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Abstract

In rhizosphere soil, the low-molecular mass organic acid (LMMOA) anions 2-
ketogluconate (kG) is produced via microbial activity and exists in significant and
sustained concentrations. One of the mechanisms in which this LMMOA anion may
influence the chemistry of soil systems is through adsorption by constant-potential
minerals. This study examines the adsorption of kG onto gibbsite, kaolinite and goethite
in the presence or absence of phosphate (PO4), arsenate (AsO4) and sulfate (SO4) as a
function of pH and ionic strength. The adsorption of kG by gibbsite, goethite, and
kaolinite is a function of solution pH and independent of solution ionic strength. The
adsorption data supports the conclusion that kG is adsorbed by ligand exchange
mechanisms. The adsorption of kG was decreased at all pH values in the presence of PO,
and AsQOjs, and was not significantly affected by the presence of SO4 at pH values above
6. The decrease in kG adsorption in the presence of AsO4 and POy is further evidence that
kG is adsorbed via specific retention mechanisms. The addition of kG to gibbsite
containing preadsorbed PO, did not result in PO4 displacement, regardless of the
concentration of kG. However, the addition of PO, to gibbsite containing preadsorbed
kG resulted in the displacement of preadsorbed kG. These results indicate that kG is not
held as strongly as PO, to gibbsite surfaces, and that the ability of PO, to displace
adsorbed kG is greater than the ability of kG to displace adsorbed PO,. The adsorption of
kG, PO4, AsO4, and SO4to gibbsite was modeled using the adsorption edge data and the
CD-MUSIC surface complexation model. The kG adsorption data in both the 0.001 M
and 0.01 M NaCl gibbsite systems were described by the formation of two monodentate-
mononuclear inner-sphere complexes: =AlkG'"? and =AIkGH.**. Phosphate adsorption
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by gibbsite was modeled by the formation of =AlOPO;H** and =AIOPO;H,"* in the low
ionic strength systems (0.001 M NaCl), and by =AIOPO;** and =AI0PO3H,"? in the
high ionic strength systems (0.01 M NaCl). Arsenate adsorption by gibbsite in both ionic
strengths was modeled using the =AlOAsO;>> and =A10AsO3H,"?" inner-sphere surface
complexes. Sulfate adsorption was described by the formation of the outer-sphere
=AIOH,"?*--S04* species. The adsorption of kG by goethite in both the 0.001 M and
0.01 M NaCl systems was best described by the formation of the monodentate-
mononuclear and bidentate-binuclear inner-sphere surface complexes: =FekG'?" and
=Fe,kGH.,'. Both PO4 and AsO4 were completely adsorbed by goethite; therefore,
chemical adsorption models could not be derived. However, SO4 adsorption by goethite
was described with the EFeOH21’2+--SO42' species. The chemical models and associated
intrinsic equilibrium constants developed for ligand adsorption from the single ligand
systems were employed to predict ligand retention in the kaolinite and binary ligand
systems. In general, particularly at pH values greater than 7, the predicted adsorption
behavior did not adequately predict the experimental adsorption data in the gibbsite or
kaolinite systems. This finding suggests that the surface complexation reactions derived
for pH >7 systems may have been incorrect. The adsorption behavior kG establishes the
potential for this ligand to significantly impact rhizosphere chemistry. Ketogluconate is
specifically retained by common soil minerals and may impact the phytoavailability of

PO, and other specifically-retained ligands in the rhizosphere.
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I. Introduction

In soils, low-molecular-mass-organic-acid (LMMOA) anions are comprised of a
group of water-soluble non-humic substances with an arbitrary maximum molecular
weight of approximately 300 to 500 D, and include oxalate, formate, citrate, acetate,
malate, and succinate (Essington, 2003; Strobel, 2001; van Hees et al., 2003). These
compounds are principally plant root and microbial exudates (and their derivatives),
which are concentrated in the volume of soil immediately surrounding and adjacent to
plant roots, (rhizosphere soil) and the microenvironment surrounding soil microbes. In
the rhizosphere, LMMOA anions are constantly consumed and produced by numerous
plant and microbial species. However, they may be found in significant and sustained
concentrations (0.1-100pM) in these soil solutions (Jones, 1998). Organic acid anions
have been hypothesized to play a major role in many soil processes, including soil
mineral solubilization (Sulyok et al., 2005; Essington et al., 2005; Hordnyi, 2002; Filius
et al., 1997), nutrient and metal mobility and bioavailibity (Jones, 1998), metal
detoxification (Jiang et al., 2005; Schwab et al., 2005; Sulyok et al., 2005; Jones et al.,
2002; Sulyok et al., 2005), and in soil structural development (Jones et al., 2002; Sulyok
et al., 2005).

Both plant roots and soil microbes are capable of exuding elevated concentrations
of LMMOA anions, and at elevated rates, when stressed for specific mineral nutrients
(e.g., phosphorus [P], iron [Fe], and manganese [Mn]), and when soil aluminum [Al]

concentrations reach potentially phytotoxic levels (Sulyok et. al. 2005; Jones et. al. 2002;



Jones 1998). For example, in P deficient conditions, the rate of malate and citrate
exudation from specific plant species (e.g., Lupins albus, and Brassica napus) has been
shown to increase significantly over that when P concentrations are within an optimal
range for bioavailability, thus hastening P solubilization (Jones, 1998). Similarly, Jones
(1998) noted that under conditions of Al toxicity, the roots of wheat, snapbean, and maize
have been found to excrete elevated concentrations of malate or citrate into the
rhizosphere. He suggested that the organic acids form stable aqueous complexes with Al,
which renders the plant roots 5-20 times more resistant to the toxic effects of Al.

Organic acids released by plants and microbes can influence soil chemical
processes via two principle mechanisms; metal complexation and competitive adsorption.
The process of adsorption is a surficial process in which a dissolved substance
(adsorptive) accumulates at reactive surface sites of a solid phase (adsorbent). Since all
adsorption processes are also exchange processes, adsorption results in the displacement
of an adsorbate (Essington, 2003). Adsorption can be represented quantitatively through
both mechanistic and nonmechanistic approaches. Nonmechanistic approaches are often
used to obtain compound-specific adsorption parameters that can be used to describe
adsorption under specific environmental conditions (Essington, 2003). These approaches
describe the mass distribution of an adsorbate between solid and solution phases at
equilibrium. The distribution of a substance between soil solid and solution phases can be
characterized by the distribution coefficient, K;:

Ki=q/Ceq [1]
where g is the mass of adsorbed substance per unit mass of adsorbent (in mmolkg™) and

C., is the mass of adsorptive per unit volume in the equilibrium solution (in mmolL™")
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(Essington 2003). The variation of K; with C,4 or g can be described mathematically to
characterize the adsorption behavior of a substance through an adsorption isotherm
model. Adsorption isotherms are commonly employed to delineate the relative affinity of
a substance for a solid; however, no inferences as to mechanisms (i.e., the chemical
reactions involved) can be made (Essington, 2003).

Experimental techniques to elucidate adsorption mechanisms typically involve the
characterization of adsorption envelopes, where g is characterized as a function of
solution pH and ionic strength. The g vs. pH adsorption envelopes may then be employed
to develop a chemical model, which is a series of chemical reactions involving specific
surface functional groups and specific aqueous species of the adsorbate. Each reaction
may then be characterized by an equilibrium constant (Essington, 2003).

Ligands in the soil solution can adsorb to constant-potential mineral surface sites,
through specific (inner-sphere or chemisorption) or non-specific (outer-sphere or physical
adsorption) mechanisms. Constant potential minerals are those that generate charge
deficit and/or excess at surface hydroxyl functional groups via protonation and
deprotonation reactions, such as gibbsite, goethite, and kaolinite. Ligands that bond
directly to a mineral through the displacement of surface bound H,O or OH" are said to be
specifically adsorbed. This process is termed ligand exchange. Non-specifically-
adsorbed ligands are those that are electrostatically adsorbed at protonated surface
oxygens. This process is termed anion exchange. Generally speaking, ligands that can
participate in ligand exchange processes (chemisorption) at mineral surfaces (e.g., AsO4
and POy species) are weak Lowry-Bronsted acid anions, and ligands that principally

participate in anion exchange (physical adsorption) at mineral surfaces (e.g., SO4>, NO3y"
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and CI) are strong acid anions. Specifically-adsorbed substances may also participate in
non-specific adsorption, while most non-specifically-adsorbed ligands do not form inner-
sphere surface complexes.

The adsorption of LMMOA anions, such as citrate, malate, succinate, and oxalate
by soil minerals has been investigated in a number of studies (Evanko and Dzombak,
1999; Filius et al., 1997; Horanyi, 2002; Lackovic et al., 2003; Jones, 1998). It has been
shown that these organic anions, and other di- and tri-carboxylates, participate in ligand
exchange reactions on constant potential mineral surfaces. These organic ligands may
effectively compete with other specifically adsorbed ligands (e.g., PO4 species) and
subsequently increase the phytoavailability of the displaced species (Huang et al., 2003;
Haynes and Mokolobate, 2000; Jones, 1998).

The impact of LMMOA anions on soil properties can be attributed partly to the
number, type, and position of reactive functional groups on the different carbon backbone
structures (Evanko and Dzombak, 1998). For example, organic acid anions containing
more than one carboxyl functional group, such as malate, citrate, and oxalate, have a
higher affinity for trivalent metals and have a greater ability to complex metal cations
than do anions with only one carboxyl group, such as lactate, formate, and acetate (Jones,
1998). The retention and mobility of organic acids in the soil environment is determined
by the ionization of organic moieties and charge formation on mineral surfaces. Negative
charge formation on organic acids allows for complexation of metal cations in solution
(e.g., A** or Fe*"), and for the displacement of adsorbed ligands, such as OH’, H,0, and

HPO; orH,PO;.



Low-molecular-mass-organic-acid anions enhance mineral dissolution through
aqueous chelation of metal cations (e.g., citrate). Complexation of metal cations by
organic acids can alter metal adsorption behavior by forming soluble complexes, and
enhance metal solubility and mineral dissolution rates (Jones, 1998; Blake and Walter,
1996). These complexes may be more or less attracted to mineral surfaces than the free
metal cation (Essington, 2003). For example, citrate and malate have been found to
mobilize significant amounts of P (Jones et al., 2002). Similar cases for organic acid
mediated enhancement of metal mobilization and solubility has been established for Fe,

Zn, and Cu (Jones et al., 2002). Wang et al. (2005) found that the rate of kaolinite

dissolution was increased to the g_riteft_d@ee by oxalate followed by citrate and
nﬂa_te. Increased soil solution concentrations of di- or tricarboxylate LMMOA anions
have also been found to enhance phosphate dissolution, rendering a 10-1000-fold
increase in soil solution P concentrations (Jones, 1998).

Competition for mineral surface sites between ligands with similar adsorption
mechanisms influences both the composition of the surface sites and the soil solution.
For example, citrate, oxalate, and malate adsorb to constant potential mineral surface
sites through similar adsorption mechanisms. Further, they displace adsorbed PO, species
and prevent the adsorption of added PO4 (Jones, 1998). Hu et al. (2001), found that the
adsorption of PO4 species by constant-potential mineral surfaces was reduced when
oxalate or citrate were present, resulting in an increase of POy in solution relative to that
found in the absence of the organic acids.

Numerous LMMOA anions are present in rhizosphere soils. Yet, only a small

number have been examined relative to their impacts on soil chemical processes. 2-
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Ketogluconate (kG) (Figure 1) is a LMMOA that is a microbial byproduct of glucose
oxidation. It is produced by several species known to exist in soils, including Klebsiella,
Pseudomonas, Bacillus, Streptomyces, Aerobacter, and Acetobacter (Klassen, 1992).
Several kG producers have been isolated from the rhizosphere of common crops,
including wheat, corn, and peas (Moghimi and Tate, 1978). Duff and Webley (1965)
found kG in highest concentrations in agricultural soils, particularly in well-drained soils
receiving heavy and recent manure applications. Neijssel and Tempest (1975) found that
Klebsiella aerogenes converted glucose to kG at an increased rate when P was limiting.
The increase in kG production rate also resulted in increased P solubilization.

The carboxyl-group of kG is a relatively strong weak acid (pK,=3.00, Figure 1)

(Nelson and Essington, 2005). It has also been suggested that the carbonyl on the
number two carbon is sufficiently electronegative to promote the dissociation of the
alcohol group on the number three carbon (pK,=11.98) (Nelson and Essington, 2005). In
typical soil solutions (pH 4 to 9 range), kG is predicted to predominately exist as a
monovalent anion.

2-Ketogluconate has been shown to enhance the solubilities of calcium phosphate,
gibbsite, and goethite. Halder and Chakrabartty (1993) found that the solubility of
hydroxyapatite [Cas(PO4);OH] was directly related to the solution concentration of kG.
Duff and Webley (1959) suggested that kG was a strong chelating agent for the Ca*" ion,
promoting the dissolution of calcium phosphates. Moghimi and Tate (1978) also found
that kG was effective in dissolving calcium phosphates, including hydroxyapatite, but
much less effective than acetate, citrate, or the synthetic chelate EDTA

(ethylenediaminetetraaccetic acid). Moghimi and Tate (1978) postulated that the
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2-Keto-D-gluconate

Figure 1. Molecular structure of 2-keto-D-gluconate with numbered carbon atoms.



dissolution of Ca-phosphate in the presence of kG was controlled by proton attack rather
than through the chelation of Ca®* ions. They were also the first to confirm kG to be one
of the stronger monobasic carboxylic acids with a pK, value of 2.8 at 25°C. Essington et
al. (2005) found kG to have a significant and direct impact on the solubility of gibbsite
[AI(OH)s] and goethite [FEOOH]. They explained the increased solubility by predicting
that AI** and Fe** form soluble complexes with kG. From the magnitude of the
formation constants, Essington et al. (2005) suggested that kG forms bidentate aqueous
complexes with both AI** and Fe**, while forming monodentate complexes with Al**
only at pH < 4.3. The apparent formation of inner-sphere aqueous complexes of kG with
A" and Fe** may also indicate that kG adsorption to gibbsite [Al(OH)3] and goethite
[FeOOH] involves inner-sphere mechanisms.

Citric acid, a well-documented chelate, has been shown in several studies to be
capable of inner-sphere adsorption to constant potential mineral surfaces through ligand
exchange (Lackovic et al., 2003; Evanko and Dzombak, 1999; Filius et al., 1997). Filius
et al. (1997) found that the most important species in describing citrate, lactate, and
malonate adsorption to goethite is the bidentate inner-sphere species through
uncomplexed carboxylate groups. Indeed, the predicted bimolecular-bidentate adsorption
nature of dicarboxylates to mineral surfaces is common to several organic acids (Filius et
al., 1997; Evanko and Dzombak, 1999). Based on the predicted bidentate nature of
aqueous AI**- and Fe**kG complexes, the potential for kG to adsorb by similar
mechanisms to gibbsite and goethite should also be considered. However, the adsorption

of dicarboxylates (e.g., citrate) has also been modeled by assuming monodentate and



bidentate outer-sphere complexes (Filius et al., 1997; Lackovic et al., 2003), and
monodentate inner-sphere species (Filius et al., 1997; Rosenqvist et al., 2003).

As mentioned previously, several LMMOA anions have been shown to
specifically interact with constant potential mineral surfaces through ligand exchange.
Knowledge of the chemical mechanisms behind the interactions of these organic anions
with soil minerals has allowed researchers to examine rhizosphere processes that impact
the phytoavailability of nutrients and toxins (Jones 1998). It has been shown that kG
affects the solubility of calcium phosphates, as well as gibbsite and goethite, via aqueous
metal complexation reactions. Determination of adsorption mechanisms of kG, as well as
its ability to compete with other ligands for mineral surface sites, is also required in order
to understand and predict the impact of this ligand on rhizosphere processes.

The adsorption behavior of kG in the presence of arsenate (AsO4), phosphate
(POy), and sulfate (SO4) may be used to infer the adsorption mechanisms of kG. It has
been well established that PO4 and AsOy are specifically adsorbed by Al, Fe, and Mn
hydrous oxides, hydroxides, and oxyhydroxides (collectively termed hydrous oxides)
(Violante and Pigna, 2002). In contrast, SO, has been shown to principally participate in
non-specific adsorption to hydrous oxide surfaces (He et al., 1997; Wijnja et al., 2000).
Comparisons of kG adsorption behavior in the presence and absence of the PO4, AsOys,
and SO4 oxyanions may provide evidence for determining if the kG adsorption
meéhanism is principally chemisorption or physical adsorption, and further to provide the
data necessary to develop chemical models of surface complexation.

The fate and mobility of PO, and AsQ,, as well as the effect of LMMOA anions

on their adsorption to hydrous oxide surfaces, is pertinent to maintaining and protecting
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soil-water-plant systems (Violante and Pigna, 2002; Wijnja et al., 2000; Wijnja et al.,
2002). For instance, arsenic is a ubiquitous contaminant and is highly toxic to humans,
ar;imals, and plants (Chen et al., 2004; Violante and Pigna, 2_002). The fate and mobility
of AsOj4 in the environment has become of increasing concern as their occurrence in soil-
water-plant systems has increased and has proven to be problematic (Chen et al., 2004;
He and Zhu, 1998; Weerasooriya et al., 2003). The interactions of LMMOA anions with
AsO4 may impact the retention and mobility of this pollutant in soil and water systems
and, therefore, warrants investigation.

One of the common limitations in crop production is low phytoavailable P. In
general, bioavailable soil P levels must be elevated through fertilizer additions to exceed
P retention and to achieve maximum crop yield potentials (Haynes and Mokolobate,
2001). Low P availability can be attributed to both the low solubility of phosphate
minerals, as well as to the high adsorption capacity of hydrous oxide minerals. The
specific adsorption of organic acids that are exuded by plant roots and microbes in the
rhizosphere may act to increase the phytoavailability of P (Haynes and Mokolobate,
2001). Analysis of the competitive adsorption behavior of kG in the presence or absence
of POy4, as well as that of PO, in the presence or absence of kG, is critical for determining
the retention mechanisms of kG, as well as in determining the impact of kG on PO4
behavior.

The capacity of LMMOA anions to influence mineral dissolution and adsorbed
phase composition can be attributed to the ability of organic anions to complex metal
cations (Kwong and Huang, 1979; Essington, 2003). The mechanisms of interaction of a

ligand with a mineral surface may be inferred through experimental observation. Two
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master variables that affect ligand retention to mineral surfaces are the solution pH and
ionic strength. The pH dictates the ionization of mineral surfaces and ligand dissociation,
both of which are processes that influence ligand retention. For instance, the nonspecific
(outer-sphere) adsorption of a SO4* ion to gibbsite and kaolinite is a direct result of
positive charge formation on the mineral surfaces (Essington, 2003). The adsorption of
SO4* decreases with the concomitant increase in pH and negative surface charge (He et
al., 1997).

The background electrolyte used in an adsorption study also influences charge
formation and ligand adsorption on mineral surface sites. Changing the concentration of
the background electrolyte (ionic strength) affects the activity of the adsorbing species,
and the competition of the background electrolyte and adsorbate anions for available
surface sites (Hayes et al., 1988). Outer-sphere adsorbed ions are expected to be more
sensitive to ionic strength variation than inner-sphere adsorbed ions since electrolyte ions
and outer-sphere adsorbed ions compete in the same adsorption plane on constant
potential mineral surfaces (Hayes et al., 1988). Background electrolytes that are known to
participate entirely in outer-sphere adsorption (such as NaCl), contribute to charge
formation only on outer-sphere surface sites. Thus, increasing the ionic strength of NaCl
will affect the adsorption of ligands that participate in outer-sphere adsorption
mechanisms. Therefore, adsorbates that display adsorption envelopes (¢ vs. pH) that are
independent of ionic strength are interpreted to indicate relatively strongly bonded
surface complexes and specific (nonelectrostatic) adsorption mechanisms (Hayes et al.,
1988; Essington, 2003). Also, ligand adsorption that exceeds the net positive charge

created by the mineral surface, an adsorption maximum or an inflection in the adsorption
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envelope that occurs when the pH is close to the pK, of the ligand adsorbate, and
adsorption that is influenced by other specifically adsorbed species are all indicators of
specific surface interactions (Essington, 2003). The adsorption of polyprotic acid anions
(e.g., AsO4 and PO4 species) is at a maximum at low pH values, and an inflection in the

adsorption envelope is observed when the pH approaches the pK, of a deprotonation
reaction. For example, the reaction H,PO; = HPO; + H* has a pK,; of 7.1. The
dissociation of H,POj releases protons that form H;O on the mineral surface, which is
then displaced by HPO?", as described by the reactions:

=SOH’ + H,PO;, <=SOH; + HPO;™ <»=SOPO,H + H,0 0)
At pH values above the pK,, , the HPO?™ species dominates and can not provide protons
to promote H,O formation on the surface. Thus, adsorption decreases with further
increases in pH above pK,; and an inflection in the adsorption envelope is observed at
approximately pH 7.1. The decrease in PO4 adsorption occurs at pH values above pKy,
also occurs due to a decrease in the concentration of positively charged surface sites
(Figure 2).

Ligand adsorption that is influenced by the presence of other specifically
adsorbed species is strong evidence that the ligand participates in specific adsorption
mechanisms. For example, AsO4 and PO4 have similar chemical properties (e.g., they are
both group V elements) and have both been shown to adsorb specifically to constant
potential mineral surface sites (Gao and Mucci, 2001; Violante and Pigna, 2002). Gao
and Mucci (2001) found that the adsorption of AsO4 was decreased in proportion to the

amount of PO4 present (the opposite was also true, but to a lesser extent). The
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Figure 2. The concentration of positive (=ALOH, %) and negative (SALOH ") charged

surface sites on gibbsite as a function of pH (From Essington, 2003.)
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reversibility of adsorption (desorption) can also indicate adsorption mechanisms. Outer-
sphere, electrostatic retention of a substance is easily reversible; whereas, inner-sphere
adsorption is apparently irreversible, suggesting a high degree of metal-ligand interaction
and covalent bonding (Hayes et al, 1988)

Adsorption is a complex process that involves physical, chemical, and
electrostatic interactions at adsorbent surfaces. The complexity of adsorption processes
at the solid-solution interface has necessitated the creation and application of several
physical models that simplify the solid-solution interface in an attempt to explain and
predict adsorption behavior (Sakar et al., 2000). These models are generally termed
surface complexation models (SCMs) and can be used to interpret adsorption envelopes
and predict the chemical reactions that result in adsorption. Surface complexation
models are mechanistic models that vary according to how they conceptualize charge
distribution and surface potentials, and the location of adsorbed species in the solid-
solution interface (the transition zone between mineral phase and bulk solution)
(Goldberg, 1992).

In order to successfully develop and employ SCMs, knowledge of the properties
of the mineral surfaces, aqueous speciation, and the specific chemical reactions that are
responsible for compound adsorption must be stipulated. A chemical model of the system
is represented by several mass-balance and mass-action expressions to include all species
in the system. Surface complexation models all share a set of assumptions and common
characteristics that describe the solid-solution interface (Goldberg, 1992). First, mineral
surfaces are assumed to contain one or more well-defined surface functional groups. It is

at these specific surface sites that ligands can specifically adsorb to the mineral by
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binding to one or more of the mineral’s structural metals. Singly-, doubly-, and triply-
coordinated surface functional groups may occur, and are defined by the number of
structural metals attached to a single surface ligand (Figure 3). Another common attribute
of SCMs is that the site density can be found for each type of surface functional group,
and the total concentration of sites can be computed. Thirdly, mechanistic models
consider the free energy change of adsorption (AG®,4s) to be composed of intrinsic
(chemical) and coulombic (electrostatic) free energy terms. This can be represented by

AG®aq = AG®in + AG coul (3]
The right side of the Eq. [3] illustrates the dependence of adsorption on the composition
of the environment in which adsorption occurs (Tadanier and Eick, 2002). The intrinsic
free energy term (AG®;y) is the chemical component that represents the chemical energy
change that occurs as a result of the adsorption reaction. The coulombic term (AG®oy )
represents the electrostatic work associated with the movement of ions from bulk solution
to the mineral surface:

AGCcou= FAZyy [4]
where G is in units of kJ mol™, F is the Faraday constant (96,485 C mol ™), AZ is the net
change in surface charge due to adsorption, and y4 (in V) is the relative surface potential
(Goldberg, 1992; Tadanier and Eick, 2002). For each adsorption reaction, a conditional
adsorption constant (varies with ionic strength and the composition of the adsorbed
phase) K ;4 can be found that describes the reaction. The K is a product of the intrinsic
(Kin) and coulombic (K,,,) constants:

Kaas = Kint Koout [5]
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coordinated surface functional groups on the goethite (From Essington, 2003).
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where each constant is related to AG® by:

K =exp (-AG®° /RT). [6]
where AG® is in kJ mol™, R is the universal gas constant (8.3143 * 10° kJ K™ mol™), and
T is the temperature expressed in Kelvin.

The intrinsic equilibrium constant K, is a true constant at a fixed ionic strength
and is independent of the adsorbed phase composition (Essington, 2003). The
stoichiometry of each model adsorption reaction and values for both the intrinsic and
coulombic equilibrium constants are required to describe adsorption. The following

reactions represent a generalized chemical model that would be considered in a SCM:

=SOH + H' = =SOH", [7]
=SOH==SO + H" (8]
=SOH + H* +L" ==SLY? + H,0 [9]
2=SOH +2H" + L' = =S,1.%? + 2H,0 [10]

where =SOH represents the surface functional group, L is the ligand, and /- is the charge
on the ligand (Goldberg, 1992). The intrinsic equilibrium constants (Kj,) are derived by
rearranging Eq. [5]:

Ka
Ky =522 [11]

coul

Using the reaction in Eq. [7] as an example

e [=SOH;] (2]
[= SOH][H"]

and
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K o = Xp(F(+1)y) [13]

Substituting Eqs. [12] and [13] into Eq. [11] yields

_[_1=som:1 | - Fu,
K*“'“)’{[ESOH][H*] }exP[ RT [14]

The intrinsic constants for the remaining surface processes (Egs. [8] to [10]) are similarly

determined:
[=sOJH"]___ Fy,
Ktm) | [=SoH] | RT] [13]
. [=SL®"] _(1)Fy, 16
Ly = {[E SOH][L " ][H*]}CXP[ RT [16]

=S 1@ 3
z { [=8,L%"] }exp[_(zz)m] 0

“m) =\ [=SOHT'[Z")[H"] RT
where brackets indicate molar concentrations. Through charge balance and mass balance
equations, and using g vs. pH data, intrinsic equilibrium constants (Kj,) for each
adsorption reaction can be determined from equations [7] to [17] using the mathematical
approach outlined by Westall (1980).

Several unique SCMs have been successfully employed to describe organic ligand
adsorption to hydrous oxides (Goldberg, 1992). As previously mentioned, models vary
according to how they conceptualize the solid-solution interface. The location and
magnitude of charge development (negative or positive) at the interface, as well as the
location of adsorbed species are SCM-specific parameters. In general, surface charge
development occurs at specific sites through protonation and deprotonation reactions, as

well as through the adsorption of metals and ligands (Goldberg1992). The resulting
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surface charge necessitates the retention of oppositely charged ions (counter ions) from
solution, to balance surface charge.

Surface complexation models mainly differ by how they conceptualize the layers
of surface charge development in the solid-solution interface, employing one or more
electrostatic planes to describe adsorption. The charge distribution multi-site
complexation model (CD-MUSIC, Hiemstra and Van Riemsdijk, 1999) which is a recent
adaptation of the triple layer model (T LM, modified by Hayes and Leckie, 1987), has
been used to describe inorganic and organic ligand adsorption to hydrous metal oxides
(Filius et al., 1997, Filius et al., 2001; Weerasooriya et al., 2003). The CD-MUSIC
model allows for metal and ligand adsorption by both inner-sphere and outer-sphere
mechanisms. In the CD-MUSIC model there are two surface planes where adsorption
occurs. In the is-plane, protons and specifically adsorbed metals and ligands are retained.
The charge density associated with the is-plane (oi,) is a result of the charge density of
the adsorbed proton (oy) plus the charge density of inner-sphere metal and ligand
complexes (Gis) (Oin= Oist+ on). In the os-plane, outer-sphere adsorption occurs, and the
outer-sphere surface charge density is designated o,s. The total surface charge density
that results from proton, metal, and ligand retention is balanced by the charge density of
counterions (og4) such that 6i,+0,s = -04 (Essington, 2003) (Figure 4).

Within the CD-MUSIC, two types of surface-charging models can be applied: 1-
pK, or 2-pK,. The 2-pK, approach is illustrated in Eqgs. [7] and [8]. The 1-pK, approach

can be illustrated by:
—SOH’" +H* <>=SOH/". [18]
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In the 1-pK, approach, the distribution of surface charge is dictated by Pauling’s
electrostatic valence principle. For instance, the structural Al*in gibbsite [AI(OH)s] is
in octahedral coordination with hydroxyl anions (surrounded by 6 OH ions) (Hiemstra et
al., 1999). Within a gibbsite structure, each bond radiating from AI*? in octahedral
coordination has strength of +1/2 which is satisfied by a —1/2 charge from a doubly
coordinated OH" group (each OH group in the gibbsite structure is attached to two Al*?
ions) (Essington, 2003). Based on this analyses, a singly-coordinated surface hydroxyl
(an OH group bonded to one structural Al”) will bear —1/2, if =Al-OH, or +1/2, if =Al-
OH,. Thus, the adsorption of a proton and the distribution of surface charge at the surface
OH" group is described by a single pK, for the reaction =Al-OH"?+ H' & =Al-OH,""2.

As previously mentioned, hydrous metal oxide systems (e.g. gibbsite) contain one
or more predominant surface functional groups that serve as sites for ligand adsorption.
The gibbsite edge surface consists of equal amounts of doubly- and singly-coordinated
hydroxyl groups (=ALLOH’ and =AIOH %), and only doubly coordinated hydroxyl groups
on the planar surface (Figure 5) (Dietzel and B6hme, 2005). Kaolinite also contains
=AlL,OH’ and =AIOH'” sites existing on the edges (Figure 6) (Adri, et. al., 2001). The
singly coordinated hydroxyl groups (=A10H %) on the edges of gibbsite and kaolinite
surfaces are the only sites that may participate in ligand exchange within the
environmental pH range. Goethite [FEOOH] contains singly- (=FeOH %), doubly-
(Fe;OHP), and triply- (=Fe;0™") coordinated surface hydroxyl groups; however, the
doubly coordinated groups are considered to be non-reactive and only the singly-

coordinated group will participate in ligand exchange (Figure 3)(Filius et al., 1997;
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Figure S. Representation of the gibbsite surface that illustrates the Type A and Type C

surface hydroxyls (from Essington, 2003).
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Figure 6. Representation of the kaolinite surface that illustrates the Type A, Type C and

Type B silanol and aluminol surface functional groups.
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Antelo et. el., 2005). Kaolinite [Al;Si;05(OH)4] and gibbsite contain the same reactive
functional group (EAIOH’"Z), and therefore, it is anticipated that an adsorbate would
adsorb to the two surfaces in a similar manner. Thus, optimized K, values for ligand
adsorption on gibbsite Type A sites may also be used to predict ligand adsorption on
kaolinite. Such an approach is similar to that performed by Sarkar et al. 2000. They
showed that the adsorption of mercury by kaolinite could be predicted using chemical
models derived for mercury adsorption by quartz ad gibbsite.

The interactions of LMMOA anions with soil mineral phases may influence the
retention and mobility of organic and inorganic constituents in the soil environment via
several different mechanisms. Primary and secondary aluminosilicates and their
weathering products (e.g., hydrous metal oxides) are ubiquitous in mineral soils
(Essington, 2003). Hydrous metal oxides, particularly those that are poorly or
microcrystalline, bear extensive and highly reactive surfaces that can participate in
chemisorption. Three of the more common minerals that occur in soils include gibbsite,
goethite, and kaolinite. The determination of adsorption mechanisms of kG to these
minerals will provide a better understanding of the effects of kG on the fate and mobility
of soil nutrients and toxins in the environment.

The hypothesis of this study was that kG is specifically adsorbed by constant
potential mineral surfaces, affecting surface charge characteristics and the retention of
other specifically adsorbed ligands.

The objectives of this study were to: (i) examine the adsorption of 2-
ketogluconate by gibbsite, kaolinite, and goethite as a function of solution pH, ionic

strength, and the presence of SO4, POy, and AsOy; (ii) use the CD-MUSIC surface
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complexation model to examine and predict the potential adsorption mechanisms; and to

(iii) apply the predicted chemical adsorption models to complex chemical systems.
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II. Materials and Methods

All reagents were of analytical grade and used without purification, unless noted
otherwise. All experiments were conducted in CO,-free systems and under a blanket of
N, gas. All solutions were prepared using Type-I deionized water (18€2).

Preparation of Solids

Hydrated alumina (SF-4) was obtained from Alcan Chemicals (Beachwood, OH)
and was shown by x-ray diffraction to be composed of synthetic gibbsite, without
detectable impurities. Two-gram samples of gibbsite were placed into 50-mL
polypropylene centrifuge tubes. The solid was treated with 20 mL of 0.01 M NaOH for
30 min to remove poorly crystallized AI(OH); coatings (Bloom and Weaver, 1982). The
solid was then centrifuge-washed four consecutive times with NaCl background
electrolyte (either 0.01 M or 0.001 M NaCl). Following the last washing, the suspension
were combined and brought to a solid-to-solution ratio of 50 g L' The suspension was
stored at ambient temperature (20°C -22°C) until needed.

Synthetic goethite was obtained from Kraemer Pigments (New York, NY) and
was shown by x-ray diffraction to be composed of synthetic goethite. Four 12.5-g
samples of dry goethite were placed into separate 250-mL centrifuge bottles. The solid
was treated with 150 mL of 0.4 M HCI for 30 min to remove poorly crystalline materials
(Essington et al.,2005). The solid was then centrifuge-washed four consecutive times
with 200 mL volumes of NaCl background electrolyte (0.01 M or 0.001 M NaCl). The
goethite suspension (in 200 mL NaCl solution) was then brought to pH 7 by dropwise
addition of 0.1 M NaOH. The suspensions from each centrifuge bottle were combined in

a 1L volumetric cylinder and brought to volume with either 0.01 M or 0.001 M NaCl so
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that the solid-to-solution ratio was 50 g L. The suspension was transferred to a 1L
plastic Nalgene bottle and stored at ambient temperature (20°C -22°C) until needed.

A well-crystallized Georgia kaolinite (KGa-1) was obtained from the Source
Clays Repository of the Clay Mineralogy Society, and was treated according to the
procedure of Sarkar et al. (2000). A 100 g sample of kaolinite was dispersed and
disaggregated in a commercial-grade blender with 500 mL Type I water for 45 min. The
suspension was then brought to pH 9.5 by dropwise addition of 0.1 M NaOH in order to
facilitate dispersion and to remove poorly crystalline materials. The < 2.0-pm size
fraction was isolated using Stoke’s Law centrifugal sedimentation. The < 2.0-pm
suspension was then centrifuge-washed with 1 M NaCl and then brought to pH 3 with 0.1
M HCl to aid flocculation. The kaolinite was centrifuge-washed with NaCl background
electrolyte (0.01 M or 0.001 M NaCl) until the pH of the suspension was approximately
6. The solid-to-solution ratio was brought to 50 g L™ with 0.01 M or 0.001 M NaCl and
stored at ambient temperature (20°C -22°C) until needed.

The total concentration of surface sites is an important parametef used for
interpreting and predicting adsorption mechanisms. Site concentrations can be
determined using the formula:

S= (ns) (10")@)(S4)/ An [19]
where Srhas units of mol L™, n, is the site density (nm'z), 10" is a conversion factor, a is
the concentration of the solid in a suspension (g L), S, is the specific surface area of the
solid (m?g™), and Ay is Avagadro’s number (6.022 X 10 mol™) (Essington, 2003).

Gibbsite consists of equal numbers of singly-coordinated (Type A) (=AIOH"* ) and
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doubly-coordinated (Type C) (=A1,OH®) surface hydroxyls on the edge surfaces, and
only Type C hydroxyls on the planar surfaces (Figure 5) (Hiemstra et al., 1999). The
specific surface area of the SF-4 gibbsite was found to be 78 m’g"! by the ethylene glycol
mono ethyl ether (EGME) method (Quirk and Murray, 1999), and composed of 8.0 nm™
singly-coordinated =AlOH'? surface functional groups located on the edge surfaces (n;)
(Sarkar et al., 1999). The concentration of gibbsite in the adsorption study suspensions
(@) was 10 g L. According to the 1pK, approach (described below), the surface acidity
of gibbsite is assumed to be controlled by the protonation of the singly coordinated
=AlOH'* group as described by the reaction in Eq. [18]. Therefore, the singly
coordinated =AIOH"? is the only surface functional group considered in describing
ligand adsorption, and the computed concentration of sites is 2.07 x 10™ M.

The surface area (S,) of the Kga-1 kaolinite was reported to be 10.05 m*g™ (Van Olphen
and Fripiat, 1979). The site density was assumed to be a sum of equal concentrations of
aluminol (=AIOH) and silanol (=SiOH) functional groups (Sarkar et al., 2000). The
silanol groups do not participate in ligand exchange. However, the surface acidity of
kaolinite is a function of both silanol and aluminol groups. The computed concentration
of Type A aluminol sites in the kaolinite adsorption study suspensions is 5.0 x 10™ M.
The surface area of the goethite was found to be 198 m’g" by EGME. The goethite
surface consists of singly-, doubly-, and triply-coordinated surface hydroxyl groups
(Figure 3). The pK, value for the doubly-coordinated hydroxyl groups (EFeZOHO) lie
outside of the pH range in this study (pH 3 to 10), and the triply-coordinated groups do

not participate in ligand exchange. Therefore, these groups are not considered in the
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modeling (Tadanier and Eick, 2002). However, the surface acidity of goethite is
controlled by the protonation of singly-coordinated (EFeOH'm) and triply-coordinated
groups (EFego'm) (Tadanier and Eick, 2002). The computed concentrations of Type A
surface functional groups in goethite adsorption suspensions is 1.134x 102 M.
Preparation of Solutions
A 0.1 M Cag skG solution was prepared from the hemi-calcium salt, Cag s-
C¢HyO702H,0. A stock solution of 0.1 M Na-2-keto-D-gluconate (NakG) was prepared
by a passing the Cagp skG solution through Na-saturated ion exchange resign (DOWEX
HCR-W2). Stock solutions of 0.1 M AsOs, 0.1 M HPOy4, and 0.1 M SOy, were prepared
in CO,-free Type I water from their sodium salts (Na,HAsO4*7H,0, Na,HPO4°7H,0, and
Na;SOy). These 0.1 M stock solutions were then diluted to 4 mA/ working solutions with
Type I water. Also, combined ligand working solutions of 4mAM kG and 4mM AsOQOa,
4mM kG and 4mM PO, and 4mM kG and 4mM SO4 were prepared from the 0.1 M stock
solutions. The background electrolyte solutions were 0.01 M and 0.001 M NaCl prepared
from solid NaCl. Solutions of 0.1 M and 0.01 M HCl and 0.1 M and 0.01 M NaOH were
prepared from J.T. Baker DILUT-IT™ analytical concentrates and CO,-free Type I
water.
Adsorption Studies
Batch adsorption studies were performed in 50-mL polypropylene centrifuge tubes. For
the adsorption experiments, the 50 g L' solid suspension of gibbsite, goethite, or

kaolinite was vigorously shaken and then a 4 mL aliquot was transferred by volumetric
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pipette to each reaction vessel. To this was added 15.5 mL of NaCl background
electrolyte, followed by additions of HC] or NaOH to bring each solution to the desired
pH as described in Table 1. The reaction vessels were then capped, vortexed, and 0.5 mL
of the 4 mM absorptive working solution was added by volumetric pipette. This resulted
in a 10 g L™ solid-to-solution ratio and a 0.1 mM initial concentration of adsorptive. For
the control systems, no solid suspension was used, and 19.5 ml of the NaCl background
electrolyte was added to each reaction vessel in addition to the 0.5 mL of adsorptive
solution and pH adjustments. The reaction vessels were again vortexed and placed onto
an Innova 2100 platform shaker and shaken continuously for 72 h at ambient temperature
(20°C -22°C). The 72 h equilibration time was determined from preliminary kinetic
studies. After equilibration, the liquid and solid phases were separated by centrifugation
at 1000 x g for 20 min. A 5-mL aliquot of the supernatant was withdrawn by pipette for
ligand analysis, and the remaining supernatant was used for pH determinations.
Ketogluconate, PO4, AsO4, and SO4 concentrations were determined using ion
chromatography (DIONEX DX-100, Sunnyvale, CA) with Dionex Ion-Pac AS4A-SC
analytical and guard columns, and suppressed conductivity detection. A 1.8 mM
Na,COs3-1.7 mM NaHCO; eluent was used with a flow rate of 1.5 mL min™' and an
injection volume of 25 pL. The retention times for the analytes were 1.15 min for kG,
3.85 min for POy, 5.88 min for SO4, and 6.4 min for AsO4. The method detection limit
(MDL) for all analytes was 1.0 uM. The pH measurements were performed under a

blanket of N using a Thermo Orion Ross series combination pH electrode calibrated
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Table 1. Volumes and concentrations of HC1 and NaOH pH adjustment solutions used

to establish the adsorption edge of 2-keto-D-gluconate, phosphate, arsenate, and

sulfate.
S . Kaolinite
Gibbsite Goethite 5 M NaCI 0.01 M NaCl
0.1M 01M 00IM 00IM 00IM 00IM 001M  0.01M
Sample HCI NaOH HCl NaOH HCl NaOH HCI NaOH
= =] = mL 2 = = B
1 0.1 0 1.5 0 1 0 1 0
2 005 0 1 0 025 0 0.5 0
30025 0 0.5 0 0 0 0.25 0
4 001 0 0 0 0 0.1 0.1 0
5 0 0 0 0.5 0 025 0 0
6 0 001 0 0.75 0 0.5 0 0.1
7 0 0025 0 1 0 0.6 0 0.25
8 0 005 0 1.5 0 0.8 0 0.5
9 0 0.1 0 2 0 1 0 0.8
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using pH 4, 7, and 10 commercial buffer solutions. The pH readings were recorded
when a < 0.1 mV min' drift was observed.

Fourteen separate adsorption experiments were performed for each mineral: kG
alone, SO4 alone, PO, alone, AsOj alone, kG with SO4, kG with POy, and kG with AsO,,
each under two ionic strength conditions (0.01 M and 0.001 M NaCl). For each
adsorption experiment, ligand retention at nine different pH values in the 3 to 10 range
(in triplicate) was characterized. Also, nine control systems (without solids) were
prepared in duplicate. Each adsorption experiment resulted in 45 total reaction vessels.

Gibbsite Pretreated Ligand Adsorption Experiments

To investigate the ability of kG to displace adsorbed POg4, kG was added to
gibbsite systems containing preadsorbed PO4. For each adsorption experiment, nine
equilibrium solutions containing gibbsite were prepared in triplicate, and as described
above, to adsorb PO4 and SO as a function of pH. Following equilibration, 0.5 mL of 4
mM kG was added to each tube. The tubes were then vortexed, placed on a platform
shaker, and equilibrated for an additional 72 h period. After equilibration, the
supernatant liquid and gibbsite were separated by centrifugation, and kG, or PO4 and pH
were determined as described above.

To investigate the influence of kG concentration on adsorbed POy by gibbsite,
increasing concentrations of kG were added to the pretreated PO4 systems. Again, this
involved the equilibration of 0.2 g gibbsite in 19.5 mL 0.01 M NaCl with 0.5 mL of the 4
mM POj solution as a function of pH. After equilibration, aliquots of 0.5 mL of 8 mM or

16 mM kG were added to each system and equilibrated for an additional 72 h period. The
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separation of solid and liquid phases, and the chemical characterizations of the
equilibrium solution were performed as previously described.
Data Analysis

Initial concentrations (Cj,, M) of each ligand in the adsorption systems were
determined through the analyses of the control systems. Equilibrium solution
concentrations of each adsorptive (Ceq, pM) were determined through the analyses of
equilibrium supernatant solutions from the adsorption systems. The concentration of
adsorbed ligand, or surface excess (g, pmol kg™"), was determined by difference:

q= Vi(Cin-Ceg) /m; [20]
where ¥ is the volume of solution in the system (0.02 L) and m; is the mass of solid (2 x
10*kg).

Adsorption edges (plots of g vs. pH) were constructed for all systems using the
mean pH and g data from the triplicate adsorption systems. The mean pH values were
determined according to the expression:

mean pH = —log{107"%"}} [21]
The standard error (SE) values for pH and g where also computed and illustrated by error

bars on the adsorption edge plots. The SE values were computed by

SE=-L (22]

¥y

where, ¢ is the standard deviation of the g or pH mean and # is the number of replications

(n=23).
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Surface Complexation Modeling

The g vs. pH adsorption data were employed to develop chemical models that
describe ligand (kG, PO4, AsOs, and SO4) adsorption. The CD-MUSIC SCM
computations were conducted using FITEQL 4.0 software (Herbelin and Westall, 1999).
The CD-MUSIC model requires values for surfiace parameters of the adsorbent (e.g.,
surface hydrolysis and electrolyte adsorption constants), formation constants for all
aqueous species, and intrinsic equilibrium constants for all surface complexes considered
in the chemical model (Sarkar et al., 1999). Formation constants for aqueous species
were obtained from the literature and adjusted for ionic strength using the Davies
equation (Table 2). Parameters describing the chemical processes at the solid-solution
interface, including surface hydrolysis and counterion complexation reactions for the
0.001 and 0.01 M NaCl systems were also obtained from literature sources (Tables 3 and

4).

Adsorption data (¢ vs. pH) were used by FITEQL 4.0 and the CD-MUSIC SCM
to optimize the intrinsic equilibrium constants for the ligand adsorption reactions.
FITEQL optimizes the intrinsic equilibrium constants for user-defined surface
complexation reactions by combining a non-linear least squares routine with the chemical
model which describes solid-solution interface speciation, mineral surface parameters,
aqueous speciation, and mass and charge balance constraints (Sarkar et al., 1999). A

goodness-of-fit parameter calculated by FITEQL, defined as the weighted sum of squares
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Table 2. Formation constants for aqueous species used to model kG, PO4, AsO4, and SO4

adsorption by gibbsite, kaolinite, and goethite in 0.001 and 0.01 M NaCl. t

Reactions log °K
0.001 M NaCl 0.01 M NaCl

H,0 < H*+O0H™*? -13.97 -13.91
kG~ +H* & HkG®? 2.90 2.84
kG~ < H_kG+H*? -11.95 -11.92
PO} +H* <& HPOY} 12.28 12.01
PO} +2H* < H,PO; 19.57 19.10
PO; +3H* < H,PO, 213 20.86
AsO; +H* < HAsO} 11.32 11.46
AsO} +2H* < H,AsO, 18.10 18.34
AsO] +3H" < H,AsO; 20.29 20.56
SOY +H* < HSO; 1.88 1.76

"Values were obtained from Martell et al., (2004) unless noted otherwise, and modified
for ionic strength using Davies equation.

! Baes and Mesmer (1986)

¥ Nelson and Essington (2005)
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Table 3. CD-MUSIC model parameters used to develop chemical models of kG, POy,

AsOQq, and SO4 adsorption by gibbsite, goethite and kaolinite surfaces.

Property Gibbsite Goethite Kaolinite
Surface area, m“g”" 78 198 10.05
Site density Type A sites nm™ 8.01 3.45% 3.0°

(aluminol for kaolinite)

Site density silanol sites nm™ . - 30
Site density Type B sites nm™ - 2.7 -
Type A sites, x10# mol L™ 20.7 113.4 5.0

(aluminol for kaolinite)

Silanol sites, x1 0*mol L - B 50
Type B sites, x10*mol L - 90.0

Inner-layer capacitance, F m™ 09 1.2 09
Outer-layer capacitance, F m™ 0.2 0.21 02
Suspension density, g L™ 10.0 10.0 10.0

TSakar et al., 1999
YTadanier and Eick, 2002
SSarkar et al., 2000

Goldberg, 2005
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Table 4. Surface protonation and counter ion retention reactions and associated

equilibrium constants.

Reaction’ log K

Gibbsite Goethite Kaolinite
Surface Protonation Reactions

=SOH/" +H* <>=SOH/?" .81 9.2¢ .81
=Si—OH® + H* <= SiOH! . . 2.7%
=Si—OH® ©=Si0~ +H* - - -6.77°
=Fe,0/ +H* <= Fe,0H%" : 9.2* i
Electrolyte Ion-Pair Formation Reactions

=SOH’?" +Na* <=SOH’" —Na -0.1 -1.0f 0.1
=SOH’" +CI' +H* e=SOHS" —CI- 8.7 8.2t 8.7
=Fe,0/7 +CI' +H* = FeOH - 1% ) 8.5t i

—Fe,0’% +Na* <= Fe,0H - Na/t"* ) 10t i

TS is Al for gibbsite and kaolinite, and Fe for goethite
Tadanier and Eick, 2002
YSarkar et al.,, 1999

$Sarkar et al., 2000.
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of residuals divided by the degrees of freedom (WSOS/DF), is a measure of the overall
variance associated with the model predictions (Evanko and Dzombak, 1999). Values of
WSOS/DF between 0.1 and 20 generally indicate that the user-defined chemical model

adequately describes the ligand adsorption data (Evanko and Dzombak, 1999).

The chemical model and the FITEQL-optimized intrinsic constants that describe
the adsorption of kG, PO4, AsO4, and SO4 to gibbsite (single ligand adsorption) were
usedto predict adsorption of kG in the presence of PO4, AsO4, or SO, to gibbsite (multi-
ligand adsorption), as well as to predict individual and multi-ligand adsorption to
kaolinite. In these systems, the goodness-of-fit parameter generated by FITEQL
(WSOS/DF), is an indication of the accuracy of the chemical models to predict
adsorption in multi-ligand systems (or the kaolinite systems). The goal of the modeling
was to find a chemical model with the least number of surface species (simplest model),
that generates the lowest values of WSOS/DF (Evanko and Dzombak, 1999), and that
was applicable to both ionic strength conditions. For example, surface species used to
model PO4 adsorption to gibbsite in 0.01 M NaCl must also be capable of modeling PO,
adsorption to gibbsite in 0.001 M NaCl, as well as to model PO, adsorption to gibbsite in
the presence of kG.

For gibbsite, goethite, and kaolinite, it was assumed that the Type A, singly-
coordinated surface functional groups were the only reactive functional groups relative to
ligand exchange on the solid surfaces (Evanko and Dzombak, 1999). The triply-
coordinated groups on goethite surfaces have been shown to participate only in outer

sphere adsorption. The doubly-coordinated surface functional groups on gibbsite and the
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silanol groups on kaolinite are also considered non-reactive relative to ligand exchange.
However, the triply-coordinated (Fe;Om') groups on goethite surfaces and the singly-
coordinated (=SiOH?) silanol groups on kaolinite contribute to the surface acidity of the
minerals and were considered in the modeling. The site density (n;) of singly-
coordinated =SOH"? groups (Table 3), and thus the concentration of reactive surface
sites for each solid, were taken from the literature. Following Tadanier and Eick (2002),
the site density of the singly-coordinated and triply coordinated sites was 3.45 and 2.7
nm™. For gibbsite, it was assumed that 20% of the total surface area consisted of edge
surfaces (Hiemstra et al., 1999), and so 1.6 nm’ (20% of 8.0 nm) was used as the site
density. The site density of kaolinite was assumed to consist of 3.0 nm’2 aluminol sites

and 3.0 nm™ silanol sites (Sarkar et al., 2000).
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III. Results and Discussion

Gibbsite
Effects of pH and Ionic Strength
The adsorption of kG by gibbsite is a function of solution pH (Figure 7).

Adsorption is at a maximum at pH values below approximately pH 5. Above pH S,
adsorption decreases with increasing pH, irrespective of ionic strength conditions. In the
0.01 M NaCl systems, an adsorption maximum of 7.2 mmolkg ™ occurs in the pH 3 to 5
range and a minimum adsorption of approximately 2.4 mmolkg™ occurs at the highest pH
studied. In the 0.001 M NaCl systems, a maximum adsorption of 7.1 mmolkg™ occurs in
the pH 3 to 5 range and a minimum adsorption of 2.1 mmolkg™ occurs at highest pH
value. The pHso values, the pH at which 50% of gmax is achieved, is approximately 9 for
both the 0.01 and 0.001 M NaCl systems. These kG adsorption edges are similar to those
of oxalate and citrate on allophanes, two compounds known to adsorb via inner-sphere
and multidentate mechanisms (Jara et al., 2006). The observed kG adsorption edge may
be interpreted to describe two independent processes: anion exchange or ligand exchange.
In general, the kG adsorption appears to mirror the expected reduction in =AIOH,"**
concentration with increasing pH. This finding suggests that kG retention is electrostatic
through the anion exchange process:

=AIlOH,"**--CI' +kG™ <> =AI0H,"*"--kG™ +CI (23)
The observation that the pHso approximates the pK, for =AIOH,"** dissociation (Table 4)

may also be interpreted to support an anion exchange process. However, ligand exchange
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Figure 7. The adsorption edge of 2-ketogluconate (kG) on gibbsite in 0.01 and 0.001 M
NaCl. Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be

seen, they are within the range of the marker.
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according to the reaction:

=AIOH,"?* +kG™ & =AIkG'? + H,0 (24)
is also supported by the adsorption edge data. As pH increases, the concentration of Al-
coordinated surface H,O decreases, with a corresponding increase in surface OH". Being
a weaker ligand, H,O may participate in a ligand exchange process with kG'; whereas,
kG may not have sufficient base strength to displace OH". Correspondingly, the
observation that pHsyp for kG is approximately equal to the pK, of =AIOH,"*" also
supports a ligand exchange mechanism.

Although the adsorption edged data can be interpreted to support either anion or
ligand exchange, the ligand exchange mechanism is directly supported by the observation
that kG adsorption by gibbsite is not influenced by ionic strength. The ten-fold increase
in ionic strength and CI” ions did not cause a concomitant decrease in the adsorption of
kG’ (Figure 7). The ten-fold increase in non-specifically adsorbed CI" ions would result in
greater competition among other non-specifically adsorbed ions for outer-sphere gibbsite
surface sites, while not significantly affecting inner-sphere adsorption. The fact that kG
retention is not influenced by ionic strength is direct evidence that kG adsorbs to gibbsite
surface sites via inner-sphere mechanisms.

The adsorption of PO4and AsO4 was also a function of pH (Figures 8 and 9). A
maximum adsorption plateau of approximately 9 mmol kg™ occurred at pH values below

5. Phosphate and AsO4 adsorption then decreased with increasing pH. Adsorption of PO,
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Figure 8. The adsorption edge of phosphate (PO4) on gibbsite in 0.01 and 0.001 M NaCl
Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be seen,

they are within the range of the marker.
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Figure 9. The adsorption edge of arsenate (AsO4) on gibbsite in 0.01 and 0.001 M NacCl.

Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be seen,

they are within the range of the marker.
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and AsO4 was very similar in both the 0.01 and 0.001 M NaCl systems. The pHsg value
occurred in the pH 7 to 8 range. As was noted for kG adsorption, ionic strength had little
impact on the adsorption of AsO4 or POs. These findings are consistent with the well-
established conclusion that AsO4 and PO4are adsorbed to gibbsite via specific, inner-
sphere mechanisms (Violante and Pigna, 2002; He et al, 1997; Goldberg and Sposito,
1984). Again, the similarities between AsOy4, PO4, and kG™ adsorption envelopes support
the conclusion that kG is retained via inner-sphere mechanisms.

The SO4 adsorption envelope to gibbsite differed from AsO4, PO4, and kG (Figure
10). Most notably, SO4 adsorption was less than that observed for AsOs, PO4, and kG,
and was a function of the ionic strength. Maximum SO4 adsorption occurred at low pH
values (pH 3-5) in both systems, but was lower in the higher ionic strength system:
approximately 3 mmolkg™ in 0.01 M NaCl vs. 4.9 mmolkg™ in 0.001 M NaCl.
Adsorption of SO4 decreased with increasing pH in both systems and approached a
minimum near pH 8. A pHs value occurred at a pH of approximately 7 in both cases.
Several studies have concluded that SO, adsorption by constant potential mineral
surfaces occurs via outer-sphere mechanisms, a finding that is also supported by the
adsorption edge data in Figure 10. However, studies have suggested that SO4 may
participate in specific ligand exchange reactions at pH values below 6 (Sposito, 1989; He

et al., 1997; Rahnemaie et al., 2005; Jara et al., 2006).
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Figure 10. The adsorption edge of sulfate (SO4) on gibbsite in 0.01 and 0.001 M NaCl.
Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be seen,

they are within the range of the marker.
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Effects of Inorganic Ligands on 2-Ketogluconate Adsorption
The adsorption of kG was decreased in the presence of specifically adsorbed ligands (PO4
and AsQs), and was not significantly affected by the presence of the non-specifically
adsorbed ligand (SO4) at pH values above 6 (Figures 11 and 12). In most cases and at
lower pH values (3 to 7), the adsorption of kG was decreased 50% or more in the
presence of specifically adsorbed ligands, while the difference in adsorption becomes
minimal at pH values in the 7 to 10 range. In the 0.001 M NaCl systems, all ligands
affected kG retention at pH values less than 6. Phosphate had the greatest impact on kG
adsorption, decreasing kG retention from 7 mmol kg™ to less than 2 mmol kg in the pH
3 to 5 range. Arsenate decreased kG adsorption to approximately 4.2 mmol kg, and SO,
decreased adsorption to 5.3 mmol kg'l. The influence of PO4 and AsO4 on kG retention is
also seen at higher pH values. The impact of PO4 and SO4 0on kG adsorption is similar to
the observed impact of PO4 and SO4 on oxalate and citrate adsorption by synthetic and
natural allophanes (Jara et al., 2006). In the 0.01 M NaCl systems, a reduction in
adsorbed kG in the presence of AsO,4 and PO4 was observed into the alkaline pH range,
even though the degree of the effect was not as substantial as was seen in the 0.001 M
systems. The impact of SO4 on kG adsorption is minimal and restricted to the pH 3 to 4
range, which corresponds to the pH conditions where SO4 may be specifically retained;
thus, competing with specifically retained kG. The observation that kG adsorption was
decreased to a greater degree in the presence of PO4 than to AsOy is in accordance with
other studies that have shown POj4 to be adsorbed to a greater extent than AsOj4 to

gibbsite surfaces (Violante and Pigna, 2002). The decrease in kG adsorption in the
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Figure 11. The adsorption of ketogluconate (kG) to gibbsite in 0.001 M NacCl in the

presence and absence of AsO4, PO4, and SO4. Error bars represent the standard error (Eq.

[22]) of gq. Where error bars cannot be seen, they are within the range of the marker.
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Figure 12. The adsorption of ketogluconate (kG) to gibbsite in 0.01 M NaCl in the
presence and absence of AsOs, PO4, and SO4. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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presence of the specifically adsorbed ligands, particularly AsO4 and POy, is further direct
evidence that kG is adsorbed via specific mechanisms.

Effect of 2-Ketogluconate on the Adsorption of Phosphate, Arsenate and Sulfate

Adsorption
The adsorption of PO4, AsO4 and SO4 was affected by the presence of kG under

both ionic strength conditions (Figure 13 and 14). Arsenate and SO4 retention was
reduced by about 50%, while PO, retention was reduced by about 20%. Arsenate
adsorption in the high ionic strength systems (0.01 M NaCl) (Figure 13) was decreased
from a maximum adsorption of about 8.2 mmol kg™ in the absence of kG, to a maximum
adsorption of 4.9 when kG was present (approximately a 40% reduction). As pH
increases (in the pH 6 to 7 range), the impact of kG on AsO4 in adsorption decreases. At
pH values of 7 and above, there is no difference between the amount of AsO, retained in
the presence or absence of kG. Adsorption of PO4 in 0.01 M was decreased from a
maximum of 9.2 mmol kg in the absence of kG, to 7.1 mmol kg"' when kG was present
(a23% reduction). The difference in PO4 adsorption in the presence and absence of kG
decreased with increasing pH, up to about pH 7. From pH 7 and above, PO4 adsorption
was consistently 1 mmol kg™ less in the presence of kG, relative to the absence of kG.
The decrease in AsO4 and PO, adsorption in the presence of kG is evidence that kG is
effectively competing with these two ligands for gibbsite surface sites. This further
supports the conclusion that kG adsorbs to gibbsite via inner-sphere mechanisms. In the

SO, systems, in 0.01M NaCl, the maximum adsorption of SO4 drops from 3.6 mmol kg
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Figure 13. The effect of ketogluconate (kG) on the adsorption of AsO4, PO4, and SO4 to
gibbsite in 0.01 M NaCl. Error bars represent the standard error (Eq. [22]) of g. Where

error bars cannot be seen, they are within the range of the marker.
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Figure 14. The effect of ketogluconate (kG) on the adsorption of AsO4, PO4, and SO4 to

gibbsite in 0.001 M NaCl. Error bars represent the standard error (Eq. [22]) of g. Where

error bars cannot be seen, they are within the range of the marker.
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in the absence of kG, to 2.0 mmol kg™ when kG is present (a 44% reduction). At pH
values above 7, SO; retention is negligible in both the presence and absence of kG.

In general, the effect of kG on the adsorption of PO4, AsO4 and SOj4 at the low
ionic strength (0.001 M NaCl) (Figure 14) was similar to that of the high ionic strength
systems. Arsenate adsorption in the low ionic strength systems was decreased from a
maximum adsorption of 9.0 mmol kg'l in the absence of kG, to a maximum adsorption of
4.9 when kG was present (a 46% reduction). The difference in the amount of AsO4
absorbed in the presence and absence of kG decreases with increasing pH. However,
unlike the low ionic strength systems, the difference in AsO4 adsorption does not
approach zero near neutral pH values. Adsorption of POy at the low ionic strength was
decreased from a maximum of about 9.2 mmol kg™ in the absence of kG, to about 7.1
mmol kg when kG was present (a 23% decrease). Like AsOs, kG reduces POy
adsorption throughout the pH range examined. As in the high ionic strength systems, the
decrease in AsO4 and PO4 adsorption in the presence of kG is evidence that kG is
effectively competing with these two ligands for gibbsite surface sites, which is
supporting evidence that kG adsorbs to gibbsite via inner-sphere mechanisms. In the SO4
systems, at the low ionic strength, the maximum adsorption of SO4 drops from about 5.0
mmol kg™ in the absence of kG to 2.4 mmol kg when kG is present (a 52% reduction).
In the pH 6 to 8 range, the difference in the amount of SO4 retained in the two systems
decreases with increasing pH. However, at pH values above 8, SO4 adsorption is not

influence by kG.
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Effects of 2-Ketogluconate on Preadsorbed Phosphate

The adsorption edge experiments that were performed by adding equal
concentrations of PO4 and kG simultaneously resulted in lower adsorption of PO4
compared to PO, adsorption in the absence kG (Figures 13 and 14). The addition of kG
to gibbsite containing preadsorbed PO, did not result in PO4 desorption (Figure 15),
regardless of the concentration of kG (up to 0.4 mmol L™ kG). This can be explained by
examining the covalent and possibly bidentate nature of the inner-sphere bonding of POj.
Unlike exchangeable anions (outer-sphere complexes), which are held by Coulombic
forces, specifically adsorbed ligands (inner-sphere complexes) form bonds with covalent
character through the sharing of electrons between the metal and ligand (Essington,
2003). Covalently-bonded ligands do not readily exchange, or desorb, from mineral
surfaces. This can be observed through adsorption hysteresis of adsorption isotherms,
where an adsorbed ligand will not desorb, as would an electrostatically adsorbed ligand.
In the present case, preadsorbed PO, has formed stable bonds with the gibbsite surface,
and the addition of kG at the concentrations examined can not displace adsorbed PO,
species. These conclusions suggest that kG, a microbial byproduct in rhizosphere soils
that contain low phytoavailable P concentrations, mat not have the ability to displace
adsorbed PO, species from gibbsite surfaces.

Effects of Phosphate on Preadsorbed 2-Ketogluconate

The addition of POy to gibbsite containing preadsorbed kG resulted in the

displacement of approximately 45% of the preadsorbed kG in pH 3 to 7 range (Figure

16). As pH increases above pH 7, the effect of PO4 on the adsorption of preadsorbed kG
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Figure 15. The effect of ketogluconate (kG) in the displacement of phosphate (PO4) from
gibbsite in 0.01 M NaCl. Error bars represent the standard error (Eq. [22]) of g. Where

error bars cannot be seen, they are within the range of the marker.
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Figure 16. The effect of phosphate (POs) in the displacement of ketogluconate (kG) from
gibbsite in 0.01 M NaCl. Error bars represent the standard error (Eq. [22]) of g. Where

error bars cannot be seen, they are within the range of the marker.
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becomes minimal as adsorption approaches 2 mmol kg™ in both adsorption edges (kG
alone and kG preadsorbed with PO4 added). As seen in Figure 16, the adsorption of
preadsorbed kG when PO, is added is greater than the adsorption of kG when added
simultaneously with PO4. The effectiveness of the presence of POy in displacing
preadsorbed kG was different than that of the reverse (Figure 15), where kG did not cause
the displacement of preadsorbed PO4. These results indicate that kG is not held as
strongly as POj to gibbsite surfaces. Also seen in Figure 16, is the adsorption of kG
when added to a preadsorbed PO4 system, which is slightly less than the adsorption of kG
when added simultaneously with PO4. These results indicate that that ability of PO4to
displace adsorbed kG is greater than the ability of kG to displace adsorbed POj,.

Surface Complexation Modeling
The adsorption of kG by constant potential mineral surfaces may be visualized to occur
via a number of non-specific and specific mechanisms (Figure 17). Although the
experiment adsorption edge data supports the hypothesis that kG is retained via inner-
sphere mechanism, the application of surface complexation models (SCMs) can be used
to provide additional supporting evidence by identifying the specific chemical reactions
responsible for adsorption. Ligand adsorption to gibbsite was examined with the CD-
MUSIC SCM model in conjunction with the FITEQL 4.0 computer code. Although
numerous surface complexes were considered (Figure 17), the kG adsorption data in both
the 0.001 M and 0.01 M NaCl systems were best described by assuming that kG forms

two monodentate-mononuclear inner-sphere complexes according to the reactions:
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Figure 17. Ketogluconate surface complexes considered in the modeling and charge

distribution at the solid-solution interface.
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=AIOH"* +H'+ kG & =AIkG"*+H,0 (25)

=AIOH!"? + kG < =AIkGH_**+H,0 (26)
These two surface species and the distribution of charge at the solid-solution interface are
shown in Figure 17. The optimized adsorption constants and goodness-of-fit parameters
(WSOS/DF) are shown in Table 5. At pH values that are less than the pK, of =A10H,"*",
the =A1kG'? species predominates as a result of Eq. [25] (Figure 18 and 19). As H,0
disappears from the gibbsite surface through the dissociation of =A10H,'?*, the specific
retention of kG is facilitated through the dissociation of the kG hydroxyl that is adjacent
to the carbonyl group (Nelson and Essington, 2005). The dissociated proton then
protonates =AIOH"* sites to create H,0 on the surface (forming EAlOHzlr"'J'), which then
undergoes ligand exchange with the H.,kG*" species to form =AIkGH.,** (Eq. [26]). Key
to the formation of the =AlkG.,;*? surface species is the dissociation of the hydroxyl
moiety on the number 3 carbon ofkG. However, the pK, for this dissociation is
approximately 12, which is a substantially greater pH value than the pH at which the
=AIkG.** species is predicted to occur. The surface-induced deprotonation of the kG
hydroxyl at pH values that are less than the pK, can be envisioned to occur in a manner
similar to that of the citrate hydroxyl. The citrate hydroxyl has a pK, that reportedly
ranges from ~11 to ~13.8; yet, metal-citrate complexation occurs through the citrate
hydroxyl even into the acidic pH range (Essington, 2006)

The adsorption of PO4, AsOs4, and SO4 were also modeled using the adsorption

edge data and the CD-MUSIC SCM. The model that best described PO4 adsorption to
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Table 5. Gibbsite surface complexation reactions, FITEQL-optimized intrinsic

equilibrium constants (log K values), and associated goodness of fit parameters

(WSOS/DF values).
LogK WSOS/DF
0.001M 0.01M 0.001M 0.01M
Reaction NaCl NaCl NaCl NaCl
kG += AIOH”™ + H* o= AIKG” +H,0 1249 12.33
1280 13.64
S /SN % 449 426
KG™+ = AIOH”*™ = AlH,kG”?™ +H,0 - -
- L H e %-
AsO; +=AIOH’? +H" <= AlOAsO;? +H,0 16.94  16.05
1176 4832
AsO} += AIOH’? +3H* <= AlOAsO,H{Z +H,0 3170 3107
POY + = AIOH”™ +3H* <= AIOPO,H” +H,0 2637 NA
PO’ + = AIOH” +3H* &= AIOPO,H/: +H,0  33.14 3242 3467 24.26
PO¥+=AIOH” +H* <= AIOPOJ +H,0 NA 1765
SO+ = AIOH/™ + H* e>= Aloﬂgé+ -SO? 1236 957 6948  6.61
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Figure 18. The predicted and experimentally-determined adsorption of ketogluconate
(kG) by gibbsite in 0.001 M NaCl. The closed squares represent the experimental data;
diamonds represent the predicted formation of =A1kG'? and open circles represent the
predicted formation of =AIkGH.,**". Error bars represent the standard error (Eq. [22]) of

q. Where error bars cannot be seen, they are within the range of the marker.
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Figure 19. The predicted and experimentally-determined adsorption of ketogluconate
(kG) by gibbsite in 0.01 M NaCl. The closed squares represent the experimental data;
diamonds represent the predicted formation of =AlkG"?; and open circles represent the
predicted formation of =A1kGH,* "2 Error bars represent the standard error (Eq. [22]) of

q. Where error bars cannot be seen, they are within the range of the marker.
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gibbsite was a function of ionic strength. In the low ionic strength systems (0.001 M
NaCl), the adsorption data was modeled using the two inner-sphere complexes:
=AlOPO;H*?", and =AIOPO;H,"?" as described by the reactions (Figure 20):

=AIOH"* +2H"+ PO4* & =AI0PO;H** + H,0 (27)

=Al0H'? +3H*+ PO & =A10PO;H,'* + H,0 (28)
The adsorbed PO4 surface species and charge distribution at the solid-solution interface
are shown in Figure 21. Under the high ionic strength conditions (0.01 M NaCl), the PO4
adsorption data was modeled using the two inner-sphere complexes: =AIOPO;*? and
=AlOPO3H,"%, as described by the reaction in Eq. [28], and the reaction (Figure 22):

=AlIOH'? +H'+ PO,* < =AlOPO;*? + H,0 (29)

These PO, surface species, and the charge distribution at the solid-solution interface are
shown in Figure 21. All associated adsorption constants (optimized by FITEQL) are
shown in Table 5.

Arsenate adsorption data at both ionic strengths were modeled using the
=AlOAsO;”% and =AI0AsO3H,"> inner-sphere surface complexes (Figure, 21, 23 and
24). The formation of these surface species is described by the reactions:

=AlOH!"? +H'+ AsO4> & =A10As0;°% + H,0 (30)

=AIOH"* +3H'+ AsO4* « =A10AsO;H,"* + H,0 (31)
Adsorption is well predicted in the low ionic strength system as indicated by the

relatively low WSOS/DF values (Table 5). However, adsorption was under-predicted in
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Figure 20. The predicted and experimentally-determined adsorption of phosphate (PO4)
by gibbsite in 0.001 M NaCl. The closed squares represent the experimental data;
diamonds represent the predicted formation of = AIOPO;H**; and open circles represent
the predicted formation of =AI0PO3H,'*". Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 21. Phosphate, arsenate, and sulfate modeled surface complexes and charge

distribution at the solid-solution interface.
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Figure 22. The predicted and experimentally-determined adsorption of phosphate (PO,)
by gibbsite in 0.01 M NaCl. The closed squares represent the experimental data;
diamonds represent the predicted formation of =A10PO;”*"; and open circles represent
the predicted formation of =AIOPO;H,"*". Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 23. The predicted and experimentally-determined adsorption of arsenate (AsOj4)
by gibbsite in 0.001 M NaCl. The closed squares represent the experimental data;

diamonds represent the predicted formation of =A1I0AsO;>?"; and open circles represent
the predicted formation of = AIOAsO3H,"%". Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 24. The predicted and experimentally-determined adsorption of arsenate (AsOs)
by gibbsite in 0.01 M NaCl. The closed squares represent the experimental data;

diamonds represent the predicted formation of =Al0AsO3>?"; and open circles represent
the predicted formation of = AlOAsO;H,". Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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the high ionic strength system. Other studies have also observed this under-predicted
AsOq retention (Weesooriya et al., 2004). Adsorption constants are presented in Table S,
and the surface species and charge distribution at the solid-solution interface is shown in
Figure 21. Sulfate adsorption data at both ionic strength conditions were described using
the outer-sphere =Al0H,"**--S04* species (Figures 25 and 26):

=AIOH'"? +H'+ SO4* < =AI10H,"*--S04* (32)
Adsorption constants are presented in Table 5, and the surface species and charge
distribution at the solid-solution interface is shown in Figure 21.

Predicting the Adsorption of Ligands in Binary Systems

The equilibrium adsorption constants (Table 5) for the reactions that describe the
retention of kG, POy, AsO4, and SO4 were optimized using adsorption data from the
single ligand systems. These reactions and constants were used as non-adjustable
parameters to predict ligand adsorption in the binary systems. The adsorption of kG in
both ionic strength systems was modeled by two monodentate-mononuclear inner-sphere
complexes (Figures 17 and 18) as described by the reactions in Egs. [25] and [26]. For
PO4 adsorption in the low ionic strength systems (0.001 M NaCl) (Figure 20), the
adsorption data was modeled using the two inner-sphere complexes as described by the
reactions in Egs. [27] and [28]. To predict kG and PO4 adsorption in the low ionic
strength binary systems, the reactions in Eqgs. [25] to [28] and associated optimized

adsorption constants (Table 5) were used to predict adsorption. Measured values
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Figure 25. The predicted and experimentally-determined adsorption of sulfate (SO4) by
gibbsite in 0.001 M NaCl. The closed squares represent the experimental data; the solid
line represent the predicted formation of EAlOH21’2+-SO42'. Error bars represent the

standard error (Eq. [22]) of g. Where error bars cannot be seen, they are within the range

of the marker.
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Figure 26. The predicted and experimentally-determined adsorption of sulfate (SO4) by
gibbsite in 0.01 M NaCl. The closed squares represent the experimental data; the solid
line represent the predicted formation of =A10H,"?*-SO,*". Error bars represent the
standard error (Eq. [22]) of q. Where error bars cannot be seen, they are within the range

of the marker.
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were then compared with predicted values (Figure 27). The WSOS/DF values for these
predictions are presented in Table 6. As seen in Figure 27, both kG and PO, adsorption
in the 0.001 M NacCl and binary systems were well predicted. For kG and PO4
adsorption in the high ionic strength (0.01 A NaCl) systems, the reactions in Egs. [25],
[26], [28], and [29] and associated optimized adsorption constants (Table 5) were used to
predict adsorption (Figure 28). As seen in Figure 28, the adsorption models describe the
adsorption of PO, at pH values less than 7. However, PO, adsorption above pH 7 and kG
adsorption throughout the entire pH range was not well- predicted. For the kG and AsO4
systems at both ionic strengths FITEQL did not converge. For the kG and SOy systems at
both ionic strengths, the reactions in Eqgs. [25], [26], and [32] and associated optimized
adsorption constants (Table 5) were used to predict adsorption (Figures 29 and 30). For
the low ionic strength (0.001 M NaCl) system (Figure 29) kG adsorption in the presence
of SO4 was well predicted. However, SO4 adsorption in the presence of kG was under-
predicted by the model at pH values greater than 8. As expected, the model predicts a
decrease in adsorbed SO4 with increasing pH as a result of the loss of positively charged
surface functional groups. In the high ionic strength (0.01 A NaCl) (Figure 30) systems,
kG adsorption in the presence of SO4 was accurately described. However, the adsorption
of SO4 in the presence of kG was under-predicted by the model.

The binary modeling efforts are summarized in Table 6. In the case that the
FITEQL program converged on the binary system data using optimized intrinsic

equilibrium constants from the single ligand systems with relatively low WSOS/DF

72



8 " [ ] kG measured
A A PO, measured

a O0—0O kG predicted
A—A PO, predicted

g, mmol kg™’
oS
H~
>

2 4 6 8 10 12

Figure 27. The predicted and experimentally-determined adsorption of ketogluconate
(kG) and phosphate (PO4) by gibbsite (binary system) in 0.001 M NaCl. The closed
markers represent the experimental data; the solid lines with open markers represent the
predicted adsorption. Error bars represent the standard error (Eq. [22]) of g. Where error

bars cannot be seen, they are within the range of the marker.
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Table 6. Goodness-of-fit prediction values (WSOS/DF) for binary system adsorption to

gibbsite.

WSOS/DF value
Binary system 0.001 M NaCl 0.01 M NaCl
kG and PO4 3021 78.29
kG and AsO4 No Convergence No Convergence
kG and SOq4 43.87 81.6
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Figure 28. The predicted and experimentally-determined adsorption of ketogluconate
(kG) and phosphate (PO4) by gibbsite (binary system) in 0.01 M NaCl. The closed
markers represent the experimental data; the solid lines with open markers represent the
predicted adsorption. Error bars represent the standard error (Eq. [22]) of g. Where error

bars cannot be seen, they are within the range of the marker.
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Figure 29. The predicted and experimentally-determined adsorption of ketogluconate
(kG) and sulfate (SO4) by gibbsite (binary system) in 0.001 A NaCl. The closed markers
represent the experimental data; the solid lines with open markers represent the predicted
adsorption. Error bars represent the standard error (Eq. [22]) of g. Where error bars

cannot be seen, they are within the range of the marker.
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Figure 30. The predicted and experimentally-determined adsorption of ketogluconate
(kG) and sulfate (SO4) by gibbsite (binary system) in 0.01 M NaCl. The closed markers
represent the experimental data; the solid lines with open markers represent the predicted
adsorption. Error bars represent the standard error (Eq. [22]) of g. Where error bars

cannot be seen, they are within the range of the marker.
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values it can be concluded that the chemical model accurately described adsorption in
both single and binary systems. In the case that the predicted models did not converge
with the experimental data, this is an indication that the models used to describe
adsorption in the single ligand systems are not accurate. The intrinsic equilibrium
constants optimized for in the single ligand systems should theoretically describe
adsorption in the binary systems, as all other variables in the experiment (pH and ionic
strength conditions) were held constant. Different chemical models may better describe
the adsorption data in the systems with relatively high WSOS/DF values, and when the
FITEQL program did not converge. In the binary systems where the FITEQL program
converged with relatively low WSOS/DF values, it can be concluded that the chemical
model used to describe those systems may be used to accurately predict adsorption in
more chemically complex systems.
Kaolinite
Effects of pH and Ionic Strength

The adsorption of kG, PO4 and AsQOj to kaolinite was similar to that of gibbsite in
that retention is at a maximum at low pH values, then decreases with increasing pH. In all
cases, less of each ligand adsorbed to kaolinite than to gibbsite at maximum adsorption.
However, this may be due to the lower surface area of kaolinite, as well as to the lower
concentrations of =A10H functional groups of kaolinite relative to gibbsite. The
adsorption of kG by kaolinite is nearly a linear function of solution pH and is
independent of ionic strength (Figure 31). In both ionic strength conditions, an adsorption
maximum of 4.5 mmolkg™” occurs near pH 3.5. At the high ionic strength, kG minimum

adsorption of approximately 1.0 mmolkg™ occurs at the highest pH studied. At the low
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Figure 31. The adsorption edge of 2-ketogluconate (kG) on kaolinite in 0.01 and 0.001

M NaCl. Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot

be seen, they are within the range of the marker.
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ionic strength, kG adsorption is too low to detect at pH values above 9. The pHsj values,
the pH at which 50% of gmax is achieved, occurs at approximately pH 7 for both the 0.01
and 0.001 M NaCl systems. As was noted for gibbsite, the observation that ionic strength
did not impact kG retention is direct evidence that inner-sphere surface complexation
reactions are responsible for kG adsorption. This stands to reason, as both gibbsite and
kaolinite bear the reactive =AIOH functional group.

The adsorption of PO4 was also a function of pH (Figures 32). In the high ionic
strength (0.01 M NaCl) systems a plateau of maximum adsorption of approximately 7
mmol kg™ was observed in the pH 3 to 5 range. Adsorption then decreased with
increasing pH to a minimum adsorption of approximately 2 mmol kg™ at pH 9. At the
low ionic strength (0.001 M NaCl) a maximum adsorption of approximately 5 mmol kg™
occurred at pH values below 6, and decreased with increasing pH to a minimum
adsorption of approximately 0.5 mmolkg™ at pH 10. The pHso values occurred near pH
8 in both systems. Ionic strength appeared to impact PO, adsorption to kaolinite to a
greater degree than to gibbsite. This was not expected. Phosphate adsorption should not
be impacted by ionic strength, or PO4 retention should be greater in the lower ionic
strength systems. The observed retention behavior of POj4 as a function of ionic strength
could not be explained.

The adsorption of AsOj4 to kaolinite was a function of pH (Figure 33) and was similar to
that of PO4. In the high ionic strength (0.01 M NacCl) system, adsorption in the pH 3 to 6
range was approximately 6 mmol kg, and then decreased with increasing pH to a
minimum adsorption of 1.8 mmol kg™ at pH 9. The pHs, value occurs at approximately 8.

In the low ionic strength (0.001 M NaCl) system, a plateau of
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Figure 32. The adsorption edge of phosphate (PO4) on kaolinite in 0.01 and 0.001 M
NaCl. Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be

seen, they are within the range of the marker.
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Figure 33. The adsorption edge of arsenate (AsO4) on kaolinite in 0.01 and 0.001 M
NaCl. Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be

seen, they are within the range of the marker.
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maximum adsorption of approximately 5 mmol kg'l occurs in the pH 3.5 to 6.0 range,
and adsorption decreases with increasing pH. Adsorption approaches zero near pH 10.
As in the PO, systems, AsO4 adsorption maximum is greater at the higher ionic strength
than observed in the low ionic strength system. Again, this is contrary to what is
expected.

The adsorption of SO4 by kaolinite ranged between approximately 0 and 1.0 mmol
kg throughout the pH range studied (Figure 34). lonic strength had little apparent impact
on SO4 adsorption, as SO4 adsorption was minimal.

Effects of Inorganic Ligands on 2-Ketogluconate Adsorption

The effect of inorganic ligands on the adsorption on kG by kaolinite was very
similar to that of gibbsite (Figure 35 and 36). The adsorption of kG was decreased in the
presence of specifically adsorbed ligands (PO, and AsO4) and was not significantly
affected by the presence of the non-specifically adsorbed SO4ligand at pH values above
6. Atlow pH values (pH<7), kG adsorption was decreased by approximately 50% in the
presence of PO4 and AsQy. Further, kG adsorption becomes minimal at higher pH values
(pH 7 to 10). In the low ionic strength system (0.001 M NaCl), the kG adsorption
maximum in the presence of PO4 and AsO4 was decreased by approximately 47% from
that in the absence of these ligands at pH 3.5. At pH S, kG adsorption in the presence of
PO4 was decreased by approximately 85% from kG absorption in the absence of POj.
The difference in adsorption between kG alone and kG in the presence of PO4or AsO4
gradually decreases with increasing pH, and approaches zero near pH 10. As was noted

for the gibbsite systems, the decrease in kG adsorption in the presence of the specifically
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Figure 34. The adsorption edge of sulfate (SO4) on kaolinite in 0.01 and 0.001 M NaCl.
Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be seen,

they are within the range of the marker.

84



5 - : tg:fli::;soa
- [ ® kG with PO,
I 4_~ O kG with SO,
27 i
— 3 '
3% oo "
E Y. " ; x " om
61 N ; A =

[ ® o ®A
(0] - ' 1 T T ". y ":'0 ¥ 1

Figure 35. The adsorption of ketogluconate (kG) to kaolinite in 0.001 A NaCl in the
presence and absence of AsOs, PO4, and SOs. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 36. The adsorption of ketogluconate (kG) to kaolinite in 0.01 M NaCl in the
presence and absence of AsO4, PO4, and SO4. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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adsorbed ligands compared to that in the absence of these ligands is evidence that kG
adsorbs to kaolinite via inner-sphere mechanisms. The kG adsorption maximum (in pH<S
solutions) is decreased by about 32% in the presence of SO4relative to kG adsorption in
the absence of SO4. Above pH 5 SO4 does not impact kG adsorption behavior. This
effect was also observed in the binary gibbsite systems, and supports the hypothesis of
previous research that SO, may participate in inner-sphere adsorption pH values less than
6 (He et al., 1997; Rahnemaie et al., 2005; Jara et al., 2006).

Effects of 2-Ketogluconate on the Adsorption of Phosphate, Arsenate, and Sulfate

The adsorption of PO4 and AsO4 was affected by the presence of kG in both 0.001
and 0.001 M NaCl, while SO4 adsorption was not influence by kG (Figures 37 and 38). In
the high ionic strength system, the AsO4 adsorption maximum was reduced by 50%,
while the POy adsorption maximum was not affected by kG. The adsorption of AsO4 at
the high ionic strength is significantly reduced in the presence of kG at all pH values
studied, while kG had no impact on PO4 adsorption throughout the pH range studied. In
the low ionic strength system (0.001 M NaCl), the impact of kG on PO4 and AsO4 was
pronounced, reducing the AsO4 adsorption maximum by 40% and that of PO4 by 33%.
However, only AsO, retention was influenced by kG at pH values greater than 6.
Surface Complexation Modeling
The ligand surface complexation models established using the gibbsite single-

ligand systems (Table 5) were used as non-adjustable parameters to predict adsorption in
the single- and multi-ligand kaolinite systems. The goodness-of-fit parameters

(WSOS/DF values) for each system are presented in Table 7. The predicted vs.
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Figure 37. The effiect of ketogluconate (kG) on the adsorption of AsO4, POs4, and SO4 to
kaolinite in 0.01 M NaCl. Error bars represent the standard error (Eq. [22]) of g. Where

error bars cannot be seen, they are within the range of the marker.
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Figure 38. The effect of ketogluconate (kG) on the adsorption of AsO4, PO4, and SO4 to
kaolinite in 0.001 M NaCl. Error bars represent the standard error (Eq. [22]) of g. Where

error bars cannot be seen, they are within the range of the marker.
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Table 7. Goodness-of-fit parameters (WSOS/DF values) for ligand adsorption to

kaolinite.

Goodness-of-fit (WSOS/DF) values

Adsorption system 0.001 M NaCl 0.01 M NaCl
2-Ketogluconate alone NC 16.00
Phosphate alone 35.86 NC
Arsenate alone 21.88 329.88
Sulfate alone 5.79 9.99
2-Ketogluconate and phosphate 3021 NC
2-Ketogluconate and arsenate NC NC
2-Ketogluconate and sulfate 23.10 32.18

NC = No convergence of the FITEQL program to the adsorption data.
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experimental values of kG adsorption to kaolinite in 0.01 M NaCl is shown in Figure 39.
In general, the chemical model predicts kG retention by kaolinite as a function of pH.
suggests that AsO4 surface complexation models developed from the gibbsite adsorption
data mat not be correct. This is an indication that the chemical model and associated
equilibrium values used in modeling kG adsorption to the =AIOH functional group on
gibbsite may also be employed to describe kG adsorption by kaolinite. In the low ionic
strength system (0.001 M NaCl), the chemical model used to describe kG
adsorption to gibbsite did not converge due to mathematical instabilities in the FITEQL
program.

The predicted vs. experimental values of PO4 adsorption to kaolinite in 0.001 M
NaCl is shown in Figure 40. Overall, the predicted model accurately describes PO4
adsorption. This is an indication that the chemical model and associated equilibrium
values used to model PO4 adsorption by gibbsite at the low ionic strength may also be
employed to describe the adsorption of PO4 by kaolinite. As was observed with kG
retention in the 0.001 M NaCl, the numerical algorithms in FITEQL did not converge,
and PO, adsorption could not be predicted.

The predicted vs. experimental values of AsO4 adsorption to kaolinite in the 0.001
M NaCl and 0.01 M NaCl systems is shown in Figures 41 and 42. The chemical models
accurately describe AsO4 adsorption. This is an indication that the chemical model and
associated equilibrium values used in modeling AsO4 adsorption to gibbsite in the high
ionic strength system may accurately describe that of kaolinite adsorption. However, in
the low ionic strength system, the predicted model under-predicts AsO, adsorption

throughout the entire pH range of the study. This indicates that the chemical model and
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Figure 39. The predicted and experimentally-determined adsorption of ketogluconate
(kG) by kaolinite in 0.01 M NaCl. The closed squares represent the experimental data,
and the solid line represents predicted adsorption. Error bars represent the standard error

(Eq. [22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 40. The predicted and experimentally-determined adsorption of phosphate (PO4)
by kaolinite in 0.001 M NaCl. The closed squares represent the experimental data, and
the solid line represents predicted adsorption. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 41. The predicted and experimentally-determined adsorption of arsenate (AsO4)
by kaolinite in 0.001 M NaCl. The closed squares represent the experimental data, and
the solid line represents predicted adsorption. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 42. The predicted and experimentally-determined adsorption of arsenate (AsOx4)
by kaolinite in 0.01 M NaCl. The closed squares represent the experimental data, and the
solid line represents predicted adsorption. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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associated equilibrium constants used in modeling AsO4 adsorption to gibbsite at the low
ionic strength does not accurately describe AsOjq retention by kaolinite. This result
suggests that AsO4 surface complexation models developed from the gibbsite adsorption

data may not be correct.

The predicted vs. experimental values of SO4 adsorption to kaolinite in 0.001 M
NaCl and 0.01 M NaCl is shown in Figures 43 and 44. Overall, the model predicts SO4
adsorption throughout the entire pH range of the study. This is an indication that the
chemical models and associated equilibrium constants used in modeling SO4 adsorption
to gibbsite can be used to accurately describe SO4 retention by kaolinite. This result also
substantiates the hypothesis that SO, is retained by electrostatic (outer-sphere)

mechanisms.

The predicted vs. experimental values of kG and PO4 adsorption to kaolinite in
0.001 M NaCl is shown in Figure 45. Overall, the model predicts kG and PO4 adsorption
throughout the entire pH range of the study. This is an indication that the chemical
models and associated equilibrium constants used in modeling kG and PO4 adsorption to
gibbsite can be used to accurately describe kG and POy retention by kaolinite. In the 0.01
M NaCl system, the numerical algorithms in FITEQL did not converge, and kG and PO,

adsorption could not be predicted.

The predicted vs. experimental values of kG and SO4 adsorption to kaolinite in
0.001 M NaCl and 0.01 M NaCl is shown in Figures 46 and 47. Overall, in both ionic

strength systems, the model predicts kG adsorption throughout the entire pH range of the
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Figure 43. The predicted and experimentally-determined adsorption of sulfate (SO4) by
kaolinite in 0.001 M NaCl. The closed squares represent the experimental data, and the
solid line represents predicted adsorption. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 44. The predicted and experimentally-determined adsorption of sulfate (SO4) by
kaolinite in 0.01 M NaCl. The closed squares represent the experimental data, and the
solid line represents predicted adsorption. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 45. The predicted and experimentally-determined adsorption of 2-ketogluconate
(kG) and phosphate (PO4) by kaolinite in 0.001 M NaCl. The closed squares represent the
experimental data, and the solid line represents predicted adsorption. Error bars represent
the standard error (Eq. [22]) of g. Where error bars cannot be seen, they are within the

range of the marker.
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Figure 46. The predicted and experimentally-determined adsorption of 2-ketogluconate
(kG) and sulfate (SO4) by kaolinite in 0.001 M NaCl. The closed squares represent the
experimental data, and the solid line represents predicted adsorption. Error bars represent
the standard error (Eq. [22]) of g. Where error bars cannot be seen, they are within the

range of the marker.
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Figure 47. The predicted and experimentally-determined adsorption of 2-ketogluconate
(kG) and sulfate (SOs) by kaolinite in 0.01 M NaCl. The closed squares represent the
experimental data, and the solid line represents predicted adsorption. Error bars represent
the standard error (Eq. [22]) of g. Where error bars cannot be seen, they are within the

range of the marker.
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study. This is an indication that the chemical models and associated equilibrium
constants used in modeling kG adsorption to gibbsite in the presence of SO4, in both ionic
strength systems, can be used to accurately describe that in the kaolinite system. The
model predicts SO4 adsorption in the low ionic strength system, while SO4 adsorption is
under predicted in the high ionic strength system. This is and indication that the chemical
models and associated equilibrium constants used in modeling SO4 adsorption to gibbsite
in the presence of kG in the low ionic strength system, can be used to model that in the
kaolinite system.

For the kG and AsO, binary systems, the numerical algorithms in FITEQL did not
converge, and kG and AsO4 adsorption could not be predicted.

Goethite
Effects of pH and Ionic Strength

The adsorption of kG by goethite is a function of solution pH (Figure 48). The
adsorption data for the 0.01 M NaCl and 0.001 M NaCl systems mirror each other
throughout the studied pH range. Adsorption is at a maximum at pH values below
approximately pH 6. Above pH 6, adsorption decreases with increasing pH, irrespective
of the ionic strength conditions. In both 0.01 M and 0.001 M NaCl systems, an adsorption
maximum of 7.2 mmolkg™ occurs in the pH 3 to 5 range and a minimum adsorption of
approximately 2.4 mmolkg'l occurs at the highest pH studied. The pHs, values, the pH at
which 50% of gmax is achieved, is approximately 9 for both the 0.01 and 0.001 M NaCl
systems. The kG adsorption edges are similar to those of oxalate and citrate to goethite
(Jara et al., 2006). As with the adsorption of kG to gibbsite, the observed kG adsorption

edge to goethite may be interpreted as describing either anion exchange or ligand
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Figure 48. The adsorption edge of 2-ketogluconate (kG) on goethite in 0.01 and 0.001 M
NaCl. Error bars represent the standard error (Eq. [22]) of g. Where error bars cannot be

seen, they are within the range of the marker.
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Effects of Inorganic Ligands on 2-Ketogluconate Adsorption

exchange. In general, the kG adsorption appears to mirror the expected reduction
in =FeOH,"** concentration with increasing pH, suggesting that kG retention may be
electrostatic; thus, participating in an anion exchange process (Eq. [23] substituting Fe for
Al). However, as previously explained, the ligand exchange mechanism (Eq. [24]) is
directly supported by the observation that kG adsorption by goethite is independent of
ionic strength.

In general, the adsorption of kG by goethite was decreased in the presence of
specifically adsorbed ligands (PO4 and AsQOs), and was not significantly affected by the
presence of SO4 at pH values above 7 (Figures 49 and 50). In most cases, and at lower pH
values (3 to 7), the adsorption of kG was decreased 50% or more in the presence of POy
and AsQq, while the difference in adsorption becomes minimal at higher pH values in the
7 to 10 range. In the 0.001 M NaCl systems, all ligands affected kG retention in the pH
less than 7 systems. Arsenate had the greatest impact on kG adsorption, decreasing kG
retention from 7 mmol kg™ to less than 3 mmol kg in the pH 3 to 5 range. Phosphate
decreased kG maximum adsorption from 7 mmol kg to approximately 5.0 mmol kg’!
and SO, decreased adsorption to 5.2 mmol kg™'. The influence of AsO4 on kG retention is
also seen at higher pH values, while the impact of PO4 on kG adsorption becomes
minimal in the alkaline systems.

In the 0.01 M NaCl systems, a reduction in adsorbed kG in the presence of AsO4
and PO, was observed into the alkaline pH range, even though the degree of the effect

was not as substantial as was seen in the 0.001 M systems. The impact of SO4 on kG
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Figure 49. The adsorption of ketogluconate (kG) to goethite in 0.001 M NaCl in the
presence and absence of AsQOs, PO4, and SO4. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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Figure 50. The adsorption of ketogluconate (kG) to goethite in 0.01 A NaCl in the
presence and absence of AsOs, PO4, and SOy. Error bars represent the standard error (Eq.

[22]) of g. Where error bars cannot be seen, they are within the range of the marker.
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adsorption is minimal and restricted to the pH 3 to 5 range. Further, kG retention is
influenced by SO4only under acidic pH conditions, which corresponds to the pH
conditions where SO4 may be specifically retained; thus, competing with specifically
retained kG. Ketogluconate adsorption was decreased to the greatest degree in the
presence of AsQj, and to a lesser degree in the presence of PO4. This is in accordance
with other studies that have concluded that AsOj, is adsorbed to a greater extent than PO4
to goethite surfaces (Gao and Mucci, 2001; Violante and Pigna, 2002). The decrease in
kG adsorption in the presence of the specifically adsorbed ligands, particularly AsO4 and
PO, is further direct evidence that kG is adsorbed via specific mechanisms.
Surface Complexation Modeling

The adsorption of kG by goethite surfaces may be visualized to occur via a
number of non-specific and specific mechanisms (Figure 17). Ligand adsorption to
goethite was examined with the CD-MUSIC SCM model in conjunction with the
FITEQL 4.0 computer code. Although numerous surface complexes were considered
(Figure 17), the kG adsorption data in both the 0.001 M and 0.01 M NaCl systems were
best described by assuming that kG forms both monodentate-mononuclear and
monodentate-binuclear inner-sphere surface complexes according to the reactions
(Figures 51 and 52):

=FeOH"? +H'+ kG~ —=FekG'"*+H,0 (33)

2=FeOH'"* +H'+ kG" —=Fe,kGH.,"+2H,0 (34)

These two surface species and the distribution of charge at the solid-solution

interface are shown in Figure 17. The optimized adsorption constants and goodness-of-fit
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Figure 51. The predicted and experimentally-determined adsorption of ketogluconate
(kG) by goethite in 0.001 M NaCl. The closed squares represent the experimental data;
diamonds represent the predicted formation of =FekG'"* and open circles represent the
predicted formation of =Fe,;kGH., ", Error bars represent the standard error (Eq. [22]) of

q. Where error bars cannot be seen, they are within the range of the marker.
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Figure 52. The predicted and experimentally-determined adsorption of ketogluconate
(kG) by goethite in 0.01 M NaCl. The closed squares represent the experimental data;
diamonds represent the predicted formation of =FekG 2-and open circles represent the
predicted formation of =Fe;kGH.,"". E Error bars represent the standard error (Eq. [22])

of g. Where error bars cannot be seen, they are within the range of the marker.
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parameters (WSOS/SF) are shown in Table 8. At pH values that are less that the pK, of
EFeOHzlm, the =FekG'* species predominates as a result of Eq. [33]. As H,O
disappears from the goethite surface through the dissociation of =FeOH,"?", the specific
retention of kG is facilitated through the dissociation of the kG hydroxyl that is adjacent
to the carbonyl group (Nelson and Essington, 2005). The dissociated proton then
protonates =FeOH'? sites to create H,O on the surface (forming =FeOH,'?"), which then
undergoes ligand exchange with the H. kG* species to form the bidentate species
=Fe,kGH.," (Eq. [33]). In both 0.01 M and 0.001 M NacCl, the chemical model involving
the formation of the =FeOH,"?*, the =FekG"? species accurately describes the adsorption
of kG throughout the entire pH range of the study. This supports the conclusion that kG

adsorbs to goethite via inner-sphere mechanisms.
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Table 8. Goethite surface complexation reactions, FITEQL-optimized intrinsic

equilibrium constants (log K values), and associated goodness-of-fit parameters

(WSOS/DF values).
Log K WSOS/DF
0.001M 0.01M 0.001M 0.01M
Reaction NaCl NaCl NaCl NaCl
KG™+=FeOH’ +H* e>=FekG%™ + H,0 1476 15.29

600 373
kG~ +2=FeOH” +H* =Fe,kGH: +2H,0 22.13 2276
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IV. Summary

In soils, low-molecular-mass-organic-acid (LMMOA) anions are comprised of a
group of water-soluble non-humic substances with an arbitrary maximum molecular
weight of approximately 300 to S00 D, and include such compounds as oxalate, formate,
citrate, acetate, malate, and succinate. These compounds are principally plant root and
microbial exudates (and their derivatives), which are concentrated in the soil rhizosphere
and can be found in significant and sustained concentrations (0.1-100p.M4) in these soil
solutions. Organic acid anions have been hypothesized to play a major role in many soil
processes, including soil mineral solubilization, nutrient and metal mobility and
bioavailibity, metal detoxification, and in soil structural development. Both plant roots
and soil microbes are capable of exuding elevated concentrations of LMMOA anions,
and at elevated rates, when stressed for specific mineral nutrients (e.g., iron and
phosphorous) and when soil aluminum concentrations reach potentially phytotoxic levels.

One mechanism by which LMMOA anions impact the chemistry of soil
constituents is through adsorption reactions. Ligands in the soil solution can adsorb to
constant-potential mineral surface sites through specific (inner-sphere or chemisorption)
or non-specific (outer-sphere or physical adsorption) mechanisms. The adsorption of
LMMOA anions by soil minerals has been investigated in a number of studies. These
organic anions, mainly the di- and tri-carboxylates, have been shown to participate in
ligand exchange reactions. As such, they may effectively compete with other specifically
adsorbed ligands (e.g., POs species) and subsequently increase the phytoavailability of

the displaced species.
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2-Ketogluconate (kG) is a LMMOA that is a microbial byproduct of glucose
oxidation. It is produced by several microbial species known to exist in soils. 2-
Ketogluconate has been isolated from the rhizosphere of common crops and it has been
found in highest concentrations in well-drained agricultural soils and when P
concentrations are limiting

Ketogluconate is diprotic. The carboxyl-group of kG is a relatively strong weak

acid (pK,=3.00), while an alcohol group dissociates in strongly alkaline solution (pK, =

11.98) and may participate in metal complexation reactions. It has been shown that kG
affects the solubility of calcium phosphates, as well as gibbsite and goethite, via aqueous
metal complexation reactions. Determination of adsorption mechanisms of kG, as well as
its ability to compete with other ligands for mineral surface sites, is required in order to
understand and predict the impact of this ligand on rhizosphere processes.

The adsorption behavior of kG in the presence of arsenate (AsO4), phosphate
(POs), and sulfate (SO4) may be used to infer the adsorption mechanisms of kG. It has
been well established that PO4 and AsOy4 are specifically adsorbed by hydrous metal
oxide minerals, while SO4 has been shown to principally participate in non-specific
adsorption reactions. The comparison of kG adsorption behavior in the presence and
absence of PO4, AsOs, and SO4 can be used to determine the kG adsorption mechanism.
Further, kG adsorption as a function of pH may be employed to develop chemical models
of surface complexation.

Solution pH and ionic strength are two master variables that affect ligand
retention to mineral surface. The pH dictates the ionization of mineral surfaces and

ligand dissociation, and the ionic strength influences mineral surface potentials.
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Background electrolytes that are known to participate entirely in outer-sphere adsorption
(NaCl) affect the adsorption of ligands that participate in outer-sphere adsorption
mechanisms. Therefore, adsorbates that display adsorption envelopes (g vs. pH) that are
independent of ionic strength are interpreted to indicate relatively strongly bonded
surface complexes and specific (nonelectrostatic) adsorption mechanisms. Also, ligand
adsorption that exceeds the net positive charge created by the mineral surface, an
adsorption maximum or an inflection in the adsorption envelope that occurs when the pH
is close to the pK, of the ligand adsorbate, and adsorption that is influenced by other
specifically adsorbed species are all indicators of specific surface interactions.

The adsorption of kG was investigated by characterizing adsorption behavior as a
function of pH by gibbsite, goethite, and kaolinite, at two different ionic strength
conditions (0.001 M NaCl and 0.01 M NaCl) and in the presence or absence of POy,
AsQy4, and SO4. The following adsorption systems were examined: kG alone, SO; alone,
PO, alone, AsO, alone, kG with SO4, kG with PO4, and kG with AsQO,, each under two
ionic strength conditions (0.01 M and 0.001 M NaCl). To investigate the ability of kG to
displace adsorbed PO4, kG was added to gibbsite systems containing preadsorbed POj.
Similarly, the ability PO, of to displace adsorbed kG was determined. For each
adsorption experiment, ligand retention at nine different pH values in the 3 to 10 range
(in triplicate) was characterized.

The adsorption data (g vs. pH) was employed to develop chemical adsorption
models using the surface charge distribution multi-site complexation (CD-MUSIC)
model. The CD-MUSIC model allows for metal and ligand adsorption by both inner-

sphere and outer-sphere mechanisms. The acidity of the solid was assumed to be

114



controlled by the pK, of the singly-coordinated =XOH (where X is Al for gibbsite and
kaolinite, and Fe for goethite) functional group. The ligand surface complexation
reactions established using the gibbsite single-ligand systems were used as non-adjustable
parameters to predict adsorption in the single- and multi-ligand kaolinite systems and in
multi-ligand gibbsite systems.

The adsorption of kG by gibbsite, goethite and kaolinite is a function of solution
pH and independent of solution ionic strength. The kG adsorption edges are similar to
those of oxalate and citrate on allophanes, two compounds known to adsorb vial inner-
sphere and multidentate mechanisms. Although the kG adsorption edged data can be
interpreted to support either anion or ligand exchange, the ligand exchange mechanism is
directly supported by the observation that kG adsorption by the constant potential
minerals was not influenced by ionic strength. The adsorption of kG was decreased in the
presence of specifically adsorbed ligands (PO4 and AsOj), and was not significantly
affected by the presence of the non- specifically adsorbed SO4 ligand at pH values above
6. In most cases and at lower pH values, the adsorption of kG was decreased 40% or
more in the presence of PO, and AsOs, while the difference in adsorption becomes
minimal at pH values in the 7 to 10 range. In the gibbsite systems PO4 had the greatest
impact on kG adsorption, while AsO4 had the greatest impact on kG adsorption in the
goethite systems. The impact of PO4 and SO, on kG adsorption is similar to the observed
impact of these ligands on oxalate and citrate adsorption by synthetic and natural
allophanes. The decrease in kG adsorption in the presence of AsO4 and POy is further

evidence that kG is adsorbed via specific mechanisms.
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The adsorption of PO4, AsOs, and SO4 (pH<6) was affected by the presence of kG
under both ionic strength conditions. The decrease in AsO4 and PO4 adsorption in the
presence of kG is evidence that kG is effectively competing with these two ligands for
mineral surface sites. This further supports the conclusion that kG adsorbs to mineral
surface sites via inner-sphere mechanisms.

The adsorption edge experiments that were performed by adding equal
concentrations of PO4 and kG simultaneously resulted in lower adsorption of PO4
compared to PO4 adsorption in the absence kG. The addition of kG to gibbsite containing
preadsorbed POy did not result in PO4 displacement, regardless of the concentration of kG
The addition of PO4 to gibbsite containing preadsorbed kG resulted in the displacement of
approximately 45% of the preadsorbed kG in pH 3 to 7 range. The adsorption of
preadsorbed kG when POy is added is greater than the adsorption of kG when added
simultaneously with PO4. These results indicate that kG is not held as strongly as PO4 to
gibbsite surfaces, and that the ability of PO, to displace adsorbed kG is greater than the
ability of kG to displace adsorbed POs.

The kG adsorption data in both the 0.001 M and 0.01 M NaCl gibbsite systems
were best described by assuming that kG forms two monodentate-mononuclear inner-
sphere complexes: =AIkG'” and =AIKGH.*>. At pH values that are less than the pK,
of =AIOH,'*", the =AIkG"* species predominates. As H,O disappears from the gibbsite
surface through the dissociation of EA10H21/2+, the specific retention of kG is facilitated
through the dissociation of a kG hydroxyl. The dissociated proton then protonates
=AIOH"? sites to create H,O on the surface (forming =A10H,'?"), which then undergoes

ligand exchange with the H.;kG*" species to form =AIkGH.;** . The surface-induced
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deprotonation of the kG hydroxyl at pH values that are less than the pK, can be
envisioned to occur in a manner similar to that of the citrate hydroxyl.

The adsorption of POy4, AsOy4, and SOy to gibbsite was also modeled using the
adsorption edge data and the CD-MUSIC SCM. The model that best described PO,
adsorption to gibbsite was a function of ionic strength. In the low ionic strength systems
(0.001 M NaCl), the adsorption data was modeled using the two inner-sphere complexes:
=AIOPO;H*? and =A10PO;H, "%, Under the high ionic strength conditions (0.01 M
NaCl), the PO4 adsorption data was modeled using the two inner-sphere complexes:
EAlOPO;SD' and EAlOPO;;quz'. Arsenate adsorption data at both ionic strengths were
modeled using the =A10As05>% and =AI0AsO;H,"* inner-sphere surface complexes.

Sulfate adsorption data at both ionic strength conditions were described using the
outer-sphere =A10H,"**--S0> species. The adsorption of kG by goethite surfaces in
both the 0.001 M and 0.01 M NaCl systems was best described by assuming that kG
forms both monodentate-mononuclear and monodentate-binuclear inner-sphere surface
complexes; =FekG'?* and EFeszH.ll. The chemical models and associated intrinsic
equilibrium constants developed from the single ligand systems were employed to predict
ligand retention in the binary systems. In general, predicted adsorption behavior did not
adequately predict the experimental adsorption data in the gibbsite and kaolinite systems.
This finding suggests that the inferred adsorption mechanisms may not have been the

correct mechanisms.

It is evident from the adsorption envelopes that kG adsorbed to gibbsite, goethite,

and kaolinite via inner-sphere mechanisms. Addition; albeit indirect evidence that kG
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retention occurs through inner-sphere mechanisms is indicated by the surface
complexation modeling results. Therefore, it is concluded that kG may potentially
impact the phytoavailability of PO4 and other specifically-retained ligands in the

rhizosphere.
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V. Conclusions

2-Ketogluconate forms inner-sphere complexes on gibbsite, kaolinite, and

goethite surfaces.

2-Ketogluconate competes with PO4 and AsO, for surface functional groups on

gibbsite, kaolinite, and goethite.

The adsorption of kG by gibbsite and kaolinite surfaces is described by the
formation of the monodentate-mononuclear inner-sphere complexes: =AlkG'?

and =AIkGH. %,

The adsorption of kG by goethite surfaces is described by the formation of
monodentate-mononuclear and bidentate-binuclear inner-sphere surface

complexes: =FekG"* and =Fe,kGH_,"".

Chemical models describing the specific retention of ligands (kG, PO4, and AsOy)

in single-adsorbate systems were not universally applicable.

Different chemical models may better describe the adsorption data in the systems
with relatively high WSOS/DF values, and when the FITEQL program did not

converge.
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