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The emission of sulfur oxides from anthropogenic sources

represents a potential threat to terrestrial ecosystems. Sulfate,

the most highly oxidized form of sulfur, is the most common form of

inorganic sulfur in most soil environments. The sorption of sulfate

may influence the alkalinity of the soil solution and as a

consequence the pH of surface waters.

Batch experiments were performed to determine the influence of

pH, total sulfate concentration and solubility of the adsorbent on

the sorption of sulfate by kaolinite.

Proton surface charge density for kaolinite was determined over

a solution pH range from 3.5 to 11.0 in the absence and presence of

sulfate (10.99 to 526.3 AM) in 0.1 M NaC104 at 298 K. Total aluminum

(A1TS) and silica (SITS) concentrations were measured as a function

of pH after varying reaction times (2 to 60 h). The dissolution of

kaolinite was incongruent (A1TS /SiTS pi 1) over the entire pH range.



Proton adsorption by edge surface functional groups of kaolinite,

corrected for proton consuming dissolution reactions, showed no

influence of the reaction time.

Titration data were modeled by the nonlinear least squares

fitting routine FITEQL to obtain intrinsic proton complexation

constants. Aluminol, aquo and silanol groups were found to undergo

complexation reactions. Average values over all reaction times and

total sulfate concentrations for log K_(int) and log 14(int) were

-9.3 and 7.3 for aluminol and aquo groups, and -5.2 and 4.9 for

silanol groups, respectively. The total concentration of surface

sites was 1.74 cmol kg-I. This higher value, in comparison to the

theoretically determined concentration, could be explained by

differences in the particle size of kaolinite.

Kinetics of sulfate sorption by kaolinite KGa-1, determined in a

stirred batch reaction in 0.1 M NaC104 for a suspension density of

33.33 g L-1 at pH 4.5 and 6.5 were rapid. No sorption reaction could

be observed after 1 min reaction time.

Sulfate sorption was independent of pH and increased linearly

with the free sulfate concentration. Linear regressions resulted in

an overall partition coefficient for sulfate of 7.8 L kg-1 (R2 -

0.99) between solid and solution. A multiple regression model showed

that pH was not a significant variable in determining the amount of

sulfate sorbed. Specific adsorption by edge surface groups via

ligand exchange could be excluded, mainly due to the complete lack of

a pH influence on sulfate sorption.

Precipitation of a sparingly soluble aluminum sulfate mineral



was considered a possible mechanism controlling sulfate concentration

in solution. The solubility of several aluminum and aluminum sulfate

minerals was computed using the solution speciation program MICROQL.

Precipitation of basaluminite, a basic aluminum sulfate mineral

present in acid sulfate soils, was found to be possible within the pH

range from 5.0 to 6.0. However, no conclusive evidence can be

presented for precipitation being the mechanism of sulfate sorption

in presence of kaolinite.
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SURFACE COMPLEXATION OF PROTONS AND SULFATE BY KAOLINITE

INTRODUCTION

Since the beginning of this century an abundance of research has

been done on the sorption of oxyanions, such as phosphate and sulfate

by soils and soil constituents to investigate mobility and sorption

mechanisms of these important plant nutrients. Within the last

decades sulfate became even more important with the increasing

concern about acid rain and its consequences. The unifying goal of

this research is to increase the understanding of sorption mechanisms

and the fate of sulfate in soils.

Sulfate is basically the only plant available form of sulfur.

It is, on the average, less than 5 % of the total sulfur in soils.

Its availability in natural ecosystems is governed mainly by

oxidation and reduction processes of organically bound sulfur,

weathering of sulfate minerals and leaching and retention processes.

During the past two decades the problems of sulfate deficiencies for

plants might have been reduced by dry and wet depositions of oxidized

sulfur but many other problems, such as soil acidification and

leaching of basic cations in connection with sulfate evolved.

Kaolinite, a product of acid weathering from various parent

materials, is most abundant in soils of warm moist climates and is

one of the most abundant clay minerals in soils. A perfect kaolinite

crystal only has a pH dependent charge located on the edges. In

reality, however, it usually carries a permanent negative surface
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charge due to isomorphic substitution.

The objectives of this study were (i) to examine and model the

surface acidity of kaolinite, (ii) to study the mechanisms of sulfate

sorption over a wide pH range and at sulfate concentrations

corresponding to the range found in natural soil systems, (iii) to

develop adsorption isotherms at constant pH values, and (iv) to model

sulfate sorption by kaolinite.
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SURFACE COMPLEXATION OF PROTONS AND SULFATE BY KAOLINITE

I. TITRATION OF KAOLINITE WITH PROTONS AND SULFATE1

Frank Wildensee and John Baham2

ABSTRACT

Surface charge and proton complexation characteristics of

kaolinite KGa-1 (33.33 g L-1) in 0.1 M NaC1O4 were investigated over

a pH range from 3.5 to 11.0 in the absence and presence of sulfate.

Dissolution of aluminum and silica was determined as a function of

solution pH for reaction times of 2 to 60 h. After correcting for

dissolution of kaolinite, proton surface charge vs. pH could be

described by a simple linear relationship. The reaction time had no

statistically significant (p < 0.05) effect on the results.

Sulfate sorption was determined in batch experiments by reacting

kaolinite with total sulfate concentrations of 10.99 to 526.3 AM.

Sulfate was measured by the barium chloranilate method. The sorption

of sulfate had no significant effect (p < 0.05) on the surface 11-4-

balance or solubility of KGa-1 within the experimental pH range.

1Contribution from the Oregon Agric. Exp. Stn., Oregon State

University, Corvallis, OR 97331. Technical Paper No.

2Graduate Research Assistant, Associate Professor of Soil Science,

Oregon State University, Corvallis, OR 97331, respectively.
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Kinetics of sulfate sorption measured at pH 4.5 and 6.5 in a

stirred batch experiment in 0.1 M NaC104 at 298 K was rapid. After a

reaction time of 1 min no further removal of sulfate from solution

was observed.

Sulfate sorption is independent of solution pH in the pH range

(4.0 to 10.0) investigated. A partioning of sulfate between solid

and solution phase describes the data best, resulting in an average

distribution coefficient, Kd, of 7.8 L kg-1. Multiple regression

modeling with pH and free sulfate concentration showed the

significant influence of only the sulfate concentration in solution

on the amount of sulfate sorbed.

The fact that sulfate retention is pH independent and linear

with respect to sulfate solution concentrations up to a surface

coverage of 0.35 cmol kg-1 (35 % of the theoretical value) suggests

that sulfate sorption by kaolinite cannot be explained by specific

adsorption via ligand exchange.
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INTRODUCTION

The chemical mechanisms through which sulfate is sorbed by soils

and soil materials have been studied as a function of a number of

soil properties. Soil solution pH has been the most widely studied

soil property in relation to sulfate sorption (Kamprath et al., 1956;

Chao et al., 1963, 1964; Harward and Reisenauer, 1966; Barrow et al.,

1969; Elkins and Ensminger, 1971; Gebhardt and Coleman, 1974; Cuoto

et al., 1979; Singh, 1984). Typically, low soil solution pH values

result in increased sulfate adsorption. Soil solution pH is an

intensive chemical parameter which, in turn, is related to surface

charge of the minerals in the soil. Therefore, surface chemistry of

soil solid phases as reflected by mineralogy is an important factor

in understanding sulfate sorption (Chao et al., 1962, 1963; Rajan,

1978; Cuoto et al., 1979; Singh, 1980; Johnson and Todd, 1983; Fuller

et al., 1985).

The classical chemical model which has evolved for sulfate

sorption is one wherein positive sites on a mineral are created via

protonation of silanol and aluminol surface groups. Sulfate is then

adsorbed by electrostatic attraction between sulfate and the

positively charged site or by ligand exchange. Highly weathered

soils and volcanic ash soils sorb large amounts of sulfate. This is

a result of the high proportion of protonated groups (Hague and

Walmsley, 1973; Gebhard and Coleman, 1974; Wada and Okamura, 1980).

Soil organic matter which carries negative charge throughout normal

soil pH values has been negatively correlated to sulfate adsorption
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(Singh, 1980; Johnson and Todd, 1983). This observation is

consistant with the electrostatic and the ligand exchange model since

negatively charged organic ligands in the soil organic matter would

be expected to compete with sulfate for the same sites on the mineral

surface.

From the perspective of fertilizer application to soils it is

important to know how different anions compete for adsorption sites.

Chao et al. (1964) found that among 20 inorganic and organic anions

investigated, only acetate, arsenate, borate, chloride, nitrate and

silicate do not depress sulfate adsorption in soils. The enhancing

effect of "basic cations" on sulfate adsorption can be explained by

considering the pH decrease upon exchange of those cations for H+ and

Al3+ (Khanna and Beese, 1978).

The observation that a single isotherm can not describe sulfate

adsorption over a wide concentration range suggests multiple sorption

sites (Aylmore et al., 1967; Barrow and Shaw, 1977). Sorption

isotherms for sulfate adsorption on kaolinite show a second distinct

region of adsorption at concentrations greater than 10 mM; this is

similar to phosphate sorption (Muljadi et al., 1966).

It has been recognized that adsorption of sulfate by soils might

occur by replacement of OH- and 0H2 surface groups (Chao et al.,

1965; Parfitt, 1978; Khanna and Beese, 1978;). In addition, several

workers have reported that the adsorption of sulfate by oxide and

clay minerals occurs via ligand exchange (Chang and Thomas, 1963;

Rajan, 1978, 1979a, 1979b; Parfitt and Smart, 1977, 1978; Sigg and

Stumm, 1981; Rao et al., 1984). However, only Rao et al. (1984)
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proposed a mechanism of sulfate binding on the surface of kaolinite.

In contrast, the adsorption of sulfate by hydrous metal oxides

has been studied in more detail. Using IR-spectroscopy, Parfitt and

Smart (1977, 1978) concluded that sulfate displaces hydroxyl and aquo

groups at the surface of iron oxides and forms a six membered ring

involving two iron atoms. The same holds true for aluminum oxides

(Rajan, 1978). The binding mechanism, however, depends on the

surface charge and solution concentration of sulfate. The adsorption

capacity of a mineral is reached when the surface charge is neutral

(Rajan, 1979a). At low solution concentrations sulfate is sorbed by

positive sites and forms a bidentate surface complex with the metal

cation of the surface site. At higher adsorption densities fewer

positive sites are available and sulfate binds to neutral or even

negative sites forming a monodentate complex (Rajan, 1978; Rao, et

al. 1984). It has been noticed that lowering the pH gives sulfate

(S042-) a competitive edge over phosphate (H2PO4-) (Barrow, 1970)

since the surface is made more positive and can donate a proton to

the sulfate anion (Hingston, 1972; Bergseth, 1985). An interesting

feature is the displacement of the pH of the point of zero charge

(pHpzc) of a mineral to higher values upon sulfate adsorption

(Breeuwsma and Lyklema, 1972; Parfitt and Smart, 1978; Yates and

Healy, 1975; Sigg and Stumm, 1981) as compared to a downscale

displacement for adsorption of other anions (Goldberg and Sposito,

1984; Goldberg, 1986).

Other researchers favor a combination of mechanisms to explain

the sorption of sulfate by soils and soil minerals. Hue et al.
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(1985) proposed for an Ultisol at a pH below 5.1 that precipitation

was the primary mechanism; above pH 5.6 non-specific adsorption is

dominant. Adams and Rawajfih (1977), Nordstrom (1982), Wolt and

Adams (1979) and Wolt (1981) suggested that precipitation of a basic

aluminum sulfate mineral is a plausible alternative to the ligand

exchange mechanism for retention of sulfate in soils or by aluminum

oxides. Van Breemen (1973) proposed that the precipitation of a

basic aluminum sulfate mineral might regulate the concentration of

dissolved aluminum in water samples from acid sulfate soils. Soils

undergoing drying and wetting cycles apparently retain sulfate during

the drying phase as solid basic aluminum sulfate and release sulfate

during the wetting cycle (Weaver, 1985).
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MATERIAL AND METHODS

Solubility of Kaolinite

Two gram (2.00 ± 0.02 g) samples of homogenized kaolinite (Clay

Mineral Society, KGa-1; Van Olphen and Fripiat, 1979) were weighed

into 125 mL polyethylene bottles. Sixty mL of 0.1 M NaC104 was

carefully added to the sample with a dispensing pipette resulting in

a suspension density of 33.33 g L-1. Measured quantities of acid

(0.1 M HC104) or base (0.1 M NaOH) were required to achieve desired

equilibrium solution pH values for KGa-1 suspensions. These amounts

were estimated from proton titration data taken from Lim et al.

(1983). The clay suspensions were placed into a water bath at 298 ±

0.1 K and shaken continuously. Total soluble aluminum (A1TS) and

silica (SiTS) dissolution and proton complexation kinetics data were

obtained for time intervals from 2 to 60 h. After specific time

intervals each suspension was centrifuged at 13000 g for 5 min. The

pH was measured immediately and the supernatant decanted and stored

in polyethylene containers prior to AlTs and SiTS determination.

Sulfate Sorption Experiment

Clay suspensions were prepared as described above and were

reacted with measured amounts of acid or base for 54 h prior to

sulfate addition. The suspensions were centrifuged at 13000 g for 5

min and the supernatant pH was measured. Sodium sulfate was added
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resulting in a range of S042-T concentrations from 10.99 to 526.3 AM

(0.031 to 1.51 cmol kg-I). The kaolinite was resuspended by vigorous

manual shaking and then placed in a water bath at 298 ± 0.1 K and

shaken for 6 h. The suspensions were centrifuged for 5 min at

13000 g, the supernatant transferred to polyethylene bottles and the

final pH measured.

Kinetics of Sulfate Sorption

Kaolinite samples were mixed with 0.1 M NaC104 (33.33 g L-1),

adjusted to pH 4.5 and 6.5, equilibrated for 48 h in a water bath

shaker at 298 K and transferred to a polypropylene beaker sitting in

a water bath at 298 K. The kaolinite suspension was stirred

continuously with a propeller and the pH was monitored. Sodium

sulfate was added resulting in a S042-T of 0.2 mM after the pH of the

suspension remained constant for 30 min. Ten milliliter aliquotes

were taken after 1, 2, 5, 15, 60, 120, and 720 min. The suspensions

were immediately vacuum-filtered through a 0.2 pm prewashed membrane

filter. The filtrates were stored in plastic bottles prior to

determination of the free sulfate concentrations.

pH Measurement

Supernatant pH values were measured with a digital pH-meter

equipped with a Ag/AgC1 glass combination electrode. The glass

electrode was calibrated with three standard buffer solutions in the
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range 4.00 to 10.01. pH values were recorded when the electrode

drift was less than ± 0.02 pH units per minute. Duplicate

measurements for pH were made and the average proton activity (H+)

was recorded as pH. After five measurements the electrode was

checked with two standard buffer solutions. No drift was observed.

Aluminum Determination

Total soluble aluminum concentration (A1TS) of the supernatant

was determined by the 8-hydroxyquinoline method (Bloom et al., 1978)

which has been modified by reducing the amount of butyl acetate from

5 to 3 mL to increase the sensitivity. A detection limit

(transmittance reading < mean transmittance of blank - 3a) of 0.33 AM

A1TS as compared to 2.0 AM (Bloom et al., 1978) was achieved. The

spectrophotometric response was found to be linear up to 1.8

absorbance units. Based on estimated A1TS concentrations (Lim et

al., 1983) 5 to 20 mL aliquots were used for sample analysis. The

aliquots were added to glass tubes and 5 mL of the mixed reagent

(Bloom et al., 1978) and 1 M sodium acetate were added

simultaneously. After a 15 min reaction time, 3.00 ± 0.03 mL butyl

acetate (spectrograde) was added to the aqueous phase and shaken for

20 s to extract the 8-hydroxyquinoline Al complex. The absorbance

value of the butyl acetate layer was read at 395 nm with a Beckman DU

spectrophotometer equipped with a 1.0 cm flow-through cell. Since

the amount of analyte needed per reading was less than 1 mL three

replicates could be measured routinely.
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Silica Determination

Total soluble silica (SiTS) was determined in the supernatant

solution by the blue silicomolybdous acid procedure (Weaver et al.,

1968). The detection limit (compare to aluminum determination) for

this technique was 0.2 AM SiTS. The reaction time of 2 min limited

the reaction to complexation of monosilicic acid (Si(OH)4) (Weaver et

al., 1968).

Sulfate Determination

Investigation of low levels of total soluble sulfate (S042 TS

< 5 AM) in the presence of kaolinite required that a sensitive and

rapid technique be employed. The barium chloranilate method

(Bertolacini and Barney 1957, 1958; Richter et al., 1983) was chosen

for the analysis of S042-TS since it is both inexpensive and rapid.

The analysis has a detection limit of 1.0 pM S042 -TS (30ppb S042- as

S) and is relatively free of interferences. Barium choloranilate

reacts with 5042- in a buffered acid solution with the quantitative

precipitation of BaSO4. Chloranilate is converted to its colored

acid form and the absorbance is determined at 332 nm with a Beckman

DU UV-spectrophotometer. The absorbance of the colored acid species

is proportional to the S042-TS concentrations up to 40 pM

(Bertolacini and Barney, 1958).

An aliquot of 5 to 20 mL was placed in a 100 mL volumetric

flask, 50 mL of 100% ethanol and 10 mL of 0.05 M K-biphthalate (pH
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4.0) were added and made up to volume. The solution was transferred

to a polyethylene bottle and approximately 200 mg of Ba-chloranilate

salt was added. The suspension was shaken for 15 min, centrifuged at

13000 g for 5 min and the absorbance of the aqueous chloranilic acid

was determined. The possiblities of interferences from Na were

eliminated by holding the concentration of the background

electrolyte, NaC104, constant in both the standards and samples.

Aluminum which is reported to form an insoluble complex with the acid

chloranilate anion (Bertolacini and Barney, 1957) was found not to

interfere for AlTs concentrations of up to 120 pM. Therefore, the

removal of cations by ion exchange, as suggested by Bertolacini and

Barney (1957) was not necessary.
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RESULTS AND DISCUSSION

Solubility of Kaolinite (KGa-1)

Total soluble aluminum (A1TS) and silica (SITS) concentrations

for the dissolution of kaolinite KGa-1 show the expected distribution

with minima in their solution concentration between pH values of 5.5

and 8.5 (Fig. 1). The concentration values are generally consistent

with the data of Lim et al. (1983) for the dissolution of a

fractionated and pretreated kaolinite KGa-1. Equilibrium between

kaolinite and SiTs and ALTS was not established after 60 h over the

entire pH range investigated.

The ratio A1TS /SiTS (Wieland, 1986) was less than 1 for pH

values from 4.5 through 9.0 suggesting the formation of an Al rich

solid phase. A solid phase depleted in aluminum is formed below and

above this pH range. Since this ratio differs significantly from 1,

dissolution is incongruent over the entire pH range studied.

Potentiometric Titration in the Absence of Sulfate

Calculation of the proton surface charge density, UH, (cmolc

kg-I) from the potentiometric titration data was performed using Eq.

1 as modified from Sposito (1984) to account for dissolution

reactions:
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Figure 1. Dissolution of kaolinite KGa-1 in 0.1 M NaC104 at 298 K
after various reaction times (2 to 60 h) and at various
pH values (3.0 to 11.0).
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[1]

Cs

where CA and CB are the amounts of acid and base added (mol L-1),

[H +] and [OH-] the concentration of protons and hydroxyls (mol L-1),

cs (kg L-1) the mass of solid in suspension, and EDi (mol L-1) the
i

amount of protons or hydroxyls consumed by the dissolution of

kaolinite. EDi is calculated from the dissolution reactions Eq.
i

[2]-[10] making the basic assumption that kaolinite consists of

gibbsite (Al(OH)3(s)) and silica (Si02(s)) units which dissolve

incongruently. A1TS and SiTS are the measured concentrations for a

reaction time of 60 h. It is assumed that the dissolution reactions

Eq. [2]-[10] are correct even if A1TS and SiTS are not necessarily in

equilibrium with their according solid phase.

Al(OH)3(s) + 3 [11-1-] =

Al(OH)3(s) + 2 [114] =

Al(OH)3(s) + [H-1-] =

Al(OH)3(s) + H2O =

A1(OH)3(s) + H2O =

Si02(s) + 2 H2O =

Si02(s) + 2 H2O =

[A134-] + 3 H2O log K 8.04 [2]

[A1(OH)24-] + 2 H2O log K 3.02 [3]

[A1(OH)24-] + H2O log K -1.26 [4]

[Al(OH)3] + H2O log K -6.95 [5]

[Al(OH)41 + [114-] log K -15.29 [6]

[H4SiO4] log K -9.71 [7]

[H3SiO4-] + [H+] log K -12.42 [8]

A1TS [A13+] + [Al(OH)24-] + [Al(OH)24] + [Al(OH)3] + [Al(OH)4-] [9]

SiTS [H3SiO4-] + [H4SiO4] [10]

The speciation of A1TS and SiTS at the experimental pH values was
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used as input for Eq. [11]:

EDi 3 *[A13 +] + 2*[Al(OH)24] + [Al(OH)24-] - [Al(OH)4]

- [H3SiO4-] [11]

Potentiometric titration curves for different experimental

reaction times are plotted as relative negative proton surface charge

density, CH, vs. solution pH (Fig. 2). Values for proton surface

charge densities cannot be regarded as absolute since the total

concentration of protons, HT, on the kaolinite surface before the

addition of any acid or base is unknown. Therefore, a normalization

of the titration curve to the pHpzNpc (pH of the point of zero net

proton charge) of the kaolinite is required (Wildensee and Baham,

1989).

The titration of the kaolinite surface with protons, corrected

for dissolution of kaolinite (see Eq. [11]), is approximated by a

simple linear relationship. Although the regression analysis has no

mechanistic basis it describes the data quite accurately and shows no

dependence on reaction time. Analysis of covariance for individual

titration plots revealed no statistically significant difference

(significance level p < 0.05) between the estimated linear regression

lines (Table 1). Therefore, the complexation of protons with the

kaolinite surface can be considered a rapid process which is

completed after 2 h.

Measured A1TS and SiTS, which increase with equilibration time,

clearly show that the dissolution reaction has not reached
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Figure 2. Potentiometric titration of kaolinite KGa-1 (33.3 g L-1)
in 0.1 M NaC104 with acid (0.1 M HC104) and base (0.1 M
NaOH) at various reaction times. Proton surface charge is
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Table 1. Potentiometric titration of kaolinite KGa-1 with acid and
base at various reaction times (data see Fig. 2).

reaction time slopet
± SE(P1)

interceptt

$o ± SEC())

R2

h %

2 0.433 ± 0.015 -1.267 ± 0.090 98.9

6 0.415 ± 0.011 -1.164 ± 0.064 98.4

12 0.441 ± 0.015 -1.303 ± 0.090 99.0

24 0.439 ± 0.016 -1.280 ± 0.096 98.8

60 0.449 ± 0.016 -1.363 ± 0.100 98.8

pooled 0.431 ± 0.007 -1.254 ± 0.045 98.4

t parameters of estimated regression lines
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equilibrium after 60 h reaction time (Fig. 1). These facts suggest

that i) the proton complexation is the first step in a dissolution

reaction, and ii) the properties of the exposed kaolinite surface

concerning proton complexation do not change as the dissolution of

the clay mineral proceeds. Furthermore, A1TS is not in equilibrium

with either amorphous or crystalline gibbsite over the course of the

experiment (Wildensee and Baham, 1989). Therefore, the possible

presence of an amorphous oxide coating on the surface of kaolinite

may not have a significant influence on the surface chemical behavior

of kaolinite. These findings justify not using a pretreatment

procedure for the kaolinite KGa-1 before conducting our experiments.

In a recent study Zachara et al. (1988) found, applying various

pretreatment procedures, an unexpected change in the adsorption

behavior of chromate by kaolinite. Harsh pretreatments (NH2OHHC1

and dithionate-citrate-bicarbonate), designed to remove iron oxides,

actually increased sorption of chromate by kaolinite KGa-1.

Qualitatively, the shape of the titration curves (Fig. 2) show a

mixture of functional groups and protonation/deprotonation constants.

Since no plateau regions can be observed, the stability of the

functional groups overlap and not all of them were titrated within

the pH range investigated. This suggests that i) all functional

groups located at the edges of kaolinite, silanol, aluminol, and aquo

groups participate in the acid/base titration, and ii) kaolinite acts

as a weak acid which buffers pH changes over a wide pH range.
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Kinetics of Sulfate Sorption

We define the generic term sorption as the removal of sulfate

from solution without referring to any kind of mechanism.

The rate of sulfate sorption by kaolinite KGa-1 is rapid

(Fig. 3). A studentized t-test showed that the slopes of estimated

regression lines are not significantly different from zero (p <

0.05). No significant removal of sulfate from solution occurs after

the initial rapid sorption reaction, equilibrium is achieved

(-dS042- TS/dt = 0). The exact reaction rate cannot be obtained from

our data since after 60 ± 5 s there was no significant change in the

amount of sulfate in solution, signifying completion of the sulfate

sorption. Sampling on a shorter time scale was not feasible since

the mixing of the sulfate solution with the kaolinite suspension is

not an instantaneous process.

The sorption of fluoride by goethite reached equilibrium after

5 min, whereas for phosphate a reasonably constant concentration was

only reached after about 48 h with a slow reaction continuing for

weeks (Sigg and Stumm, 1981).

Potentiometric Titration in the Presence of Sulfate

Potentiometric titration data in the presence of various amounts

of sulfate (S042-T) were plotted as described above (Fig. 4). The

presence of sulfate in solution had no effect on the potentiometric

titration of kaolinite with acid and base. Fig. 5 shows that
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addition of sulfate didn't cause a significant shift of the solution

pH, in contrast to adsorption of sulfate by goethite (Sigg and Stumm,

1981) These observations suggest that sulfate has little effect on

the dissolution of kaolinite. This conclusion is further supported

by the fact that sulfate forms only small amounts of solution

complexes with either aluminum or silicon in the pH range

investigated. However, sulfate may precipitate in the presence of

soluble aluminum. Therefore, the question whether sulfate

accelerates the weathering of kaolinite cannot be answered at this

point.

No significant correlation (p < 0.05) between the negative

relative proton surface charge density, aH, and S042-T was found by a

covariance analysis of the estimated regression lines through the

potentiometric titration curves (Table 2). Comparison of the pooled

potentiometric titration data in the absence and presence of sulfate

reveals no significant differences between the data sets. These data

suggest that i) the presence of sulfate does not influence the

development of surface acidity, and ii) sulfate and protons are

sorbed to different sites on kaolinite.

This result is in contrary to the observed displacement of the

potentiometric titration curve of goethite (a-Fe0OH) in the presence

of sulfate. The displacement towards higher negative proton surface

charge was explained by specific adsorption of sulfate via ligand

exchange (Sigg and Stumm, 1981).
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Table 2. Potentiometric titration of kaolinite KGa-1 with acid and
base at various total sulfate concentrations (data see
Fig. 4).

8042-T slopet

P1 ± SE(P1)

interceptt

Po ± SE($))

R2

AM %

10.99 0.420 ± 0.011 -1.231 ± 0.068 99.4

21.74 0.437 ± 0.015 -1.247 ± 0.097 98.8

54.95 0.446 ± 0.018 -1.306 ± 0.117 98.3

108.7 0.461 ± 0.025 -1.430 ± 0.160 97.1

217.4 0.433 ± 0.012 -1.278 ± 0.079 99.2

526.3 0.445 ± 0.016 -1.396 ± 0.102 98.8

pooled 0.438 ± 0.006 -1.308 ± 0.041 98.6

t parameters of estimated regression lines
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Sulfate Sorption

Surface concentration of sulfate is independent of solution pH

in the range of pH values investigated (Fig. 6). It only shows a

significant dependence on the concentration of total soluble sulfate

(S042- TS). Linear regressions of sulfate sorption data at different

total sulfate concentrations (S042-T) over pH show that their slopes

are not significantly different from zero (p < 0.05). On the

contrary, sulfate adsorption by goethite (Sigg and Stumm, 1981), and

adsorption of anions, such as phosphate, borate, arsenate by various

oxide and clay minerals (Goldberg and Sposito, 1984; Goldberg and

Glaubig, 1985, 1986; Keren and Mazuman, 1981) show a significant pH

dependence. These results suggest that i) sulfate sorption by

kaolinite does not depend on the protonation of surface groups, i.e.

it is pH independent, ii) the sorption process is not specific

adsorption via ligand exchange (Stumm et al., 1980), and iii)

electrostatic attraction cannot account for sulfate sorption over the

entire pH range investigated since kaolinite produces a negative

proton surface charge at higher pH values.

Since sulfate sorption was not measured at constant pH values,

sorption isotherms had to be computed at various constant pH values

from the linear relationships of the sulfate sorption data (Table 3).

Linear regressions which reflect a simple partioning of sulfate

between solid and solution phase describe the isotherm data well,

resulting in R2 values greater than 0.98. At low sulfate solution

concentrations the sulfate surface coverage is overestimated by the
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Table 3. Sulfate isotherms for sulfate sorption by kaolinite KGa-1.
Isotherms are computed from linear relations between amount
of sulfate sorbed and pH (data see Fig. 6).

pH 5042 TS S042- sorbed regression
estimate

R2

AM cmol kg-I cmol kg-I %

4.0 6.81 0.013 0.030 96.8

13.38 0.025 0.035
27.83 0.081 0.046
78.33 0.091 0.083

173.54 0.132 0.153
414.43 0.336 0.330

5.0 7.07 0.012 0.029 97.9
13.38 0.025 0.034
29.61 0.076 0.046
79.06 0.089 0.083

170.95 0.139 0.152
414.14 0.337 0.334

6.0 7.33 0.011 0.028 98.7

13.38 0.025 0.032
31.39 0.071 0.046
79.79 0.087 0.083

168.36 0.147 0.151
413.85 0.337 0.338

7.0 7.59 0.010 0.027 99.0

13.38 0.025 0.031
33.17 0.065 0.046
80.52 0.085 0.083

165.77 0.155 0.149
413.56 0.338 0.342

8.0 7.85 0.009 0.025 99.1

13.39 0.025 0.030

34.95 0.060 0.047

81.25 0.082 0.083

163.18 0.163 0.148

413.27 0.339 0.345
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Table 3. continued.

pH S042 -TS 5042- sorbed regression R 2

estimate

pll cmol kg-1 cmol kg-1

9.0 8.11
13.39
36.73
81.98

160.59
412.98

0.009
0.025
0.055
0.080
0.170
0.340

0.024
0.029
0.047
0.084
0.147
0.349

98.8
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linear relationship, particularly at low pH values. The distribution

coefficient, Kd, (L kg-I) which is equivalent to the slope of the

regression line, is between 7.5 and 8.1 L kg-1 for the pH range

investigated. However, no mechanistic conclusion can be drawn from

this finding.

Measurement of sulfate sorption for the stirred batch experiment

to determine rate constants resulted in constantly higher values of

sorption as compared to the unstirred batch experiment. The

distribution coefficient, Kd, is 10.5 L kg-I at S042-T 200 ALM. The

uncertainty of this value, however, is greater, since it is computed

for only one total sulfate concentration and not the result of a

linear regression.

Values for surface coverage of sulfate on kaolinite can be

estimated by assuming an even distribution of the sorbate on the

entire surface of the sorbent. This results only in descriptive

values for comparative means and does not allow conclusions to be

drawn about actual distribution and limiting factors, such as anion

size and edge surface area. Experimental sorption data show a

surface coverage between 0.012 and 0.35 cmol kg-I. CEC and proton

surface charge density, aH, are approximately one order of magnitude

larger. Preliminary experiments, however, with S042-T above natural

soil concentrations (2 to 13.5 mM) and a Kd value within the range

mentioned above, resulted in a surface coverage between 1.5 and 10.1

cmol kg-I. These values are larger than expected CEC and AEC values,

providing further evidence for the hypotheses that the sorption of

sulfate by kaolinite cannot be described in terms of adsorption.



32

CONCLUSIONS

Titration curves of kaolinite KGa-1 resemble titration curves of

multiprotic weak acids, however, without showing distinct plateau

regions. Probably all functional edge surface groups of the

kaolinite are involved in the generation of surface acidity.

The fact that the titration curves of kaolinite KGa-1 in the

presence of sulfate were not statistically different from those

measured in the absence of sulfate provides evidence that sulfate

sorption does not influence the surface acidity and that sulfate and

protons are bound by different sites on kaolinite KGa-1. Apparently,

sulfate was not adsorbed by formerly proposed surface complexation

mechanisms which all result in a change in the surface charge

characteristics of the solid upon adsorption.

The pH independence of sulfate sorption by kaolinite KGa-1

provides further evidence that the mechanism of removal of sulfate

from solution is not specific adsorption via ligand exchange. It is

proposed that the mechanism of sulfate sorption by kaolinite is

different from the mechanism of sulfate adsorption by metal oxide

minerals.

Available experimental data on sulfate sorption by kaolinite

KGa-1 were not sufficient to make statements on what kind of

reactions were responsible for the observed removal of sulfate from

solution.
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SURFACE COMPLEXATION OF PROTONS AND SULFATE BY KAOLINITE

II. MODELING OF PROTON AND SULFATE COMPLEXATION1

Frank Wildensee and John Baham2

ABSTRACT

Complexation constants for kaolinite KGa-1 in the absence and

presence of sulfate were computed from experimental titration data by

the non-linear least square fitting procedure FITEQL. The data were

normalized with respect to the pH of the point of zero net proton

charge (pHpzNpc). Two pairs of complexation constants (log K_

-9.30, log 7.30 and log K_ -5.21, log 4.90) were found.

They were assigned to aluminol and silanol edge surface groups,

respectively. It could be shown from the surface site distribution

that all three types of functional groups present at the edges of

kaolinite, aquo, aluminol, and silanol, took part in the proton

complexation. The total concentration of surface sites was about 1.7

cmol kg -1 and somewhat higher than the total concentration calculated

from crystallographic data. The difference could be attributed to

1Contribution from the Oregon Agric. Exp. Stn., Oregon State

University, Corvallis, OR 97331. Technical Paper No. .

2Graduate Research Assistant, Associate Professor of Soil Science,

Oregon State University, Corvallis, OR 97331, respectively.
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differences in particle size parameters between a hypothetical

kaolinite and the kaolinite KGa-1.

Sulfate sorption could not be modeled by a surface complexation

model due to a lack of pH dependence.

Computations of the solubility of various aluminum and aluminum

sulfate minerals in equilibrium with sulfate (10.99 to 526.3 pM)

suggests that the formation of a precipitate is a reasonable

mechanism for the removal of sulfate from solution. However, no

conclusive evidence for the consumption of sulfate by a precipitation

mechanism can be presented.
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INTRODUCTION

Existing adsorption models can, in general, be divided into two

types (Hansman and Anderson, 1985): (i) "statistical models" where

the ratio of adsorbate-occupied to adsorbate-free surface sites is

related to the mole fraction of adsorbate remaining in solution, and

(ii) "surface complexation models" which are based on plausible

surface reactions between adsorbate molecules and particle surface

sites. The advantage of models of type 1 is, that neither binding

mechanism nor reaction stoichiometry have to be known. The major

drawback, however, is, that those models are unable to describe

adsorption over a range of pH values and ionic strengths.

Statistical models have been used for the modeling of sulfate

adsorption in soils even if the basic assumptions were not fulfilled.

The Langmuir equation could successfully describe adsorption data on

a variety of soils at low solution concentrations (Barrow, 1967;

Hague and Walmsley, 1973; Hasan et al., 1970; Singh, 1984) but failed

to do so for other soils over the total range of sulfate

concentrations (Chao et al., 1962). In these cases the Freundlich

equation was found to describe the data well or at least better than

the Langmuir equation (Chao et al., 1962; Chao et al., 1963; Singh,

1984).

Since the adsorption of sulfate by soils is mainly due to oxide

and clay minerals and a pH increase is observed frequently upon

adsorption researchers have tried to describe the data with surface

complexation models. The basis of all surface complexation models is
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the protonation and dissociation of surface hydroxy or aquo groups

and chemical adsorption of sulfate either by ligand exchange (Stumm

et al., 1980) or by binding to positive sites (Davis and Leckie,

1980). In both cases the macroscopic effect is the same, increase in

solution pH upon adsorption, but the microscopic effect is in the

former case release of hydroxide and in the latter consumption of

protons. The stability of those surface complexes are primarily

governed by favorable entropy changes (Davis and Leckie, 1979). The

different description of the electric double layer at the surface of

the solid phase leads to a variety of models (Stumm et al., 1980;

Bowden et al., 1977; Davis et al., 1979). Westall and Hohl (1980)

who compared five surface complexation models found that all five

represent the experimental data equally well, but the values for

corresponding parameters in different models are not the same.

Apparently, the models are the correct mathematical form to describe

the data but they are not necessarily an accurate physical

description of the adsorption reactions at the interface.

Alternatively, especially when no pH increase was observed

(Pavan et al., 1984; Khanna and Beese, 1978) sulfate sorption may be

a consequence of the solubility of aluminum sulfate or aluminum

hydroxy-sulfate minerals (Adams and Rawajfih, 1977; Wolt and Adams,

1979; Wolt. 1981). The formation of alunite and basaluminite, for

example, is (i) thermodynamically favorable in acid environments,

(ii) occurs at relatively low solution sulfate concentrations and

(iii) is enhanced in the presence of clay minerals (Adams and Hajek,

1978; Harvey and Vitalians 1964; Singh and Miles, 1978).
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DATA AND METHODS

Normalization of Titration Data

Normalization of titration data accounts for the total

concentration of protons present on the kaolinite before the beginning

of the titration with acid or base. A pH value of the point of zero

net proton charge (pHpzNpc) was assumed from literature values for

various kaolinites. The amount of base added at the pHpzNpc was

assumed to be zero. The amount of base actually added at the pHpzNpc

is equal to the amount of protons present before the titration of the

kaolinite. Therefore, the normalized negative proton surface charge

of kaolinite will be zero at the pHpzNpc

Constant Capacitance Model

The constant capacitance surface complexation model was employed

to model the proton complexation reactions at the surface. The model

as described by Stumm et al. (1980) is based on four essential

assumptions: (i) all surface species are inner-sphere complexes; (ii)

the background electrolyte does not form any surface complexes; (iii)

adsorption of anions is based on a ligand exchange mechanism; (iv) a

linear relationship between surface charge density, a (mol m-3), and

surface potential, 0 (V), exists, given by the equation:

a (CSa/F)0 [1]
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where C (F m-2) is the capacitance density, S (m2 kg-1) is the

specific surface area, a (kg m-3) is the concentration of the solid

in aqueous suspension, and F (C mol-1) is the Faraday constant. In

the absence of specifically adsorbing anions the surface charge

density, a, is equal to the net proton charge density, aH (mol m-3),

which can be determined from potentiometric titration data:

aH = [X0H2-1-] - [X0-] [2]

where [X0H2-1-] and [X0-] (molc m-3) are the protonated and

dissociated surface species, respectively.

The following chemical reaction equilibrium constants are

assumed for the description of the surface speciation of kaolinite:

a) for protonation reactions:

[ XOH] + [H-1] = [X0H24]

14(int) [X0H24] /[X0H][1-14-] exp(F' /RT)

cici_ [X0H2+]/[XCH][H-11

[3]

[4]

[5]

where K+(int) is the intrinsic surface protonation constant, cK+ is

the conditional surface protonation constant, R (JK-1mo1-1) and T (K)

are the molar gas constant and the absolute temperature,

respectively.

b) for dissociation reactions

[MR] = [X0-] + [11+] [6]

K_(int) [X0-][H-1] /[X0H] exp(-FO/RT) [7]

cK_ [X0-][10-] /[X0H] [8]
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where K_(int) is the intrinsic surface dissociation constant and oK_

is the conditional surface dissociation constant.

Optimization of Surface Complexation Constants for Protons and

Sulfate

The solution equilibrium computer program FITEQL (Westall, 1982)

was utilized to model 14(int) and K_(int) for the experimental data

obtained from the titration of kaolinite KGa-1. FITEQL employs a

nonlinear least squares method to optimize these constants from

experimental data. An estimated value for the capacitance, C, which

can not be determined experimentally can be obtained from the

following relationship (Stumm et al., 1980):

K_(int) = oK_ exp(-FO/RT) [9]

Substituting for 0 from equation [1] and solving for log oK_ equation

[9] can be transformed into:

log °K_ log K_(int) - aHF2/CSaRT1n10

Therefore, the capacitance density, C, can be estimated from the

[10]

slope of a plot log OK_ vs. aH.

Since the total number of surface sites, [X0H]T, which has to

be known for the calculation of log oK can only be estimated from

crystallographic data (Sposito, 1984) it is more valid to optimize

the capacitance, C, and the total number of surface sites [ =XOH]T

simultaneously. The best fit is attained when the mean square error



45

(MSE) is minimized.

In addition, FITEQL provides information about the surface

speciation at each data point which can be used to plot a model

titration curve.

Forty randomly selected data points of (i) potentiometric

titration at various reaction times, (ii) potentiometric titration at

various total sulfate concentrations, and (iii) potentiometric

titration at various reaction times and total sulfate concentrations,

were used as input for FITEQL.

Stability Diagram

Stability diagrams for several soluble aluminum and aluminum-

sulfate minerals and kaolinite were prepared from literature values

for stability constants (Lindsay, 1979; Stumm and Morgan, 1981;

Nordstrom, 1982; Van Breemen, 1973). The dissolution of those

minerals was compared with the dissolution of the kaolinie KGa-1.

The solution speciation program MICROQL (Westall, 1979) was employed

to estimate [A13 +] from [Al]TS values, obtained in the kaolinite

dissolution experiments. Computed [A13 +] concentrations were used as

a basis to compare the dissolution behavior and the possibility of

formation of the minerals mentioned above.

X-Ray Diffraction

Random powder mounts of the unreacted kaolinite and a freeze
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dried sample which was reacted with 526.3 AM S042- at pH 4.3 were

scanned with Cu Ka X-rays from 2 to 65° 28. The XRD spectra,

recorded on a Scintag PAD IV X-ray diffractometer, were compared to

spectra of aluminum sulfate minerals as a check for the presence of

crystalline precipitates.
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RESULTS AND DISCUSSION

Normalization of Titration Data

The pH at the PZNPC of the edges of kaolinite was found to be

between 7.2 and 7.3 by the Bingham yield stress model (Rand and

Melton, 1975), by the linear combination of reported zeta potentials

on quartz and a-alumina (Parfitt and Sing, 1976) and by a

polymer-adsorption technique (Flegmann, 1967). Even if these numbers

were determined for different kaolinites after different pretreatment

procedures the similarity of the values was reason enough to use a

PHPZNPC of 7.2 for the normalization of the potentiometric titration

data of kaolinite KGa -l. The normalization procedure resulted in a

shift of the titration curve to smaller negative proton surface

charge densities but did not change the shape of the curves.

Modeling of Potentiometric Titration Data

The parameter which were fit simultaneously are the protonation

constant, log K+(int), the dissociation constant, log K_(int), the

total number of surface sites, [ XOH]T and the capacitance, C.

Table 4 shows the optimized parameters for potentiometric titration

data obtained by FITEQL i) at various equilibration times, ii) at

various S042-T concentrations, and iii) for a pooled data set

(Wildensee and Baham, 1989). No significant correlation between both

equilibration time and 5042 -Ts concentrations and either of
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Table 4. Parameters optimized by FITEQL for titration data at
various reaction times and total sulfate concentrations
(data see Fig. 7).

It Iit 'lit

C F m-2 3.5 3.5 3.5

log K1-(int)S -9.3 -9.4 -9.3

log Kl+(int)t 7.2 7.2 7.3

log K2-(int)t -5.23 -5.03 -5.21

log K24-(int)* 4.88 4.81 4.90

[-X0H]lt cmol kg-I 1.075 1.167 1.095

[-x011]2$ cmol kg-1 0.588 0.633 0.645

[-X01-]T cmol kg-I 1.663 1.700 1.740

ratio [-X0H11 /[-X0H]2 1.83 1.84 1.70

t I - titration data at various reaction times
II - titration data at various total sulfate concentrations
III - titration data at various reaction times and total sulfate

concentrations

1 - aluminol and aquo group [-Alai]
2 - silanol group [-SiOH]
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the optimized parameter could be found (data not shown). This

provides further evidence that a reaction time of 2 h was already

sufficient to equilibrate the surface sites with the acid or base.

Additionally, it shows that sulfate and protons apparently do not

compete for the same surface sites (Wildensee and Baham, 1989).

Westall (1986) could successfully model the competition of

sodium for protons for edge surface sites [ XOH] of a kaolinite to

form a neutral surface species [X0-Na4] (log K+(int)). However, he

could only optimize a protonation constant log KA_(int) but not a

dissociation constant log K_(int). We were unable to optimize

log K+(int) for the competition of sodium for protons for our data.

Therefore, we concluded that the competition of sodium with protons

for edge surface sites was not significant in our study. We did not

consider sodium a potential determining ion and assumed only a

nonspecific adsorption by permanent sites on the kaolinite surface.

Three types of functional groups are found at the edge surface

of kaolinite: aluminol, aquo, and silanol groups. Only the former

two types can undergo both a protonation and dissociation reaction,

whereas the silanol groups apparently only undergo a dissociation

reaction (Sposito, 1984).

Two pairs of complexation constants which were assigned to

silanol and aluminol groups on grounds of known values found in

former studies could be optimized by FITEQL. Introducing constants

for a third type of surface groups, the aquo group, showed the

insignificance of this group for the optimization of the titration

data. This, however, does not mean that these surface groups do not
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exist. On the contrary, it suggests that either i) the aquo groups

are titrated in the same pH range as the aluminol groups, i.e. they

have the same complexation constants, or ii) the number of datapoints

is too small to determine only slight differences in complexation

constants.

Optimized log K-values for aluminol groups are -9.30 and 7.30,

and -5.21 and 4.90 for silanol for dissociation and protonation,

respectively (Table 4). The intrinsic log K values for the aluminol

groups of gibbsite (7-A1203) are, on the average, -9.09 and 7.38 for

the dissociation and protonation reaction, respectively (Goldberg and

Sposito, 1984). Quartz apparently is very "acidic", i.e. it titrates

at low pH values, with a log K_(int) of -2.4 for the dissociation

reaction. The structure of quartz, which forms a three dimensional

framework of silica tetrahedra, however, is different from the

silicate layer in kaolinite. The dissociation of quartz, therefore,

is not representative for the dissociation of kaolinite. The

complexation constants for aluminol groups of kaolinite KGa-1 are

very similar to those optimized from gibbsite titration data

(Goldberg and Sposito, 1984), whereas no comparable data could be

found for the constants for silanol groups. The ratio of the amount

of surface groups assigned to aluminol and silanol groups is between

1.70 and 1.84. This ratio indicates that, assuming an equal number

of aluminol and silanol groups at the edge of kaolinite, aquo groups

were indeed titrated together with the aluminol groups. It also

shows, that the number of aquo groups titrated is somewhat similar to

the number of aluminol groups. A perfect kaolinite lattice has one



51

of each of the three edge surface groups per unit cell.

The value of the capacitance density, C, is larger than the one

considered optimal for A1203 (Westall and Hohl, 1980; Goldberg and

Sposito, 1984). A sensitivity analysis showed that a change of the

optimized capacitance C 3.5 by ± 1 (30 %) resulted in a change of

the complexation constants of less than 2 % and of the number of

surface sites of less than 8 %.

The speciation of the surface sites is calculated by FITEQL

simultaneously with the optimization of the complexation constants.

The proton surface charge, aH, can be calculated from the surface

speciation by making the following approximations (Stumm et al.,

1980):

pH < pllpzc: [X0H2+] > [X0-] [18]

[X0H24-] aH [19]

[ XOH] [ XOH]T - aH [20]

PH > PHPZC: [X0-] > [X0H2+] [21]

[X0-] - aH [22]

[ XOH] [ XOH]T + aH [23]

The pH at the point of zero charge (pHpZC) can be calculated by the

relationship (Stumm et al., 1980):

PHPZC 1/2 [4(int) - K_(int)]

The model titration curve obtained by plotting pH vs. proton

surface charge density, uH, is compared to the experimental

[24]

potentiometric titration data of kaolinite KGa-1 (Fig. 7). Surface
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speciation for the model titration curve is plotted in Fig. 8.

The modeled titration curves show the pH range in which each

type of surface groups was titrated. This pH range is determined by

the complexation constants of the surface groups. The observable

titration interval is specified by the pH values at which 99 % of the

surface groups are either protonated or dissociated. In the case of

the silanol groups the pH values are 2.9 and 7.2 and for aluminol and

aquo groups the values are 5.3 and 11.3.

The total number of surface sites on a kaolinite can be

estimated using available crystallographic data. Sposito (1984)

assumed for a hypothetical kaolinite hexagonal platelets of 43 nm

thickness (= 60 layers) and 1000 nm distance between opposing edges.

Assuming a specific density of 2.65 Mg m-3, the specific surface

area, S, is 19.3 m2 g-I and the proton surface charge density, aH, is

19.3 pmol g-I (1.93 cmol kg-I) for this kaolinite. Kaolinite KGa-1

has a measured specific surface area, S, of 10.05 m2 g-1 (van Olphen

and Fripiat, 1978) and a proton surface charge density, aH, of 10.05

Mmol g-I (1.005 cmol kg-I) or 0.335 mM for a suspension density, a,

of 33.33 g L-1. The optimized value of the total number of surface

sites for KGa-1, [ XOH]T, (Table 4) is in the same order of

magnitude. The difference can be explained by a greater percentage

of edge area due to thicker clay platelets. The particle size

distribution (Goldberg and Glaubig, 1986) shows that more than 50 %

of the kaolinite KGa-1 particles are in the class greater than 2 pm.

Westall and Hohl (1980) pointed out that the number of surface

sites available by acid/base titration is only ,10 % of that
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determined by tritium exchange. On the other hand, the apparent

surface site density for kaolinite KGa-1 as determined by tritium

exchange (Riese, 1982) is 6 sites nm-2 (10 cmol kg-I), compared to

0.6 sites nm-2 (1 cmol kg-I) computed from crystallographic data.

The evidence amounted from available experimental data seems to

be strong enough to conclude that i) the total number of surface

sites is specific for the kaolinite and cannot be attributed to

aluminum or iron oxid coatings, and ii) the titratable sites are

located at the edges.

Modeling of Sulfate Surface Complexation

A striking feature of the sulfate sorption data is a complete

lack of a pH dependence and the relatively constant increase in S042-

sorbed with increasing S042-T concentration in the pH range 4.0 to

10.0 (Wildensee and Baham, 1989). Specifically adsorbing anions like

phosphate (Goldberg and Sposito, 1984), arsenate (Goldberg, 1986),

selenate (Goldberg, 1985), and borate (Goldberg and Glaubig,

1985, 1986; Mattigod et al., 1985) show a highly pH dependent

adsorption behavior on various oxide and clay minerals. It has been

observed that a change in the slope of the adsorption envelope, as

well as the pH of the maximum concentration of a surface species in a

surface speciation diagram, correspond to the pK value of the

according solution species. However, no direct relationship between

solution and surface speciation can be found (Goldberg and Sposito,

1984). Applying these findings to a possible specific adsorption of
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sulfate on kaolinite would mean that at a pH of 1.98, which is the

pK2 value of sulfuric acid, the total amount of sulfate adsorbed

should be in the form of the monodentate [XS04-] or the bidentate

[X2SO4°] surface complex since 5042- is the dominant species. Those

two species should also be the dominant surface species present in

the experimental pH range from 4.0 to 10.0.

The evidence from experimental data and from modeling these data

are strong enough to rule out the specific adsorption of sulfate by

the edge surface sites of kaolinite by ligand exchange. Nonspecific

adsorption by electrostatic attraction can only be considered a

reasonable mechanism in a pH range in which the kaolinite produces a

positive charge. In this range the amount of sulfate adsorbed should

be directly related to the number of positive surface sites present

on the kaolinite. Therefore, a pH dependence of the amount of

sulfate sorbed should be observable.

Sulfate can be removed from solution by precipitation of basic

aluminum-sulfate minerals, at least in acid soils (Nordstrom, 1982;

Khanna and Beese, 1978). In order to test the hypothesis that

precipitation of an aluminum-sulfate mineral is responsible for

sulfate sorption in the presence of kaolinite, stability diagrams for

different possible minerals were prepared. The solubility of those

minerals is plotted, together with ALTS (Wildensee and Baham, 1989),

in terms of [A13 +] versus pH. In order to get the limiting cases

only plots for the lowest (10.99 AM) and highest (526.3 AM) S042-T

are prepared. By using the average values of the formation constants

compiled from the literature (Table 5) the plots in Figure 9 are
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Table 5. Stability constants of various aluminum and aluminum
sulfate minerals (stability diagrams see Fig. 9).

mineral name chemical composition log *K

kaolinite, congruent Al(OH)4Si205 4.3f

kaolinite, incongruent A1(OH)4Si205 -9.4t

amorphous gibbsite A1(OH)3 9.1t

sodium alunite NaA13(OH)004 3.1§

basaluminite A14(OH)1004 20.3§

jurbanite AlOHSO4 -3.41

t Lindsay, 1979
t Stumm and Morgan, 1981
§ Nordstrom, 1982

van Breemen, 1973
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Figure 9. Solubility of various aluminum and aluminum sulfate
minerals in comparison to solubility of kaolinite KGa-1
at a total sulfate concentration of 10.99 and 526.3 pM.
(solubility constants are shown in Table 5).
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obtained. The aluminum-sulfate mineral most likely to form is the

one which supports the lowest aluminum concentration in solution.

Comparing [A134] concentrations in equilibrium with KGa-1 after 60 h

reaction time (Wildensee and Baham, 1989) with [A134] supported by

basaluminite it can be seen that the experimental [A13 +] is higher in

the pH range from 5.0 to 6.0 for all S042-T (Fig. 9). Theoretically,

basaluminite could have precipitated.

Since sulfate retention is not pH dependent (Wildensee and

Baham, 1989) it is unlikely that basaluminite or alunite precipitate

because their formation require the following reaction, respectively:

4 Al3+ + S042- + 10 H2O ---> A14(OH)1004 + 10 1-14- [25]

Na + 3 Al3+ + 2 S042- + 6 H2O > NaA13(OH)6(SO4)2 + 6 H-4- [26]

The net proton balance is negative, i.e. fewer protons are released

upon precipitation than are consumed by the dissolution of the

octahedral layer of the kaolinite. The net consumption of protons

would amount to 1.5 to 2 mol per 1 mol of sulfate precipitated. A pH

increase should be observed upon the precipitation of either mineral.

This finding, however, does not exclude the formation of another

sparingly soluble aluminum sulfate mineral probably in its amorphous

form. Kaolinite platelets could serve as nucleation centers to make

the precipitation reaction thermodynamically more favorable.

An XRD-spectrum of kaolinite reacted with sulfate was compared

with the spectrum of an unreacted kaolinite. It revealed no spectral
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reflections which could be attributed to any mineral other than

kaolinite (Adams and Rawajfih, 1977). Three possible explanations

can be offered: (i) no precipitate was formed, (ii) the precipitate

was amorphous and therefore cannot be detected by XRD, and (iii) the

precipitate is crystalline but the amount formed is less than 1 %,

the detection limit of the X-ray diffractometer, of the amount of

kaolinite (Klug and Alexander, 1974).

Future research should be directed to the surface of kaolinite

to determine surface species, bonding structures and bonding

energies. X-ray photoelectron spectroscopy (XPS) could serve as

possible tool to address the open questions.



61

CONCLUSIONS

The finding that silanol groups of the kaolinite KGa-1

contribute to proton complexation within the pH range found in soils

contradicts the viewpoint that silanol groups only undergo a

dissociation reaction at low pH values. It could also be shown that

three types of formerly proposed edge surface groups, aquo, aluminol

and silanol groups, take part in these complexation reactions. The

modelled data validate some theoretical considerations about the

crystallography and reactivity of edge surface sites of kaolinites.

The precipitation of an aluminum sulfate mineral as a sulfate

retention mechanism seems to be a reasonable alternative to specific

adsorption by edge surface groups. However, no precipitate could be

isolated and no sound experimental evidence for a precipitation

mechanism can be provided.

Further investigations are necessary to find evidence for the

existence of a probably amorphous precipitate and to characterize it

chemically and mineralogically.
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