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ABSTRACT

Oxyanions such as sulfate, selenate, boric acid, and phosphate are
important to soil chemists for both environmental and agronomic reasons. Therefore.
a clear understanding of the reactions that these oxyanions undergo with mineral
phases is crucial to predicting their availability, toxicity, and mobility in natural
systems. A variety of molecular scale techniques, such as Attenuated Total
Reflectance Fourier Transform Infrared (ATR-FTIR), Extended X-ray Absorption Fine
Structure (EXAFS), and X-ray Absorption Near Edge Structure (XANES)
spectroscopy were employed to probe the bonding mechanisms of oxyanions on
common soil components and in natural systems. The experimental systems chosen
for study were: sulfate and selenate adsorption mechanisms on goethite, hematite, and
amorphous iron hydroxide; boric acid adsorption on amorphous iron hydroxide:; effects
of sulfate on lead adsorption and desorption on goethite; and effects of alum addition
on phosphate speciation in poultry litter. It was found that sulfate, selenate, and boric
acid all form a mixture of outer-sphere and inner-sphere surface complexes on iron
oxides. with solution pH. ionic strength, and the iron oxide chosen affecting the

amount of inner-sphere vs. outer-sphere complexation.

The above studies were all conducted with model components and a single
oxyanion in suspensions with sodium chloride as an electrolyte. In natural systems.
many other ions such as metals. other oxyanions, organic ligands are present that may
interact with oxyanions at the mineral/water interface. The effects that sulfate has on

lead adsorption and desorption on goethite was studied to better understand how

Xv



oxyanion chemistry may affect metal reactivity in natural systems. The overall
findings were that terary complex formation between lead and sulfate can
significantly change the amount, rate, and stability of lead adsorption onto an iron
oxide surface. It is also possible to utilize molecular-scale approaches to directly
speciate oxyanions in soils. One such example is the study of how speciation of
phosphate is affected by the addition of aluminum sulfate (alum) using XANES
spectroscopy. It was learned that alum addition resulted in precipitation of aluminum

hydroxides followed by adsorption of phosphates to these phases.
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INTRODUCTION

An oxyanion (or alternatively oxoanion) can be defined as a negatively charged
(anionic) inorganic molecule with a positive metal center surrounded by multiple
oxygen atoms. The tendency of a metal or metalloid to form an oxyanion rather than a
hydrated cation is favored by a high oxidation state and a high pH (Shriver et al.

1994).

Many different oxyanions are found in the soil environment. and the chemistry of
these oxyanions is quite varied. Some oxyanions such as phosphate and sulfate are
essential nutrients for plant growth and are found in relatively high concentrations in
soils. Other oxyanions, including borate and molybdate. are micronutrients. They are
essential for plant growth at low concentrations but become toxic at higher
concentrations. The range between deficiency symptoms and toxicity is usually quite
narrow. A third group of oxyanions, such as arsenate, arsenite, selenate. selenite. and
chromate are frequently studied because they have little agronomic use and are instead

detrimental to human health.

Much of the foundation for understanding reactions that occur at the soil mineral/water

interface comes from the pioneering work of Dr. Werner Stumm. While concepts of



soil chemistry certainly had been studied long before Stumm’s work in aquatic
environmental chemistry, he provided the foundation of the concepts of surface
compiexation and much of the vocabulary that is used by soil chemists to discuss soil
chemical reactions today. It is not too surprising that a strong connection exists
between aquatic chemistry and soil chemistry; almost all of the chemistry of ions in
soils occurs either in the soil solution or at the interface between solid phases and the
solution. This fact makes the surface properties of soil components more

representative of their reactivity than are their bulk mineralogical properties.

The chemistry of oxyanions in soils can be divided into three principal components:
polymerization, sorption, and release. Polymerization reactions produce soluble
multinuclear complexes of the reactant. Chemical properties such as solubility.
protonation. redox activity, and adsorption behavior can all be changed considerably
by polymerization of the reactant. Polymers sometimes form in bulk solution, and
polymerization can also be catalyzed at the surface of solid phases. Sorption is a
general term that can be defined as the accumulation of a material at an interface.
Sorption can also be thought of as the removal of a material from the soil solution.
Sorption encompasses both adsorption and precipitation processes. Release is another
general term that refers to the depletion of a material from an interface. This release
from the sorbent is accompanied by an increase of that material in solution. Release

includes desorption of adsorbed materials and dissolution of solid phases such as



minerals and precipitates (Sparks 1995). Both sorption and release are usually
somewhat reversible, and the soil environment is best thought of as being in a dynamic

equilibrium that is affected by solution conditions and reaction time.

Adsorption reactions of oxyanions at the mineral/water interface occur via either
electrostatic interaction (outer-sphere complexation) or chemical interaction (inner-
sphere complexation). Initially, researchers tended to label reactions as occurring by
either one mechanism or the other, but more recently it has been shown (Perrson et al.
1998. Peak et al. 1999) that both mechanisms can be operational simultaneously and
that a continuum of adsorption processes exists. In addition, many ions exist as more
than one species depending on pH. It is possible that speciation at the surface is quite
different from speciation in the bulk solution. Determining the species involved in
adsorption and the type of adsorption complex that is forming is crucial to

understanding the behavior of a species in the soil environment.

Precipitation reactions involve the depletion of ions from solution via the formation of
a solid phase. Precipitation can occur in solution as the result of oversaturation, or the
presence of compounds at higher levels than the solubility of their products.
Precipitates can also form on the surface of sorbents as either a pure secondary phase.
or they can incorporate ions from the sorbent to form secondary precipitates (Sparks

1995). Precipitation of trace metals with oxyanions is important in controlling the fate



and mobility of contaminants, as metal-oxyanion precipitates usually are very

insoluble and form readily in soils.

As mentioned earlier, most soil chemical reactions are at least partially reversible and
are affected by solution equilibrium. [f the concentration of an adsorbed ion is
depleted in solution by transport processes or plant or microbial uptake then
desorption of the adsorbed ion can occur to maintain equilibrium with solution.
Dissolution of precipitate phases and minerals can also replace ions lost from solution.
It is important to visualize all of these processes as occurring simultaneously and
forming a continuum of adsorption processes. For example, adsorption and
precipitation can occur on the same time scales (Sheiddeger et al. 1998). and
competition between adsorption and precipitation has been seen in the case of mixed

metal precipitate formation (Elzinga 2000) on some clay minerals.

Understanding the nature of sorption in soils can be quite difficult. The macroscopic
adsorption data may look quite similar even when very different sorption mechanisms
are present (Ford). To assess different adsorption mechanisms and determine their
importance in soils, it is necessary to use in situ spectroscopy. With spectroscopic
techniques that are available today, it is possible to distinguish between outer-sphere

and inner-sphere adsorption mechanisms as well as differentiating between adsorption



and precipitation. In many cases it is possible to estimate the distribution of

complexes when multiple mechanisms are occurring simultaneously.

Objectives of Dissertation Research

The goal of this research my dissertation research was to gain a fundamental
understanding of the reactions that oxyanions undergo in soils. The overall strategy
for this research was to combine macroscopic adsorption experiments with in situ
spectroscopic techniques to gain molecular-scale insight into sorption mechanisms.
Emphasis was placed on experimental systems where there is disagreement in the soil
chemistry literature about the sorption mechanisms for an oxyanion. Specifically. this
project studied sulfate and selenate adsorption mechanisms on iron oxides and
hydroxides. boric acid sorption mechanisms on amorphous iron hydroxide. and temary
lead-sulfate-goethite adsorption reactions. While these projects may all seem quite
different. they all serve to illustrate a greater point about oxyanion sorption
mechanisms in soils. It is my hypothesis that oxyanions often sorb on mineral surfaces
via several co-occurring mechanisms, and depending on reaction conditions one
mechanism will be dominant. Therefore. my general approach is to examine samples
at a wide range of pH, reactant concentration. and ionic strength to obtain a clear
picture of how reaction conditions affect the continuum of sorption processes in the
soil environment. One may also notice that the complexity of the systems to be

studied increases throughout the work, and that several different spectroscopic



techniques were employed to probe different reactions. The goal of my laboratory
research was to gain a fundamental insight into oxyanion reactivity with relatively
simple model systems (sulfate and selenate) and then to see how adding complications
such as more than one chemical species (boric acid and borate) or co-occurring ions
(lead and sulfate) would affect both the reactivity of oxyanions and the ability to probe
their reactivity at the molecular scale. The final goal of all laboratory studies should
be to gain knowledge that is applicable to the natural world and to push the envelope
of what is possible with current spectroscopic tools. To this end. my final project uses
spectroscopy to perform direct speciation of phosphate in poultry litter and to

determine how addition of aluminum sulfate affects phosphate speciation.



Chapter 1

SULFATE ADSORPTION MECHANISMS ON IRON (111) OXIDES AND
HYDROXIDES: RESULTS FROM ATR-FTIR SPECTROSCOPY

Sulfate (SOf';,q) is a weakly basic Group VI oxyanion with a metal center that has a
charge of +6. In aqueous solution it exists as either as the fully-deprotonated form, or
as the singly-protonated bisulfate (HSOy ) ion (Stumm and Morgan 1991). The pK,
for the protonation reaction is ~1.9. making the fully-deprotonated form the dominant
ion under normal soil conditions. Sulfate ions have a hydrated radius of about 4 A. At
present time. the chemistry of sulfate in the soil environment is still poorly understood.
In fact. the mechanisms of sulfate sorption have often been the subject of debate, both
historically and in the current scientific literature. Sulfate is of interest to soil chemists
for both environmental and agronomic reasons. It is an essential micronutrient for
plant growth. Neither deficiency nor toxicity symptoms are commonly seen in
cultivated soils, but sulfate can occur in extremely high levels near sites of mine waste
deposition as a result of hydrogen sulfide oxidation (Persson and Lovgren 1996).
Sulfate is a product in the geochemical cycling of pyrite and therefore plays an

important role in marine sediment chemistry.

Macroscopic studies of sulfate sorption have suggested that sulfate adsorbs via an

outer-sphere (electrostatic) adsorption mechanism on both soils and reference minerals



(Charlet et al. 1993). This conclusion is supported primarily by two observations: (i)
ionic strength has a large effect on the amount of sulfate that is adsorbed. with
increasing adsorption as ionic strength decreases, and (ii) no adsorption of sulfate is
usually seen above the point of zero charge of the mineral. This fact potentially makes
iron and aluminum oxides important sites for sulfate adsorption in soils, since these

components have high points of zero charge and are commonly found in soils.

He and colleagues (1996) studied the stoichiometry of hydroxyl-sulfate exchange on
gamma aluminum oxide and kaolinite using a back-titration technique. Combining a
thermodynamic approach with their data, they suggested that the observed hydroxyl
release upon sulfate adsorption need not be associated with a ligand-exchange
mechanism. Instead. they suggested a mechanism consisting initially of surface site
protonation and generation of a hydroxyl in solution via a reaction such as Al-OH’ +
H,O 2 Al-OH," + OH". They proposed that this protonation was then followed by
the formation of an outer-sphere surface complex: Al-OH,"SO4”. This mechanism
accounts for the observed proton consumption to maintain pH (neutralizing the

hydroxyl generated) without requiring an inner-sphere surface complex.

It has also been shown that the rate of gibbsite dissolution in the presence of sulfate is
more rapid than in the presence of chloride (Ridley et al. 1997). While an

enhancement of dissolution in the presence of ligands is often attributed to inner-



sphere surface complex formation, the explanation for this observed effect was the
formation of aluminum-sulfate complexes in solution that enhance mineral solubility.
These aluminum-sulfate complexes result in more aluminum being released from the
surface because they keep the free aluminum concentration in solution much lower

than when only chloride is present.

Sposito (1984) suggested that sulfate adsorption might be of an intermediate nature,
sometimes sorbing as an outer-sphere complex and sometimes as an inner-sphere
complex via a ligand exchange mechanism. This concept was supported by the
observations of Yates and Healy (1975) who investigated sulfate adsorption on both a-
FeOOH and a-Cr,0Os. Although the rates of hydroxyl exchange for the two sorbents
are markedly different. the rate and extent of sulfate adsorption was very similar
implying an outer-sphere complexation mechanism. However, sulfate adsorption also
shifts the point of zero charge to higher values on both a-FeOOH and a-Cr;0;. which

is consistent with inner-sphere complexation.

Many research groups have modeled sulfate adsorption on both soils and pure mineral
components, with differing results. He and co-workers (1997) utilized the triple layer
model with outer-sphere surface complex formation to describe sulfate adsorption on
y-alumina and kaolinite. Charlet and co-workers (1993) modeled the adsorption of

sulfate on an aluminum-coated TiO,, 8-Al,03, and an acidic forest soil. They found



that outer-sphere complexation described the data well. Sulfate adsorption on goethite
has been modeled using several different approaches. Zhang and Sparks (1990a)
modeled sulfate adsorption on goethite using the triple-layer model and an outer-
sphere surface complex. Davis and Leckie (1980) employed a modified triple-layer
model to represent sulfate adsorption on goethite. They determined that a mixture of
outer-sphere and inner-sphere sulfate surface complexes best described their data. The
charge-distribution multi-site complexation approach (CD-Music) has been used by
several researchers to model sulfate adsorption on goethite. Geelhoed and colleagues
(1997) described sulfate complexation using an inner-sphere bidentate binuclear
surface complex, while Rietra and co-workers (1999) used an inner-sphere
monodentate surface complex. Persson and Lovgren (1996) utilized an extended
double-layer model to describe their experimental data and concluded that an outer-
sphere surface complex was most likely. Ali and Dzombak (1996) modeled
adsorption of sulfate on goethite in both the absence and presence of simple organic
acids using a generalized two-layer model. Three different inner-sphere surface

complexes of sulfate were required to describe the experimental data.

There are a few possible reasons that modelers have not completely agreed about the
nature of sulfate-goethite complexation mechanisms. First of all, different synthesis
methods and pretreatment techniques can result in goethite with quite different surface

properties. If the morphology and crystallinity of the sorbent varies then the surface
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chemistry can sometimes also be different. For example, Sujimoto and Wang (1997)
found that hematite morphology had a significant effect on the mechanism of sulfate
sorption. Another possible source of error is the fact that the design of some surface
complexation models excludes some potential surface complexes. This could result in
an incorrect assignment of sulfate surface-complexation mechanisms. For example.
the original triple-layer model only considered outer-sphere complex formation and
the CD-MUSIC model as currently implemented only describes inner-sphere complex
formation. A third possibility is that none of the surface complexation models used
are robust enough to converge only on one unique solution when several surface
complexes are occurring simultaneously. Definitive mechanistic information from
spectroscopy can constrain models to physically relevant complexes and can therefore

improve model refinement.

Although somewhat contradictory to the macroscopic laboratory studies. there is
microscopic and spectroscopic evidence of sulfate inner-sphere surface complexation.
Transmission infrared spectroscopic studies of sulfate adsorption on goethite and
hematite (Parfitt and Smart 1978; Turner and Kramer 1991) revealed the formation of
sulfate bidentate binuclear surface complexes on both solids. XPS studies (Martin and
Smart 1987) also validated this sorption mechanism. More recently, Persson and
Lovgren (13) concluded that outer-sphere adsorption of sulfate on goethite was

occurring based on results from diffuse reflectance infrared (DRIFT) spectroscopy.
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However. these spectroscopic experiments all involved potential sample alteration via
either drying. the application of heat and pressure, or dilution in a salt which could

have modified the structure of the original sorption complex.

Due to the potential artifacts in ex situ spectroscopy, it is greatly preferable to conduct
in situ experimentation to elucidate interactions that occur in aqueous suspensions. /n
situ experiments using Scanning Tunneling Microscopy (STM) (Eggleston et al. 1998)
and ATR-FTIR spectroscopy (Eggleston et al. 1998, Hug 1997) to determine the
adsorption mechanism of sulfate on hematite have more recently shown that inner-
sphere monodentate surface complexes form at the hematite surface under aqueous
conditions. Degenhardt and McQuillan (1999) found that sulfate forms primarily
outer-sphere surface complexes on chromium (IIl) oxide hydroxide, with some
splitting of infrared bands being observed and attributed to electrostatic forces. Peak
et al. (1999) utilized ATR-FTIR to better understand the adsorption of sulfate on
goethite. We determined that sulfate forms only outer-sphere surface complexes
above pH 6.0, and that it forms a mixture of outer- and inner-sphere surface complexes
at pH less than 6.0. This is quite significant, as it demonstrates a continuum between
different adsorption mechanisms that can potentially explain the discrepancies in

earlier macroscopic and surface complexation modeling research.
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Hodges and Johnson (1987) used a miscible displacement technique to follow the
kinetics of sulfate adsorption/desorption on goethite. They found that the reaction
kinetics could best be described using diffusion-limited kinetics models. This is not
surprising considering the nature of the miscible displacement technique. A miscible
displacement setup is a continuous flow system where a small amount of sorbent is
injected into a thin disk (usually a filter holder with filter paper). A dilute solution of
the sorbate in a constant ionic strength background is flowed through this disk until
equilibrium is reached. At this point the solution is changed to pure background
electrolyte and the desorption reaction is monitored. The main problems with this
experiment are that there is little mixing inside the thin disk and it is difficult to ensure
that the sorbent is distributed evenly inside the thin disk without preferential flow
pathways. Both these drawbacks tend to make diffusional forces extremely important
in modeling the experimental results. Hodges and Johnson (1987) were unable to
clearly determine whether sulfate adsorption was due to ligand exchange or
electrostatic attraction in these studies. Pressure-jump chemical relaxation studies
investigating sulfate adsorption on goethite (Zhang and Sparks 1990) suggested an
outer-sphere complexation mechanism. This seems somewhat at odds with the recent
observation that sulfate forms both outer-sphere and inner sphere complexes on
goethite at pH below 6. However, pressure-jump studies cannot conclusively
determine the mechanism by which a reaction proceeds. Instead they determine the

number of reaction steps and the rate constants for those individual steps. This
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information must then be coupled with an equilibrium model and/or spectroscopic
studies to accurately assess the identity of these individual reaction products.
Furthermore. if reactions are occurring simultaneously rather than sequentially. then a
pressure-jump experiment may not distinguish them effectively if the time scales of

the reactions are similar.

Infrared Theory. The relationship between the symmetry of sulfate complexes and
their infrared spectra is well established (Nakamoto 1986), and it is possible to assign
molecular symmetry based on the number and position of peaks that appear in the mid-
infrared region. The relationship between the symmetry of surface complexes and the
resulting infrared spectrum is summarized in Figure 1. With the Attenuated Total
Reflectance (ATR) technique under aqueous conditions, there are two infrared sulfate
vibrations that are accessible to spectroscopic investigation. They are the non-
degenerate symmetric stretching v, and the triply degenerate asymmetric stretching v3
bands (Perrson and Lovgren 1996). As a free anion in solution, sulfate has tetrahedral
symmetry and belongs to the point group Tq. For this symmetry, only one broad peak
at approximately 1100 cm’' due to the triply degenerate v; band is usually observed. In
some cases the v, band is also weakly active and appears at around 975 cm™'. Since
outer-sphere complexes retain their waters of hydration and form no chemical bonds, it
is expected that the symmetry of outer-sphere sulfate complexes is similar to aqueous

sulfate. However, distortion due to electrostatic effects could shift the v; to higher
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Figure 1.1 The relationship between the molecular symmetry of sulfate complexes

and the observed infrared spectrum they produce. Adapted from Hug (1997).
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wavenumber and cause the v| band to become IR active. If sulfate is present as an
inner-sphere complex, the symmetry is lowered. As a result, the v, band becomes
infrared active and the v; band splits into more than one peak. In the case of a
monodentate inner-sphere surface complex. such as observed for sulfate adsorption on
hematite. C;, symmetry results. The v; band splits into two peaks, one at higher
wavenumber and one at lower wavenumber, while the v, band becomes fully active at
about 975 cm™ (Hug 1997, Nakamoto 1986). If sulfate forms a bidentate binuclear
(bridging) surface complex, the symmetry is further lowered to Cs,. and the v; band
splits into three bands between 1050 and 1250 cm™' . while the v, band is shifted to
around 1000 cm™ (Nakamoto 1986). Figure 2 contains a table (adapted from Hug
1997) that details the positions of v| and v; sulfate bands reported in the literature for

different molecular configurations.
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OBJECTIVES

The purpose of this research was to investigate the mechanism of sulfate adsorption on
goethite. hematite, and ferrihydrite as a function of pH. Additionally, the effects of
surface loading and ionic strength on sulfate adsorption on goethite were studied.
Understanding how adsorption mechanisms are affected by reaction conditions is of
considerable interest to developers of surface complexation models as well as soil
scientists. but there are few studies that use in situ spectroscopy to studies soil

chemical reactions over a wide range of conditions.

MATERIALS AND METHODS

Mineral Synthesis. The goethite used in this study was synthesized using the method
of Schwertmann et al. (1985). Initially, ferrihydrite was precipitated by adding 50 mL
of 1 M ferric nitrate solution to 450 mL of 1 M KOH. This suspension of amorphous
hydrous ferric oxide was then aged for 14 days at 25° C. The suspension was next
washed via centrifugation, replacing the supernatant with doubly deionized water to
remove residual KOH. The rinsed solid was then resuspended in 0.4 M HCIl and
shaken for two hours using a mechanical shaker. This treatment was used to remove
any remaining ferrihydrite from the surface of the goethite. The acidified goethite

suspenston was again washed via centrifugation to remove both HCI and dissolved
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iron. Finally. the goethite was dialyzed, frozen with liquid nitrogen, and freeze-dried.
The solid was confirmed as goethite via infrared spectroscopy using both ATR and
transmission mode KBr pellets. The external surface area determined from N, BET
was 63.5 m’g”' and the point of zero salt effect was 8.4, as determined via
potentiometric titration in 0.1, 0.01. and 0.005 M sodium perchlorate. The hematite
used in these experiments was synthesized from ferric perchlorate using the method of
Schwertmann and Cornell (1991). It was also acid-washed and dialyzed prior to
freeze-drying, and had an N,-BET surface area of 14 m’g”'. Ferrihydrite (6 line) was
synthesized by titrating | M ferric chloride to pH 7.5 with | M KOH. This precipitate
was washed 3 times with 0.1 M NaCl to remove any residual iron. washed once with

deionized water. and then dialyzed for 3 days in deionized water.

Attenuated Total Reflectance (ATR-FTIR) Spectroscopy

Attenuated Total Reflectance Fourier Transform Infrared (ATR-FTIR) spectroscopy is
ideally suited to probe sulfate adsorption mechanisms on iron oxides since there are no
overlapping bands in the mid-infrared region. As described earlier, the relationship
between symmetry and infrared spectra is well established for sulfate, so it is possible
to identify surface complexes based on the number and position of peaks in the mid-IR

range.
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All FTIR experiments were conducted using a Perkin-Elmer 1720x spectrometer
equipped with a purge gas generator and either a DTGS or MCT detector. A
horizontal ATR accessory and flow cell (Spectra-Tech) were used for sampling. A
flow-through system has been developed by our group (Peak et al. 1999) that greatly
improves the applicability of ATR-FTIR spectroscopy to the study of interfacial
chemistry. The sorbent phase was first deposited onto the 45° Zinc Selenide crystal
using a modification of the method of Hug (1997). Once dry, the deposited metal
oxide was rinsed with 0.01 N NaCl to remove any non-adhering sorbent, allowed to
air-dry again, and the crystal was then placed into a flow cell. Once the crystal
containing the deposited sorbent is placed into the flow cell, Tygon tubing connects
the flow cell to a peristaltic pump that delivers solution at a constant flow rate from a
reaction vessel containing water, sulfate, and an inert sait (NaCl) to maintain constant
ionic strength. The reaction vessel was nitrogen purged and pH controlled. It is
possible to conduct adsorption edges, adsorption isotherms. and kinetics experiments
directly within the flow cell using this experimental setup. Figure 1.3 shows a

schematic of the flow cell experimental setup.

The greatest advantage of this flow-through type experimental setup is that aqueous
sulfate concentrations remain low throughout the experiment. In fact, even in
isotherms where aqueous sulfate concentrations reached 500 uM, the absorbance

accounts for less than 0.1% of the total infrared absorbance in the flow cell. The
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deposited sorbent concentrates the adsorbed sulfate in the path of the IR beam greatly
because a large volume of low concentration reactant flows through it during the
experiment. It is therefore possible to avoid many spectral subtractions of
supernatants that are common when using pastes to analyze sorption samples with
ATR-FTIR spectroscopy. This can be especially useful when outer-sphere
complexation is occurring, because an outer-sphere complex may be difficult to
separate from the non-adsorbing aqueous reactant. Another advantage is that a better
subtraction of the background (sorbent and background electrolyte) is possible, and

this leads to better data quality over a wider spectral range.

pH Envelopes. To generate pH envelopes, the outflow tube from the flow cell was
connected to the reaction vessel containing background electrolyte solution at a pH
where adsorption of the sulfate is very low (pH 9.0). Once a stable background was
collected. sulfate was then added. and spectra were collected until there was no
increase in the intensity of the spectra with time. This is operationally defined as an
equilibrium state. At this point the pH was lowered so more adsorption occurs.

Spectra were collected in this manner from pH 9 to pH 3.5.

Adsorption Isotherms. For the adsorption isotherms, the effluent from the flow cell is
collected as waste instead of being circulated back to the reaction vessel. This was

done to ensure that the equilibrium sulfate concentration (C) can be determined.



When the sulfate initially enters the flow cell, it is rapidly adsorbed to the deposited

goethite in the flow cell, and the sulfate concentration in the effluent will remain low.
As the system approaches equilibrium, however, the effluent concentration rises until
it equals the influent concentration. At this time the influent concentration is equal to

C.qand the system is at equilibrium.

For these experiments, equilibrium is again defined as the point where no further
increase in the infrared spectra of the adsorbed reactant is observed. The amount of
reactant needed to adjust the remaining volume to the next concentration can then be
calculated using the flow rate of the pump and the time elapsed since the pump was
started. The reactant concentration in the reaction vessel is then raised and allowed to
reach a new equilibrium with the sorbent in the flow cell. This is repeated to generate
spectra of adsorbed reactant as a function of equilibrium reactant concentration. The
integrated absorbance of these samples is then plotted vs. Cq as in a traditional

isotherm.

Data analysis. Peak Solve for Windows (Galactus Industries) was used to fit a linear
baseline to all spectra and also to fit peaks to these corrected spectra. It was
determined that Gaussian peaks best described all of the raw sulfate spectra as well as

the aqueous reference samples. When inner-sphere sulfate surface complexes were
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isolated however (to be discussed in results) then Lorentzian peaks described the data

better.

RESULTS

Changes in reaction conditions such as sorbent phase, pH, surface loading. and ionic
strength all have a pronounced effect on sulfate adsorption mechanisms on iron oxides.
Therefore the effects of changing these reaction parameters will all be discussed

separately.

Influence of pH. On goethite (Figure 1.4a), sulfate adsorption mechanisms are highly
pH dependent. As the pH is lowered from pH 9 to pH 6, sulfate adsorption increases.
but in all cases only one broad peak (v3) at approximately 1108 cm™ is present. This
peak is consistent with outer-sphere sulfate surface complexes. since outer-sphere
sulfate would be expected to retain its T4 symmetry. Also consistent with an outer-
sphere complex is the appearance of a v; peak at 975 cm™' at pH 6.0 and the systematic
shift of the v; band to higher wavenumbers as pH decreases. This is typical of an
electrostatic interaction, because as pH is decreased the surface charge of the surface
becomes more positive, and increased distortion of the T4 symmetry is expected. As
the pH is decreased below 6.0, splitting of the 1050-1200 cm™ region into multiple

peaks occurs. and the peak at 975 cm™ becomes much larger, along with a smaller
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Figure 1.4 (1.4a) Spectra from a pH envelope of sulfate adsorbed on goethite.
Reaction conditions were 0.01 N NaCl as background electrolyte, and 20 uM SO,>
added. The spectra were the result of 128 co-added scans at 4 cm™' resolution. The
spectra were collected at pH (from bottom): pH 8, 7, 6. 5, 4, and 3.5 (1.4b)
Difference spectra obtained by subtracting pH 8.0, 7.0, 6.0, 5.0, and 4.0 spectra from
the pH 7. 6, 5. 4. and 3.5 spectra (respectively) of Figure 1.4a.
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peak at approximately 1000 cm™. This is strong evidence of an inner-sphere surface
complex. In fact, peak-fitting revealed that there are two sulfate surface complexes at
low pH. The inner-sphere complex of C, or possibly C,, symmetry has three v; bands
that appear at 1170, 1134, and 1051 cm™ and a v, band occurring at 992 cm™. The
outer-sphere complex also seen at high pH remains in the low pH samples. but the v;
band continues to shift to higher wavenumber as pH is lowered. At pH 3.5 this peak

occurs at 1118 cm™, a shift of 14 cm™ from the same 1104 cm™' peak at pH 8.0.

These results suggest that rather than the outer-sphere sulfate converting to an inner-
sphere complex at low pH. instead there is additional adsorption of an inner-sphere
component. This is clearly demonstrated in Figure 1.4b, where the spectrum from pH
8. 7.6. 5. and 4 are subtracted from pH 7, 6. 5. 4. and 3.5 respectively. These
difference spectra are equal to spectra of the additional sulfate adsorption that occurs
as pH is lowered. Using this method it can clearly be seen that above pH 6. all
adsorption is due to outer-sphere complexation. However in the pH 5 minus pH 6
spectrum (c) it is clear that the additional adsorption has a large inner-sphere
component. And in the pH 4 minus pH 5 spectrum (b) the additional adsorption can
be described only with an inner-sphere complex. Interestingly, in the pH 3.5 minus pH
4 spectrum (a) the same inner-sphere peaks are seen as in (b) but with negative
absorbance occurring in the 1050-1100 cm™' range. This is due either to desorption of

outer-sphere sulfate or to a transformation of some outer-sphere sulfate into an inner-
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sphere complex. One other important difference that can be seen in Figure 1.4b
involves the v; peak occurring at the highest wavenumber. This peak can weakly be
seen in (c) at approximately 1160 cm™, in (b) at 1170 cm”,and in (a)at 1175 cm™.
The observation that the position of this peak varies with pH would suggest that the

peak is the result of an interaction of an electrostatic nature.

The results of fitting two spectra from the pH envelope of Figure 1.4 are shown in
Figure 1.5. Figure 1.5a shows the peak fitting results from the pH 3.5 spectrum of
Figure 1.4a. and Figure 1.5b shows the results of fitting the pH 5 minus pH 4 spectrum
from Figure 1.4b. To accurately fit the spectrum in Figure 1.5a, Gaussian peaks were
needed for all peaks. The dotted lines are peaks that are definitely associated with an
inner-sphere complex. and the dashed peak centered at 1108 cm’ is due to outer-
sphere sulfate. The dashed peak at 976 cm’ is less conclusively assigned. as both
outer-sphere and inner-sphere sulfate have v, absorbance bands in this region. Itis
interesting to fit the “pH 5 minus pH 4 difference™ spectrum because there is no
contribution from outer-sphere sulfate needed to describe its features. This means that
this is a pure inner-sphere sulfate species. While the peaks at 1170, 1132, 1050. and
976 cm™ remain in the same position, the quality of fit was improved by fitting peaks
at 1132. 1050. and 976 cm™' with Lorentzian peaks rather than with Gaussian peaks.
The peak at 1170 cm™ was still best described with a Gaussian peak. This suggests

that in the case of the 1170 cm™ feature that there is a high degree of disorder, such as
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Figure 1.5 (1.5a) Fit of the pH 3.5 spectrum from the pH envelope shown in Figure
1.4a. The dotted lines denote the peaks arising from an inner-sphere complex, and the
dashed lines are from the outer-sphere sulfate. (1.5b) Fit of the pH 4 minus pH 5
difference spectrum (b of Figure 1.4b).
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an electrostatic bonding environment being responsible for the peak. In the spectrum
of Figure 1.5a, the need to describe the inner-sphere complex with Gaussian peaks is
likely the result of more than one inner-sphere complex of similar symmetry being
present and contributing to the observed peaks. This is supported by the observation
that a peak at 992 cm™ in Figure 1.5a is consistent with a v, band resulting from an
inner-sphere complex, but it is not present in the difference spectrum of Figure 1.5b.

This will be discussed later when the effect of surface loading at low pH is discussed.

To further refine the nature of the inner-sphere sulfate surface complex on goethite,
sulfate adsorption on goethite at pH 3.5 was studied in D;0. Using D,O rather than
H>O can determine the importance of a proton to the surface complex. The results are
shown in Figure 1.6. It can clearly be seen that conducting the experiment in DO
causes the peaks occurring at 1133 and 1051 cm™ in H,0 (splitting of the v; band due
to inner-sphere complexation) to be shifted approximately 8 cm™' to 1125 and 1043
cm™ in D,O. This shift to lower wavenumbers is characteristic of substitution of a
deuterium ion for a proton in a molecular complex. Since these peaks are the result of
inner-sphere complexation, it is therefore reasonable to conclude that a proton is
present in the inner-sphere surface complex. The only possible surface complexes that
involve a proton are bisulfate sorbed as a monodentate complex or monodentate
sulfate that is hydrogen bonded to an adjacent surface site. The fact that the shift is

rather small suggests that the complex most likely involves an electrostatic interaction
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Figure 1.6 Comparison of spectra of adsorbed sulfate collected in (a) H,O and (b)
D-0. In both cases the reaction conditions were pH 3.5, I= 0.05, and an initial sulfate
concentration of 100 uM.
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with a proton. This is because direct covalent bonding between a proton and sulfate

(such as bisulfate) results in a large splitting in the spectra compared to complexation
with Fe (III) in aqueous solution (Hug 1997). Additionally, the systematic shift of the
peak at 1160-1175 cm™ in Figure 1.4b to higher wavenumber as pH is lowered. along

with the need to use a Gaussian peak to fit this feature both suggest an electrostatic

interaction.

Influence of sorbent. On hematite, sulfate adsorption mechanisms are surprisingly
quite different. Figure 1.7a shows spectra from a pH envelope of sulfate adsorption on
hematite. Our results are in excellent agreement with those reported by Hug (1997).
Strong splitting of the sulfate v; band into two peaks at 1126 cm™ and 1060 cm™. and a
clearly visible v, peak at 976 cm™ can clearly be seen in all spectra. This C3,
symmetry suggests that sulfate forms primarily inner-sphere monodentate surface
complexes on hematite over all studied pH values. When difference spectra are
produced via the same method discussed for the sulfate/goethite envelope in Figure
1.4b. it can be seen that generally speaking, a monodentate surface complex indeed
dominates the entire pH range studied. However. there appears to be some outer-
sphere sulfate adsorption that causes the pH 7 minus pH 8 spectrum (e) to have less

splitting of the two v; peaks than is seen in the lower pH difference spectra.
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Figure 1.7 (a) Spectra from a pH envelope of sulfate adsorbed on hemame Reaction
conditions were 0.01 N NaCl as background electrolyte 20 pM SO4> added. The
spectra were the result of 128 co-added scans at 4 cm’ ' resolution. The spectra were
collected at pH (from bottom): pH 8. 7, 6, 5, 4, and 3.5 (b) Difference spectra
obtained by subtracting pH 8.0, 7.0, 6.0, 5.0, and 4.0 spectra from the pH 7, 6, 5. 4.
and 3.5 spectra (respectively) of Figure 1.7a.
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Both hematite and goethite are common crystalline iron (III) oxides, but in natural
systems amorphous iron hydroxide can also be an extremely important sorbent. On
hydrous ferric oxide, sulfate adsorption is substantially different from either goethite
or hematite. Figure 1.8a shows a pH envelope of sulfate adsorption on ferrihydrite at
an ionic strength of 0.01 M and Cq of 20 uM sulfate. It is clear from the intensity of
absorbance that far more sulfate adsorption occurs on ferrihydrite than on either of the
crystalline iron oxides. This is to be expected. as the surface area of ferrihydrite is
much greater than goethite or hematite. Also readily apparent is the fact that far more
outer-sphere sulfate adsorption occurs on ferrihydrite. In fact, the spectra collected at
pH 6. 7. and 8 perfectly match outer-sphere sulfate reference from Nakamoto (1986).
As the pH decreases further more splitting of the v; band can be seen. To determine
whether this splitting is simply due to the increase of the positive surface charge of the
sorbent as pH is lowered or due to the presence of a second inner-sphere complex. the
difference spectra were also analyzed (Figure 1.8b). Looking at the pH 3.5 minus pH
4 spectrum and the pH 4 minus pH 5 spectrum (a and b, respectively) it can be seen
that between pH 3.5 and 5, the spectra of the additional sulfate adsorption has peaks at
1115 and 1050 cm™ and that a shoulder also appears around 1170 cm™. Such a large
degree of splitting in the v3 band almost certainly results from an inner-sphere
complex. The degree of splitting of the v; band is less than when inner-sphere
complexes form on goethite, but that could possibly be an artifact of the method of

taking difference spectra. If additional outer-sphere sulfate also occurs (which appears
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Figure 1.8 (a) Spectra from a pH envelope of sulfate adsorbed on ferrihydrite.
Reaction conditions were 0.01 N NaCl as background electrolyte, 20 uyM SO,> added.
The spectra were the result of 173 co-added scans at 4 cm’' resolution. The spectra
were collected at pH (from bottom): pH 8, 7. 6. 5, 4, and 3.5 (b) Difference spectra
obtained by subtracting pH 8.0, 7.0, 6.0. 5.0, and 4.0 spectra from the pH 7, 6, 5, 4,
and 3.5 spectra (respectively) of Figure 1.8a.
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to be the case on ferrihydrite), then the peaks of the inner-sphere complex will not very

well resolved in the resulting difference spectra.

Influence of sulfate concentration. In the case of sulfate adsorption on hematite. Hug
(1997) reported that the same adsorption mechanism (an inner-sphere monodentate
surface complex) occurs over a wide range of sulfate surface loading. On goethite.
however. more than one adsorption mechanism is present. Therefore shifts from
outer-sphere to inner-sphere surface complexes may potentially occur as loading
increases. To investigate this, an adsorption isotherm was conducted at pH 5.0 and an
ionic strength of 0.01 M (Figure 1.9). At this pH, there is a mixture of outer- and
inner-sphere adsorption occurring. When one takes difference spectra from
successively higher loading, (Figure 1.9b) then it becomes clear that as loading
increases the additional adsorption occurs primarily due to an inner-sphere
mechanism. At an equilibrium sulfate concentration less than 100 uM. both outer-
sphere and inner-sphere complexation increase as loading increases. although the
increase in inner-sphere surface complexation is greater than that of outer-sphere
complexation. At equilibrium sulfate concentration above 100 uM, essentially all of
the additional sulfate adsorption is inner-sphere. This mechanism seems to remain the
same as the surface loading increases, because the v; inner-sphere peaks at 1050 and
1133 cm™ remain in the same position and the shoulder at 1170 cm™ is very weakly

visible in both (a) and (b).
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Figure 1.9 (1.9a) Spectra from a sulfate adsorption isotherm on goethite conducted at
pH 5.0 and [ = 0.01. The spectra are the result of (from bottom): (a) 0, (b) 5, (c) 10,
(d) 25. (e) 100. (f) 250, and (g) SO0 uM equilibrium sulfate concentration. (1.9b)
Difterence spectra obtained from 1.9a showing the mechanism of additional sulfate
adsorption as loading increases.
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Figure 1.10 (a) Spectra from a sulfate adsorption isotherm on goethite conducted at pH
3.5and I = 0.01. The spectra are the result of (from bottom): (a) 0, (b) 5. (c) 10, (d)
25. (e) 100. (f) 250, and (g) 500 uM equilibrium sulfate concentration. (b) Difference
spectra obtained from 1.10a showing the mechanism of additional sulfate adsorption
as loading increases.
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On goethite at pH 3.5, both outer-sphere and inner-sphere surface complexes are seen,
with much more inner-sphere adsorption occurring than at pH 5.0. To investigate the

potential surface loading effects on inner-sphere sulfate complexation at pH 3.5, an

ionic strength of 0.05 M was used to decrease the amount of outer-sphere
complexation. The results of this isotherm can be seen in Figure 1.10. If one only
looks at the raw spectra (Figure 1.10a) then it appears that no significant changes are
occurring with increasing surface loading. But when difference spectra are examined
(Figure 1.10b) then it becomes clear that increasing sulfate equilibrium concentrations
does have an effect on surface complexation mechanisms. Two peaks at 1228 and
1000 cm™ become visible as loading increases. These peaks suggest that another
inner-sphere complex is present at higher loading. The fact that the v, band is shifted
to 1000 cm™ would require the surface complex to have C,;- symmetry. There are two
potential complexes that satisfy this; bidentate bridging (binuclear) and bidentate
chelating suifate. From references in Figure 2, if the complex were the result of a
chelating sulfate. then all of the v; bands would be expected to shift to higher
wavenumber. While the feature at 1225 cm™ does occur at a relatively high
wavenumber for a sulfate v; peak, the other v; bands of this complex apparently
overlap with those of the inner-sphere complex with C; symmetry (1050 and 1133 cm’
') since no additional peaks are observed. This suggests that the bidentate binuclear

inner-sphere surface complex is responsible for the observed features.
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Influence of ionic strength.

Sulfate adsorption on goethite is influenced by ionic strength as well, with more
adsorption occurring as ionic strength is decreased. It is important to separate ionic
strength effects from surface loading effects that occur. Figure 1.11 compares sulfate
adsorbed on goethite at pH 4.0 and different ionic strengths. Because different
amounts of goethite were present in both experiments, the spectra were normalized to
a maximum of 1. It is clearly shown that the peaks due to inner-sphere complexation
become more pronounced as ionic strength increases. This occurs even though the
total amount of adsorption is decreased. This is in contrast to the surface loading
effect discussed above that caused increased inner-sphere complexation as loading
increased. The earlier assignment of the peaks at 1110 cm™ and 976 cm™' to outer-
sphere sulfate is also supported by these results. since the relative importance of these
peaks is greater in lower ionic strength spectra (a) where there is more outer-sphere
adsorption. The assignment of the peak at 976 cm™' to the v, band of outer-sphere
sulfate is also supported by the observation that the ratio of the outer-sphere peak areas
is 0.04:1.00 in both spectra. Since different amounts of goethite result in differences
in total adsorption (and therefore absorbance) it was not possible to produce a

difference spectrum to better illustrate the ionic strength dependence.
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Figure 1.11 Spectra illustrating the variation of sulfate adsorption on goethite with
ionic strength. In both cases the reaction conditions were pH 4.00 and 20 uM SO,*
added. Spectrum (a) was collected at ionic strength 0.005, while (b) was collected at |
=0.1.
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DISCUSSION

In the broadest sense, sulfate adsorption on iron (III) oxides is similar for goethite,
hematite, and ferrihydrite. Inner-sphere sulfate adsorption on iron oxides increases as
pH is lowered, and outer-sphere adsorption increases as ionic strength is decreased.
This adsorption behavior can be readily explained by the concept of ligand exchange.
In basic conditions, the singly coordinated surface hydroxyls of metal oxides exist as
either Me-O" or as Me-OH functional groups. The bonds between the oxygen ligands
and the metal center tend to be strong, and ligand exchange is less favorable since the
hydroxide ligands are difficult to displace and are also present in higher concentrations
in solution than is a trace adsorbate such as sulfate. As pH decreases. singly
coordinated hydroxyls (Fe-OH) protonate to produce Fe-OH;" functional groups. The
water attached to the iron (IIl) is a weak ligand with high lability, and can more easily
be displaced by a competing ligand such as sulfate, forming an inner-sphere surface
complex. To fully understand the reactivity of sulfate with goethite. and to explain
differences in sulfate adsorption on hematite and goethite, a detailed understanding of

the surface-charging behavior of both iron oxides is required.

It is noteworthy that sulfate only forms inner-sphere monodentate surface complexes
on hematite in aqueous solution (Hug 1997) while forming a mixture of outer-sphere
and inner-sphere complexes on goethite (Peak 1999). Since both the goethite used in

this experiment and the hematite used by Hug (1997) had a PZC between 8 and 8.5,
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and in both cases the reactive site is probably Fe-OH,", it is somewhat surprising that
their reactivities are so markedly different. Differences apparently exist between the
populations of functional groups at the metal oxide surface that can account for the
different sulfate adsorption behavior observed in the two systems. Researchers
(Venema et al. 1998) have successfully applied a Multi Site Complexation (MUSIC)
approach to determine the relative site densities and log K values for all functional
groups present on various crystal faces for both goethite and hematite. The results of
this analysis can provide valuable insight into the observed adsorption behavior of

sulfate. and are used as a point of reference for the discussion that follows.

On goethite, the 110 crystal face is dominant. and the sites that readily protonate are
the singly coordinated (Fe-O) and about 67% of the triply coordinated (Fe;O) surface
groups. At the PZC (around 9.0) the singly coordinated surface groups exist as Fe-OH
due to the extremely high log K. and the Fe;O sites are ~70% Fe;OH. As the pH is
lowered from the point of zero charge, only the Fe;0 sites protonate until about pH 7.
This explains the observed outer-sphere complexation, because this protonation
increases the positive charge on goethite (Fe;OH has +'/, formal charge) and therefore
increases sulfate adsorption. However, no FeOH," sites necessary for inner-sphere

sulfate complexation appear until the pH is lowered further.
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With hematite, the surface functional groups behave somewhat differently. The 110
and the 001 faces predominate. Since the 001 crystal face has a PZC close to that of
the hematite used by Hug (1997), this crystal face likely contributed more to the results
of Hug’s (1997) experiments than the 110 face with its PZC of 11. It has also been
determined that sulfate forms bidentate binuclear surface complexes on most crystal
faces. and monodentate surface complexes only on the 001 planes (Sujimoto and
Wang 1998). On the 001 face. surface functional groups occur due to imperfections in
the crystal structure. Both Fe-O and Fe,O functional groups exist. At the PZC.
approximately 80% of the singly coordinated sites exist as Fe-OH>". which are capable
of ligand substitution reactions with oxyanions. As pH is decreased below the PZC.
the remainder of the Fe-OH sites protonate and the Fe,O" sites protonate to form the
neutral Fe;OH. Since the reactive surface sites are formed at a much higher pH on
hematite and protonation of the Fe,O sites does not promote outer-sphere adsorption.
inner-sphere surface complexes are more favorable. This can explain Hug's
observation (1997) that sulfate forms primarily inner-sphere surface complexes over
all pH values on hematite. The major points of this discussion are summarized in

Figure 1.12 and 1.13.

Unfortunately. no CD-MUSIC proton affinity data exists for ferrihydrite due to its

amorphous nature. However, recent research into the structure of ferrihydrite provides
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Figure 1.12 Illustration of the CD MUSIC model’s description of surface hydroxyl
protonation on goethite and hematite as a function of pH



pH below 9:

(Owuter-sphere)
Fe Fe‘
Fe~OH®2 4+ o2 L= Fe-OHSO,
/ Fe
Fe
pH below 6: _H (inmer-sphere)
Fe -0
+ 2- ~
2Fe -OH,* + SO, <> H-\O +HO
/
Fe -O =S O
»
(0]
Hematite
pH below 9:

o (inner-sphere)
Fe -OH,* + SO <——> Fe -O—S;- O +HO
0]

Figure 1.13 Illustration of sulfate surface complexation mechanisms on goethite and
hematite as determined via ATR-FTIR spectroscopy
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a potential explanation for sulfate adsorption on this sorbent phase. Ferrihydrite has
an extremely small particle size (roughly 30 angstroms). This fact means that much
more of the total mass of ferrihydrite is reactive surface area than crystalline iron
oxides. in which much of the mass is present as a structural and unreactive mineral
phase (Zhao et al. 1994). The lack of crystalline order also allows for greater surface
site density. These differences between ferrihydrite and both goethite and hematite
could be responsible for the observed tendency of sulfate to adsorb to ferrihydrite via
an outer-sphere complexation mechanism relative to the crystalline sorbents. It has
been discussed already that as surface loading increases on goethite. then sulfate
adsorption mechanisms become increasingly inner-sphere. This can reasonably be
expected to occur on ferrihydrite as well since a mixture of outer-and inner-sphere
surface complexes are similarly seen. It is worth noting that the surface area of
ferrihydrite is usually between 200 and 300 m’g”' (Schwertmann and Cornell 1991 ):
roughly 5 times that of the goethite used in this experiment which had a surface area of
63 m°g"'. The maximum absorbance of sulfate in the pH envelopes at pH 3.5 is also
about 5 times greater (0.6 absorbance units for ferrihydrite vs. 0.11 for goethite).
However. this identical loading on a surface area basis could easily result in a much
lower degree of surface site saturation if the density of the surface sites of ferrihydrite
was significantly greater than goethite. Another possible reason for differences in
complexation mechanisms between ferrihydrite and other iron oxides could be related

to the structure of the mineral phase. While it is difficult to determine the exact
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structure of ferrihydrite, several researchers have used EXAFS to probe the structure
of ferrihydrite (Zhau et al. 1994). It has been determined that some surface irons are
coordinatively unsaturated and therefore chemisorb water molecules. If the bonding
between these Lewis acid sites and the adsorbed water is strong enough, it is possible
that sulfate would simply adsorb as an outer-sphere complex to this positively charged

site rather than displacing it via ligand exchange.

Dzombak and Morel (1990) extensively studied the adsorption of cations and anions to
ferrihydrite and modeled the reactions using a generalized double layer model. They
concluded that only one site was needed to model proton adsorption based on titration
data. but that two sites (a high affinity site and a low affinity site) were necessary to
describe metal adsorption. They concluded that one site was sufficient to describe
anion complexation with ferrihydrite as well, with multiple surface complexes
occurring on that single type of site. This theory that sites on the ferrihydrite surface
can have different reactivity while having identical pK, values is also a potential
explanation for the observed mixture of outer-sphere and inner-sphere surface

complexation of sulfate.

Another point for discussion is the difference in the identity of the inner-sphere surface

complexes that form on goethite, hematite, and ferrihydrite. The most reasonable

explanation is simply that on the goethite surface the density of surface sites makes it
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possible for sulfate to form hydrogen bonds with adjacent sites when it adsorbs as an
inner-sphere complex. Since this hydrogen bonding would lessen the effective
negative charge that a monodentate sulfate surface complex adds to the surface, then it
would be favored. It could be that on hematite the appropriate surface configuration

simply does not exist in large enough amounts to influence monodentate bonding.

On goethite, the effects that ionic strength and solution sulfate concentration have on
sulfate complexation also deserve discussion. These are two distinct effects, because
increasing surface loading by increasing the equilibrium sulfate concentration results
in an increase in inner-sphere sulfate complexation. However increasing the surface
loading by lowering the ionic strength of the system results in additional outer-sphere
complexation. This is because in the case of ionic strength effects, there is direct
competition between sulfate and CI’ ions that are used as background electrolyte for
outer-sphere adsorption on goethite. Additionally. as ionic strength is increased, the
electrical double layer is compressed and this also decreases the amount of sulfate that
can form outer-sphere complexes. When ionic strength is held constant and loading is
increased by raising the concentration of sulfate in solution. then additional adsorption
occurs simply to maintain equilibrium between aqueous and adsorbed sulfate.
Furthermore. because additional inner-sphere adsorption of the sulfate anion leads to
decreased surface charge, inner-sphere complexation is favored. At pH 3.5, there is

an additional effect of surface loading: the formation of an additional inner-sphere
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surface complex of C;, symmetry. This complex seems most likely to be a bidentate
bridging complex, and probably forms as a result of surface crowding. A bidentate
surface complex takes up less area on the surface than a monodentate complex even if
the monodentate complex is hydrogen bonded to an adjacent surface site.
Alternatively, this bidentate bridging surface complex could be the result of adsorption
to less favorable surface sites that only occurs when a large solution sulfate

concentration drives the reaction.

It is also noteworthy that on both goethite and ferrihydrite lowering solution pH
generally results in additional inner-sphere surface complexation rather than a
transformation from an outer-sphere surface complex to an inner-sphere surface
species. The only exception that was seen in this research was when pH is lowered
from 4 to0 3.5 on goethite (Figure 1.4). Under this condition a negative absorbance in
the region where outer-sphere sulfate occurs was noted. This possibly could be due to
some transformation to an inner-sphere sulfate on the surface. Alternatively this could
be explained by desorption of outer-sphere sulfate caused by decreased surface charge

on the surface.
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Conclusions

Sulfate adsorption on iron oxides and hydroxides is quite complex. It is important to
consider not only the effects of pH, ionic strength, and reactant concentration on

sulfate adsorption, but also the nature of the sorbent phase being studied.

Sulfate forms inner-sphere monodentate surface complexes on hematite from pH 8 to
3.5 and across a wide range of surface loadings. On goethite, however. sulfate forms
only outer-sphere surface complexes at pH 6 and above, and forms a mixture of outer-
sphere and inner-sphere complexes below pH 6. The inner-sphere sulfate surface
complex is a monodentate complex that is hydrogen bonded to an adjacent surface
site. Increasing the equilibrium sulfate concentration promotes additional inner-sphere
sulfate adsorption at pH 4.5 - 6. At pH 3.5, raising the sulfate equilibrium
concentration causes the formation of a second bidentate binuclear surface complex.
Decreases in ionic strength lead to increased sulfate adsorption, with the additional
sulfate being primarily outer-sphere. Finally. sulfate forms predominantly outer-
sphere surface complexes on ferrihydrite. Some inner-sphere complexation occurs
below pH 5.0. with the spectra suggesting a monodentate surface complex. The
amount of adsorption on ferrihydrite is much greater than either of the crystalline iron
oxides in this study. Much research in the scientific literature involves experiments

conducted with goethite and hematite that was not treated to remove amorphous iron
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oxides prior to adsorption studies. Since ferrihydrite was found to have far more
outer-sphere adsorption of sulfate than either goethite or sulfate, this could potentially

result in incorrect assessment of adsorption mechanisms on these sorbents

There are also some more important conclusions that can be drawn from this study. It
is reasonable to assume that. similarly to sulfate, other oxyanions may also have very
different adsorption mechanisms on hematite, goethite, and ferrihydrite. It is therefore
of great importance to study how changes in surface functional group distributions and
log Ks of iron oxides affect complexation mechanisms. Another important concept
that seems to be becoming clearer to soil chemists is that in many systems multiple
adsorption mechanisms are occurring simultaneously and that a continuum of
adsorption processes exists. This is not only true for sulfate; it has been shown that
organic ligands (Perrson et al. 1998) can adsorb as both outer-sphere or inner-sphere
complexes as reaction conditions change. Metal ions also exhibit this trend. as
competition between adsorption and precipitation has been seen in the case of mixed
metal precipitate formation (Elzinga 2000) on some clay minerals. It therefore makes
sense to use molecular-scale spectroscopy to study the effects that changing reaction

conditions have on this continuum of reaction mechanisms.
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Chapter 2

MECHANISMS OF SELENATE ADSORPTION ON IRON OXIDES AND
HYDROXIDES

Selenate (SeOs™5) is the fully oxidized form of selenium, and is often seen in aerated
soils. Selenium is an essential micronutrient for animals, but when soil selenate levels
are high it often accumulates in plants and can prove toxic to animals that ingest the
vegetation. Alternatively, deficiency symptoms are commonly seen when selenium
levels in plants are low (Zhang and Sparks 1990). Therefore understanding the
chemistry of selenate in soils is important for minimizing potentially hazardous
environmental effects. Selenate i= = weakly basic Group VI oxyanion, and typically
exists in natural aqueous systems as either the fully-deprotonated form or as the singly-
protonated biselenate (HSeOy aq)(Shriver et al. 1994). Both of these ions have a
hydrated radius of ~ 4 A (Stumm and Morgan 1996). The pK, for the protonation
reaction is ~1.9. making the fully-deprotonated form the dominant ion under normal

soil conditions.

Column studies that monitored selenate leaching through soils (Aldrichs and Hossner
1987) reported that selenate was very weakly bound. and could be completely leached
from soils in a short period of time. The soils studied were sandy loam soils low in

iron oxides and with smectites being the predominant clay minerals. Other researchers
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