HFO adsorption data obtained in this study and the

Zn-HFO data discussed below. For example, surface precipitation can

be incorporated in a two site model by considering surface

precipitation reactions to occur at type II sites. This combined

model would give a smooth transition between adsorption and

precipitation but at higher metal concentrations as observed.

Figure B.5 shows the data of Kinniburgh and Jackson (8) for

adsorption of Zn on HFO at pH=6.5, with supplemental data from

- -- I YIIIY ~II1
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Figure B.5 Adsorption isotherm for adsorption of Zn2 + on hydrous ferric

oxide at pH = 6.50. The various fitted curves are described in the text.

C sat represents Zn2+ concentrations at which bulk solution precipitation

of Zn(OH)2 (s) is expected based on reported solubility products.



Benjamin (9). The curves fitted to the data are

(la) surface precipitation model, one site type (substitute

Zn for Cd in Eqs. [B.3]-[B.9]): log KSP(Zn) = 11.1;

-6
pK = 7.6; TOT(EFeOH) = 3.26 x 10-6 M

(ib) same as (la), but with log KSP(Zn) = 11.5;
-6

(2) two site model: TOT(EFeOH) I = 3.26 x 10-6 M, pKI = 7.6;

TOT(EFeOH)I I = 2.06 x 10- 4 M, PKII = 10.5

(3) two site model with surface precipitation on type II
- -6

sites: TOT(-FeOH)I = 3.26 x 10-6 M, pKI = 7.6;

TOT(EFeOH)II = 5.18 x 10- 5 M, PKl = 7.2;

log KSP(Zn) = 12.1

Reported values for the log of the solubility product for Zn(OH)2 (s)

range from 10.9 to 12.5. As seen in Figure B.4, the combined two site

surface precipitation model provides an excellent fit of the data at

high concentrations of (Zn2+), while either model alone tends to

overestimate adsorption in this region of the isotherm. [Note that

the number of Type II sites could be lowered for case (2), say to the

level used in case (3), and adsorption would be underestimated for

(Zn2 +) = 10- 3 - 10- 1.5 M]. Kinniburgh and Jackson (8) note that for

(Zn2 + ) greater than 10- 1.5 M adsorption density continued to increase

rapidly but they do not present the data.

In a study of the mechanism of Zn adsorption on HFO using X-ray

photoelectron spectroscopy, Harvey and Linton (6) found evidence for

surface precipitation of Zn(OH)2 (s) at relatively high TOTZn

concentrations under solution conditions not conducive to bulk

solution precipitation. In fact, they began to observe surface

precipitation at zinc concentrations slightly in excess of our

estimated concentration of Type I sites. Thus, there is some

-- I II1YI I 6 i IIYILYIYIYII 66111 i ,,ll, iiIII lmI II MliYY i l'llMA YMIl



experimental evidence that seems to corroborate our hypothesis of

surface precipitation occurring on weaker (Type II) binding sites.

The Cd-HFO isotherm developed in this study (Figure B.3) and the

Zn-HFO isotherm developed by Kinniburgh and Jackson (Figure B.5) both

span much wider ranges in free metal concentrations than any published

metal cation adsorption data. Both isotherms have data in the high

metal concentration region near-bulk solution precipitation of the

hydroxide of the adsorbate metal. On a log-log plot these isotherms

essentially consist of two linear segments, one for low concentrations

and one for moderate to high concentrations. Ignoring for the moment

the region of the isotherm close to precipitation, it seems that for

low to moderate metal concentrations the two site model is the

simplest way to fit data. [For HFO, the site concentrations can be

fixed according to the ratios TOT(EFeOH)I/TOTFe = 0.005 and

TOT(EFeOH) I/TOTFe = 0.1-0.3, and the surface complexation constants

can be determined by fitting existing data.] In the range of metal

concentrations of interest in aquatic systems, the refinement offered

by the surface precipitation model will probably not be necessary.

Nevertheless, it provides a reliable means for modelling the

transition between adsorption and precipitation at high metal

concentrations which may be encountered in some treatment processes.

On the basis of the Zn-HFO adsorption data examined in this study, it

appears that the bulk solution solubility product of the adsorbate

metal can be used reliably as a first approximation in the surface

precipitation model. Thus, the surface precipitation model can be

incorporated in a two site surface complexation model without

increasing the number of fitting parameters.



Summary

Equilibrium adsorption experiments with cadmium and hydrous

ferric oxide were conducted for a wide range of adsorbate

concentrations in order to develop a complete isotherm. Past

experimental studies have not been carried out at sufficiently high

adsorbate concentrations to verify the shape of the isotherm in the

region where surface precipitation is expected to dominate.

The Cd-HFO adsorption data obtained in this study follow a

Langmuir isotherm at low free metal concentrations (less than 10-6M)

and a Freundlich isotherm at low to moderate concentrations (10-6 M -

10-4M). Similar isotherm characteristics have been observed in

previous metal adsorption studies. At the highest free metal

concentrations examined here, a plateau in adsorption density was

observed. To our knowledge,this is the first time that surface

saturation has been observed for adsorption of a metal cation on a

hydrous oxide. Another interesting feature of the isotherm is that,

for the same soluble Cd concentration, the adsorption density of Cd on

HFO is a function of solid concentration; i.e., the partition

coefficient decreases with increasing solid concentration. Whether

this solid concentration effect is due to experimental artifacts, to a

decrease in effective surface area by coagulation, or to some other

process is not known.

The Cd-HFO isotherm was best modelled with a two site surface

complexation model since at the highest Cd concentrations examined a

maximum adsorption density was observed. Though the rapid increase in

adsorption density predicted by the surface precipitation model was

not observed for the range of Cd concentrations studied, it has been

observed in isotherm data for Zn adsorption on HFO (8). To fit the Zn



data, a two site surface complexation model with surface precipitation,

of Type II sites is necessary. The idea of surface precipitation at

high adsorption densities (and hence on weaker binding sites) seems to

be corroborated by some recent XPS measurements (6).

A two site surface complexation model coupled with surface

precipitation on Type II sites is capable of fitting all available

metal adsorption data. Such a model involves a minimum of four and

possibly five adjustable parameters: total Type I and Type II binding

sites, surface complexation constants for each site type, and,

possibly, the solubility product for the adsorbate metal. On the

basis of the Zn-HFO adsorption data, it appears that the surface

precipitation model can be incorporated in a two site surface

complexation model without increasing the number of fitting

parameters. In the range of metal concentrations of interest in most

aquatic systems, a two site model will be sufficient for adsorption

modelling. However, inclusion of surface precipitation will be

necessary at high metal concentrations which may be encountered in

some treatment processes.
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CHAPTER III

MODELS FOR ADSORPTION OF INORGANIC

CONTAMINANTS IN AQUATIC SYSTEMS
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INTRODUCTION &

The fate of trace pollutants in natural waters and water treatment

processes is often controlled by adsorption reactions with mobile or

fixed adsorbents. In addition to affecting the physical transport of

dissolved species, adsorption can lead to changes in chemical reactivity

and/or biological availability.

In a recent review article, Karickhoff (1) expounded the dominant

scientific concepts now used to explain and model the adsorption of

trace organic pollutants in aquatic systems. Here we wish to discuss

the concepts and the models used to describe and quantify the adsorption

of trace inorganic compounds. These two related fields, trace organic

and trace inorganic adsorption, can be contrasted both in their

underlying principles and in their intents.

Trace organic (ad)sorption is conceived as a solvent partitioning

process, a view which provides great generality of application but

little insight into the details of molecular association between solids

and solutes. The major interest here is order of magnitude prediction

for the partitioning of many compounds under many conditions. Indeed,

sorption of hydrophobic trace organic compounds can be roughly predicted

with a remarkably small number of parameters describing the solid

and the solute (e.g., organic content and octanol/water partition

coefficient).

In contrast, adsorption of trace inorganic solutes, mostly ions, is

conceived as a surface coordination process implying a detailed

molecular picture. A major goal of this approach is to provide a

physical-chemical explanation for the interrelation between

electrostatic charge development on solid surfaces, and ion adsorption.
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While the electrostatic interaction between the solid and the solute is

amenable to a general treatment, the dominant chemical interaction is

specific for each solid-solute pair and its description requires

extensive empirical information. The resulting thermodynamic models are

(or at least appear) complicated, data intensive, and not as general as

one would wish. The specificity of the physical-chemical interactions

demands this level of detail, however. Similar site-specific models

will likely be needed to describe adsorption of polar organic compounds

since available empirical formulations for "nonhydrophobic"

contributions are unsatisfactory (1).

Unlike hydrophobic sorption which depends chiefly on the organic

content of the solid, surface coordination of ions depends strongly on

the nature of the adsorbing phase. One must thus decide in a review

like this which particular solid phases to consider as important

adsorbents. Potential adsorbents in aquatic systems comprise biotic

(e.g. algae, bacteria, zooplankton) and abiotic particles, both

inorganic and organic. The most common inorganic adsorbents are hydrous

metal oxides (as homogeneous phases or coatings), clays, and sands,

while the most common organic adsorbents consist of plant and animal

remains and humic coatings on mineral surfaces.

Along the inorganic adsorbents, metal oxides have the highest

affinity for ions because of their charged, reactive hydroxyl surface

sites combined with their high surface area. Hydrous oxides also are

prevalent as coatings on all types of particles, including clays (whose

edges have an oxide structure), other mineral phases, particulate

organic matter (2,3), fly ash in settling ponds (4,5), and even the

surfaces of algal cells (6). Because of their ubiquitous presence and

their strong affinity for inorganic ions, we focus here on adsorption on
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hydrous metal oxides -- chiefly, oxides of iron, manganese, aluminum and

silicon which are the dominant inorganic adsorbents in natural waters

(2,3,7) and in many water treatment processes as well (5,8,9,10,11).

Adsorption of ions by organic coatings on mineral surfaces is

suspected to be significant in aquatic systems with an abundance of

dissolved humic material. Many studies of ion binding by dissolved

humic material have been performed, but investigations of ion binding by

mineral surfaces coated with humic material have only recently

commenced. Factors that govern the accumulation of humic material on

mineral surfaces and the effects of the accumulated material on metal

binding are not well understood and are given only scant treatment in

this review.

The historical development of the scientific concepts used to

describe surface phenomena in oxide suspensions has oscillated between

physical and chemical paradigms (12). Our understanding of the

processes at electrified interfaces in solution is now based on the

classical double layer theory (Gouy-Chapman) and its extensions

(Stern-Grahame). The charge development mechanism for oxides is

different from that of reversible electrodes such as AgI, however.

Early theoretical studies, which focused on the application of

electrode theory to oxides, served to elucidate the differences (see

Ref. 13). Out of this work a common modelling approach has emerged

based on the surface ionization concept first introduced in studies of

ion binding by proteins (14).

In the surface ionization (or complexation) approach, surface

charge is considered to develop on oxides via ionization reactions at

specific surface sites. Adsorption of ions on oxide surfaces is viewed

as analogous to the formation of soluble complexes: i.e. ions



(including H+ and OH -) bind to functional groups at the surface and

these reactions can be described by mass law equations. With knowledge

of the number of functional groups and their binding constants, surface

charge can be computed for different conditions in solution. Models

combining the classical Gouy-Chapman-Stern-Grahame approach and the

surface ionization concept have performed reasonably well in describing

surface acid-base chemistry and ion binding to oxide surfaces.

Various empirical approaches have also been used to model ion

binding by oxide surfaces, including partition coefficients, isotherm

equations, and Kurbatov plots (15,16). Empirical descriptions are

necessarily limited to particular conditions and are not easily

extrapolated to other conditions of pH and ionic strength. On the other

hand, models based on chemical theory, even if containing some empirical

components, enable prediction of equilibrium adsorption beyond the range

of available data.

Due to their apparent complexity and to their multiplicity, current

inorganic adsorption models have only been used by those directly

involved in the field and their practical application lags far behind

that of partitioning models for hydrophobic organics. The intent of

this article is to remedy that situation by providing a simple and

compact review of the dominant paradigms of inorganic adsorption, by

defining the field of applicability as well as the limitations of the

resulting models, and by demonstrating their usefulness in practical

situations.



THE OXIDE/WATER INTERFACE

Hydroxyl Surface Sites

When a metallic oxide is exposed to water or its vapor, surface

hydroxyls are formed as illustrated in Figure 1. Metal ions

in the surface layer of a dry oxide are not fully coordinated (Figure

la), and water molecules when present occupy these vacant coordination

sites via chemisorption (Figure Ib). The surface becomes hydroxylated

by proton transfer from the bound water molecules to the neighboring

oxide ions (Figure Ic). Proton transfer is energetically favored

because better charge neutralization in the lattice is achieved; i.e.

the univalent hydroxide ions can fit nearer to the centers of positive

charge than the divalent oxide ions (17).

Infrared spectroscopic studies have indicated the existence of

different types of hydroxyl sites on hydrous oxide surfaces. Typically,

several chemically distinct site types are inferred from infrared

spectra obtained for different degrees of surface dehydration (e.g. see

Ref. 18). In the idealized structural model of Figure Ic two types of

OH groups can be distinguished: those bound to one metal ion and those

bound to two metal ions. Boehm (17) observed that the

doubly-coordinated OH groups should be strongly polarized by the

cations, thus loosening the bond to hydrogen and resulting in acidic

character. For the singly-coordinated OH groups the polarization should

be much weaker; these groups should be basic in character and possibly

exchangeable for other anions. Acidic and basic surface OH groups have

been detected by means of infrared hydroxyl stretching frequencies

(19) and approximately quantified via reaction with site-specific

reagents (17).
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FIG. 1.-Cross-section of the surface layer of a metal oxide.
Adapted from Refs. 21 and 55.
(a) Surface ions are coordinatively unsaturated.
(b) Surface metal ions coordinate H20 molecules in the presence

of water.
(c) Dissociative chemisorption leads to a hydroxylated surface.
(d) Physisorption of water on the hydroxylated surface.
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Water binds to surface OH groups and is thus structured at the

oxide/water interface. Heat of immersion studies (20,21) and surface

spectroscopy (22) suggest water adsorption to the surface, possibly as

illustrated in Figure id. The first layer of water is formed by

hydrogen bonding of a single water molecule to two surface hydroxyls,

and an ice-like structure (restricted rotation, stronger hydrogen

bonding than liquid water) is developed in the next few layers. This

structuring of interfacial water may tend to give uniform effective

properties to surface hydroxyl groups.

Amphoteric Rehavior

The common metallic oxides all exhibit amphoteric behavior in

water. Hydroxylated oxide surfaces can acquire both positive and

negative charge, and the sign and magnitude of this charge is dependent

on pH. For a system consisting purely of water and an immersed oxide,

surface charge is established by adsorption and desorption of H+ and OH

ions (23) as depicted schematically in Figure 2.

It has generally been assumed that oxide surfaces are truly

amphoteric. That is, all surface hydroxyls have been considered

exchangeable and capable of losing protons; they are thus modelled as

diprotic acid groups (Figure 2). This approach, which has enabled

successful description of the pH-dependent charge of various oxides

(13,24,25,26), is the one we follow in this discussion. Nonetheless, it

is important to remember that the amphoteric property of individual

surface hydroxyls is assumed. The overall amphoteric behavior of the

surface could also be described by considering independent acidic and

basic surface groups (27).
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Surface Charge

Oxide particles may be considered as having fixed surface charges

determined primarily by acid-base surface reactions. In the absence of

other specifically adsorbed cations and anions, the surface charge

0 (C/m2 ) is computed as

0 = F/AS [(-SOH2 ) - (SO-)] = F[ H - 0H ] [1]

where F is the Faraday constant (96500 C/mol), A is the specific surface

surface area (m2/g; obtained for example from measurements of N2(g)

adsorption), S is the solid concentration (g/L), and PH, FOH are the

adsorption densities (mol/m2 ) of H+ and OH- ions. The pH at which the

proton excess at the surface is zero ([H - rOH = 0) is known as the zero

proton condition, or ZPC; in the absence of other adsorbates, the zero

proton condition corresponds to the zero point of charge (28). The

surface is then negatively charged when pH exceeds the ZPC and

positively charged when pH is less than the ZPC.

The surface charge is determined experimentally by comparing the

titration curve of an oxide suspension with that of the medium alone.

The net consumption of H+ or OH by the solid phase can be determined by

difference and a net adsorption curve (surface proton excess) can be

plotted (see Ref. 26 for a detailed example computation). The surface

charge can then be calculated as a function of pH. As discussed below,

the surface charge of oxides increases with ionic strength as the

electrical double layer is compressed and proton exchange reactions are

facilitated.



Electrical Double Layer; Surface Potential

When a charged particle is introduced into an aqueous system, a

localized disturbance of electroneutrality occurs and is counteracted by

the development of an excess density of oppositely charged electrolyte

ions near the particle surface. The separation of charges in this

"electrical double layer" (EDL) results in a potential difference across

the interface. Although the potential difference across an oxide/water

interface is typically not large (e.g. 0.01 - 0.1 V), the thickness of

the interphase region is very small (e.g. 1 nm) and thus the electric

field strength is very large -- on the order of 105 to 106 V/cm. This

strong electric field dictates the distribution of nearby ions in

solution and affects the transport of ions coming to or leaving the

surface.

Classical EDL theory , developed from investigations of completely

polarizable (mercury) and completely reversible (silver iodide)

electrodes, provides an accurate description of the spatial distribution

of counterions in the vicinity of these model surfaces (Figure 3).

Stern (see Refs. 29,30) and Grahame (29) refined the original

Gouy-Chapman model (see Refs. 29,30) by taking into account the finite

size of ions and proposing that counterions can approach a charged

surface only to within a certain distance. These modifications

eliminate the problem of predicting physically impossible ion densities

very close to the surface (29,30).

Classical EDL theory is readily applicable to the diffuse part of

the double layer at the oxide/water interface. Difficulties and

differences among adsorption models occur in the geometric description

of specific adsorption, i.e. in the treatment of the compact layer at

the oxide/water interface. Both the Stern and the Grahame descriptions
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have been applied along with several other modifications which are

described below. Investigations of the oxide/water interface have not

yielded a consensus model for specific adsorption because, unlike the

mercury and silver iodide electrodes, neither the structural

characteristics nor the binding mechanisms associated with oxide

surfaces are well understood. The structuring of water on oxide

surfaces complicates matters further.

Zeta Potential

Potential differences across solid/water interfaces can be measured

by means of electrokinetic methods, primarily electrophoresis. In this

technique the movement of charged particles in an applied electric field

is observed and the average particle velocity is used to estimate the

charge per particle. Surface potential is then calculated from the

average charge using Poisson's equation. This so-called zeta(C)

potential is often considered to be the potential at the edge of the

diffuse layer, Yd (Figure 3).

The zeta potential corresponds to the effective shear or slipping

plane between the moving and stationary phases and this shear plane does

not necessarily coincide with the outer edge of the layer of adsorbed

ions. Since water near a charged surface has high vi scusity and moves

with the solid (31), it is likely that in aqueous systems the shear

plane occurs beyond the edge of the 'Stern' layer so that - < Td. In

general the location of the shear plane is not certain bccause the

amount of bound water is unknown. Studies with silver iodide

(31,32) have shown that equivalence of C(observed) and Td(calculated

from Gouy-Chapman theory) holds only for low potentials and low ionic

strengths. With higher potentials and higher ionic strengths, and hence
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stronger interfacial electric fields, the shear plane apparently moves

further from the surface and the difference between and Td increases

greatly (31).

Calculation of zeta potentials from electrophoretic mobility

measurements requires that the mobility-zeta potential relationship be

known for the colloid of interest. Such relationships have been derived

and tested for particles with simple geometries (33,34). For

irregularly shaped particles such as oxides, however, mobility-zeta

potential relationships are generally unknown. Oxide particles are

usually approximated as uniformly charged spheres in order to calculate

zeta potentials (35). Hence, for most oxides, zeta potentials

calculated from electrophoresis data are not accurate and arguably they

are of little use in understanding the EDL properties of colloidal oxide

systems.

ADSORPTION OF IONS ONTO OXIDE SURFACES

Proton Adsorption

The amphoteric ionization reactions of surface sites which cause

charge development on oxide surfaces can be expressed by

+ o + int
=SOH = ESOH + Hs K [2]

2 s al
+ int

ESOH°  = ESO + H K i [3
s a2

where H + denotes protons in the surface plane. For equilibrium
s



conditions, corresponding mass law equations can be written:

int f{~SOH0 } {H }
al {SOH [4]

2

Kint {=SO-} s [5]
a2 {ESOH0

where {} represent activities. Protons at the surface are distinguished

from protons in bulk solution because the electrical potential

difference(o) between these regions results in a different chemical

potential of the proton. Electrostatic energy is required to move ions

through the interfacial potential gradient. The proton activity at the

surface is related to the bulk solution activity according to the

Boltzmann distribution:

{H +} {H+ } exp(-FTY /RT) [6]
s 0

where To represents the surface potential (compared to a reference

potential of zero in the bulk solution) and R, T, F are the gas

constant, absolute temperature, and Faraday constant, respectively.

This separation of chemical and electrical effects is arbitrary,

however, since the chemical and electrical parts of an electrochemical

potential are not thermodynamically distinguishable (36,37).

Substituting Eq.[6] into Eqs. [4] and [5] yields

(ESOH ° ) (H+ }
al (SntOH2 ) exp(-F' /RT) Kap exp(-yo) [7]

( SO-) {H*}
K int (SO H exp(-F/RT) = Ka p p exp(-y o) [8]
a2 (soHo) a20
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which implies that the apparent acidity constants are functions of the

extent of ionization. Each coordination or dissociation of a proton at

the surface changes the surface charge and thus affects the acidity, an

effect which has been observed experimentally. Concentrations of

surface species can be employed as in Eqs. [7] and [8] by either

assuming that the ratio of the activity coefficients for the surface

species is near unity (38) or that the surface activity coefficients are

included in the coulombic term, itself an explicit activity coefficient

(39,40).

The variation of the acidity constants for an oxide is illustrated

in Figure 4 where the acid-base behavior of a hypothetical oxide is

presented for two ionic strengths. With increasingly positive surface

charge it becomes more difficult to bind protons; vice versa, with

increasingly negative charge it becomes more difficult to dissociate

protons.

Cation Adsorption

Metal cations which form strong complexes with OH ions in solution

also bind strongly to hydrous oxides in certain pH ranges. Metal

adsorption to oxides is analogous to metal hydrolysis in solution in

that both adsorption and hydrolysis increase as the pH is increased and

both are accompanied by the release of protons (41,42,43).

Adsorption of metal cations onto oxide surfaces is highly pH

dependent. For all adsorbing metals the fraction bound increases from

zero to one over a narrow pH range, typically one pH unit. Such "pH

adsorption edges" are presented graphically in Figure 5a where the

percentage of metal bound is plotted against pH.
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FIG. 4.-Surface speciation for a hypothetical oxide computed with the
int int

diffuse layer model. pKint = 7.66, pKint = 8.98, N = 1.05 mM,
2 al a2 s

A = 129 m /g, solid conc. = 8.174 g/L, and (a) I = 0.1 M,

(b) I = 0.001 M. (c) Variation of pKap p and a p p with pH and
Sal a2

ionic strength. Apparent acidity constants were computed from

the corresponding equilibrium concentrations in (a) and (b).
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Proton release associated with cation adsorption can be measured by

back titrating to constant pH an oxide suspension to which a cation has

been added (44,45) or by measuring the displacement of acid-base

titration curves. In the presence of adsorbing metal cations, titration

curves for hydrous oxides are shifted to higher pH values (Figure 6) and

the pH of zero proton condition (ZPC) is lowered.

In most cation adsorption experiments, one observes that the pH

edge shifts to the right as the adsorbate/adsorbent ratio is increased

(15,46). As total cation concentration is increased or the amount of

oxide in the system is decreased, the fractional adsorption at a given

pH value is reduced (Figure 5a). However, there appears to be a

threshold adsorbate/adsorbent ratio below which no shift in the pH edge

is observed.

The decrease in adsorption density with increasing

adsorbate/adsorbent ratio is also evident in constant pH isotherms. As

shown in Figure 7, isotherms for adsorption of metal cations on oxides

are non-Langmuirian across a very wide range of concentrations.

Freundlich isotherms (linear with slope less than 1.0 on a log-log plot)

such as shown in Figure 7 for the adsorption of zinc on hydrous ferric

oxide have been observed for a variety of cations and oxides (16,46).

Only at very low cation concentrations (< 10 -7M) have adsorption

isotherms with slopes of 1.0 been reported (46). In order for the pH

edge to remain fixed with increasing adsorbate/adsorbent ratio, the

isotherm must have a slope of 1.0 on a log-log plot; i.e. the increase

in adsorption density must be proportional to the increase in ion

concentration. As discussed later, several explanations for the

Freundlich isotherms (and pH edge shifts) have been proposed.
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Metal cation binding can be characterized quantitatively by

considering the formation of surface complexes; for example

S2+ + +
SOH0  + M = ESOM + H KM  19]

The choice of surface species (or possibly multiple surface species) for

a particular situation is dictated by the available experimental data.

Proton release associated with sorption of a cation is potentially a

constraint on the type of surface species-postulated (45,47), but such

data are scarce relative to bulk partitioning data.

Cations adsorb onto oxide surfaces in response to both chemical

and electrostatic forces. Effects of electrostatic interactions can be

taken into account by inclusion of a coulombic term in the adsorption

equilibrium constant KM:

KM= t exp(-AZ FY/RT) [10]

where AZ is the net change in the charge number of the surface species

and T is the potential at the plane of adsorption. Electrostatic

interactions seem to have a weak influence on cation adsorption,

however, since cations can adsorb against electrostatic repulsion (42)

and ionic strength appears to have little effect on the extent of cation

adsorption (48).

Adsorption of specifically adsorbed cations can be determined

directly by measuring concentration changes in solution or on the solid.

An indirect determination of adsorption can be made by measuring the

shift in the alkalimetric-acidimetric titration curve which occurs in

the presence of a coordinating ion (49). The same methods are also used

to measure anion adsorption.



Anion Adsorption

Specific adsorption of anions is believed to involve ligand

exchange teactions in which hydroxyl surface groups of the oxide are

replaced by adsorbate molecules which bind directly to the central metal

ions on the surface (50,51). Stumm et al.(50) have shown that several

anions have comparable tendencies to form metal complexes in solution

and at the oxide/water interface.

Anion adsorption is often referred to as the mirror image of cation

adsorption because anion binding decreases as pH increases and the

process involves proton uptake or release of hydroxyl ions (51). As is

the case with cations, the adsorption of anions onto oxide surfaces is

highly pH dependent. For anions, however, adsorption is greatest at low

pH and decreases gradually as pH increases, from 100 to zero percent of

ligand bound over a range of 3 to 4 pH units (see Figure 5b). The

proton uptake (or OH release) which accompanies anion adsorption is

evidenced by a displacement toward lower pH's of acid-base titration

curves for oxides; correspondingly, in the presence of specifically

adsorbing anions the ZPC is raised (Figure 6).

Increasing the adsorbate/adsorbent ratio in adsorption experiments

with anions above some threshold level causes the pH edge to shift to

the left (52). That is, as the total concentration of acion is

increased or the amount of oxide is decreased the fractional adsorption

at a given pH is decreased (Figure 5b).

In contrast to cation adsorption, anion adsorption typically

exhibits clear Langmuir isotherm characteristics at constant pH (see Figure

17): slopes of 1.0 and zero with increasing concentration on a log-log

plot. The difference between cation and anion isotherms is probably
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explained by the diversity of (hydroxyl) binding sites for cation

coordination versus the uniformity of (metal) sites for anion surface

coordination.

Ligand exchange reactions of anions at reactive sites on oxide

surfaces can be described by surface complexation reactions. For

example,

ESOH + A = ESA + OH K [11]

or for protonated anions

ESOH0  + HA2- = SHA + OH- = SA2 - + H20 [12]

The types of surface species required for a particular situation depend

on the experimental data.

The influence of'the interfacial electrostatic field can once again

be taken explicitly into account by inclusion of a coulombic term in the

adsorption equilibrium constant:

int
K = K exp(-AZ F'/RT) [13]
A A

As is the case with cations, adsorption of anions can also take place

against electrostatic repulsion and ionic strength has only a weak

effect on the extent of adsorption (53).

Cation/Anion Adsorption and Surface Charge

With specific adsorption of cations and anions on oxide surfaces,

the measured proton balance [ao = F(rH - OH)] no longer represents the

actual surface charge. Consider, for example, the adsorption of Mg2+ on

alumina (49) in which the surface species EAIOMg and (EA1O)2Mg
0 are

1101,11, 'ilm .NNIUi ,



formed. In this case the proton balance is given by

ao = F/AS [(EA1OH 2 ) - (EAlO) - (EA1OMg) - 2((EA10) 2Mg )] [14]

Clearly, an uncharged species will not contribute to the charge on the

surface and EAIOMg will not serve to negate the positive charge

+
associated with EAlOH 2 . The net surface charge

++
a = F/AS [(EAlOH2 ) + (EAlOMg) - (EA10 )] [15]

can be related to the proton balance by

C = co  + F/AS [2(EAlOMg ) + 2((EA0) 2Mg)] [16]

In general, the net surface charge is given by

a = F [ H - FOH + Ez FMZ+ + Ez rAz- ] [17]

To compute a for a given pH, the adsorption densities of cations and

anions must be known in addition to the proton balance.

In the presence of specifically adsorbed cations and anions the pH

at which the surface has zero net charge is called the isoelectric

point(IEP). While the zero proton condition (which corresponds to an

uncharged surface only in the absence of specifically adsorbed ions

+
other than H or OH ) is shifted to a lower pH by adsorbed cations, the

isoelectric point is shifted to a higher pH. As illustrated in Figure

6, the opposite occurs in the presence of adsorbing anions.

Effects of Competing Adsorbates

In systems containing several specifically adsorbable ions, various

solutes may compete with each other for surface sites (52,54). The

adsorption of some ions in such systems may thus be limited by site



availability. Factors that determine the effects of competing

adsorbates are the relative energies of interaction with the surface,

the relative concentrations of the ions, and the pH. As shown in

Figures 8 and 9 for both cations and anions, competition effects are not

observed until one adsorbing solute is in large excess. This is

generally what is expected since, according to the mass law formulation,

competition among two species for coordination to a third one should

occur only when the third one is nearly saturated. However, calculations

of equilibrium partitioning in multiple adsorbate systems on the basis of

binding constants obtained from single adsorbate experiments typically

overpredict competitive effects. Undoubtedly this is linked to the

issue of defining the total concentration of surface sites (which need

to be saturated for competitive effects to become important), perhaps

the most thorny problem in the modelling of equilibrium ion adsorption.

Effects of Complexation in Solution

Specifically adsorbable cations and anions may form complexes in

solution which adsorb more strongly, more weakly, or the same as the

free cations or anions (52,55,56,57,58). As shown in Figure 10, the

presence of chloride or sulfate inhibits the adsorption of cadmium onto

hydrous ferric oxide indicating that the strong solution complexes

formed between cadmium and the two anions adsorb less strongly than free

cadmium. In these cases the ligands adsorb weakly or not at all under

the conditions studied and decrease the adsorption of cadmium by

outcompeting the surface for cadmium. However, in some instances the
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metal cation may serve as a bridge between the surface and a ligand as

indicated in Eq. [18].

2+ - +
-SOH' + M + L = ESOML" + H [18]

Formation of so-called Type I ternary surface complexes (55) will tend

to increase the adsorption of L at higher pH values; concomitantly, the

adsorption of M2 + will decrease if ML complexes form in solution.

Consequently, the individual pH adsorption edges for M2 + and L will

become less steep,.or smeared. At lower pH values where ligands adsorb

strongly and metal cations do not, a ligand may act as a bridge between

the surface and the metal (ternary complex - Type II) to form what is

effectively a dinuclear complex.

SOH* + L + M2+= ESLM2+  + OH [19]

Unless ML solution complexes form at low pH, the pH edge for L- will not

be much affected by the formation of a Type II surface complex.

Formation of such a complex will tend to increase adsorption of M2 + at

2+
lower pH values and thus the pH edge for M will be smeared.

In principle, the formation of ternary complexes can be taken into

account by obtaining mass law constants for reactions such as those

given in Eqs. [18] and [19J (59). At present, however, adsorption data

for solution complexes are limited and factors responsible for

cation-like or anion-like adsorption of solution complexes are poorly

understood. Although Davis and Leckie (56) have suggested some criteria

for determining how particular complexes will behave, accurate

predictions are not possible.



Effects of Organic Coatings

It is likely that in many natural systems adsorbed organic matter,

chiefly huimic compounds, affect the adsorption of metal ions to oxide

surfaces. Humates are important natural metal-complexing ligands

(60,61,62) and they bind to inorganic particles (63,64,65,66). Carboxyl

(pKa's 2.5 to 7) and phenolic (pKa 's 8 to 11) groups are the primary

functional moieties associated with natural organic matter, and the

adsorption behavior is similar to that of inorganic anions. pH edges

for the binding of natural organic matter on oxides indicate that

adsorption is greatest at low pH and decreases with pH and increasing

concentration of organic matter (65). As with other anions, protons are

also consumed by reactions of humic materials with oxide surfaces (65).

One notable difference between typical anion adsorption and adsorption

of natural organic matter is that there is an upper limit on the percent

removal for organic matter; that is, natural organic matter apparently

comprises an adsorbable and a nonadsorbable fraction (67).

Although the adsorption of simple organic acid's has been modelled

successfully with surface complexation models (56,68), data for binding

of humic material to oxide surfaces are not readily amenable to surface

complexation modelling. The major reason for this is that the

concentrations of the humic functional groups cannot be readily

determined (65) and adsorption reactions such as [ii] and [12] cannot be

quantified.

In order to model metal cation binding in systems containing

adsorbable humic material, Davis (69) described the fraction of

surface-bound ligand and of soluble ligand as a function of pH by an

empirical relationship based on experimental data. Cation binding could

then be modelled using complexation constants for cation binding to the
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surface and to solution ligands if surface sites were in excess and no

competition occurred. This approach does enable quantitative

description of a particular data set but is obviously not general.

Studies of the effects of organic coatings on metal binding by

oxides have begun only recently, but indications are that natural

organic matter has a strong influence on surface properties and

adsorptive equilibria in many aquatic systems (65,70). For example an

increase of metal cation adsorption at low pH due to the formation of

Type II ternary surface complexes and a decrease at high pH due to

competition between the oxide surface and the desorbed ligands have been

observed. However, the data base is small and there are many questions

yet to be answered. It is not known, for example, if anions can compete

with humic material for surface sites or if inorganic ions can penetrate

organic coatings in some circumstances (71). Such questions are

starting to be investigated and much information should be forthcoming

over the next decade. In this review we limit our discussion to

adsorption on "clean" oxides only because this has been the focus of

past experimental and theoretical work. Nevertheless, it is important

to remember that organic matter can significantly affect ion binding in

aquatic systems.
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SURFACE COMPLEXATION MODELS

The fundamental concept upon which all surface complexation models

are based is that adsorption takes place at defined coordination sites

(present in finite numbers) and that adsorption reactions can be

described quantitatively via mass law equations. Different assumptions

concerning appropriate electrostatic interaction terms (viz, activity

coefficients) distinguish the various models, often described

diagramatically by the geometric location of adsorbed ions at the oxide

surface. In the end, though, all of the models reduce to a similar set

of simultaneous equations which can be solved numerically. These

equations include:

- mass law equations for all possible surface reactions
- a mole balance-equation for total surface sites; for different

types of surface sites, a mole balance equation for each type
- an equation for computation of surface charge
- a set of equations representing the constraints imposed by the

model chosen for EDL structure

It is possible to incorporate any of the surface complexation models in

chemical equilibrium computer programs such as MINEQL (72) by including

components for surface sites and surface charge and making other

modifications to enable coulombic corrections of stability constants

(39,73,74,75). Because each of the mcdals is based on a different

physical-chemical scenario involving certain kinds of surface reactions

taking place in certain locations, the number and nature of parameters

involved differs from model to model.
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Basic (two layer) Surface Complexation Models

Description - In the basic two layer model of ion adsorption on oxide

solids, adsorbates are all considered to be part of the solid surface

(one layer) whose resulting electrostatic charge is balanced by an

adjacent diffuse layer in the solution (the other layer). The charge on

the surface is determined by acid-base reactions as well as surface

coordination reactions with other cations and anions. A classical

Gouy-Chapman diffuse layer distribution of ionic solutes or a close

approximation is typically assumed for the solution side of the

interface. In this model all surface coordinating anions and cations

are assigned to the same layer as H+ and OH and non-specifically

adsorbed counterions are assigned to the diffuse layer. This view of

charge distribution at an oxide interface is illustrated in Figure 11.

In the so-called "diffuse layer model" (24,26,76) the relationship

between surface charge and potential is fixed by EDL theory. According

to the Gouy-Chapman theory (for a symmetrical electrolyte with valence z

at 25"C) the surfac7e potential To' (in-volts) is related to the net

surface charge a by

a = 0.1i74 1I sinh(zFT /2RT) [C/m 2 ]  [20]

where I is the molar electrolyte concentration. Note that the finite

number of surface sites limits the value of the surface charge to

reasonable values regardless of the ionic strength.

The "constant capacitance model" (25,42,43) is a special form of

the diffuse layer model theoretically applicable only to high ionic

strength and/or low potential (< 25 mV) systems. At high ionic

YIrn
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strengths and low potentials, Eq. [20] can be approximated by

a = C [21]

where C is a constant with dimensions of a capacitance (see, for

example, Ref. 33). Under these conditions the electrical double layer,

consisting of the surface charge and diffuse layer counterion charge,

thus acts as a parallel plate capacitor (Figure 11). The capacitAnce C

is dependent on the temperature, ionic strength, and nature of the

electrolyte. Though the capacitance can be estimated from the

Gouy-Chapman theory, it is often taken as an adjustable parameter and

the model is applied to systems of all ionic strengths. Such a model is

then intrinsically different from one based on the Gouy-Chapman theory.

While there may be good reasons why the theoretical value of the double

layer capacitance may be inaccurate (e.g., different permitivitty near

the surface, inapplicability of point charge or continuum assumptions,

etc.), part of the necessity to adjust the capacitance (usually to

higher values) ensues from improper parameter extraction procedures, as

described below.

As shown in Table 1, the complete two layer adsorption model

consists of mass law equations for all surface reactions, a mole balance

equation for surface sites, and Eqs. [17] and [20] or [21] for

computatio,, of surface charge and potential, respectively. The model

parameters that must be determined from experimental data are (i) the

total number of surface sites (Ns) and the intrinsic acidity constants

int int
Kal and Ka2  (usually determined from acid-base titrations), (ii) the

total number of specific adsorption sites (NA, NC), and (iii) one or

several intrinsic adsorption constants for each specifically adsorbed



TABLE 1.-The Basic Surface Complexation Model

Mass Law Equations

SurfaCe Acidity

+ + + int

2  s  al

ESOHO = ESO + H+  Kint
s a2

Cation Adsorption

2+ + + int
ESOHO + M2  = ESOM + Hs Kt

Anion Adsorption

2- + int
SOH + A H = SA + H2 0

s 2 A

Coulombic Correction

H } = {H } exp(-F /RaT)

Mole Balance Equations*

+ +
TOT(ESOH) = N = (ESOHO) + (ESOH2) + (ESO) + (ESOM ) + (ESA)

s

TOTM = {M2 + } + (ESOM+ )

TOTA = {A2 - } + (ESA-)

TOTH = {H I - {OH-} + AS/F a
o

= {H+ } - {OH-} + (ESOH2) - (-SO-) - (ESOM+ ) + (ESA-)

Net Surface Charge

+ +
a = F/AS [(ESOH2 ) + (ESOM ) - (ESO ) - (~SA)]

Charge-Potential Relationship

a = 0.1174 I sinh(zFY /RT) ; or,

a = C'1'o



solute cation or anion. As is the case with all surface complexation

models, the surface site concentrations are considered to be adjustable

parameters because the accuracy of available techniques for measuring

oxide surface areas and site densities is uncertain. For reasons of

simplicity, one surface site concentration is typically used for binding

of all ions, though in some instances it is necessary to specify high

affinity sites for cation binding.

Parameter Estimation - The parameters which describe the acid-base

characterisitics of oxide suspensions are usually obtained by simple

graphical eitrapolation of transformed titration data to zero surface

charge. Such procedures have been developed for both the diffuse layer

model (26,76) and the constant capacitance model (25,42) and for the

more complicated surface complexation models as well. The widely used

procedure for the constant capacitance model is described below.

Because these graphical procedures incorrectly assume complete dominance

of either positive or negative sites on each side of the IEP, they lead

to systematic errors in the resulting parameters. Objective

determination of surface acidity parameters (pKa's, C, Ns) from

titration data is best accomplished by using numerical optimization

techniques (77,78).

Once the surface acidity parameters have been determined from

analysis of acid-base titration data, intrinsic constants for cation and

anion binding (see Eqs. [10] and [13]) can be determined from adsorption

data by trial and error or by using an optimization algorithm. Because

the nature of the adsorbed species is unknown and must be assumed, the

value of the intrinsic adsorption constant depends on the choice of



surface species. This choice is constrained chiefly by the pH

dependency of the adsorption data, and hence specific binding constants

are affecEed by the choice of surface acidity constants. In some

instances more than one surface species may be needed to fit

experimental data; in this sense the surface species themselves are

"fitting parameters."

The critical issue to keep in mind is that the value of each

parameter is poorly constrained individually and that all the parameters

are strongly interdependent. For example, a fairly wide range of site

concentrations (Ns ) typically allows accurate fit of acid-base titration

data. However, different pKa's correspond to different values of Ns

In turn, different intrinsic adsorption constants must be used to fit

the same adsorption data if different pKa's are assumed. Consistency

among model parameters (and between parameters and model structure) is

absolutely necessary for the application of an adsorption model.

A good illustration of parameter interdependency -- in this case

between surface acidity constants and surface capacitances -- is given

by the common graphical procedure for analyzing acid-base titration data

in the context of the constant capacitance model. Consider the

logarithmic form of Eq.[7]:

FY
log Kin t log Ka p p  o [22]al al 2.3RT

2.3RT

Substituting for T from Eq.[19] and rearranging gives

F 1 t
log Kapp = - + log Kin t

al al
2.3RT C

app int
Equation [23] shows that if log Kal is plotted against o, log Kal

81



can be determined from the intercept and the capacitance C can be

obtained from the slope. In order to compute Ka , however, surface

speciation must be known at each step of a titration. Since it is not

possible to measure concentrations of surface species, it is commonly

assumed that on the positive side of the ZPC the number of sites and the

surface charge are given by

+ + [
N = (SOH ) + (SOH') ; a = F/AS (=SOH,) [24]

and on the negative side of the ZPC

N = (SO-) + (ESOH) ; a = F/AS (-SO-) [25]

Considering the positive side of the ZPC and assumption [24], Kal can

be expressed

(ESOHO) {H + } 1 - a

Kapp = = {H+  [26]
al

(ESOH2 ) a+

where a+ = (ESOH2 )/Ns . A plot of log((l-a+)/I+ )-pH vs. a+ is thus

equivalent to the plot described above (note the critical importance of

the chosen value of Ns). If assumption [24] is-valid, such a plot

i n t

should yield a straight line whose vertical intercept is log Kal , and

whose slope is inversely proportional to the capacitance. However,

assumption [24] is not valid, except at very low pH. As illustrated in

Figure 12, the graphical linear extrapolation procedure leads to acidity
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FIG. 12.-Linear extrapolation procedure used to determine surface acidity

parameters for the constant capacitance model. -- To demonstrate

the problems associated with this graphical parameter extraction

procedure, a simulated titration of a hypothetical oxide
int int 2

(pK = 6.5; pK 2  = 7.5; N = 1.05 mM; A = 129 m2/g,
al a2 s

solid conc. = 8.174 g/L) was performed using MICROQL (74,75).

Electrostatic effects were considered to be known perfectly and

a linear relationship between surface charge and surface

potential was assumed with C = 1.2 F/m2 . The squares represent

the results of these calculations. Kapp values were computed

using the equilibrium values of (ESOH,) and (ESO ), and the

difference between these two quantities gave the surface charge.

Next, pH and ao values corresponding to each of the squares were

treated as an experimental data set and Eqs. [24] and [26] were

used to recompute K app The results of this second set of
al

calculations are given as the circles. It is clear that the

assumption of dominance of positive sites in this case is not
int

valid. The value of pK a obtained by extrapolation through the
int

circles to a = 0 is lower than the actual value of PKal , and
o al

the capacitance (given by the inverse slope of the line) is

greater than the actual capacitance. Although the deviations

are not huge, remember that the "experimental" data analyzed in

this case are as perfect as can be for application of the

constant capacitance model. Thus, the graphical parameter

extraction procedure is biased toward larger ApK values and

higher capacitances than may actually exist.
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constants that are too far apart and a surface capacitance that is too

large. These systematic errors increase with experimental error,

limited titration range, and decreasing ionic strength. Good fits of

experimental titration data at high ionic strength are still obtained

with artificially high ApK and C values because they tend to offset each

other, as illustrated in Figure 13. Optimization techniques that take

into account all surface site types are needed in order to extract from

experimental data parameter values that are truly consistent with the

chosen model.

Capabilities and Limitations of the Basic Models - The surface

complexation approach to modelling adsorption provides a mathematically

parsimonious and chemically insightful way to fit a large range of

adsorption data. The true test of a model is not in its elegance,

however, but in its capacity to predict behavior outside the range of

available data since interpolation within the data range can always be

achieved with purely empirical formulae (e.g., the Freundlich isotherm

equation). In this respect the existing surface complexation models

exhibit strengths as well as weaknesses.

Ideally an adsorption model should accurately predict the extent of

adsorption at adsorbent concentrations, adsorbate concentrations, pH's

and ionic strengths different from those used for parameter extraction.

The influence of competing species should also be predictable. Indeed,

the basic surface complexation models accurately predict the variation

in oxide acid-base properties as a function of ionic strength and the

effects of pH and ionic strength on specific adsorption. For example,

adsorption (at low adsorbate/adsorbent ratios) at other pH's can usually

be predicted using parameter values obtained from one constant pH
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isotherm, given the acid-base characterization of the oxide. Specific

adsorption of cations and anions at other concentrations can be

predicted confidently when the available isotherms are Langmuirian. For

cations this holds only for low adsorbate/adsorbent ratios since at

higher ratios Freundlich isotherms are observed. As a result,

predictions of cation adsorption outside the adsorbate/adsorbent range

of model calibration is typically inaccurate. Anion adsorption

isotherms are Langmuirian (linear with well-defined saturation) for all-

adsorbate/adsorbent ratios, but prediction of anion adsorption at other

pH's usually requires more data than for cations (i.e. two isotherms)

owing to the need to characterize the weak acid-base properties

exhibited by many anionic surface species.

The Freundlich behavior characteristic of cation adsorption

isotherms is also apparent in the parallel pH edge shifts observed for

cation adsorption. The surface complexation models do not predict these

pH edge shifts but rather predict the same pH edge until total surface

sites are exceeded; after the surface is saturated a flattening of the

pH edge is predicted. "Flat" pH edges (indicating site saturation) are

observed for anion adsorption at higher adsorbate/adsorbent ratios but

not for cation adsorption.

Because of the complex shape of cation adsorption isotherms, model

calculations of competition among cationic adsorbates at high

concentrations (using constants obtained from single ion adsorption

data) rarely duplicate experimental observations. Competition among

anions, however, is accurately predicted by the basic surface

complexation models.

Another weakness of surface complexation models is the uncertainty

concerning effects of adsorbing, complexing solution ions on cation and
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anion adsorption. This shortcoming, however, is largely attributable to

the paucity of data and the situation is likely to improve in the next

few years4

Though fairly accurate extrapolation to other adsorbent

concentrations is possible with surface complexation models, some recent

data indicate that adsorption constants for metal ions decrease with

increasing oxide concentration (79,80). A similar phenomenon has been

observed for adsorption of hydrophobic organic compounds on soils and

sediments (81). Whether this is due to experimental artifacts (82), to

a decrease in effective surface area by coagulation, or to some other

process is not known.

Finally, for the sake of completeness, the large difference between

the surface charge calculated from surface proton excess or deficit and

that measured electrokinetically (zeta potentials) must be pointed out.

Electrokinetic potential measurements indicate that the diffuse layer charge

adjacent to these surfaces is relatively low, seldom exceeding 20

percent of the charge measured-by acid-base titration (83). Considering

the ambiguity of electrokinetic measurements on oxides, it is not clear

that these differences call for a resolution. Nonetheless, such

resolution is in fact the major impetus behind the development of some

of the more complex extensions of the basic two layer adsorption model.

Model Extensions.I

Two closely related models have been developed to resolve the

"issue" of surface charge on oxide surfaces. Both consider separate

planes of adsorption for different solutes and include additional

surface capacitances as fitting parameters.



The Stern Model - The "variable surface charge - variable surface

potential" model proposed by Bowden et al.(84) is essentially equivalent

to the Stern model for specific adsorption at an electrified interface.

+
Two discrete planes of charge are assumed at the surface, with H and

OH ions binding at the innermost plane and other specifically adsorbed

ions binding at a second (B) plane separated from the first by a region

of dielectric constant el (see Figure 3b). The solution side of the

interface, which is assumed to begin immediately beyond the B-plane of

adsorption, is described with a Gouy-Chapman diffuse layer. A linear

drop in potential between the planes of surface charge is assumed so

that the two adsorption planes act as a parallel plate capacitor with a

capacitance C1.

The Triple Layer Model - The concept of surface structure upon which the

triple layer model (85,86) is based is represented schematically in

Figure 14. In this model, like the previous one, specific adsorption

of ions is assumed to take place in two separate planes (one for H and

OH ions and one for other specifically adsorbed ions) and a diffuse

layer is assumed for the solution side of the interface. In contrast

with the previous model, however, the diffuse layer is assumed to begin

at the edge of a layer of bound water (dielectric constant e2), at some

distance from the second adsorption plane. The triple layer model has

the same number of fitting parameters as the Stern model if the same

kinds of surface reactions are considered and if C2 is fixed at one

value for all oxide systems as was done by Davis et al.(86).

In applying the triple layer model Davis et al.(86) used additional

fitting parameters by considering surface reactions with background

electrolyte ions. Like the compact layer capacitances, these reactions

-- ~" 11,. Ill0Numi 1
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FIG. 14.-Schematic representation of the charge distribution on an oxide
surface and the potential decay away from the surface. This
conceptualization is used in the triple layer model.
Adapted from Davis et al.(86).



are included for the purpose of obtaining reduced surface charges so

that zeta potential data can be modeled. Reduced surface charges are

achieved by assuming that a large fraction of the surface charge

measured by acid-base titration is balanced by specific adsorption of

electrolyte ions. Data related to this assumption are, however, scarce

and inconclusive. Consideration of electrolyte binding increases

significantly the number of binding constants (and hence the amount of

data) needed to model complex systems.

Model Extensions.II

The inability of surface complexation models to predict cation

adsorption at high adsorbate concentrations has led to the recent

development of two refinements which can be added singly or in tandem to

any of the previous models. These refinements are presented below as

individual models, but one should keep in mind that they are not

exclusive of each other or any of the models discussed earlier.

The Multiple Site-Type Model - The multiple site-type model of Benjamin

and Leckie (46) assumes that oxide surfaces consist of several

chemically distinct types of sites with varying affinities for adsorbate

cations. Although not emphasized by Benjamin and Leckie (46), two site

types (small concentration of strong binding sites, large ccncentration

of weak binding sites) are sufficient to model most cation adsorption

data. Since multiple site-types are in general not necessary tr model

acid-base data, different site-types can be assumed to have the same

proton transfer characteristics. To model cation adsorption data with a

multi-site model a minimum of four adjustable parameters (in addition to

surface acidity parameters) is required: total type I and type II metal

binding sites, and surface complexation constants for binding to both



site types. The multi-site approach can be implemented in conjunction

with any of the surface complexation models discussed previously.

The Surfaae Precipitation Model - In the surface precipitation model of

Farley et al. (87), the mechanism of adsorption is assumed to shift from

surface complex formation to surface precipitation at high adsorbate

concentrations. Precipitation on the surface is described by the

formation of a solid solution whose composition varies continuously

between that of the original solid and a pure precipitate of the

adsorbing metal ion. The model contains three adjustable parameters (in

addition to surface acidity parameters): total cation binding sites,

the cation Surface complexation constant, and the solubility product for

the solid hydroxide of the adsorbing cation (to the extent that it is

poorly defined by available data). The values of these parameters are

determined by fitting a constant pH isotherm. It is important to note

that the surface precipitation model is not exclusive of the multi-site

model. For example, surface precipitation could occur at type II sites

in a two site model.

Comparison and Validity of Models

Westall and Hohl (77) applied the models described here to

acid-base titration data for two oxides and found all of the models to

be equally capable of fitting the data. However, to obtain equivalent

fits different values were required for analogous parameters in the

various models. As shown in Figure 15, the diffuse layer model, the

constant capacitance model, and the triple layer model can all fit the

TiO 2 titration data of Yates (35). The parameter values required for

these fits are listed in Table 2, where it can be-seen that the diffuse

layer model involved only two fitting parameters (Kinal Kia2t ) while theal ' a2 ) while the
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FIG. 15.-Acid-base titration data for TiO 2 in different concentrations of

KNO3. The data are fit equally well with the diffuse layer

model, the constant capacitance model, and the triple layer

model. Parameter values are given in Table 2.
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TABLE 2.-Values of Adjustable Parameters:
Surface Hydrolysis of TiO 2 in KNO 3

Diffuse Layer Modell

int
pKalal

= 3.52 ;

Constant Capacitance Mode

I (M)

0.1
0.01
0.001

int
pK = 7.99
a2

1l,2

pint int
al Pa 2

3.45
3.11
2.71

8.05
8.66
9.31

C [F/m 2 ]

0.97
0.72
0.53

Triple Layer Model1' 2

int
pKalal

= 5.15 ;

2
C = 0.70 F/m*

int
pK ) = 0.0

(K)

int
pKnt = 6.61

a2

; C2 = 0.40 F/m2

int
pK = 0.0

(NO3)

where

int
(K)

Kint
(NO3 )

(SO- K )

+ exp( Ff /RT)
(SO) {K }

+
(ESOH 2 NO3 )

= exp(-FY /RT)
(ESOH2 ) NO 3 }

1. Ns = 4.83 x 10- 3 M; surface area = 20 m2/g; solid cone. = 12.07 g/L

2. from Westall and Hohl (77)



int int
constant capacitance model involved nine (K , Kint and C for each

al a2
int int

ionic strength) and the triple layer model involved five (Kal , Ka2
int int

K nt K in C). Note that the concentration of surface sites was fixed
C A 1

for all models.

From the above fitting exercise and others that we have conducted,

we recommend the diffuse layer model for describing adsorption of

inorganics on hydrous oxides. The diffuse layer model possesses the

attributes of simplicity and applicability to different solution

conditions. All specific adsorption is assumed to take place in one

surface layer and a Gouy diffuse layer is assumed for the solution side

of the interface. This simple view of the interface eliminates multiple

planes of adsorption at the surface and the associated fitting

parameters. The only capacitance in the model, that of the diffuse

layer, is fixed by theory.

Aside from conceptual and mathematical simplicity, a single surface

layer can be justified for other reasons. With multiple surface layer

models, high inner layer capacitances are consistently required to fit

surface charge - pH data for oxides (84,85,86,88,89). These high inner layer

capacitances are commonly attributed to the very small separation

between the layer of specifically adsorbed ions and the innermost

surface plane containing H and OH- ions. Low outer layer capacitances

are required in these models to fit zeta potential data, indicating

several layers of structured water between the inner layer and the edge

of the diffuse layer. Yates et al. (85) have suggested that this

combination of high inner layer capacitance and low outer layer

capacitance indicates that the two planes are embedded in a porous,

hydrated oxide surface layer. This is consistent with the single

surface layer concept incorporated in the diffuse layer model.
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The primary criticism of the diffuse layer model in the past has

been that the surface potentials predicted by the model for oxides are

higher than zeta potential measurements. While the diffuse layer model

in general is not successful in describing zeta potential data when the

assumption is made that = Td' an empirical approach is possible in

which the location of the shear plane is specified as an empirical

function of solution conditions. For example, the distance 6 from the

surface (edge of the diffuse layer) to the shear plane could be

expressed as a function of ionic strength and surface charge.

Additional fitting parameters in the form of electrolyte binding

constants add the outer layer capacitance C2 are included in the triple

layer model in order to fit zeta potential data (35,90). An empirical

expression for the location of the shear plane could accomplish the same

objective with fewer fitting parameters.

Ultimately, the validity of a particular model must depend on

direct elucidation of the surface structure and of surface coordination.

Advanced spectroscopic techniques offer some hope for elucidating the

nature of surface complexes at the oxide/water interface, but studies

employing such techniques have commenced only recently. Initial results

seem to confirm that metal ion adsorption involves the formation of

inner sphere cmplexes (91,92) and there is also some evidence for the

formation of surface precipitates at high adsorbate cation

concentrati OnS (93,94,95). Rigorous studies of oxide/water interfaces

are just beginning, however, and much work remains to be done. The same

comment applies to solid/liquid interfaces in general, a new frontier in

surface chemistry opened largely by advances in spectroscopic

technology.



Finally, it should be emphasized that all the adsorption models we

have discussed are applicable to equilibrium conditions only.

Adsorption of ions on oxide surfaces is a two step process consisting of

a rapid initial uptake (seconds-minutes) followed by a slower step

(hours-weeks) in which the equilibrium adsorption density is approached

asymptotically. When surface sites are in large excess, i.e. when the

ratio of adsorbate/adsorbent is low, the contribution of the slow

adsorption step to total adsorption is small and thus equilibrium is

achieved rapidly. However, at high adsorbate/adsorbent ratios

adsorption kinetics slow considerably and the second step becomes much

more important (15,80). For natural waters rapid equilibration is a

good assumption for most circumstances, but for treatment processes and

other applications with high adsorbate concentrations the validity of

assuming equilibrium must be carefully examined.
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GUIDELINES FOR USE OF ADSORPTION MODELS

From the preceding discussion it should be evident that surface

complexation models have fundamental strengths and several shortcomings.

These models can be employed as engineering tools if their limitations

are recognized. Use of surface complexation models to date has been

limited almost exclusively to those involved in adsorption research.

Though the surface complexation approach is still evolving, there is

sufficient consensus concerning the use of mass law equations to

describe adsorption reactions to justify more widespread application of

the models. Surface complexation models can be used to predict at least

approximately the influence of adsorption on metal speciation in aquatic

systems containing hydrous oxides.

In order to use surface complexation models in a predictive mode

they should be applied under the conditions for which they have been

successful, i.e. relatively low adsorbate concentrations and little or

no dissolved organics. At first these may seem to be severe

limitations, but such conditions prevail in a variety of aquatic

systems. Examples are groundwater flow through low organic content,

iron oxide-coated aquifer material and treatment of low DOC water with

aluminum or iron oxide. Despite the relative simplicity of such

systems, adsorption can be very difficult to predict without the aid of

a surface complexation model under conditions of changing pH, ionic

strength, or solid concentration. To model various conditions with an

empirical approach it is necessary to find or generate adsorption data

that span the particular conditions of interest (e.g. an isotherm

equation). With a surface complexation model, however, adsorption

behavior can be predicted for a variety of conditions using surface



acidity parameters for the oxide (extracted from titration data) and

binding constants for the the adsorbing ions (extracted from adiorption

data).

An inevitable result of the multiplicity of- the surface

complexation models is that values of surface acidity and adsorption

parameters extracted from experimental data are entirely model dependent

(73,77). Existing titration and adsorption data have been interpreted

with different models so that parameter values reported in the

literature for similar systems are not consistent. To model adsorption

in a particular system it is at present necessary to obtain raw data

from the literature and extract the needed constants in terms of the

surface complexatidn model that one has chosen. In view of the large

data requirements for obtaining background electrolyte adsorption

constants and their limited usefulness for relatively low ionic strength

systems, consideration of electrolyte binding should be omitted unless

absolutely necessary (i.e. very high ionic strength systems).

In situations involving constant solution conditions such as

seawater, it may be convenient to work with conditional constants which

include coulombic corrections'(55,96,97). That is, the coulombic

correction factor and K in Eqs. [10] and (13] are combined.

Conditional constants are extracted from adsorption data obtained under

specific solution conditions and can only be applied to s-tLems having

the same chemical composition as the original experimental system.

Using the surface complexation approach with conditional constants is no

more efficient than using an empirical approach. Empirical models do

not enable estimates of surface speciation, however, and are not easily

incorporated in chemical equilibrium computer programs.
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The adsorption of an inorganic ion in systems containing several

types of adsorbing surfaces is dependent on the binding intensity

(surface complexation constant), binding capacity (site density), and

abundance (concentration) of each adsorbent in the mixture. In order to

model adsorption of an ion in a system containing a mixture of oxide

phases it is thus necessary to know surface complexation constants and

total site concentrations for each phase. Relative abundances of oxide

phases can be estimated from solution chemistry or by various

experimental methods, including extractions (4,98,99,100), if the

components of a mixture are unknown. The inherent assumption that each

component of an oxide mixture acts independently is supported by

experimental observations. It has been demonstrated, for example, that

the ZPC for any composition of a mixed oxide system can be calculated by

summing the ZPC's of the constituent pure oxides weighted according to

mass fraction (101,102). Also, Honeyman (79) recently conducted an

extensive study of metal ion binding in binary oxide systems and his

results indicate that linear additivity of adsorption to individual

components is a valid assumption in most cases.

Chemical equilibrium models (including adsorption subroutines) can

be linked to fluid transport models by writing transport equations for

the total mass of each component (62,103). Total component

concentrations are updated at each time step and the chemical

equilibrium problem is solved to obtain concentrations of all species.

If adsorption reactions are included in the equilibrium calculations,

however, source and sink terms are necessary in the transport equations

for components involved in this "non-conservative" chemical process

(103). In addition, reaction kinetics are a much more important

consideration for adsorption reactions. It may be necessary to
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incorporate rate expressions in the set of transport equations. Since

suspended particles tend to coagulate and settle, a model of

particle-particle interactions (e.g., Ref. 105) and their effects on

sedimentation rates and available surface area is needed to describe the

transport of adsorbed species in surface waters. In subsurface

transport, adsorption is strictly represented as sink/source term

because the solid phase is immobile. Nevertheless, surface complexation

models can be employed by treating immobile adsorbing sites in the solid

matrix as additional complexing ligands (106).

An Example: Removal of Chromate in Water Treatment

To make clear the steps required to implement a.surface

complexation model and to illustrate how a surface complexation model

can be applied in practice, we present here a detailed exampleinvolving

removal of chromate by hydrous ferrit oxide (HFO). Freshly precipitated'

hydroxides of iron .and aluminum are commonly used in water treatment

to coagulate and settle suspended particles. In addition to removal of

suspended material, soluble inorganic and organic species which adsorb

to hydrous oxides are also removed in coagulation treatment. The

removal of several metal ions in conventional coagulation treatment was

investigated by the U.S. Environmental Protection Agency (EPA) in the

1970's (8,9,10,11), and in this example we show how their results for

chromate removal by hydrous ferric oxide can br reasonably predicted

with a surface complexation mod l using parameter values extracted from

laboratory adsorption experiments. OUr emphasis is not on precise data

fitting but on demonstrating how a simple model can be used for

practical applications.
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The EPA experiments comprised bench scale jar tests and a pilot

plant test in which Ohio River water was spiked with chromate and then

ferric sulfate was added to precipitate HFO. In the jar tests settling

was permitted to occur for 1.5 hours, and then the supernatant was drawn

off and centrifuged. The settling time in the 2 gpm (7.6 L/min) pilot

plant was one hour and clarification was achieved by dual media

filtration. The river water alkalinity was 50-60 mg/L as CaCO 3, the

total concentration of chromate added was 0.15 mg/L (2.9 x 10- 6 M), and

the ferric sulfate doses examined were 30 mg/L in the jar tests and 24

mg/L in the pilot plant test.

Using a surface complexation model and parameters extracted from

independent data sets, removal of chromate due to adsorption can be

predicted for the conditions described above if certain assumptions are

made. The assumptions required are (i) that the river water is low in

dissolved organic carbon (DOC) so that these compounds do not compete

with chromate for adsorption sites or adsorb in amounts sufficient to

alter the surface characteristics, and (ii) that electrolyte ions in the

river water are either inert (e.g. Na+ , Cl-, K, NO ), unable to compete

with chromate because of weak binding (e.g. Ca2+ , HCO ), or present at

low enough concentrations so as to preclude competition. These

assumptions are necessary because no chemical information other than

alkalinity is provided for the Ohio River water in the experimental

reports (8,9). However, river waters are typically low in DOC (1-10

mg/L, which corresponds to 10-6 - 10- 5 M if MW = 1000), not all of which

will adsorb (67), and the low alkalinity indicates that the

concentration of specifically binding ions such as Ca2 + and Mg2+ are

probably low.
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With the above assumptions, the chemical system to be modelled is a

2-
relatively simple one: chromate (Cr04 ) and its hydrolysis species,

2-
sulfate (SO ), and surface species. The stability constants for the

relevant solution species, available in handbooks (e.g., Ref. 107), are

listed in Table 3a. No compilation of surface hydrolysis and

complexation constants exists, however, and these must be extracted from

original data.

To obtain surface hydrolysis constants for HFO, we chose to fit the

data obtained by Davis (90), the most extensive (fast) titration data

set available for HFO. As seen in Figure 16 Davis titrated HFO at three

ionic strengths. For reproducibility and other reasons discussed by

Davis (90) and Yates (35), it is best to titrate hydrous oxides rapidly

and that is how the data in Figure 16 were obtained. Using the diffuse

layer model, a surface area of 600 m2/g as recommended by Davis (90),

and a total site concentration equal to 20 percent of TOTFe (surface

saturation for several anions and cations has been observed near this

site density), surface hydrolysis constants were extracted from the 0.1

M ionic strength titration data with the nonlinear parameter

optimization program FITEQL (108). The curves drawn in Figure 21 were

computed for the three ionic strengths using the diffuse layer model

(incorporated in MICROQL) and the extracted surface hydrolysis constants

which are reported in Table 3b.

Stability constants for the formation of chromate and sulfate

surface complexes with HFO were obtained from data of Leckie et al.

(52,109). Because no sulfate adsorption data are available, we used the

2-
data for selenate (SeO ) whose adsorption on HFO was reported by Leckie

et al.(52) to be identical to sulfate. Two constant pH isotherms for

selenate adsorption are given in Figure 17 and pH edge plots for
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TABLE 3.-Mass LawConstants used in the Example

a. Solution species 1  log K

H + SeO = HSe0 1.70

H + SO2- = HSO 1.99

+ 2-
H + Cr0 - HCrO4  6.51

+ 2-
2H + CrO - H2 Cr0 6.31

b. Surface hydrolysis species2

+ +
=FeOH* + H = EFeOH2  7.1

s 2

=FeOH* EFeO- + H - 8.9
s

c. Sulfare surface complexes
2

=FeOH* + SO + 2H += FeHSO + H20 13.6
4 s 4 2
2- +

EFeOH* + SO H+ =EFeSO + H 0 7.7
4 s 4 2

d. Chromate surface complex2

2- -
=FeOH* + CrO + H * aFeCr0 + H20 9.8

4 s 4 2

1. The stability constants are for T = 25*C, I = 0, and were obtained
from Ref. 107, V.4. The Davies equation (see Ref. 62) was used for
ionic strength curections. Ferric iron species were not considered
because in this case they have no influence on the surface
complexation calculations.

2. The stability constants listed are intrinsic surface complexation
constants; the coulombic term for surface reactions includes activity
corrections.
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FIG. 16.-Acid-base titration data for hydrous ferric oxide in different

concentrations of NaNO3 . The data for I = 0.1M were fit using

the diffuse layer model and FITEQL(108); parameter values are

given in Table 3b and in the text.
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FIG. 17.-Constant pH isotherms for adsorption of selenate on hydrous
ferric oxide. Data from Leckie et al. (52).
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selenate and chromate adsorption are presented in Figures 18 and 19.

If constant pH isotherms are available, it is desirable for several

reasons to fit these before attempting to fit a series of pH edges.

First, satisfactory fits of isotherms corresponding to several pH values

insures satisfactory fits of the pH edges. Second, the isotherm may

indicate the total sites available for the particular adsorbate from the

adsorption density at saturation. Finally, the appropriateness of

postulated surface species at a given pH are readily discerned by

fitting isotherms.

Two surface complexes are needed to fit the selenate isotherm data.

The relevant reactions are

2- +
EFeOH* + SeO + 2H = iFeHSeO + H20 [27]

4 4

EFeOH0  + SeO- + H+  = EFeSeO + H20 [28]

and the constants used to obtain the fits shown in Figure 17 are given

in Table 3c. The linear portions of the isotherms can be fit with

reaction [28] alone, but reaction [27] is necessary in order to fit the

high adsorption density data. It is evident in Figure 17 that the fits

are not perfect, perhaps reflecting the need for noninteger

stoichiometries in the surface complexation reactions. Nevertheless,

the fits are adequate for engineering estimates. The curves drawn on

Figure 18 are the pH edges predicted using the diffuse layer model, and

the stability constants in Tables 3a, 3b, and 3c. Note that the slight

overestimation of adsorption density for the pH=6.5 isotherm and the

underestimation at pH=4.5 show up in the predicted pH edges.

Due to the lack of detailed chromate adsorption isotherms, it is

necessary to fit the pH edge data directly in order to obtain chromate
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FIG. 18.-pH edges for selenate adsorption on hydrous ferric oxide. Data

from Leckie et al. (52).
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FIG. 19.-pH edges for chromate adsorption on hydrous ferric oxide. Data
from Leckie et al. (109).
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surface complexation constants. To model the chromate pH edges we

considered two possible surface complexes:

2- +
:FeOH0  + Cr0 + 2H = EFeHCrO + H 0 [29]

44 2
2- +

EFeOH* + CrO 4  + H = EFeCrO + H20 [30]

In testing some binding constants for each reaction, however, it quickly

became apparent that reaction [30] was sufficient to fit the chromate

adsorption data because of the relative steepness of the pH edge curves.

The surface complexation constant that produced the fits shown in Figure

19 is listed in Table 3d.

Equilibrium adsorption of chromate to HFO (precipitated with ferric

sulfate) can be calculated using the stability constants listed in Table

3 and the diffuse layer surface complexation model. We performed such

calculations for a series of pH values and .used TOTFe, TOTSO4, and

TOTCrO4 values corresponding to the EPA experiments. The predicted pH

edges are presented in Figure 20 along with the EPA chromate removal

data. The calculated pH edge slightly overpredicts the adsorption

observed in the jar tests and slightly underpredicts the removal

achieved in the pilot plant test conducted under nearly the same

conditions. The predicted decrease in chromate sorption at the lower pH

values is due to competition for surface sites by sulfate. Considering

the underprediction of the sulfate (selenate) pH edges for pH=6-7.5 (see

Figure 18), unaccounted sulfate competition may be in part responsible

for the overprediction of selenite sorption in this pH range. All

uncertainties aside, however, the most important point is that with a

surface complexation model and constants extracted from experimental

data obtained in "clean" systems, we were able to estimate removals

111



100

a - -%% i "Jm 4 - r . ' J .J a I w

a 80 - 24 100 COAGULANT DOSE TOTFe (M
O \

a- Fe(SO4 )3  30 mg/L 1.5 x 104

60\ - - FeCI 24 1.5 x 10^4 -o
O- FeCI3  100 6.2 x 10-4

40

z
0
c 20 O

0 1 0

5 5.5 6 6.5 7 7.5 8 8.5 9

pH

FIG. 20-pH edge data (from Sorg, (11)) for chromate adsorption on hydrous
ferric oxide.
O Jar tests, 0.15 mg/L Cr(VI), 30 mg/L ferric sulfate.

* Pilot plant test, 0.14 mg/L Cr(VI), 24 mg/L ferric sulfate.
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fairly accurately. Moreover, with a surface complexation model it is

possible, without conducting an experiment, to investigate effects of

changing doses of ferric sulfate, of changing chromate loadings or ionic

strength, and effects of competition with other ions such as sulfate or

phosphate. As a result of modelling studies, for example, one might

choose to precipitate HFO with ferric chloride instead of ferric sulfate

in order to avoid sulfate competition, to adjust the coagulation tank

inflow to a slightly lower pH, or to use a higher coagulant dose (see

Figure 20). Also, modelling can be used to help design efficient bench

scale or pilot experimental programs by identifying optimum conditions

beforehand.
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SUMMARY

This article reviews the surface complexation approach to

modellidg adsorption of ions on hydrous metal oxides which are

dominant adsorbents in natural aquatic systems and in many water

treatment processes as well. Hydrous oxides have reactive hydroxyl

surface sites which can attain either positive or negative charge by

binding or dissociating protons. Adsorption of protons and other

ions on oxide surfaces can be viewed as analogous to the formation of

soluble complexes, i.e. ions bind to functional groups at the surface

and these reactions can be described with mass law equations. These

concepts form the basis for surface complexation models which,

through basic coordination chemistry, enable quantitative description

of hydrolysis and specific adsorption at oxide/water interfaces.

For the adsorption of an ion on a charged oxide surface, the

total energy of interaction includes an electrostatic contribution as

well as a chemical contribution. The electrostatic contribution is

variable since it is charge dependent and therefore a function of

solution conditions. It is this variability of the electrostatic

energy of interaction that distinguishes surface complexation

reactions from reactions among solutes. Electrostatic effects are

taken into account by applying a coulombic correction factor (in fact

an explicit activity coefficient) to intrinsic surface complexation

constants.

Several surface complexation models have been proposed that

incorporate different assumptions concerning the location of adsorbed

ions at the oxide/water interface. Because the models are based on

different physical-chemical scenarios involving certain kinds of

surface reactions taking place in certain locations, the number,
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nature and values of parameters are model dependent. The primary

experimental constraints on the various models are acid-base

titration data and ion adsorption data. We do not consider zeta

potential measurements to be constraining data because of the

ambiguity involved in their interpretation.

The basic surface complexation models (diffuse layer and

constant capacitance models) assume a single type of binding site

and one surface layer. These models are successful in fitting acid-base

titration data, anion adsorption, and cation adsorption at low

adsorbate/adsorbent ratios. At higher adsorbate/adsorbent ratios the

basic models are unable to predict the continuous increase in adsorption

density evident in cation adsorption isotherms. Two surface

complexation models of increased complexity -- the multiple site-type

model and the surface precipitation model -- have been proposed to

remedy this problem. We recommend the diffuse layer model for general

use; if necessary, it can be expanded to include multiple site-types and

surface precipitation. Surface complexation models can be employed as

engineering tools to predict inorganic ion adsorption under conditions

of changing pH, ionic strength, or solid concentration on the basis of

fewer adsorption data than would be necessary with a purely empirical

approach.
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CHAPTER IV. SUMMARY AND CONCLUSIONS

The objectives of this study were [1] to conduct some experimental

tests of the surface precipitation model (1,2), and [2] to work on the

development of a simple yet widely applicable approach to modelling

adsorption of inorganic ions on oxide surfaces. Several aspects of the

surface precipitation model were tested in the experimental work which

involved study of the rate and ultimate extent of cadmium adsorption of

hydrous ferric oxide (HFO). The theoretical work represents the first

portion of our continuing effort to develop a data base for adsorption of

inorganic contaminants in oxide suspensions.

The kinetics experiments revealed that the rate of cadmium

adsorption onto HFO is dependent on the ratio of adsorbate/adsorbent and

that the rate slows considerably as this ratio is increased. The

kinetics data obtained for systems with low adsorbate/adsorbent ratios

could be fit with a rate expression derived with the assumption of

surface complex formation; data obtained at higher ratios could not be

fit with the same rate expression. These results confirm our hypothesis

that adsorption kinetics should decrease as the adsorbate/adsorbent ratio

is increased because of the shift from surface complexation to surface

precipitation as the dominant adsorption mechanism. This hypothesis is

further substantiated by recent XPS measurements (3) which provide direct

evidence for the existence and slow formation of surface precipitates on

oxide surfaces.

In addition to providing insight into an adsorption theory, the

results of the kinetics experiments have several practical implications

as well. First, it is clear that the short equilibration times (1-4

hours) employed in many "equilibrium" adsorption experiments are adequate
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only for systems with low adsorbate/adsorbent ratios. In our

experiments, 30 to 48 hours were required to achieve equilibrium for high

TOTCd/TOTFe ratios. The results obtained in this study demonstrate that

the adsorbate/adsorbent ratio must be taken into account in the design of

equilibrium adsorption experiments and in the assessment of reported

adsorption data for use in equilibrium models. Second, the results

indicate that operation of an ash pond at a higher solids concentration

will not only provide greater adsorption capacity but will also improve

metal removal efficiency through faster adsorption rates. Pond operation

at high solids concentration appears to be desirable in all respects

because, as Farley et al. (1) have noted, this also leads to faster solid

sedimentation rates.

Equilibrium adsorption experiments with cadmium and HFO were

conducted for a wide range of adsorbate concentrations in order to

develop a complete adsorption isotherm. A recently published, extensive

isotherm for zinc adsorption on HFO was also examined for comparison.

The surface precipitation model predicts a characteristic isotherm shape

at high adsorbate concentrations, and past experimental studies have not

been carried out at concentrations high enough to test this prediction.

The Cd-HFO and the Zn-HFO isotherms exhibit similar characteristics:

linear with slope of 1.0 on a log-log plot for low free metal

concentrations (Langmuir); linear with slope less than 1.0 for moderate

to high free metal concentrations (Freundlich). At the highest adsorbate

concentrations both isotherms show adsorptive saturation, but the plateau

in adsorption density is more pronounced for cadmium which precipitates

as Cd(OH)2 (s) at higher concentrations than required for zinc

precipitation as Zn(OH)2 (s). For the Zn-HFO isotherm a rapid increase in

adsorption density is observed above the plateau, indicating a smooth
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transition between adsorption and precipitation. This is consistent with

the surface precipitation model, but the transition occurs at higher

metal concentrations than previously anticipated (1,2).

A two site-type surface complexation model is needed to fit both the

Cd-HFO and Zn-HFO isotherms and, in addition, surface precipitation on

Type II sites is needed to model the transition between adsorption and

precipitation. Because this transition occurs at metal concentrations

closer to bulk solution precipitation than we expected in our earlier

work, two site-types are needed instead of one in order to model the

extensive Freundlich character of the isotherm. A two site surface

complexation model coupled with surface precipitation on Type II sites is

capable of fitting all available metal adsorption data. In the range of

metal concentrations of interest in most aquatic systems, a two site

model will be sufficient for adsorption modelling. However, inclusion of

surface precipitation will be necessary at high metal concentrations

which may be encountered in some treatment processes.

As the first step in our effort to develop a data base for

adsorption of inorganic ions in oxide suspensions, we have overviewed the

available data and examined the various surface complexation models that

have been proposed to describe these data. Before choosing a modelling

approach for data base development, we wanted to identify the data that

constrain the selection of a particular model. We concluded from our

review that model selection is constrained chiefly by acid-base titration

data and ion adsorption data. Zeta potential measurements were

eliminated as model constraints because they are difficult to interpret,

and too few proton release/uptake data exist to classify proton exchange

stoichiometry as a major model constraint.
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The basic surface complexation models assume a single type of

binding site and binding in one surface layer. These models are

successful in fitting acid-base titration data and cation and anion

adsorption data. For cation adsorption, however, the basic models are

unable to predict the continuous increase in adsorption density evident

in cation adsorption isotherms. Two models of increased complexity --

the multiple site-type model and the surface precipitation model -- have

been proposed to remedy this problem.

For a universal modelling approach we propose a two site surface

complexation model with surface precipitation on Type II sites and the

diffuse layer model to account for electrostatic effects. For acid-base

and anion adsorption reactions, binding constants will be identical for

both site-types; i.e., only one site-type is necessary for these

reactions. From Chapter II.B, however, it is clear that two site-types

are needed to model cation adsorption data. Moreover, inclusion of

surface precipitation is necessary in order to model the transition

between adsorption and precipitation at high adsorbate concentrations for

cations as well as for some anions. The combined model has a minimum of

four and possibly five adjustable parameters, depending on whether or not

the solubility product for the adsorbing ion is used as an adjustable

parameter in the surface precipitation formulation. The diffuse layer

electrostatic model is fixed by Gouy-Chapman theory and has no adjustable

parameters.

As a result of this study the stage is set for a major data base

development effort. In future work we plan to interpret existing

acid-base titration data and ion adsorption data for the major oxides in

aquatic systems in terms of the combined model described above. The

resulting consistent set of constants will serve as a data base for
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modellers who want to account for adsorptive equilibria in aquatic

systems containing oxide particles. To make the forthcoming adsorption

data base usable to practicing engineers, however, a more convenient and

interactive computer code than presently exists for chemical equilibrium

models is needed. The equilibrium adsorption models discussed in this

report can be run on microcomputers such as the IBM PC, and an effort to

utilize the flexible input/output features (including graphics) of these

machines would do much to make adsorption models for inorganic adsorption

more useful to the engineering community.
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APPENDIX A

EXPERIMENTAL DATA: KINETICS

OF CADMIUM ADSORPTION ON HYDROUS FERRIC OXIDE
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TOTCd = 6.5 x 10- 7 M; TOTFe = 1.0 x 10- 3 M

I = 0.1 M NaN03; T = 25.0 + 0.10C

percent Cd
ads (expt)

42.9
54.2
55.9
60.1
62.2
66.1
69.6
72.3
78.4
75.1
81.2
77.9
77.8
84.0
78.3
81.5
78.3

percent Cd
ads (corr)

35.8
48.5
50.4
55.1
57.5
61.9
65.8
68.8
75.7
72.0
78.9
75.1
75.0
82.0
75.6
79.2
75.6
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t(hrs)

2.3
4.0
4.5
6.0
8.0
8.0

11.0
19.5
21.0
22.0
25.0
26.5
29.0
30.0
33.0
45.0
46.3



TOTCd = 5.0 x 10- 6 M; TOTFe = 1.0 x 10 - 3

I = 0.1 M NaN03; T = 25.0 ± 0.10C

percent Cd
ads (expt)

33.1
45.9
41.2
49.7
49.2
55.9
56.1
65.9
64.0
62.5
63.6
62.5
62.5
65.1
59.7
63.3
65.4
60.0

percent Cd
ads (corr)

24.7
39.1
33.9
43.4
42.9
50.4
50.6
61.6
59.5
57.8
59.1
57.8
57.8
60.7
54.7
58.7
61.1
55.0
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t(hrs)

2.0
4.0
4.3
6.0
6.0
7.0
9.0

19.0
20.0
20.5
23.0
23.5
25.0
28.0
28.0
30.0
31.3
33.8
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TOTCd = 5.0 x 10-5 M; TOTFe = 1.0 x 10-3 M

I = 0.1 M NaNO 3 ; T = 25.0 + 0.10C

percent Cd
ads (expt)

16.8
19.8
21.7
25.7
33.5
34.0
38.2
41.5
45.5
46.3
44.5
44.4

percent Cd
ads (corr)

6.4
9.8

11.9
16.4
25.2
25.8
30.5
34.2
38.7
39.6
37.6
37.5
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t(hrs)

4.0
4.0
6.0
8.0

18.5
20.3
23.0
25.0
27.5
30.0
43.3
43.5

_ I___~ __ - -- I11I11 lillil MII m



TOTCd = 1.0 x 10- 4 M; TOTFe = 1.0 x 10- 3 M

I = 0.1 M NaN03; T = 25.0 ± 0.10C

percent Cd
ads (expt)

18.8
17.9
21.0
15.9
22.7
27.5
25.6
28.0
28.9
23.6
33.4
24.9-
26.9
34.7
27.3
30.9
36.7
34.1
34.1
34.0
40.9
37.9
38.9

percent Cd
ads (corr)

8.7
7.6

11.1
5.4

13.0
18.4
16.3
19.0
20.0
14.1
25.1
15.5
17.8
26.5
18.2
22.3
28.8
25.9
25.9
25.8
33.5
30.1
31.3
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t(hrs)

3.0
3.8
4.0
5.0
6.3

13.5
13.5
15.8
16.0
17.0
17.8
19.0
19.3
20.3
21.0
24.0
24.5
27.6
40.0
43.0
43.0
43.0
45.8



~~~~~~__

TOTCd = 6.5 x 10-7 M; TOTFe = 5.0 x 10-3 M

I = 0.1 M NaN03 ; T = 25.0 ± 0.10C

percent Cd
ads (expt)

91.8
88.9
86.8
91.8
86.3
91.7
92.8
91.3
95.1
91.8
92.2
91.8
95.1
87.9

percent Cd
ads (corr)

90.8
87.5
85.2
90.8
84.6
90.7
91.9
90.2
94.5
90.8
91.2
90.8

94.5
86.4
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t(hrs)

1.0
2.0
3.3
4.0
6.3
9.0

19.3
20.5
22.0
24.5
25.0
27.0
30.0
44.0
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TOTCd = 6.5 x 10-7 M; TOTFe = 1.0 x 10-4 M

I = 0.1 M NaN0 3 ; T = 25.0 + 0.1C

percent Cd
ads (expt)

32.1
34.4
34.4
37.7
44.4
40.2
39.8
44.7
46.3
47.5
50.5
51.4
48.4
47.5
51.9
48.3
52.7
53.2
54.1

percent Cd
ads (corr)

23.6
26.2
26.2
29.9
37.5
32.7
32.3
37.8
39.6
40.9
44.3
45.3
42.0
40.9
45.9
41.8
46.8
47.4
48.4
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t(hrs)

1.3
2.2
2.3
3.8
4.0
4.8
6.0
8.0

18.0
18.8
20.0
20.0
22.3
24.0
24.8
26.0
27.0
31.5
42.0



APPENDIX B

EXPERIMENTAL DATA: EQUILIBRIUM

ADSORPTION OF CADMIUM ON HYDROUS FERRIC OXIDE
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TOTFe (M)

1.0 x 10-3

1.0 x 10- 3

1.0 -3

1.0 x 10-3

1.0 x 10-3

1.0 x 10-3

1.0 x 10-3

1.0 x 10-3

-3
1.0 x 10

-3

1.0 x 10

-4

1.0 x 10-4

2.0 x 104

2.0 x 10-4

TOTCd (M)

1.9 x 10- 7

6.5 x 10-7

-6
1.0 x 10-6

-6
5.0 x 10-6

1.0 x 10-5

5.0 x 10-5

-4
1.0 x 10

-3
2.0 x 10-3

1.0 x 10-2

-7
1.9 x 10-7

6.5 x 10-7

6.5 x 10-7

5.0 x 10- 6

percent Cd adsa
at equil (expt)

91.3
(96.0)
(86.4)

78.0
(81.0)
(75.0)

76.3
(83.6)
(67.0)

63.0
(67.0)
(58.0)

60.6
(63.1)
(58.2)

45.0
(49.0)
(41.0)

38.0
(42.0)
(33.0)

10.0
(13.6)
( 6.3)

5.3
( 7.7)
( 2.8)

52.5
(55.5)
(46.8)

50.0
(54.0)
(46.0)

61.0
(63.0)
(59.2)

30.9
(33.7)
(27.0)
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p(Cd)b

7.72
(8.06)
(7.53)

6.79
(6.86)
(6.74)

6.57
(6.73)
(6.43)

5.68
(5.73)
(5.63)

5.35
(5.38)
(5.33)

4.51

(4.54)
(4.48)

4.16
(4.19)
(4.12)

2.74
(2.76)
(2.73)

2.02
(2.03)
(2.01)

6.99
(7.00)
(6.94)

6.44
(6.47)
(6.40)

6.54
(6.57)
(6.53)

5.41
(5.43)
(5.39)

Cd

3.76
(3.73)
(3.79)

3.31
(3.29)
(3.33)

-3.13
(3.09)
(3.20)

2.53
(2.50)
(2.58)

2.25
(2.23)
(2.28)

1.72
(1.67)
(1.77)

1.52
(1.46)
(1.61)

0.70
(0.57)
(0.90)

0.28
(0.11)
(0.55)

3.05
(3.03)
(3.11)

2.55
(2.50)
(2.59)

2.74
(2.72)
(2.75)

2.26
(2.20)
(2.35)



TOTFe (M)

-3
5.0 x 10-3

1.0 x 10- 2

5.0 x 10-2

5.0 x 10-2

1.0 x 10-1

(I

1.0 x 10-1
(I

TOTCd (M)

6.5 x 10- 7

1.0 x 10-3

1.0 x 10
- 2

6.0 x 10-2

1.0 x 10-1

= 0.5 M)

6.0 x 10- 2

= 0.4 M)

6.8 x 10-2
= 0.4 M)

percent Cd adsa

at equil (expt)

92.5
(95.0)
(90.0)

57.2
(59.0)
(53.3)

69.6
(73.7)
(65.2)

19.4
(24.7)
(14.1)

33.8
(36.2)
(31.4)

42.7
(44.2)
(41.3)

41.7
(43.5)
(40.0)

" upper and lower error estimates (from replicate samples; includes

counting error) are indicated in parantheses

b p(Cd) = - log(Cd2+); correction for adsorption on the filter

apparatus is included where applicable (i.e. for TOTCd < 1 mM)

c prCd = - log [Cd ads (M)/ TOTFe (M)]
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p(Cd)b

7.29
(7.44)
(7.14)

3.32
(3.34)
(3.28)

2.52
(2.58)
(2.46)

1.32
(1.35)
(1.29)

1.18
(1.20)
(1.16)

1.46
(1.48)
(1.45)

1.40
(1.42)
(1.39)

Cd

3.94
(3.91)
(3.94)

1.29
(1.27)
(1.32)

0.86
(0.83)
(0.88)

0.63
(0.53)
(0.77)

0.47
(0.44)

(0.50)

0.59
(0.58)
(0.61)

0.55
(0.53)
(0.57)



APPENDIX C

COMMENTS ON THE QUALITY OF EQUILIBRIUM

ADSORPTION DATA REPORTED IN THE LITERATURE
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It is an unfortunate fact that much poor quality data has been

published for adsorption of metal ions on oxide surfaces. Before using

adsorption data reported in the literature, one should assess the quality

of the data by close examination of experimental details. Below we list

some of the more important details that should be included in such an

assessment.

In order to verify the identity of the adsorbent oxide, the method

of synthesis and the physical-chemical properties of the oxide should be

checked. Differences in methods of synthesis can lead to significant

variations in physical-chemical properties of metal oxides, and for this

reason more or less standard preparation methods have been adopted by

informal consensus for the most common metal oxides. If properties of

the oxide adsrobent such as ZPC and surface area are not available for

comparison with other reported values, it is important to insure that a

standard method was used to synthesize the oxide. Methods of synthesis

and physical-chemical properties of the major hydrous oxides can only be

obtained by search of the literature as no compendium of this information

is available. James and Parks (1) give an extensive bibliography of

recent studies conducted with oxides of iron, aluminum, and silicon.

The reaction vessel material is an important experimental detail

because artifacts caused by adsorption of suspension components to and

leaching of contaminants from vessel walls depend on the type of

material. Losses of adsorbate and adsorbent to vessel walls, although

seldom mentioned in reports of adsorption data, can be significant,

especially at low concentrations. With adsorption of solids to vessel

walls, suspended solids concentration is reduced (an important

consideration for solid phase adsorption measurements) and available

surface area may be reduced (important for solution phase adsorption
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measurements). It may be possible to correct for these effects in some

circumstances, but when adsorbate tends to adsorb to reaction vessel

walls the effects are much more difficult, if not impossible, to isolate.

When vessel walls are not inert with respect to an adsorbate, the

affinity of the suspended solid may appear to be greater (solution phase

adsorption measurement) or less (solid phase adsorption measurement -

walls outcompete solids) than the true affinity. Struempler (2) has

shown that glass and polypropylene reaction vessels adsorb metal cations

and that the extent of adsorption increases with pH and equilibration

time.

Leaching of contaminants from reaction vessels is seldom discussed

but potentially important in some circumstances. In particular, leaching

of silicon from glass reaction vessels is likely to have affected a

number of adsorption experiments. Although silicon contamination is

probably small for oxides synthesized and experiments conducted at 200 C,

Anderson and Benjamin (3) recently demonstrated that in synthesizing

goethite (an iron oxide) at high temperature (50*C) and high pH,

significant amounts of silicon were leached from glass reaction vessels

and incorporated in the solid formed. The resulting solid had surface

properties different from either the pure iron oxide or pure silica.

Since preparation methods for crystalline oxides often involve high

temperature, high pH conditions and glass reaction vessels are frequently

employed, many reported adsorption data may correspond to experiments for

mixed oxides. One must be aware of this possibility when selecting data

from the literature.

Exclusion of CO2 is important for adsorption experiments conducted

with higher concentrations of metal cations because the formation of

carbonate precipitates and/or nonlabile metal-carbonate solution
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complexes can affect results significantly. Although CO2 exclusion from

reaction vessels is claimed in many published reports of metal adsorption

experiments, actual measurements of CO2 contamination levels are

virtually nonexistent. Moreover, close examination of experimental

techniques often reveals abundant opportunities for CO2 invasion (e.g.,

transfers of aliquots to centrifuge tubes for batch experiments, opening

of centrifuge tubes for pH measurements). Any assessment of metal

adsorption data should therefore include consideration of precautions

taken to avoid CO2 contamination.

The use of appropriate reaction times in adsorption experiments is

critical to insuring the achievement of equilibrium. Specific adsorption

of metal cations and anions to oxide surfaces is generally characterized

by two-step kinetics (see Chapter II), with the first step being

completed in a few minutes and the second, slower step requiring days,

weeks, or even months for completion. In many adsorption experiments

(sometimes by design) reaction times are only long enough to permit

completion of the rapid adsorption step. It is important to recognize

that such data are not equilibrium adsorption data. The amount of time

required for equilibration varies from system to system but in general is

dependent on pH and on the adsorbate/adsorbent ratio: at low

adsorbate/adsorbent ratios equilibrium is achieved quickly, while in

systems with high ratios adsorption kinetics slow considerably (Chapter

II; Ref. 4).

pH control, or lack thereof, can also affect results of adsorption

experiments. Common buffer systems cannot be employed in metal ion

adsorption experiments with oxides because the major ions in these

- 3-
systems (e.g., B(OH)4, PO4 ) can either form solution complexes with the

adsorbing ion or compete for adsorption sites. Hence, pH is usually
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controlled by small additions of strong acid or base. This can be done

automatically with a pH-stat system (e.g., Chapter II; Refs. 5,6) or

manually (e.g., Ref. 7). Some experiments are conducted without pH

control, however. In the case of cation adsorption the pH is allowed to

drop and for anion adsorption the pH is allowed to increase. In such

experiments the equilibrium pH value is taken as the pH value measured at

the time of sampling. This approach assumes rapidly reversible

adsorption since adsorption is strongly dependent on pH and the initial

pH is either higher or lower than the final pH value. For short

equilibration times the validity of this assumption is questionable

because desorption kinetics are usually slower than adsorption kinetics

(8).

The method of solid-liquid separation is an especially important

experimental detail. Aqueous suspensions of metallic oxides often

contain a significant fraction of very small particles, or colloids,

particularly when the suspension is created by precipitation in situ.

For example, freshly precipitated suspensions of amorphous iron hydroxide

consist largely of spherical particles 1.5-3.5 nm in diameter (9). To

insure complete or nearly complete separation of solid and liquid at the

end of an adsorption experiment, it is thus necessary to employ methods

that will remove colloids with the rest of the solid phase. This means

that the use of a small pore size filter (Chapter II) or of a large

centrifugal acceleration. Relatively large pore size filters (e.g. 450

nm) and weak gravitational fields are used in many adsorption

experiments. Moreover, when centrifugation is used for solid-liquid

separation many authors do not report the centrifugal acceleration but

rather the speed of rotation in RPM. Because the conversion factor
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depends on the geometry of the particular centrifuge, it is usually not

possible to discern the strength of the gravitational field.

Finally, contamination problems may influence adsorption data

obtained in systems with trace (less than 10
- 6 M) metal concentrations.

These experiments are frequently performed with radioactive tracers and

hence no direct measurements of metal concentrations are made. At very

low metal concentrations, however, contributions of metal ions from

electrolyte salts and oxide particles can exceed the the concentration of

added metal so that the tracer is immersed in a larger total metal

concentration than expected. For example, Kinniburgh and Jackson (7)

estimated that, due to contamination from ferric nitrate, the lower limit

-7
for total zinc concentration was 10- 7 M in their experiments with

amorphous iron hydroxide precipitated in situ. In our lab, micromolar

concentrations of arsenic have been detected in 0.1 M NaC1 and other

electrolyte solutions prepared with reagent grade chemicals (A. Carey,

unpublished data). Acceptance of adsorption data corresponding to trace

concentrations of metal ions should be conditioned on confirmation of

total adsorbate metal concentration by direct measurement.
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