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Abstract

Antimony(Sb) is a natural occurring element widely dispersed in the lithosphere. Elevated
antimony concentrations in agqueous environments from anthropogenic sources such as mining
and smelting are becoming of global concern. In this respect ferrihydrite are known to strongly
adsorb aqueous antimony species with different oxidation states, but the effect of silica on the
removal characteristics is not well understood despite being a common component in the
environment. A further important process, co-precipitation with ferrihydrite, does not appear to
have been reported. In this study, first, the adsorption of antimonite (Sb(IlI)) and antimonate
(Sb(V)) onto ferrihydrite were investigated as a function of initial pH, ionic strength, initial
concentration and adsorbent dosage. It was further studied the adsorption process under the
dissolved silica (Si) effect. Second, the surface complexation modeling was applied for the
adsorption mechanism, the surface Sb(III) and Sb(V) species at different chemical conditions
were evaluated. Finally, the adsorption and co-precipitation behavior of Sb(III) and Sh(V) with

ferrihydrite and Si-bearing ferrihydrite was investigated.

Chapter 1 refers to the background of this study and the reviews the literature on the chemistry
speciation of Sb, its distributions, the remediation from the natural environment as well as
current knowledge on adsorption mechanism. This chapter describes iron oxides and hydroxides
minerals such as goethite, hematite, and ferrihydrite, which are excellent scavengers for Sh
adsorption due to their ubiquitous distribution in the surface, large specific surface area and
unique surface characteristics. As iron minerals are closely associated with silica, one of the most
common ligands present in natural environments, this could mean that silica may affect the
crystallization behavior as well as the capacity of ferrihydrite to regulate hazardous element

recycling.

Chapter 2 presents the literature review on surface complexation model of antimony and research
objectives of this study, the drawbacks of the current using surface complexation model are
identified. To gain knowledge on the adsorption mechanism of Sb on ferrihydrite, it is useful to
develop a predictive model for the adsorption behaviors of Sb(IlI) and Sb(V) on ferrihydrite,
which can predict both the adsorption effectiveness and surface speciation under variable

solution conditions.



Chapter 3 refers to the adsorption of Sb on ferrihydrite and their silica effect. In this work, the X-
ray diffraction (XRD) analyses of the precipitates showed two broad diffraction features at
approximately 35° and 62° 20, which are characteristics of 2-line ferrihydrite, but no significant
shifts in peak positions in the ferrihydrite regardless of the Si/Fe ratios. The infrared spectra
showed a sharp band at ~930 cm™, corresponding to asymmetric stretching vibrations of Si-O-Fe
bonds which increased in intensity with increasing Si/Fe molar ratios. Further, the surface charge
on the precipitates became more negative with increasing Si/Fe molar ratios. The adsorption
experiments indicated that Sb(V) was preferentially adsorbed under acidic conditions which
decreased dramatically with increasing pH while the adsorption rate of Sb(III) was independent

of pH. However, the presence of Si suppressed the adsorption of both Sb(III) and Sh(V).

Chapter 4 focuses on the adsorption mechanism of Sb(III) and Sb(V) on ferrihydrite. Adsorption
data were modelled using an extended triple-layer model (ETLM) to infer Sb(IlI) and Sh(V)
adsorption reactions and equilibrium constants. The two principal reactions of Sb(III) adsorption
forming bidentate binuclear inner-sphere surface species were found to be consistent with the
experimental data. Solution pH and ionic strength showed little effects on the adsorption of
Sb(II). The adsorption of Sb(V) was represented by the formation of a monodendate-
mononuclear outer-sphere and a bidentate-binuclear inner-sphere species. The Sb(V) adsorption
on ferrihydrite decreases continuously with increasing pH and ionic strength. The predicted
model speciation of Sb(V) on ferrihydrite showed that the inner-sphere species increase
concomitantly with increasing pH and ionic strength and solid concentration. The outer-sphere
species distribute over a wider range of pH conditions and are more important at lower ionic

strengths.

Chapter 5 investigates the adsorption and co-precipitation behavior of Sb(IIT) and Sb(V) with
ferrihydrite and Si-bearing ferrihydrite. The adsorption experiments indicated that Sb(V) was
preferentially adsorbed under acidic conditions which decreased dramatically with increasing pH
while the adsorption rate of Sb(III) was independent of pH. However, the presence of Si
suppressed the adsorption of both Sb(IIT) and Sb(V). The results showed that Sb(III) and Sb(V)
ions were significantly inhibited by co-precipitation with ferrihydrite even in the presence of Si
by isomorphous substitution in the ferrihydrite crystal structure. Both adsorption and co-

precipitation samples were analyzed by XRD for mineralogical characterization. In the
vV



adsorption samples of the Si/Fe molar ratios precipitates series, all of the XRD patterns were
almost identical to that of pure two-line ferrihydrite, and any other peaks and peak shift were not
observed for both Sh(III) and Sbh(V) loading. While the co-precipitation samples showed that the
peak of ferrihydrite around 30° and 60° gradually shifted to a lower angle with Si/Fe ratio. In
addition to these noticeable features, broadening of both peaks was also observed on co-
precipitation samples. They suggest that the shift and broadening can be attributed to the
differences in ionic radius and charge between Fe(III) and guest Sb in ferrihydrite.

Chapter 6 presents the summary and concluding remarks as well as a short outlook for future
necessities and suggestions of research. Overall, this study investigated adsorption and co-
precipitation of Sb on ferrihydrite and their silica effect to gain knowledge on Sb remediation
mechanism. The establishment of ETLM for antimony adsorption may help to understand not
only prediction of the environmental behavior but also to provide the effective countermeasure
for the contamination. This study also has important implications for determining the role of
ferrihydrite in controlling the final state of Sb in the environments in which it is released.
Although ferrihydrite is an excellent substance for capturing Sb, its use as a medium in a natural
Si-rich system should be considered with caution because it will tend towards inhibition of Sh
capture induced by the Si-rich environment. However, this may be different in the case of co-
precipitation processes. In the present study, we found that silica and Sb(IIT) and Sh(V) can be
incorporated into ferrihydrite and that these three are structurally compatible with ferrihydrite.
The co-precipitation process of Sb(IIT) and Sb(V) would not be greatly influenced by the silica
factor. Thus, Sb(IIT) and Sb(V) co-precipitation with ferrihydrite would be more efficient than
Sb(IIT) and Sb(V) adsorption by ferrihydrite. This finding will be important when making
predictions of the final state of Sh associated with ferrihydrite in natural Si-rich systems. In order
to further develop and apply the ferrihydrite in adsorption and co-precipitation process. The
efficiency of ferrihydrite to remove Sb should be studied in different water matrices since the

natural environment is a more complex condition.
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1. General introduction

Antimony (Sb) is a natural occurring element and situated fourth in the Group 15 of the periodic
table. It is widely dispersed in the lithosphere and often present together with Arsenic (As). Sb is
widely used in industry as a catalyst in plastics, flame retardants, storage batteries, and
ammunition (Filella et al., 2002a)(Carlin Jr, 2000)(Herbst et al., 1985). It is the ninth most mined
metal for industrial uses worldwide (Krachler et al., 2001)(Filella et al., 2002b), and one result of
this is elevated concentrations of Sb in many soils and waters, especially around mining and
smelting areas (Scheinost et al., 2006)(He, 2007)(Wang et al., 2011)(Westerhoff et al.,
2008)(Mitsunobu et al., 2006)(Lichti et al., 2015)(Okkenhaug et al., 2012). There has been a
growing concern over the adverse effect of Sb on human health due to its toxicity. Sb has been
increasingly identified as a toxic heavy metal with implications for it being a carcinogen (Gebel,
1997). This has caused Sh and its compounds to be listed as a leading pollutant by the United
States Environmental Protection Agency (USEPA, 1979) and the Council of the European Union
(CEC, 1976). In 1993, the WHO set a guideline of Sb in drinking water as a permissible level as
5.0 ug/L (Organization, 2004). However, unlike As, Sb first attracted public attention in the mid-

1990 (Filella et al., 2009). In contrast to As, less information is available on Sb.

Recent studies have shown that both Sb(IIT) and Sb(V) appear to adsorb strongly onto iron
oxides (Mitsunobu et al., 2006)(Mitsunobu et al., 2010)(Leuz et al., 2006)(Okkenhaug et al.,
2013), which thereby strongly influence the speciation, mobility, and final states of Sb in the
environment. Sb is preferentially associated with iron(III) (Fe(IIT)) oxyhydroxide in soils and
sediments on the basis of direct evidence using extended X-ray absorption fine structure
spectroscopy (EXAFS) (Scheinost et al., 2006)(Mitsunobu et al., 2006)(Ackermann et al., 2009).
This would suggest that adsorption and incorporation processes into the Fe(IIl) oxyhydroxide
phases would be able to control the mobility of Sb in natural environments. However, the surface
structure of Sb(III) and Sb(V) binding with Fe(IIT) oxyhydroxide is still unclear. A further
important process, co-precipitation with Fe(IlI) oxyhydroxide, does not appear to have been
reported. In natural systems, Fe(IlI) (hydro)oxides are often identified in precipitates from the
oxidation of iron(Il) (Fe(ll)) in the presence of the relevant anions. Thus, the precipitation

process may be as important as adsorption, as a sequestration process of Sb species by Fe(IlI)

1



oxyhydroxide when groundwater with natural or added Fe comes in contact with air or

oxygenated water takes place.

Further, as iron minerals are closely associated with silica (Si), one of the most common ligands
present in natural environments, pure ferrihydrite is not, strictly speaking, present in nature.
Silica always associates with ferrihydrite in the structure or on the ferrihydrite surface. This
could mean that silica may affect the crystallization behavior as well as the capacity of
ferrihydrite to regulate hazardous element recycling. The effect of silica on As adsorption has
been reported for ferrihydrite (Swedlund and Webster, 1999), but no reports of the effect of silica

on Sh adsorption or co-precipitation have been reported for other oxides.
1.1 Chemistry, speciation and toxicity

Sh, metalloid, fourth element of VA group of periodic table, has both inorganic and organic
species in natural systems. Among them, inorganic species predominate over organic species for
Sb in most environmental systems (Andreae et al., 1983)(Sun et al., 1999)(Ellwood and Maher,
2002). For inorganic speciation, Sb may be present in a variety of oxidation states (—III, 0, III, V)
because of its s?p* outer orbital electron configuration, however it is mainly found in the two
oxidation states (III and V) in environmental, biological, and geochemical environments (Filella
et al., 2002a)(Filella et al., 2002b). The Eh-pH diagram of Sb is shown in Figure 1-1. These two
inorganic forms of Sb are subjected to hydrolysis in aquatic systems by forming hydroxide
species. For example, Sb(OH)e is the only major form of Sb(V) over a wide range of pH, which
is different with As(V) having the successive deprotonation steps over a similar range of pH. The
dominant Sh(III) species is the uncharged pyramidal antimonous acid Sb(OH)3z in a wide pH
range from 2 to 11, and exists as Sb(OH)2" in acidic media and as Sb(OH)4™ in basic media. The
stability and structure of aqueous complexes formed by Sb(III) and Sb(V) with simple organic
ligands were determined (Tella and Pokrovski, 2009), which showed that stable complexes could
be formed between Sb(OH)s and oxalic, citric and lactic acids. Organic Sb species are less well
understood than inorganic species but are known to exist. Attempts to understand Sb methylation
have generally been inconclusive or contradictory (Dodd et al., 1992)(Gurleyuk et al., 1997).
Despite this, biologically mediated reduction and methylation of Sb compounds in Pseudomonas

fluorescens bacterial cultures and soil samples has been confirmed (Gurleylk et al., 1997). The
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biological production of trimethylantimony under reducing conditions, Jenkins (Jenkins et al.,
1998) suggests that biomethylation of Sb may occur in environments such as in waterlogged
soils. Conversely, mono-, dimethyl and trimethyl Sb compounds have been detected in oxidized
seawaters (Andreae et al., 1981) and urban soils (Duester et al., 2005), and Brannon and Patrick
(Brannon and Patrick, 1985) reported that unidentified Sb volatiles could be lost from sediments
regardless of oxygen status. The toxicity of these volatile Sb species is not yet understood and

little is known about their environmental chemistry.

Sb as a genotoxic element, is gaining increasing environmental concern due to its more toxic
behavior to plants and animals than expected. Sb and its compounds to be listed as a leading
pollutant by the United States Environmental Protection Agency (USEPA, 1979) and the Council
of the European Union (CEC, 1976). In 1993, the WHO set a guideline of Sb in drinking water
as a permissible level as 5.0 pg/L (Organization, 2004). Sb is on the list of hazardous substances
under the Basel convention concerning the restriction of transfer of hazardous waste across
borders (UNEP, 2001). Sb has no known biological function and like As, the toxicity of Sb in the
environment strongly depend upon speciation (Filella et al., 2002a). There is still little
knowledge about antimony toxicology and impact on the environment and human health.
However, over the last decade, it is visible the growing interest on the research about this
metalloid. Elemental Sb is more toxic than its salts; inorganic forms more toxic than organics;
and, trivalent species more toxic than pentavalent forms (Stemmer, 1976), similar to the case of
As (Oorts et al., 2008). Compared to Sb(V), Sb(III) reaches easily critical biological targets, and
tends to be retained for longer periods of time in the body (Ceriotti and Amarasiriwardena, 2009).
Sb(III) oxides had been shown to cause lung cancer in rats (Gebel, 1997). Both chronic exposure
and long-term inhalation of Sb have undoubtedly harmful effects to eyes, skin and lungs (Cooper
and Harrison, 2009). The accumulation of Sb in crops is a potential threat to human health and

well-being.
1.2 Sources and distributions in natural systems

Sb occurs naturally in the environment at trace levels but it is less common in nature than As, the
significance for human health and for the environment is equally important. Antimony and its

compounds have distinct properties that can be used for a variety of purposes. Diantimony
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trioxide (Sh20g) is used as a catalyst in the production of polyethylene terephthalate (PET) and
as a flame retardant in the production of plastics, textiles and rubber (Reimann et al., 2010).
About 60% of antimony is consumed in flame retardants and 20% used in alloys (Biswas et al.,
2009). Sb is used in brake linings, semiconductor components, battery grids, bearing and power
transmission equipment, sheet and pipe and in pigments for paints. It is also applied as addictive
in glassware and ceramics, as an active ingredient in the treatment of Leishmaniasis disease
(Ceriotti and Amarasiriwardena, 2009) and, as elemental Sb, in ammunition (Guo et al., 2009).
Antimony contamination is found in areas affected by mining activities, copper smelters or
power plants. A significant input of Sb into the environment occurs at shooting ranges, since
most bullets contain substantial amounts of Sb (Johnson et al., 2005). Due to antimony use in
auto brake linings and disks, Sb release, as antimony trioxide (a potential carcinogen), occurs
during braking (Ceriotti and Amarasiriwardena, 2009). China has the most rich Sb resources in
the world and plays an important role in global anthropogenic emissions, leading to severe

environmental contamination (He et al., 2012).

The abundance of Sb in the Earth’s crust is approximately 0.2 mg/kg (Anderson, 2012). It is
observed that more than 100 natural minerals contain Sh. Similar to As, Sb can be found in
natural waters, sediments and soils, and in atmosphere as a result of natural processes and human
activities (Filella et al., 2002a). Regarding to antimony, speciation and distribution in freshwater
have not been extensively studied. Total Sb dissolved concentrations in groundwater have been
reported in the range 0.010 - 1.5 mg/L (Filella et al., 2002a), but anthropogenic sources can be
responsible for much higher levels. Sb levels in geothermal groundwater (Izmir, Turkey) were
reported in the range of 0.06 - 26 mg/L (Aksoy et al., 2009). Groundwater in the vicinity of
abandoned antimony mines in Slovakia presented Sb level up t01000 mg/L (Hiller et al., 2012).
Moreover, Sb distribution in surface water has been reported from several studies, Sb levels in
freshwaters have been reported in the range from ng/L to a few mg/L (Reimann et al.,
2010)(Wang et al., 2011), with the average Sb concentration in world rivers being 1 mg/L (Wang
et al., 2011). Higher concentrations related to localized anthropogenic sources can be found. In
Stampede and Slate Creek watersheds, Kantishna Hills mining district (Alaska, USA) Sb
concentrations of 239 pg/L were found (Ritchie et al., 2013) and high levels of Sb (2 - 6384

mg/L) were found in rivers around the world largest antimony mine at Xikuangshan area of
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Hunan Province (China) (Wang et al., 2011). Antimony concentrations in sediments and soils are
of the order of a few pg/g. Higher concentrations are directly related to anthropogenic sources,
mainly proximity to smelting plants (Ainsworth et al., 1990)(Asami et al., 1992). Elevated
concentrations in sediments near the outfalls of sewage and fertilizer facilities have also been
reported (Papakostidis et al., 1975)(Grimanis et al., 1977). Antimony compounds are rather
volatile and they are released into the atmosphere during the incineration of waste, fossil
combustion, and during the smelting of metals. Antimony is one of the elements that show
higher enrichments in aerosols over the concentrations expected from sea salt and from crustal
sources (Steinnes, 1990)(Kersten et al., 1991)(Cutter, 1993)(Arimoto et al., 1995). For example,
analysis of aerosol samples from Cape D'Aguilar, Hong Kong Island, China, showed that Sb
concentrations in the total suspended particulates and the PM 10 (particles measuring 10 um or
less) fraction ranged from 0.032 to 17.0 and from 0.023 to 9.50 ng/m?, respectively (Cheng et al.,
2000). Thus, the distribution of Sb in the natural systems has largely affected by the human
actives which resulted in a serious Sb contamination by releasing a large quantity of Sb into the
environment (He et al., 2012)(Wilson et al., 2004).

1.3 Remediation of Sb from natural waters

The contamination of Sb in natural waters is a serious and worldwide problem and has become a
challenge for scientists, considering legal limits and toxic effects, the removal of these metalloid
from natural water is mandatory. Publications about antimony removal from water are limited
compare to that of arsenic removal. Only in the last few decades antimony had gain particular
interest probably as consequence of its toxic and carcinogenic nature as well as the elevated
concentrations in the vicinity of smelters, chemical plants, and mining and mineralized areas
(Tighe et al., 2005). A variety of technologies have been used and proposed to remove this toxic
element from aqueous media, including oxidation, bioremediation, membrane separation,
electrochemical methods, coagulation/flocculation and adsorption. In anoxic groundwater or
even in wastewaters, Sb(III) can be quantitative significant in solution. A re-oxidation, to convert
Sb(IIT) to the higher valence sate Sb(V), can be required prior to coagulation, adsorption
processes or membrane filtration, to enhance the treatment efficiency. Leuz (Leuz and Johnson,

2005) concluded that O2 was unlikely to be a significant oxidant in homogenous solution, but



that H.O> might be responsible for the oxidation of Sb(III) in natural waters. In a recently study,
bioremediation of antimony using sulfate-reducing bacteria was found effective (Wang et al.,
2013). Sulfate-reducing bacteria convert sulfate ions in Sb mine drainage into sulfides that
reduce Sb(V) to Sb(IIl) with formation of Sb»Ss. Research on the removal of antimony by
membrane processes is scarce and not published recently. However, Kang assumed that the
removal of Sb in drinking water by reverse osmosis membranes has a higher efficiency than that
of arsenic compounds, regardless of pH changes (Kang et al., 2000). For membrane separation
technique, membrane contaminated, clogged and decay of membrane flux are the disadvantages
of Sb removal. Electrodepositing (electrolytic reduction) was investigated for Sb removal from
copper electrorefining and spent battery solutions (1500 and 3500 mg Sb/L) (Koparal et al., 2004)
and from flotation water from an antimony mine (approx. 10 and 29 mg Sb/L) (Zhu et al., 2011).
The effects of operation parameters such as current density, pH and standing time on the Sb
removal efficiency were studied. Although high efficiencies were obtained (96-100%), further
studies on this technique have to be done to evaluate the economical aspect of the process.
Research of coagulation and flocculation showed that 80-90% Sb in the solution was removed
with FeClz as coagulant in specific controlled pH (Nakamura and Tokunaga, 1996). It was
reported that 98% of Sb(V) was removed with proper pH and the proper dose of ferric coagulants.
The removal of Sb(IIT) needed less ferric coagulant dose and certain pH range between 4.0 and
10.0. Comparing behaviors between Sb(IIT) and Sb(V) during coagulation, the removal
efficiency of Sb(III) was higher than Sb(V) during ferric coagulation. In addition, Sb(III) was
less affected by the interfering components like phosphate and humic acids (Guo et al., 2009).
However, the toxic by-products and large amount of coagulant demand are regarded as the

disadvantages of Sb removal.

Among these methods, adsorption is regarded as a promising technology for removing
metalloids from water/wastewater in terms of the simplicity of operation, cost effectiveness and
the regeneration capability e.g. (Ali and Gupta, 2007)(Ungureanu et al., 2015). The chemical
properties of adsorbents and adsorbates are vital to the adsorption process. Numerous adsorbents
were used for the removal of Sb, for example, aluminum oxides (llgen and Trainor, 2012)(Xu et
al., 2001), manganese oxides (Wang et al., 2012), activated carbon (Navarro and Alguacil, 2002),
resins (Riveros, 2010), clay minerals (Rakshit et al., 2015), as well as natural and synthetic iron
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oxides (Kolbe et al., 2011)(Mittal et al., 2013). Fe is a ubiquitous element in the earth surface
and often occurs as iron oxides and iron hydroxides. They are widespread in natural system and
play an important role in many geological and biological processes. The iron oxide under the
surface conditions including goethite, hematite, lepidocrocite, maghemite, ferrihydrite and
schwertmannite (Schwertmann and Cornell, 2008). Among them, ferrihydrite is the mineral
name identifying poorly ordered hydrous ferric oxide precipitates, it is a common product of
low-temperature geochemical processes at the earth’s surface; it has been identified in
weathering crusts (Jackson and Keller, 1970), in precipitates from the oxidation of emerging
Fe?*-bearing waters (Fuller and Davis, 1989)(Carlson and Schwertmann, 1981), in the water
column of lakes (Tipping et al., 1981), in bog and lake sediments (Schwertmann et al., 1982),
and in various soil horizons (ADAMS and KASSIM, 1984).

Because of its reactivity and large specific surface area, ferrihydrite is believed to be one of the
most important adsorbents of minor elements in surface and groundwater systems (Davis and
Kent, 1990). This premise is based on studies of its absorptivity in natural environments as well
as numerous laboratory studies of cation adsorption and anion adsorption. In natural systems,
iron(1IT)(hydro)oxides are often identified in precipitates from the oxidation of iron(ll) in the
presence of the relevant anions. Thus, the precipitation process may be as important as
adsorption, as a sequestration process of Sb species by iron (III) (oxyhdr)oxides when
groundwater with natural or added Fe comes in contact with air or oxygenated water takes place.
Precipitation of metals as insoluble hydroxides, carbonates, or sulfides is widely practiced for
treating industrial wastewaters prior to discharge to the environment. But the co-precipitation of
antimony on ferrihydrite, which is the simultaneous removal of a foreign ion (e.g. Sb(III) or
Sb(V)) during the formation of ferrihydrite has not been previously studies. Further, as iron
minerals are closely associated with silica, one of the most common ligands present in natural
environments, pure ferrihydrite is not, strictly speaking, present in nature. Silica always
associates with ferrihydrite in the structure or on the ferrihydrite surface. This could mean that
silica may affect the crystallization behavior as well as the capacity of ferrihydrite to regulate
hazardous element recycling. The effect of silica on arsenic adsorption has been reported for
ferrinydrite (Swedlund and Webster, 1999), but no reports of the effect of silica on Sb adsorption
or co-precipitation have been reported for other oxides.

7



1.4 Adsorption and co-precipitation behavior of Sb on iron oxides

The adsorption behavior of Sb was studied on different types of iron oxides, for example, on
goethite (Leuz et al., 2006), hematite (Shan et al., 2014) and magnetite (Mittal et al., 2013). It
was observed that the factor of pH had an evident influence on the adsorption behavior of Sb.
The adsorption of Sb(V) was favored at acidic pH while the adsorption of Sb(III) was constant
over a broad range of pH on iron hydroxides (Guo et al., 2014)(Leuz et al., 2006). It was also
reported that Sb(III) adsorption was independent on pH and ionic strength on the red earth soil
with rich iron oxides while the highest Sb(V) adsorption occurred at lowest pH and affected by
the ionic strength (Vithanage et al., 2013). Shan (Shan et al., 2014) pointed out that the removal
of trace Sb(III) by hematite modified magnetic nanoparticles was not obviously affected by the
solution pH, the ionic strength and the coexisting anions (chloride, nitrate, sulfate and phosphate).
Zhao (Zhao et al., 2014) evaluated Sb(IIT) and Sb(V) removal by zero-valent iron nanoparticles
coated with PVA. The maximum adsorption capacity of both Sh(III) and Sb(V) was obtained at
pH less than 5, but as pH increased Sb(III) adsorption dropped slightly while Sb(V) adsorption
dropped significantly. The coexistence of oxyanions also could affect the removal efficiency of
Sbh. It was reported that the presence of nitrate, sulfate and phosphate had a slight effect on the
adsorption of Sb(III), but sulfate, phosphate and carbonate inhibited the adsorption of Sh(V) (He
et al., 2015)(Wu et al., 2010)(Xi et al., 2011). It was observed that the presence of phosphate
significantly decreased Sb(III) adsorption on goethite and the presence of nitrate and sulfate had
no effect on the adsorption of Sb(IIT)(Xi et al., 2014). However, to the best of our knowledge,
there were no reports about the silica effect on the adsorption of Sb(III) and Sb(V) on ferrihydrite
in previous studies. Sh adsorption by hydrous oxide surfaces is widely reported as we mentioned,
However, direct detailed comparison of adsorption and co-precipitation is rare, especially for Sb
and ferrihydrite. More specifically, few have explored these processes from the perspective of

achieving low residual Sb levels using ferrihydrite.
1.5 Adsorption mechanism of Sb

Adsorption is the accumulation of a chemical species at the interface between a solid phase and a
fluid phase. Adsorption processes of Sb have been described using a variety of approaches. For

example, the adsorption mechanisms of Sb were assessed by the empirical adsorption models
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such as Langmuir and Freundlich isotherms. He (He et al., 2015) have illustrated that the
Freundlich model was better than the Langmuir model to describe the adsorption of Sb(III) and
Sb(V) on the in-situ FeOxHy. While Zhao (Zhao et al., 2014) have also demonstrated that the
Langmuir model fitted the experimental data better than the Freundlich model for both Sb(III)
and Sb(V) adsorption by a polyvinyl alcohol-stabilized granular adsorbent containing nanoscale
zero-valent iron. However, empirical adsorption models provide descriptions of experimental
adsorption data without any theoretical basis, which are of limited use in describing geochemical
systems with changing solution or mineral chemistry. This is because they do not account
explicitly for the development of electrical charge on mineral surfaces with the addition (or
removal) of surface species. Furthermore, these models do not include any structural information
regarding adsorbed species. Because the structure of an adsorbed species largely determines its
reactivity, this is particularly limiting when a species may adsorb at a mineral surface with
different structures, depending on solution or mineral surface conditions. Many of the
shortcomings of the isotherm to modeling adsorption may be overcome by explicitly
representing the chemical structure of the mineral-water interface, as is done in ‘surface
complexation models’ (SCMs). There are only a few studies using surface complexation models
(Guo et al.,, 2014)(Vithanage et al., 2013). To the best of our knowledge, no surface
complexation modeling approach of Sb adsorption on ferrihydrite has been published. Thus, the
study of the surface complexation modeling of antimony adsorption on ferrihydrite is more
meaningful. The potential for predicting the competitive adsorption mechanism of Sb using

modeling methods needs further studies.

Spectroscopy methods are extensively used to study the adsorption mechanisms of ions on
surfaces, including Fourier transform infrared (FTIR), extended X-ray absorption fine structure
spectroscopy (EXAFS), X-ray photoelectron spectroscopy (XPS), and Raman spectroscopy.
Spectroscopy techniques are also used to determine the adsorption mechanism of Sb, which was
mainly adsorbed in an inner-sphere mode on the surface sites of iron oxides (McComb et al.,
2007)(Mitsunobu et al., 2010)(Vithanage et al., 2013), aluminum oxides (llgen and Trainor,
2012), Fe-modified aerobic granules (Wang et al.,, 2015). However, the data from either

macroscopic or spectroscopic of Sb adsorption on ferrihydrite in natural systems investigations



are scarce. Liking sophisticated hydrologic models to spectroscopy evidence offers great

potential in furthering our understanding of adsorption processes.
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Figure 1-1 Eh-pH diagram of Sb in the Sh-H,O system at Sb activity of 10 M and at 1 bars.
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2. Review of surface complexation modeling of antimony

adsorption and objectives

2.1 Surface complexation modeling

As mentioned in the previous chapter, many of the shortcomings of the isotherm approaches to
modeling adsorption may be overcome by explicitly representing the chemical structure of the
mineral-water interface, as is done in “surface complexation models” (SCMs). SCMs, which are
based on thermodynamics and which are analogous to aqueous speciation models, are a powerful
approach to surface reaction modeling (Sposito and others, 1984)(Sposito, 1990)(Davis and Kent,
1990)(Dzombak and Morel, 1990)(Morel et al., 1993)(Schindler, 1990)(Stumm, 1992)(Stumm
and Morgan, 2012). Various chemical surface complexation models have been developed to
describe potentiometric titration and metal adsorption data at the oxide-mineral solution interface.
Surface complexation models provide molecular descriptions of metal adsorption using an
equilibrium approach that defines surface species, chemical reactions, mass balances, and charge
balances. Thermodynamic properties such as solid-phase activity coefficients and equilibrium
constants are calculated mathematically. The major advancement of the chemical surface
complexation models is consideration of charge on both the adsorbate metal ion and the
adsorbent surface. In addition, these models can provide insight into the stoichiometry and

reactivity of adsorbed species.

As emphasized by Dzombak and Koretsky (Dzombak and Morel, 1990)(Koretsky, 2000), surface
complexation models of the solid-solution interface share at least six common assumptions: (1)
surfaces can be described as planes of constant electrical potential with a specific surface site
density; (2) equations can be written to describe reactions between solution species and the
surface sites; (3) the reactants and products in these equations are at local equilibrium and their
relative concentrations can be described using mass law equations; (4) variable charge at the
mineral surface is a direct result of chemical reactions at the surface; (5) the effect of surface
charge on measured equilibrium constants can be calculated; and (6) the intrinsic (i.e., charge
and potential independent) equilibrium constants can then be extracted from experimental
measurements (Dzombak and Morel, 1990)(Koretsky, 2000).
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Three of the most commonly chemical surface complexation models that have been applied to
metal and metalloid adsorption by reference minerals or soil systems are described. The constant
capacitance model, the diffuse double layer model, and the triple layer model, they use the same
approach in writing chemical reactions between the bulk solution and the solid surface. Each of
these models assumes that all of the sites on a solid surface can be described by average surface
site characteristics. If two or more surface site types are used to fit adsorption data with these
models, the site types are still generic in nature, with no specific correlation to the solid surface
structure. The three models differ in their approach and level of detail used to describe the charge
and electric potential gradients at the solid-solution interface. In all three models, the surface

sites are amphoteric surface hydroxyl groups that pronate and deprotonate as a function of pH.

Table 2-1 summarizes the three SCMs in terms of the adjustable parameters, the allowed surface
chemical reactions, and the charge potential relationships. Surface charge-balance and mass-
balance equations for each of the models are given in Table 2-2. Figure 2-1, Figure 2-2 and Figure 2-3
depicts the physical-chemical structure of the interfacial region and the interfacial charge and

potential relationships for each of these models.
2.2 Surface complexation models of antimony adsorption

Surface complexation models (SCMs) have emerged as one of the most promising tools for
predicting metal(loid) ion sorption to oxides and clay materials and have been well studied (S.
Korichi, A. Elias, A. Mefti, 2009)(Pakzadeh and Batista, 2011)(Pokrovsky et al., 2012). SCMs
have been used successfully to predict the adsorption of several different ions onto a wide range
of adsorbents over a fairly extensive set of aqueous solution conditions. As a consequence,
SCMs will be effective in understanding the basic characteristics of Sb adsorption and in
predicting its behavior in the environment. To our knowledge, SCMs have not been widely
applied to Sb adsorption in aqueous solutions (Leuz et al., 2006)(Rakshit et al., 2011), especially
to assess Sb adsorption on ferrihydrite. Very few studies to date have reported surface
complexation of Sb (V) on ferrihydrite using the above SCM approaches, although there are few
data reported the Sb adsorption on other natural minerals. For example, Guo (Guo et al., 2009)
employed DLM for both Sb(III) and Sb(V) adsorption at various pH during ferric chloride

coagulation but the data can only be roughly predicted and there are still some discrepancies
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between the theoretical model and the real experimental results. The modified triple-layer model
was use to describe the Sbh(V) adsorption on goethite, but the influence of ionic strength on the
sorption of Sb(V) could not be predicted by the modified TLM using either outer-sphere surface
complexes alone or a combination of inner-sphere and outer-sphere surface complexes (Leuz et
al., 2006). Guo (Guo et al., 2014) used DLM to simulated Sb(III) and Sb(V) adsorption edges on
goethite, the adsorption capacity was drastically overestimated at alkaline pH. And some
discrepancy for Sb(III) adsorption on goethite and Sb(V) adsorption at lower pHs. All these
results shown that the moderate agreement between the modeling fits and experimental data was

obtained with significant discrepancy ant relatively lower or higher pH.

Hence, it is useful to develop a predictive model for the adsorption behaviors of Sb(III) and Sb(V)
on ferrihydrite, which can predict both the adsorption effectiveness and surface speciation under
variable solution conditions. The extended triple-layer model (ETLM), which is a SCM, has
predicted the surface complexes as a function of pH, ionic strength and solid concentration
independently, consistent with spectroscopic results in many anion-mineral systems, such as
sulfate, selenate, arsenite and arsenate (Sverjensky, 2005)(Sverjensky and Fukushi,
2006a)(Sverjensky and Fukushi, 2006b)(Fukushi and Sverjensky, 2007a)(Fukushi and
Sverjensky, 2007b)(Kanematsu et al., 2010). Recently studies have attempted to characterize Sb
adsorption surface speciation based on spectroscopic techniques such as X-ray photoelectron
spectroscopy (XPS), Fourier transform infrared (FT-IR) spectroscopy, and extended X-ray
absorption fine structure (EXAFS) (llgen and Trainor, 2012)(Wu et al., 2010)(Mitsunobu et al.,
2010)(McComb et al., 2007). But the spectroscopic studies of surface speciation have not been
intergraded with surface complexation models at all. Integration of both surface complexation
model and spectroscopic techniques would be useful to characterize the Sb(V) adsorption
mechanism. Thus, employing the ETLM to predict the adsorption of Sb on ferrihydrite is more

meaningful.
2.3 Scopes and objectives

This study mainly focused on investigating the adsorption properties of Sb on ferrihydrite and
co-precipitation process of Sb with ferrihydrite under silica effect. So far, most studies have been

involved in the adsorption of Sb on iron oxides individually. However, in natural systems, Fe(III)
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oxyhydroxides are often identified in precipitates from the oxidation of Fe(ll) in the presence of
the relevant anions. Thus, the precipitation process may be as important as adsorption, as a
sequestration process of Sb species by Fe(IlI) oxyhydroxides when groundwater with natural or
added Fe comes in contact with air or oxygenated water takes place. Further, as iron minerals are
closely associated with silica, one of the most common ligands present in natural environments,
pure ferrihydrite is not, strictly speaking, present in nature. Silica always associates with
ferrihydrite in the structure or on the ferrihydrite surface. This could mean that silica may affect
the crystallization behavior as well as the capacity of ferrihydrite to regulate hazardous element
recycling. Thus it is more meaningful to study the adsorption and co-precipitation behavior of Sh
with ferrihydrite under silica effect. This study also contributes to better understand the fate,

mobility and transport of Sb in the environment. This project mainly involved:

1) Batch experiments were carried out to investigate the adsorption behavior of Sb(IlI) and Sb(V)
on ferrihydrite, by varying pH adsorbent dosage, initial concentrations and ionic strength. The

dissolved Si effect on the adsorption of Sh(III) and Sb(V) on ferrihydrite has also been conducted.

2) The Extended Triple Layer Modeling (ETLM), which is a SCM. Has been used for prediction
of the Sb(III) and Sh(V) adsorption on ferrihydrite in different chemical conditions.

3) The adsorption and co-precipitation of Sb with ferrihydrite was evaluated under varies Si/Fe
ratios. The post-adsorption samples and co-precipitation samples of Sb(III) and Sb(V) were
studies. The difference of the adsorption and co-precipitation of Sb with ferrihydrite were
discussed.

Specifically, three papers are presented in this thesis. The first paper “Adsorption of antimony on
ferrihydrite and their silica effect” (Chapter 3), gives an overview about the adsorption behavior
of Sb(III) and Sb(V) on ferrihydrite and their silica effect. The main objective in this study was
to compare the relative adsorption capabilities of Sb(IIT) and Sb(V) onto ferrihydrite, (2) to
evaluate the effect of dissolved silica during the adsorption of Sb(III) and Sh(V) on ferrihydrite.

Chapter 4 with the title of “Surface complexation modeling for antimony adsorption on
ferrihydrite and their silica effect” was a subsequent study of the adsorption behavior of Sb(III)

and Sb(V) by ferrihydrite in different chemical conditions such as pH, ionic strength, and solid
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concentration. Adsorption data were analyzed using an extended triple-layer modeling (ETLM)

for surface complexation modeling to infer Sb(III) and Sb(V) reactions and equilibrium constants.

Chapter 5 is about “Difference between antimony adsorption onto ferrihydrite and antimony co-
precipitated with ferrihydrite and their silica effect”. In this study, ferrihydrite was synthesized at
various Si/Fe molar ratios to investigate its adsorption and co-precipitation behaviors with
aqueous antimony anionic species, Sb(IIT) and Sb(V). This study showed that both the adsorption
experiments indicated that Sb(V) was preferentially adsorbed under acidic conditions which
decreased dramatically with increasing pH while the adsorption rate of Sb(IIl) ions was
independent of pH. However, the presence of silica suppressed the adsorption of both Sb(III) and
Sb(V). The results showed that Sb(IlI) and Sb(V) ions were significantly inhibited by co-
precipitation with ferrinydrite even in the presence of silica by isomorphous substitution in the
ferrinydrite crystal structure.

16



Table 2-1 Surface complexation reactions and model parameters (modified from (Hayes et al., 1991))

CCM DLM TLM

Proteolysis reaction
SOH+H"'=SOH; K"
SOH =SSO +H" K~

Same as CCM Same as CCM

Surface complexation reactions
Coordination Complexes

SOH +Me** =SOMe* + H* K,

Same as CCM Same as CCM
SOH +L =SL+0OH" K.
lon-pair complexes
SOH+Cat' =SO_Cat' +H" K,
Not allowed Not allowed SOH+An +H = SOH2+ _An”
KAn
Charge-potential relationships
= —01174+/1 sinh (zFy,/ 2RT
6, =0, =-01174/T sinh (Fy,/2RT)  *° 2y 2RT)
oy =C, v, = oo =Wo —¥,)C
0 oo +0, =, —wy)C,=—0y
Adjustable model parameters
K+,K_,NS,C1 K+,K‘,Ns K*,K‘,KC,CH,KA,],NS,Cl,C2
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Table 2-2 Surface charge and mass balance equations 2

Model  Surface charge balance equations ® Surface mass balance equations
CCM o, =B([SOH,1-[SO]) S; =[SOH]+[SOH,] +[SO ] +[SL]+[SOM€]
DLM Same as for CCM Same as for CCM

o, =B([SOH! 1 +[SOH; _An']

+[SOME]-[SO1-[SOH, _Catl) ¢ _ 1soH]+ [SOH:]+[SO ] +[SOH; _An']

0, = B(+[SOH; Cat] +[SOH, _Cat ]+ [SL]+[SOME€]
—[SOH, _An7])

TLM

& Equations written for systems described in Table 2-1.

b The constant, B, converts surface charge from mole/liter to C/m?; B=F/CsSa where F is
Faraday’s constant, Cs is the solids concentrations in g/liter, and Sa is the specific surface area of
the solid in m?/g.
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Solution
Cat* (Diffuse layer)

Cat*

Yo

Distance from surface, x

Figure 2-1 Schematic representation of physical-chemical structure of the interfacial region and interfacial charge
and potential relationships for CCM (Modified from (Hayes et al., 1991)).
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Solution
Cat* (Diffuse layer)

Cat*

Vop—-—-—---

Distance from surface, x

Figure 2-2 Schematic representation of physical-chemical structure of the interfacial region and interfacial charge

and potential relationships for DLM (Modified from (Hayes et al., 1991)).
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Solution
(Diffuse layer)

- = =An
An-

An-

Cat*
Cat*

Yo

Distance from surface, x

Figure 2-3 Schematic representation of physical-chemical structure of the interfacial region and interfacial charge
and potential relationships for TLM (Modified from (Hayes et al., 1991)).
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3. Adsorption of antimony on ferrihydrite and their silica
effect

Abstract

Elevated antimony concentrations in aqueous environments from anthropogenic sources are
becoming of global concern. In this respect iron oxides are known to strongly adsorb aqueous
antimony species with different oxidation states, but the effect of silica on the removal
characteristics is not well understood despite being a common component in the environment. In
this study, ferrihydrite was synthesized at various Si/Fe molar ratios to investigate its adsorption
and co-precipitation behaviors with agueous antimony anionic species, Sb(III) and Sb(V). The
X-ray diffraction (XRD) analyses of the precipitates showed two broad diffraction features at
approximately 35° and 62° 20, which are characteristics of 2-line ferrihydrite, but no significant
shifts in peak positions in the ferrihydrite regardless of the Si/Fe ratios. The infrared spectra
showed a sharp band at ~930 cm™, corresponding to asymmetric stretching vibrations of Si-O-Fe
bonds which increased in intensity with increasing Si/Fe molar ratios. Further, the surface charge
on the precipitates became more negative with increasing Si/Fe molar ratios. The adsorption
experiments indicated that Sb(V) was preferentially adsorbed under acidic conditions which
decreased dramatically with increasing pH while the adsorption rate of Sb(IIl) ions was
independent of pH. However, the presence of silica suppressed the adsorption of both Sb(III) and
Sb(V) ions.

3.1 Introduction

Antimony (Sb) is widely used in industry as a catalyst in plastics, flame retardants, storage
batteries, and ammunition (Filella et al., 2002a)(Carlin Jr, 2000)(Herbst et al., 1985). It is the
ninth most mined metal for industrial uses worldwide (Krachler et al., 2001)(Filella et al., 2002b),
and one result of this is elevated concentrations of Sb in many soils and waters, especially
around mining and smelting areas (Scheinost et al.,, 2006)(He, 2007)(Wang et al.,
2011)(Westerhoff et al., 2008)(Mitsunobu et al., 2006)(Lichti et al., 2015)(Okkenhaug et al.,
2012). There has been a growing concern over the adverse effect of Sb on human health due to
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its toxicity. Sb has been increasingly identified as a toxic heavy metal with implications for it
being a carcinogen (Gebel, 1997). This has caused Sb and its compounds to be listed as a leading
pollutant by the United States Environmental Protection Agency (USEPA, 1979) and the Council
of the European Union (CEC, 1976).

Sb may be present in a variety of oxidation states (—III, 0, III, V) because of its s?p® outer orbital
electron configuration, however it is mainly found in the two oxidation states (III and V) in
environmental, biological, and geochemical environments (Filella et al., 2002a)(Filella et al.,
2002b). The toxicity of Sb depends strongly on its oxidation state, and reduced Sb(III) species
are ten times more poisonous than oxidized Sb(V), similar to the case of arsenic (Oorts et al.,
2008). In spite of the widespread usage and the substantial toxicity, the geochemical behaviors of
antimony in soil and aquatic systems are poorly understood (Krupka and Serne,
2002)(Mitsunobu et al., 2010).

Recent studies have shown that both Sb(IIT) and Sb(V) appear to adsorb strongly onto iron
oxides (Mitsunobu et al., 2006)(Mitsunobu et al., 2010) (Leuz et al., 2006)(Okkenhaug et al.,
2013), which thereby strongly influence the speciation, mobility, and final states of Sb in the
environment. Sb is preferentially associated with iron(IIT) oxyhydroxide in soils and sediments
on the basis of direct evidence using extended X-ray absorption fine structure spectroscopy
(EXAFS) (Scheinost et al., 2006)(Mitsunobu et al., 2006)(Ackermann et al., 2009). This would
suggest that adsorption and incorporation processes into the iron(IlI) (oxyhydr)oxide phases
would be able to control the mobility of Sb in natural environments. Several experimental studies
have investigated the Sb adsorption mechanism on iron(IlI) oxyhydroxides, focusing on Sb
speciation at the solid-liquid (water) interface using EXAFS (Mitsunobu et al., 2006)(Guo et al.,
2014). However, the surface structure of Sb(III) and Sb(V) binding with iron(IIT) oxyhydroxides
is still unclear. Further, as iron minerals are closely associated with silica, one of the most
common ligands present in natural environments, pure ferrihydrite is not, strictly speaking,
present in nature. Silica always associates with ferrihydrite in the structure or on the ferrihydrite
surface. This could mean that silica may affect the crystallization behavior as well as the capacity
of ferrihydrite to regulate hazardous element recycling. The effect of silica on arsenic adsorption
has been reported for ferrihydrite (Swedlund and Webster, 1999), but no reports of the effect of

silica on Sb adsorption or co-precipitation have been reported for other oxides.
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Based on the above, the objectives of this study were to (1) to compare the relative adsorption
capabilities of Sb(III) and Sb(V) onto ferrihydrite, (2) to evaluate the effect of dissolved silica
during the adsorption and co-precipitation of Sb(III) and Sh(V) on ferrihydrite.

3.2 Materials and methods

3.2.1 Synthesis

A stock solution of ferric iron (Fe(IlI), 0.05 mol/L), was prepared by dissolving reagent grade
Fe(NOs3)3-9H.O  (Kanto,99%, Tokyo, Japan) in ultrapure water (18M-W-.cm).
Tetraethylorthosilicate (TEOS; Alfa Aesar, 98%, Heysham, United Kingdom) was then added to
500 mL of the Fe solution to achieve silica concentrations of 0 to 20x10~2 mol/L (i.e., Si/Fe =
0.4). These solutions containing both silica and Fe(III) were stirred for about 30 min to dissolve
the TEOS completely before pH adjustment. The initial pH of the solution was about 1.8, which
was adjusted to about 7.0£0.1 by titrating 1.0 M NaOH (Kanto, 97%, Tokyo, Japan). Addition
of the NaOH hydrolyzes the Fe(III) in the solution resulting in formation of a slurry of dark
brown precipitate. The slurries were stirred for an additional 15 min to allow the pH to stabilize.
The resulting 500 mL slurries were then equally divided into 50 mL polypropylene bottles and
then washed in the bottles at least four times with deionized water to remove the salts and freeze-
dried for at least 24 h. Samples with different silica concentrations were replicated to evaluate

the reproducibility of the experimental results.
3.2.2 Adsorption experiments

Stock solutions of Sbh(V) were prepared by dissolving KSb(OH)s powder (Wako, 50%, Tokyo,
Japan) into deionized water, and of Sb(IIT) by dissolving Sb203 powder (Wako, 98%, Tokyo,
Japan) into 2 mol/L HCI (Kanto, 37%, Tokyo, Japan) solution. The initial concentration of both
the Sb(III) and Sb(V) was 100 uM. A control experiment showed that neither Sb(III) nor Sh(V)
precipitated under this initial concentration. The adsorption experiments with both Sb(III) and
Sb(V) were conducted at a solid concentration of 0.5 g/L with a background ionic strength of
0.01 M NaCl. Triplicates of 40 mL suspensions with a fixed amount of solids (20 mg) and 100
MM solute concentrations were prepared in 50 mL polypropylene bottles. The experiments were
conducted at a pH range of 3-12. The pH of the suspensions was adjusted using small volumes of
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0.5 M HCl or 0.5 M NaOH during the experiments. Suspensions were agitated on a rotary shaker
(110 rpm) for 24 h at 20.5 °C. After the reaction, the suspensions were centrifuged and then

filtered through a 0.2 pm cellulose membrane filter for further analysis.
3.2.3 Analytical methods

The powder X-ray diffraction (XRD) analyses were conducted to determine the mineralogy of
the dark brown precipitates. Synthesized precipitates were analyzed by XRD using a Rigaku
RINT2000 (Rigaku Co., Tokyo, Japan) X-ray diffractometer operated at 40 kV and 40 mA,
equipped with a Cu target and graphite monochromator, and diffraction profiles were collected
from 10° to 70° 26.

To identify the chemical bonds in the initial adsorbents, Fourier transform infrared spectroscopy
(FTIR) analyses were conducted. The FTIR spectra were recorded from 400 to 4000 cm™ by a
JASCO FTIR-4100 spectrometer (JASCO international Co., Ltd., Tokyo, Japan) with a 1.0 cm™
spectral resolution. The potassium bromide (KBr) used to prepare the sample was heated at
110 °C for two hours prior to analysis to remove water. The blank KBr sample (i.e., pure KBr
only, in pellet form) was measured first in order to account for the matrix background. Pellets for
analyzing were prepared by pulverizing the precipitates and mixing with KBr at a 1.5 mg

precipitate to 250 mg KB ratio.

To examine the surface charge properties of the initial adsorbents, the {-potential measurements
at different pH were conducted. The (-potential of the samples was measured using a Zetasizer
Nano ZS90 (Malvern Zetasizer Nano series Nano-ZS90, Malvern Instruments Ltd., Malvern,
United Kingdom). Freeze-dried precipitates were re-suspended in 10 mL deionized water to
obtain a final mineral concentration of 100 mg/L. The auto-titration was initiated at pH values
from 2 to 12 (in 0.5 pH increments) adjusting the pH with dilute HNO3 or NaOH solution.

To measure the concentration of Sb, Inductively Coupled Plasma (ICP)-Atomic Emission
Spectroscopy (AES) analyses were conducted. Filtrates were analyzed for Sb(III) and Sb(V) as
total Sb by ICP-AES (ICPE-9000). The detection limit of this method was 0.1 pg/L. The pH of
the solutions was measured with a pH meter (HORIBA, D-55) calibrated by using commercial
pH 4.0, 7.0, and 10.0 buffer solutions. The amount of solute adsorbed was calculated using the

difference between the initial and final dissolved solute concentrations.
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The XRD data were processed by Match (version 3.3.0) software (Crystal Impact. Bonn,
Germany), FTIR data were processed by Spectra Manager ™ software (JASCO international Co.,
Ltd. Tokyo, Japan). All the graphs were exported by Sma4 (Version 1.47) software (T. Suzuki,
Kyoto, Japan) and Microsoft office 2013.

3.3 Results

3.3.1 Characterization of initial adsorbents

XRD. The XRD analyses were conducted to determine the mineralogy of the dark brown
precipitates. In all of the samples with the various initial ratios of Si/Fe, the XRD analyses of the
dark brown precipitates, which were used as adsorbents in the following adsorption experiments,
were characterized by two broad maxima centered at approximately 35° and 62° 20 (Figure 3-1),
consistent with the presence of 2-line ferrihydrite (Russell, 1979)(Cornell and Schwertmann,
2003). No significant shifts or changes in the width of the ferrihydrite peaks in these precipitates

were observed in the range of silica concentration studied.

FTIR Spectroscopy. To identify the chemical bonds in the initial adsorbents, FTIR analyses were
conducted, and the infrared spectra of the initial adsorbents were generally consistent with
published data on ferrihydrite (Russell, 1979). Two distinct regions can be identified in the
spectra (Figure 3-2). First, the area from ~1300 to ~1700 cm™2, where relatively sharp adsorption
bands at ~1350, ~1480, and ~1650 cm™ corresponding to the vibrations of adsorbed water are
observed. The most significant changes with increasing Si concentration are observed in the
second region, where a relatively sharp band at ~930 cm™ corresponding to asymmetric
stretching vibrations of Si-O-Fe bonds appears and increases in intensity with increasing
concentration of silica (Doelsch et al., 2003). Swedlund (Swedlund et al., 2010) reported that the
presence of a small amount of polymeric silica could be observed at ~1060 cm™ in high Si/Fe
ratio. However, no peaks were observed at this position in this study, this may be explained by

the relatively higher background in high Si/Fe ratio, which masks the vibrations in this region.

C-Potential. To examine the surface charge properties of the initial adsorbents, the {-potential
measurements at different pH were conducted. The (-potentials of the initial precipitates are

shown as a function of pH in Figure 3-3. In general, the pHpzc (point of zero charge) of ferrihydrite
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decreases with increasing silica content during the synthesis. For instance, the pHpz. of
ferrihydrite in the absence of silica was 8.2 and that of ferrihydrite at Si/Fe = 0.4 was 4.8,
suggesting that the surface of the initial precipitates was more negatively charged after the silica

loading.

The XRD results indicate that the Si/Fe of the precipitating solution does not influence the
mineralogy of the initial precipitates. Rapid hydrolysis of the Fe(IlI) in solution due to the
addition of NaOH resulted in the co-precipitation of silica and Fe into poorly ordered ferrihydrite.
The FTIR data show that silica became closely associated with the ferrihydrite via the formation
of Si-O-Fe groups, indicating that silica was incorporated into the structure of ferrihydrite.
Pokrovski (Pokrovski et al., 2003) demonstrated that aqueous silica may form stable iron silicate
aqueous complexes with polymeric ferric oxy-hydroxide species. However, recent studies have
shown that silica could also occur on the surface (Seehra et al., 2004)(Dyer et al., 2010)(Cismasu
et al., 2014). Detailed infrared spectra studies of adsorbed silica on ferrihydrite surfaces show the
formation of bidentate surface complexes composed of monomeric silicate species at low silica
ratios, similar to the concentrations used in this study (Swedlund et al., 2009). Formation of these
silica surface complexes results in a net release of protons that decreases the positive charge on
the precipitate surface (Hiemstra et al., 2007). This is consistent with the changes in the (-
potential observed with increasing Si/Fe ratios (Figure 3-3). At high silica ratios, the surface can
be expected to become more negative as the silica polymerizes and creates more acidic surface
complexes (Swedlund et al., 2010).

3.4 Discussion

3.4.1 Sb(IIT) and Sb(V) adsorption in the absence of Silica

The adsorbed ratios of Sb(IIT) and Sb(V) ions onto ferrihydrite in 0.01 M NaCl solutions is
shown as a function of pH in Figure 3-4. The adsorption rate of Sb(V) was over 90% between pH
3 and 6. With increasing pH, from 6 to 12, the adsorption rate of Sb(V) rapidly decreased from
90% to 10%. A strong pH dependence on Sb(V) adsorption was reported when goethite and
ferrihydrite were used as adsorbents ((Guo et al., 2014)(Qi and Pichler, 2016)). The effect of pH
on Sb(III) adsorption however was much weaker, showing a constant adsorbed fraction ~95%

over the whole of the pH range investigated here, from 3 to 12. This is in good agreement with
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earlier studies (Leuz et al., 2006)(Guo et al., 2014). The difference in adsorption efficiency of
Sb(III) and Sb(V) ions may mainly be due to differences in the electrostatic interactions between
the sorbent surface and Sb oxyanions present in the solutions. The Sb(OH)s is the dominant
Sb(V) species over the wide pH range, here pH 3-10 (Filella et al., 2002a). The surface charge of
ferrinydrite is positive below pH ~8.2, pHpz (point of zero charge), and electrostatic attraction
between the Sb(OH)e and the surface of ferrihydrite can be expected to be stronger under acidic
conditions since Sb(OH)s is negatively charged under the conditions here, leading to
electrostatic forces playing an important role in the Sb(V) adsorption. For Sb(IlI), a trihydroxy
neutral species, Sb(OH)s, is the dominant species over a wide pH range of 2-11 (Filella et al.,

2002a), and only minor or no electrostatic effects may be expected for the Sb(IIT) adsorption.

A specific interaction (so-called surface complexation) may also play an important role between
the adsorbate and adsorbent in addition to the electrostatic effect. To evaluate the effects of
surface complexation reactions of Sb(III) and Sb(V) on ferrihydrite, {-potential measurements
were carried out after the adsorption experiments at different pH values. A {-potential analysis is
able to indirectly discriminate between inner- and outer-sphere surface complexes on mineral
solid surfaces, as the formation of charged inner-sphere surface complexes changes the (-
potential values and the pHpzc because the ion adsorption occurs inside the shear plane (Stumm
and Morgan, 2012). The {-potential over a wide pH range, from 3 to 12, and a significant pHpzc
shift was observed (Figure 3-5) for both Sb(III) and Sb(V) adsorption on ferrihydrite. The pHpzc of
the ferrihydrite after adsorbing Sb(V) is 7.1, which is higher than the 6.1 of Sb(III) (Figure 3-5).
The shifts in pHpzc are likely due to negative charges generated by inner-sphere complexation of
Sb ions on the surface of ferrihydrite, and the results of the {-potential measurements suggest
that Sh(V) ions are adsorbed on the ferrihydrite surface but not as strongly as Sh(III) ions. The
strong pH dependence on Sh(V) adsorption (Figure 3-4) suggests that electrostatic interactions
play an important role for Sb(V) ions, and the strong pH dependence and shifts in pHpz.
Together, these results imply that both outer- and inner-sphere complexes rather than only inner-
sphere complexes contribute to the adsorption of Sh(V) ions on the ferrihydrite. Wang (Wang et
al., 2015) reported a combination of outer and inner-sphere complexes for Sb(V) adsorption on

iron modified aerobic granules, which is consistent with the results for Sb(V) adsorption here.
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At the same time, the steep decrease in the pHp.c by Sb(III) adsorption on ferrihydrite suggests
that the uncharged Sb(III) is bound strongly to the surface of ferrihydrite by inner-sphere
complexation, and the surface complexation between Sb(IIl) and Fe species is likely the
dominating mechanism for Sb(III) adsorption, which would also be consistent with the pH
independence of Sb(III) adsorption (Figure 3-4). An inner-sphere formation for bidentate
mononuclear edge-sharing between Sb(IIT) and HFO was reported by using extended X-ray
absorption fine structure (EXAFS) (Guo et al., 2014). However, further spectroscopic evidence is
necessary to understand the adsorption mechanism of Sb(III) and Sb(V) on the mineral surface in

more detail.

All of the above results suggest that Sb(III) showed a higher adsorption efficiency toward
ferrinydrite than Sb(V) in the pH range 6-12. Previous studies also reported more effective
removal of Sb(IlI) than Sb(V) by ferric chloride over a broad pH range and under a variety of
competing ions such as phosphate and humic acid (Guo et al., 2009). The comparison in mobility
between the two Sb species appears to be different from that for the As(IIl) and As(V) species
despite Sb and As belonging to the same group of the periodic table. Here the relatively stronger
adsorption of Sb(III) compared to As(III) could be attributed to antimonite being a stronger
Lewis base than arsenite (Leuz et al., 2006) having a higher pKa value (pKal(H3AsOz) = 9.22;
pKa(Sb(OH)3) = 11.9). Ferrihydrite is frequently amphoteric, and if considering the surface sites

of ferrihydrite as Lewis acids, this would explain the stronger binding of Sh(III).
3.4.2 Sb(III) and Sh(V) adsorption in the presence of Silica

The effect of silica on the adsorption of Sb was investigated by varying the Si/Fe ratio of the
precipitates at pH 7. The results demonstrated that both Sb(IIT) and Sh(V) are significantly
affected by the presence of silica, with the adsorbed fraction decreasing with increasing Si/Fe
ratios (Figure 3-6). Both Sb(III) and Sb(V) adsorption were suppressed in the presence of silica.
The adsorbed fractions of Sb(IlI) and Sb(V) ions decreased from >96% at Si/Fe = 0 to 60% at
Si/Fe = 0.4 and from >75% at Si/Fe = 0 to 30% at Si/Fe = 0.4, respectively. This shows that
Sb(V) was affected more significantly by silica than Sb(III). The drop in Sh(V) adsorption
efficiency is likely a result of decreased electrostatic interactions between Sb(V) ions and the
surface of ferrihydrite by the decreased surface charge of ferrihydrite due to the presence of

29



silica on the ferrihydrite surface (Figure 3-3), as discussed in the previous Section 3.3.1. Swedlund
(Swedlund and Webster, 1999) also suggested that the decreasing surface charge of ferrihydrite
by increasing silica concentrations could be an important factor in inhibiting As adsorption.
Besides the effect of silica to decrease the surface charge, silica may also suppress adsorption of
Sb by occupying surface sites by inner sphere complexation. No apparent pHpzc shift was
observed after adsorption of either Sb(IIT) or Sb(V) on ferrihydrite synthesized at Si/Fe = 0.2
(Figure 3-7). This suggests that Sb(IlI) or Sb(V) ions could not make enough inner-sphere
complexes with surface =FeOH groups on ferrihydrite to change the (-potential because potential
surface sites were already occupied by silica. This effect would be more important with Sb(III)
ions since inner-sphere complexation is the dominating adsorption mechanism for Sb(III) ion
onto ferrihydrite. Jordan (Jordan et al., 2009) also showed that silicic acid could inhibit the
retention of oxyanions of selenium onto hematite surfaces by competition with the surface sites
of hematite. This suggests that a competition for surface sites on ferrihydrite could be a possible

mechanism for inhibition of Sb adsorption.
3.5 Conclusions

This study examined dissolved silica effects on the adsorption and co-precipitation of Sh(III) and
Sb(V) with ferrinydrite. The Sb(V) adsorption onto ferrihydrite increased under more acidic
conditions. Overall, Sb(IIT) adsorption was constant over a broad pH range. The adsorption of

Sb(III) and Sb(V) appeared to be significantly affected by the presence of silica.

Our findings on the behavior of Sb(III) and Sb(V) adsorption on ferrihydrite and Si-ferrihydrite
have important implications for determining the role of ferrihydrite in controlling the final state
of Sb in the environments in which it is released. Although ferrihydrite is an excellent substance
for capturing Sb, its use as a medium in a natural Si-rich system should be considered with

caution because it will tend towards inhibition of Sb capture induced by the Si-rich environment.
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Figure 3-1 X-ray diffraction (XRD) spectra of the initial synthetic precipitates with different Si/Fe ratios.
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Figure 3-2 Fourier transform infrared (FTIR) spectra of the initial synthetic precipitates with different Si/Fe ratios.
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Figure 3-3 Changes in the {-potential of ferrihydrite at different Si/Fe ratios as a function of pH in 0.01 M NaCl.
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Figure 3-4 Adsorption of Sh(III/V) onto ferrihydrite as a function of the pH in 0.01 M NaCl solutions. The initial

Sh(I11/V) concentration were 100 uM for each sample. The concentrations of suspended solids were 0.5 g/L.
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Figure 3-5 Changes in the {-potential of ferrihydrite after adsorbing Sb(I11/V) as a function of pH in 0.01 M NaCl.
The initial Sb(I1I/V) concentrations were 100 uM for all samples. The concentrations of suspended solids were 0.5
g/L.
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Figure 3-6 Adsorption of Sh(V) onto ferrihydrite with different Si/Fe ratios in 0.01 M NaCl solution at pH 7. The

initial Sb(III) concentration were 100 uM. The concentrations of suspended solids were 0.5 g/L.
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Figure 3-7 Changes in the {-potential of Si-ferrihydrite (Si/Fe = 0.2) after adsorbing Sh(IlI/V) as a function of pH in
0.01 M NacCl. The initial Sb(II1/V) concentrations were 100 uM for all samples. The concentrations of suspended
solids were 0.5 g/L.
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4. Surface complexation modeling of antimony adsorption

on ferrihydrite and their silica effect

Abstract

Antimony is a contaminant of emerging concern in natural environment. Ferrihydrite appears to
be an important sorbent for antimony in soil and sediments, while the adsorption process of
antimony adsorption on ferrihydrite is largely unexplored in a variety of environments. In this
study, the adsorption behavior of antimonite (Sb(III)) and antimonate (Sb(V)) by ferrihydrite was
examined as functions of pH, ionic strength, and solid concentration. Adsorption data were
analyzed using an extended triple-layer modeling (ETLM) for surface complexation modeling to
infer Sb(V) reactions and equilibrium constants. Results of ETLM analysis suggest that
adsorption of Sb(V) on ferrihydrite occurs as both an outer-sphere and an inner-sphere process,
expressed by the following complexation reactions:

>FeOH + H* +Sb(OH), => FeOH,"_Sh(OH)
2>FeOH +2H" + Sb(OH) , => Fe,Sh(OH) ;" + 2H,0

And the adsorption of Sb(III) on ferrihydrite occurs as two main bidentate-binuclear inner sphere
species and one outer sphere species, expressed by the following complexation reactions:

2 >FeOH+Sb(OH), => (FeO),Sb(OH), + 2H,0
2 > FeOH+Sh(OH), => (Fe0),SbO™ + H" +2H,0

> FeOH + Sh(OH) , => FeOH,"_SbO(OH) ,

where >FeOH denotes surface hydroxyl. The predicted model speciation of Sb(V) on ferrihydrite
showed that the inner-sphere species increase concomitantly with decreasing pH, surface Sb(V)
loading and increasing solid concentration. The outer-sphere species distribute over a wider
range of pH conditions and are more important at lower ionic strengths. Additionally, the outer-
sphere species are dominant for pH>5, whereas the inner-sphere species are dominant for pH<5.

While the predicted model of Sb(III) on ferrihydrite showed that no pH-dependence and liner
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isotherm founded for low surface coverage speciation, the Sb(III) inner-sphere surface complex
at the surface confirmed by the weak ionic strength effect on Sb(III) adsorption. Batch adsorption
data from this study were reasonably reproduced using ETLM with the predicted equilibrium
constants, thereby validating this approach.

4.1 Introduction

Antimony (Sb) and its compounds are considered as pollutants of priority interest because of its
reported toxicological effects (Filella et al., 2002b)(USEPA, 1979). Contaminations of antimony
in soils and water have been detected around mining and smelter areas, at shooting ranges and
along roadsides (Scheinost et al., 2006)(Duester et al., 2011)(Mathys et al., 2007). Two
frequently observed oxidation states of Sb in the environment are antimonite (Sb(III)) and
antimonate (Sb(V)) (Leuz and Johnson, 2005). Sb(V) species predominantly occurs as Sb(OH)es~
in oxic waters while Sb(III) occurs as Sb(OH)z in aqueous solutions and is more stable under
anoxic conditions (Baes and Mesmer, 1976).

A solubility study in shooting-range soil from Switzerland showed that a major amount of Sb is
distributed to oxalate soluble fractions (Johnson et al., 2005). These findings were confirmed by
an EXAFS study (Scheinost et al., 2006), which reported that Sb occurs as Sb(V) bound to iron-
oxide phases. Thus the mobility of Sb on the surface environment is governed by adsorption
reactions between water and iron hydroxides. More evidences have been found by analysis on
sediments and sorption experiment studies (He et al., 2015)(Guo et al., 2014)(Daus and
Wennrich, 2014)(Tighe et al., 2005)(Leuz et al., 2006). Ferrihydrite, which is a common iron
hydroxides found in the earth’s surface environment, is considered one of the most important
materials for anionic species adsorption (Dzombak and Morel, 1990)(Davis and Kent, 1990),
because of its large surface area and high zero point of charge (ZPC). Therefore, it is quite
important to understand the adsorption behavior of Sb on ferrihydrite to predict the migration of
Sb in the earth’s surface environments. Several macroscopic (batch adsorption) and microscopic
(spectroscopic) studies have been conducted to ascertain the adsorption behaviors of Sb(V) on
mineral surfaces (Guo et al., 2014)(Mitsunobu et al., 2010)(Leuz et al., 2006)(Mitsunobu et al.,
2013)(Scheinost et al., 2006). Among them, batch adsorption experiments were conducted to

elucidate the efficiency of Sb(V) adsorption on minerals under the given solution conditions
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(Guo et al., 2014)(Mitsunobu et al., 2010)(Leuz et al., 2006), although with not investigated
effect of surface coverage or pH on the surface complex species. Whereas spectroscopic studies
were conducted to clarify the speciation of Sb on mineral surfaces such as goethite and hematite
(Mitsunobu et al., 2013)(Scheinost et al., 2006). However, the integration of both macroscopic

and spectroscopic techniques has not been used to characterize the Sb adsorption mechanism.

Both the adsorption efficiency and the surface speciation of Sb on variable charged minerals
depend on solution conditions such as pH, electrolyte type, ionic strength, and metal loadings.
Therefore, any experimental attempt can obtain the fragmental information of the adsorption
behavior only under specific solution conditions. Water chemistries in the surface water and
groundwater may vary depending on various factors, such as geological conditions and pollution
sources (Drever, 1997)(Appelo and Postma, 2004). Therefore, it is useful to develop a
generalized model for the adsorption behaviors of Sh, which can predict both the adsorption
efficiency and surface speciation under variable solution conditions. Currently, a number of
empirical models including Langmuir (He et al., 2015) and Freundlich isotherm models (Zhao et
al., 2014) of Sb adsorption are in wide use. Such models must be calibrated in the laboratory
before being applied to a system of interest, they cannot be readily extrapolated beyond strict
experimental conditions such as pH, ionic strength, electrolyte composition, hence they may be
tricky to apply to natural systems with variable environmental conditions (Reviewers may doubt
that SCM can really apply to field-scale system). Surface complexation models (SCMs), which
are very much analogous to aqueous speciation models, represent a significant improvement over
strictly empirical models because they are based on the thermodynamic principles and
calculations are valid over wide rangers of solution composition, which, in turn, enables
prediction of the adsorption efficiency and surface speciation under any given solution
conditions for minerals (Nagata and Fukushi, 2010)(Fukushi et al., 2013). The diffuse-layer
model (DLM) which is one of sub-model of SCM has been applied for Sb removal by ferric
chloride coagulation (Guo et al., 2009). However, employing DLM for Sb removal at various pH
during ferric chloride coagulation can only be roughly predicted, there are still some significant
discrepancies between the theoretical model and the real experimental results. The extended
triple-layer model (ETLM), which is a SCM, has predicted the surface complexes as a function
of pH, ionic strength and solid concentration independently, consistent with spectroscopic results
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in many anion-mineral systems, such as sulfate, selenate, arsenite and arsenate (Sverjensky,
2005)(Sverjensky and Fukushi, 2006a)(Sverjensky and Fukushi, 2006b)(Fukushi and Sverjensky,
2007a)(Fukushi and Sverjensky, 2007b)(Kanematsu et al., 2010). ETLM has not been applied to
assess Sh adsorption on ferrihydrite. Hence, the speciation, equilibrium constants and adsorption
data are scarce for Sb adsorption on ferrihydrite. Integration of both adsorption data and surface

complexes speciation will be useful to characterize the Sb adsorption mechanism.

The objective of this study was to predict the adsorption behavior and surface speciation of Sb on
ferrinydrite under various solution conditions with ETLM. To construct ETLM that predict the
adsorption behavior in a wide range of conditions, reliable ETLM parameters must be estimated
from experimental data for solute-oxide surface interactions. However, few macroscopic
adsorption data of Sb are available for various solution parameters on ferrihydrite, as described
above. Therefore, in this study, we conducted both Sb(III) and Sh(V) adsorption experiments as a
function of pH, ionic strength, and solid concentration for ferrinydrite and also measured the
surface charge behavior of the ferrihydrite. Then, the reaction equations and equilibrium
constants for Sb(IIT) and Sb(V) adsorption on ferrihydrite were estimated using ETLM and the
adsorption behavior and surface speciation of Sb(IlI) and Sb(V) on ferrihydrite are predicted

using the estimated parameters.

4.2 Materials and methods

4.2.1 Materials

Ferrihydrite was synthesized using the procedure of Schwertmann (Schwertmann and Cornell,
2008). A stock solution of ferric iron (Fe(III), 0.05 mol/L), was prepared by dissolving reagent
grade Fe(NO3)3-9H>0 (Kanto, 99%, Tokyo, Japan) in ultrapure water (18 M Q-cm). The initial
pH of the solution was about 1.8, then 1.0 M NaOH (Kanto, 97%, Tokyo, Japan) solution was
titrated to the stock solution to adjust the solution pH to 7.0 £ 0.1. Addition of the NaOH
hydrolyzes the Fe(III) in the solution resulting in formation of a slurry of dark brown precipitate.
The freshly prepared ferrihydrite suspension were stirred and stabled for 4h before use for the

titration and adsorption experiments.
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4.2.2 Potentiometric acid-base titrations

The surface acid-base properties of ferrihydrite was examined using potentiometric acid-base
titrations at 25°C. Titrations were performed in a closed polycarbonate vessel equipped with a
magnetic stirrer. After the stabling period described above, NaCl electrolyte was added to the
ferrihydrite suspension to yield an ionic strength of 0.01, 0.05, or 0.1. The acid and base
titrations were conducted independent from each other. The ionic strength of the ferrihydrite
suspensions did not change during the course of all the titration runs. A change of less than 0.01

pH units over 3 min was used as the criterion for equilibrium. The surface charge, o, (C/m?),

was calculated from titration data by means of the following equation:
0, =(FIS)(C, -Cg +[OHT]-[H]) 1)

In this equation, F is Faraday’s constant (96485 C/mol), S is the total surface area of the
suspension (m?/L), and Ca — Cg is the net concentration of acid or base added to the solution
(mol/L). The specific surface area of ferrihydrite was assumed to be 600 m?/g, as reported by
Dzombak, Davis and Nagata (Dzombak and Morel, 1990)(Davis and Kent, 1990)(Nagata et al.,
2009).

4.2.3 Adsorption experiments

The Sh(V) stock solution (500 uM) was prepared by dissolving KSb(OH)s powder (Wako, 50%,
Tokyo, Japan) into deionized water, and the Sb(III) stock solution (100 uM) was prepared by
dissolving Sb20s powder (Wako, 98%, Tokyo, Japan) into 2 mol/L HCI (Kanto, 37%, Tokyo,
Japan) solution. The adsorption experiments were conducted on a rotary shaker (110 rpm) at
25°C. Reaction times for equilibration were determined from the preliminary kinetic experiments
as follows. Solid concentrations were 0.5 g/L for ferrihydrite. The Sb(Ill) and Sb(V)
concentration was adjusted to 1 pM by addition of a small volume of Sb(III) and Sb(V) stock
solution, respectively. The ionic strength of the suspensions was adjusted to 0.01 using a NaCl
background electrolyte. The suspension pH was adjusted to pH 7.0. After pH adjustment, the
suspensions were stirred for 0.5, 1, 2, 4, 6, 10, 18 and 24 h. At the end of the reaction time, each
suspension pH was measured. The suspensions were filtered through a 0.2 um cellulose

membrane. The filtered solution was acidified using 60% ultrapure HNOs. The Sb concentrations
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in the filtrates were measured using Inductively Coupled Plasma (ICP)-Atomic Emission
Spectroscopy (AES) (ICPE-9000, Shimadzu Corp., Kyoto, Japan). The detection limit of this
method was 0.1 pg/L. Figure 4-1 and Figure 4-2 presents the kinetics of Sb(V) and Sb(III)
adsorption on ferrihydrite. The percentage of adsorbed Sb(V) remained constant after 12 h within
the examined reaction times up to 24 h, which suggests that adsorption equilibria were attained
within 24 h. While the percentage of adsorbed Sb(III) reached its maximum after 4 h, which
means side reactions such as diffusion of Sb to the particle interior did not occur. Hereafter, we
conducted all the adsorption experiments for 24 h with the assumption that the adsorption

equilibria were attained.

Adsorption edges were obtained as a function of pH, Sb concentration, solid concentration, and
ionic strength. The Sb(V) concentrations were 10, 100 or 500 uM and the Sb(III) concentrations
were 1, 10 or 100 pM. Solid concentrations were 0.5 or 2 g/L. The ionic strength of the
suspensions was adjusted to be 0.01, 0.1, and 1 M using NaCl electrolytes. The suspension pH
was adjusted using 0.1 M or 1 M HCI or HNOz and NaOH solutions to the final pH of 3-10.
After pH adjustment, the suspensions were stirred on a rotary shaker (110 rpm) at 25°C for 24 h.
At the end of the reaction time, each suspension pH was measured. Then the suspensions were
filtered through a 0.2 pm cellulose membrane. The Sb concentrations in the filtrates were
measured using ICP-AES. The adsorption amount was calculated from the differences of initial

and final Sh concentrations as

[Sb], —[Sb],

Adsorption = x100(%) 2

0

,where [Sb], and [Sb],, represent the initial and final Sb concentrations, respectively.

4.2.4 Estimation of ETLM basic parameters for ferrihydrite

Aqueous speciation calculations were conducted with consideration of aqueous ionic activity
coefficients appropriate to single electrolytes up to high ionic strengths calculated using the
extended Debye—Hickel equation (Criscenti and Sverjensky, 1999). Aqueous antimony
protonation reaction was consistent with those reported from an earlier study (Baes and Mesmer,
1976).
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Sb(OH ), +H,0 = Sb(OH), +H " log K =—2.47
SH(OH ), + H,0 =Sb(OH), +H" log K =-11.82

Sb(OH)," +H,0=Shb(OH), +H " log K =-1.42

The ETLM calculations were performed with GEOSURF (Sahai and Sverjensky, 1998) which
adopts the hypothetical 1.0 M standard state relative to >SOH species for surface species. The

ETLM application requires the following basic parameters: surface protonation equilibrium

constants (K,” and K?), the stoichiometry of the electrolyte adsorption equations, the electrolyte
adsorption equilibrium constants (K9a+ and Kg,), surface site density (Ns), specific surface area

(As), and the inner-layer and outer-layer capacitance (C1 and C). The specific surface area (As)
of ferrihydrite is assumed to be 600 m?g (Davis and Kent, 1990)(Dzombak and Morel,
1990)(Nagata et al., 2009). The surface site density (Ns) of 3.8 (sites/nm?) was adopted for
ferrihydrite based on the relation between the surface area and site density of ferrihydrite, as
reported by (Sverjensky, 2005) and (Nagata et al., 2009). For ferrihydrite, an inner-layer
capacitance (C1) of 1.0 F/m?, and an outer-layer capacitance (Cz) of 0.2 F/m? were obtained from
Fukushi and Sverjensky (Fukushi and Sverjensky, 2007b). The values of these parameters in the

present study are summarized in Table 4-1. The surface protonation reactions and the equilibrium
constants K, and K!, corresponding to site-occupancy standard states (denoted by the

superscript “0”) are given by

>FeOH+H" => FeOH; ©)
a . _Fwo
Kf _ __ >FeOH; 10 2303RT
a'>FeOHaH+ (4)
and
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>FeO +H" => FeOH (5)

K9 _ a>FeOH 10 z.sz‘g;T
2= (6)

a>FeO’aH*

In those equations, >FeOH denotes surface sites; R and T represent the universal gas constant
and absolute temperature (K), respectively. ywo denotes the electrical potential at the 0-plane

where H™ and/or OH™ adsorb on surface sites. The surface protonation equilibrium constants

were calculated from pH,,. (ZPC: zero point of charge) and ApK? (Sverjensky, 2005) as

ApK!

IogKf :pHZPC_pT (7)
ApK?

IOgKg:szpc"‘ s (8)

The value of pH,,. of ferrihydrite was taken from (Nagata et al., 2009). Values of ApK’® were

predicted theoretically (Fukushi et al., 2013)(Sverjensky, 2005). The equilibrium constants based
on a site-occupancy standard state are independent of the surface area and site density
(Sverjensky, 2003). For convenience, the surface protonation equilibrium constants referring to
the hypothetical 1.0 M standard state (denoted by the superscript “0”) are also given in Table 4-1.

The relations between the two standard states are given as

N.A
logK ? = logK ? — Iog( NEAEJ 9)
and
0 _ 0 NsAs
logK; = logK, —log (WJ (10)

where Ns and As represent the surface site density and specific surface area of the sth solid,
respectively. N* and A* correspond to values for the same properties at the hypothetical standard
state. In this study, N* values of 10 sites/nm? and A* values of 10 m?/g were selected for all
solids (Sverjensky, 2003).
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Other parameters, i.e., electrolyte adsorption equilibrium constants were estimated from
ETLM analysis of surface charge data obtained from three different ionic strengths in NaCl
solutions (Figure 4-3). Both Na* and CI™ are assumed to absorb on ferrihydrite on B-plane in
ETLM (outer-sphere). The NaCl electrolyte adsorption equations are given as shown below.

>FeO +Na" =>FeO _Na’ (12)
>FeOH, +CI” = FeOH,_CI (12)

Equilibrium constants K‘L . and K" _, corresponding to site-occupancy standard states are
a Cl
derived as presented below.

Fy i

0 o g (13)
&, o Ana
a [P T

Kecr _ >F90H2;' 10 2:303RT (14)
>FeOH; “aI-

The relations between the site-occupancy standard states, log Kza+ and log Kg, , and the

hypothetical 1.0 M standard state, log” K? . and log” K’ _ (where superscript “*” signifies a

reaction relative to the >FeOH species), are givens as shown below.

. NA,
log"K?,. =logK? . —pH . —ApK) — Iog( NIAJ (15)
and

. N.A
log"K?,~ =logK?, +pH_.c — ApK} —log (ﬁj (16)

The ETLM with the above parameters generally reproduces well the surface charge data of
ferrihydrite used in this study as a function of pH and ionic strength in NaCl electrolyte (Figure
4-3). The ETLM analysis of surface charge as a function of ionic strength produced the values of

log K€a+ =4.3 and log Kg, =4.5. These basic parameters for ETLM are also presented in Table

4-1.
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4.3 Results and discussion

4.3.1 Surface charge of ferrihydrite in NaCl solutions

The obtained proton surface charge on ferrihydrite as a function of pH from potentiometric
titrations in NaCl solutions are shown in Figure 4-3. The surface charges increased with salt
concentrations in NaCl solutions, of which behaviors are consistent with the variable charge
minerals. Meanwhile, the titration curves of ferrihydrite in NaCl electrolyte solutions at various
ionic strengths (1 = 0.01, 0.05, and 0.1) exhibit a common intersection point (i.e., points of zero
salt effect (PZSE)) at pH 7.9 (Figure 4-3). This pHpzse is almost identical to values previously
reported for ferrihydrite in NaCl solutions (Ching-kuo Daniel Hsi and Langmuir, 1985)(Nagata
et al.,, 2009). The solid lines in Figure 4-3 are regression curves calculated by ETLM. The
parameters used in the calculations are given in Table 4-1. ETLM analysis resulted in values of

log K . =43 and log K’ =4.5. This agreement of the adsorption equilibrium constants for both

reactions indicates that no asymmetry occurred in binding, ascertaining the above assumption
that pHpzse = pHzrc (Sverjensky, 2005). Criscenti and Sverjensky (Criscenti and Sverjensky,
2002) analyzed the titration data obtained by Davis (Davis et al., 1978) for ferrihydrite and

0

obtained adsorption equilibrium constants of 4.3 and 4.5 for log K"a+ and log K/,

respectively.

The similarity between these values and our obtained values indicates that the surface properties
of the present ferrihydrite were almost identical to those of Davis’s samples (Davis et al., 1978).
Therefore, the assumed ferrihydrite specific surface area of 600 m?/g used in the present study is
justified.

4.3.2 Sb(V) and Sh(IIT) adsorption reaction stoichiometries

The stoichiometry of adsorption reaction(s) and the adsorption equilibrium constant(s) for Sb(V)
and Sb(IIT) on ferrihydrite were estimated from ETLM regression calculations for both the
proton surface charge of ferrihydrite and pH adsorption edges as functions of ionic strength and
Sb loading as well as solid concentration. For Sbh(V) adsorption, all adsorption data were fitted
reasonably by assuming the two adsorption reactions. They are formations of monodentate,

mononuclear outer-sphere species and bidentate, binuclear inner-sphere species as shown below.
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>FeOH + H* + Sb(OH) , =>FeOH,"_Sb(OH) (17)

2> FeOH + 2H" +Sb(OH) , => Fe,Sb(OH),* + 2H,0 (18)

While for that of Sb(III) adsorption, they are formations of two main bidentate, binuclear inner-

sphere species and one outer-sphere species as shown below.

2 > FeOH+ Shb(OH), => (FeO),Sb(OH), + 2H,0
2 > FeOH+ Sb(OH), => (Fe0),SbO™ + H* + 2H,0

> FeOH + Sh(OH) , => FeOH,"_SbO(OH) ,

Michel (Michel et al., 2007) proposed a structure for ferrihydrite with 3-Keggin entities.
According to the structure, most of the Fe-Fe distance in ferrihydrite, which can be approximated
as the distance between the two surface hydroxyls in ferrihydrite, is equal to or less than 3.0 A,
except for that between tetrahedral Fe and octahedral Fe (Manceau, 2012). The ionic radius of
antimonate is 0.6 A. The diameter of antimonate is 1.2 A. Therefore, the spontaneous formations
of two adjacent bidentate antimonate species on the surface in ferrihydrite might be possible
because of the spatial constraint. In fact, Mitsunobu (Mitsunobu et al., 2010) observed that Sb(V)
is absorbed on ferrihydrite with the formation of inner-sphere surface complexes including edge-
sharing and double corner-sharing complexes from X-ray absorption fine structure (XAFS)
analysis of adsorption samples. Vithanage (Vithanage et al., 2013) reported that the Sb(III)
adsorption was mainly adsorbed in an inner-sphere model on the surface sites of iron oxides. Our
previous study (Zhou et al., 2018) also interpreted Sb(V) adsorption by zeta-potential analysis as
attributable to the formation of the outer-sphere complex and inner-sphere complex formed by
ligand exchange processes, Sb(III) adsorption was attributable to the formation of inner-sphere
complex. Another research from Leuz (Leuz et al.,, 2006) suggested that the inner-sphere
complex of Sb(V) is dominant at lower pH on the goethite surface, and the outer-sphere complex
relatively increases at pH>6. Therefore, the estimated reactions for both Sb(V) and Sb(III) of
outer-sphere complex and inner-sphere complex involving ligand exchange process, which are

consistent with previous spectroscopic and electrophoresis studies.
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Here, we show the detailed methodology for estimation of the ETLM equilibrium constants for
Sb(V) adsorption. For that of the Sb(III) adsorption, the methodology is the same with that of
Sb(V) adsorption.

The corresponding adsorption equilibrium constants of Eqgs. (17) and (18) can be written as

presented below:

a . B F(AU/;/‘]])
*KO :MIO 2.303RT (19)
>FeOH,"_$h(OH)g™ 4 a a
>FeOH™ H* “'sh(OH)
2 F(Ay,18)
a +a Yy
10 — __>FesS(OH)s" MO 4 475 308RT (20)

>Fe,Sh(0OH)s* ~ 42 2
’ ’ a>F€OHaH*aSb(OH)e’

In those equations, Ay, is the electrostatic factor related to the work done in an electric field

when the species in the reaction move on or off the changed surface. For the outer-sphere species

in Eq. (17), the electrostatic factor Ay, ,, is evaluated in the traditional way in the triple-layer

model (Davis et al., 1978) as

N (21)
where the term y, represents changes in the potential experienced by the H* adsorbing to the 0-
plane. The term —y/, refers to changes in the potential experienced by the Sb(OH)s~ adsorbing to

the B-plane. For the inner-sphere species in Eq. (18), Ay, ,, was estimated using the procedure

described by Sverjensky and Fukushi (Sverjensky and Fukushi, 2006a). Inner-sphere anion
adsorption is thought to proceed by a ligand exchange mechanism involving the release of water
dipoles (Zhang and Sparks, 1990)(Stumm, 1992)(Grossl et al., 1997). To show clearly how the
electrostatics of this process are treated in ETLM, we disaggregate Eq. (18) into two reactions.
The first reaction, in which surface sites are protonated and Sb(OH)s™ is adsorbed to the B-plane

of the TLM, can be represented as follows:
2>FeOH +2H" +Sb(OH) ;= (> FeOH,"),_Sh(OH) - (22)

The electrostatic factor associated with Eq. (22), Ay, ,, is evaluated traditionally as:
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Ay, =20, =V, (23)
In the second reaction, water is desorbed from the O-plane and an inner-sphere complex is
formed:

(> FeOH,"), Sb(OH), => Fe,Sb(OH) .* + 2H,0 (24)

The magnitude of the electrostatic work associated with desorption of n moles of water dipoles

from the O-plane in the ETLM is given as:
O ~ nF(l//O—l//ﬁ) (25)

where F is the Faraday constant (F = 96485 C/mol), and where yo and g, respectively, signify
the potentials at the 0-plane and b-plane of TLM (Sverjensky and Fukushi, 2006a)(Sverjensky
and Fukushi, 2006b). Applying Eq. (25) to the reaction shown in Eq. (24) yields:

aNZS ~ ZF(WO _‘///3) (26)

The electrostatic work of dipole desorption shown in Eq. (26) can be expressed in equilibrium

constant form as presented below:

ZF('//O'WB)

K, =10 2337 (27)

That is to say, the electrostatic factor for Eq. (24), Ay, ,,, is given as:

AY, 3= 20y, — l//ﬁ) (28)

The overall reaction in Eq. (18) represents the sum of the reactions in Egs. (22) and (24).

Consequently, the overall electrostatic factor for Eq. (18), Ay, .4, is given as the sum of Egs. (23)
and (28):
AW, =AY, 5 +AY, = 2y, — Ve — 2(y, — l//ﬂ) =Wy (29)

The solid lines in Figs. Show ETLM regressions of the adsorption data. The ETLM
analysis uses logK * =215 and log K"’ =12.3 for ferrihydrite.

>Fe,Sh(OH) ¢+ >FeOH,"_Sb(OH) ¢
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The relation of equilibrium constants between the site-occupancy standard state and the

hypothetical 1.0 M standard state relative to >FeOH is given as

log"K®° =logK* +2pH . —ApK’ —lo (NSAs)ZC (30)
9 >Fe,S0(0H) g 9 >Fe,Sh(OH) 5 PH zpc Pty 9 NiAL s

where Cs is the solid concentration of the system (g/L). For convenience the Sb(V) adsorption
equilibrium constants referring to the hypothetical 1.0 M standard state relative to >FeOH

species are also given in Table 4-2.

4.3.3 Prediction of adsorption of Sb(V) and Sb(III) on ferrihydrite in

NaCl solutions

Figure 4-4 portrays the adsorption edges on ferrihydrite as a function of Sb(V) loading in 0.01 M
NaCl solutions (Figure 4-4a), and as a function of ionic strength in constant Sb(V) concentration
(Figure 4-4b), and as a function of solid concentration (Figure 4-4c). In all examined conditions,
Sb(V) adsorption were almost 100% at around pH 3.5. The amounts of adsorption decreased
concomitantly with increasing pH. The pH dependence of the adsorption is consistent with that
of the anionic species on variable charge minerals (Dzombak and Morel, 1990)(Stumm, 1992).
The strong pH dependence of Sb(V) adsorption and the fact that adsorption was favored at acidic
pH were reported for kaolinite and goethite (Rakshit et al., 2015)(Leuz et al., 2006). The
adsorption behavior of Sb(V) in terms of pH is firstly attributed to the electrostatic attraction
between Sb(OH)e and the surface of ferrihydrite (Zhao et al., 2014). A surface complexation may
also play an important role between the adsorbate and adsorbent in addition to the electrostatic
effect (Zhou et al., 2018). In all examined conditions, Sb(V) adsorptions were over 80% between
pH 3 and 6. As expected, Sb(V) adsorption was dependent on pH, which the amounts of
adsorption decreased concomitantly with increasing pH. The adsorption edge shifted to higher
pH with decreased Sb(V) loading.

The adsorption data depicted in Figure 4-4b shows Sb(V) adsorption edge on ferrihydrite as a
function of the electrolyte concentrations of NaCl. The adsorption decreases concomitantly with
increased ionic strength in NaCl solutions at pH>5. The ionic strength dependence suggests that

the adsorption of Sb(V) on ferrihydrite is suppressed in the presence of high concentrations of
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electrolytes in solutions. In addition, these results infer a differing strength of bonding, there has
been relatively little mention in the literature of the molecular basis for these observations. lonic
strength shows effect on the macroscopic adsorptive performances, which provide valuable
information on formation of surface complexes (Hayes et al., 1988). In detail, the formation of
outer-sphere complexes was relative in that the adsorptive capacity decreases with increasing
ionic strength. On the contrary, in cases where ionic strength has little effect on the adsorption
capacity, the formation of inner-sphere complexes may be inferred. Consistency between the
experimental and modeling results on the ionic-strength dependence suggests that the ETLM has

a plausible molecular basis, i.e., the formation of inner- vs outer-sphere surface complexes.

The adsorption data depicted in Figure 4-4c are related to Sb(V) adsorption edges on ferrihydrite
as a function of solid concentrations and 10 uM Sb(V) concentration in 0.01 M NaCl solutions.
The solid curves in Figure 4-4c represent regression calculation on ferrinydrite using two reactions.
It is apparent that the calculated curves provide a close description of the Sb(V) adsorption data
over a range of experimental conditions. The estimated values of logK® of bidentate species and
monodentate species are 21.5 and 12.3. The higher equilibrium constants suggest higher affinity
of ferrihydrite to Sb(V).

Figure 4-5 presents the adsorption edges on ferrihydrite as a function of Sh(III) loading in 0.01 M
NaCl solutions (Figure 4-5a), and as a function of ionic strength in constant Sb(III) concentration
(Figure 4-5b), and as a function of solid concentration (Figure 4-5¢). In all examined conditions,
Sb(III) adsorption were almost 100% over a broad pH range except that with the lower solid
concentration shown in Figure 4-5c. The pH dependence of Sb(Ill) adsorption was less
pronounced than that of Sb(V), showing a constant adsorption capacity to the pH at which
adsorption was almost complete. This was in good agreement with the earlier studies, which
showed that Sb(l11) adsorption by iron oxides can be optimized over a broad pH range (Guo et al.,
2014)(Shan et al., 2014) (Leuz et al., 2006).

The adsorption data depicted in Figure 4-5b shows Sb(III) adsorption edge on ferrihydrite as a
function of the electrolyte concentrations of NaCl. Good agreement with the experimental data is
obtained using the inner-sphere species reactions. The formation of inner-sphere complexes can

be inferred since ionic strength has little effect on the adsorption capacity. McComb (McComb et
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al., 2007) has reported that Sh(IIT) can be bound strongly to the surface sites by formation of

inner-sphere surface complexes, which consist with present study.

The adsorption data depicted in Figure 4-5c are related to Sb(III) adsorption edges on ferrihydrite
as a function of solid concentrations in 0.01 M NaCl solutions. The solid curves in Figure 4-5¢
represent regression calculation on ferrihydrite using Sb(III) reactions. It is apparent that the
calculated curves provide a close description of the Sb(III) adsorption data over a range of

experimental conditions.

4.3.4 Prediction of surface Sb(V) and Sb(III) species on ferrihydrite in

NaCl solutions

The predicted surface speciation on ferrihydrite as a function of Sb(V) loading in 0.01 M NaCl
solutions is shown in Figure 4-6a-c. The lower surface loading also results in the higher
contribution of bidentate inner-sphere species over monodenate outer-sphere species at lower pH.
Scheinost (Scheinost et al., 2006) reported the dominant Sb(V) surface species in shooting-range
soils is a bidentate inner-sphere species in their investigation using XAFS. The prediction of

surface species as a function of pH and surface coverage is consistent with their findings.

The predicted surface speciation of Sb(V) on the surface of the ferrihydrite with different
electrolyte concentrations in constant Sb(V) concentration is shown in Figure 4-7a-c. The ionic
strength dependence suggests that the adsorption of Sb(V) on ferrihydrite is suppressed in the
presence of high concentrations of electrolytes in solutions. Specifically, the inner-sphere species
is the predominant species at pH<5 for all the ionic strengths, which is consistent with the
discussion above. The contribution of the outer-sphere species appears at slightly acidic to
alkaline conditions, and decreases concomitantly with increased ionic strength, of which the

behavior is consistent with the discussed above.

The predicted surface speciation on ferrihydrite as a function of solid concentrations and 10 uM
Sb(V) concentration in 0.01 M NaCl solutions is given in Figure 4-8a-c. The proportion of the
inner-sphere species to outer-sphere species clearly depends on the surface solid concentration.
The low solid concentration results in the higher contribution of outer-sphere species over inner-
sphere species at pH>5. The speciation also shows that the contribution of outer-sphere species

increases with pH, whereas that of inner-sphere species decreases monotonously with pH. The
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adsorption speciation showed that the inner-sphere species values obtained from 2 g/L of solid
concentrations at low pH conditions (pH<6) were markedly higher than those from 0.5 g/L solid
concentration, although those from 2 g/L were almost identical to those from 0.5 g/L at high pH
conditions (Figure 4-8b-¢). Comparison of the surface speciation between 0.5 and 2 g/L of solid

concentration clarifies that the difference of distribution of the inner-sphere species.

The predicted surface speciation on ferrihydrite as a function of Sh(III) loading in 0.01 M NaCl
solutions is shown in Figure 4-9a-c. The lower surface loading also results in the higher
contribution of two bidentate inner-sphere species over monodenate outer-sphere species over all
range of pH.

The predicted surface speciation of Sb(III) on the surface of the ferrihydrite with different
electrolyte concentrations in constant Sb(III) concentration is shown in Figure 4-10a-c. The
predicted two bidentate binuclear inner-sphere species dominate over the pH ranges as a function

of electrolyte concentrations, which is consistent with the discussion above.

The predicted surface speciation on ferrihydrite as a function of solid concentrations in 0.01 M
NaCl solutions is given in Figure 4-11a-c. The proportion of the inner-sphere species to outer-
sphere species clearly depends on the surface solid concentration. The low solid concentration
results in the lower inner-sphere species. The adsorption speciation showed that the inner-sphere
species values obtained from 0.5 g/L and 2 g/L of solid concentrations at low pH conditions
(pH<7) were markedly higher than those from 0.01 g/L solid concentration. Sverjensky
(Sverjensky, 2003) revealed that the binuclear inner-sphere complexes depend on the amount of
solid. Here we observed the bidentate binuclear inner-sphere species increasing with solid
concentrations, which was consistent with the reported conditions. Comparison of the surface
speciation between 0.01 g/L and 2 g/L of solid concentration clarifies that the difference of
distribution of the inner-sphere species.

4.3.5 Application to Sb(V) and Sb(III) adsorption

Figure 4-12 represents the adsorption of Sb(V) on HFO from (Guo et al., 2014). The solid curves
in Figure 4-12 represent regression calculations using the same reactions as in Figure 4-4, i.e.,
involving the species of bidentate binuclear inner-sphere species and outer-sphere species. It can

be seen that the calculated curves provide a close description of the bulk of the experimental data
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of all kinds. The predicted model speciation of antimonate on HFO showed that outer-sphere

species dominated a wide pH range, while the inner-sphere species only presented at pH < 5.

Figure 4-13 represent the adsorption of Sb(IlI) on HFO from (Guo et al., 2014). The solid curves
in Figure 4-13 represent regression calculations using the same reactions as in Figure 4-5, i.e.,
involving the species of two bidentate binuclear inner-sphere species. It can be seen that the
calculated curves provide a close description of the bulk of the experimental data of all kinds.
The predicted model speciation of antimonite on HFO showed that the (>FeQO).Sb(OH)> species
dominated at pH < 6, and the other inner-sphere species (>Fe0)>.SbO™ increasing with increased
pH.

4.3.6 Application to Sb(V) and Sh(III) adsorption under silica effect

Figure 4-14 and Figure 4-15 represent the adsorption of Sb(V) and Sb(III) on ferrihydrite under
silica effect at 0.01 M NaCl solution. It can be seen from Figure 4-14, with increasing Si/Fe ratio
the adsorption efficiency of Sh(V) decreased and shifted to lower pH value. While in Figure 4-15,
the silica decreasing the Sh(III) efficiency on ferrihydrite and the pH showed on effect on the
adsorption. It is apparently that the ETLM curve can reproduce the experimental data for the
whole range of pH. Thus the ETLM could allow us to predict Sb adsorption on ferrihydrite under
silica effect without taking extensive experiment. Using the ETLM theory, it is possible to
estimate adsorption equilibrium constants of Sb ions for ferrihydrite despite the presents of silica.
The application of ETLM theory to ferrihydrite will enable us to understand how those ions
macroscopically and thermodynamically interact with each other on the common adsorbent in

water treatment systems in a way consistent with spectroscopic and molecular evidence.
4.4 Conclusions

The adsorption data of Sb on ferrihydrite were obtained from this study, conducted under widely
various pH, Sb loadings, ionic strength and solid concentrations in NaCl solutions, which were
analyzed using ETLM. The adsorption of Sb(V) on ferrihydrite decreased concomitantly with pH,
which is consistent with other anionic species on iron oxides, and decreased with ionic strength.

The ETLM analysis of the adsorption date suggest that Sb(V) adsorbs to ferrihydrite via
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formation of monodentate, mononuclear outer-sphere species and bidentate binuclear inner-

species, as shown below:
>FeOH +H* +Sh(OH) , => FeOH,"_Sb(OH)
2>FeOH +2H"* + Sb(OH) , => Fe,Sb(OH) ,” + 2H,0

The prediction of the surface speciation of Sb(V) on ferrihydrite showed that the inner-sphere
species increase concomitantly with decreasing pH, surface Sb(V) loading and increasing solid
concentration. The outer-sphere species distribute over a wider range of pH conditions and are
more important at lower ionic strengths. Additionally, the outer-sphere species are dominant for

pH>5, whereas the inner-sphere species are dominant for pH<5.

While the adsorption of Sb(IIT) on ferrihydrite constant over a broad range of pH, and ionic
strength shown no effect on the Sb(IIl) adsorption efficiency. The ETLM analysis of the
adsorption date suggest that Sh(III) adsorbs to ferrihydrite mainly via formation of binuclear

inner-species, as shown below:

2 > FeOH-+ Sb(OH), => (Fe0),Sb(OH), + 2H,0

2> FeOH+ Sb(OH), => (Fe0),Sb0™ + H* + 2H,0

> FeOH + Sb(OH) , => FeOH,”_SbO(OH) ,

The prediction of the surface speciation of Sb(IIT) on ferrihydrite showed that the inner-sphere
species dominate a wide range of pH, surface Sb(IlI) loading and increasing with solid
concentration. These formation behaviors of surface species are consistent with those found from
spectroscopic studies. The agreements strongly confirm the validity of the present approach, not
only for the integration of spectroscopic and bulk adsorption data of Sb on ferrihydrite, but also
for making predictions of surface speciation over wide ranges of conditions of relevance to the

migration of Sb species in the environment.
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Figure 4-1 Kinetics of antimonate adsorption on ferrihydrite in 0.01 M NaCl solution at 25°C.
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Figure 4-2 Kinetics of antimonite adsorption on ferrihydrite in 0.01 M NacCl solution at 25°C.
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Figure 4-3 Surface charge data of ferrihydrite as a function of pH and ionic strength in NaCl electrolyte solutions at

25°C. Solid lines in the plot are corresponding ETLM calculations based on the parameters presented in Table 4-1.
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Table 4-1 Sample characteristics, surface protonation, electrolyte adsorption equilibrium constants, and capacitances

used for this study.

; Salt Ns As 0 0 0 0 0 0+ 0- 10 oo G C.
Solid ML (sitelnm?) (/g pHzec  ApK.? logKy? logKz® logK:®  logKy’  logK% logk?  log'Kom+  log'K® (WFfem?)  (uF/em?)
Ferrihydrite NaCl 3.8° 600° 79¢ 5.6¢ 5.1 10.7 3.7 -12.1 4.3¢ 45¢ -7.7 8.2 100 20

Values of log K/, log K¢, log wa and log K refer to site-occupancy standard states for the reactions listed

below 2 M* stands for Na*. L~ stands for CI~ for this study. Values of log Kf and log Kf were predicted using

the given values of PHp. and ApK® Values of log K., log K?, log” K’ and log” KB, refer to the

hypothetical 1.0 M standard state and the reactions listed below ®.

They were calculated from values of log Kf log Kzg log K? . and log Kf, using Egs. (9), (10), (15), (16) with

the tabulated values of Ns, As, PH_5c and ApK? .

2 log K?: >SOH+H"=>SOH;; logK?: >SO"+H" =>SOH ; log K’ . :

>SO +M" =>SO_M"; logK” : >SOH; +L =>SOH;_L .

b Jog K): >SOH+H" =>SOH;; log K?: >SO™ +H" =>SOH ; log"K? . :
>SOH+H"+M* =>S0"_M"+H"; log"K’ : >SOH+H" + L~ =>SOH; _L.
¢(Nagata et al., 2009).

d (Sverjensky, 2005).

¢ This study.
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Table 4-2 Adsorption equilibrium constants for Sb(V) surface complexes on ferrihydrite

- N lo K(.?:ezsh(on)g -
Solid (site /rimz ) Co(g/L) 00" Kl: womy 09K s wom: 00K oy ? Adsorption data ETLM parameter
Ferrinydrite 3.8 0.5 10.9 12.3 171 21.5 This study This study
Ferrihydrite 3.8 2 10.9 12.3 16.5 21.5 This study This study

Values of log* K°

* 0 .
SSOH _Sh(OH)z and log* K ~Fe,Sb(OH)? refer to the hypothetical 1.0 M standard states and

reactions with
+ - + - 0
>SOH (log* K’y o) © > FeOH+H" +Sb(OH); =>FeOH," Sh(OH), ; log* K . o ..

2>FeOH +2H" +Sb(OH) , => Fe,Sb(OH) ;" + 2H,0).

Values of 10g K>Fe so(om); @nd log K>sow _so(ony; Tefer to the site-occupancy standard states and reactions

with

>SOH.*  ( log K>FeSb(OH) :  >FeOH; +Sb(OH), =>FeOH,"_Sb(OH),~ ; logK”’

>SOH; _Sb(OH )z

2 >FeOH; +Sb(OH) ;" => Fe,Sb(OH) ,* +2H,0).
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Figure 4-4 Antimonate adsorption edge on ferrihydrite as a function of antimonate loading (a), ionic strength (b)

and solid concentrations (c). Solid lines show curves calculated using ETLM.
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63



Yeantimonate species

Yhantimonate species

10¢ 100
>FeOH,” Sh(OH), b
90 B \ 90 -
>FeOH," Sb(OH)¢ .
SHOH), " . S SOH), .-
8o f L 80 L
N, .
70 7 g 0
l’ 8 f/
60 . 60 . . -
% ’ Predicted antimonate species in ,/’
50 | ) . ”EJ 50 | 0.01 M NaCl Solutions
O'QI M]NaC] SO]ut,lonS S g 0.5g'L1,100uM antimonatc
40 0.5g-L"!,10uM antimonatg £ 40
/ 5

30 30
2¢ 20
10 10
0 o beszzzarll

3 4 5 6 7 8 9 10 3 4 5 6 7 8 9 10

pH pll
100
w0 | Predicied antimonale specics in
0.01 M NaCl Solutions LT
80 | 0.5 g-1-1,500uM antimonate .-~
o0 b A <73
>FeOH,'_Sb(OH),

o | 5'_Sb(OH),
50 |
40
30 |
20 |
10 s

-~ Sb(OH); 'l
0 n L . L . L L

3 4 5 6 7 8 9 10

pH
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Figure 4-12 The data points represent experimental results for sulfate adsorption on HFO from (Guo et al., 2014).

The curves represent regressions calculations with the ETLM.
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The curves represent regressions calculations with the ETLM.
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5. Difference between antimony adsorption onto
ferrihydrite and antimony co-precipitated with

ferrihydrite and their silica effect

Abstract

Elevated antimony concentrations in aqueous environments from anthropogenic sources are
becoming of global concern. In this respect iron oxides are known to strongly adsorb aqueous
antimony species with different oxidation states, but the effect of silica on the removal
characteristics is not well understood despite being a common component in the environment. In
this study, ferrinydrite was synthesized at various Si/Fe molar ratios to investigate its adsorption
and co-precipitation behaviors with aqueous antimony anionic species, Sb(III) and Sb(V). The
X-ray diffraction analyses of the precipitates showed two broad diffraction features at
approximately 35° and 62° 20, which are characteristics of 2-line ferrihydrite, but no significant
shifts in peak positions in the ferrihydrite regardless of the Si/Fe ratios. The infrared spectra
showed a sharp band at ~930 cm™, corresponding to asymmetric stretching vibrations of Si-O-Fe
bonds which increased in intensity with increasing Si/Fe molar ratios. Further, the surface charge
on the precipitates became more negative with increasing Si/Fe molar ratios. The adsorption
experiments indicated that Sb(V) was preferentially adsorbed under acidic conditions which
decreased dramatically with increasing pH while the adsorption rate of Sb(IIl) ions was
independent of pH. However, the presence of silica suppressed the adsorption of both Sb(III) and
Sb(V) ions. The results showed that Sh(IIT) and Sb(V) ions were significantly inhibited by co-
precipitation with ferrihydrite even in the presence of silica by isomorphous substitution in the

ferrihydrite crystal structure.
5.1 Introduction

Antimony (Sb) is widely used in industry as a catalyst in plastics, flame retardants, storage
batteries, and ammunition (Filella et al., 2002a)(Carlin Jr, 2000)(Herbst et al., 1985). It is the
ninth most mined metal for industrial uses worldwide (Krachler et al., 2001)(Filella et al., 2002b),
and one result of this is elevated concentrations of Sb in many soils and waters, especially
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around mining and smelting areas (Scheinost et al., 2006)(He, 2007)(Wang et al.,
2011)(Westerhoff et al., 2008)(Mitsunobu et al., 2006)(Lichti et al., 2015)(Okkenhaug et al.,
2012). There has been a growing concern over the adverse effect of Sb on human health due to
its toxicity. Sh has been increasingly identified as a toxic heavy metal with implications for it
being a carcinogen (Gebel, 1997). This has caused Sbh and its compounds to be listed as a leading
pollutant by the United States Environmental Protection Agency (USEPA, 1979) and the Council
of the European Union (CEC, 1976).

Sb may be present in a variety of oxidation states (—III, 0, III, V) because of its s?p® outer orbital
electron configuration, however it is mainly found in the two oxidation states (III and V) in
environmental, biological, and geochemical environments (Filella et al., 2002a)(Filella et al.,
2002b). The toxicity of Sb depends strongly on its oxidation state, and reduced Sb(III) species
are ten times more poisonous than oxidized Sb(V), similar to the case of arsenic (Oorts et al.,
2008). In spite of the widespread usage and the substantial toxicity, the geochemical behaviors of
antimony in soil and aquatic systems are poorly understood (Krupka and Serne,
2002)(Mitsunobu et al., 2010).

Recent studies have shown that both Sb(IIT) and Sb(V) appear to adsorb strongly onto iron
oxides (Mitsunobu et al., 2006)(Mitsunobu et al., 2010) (Leuz et al., 2006)(Okkenhaug et al.,
2013), which thereby strongly influence the speciation, mobility, and final states of Sb in the
environment. Sb is preferentially associated with iron(IIT) oxyhydroxide in soils and sediments
on the basis of direct evidence using extended X-ray absorption fine structure spectroscopy
(EXAFS) (Scheinost et al., 2006)(Mitsunobu et al., 2006)(Ackermann et al., 2009). This would
suggest that adsorption and incorporation processes into the iron(IlI) (oxyhydr)oxide phases
would be able to control the mobility of Sb in natural environments. Several experimental studies
have investigated the Sb adsorption mechanism on iron(IIl) oxyhydroxides, focusing on Sh
speciation at the solid-liquid (water) interface using EXAFS (Mitsunobu et al., 2006)(Guo et al.,
2014). However, the surface structure of Sb(III) and Sb(V) binding with iron(III) oxyhydroxides
is still unclear. A further important process, co-precipitation with iron(III) (oxyhydr)oxides, does
not appear to have been reported. In natural systems, iron(III)(hydro)oxides are often identified
in precipitates from the oxidation of iron(ll) in the presence of the relevant anions. Thus, the

precipitation process may be as important as adsorption, as a sequestration process of Sb species
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by iron (III) (oxyhdr)oxides when groundwater with natural or added Fe comes in contact with

air or oxygenated water takes place.

Further, as iron minerals are closely associated with silica, one of the most common ligands
present in natural environments, pure ferrihydrite is not, strictly speaking, present in nature.
Silica always associates with ferrihydrite in the structure or on the ferrihydrite surface. This
could mean that silica may affect the crystallization behavior as well as the capacity of
ferrihydrite to regulate hazardous element recycling. The effect of silica on arsenic adsorption
has been reported for ferrihydrite (Swedlund and Webster, 1999), but no reports of the effect of

silica on Sb adsorption or co-precipitation have been reported for other oxides.

Based on the above, the objectives of this study were to (1) to compare the relative adsorption
capabilities of Sb(III) and Sb(V) onto ferrihydrite; (2) to evaluate the effect of dissolved silica
during the adsorption and co-precipitation of Sb(III) and Sb(V) on ferrihydrite; and also (3) to

better understand the differences between the adsorption and co-precipitation processes of Sh.

5.2 Materials and methods

5.2.1 Synthesis

A stock solution of ferric iron (Fe(III), 0.05 mol/L), was prepared by dissolving reagent grade
Fe(NOz)3-9H.O  (Kanto,99%, Tokyo, Japan) in ultrapure water (18M-W-.cm).
Tetraethylorthosilicate (TEOS; Alfa Aesar, 98%, Heysham, United Kingdom) was then added to
500 mL of the Fe solution to achieve silica concentrations of 0 to 20x10~2 mol/L (i.e., Si/Fe =
0.4). These solutions containing both silica and Fe(III) were stirred for about 30 min to dissolve
the TEOS completely before pH adjustment. The initial pH of the solution was about 1.8, which
was adjusted to about 7.02£0.1 by titrating 1.0 M NaOH (Kanto, 97%, Tokyo, Japan). Addition
of the NaOH hydrolyzes the Fe(III) in the solution resulting in formation of a slurry of dark
brown precipitate. The slurries were stirred for an additional 15 min to allow the pH to stabilize.
The resulting 500 mL slurries were then equally divided into 50 mL polypropylene bottles and
then washed in the bottles at least four times with deionized water to remove the salts and freeze-
dried for at least 24 h. Samples with different silica concentrations were replicated to evaluate

the reproducibility of the experimental results.
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5.2.2 Adsorption experiments

Stock solutions of Sb(V) were prepared by dissolving KSb(OH)s powder (Wako, 50%, Tokyo,
Japan) into deionized water, and of Sb(III) by dissolving Sb203z powder (Wako, 98%, Tokyo,
Japan) into 2 mol/L HCI (Kanto, 37%, Tokyo, Japan) solution. The initial concentration of both
the Sb(III) and Sh(V) was 100 puM. A control experiment showed that neither Sb(III) nor Sb(V)
precipitated under this initial concentration. The adsorption experiments with both Sb(III) and
Sb(V) were conducted at a solid concentration of 0.5 g/L with a background ionic strength of
0.01 M NaCl. Triplicates of 40 mL suspensions with a fixed amount of solids (20 mg) and 100
MM solute concentrations were prepared in 50 mL polypropylene bottles. The experiments were
conducted at a pH range of 3-12. The pH of the suspensions was adjusted using small volumes of
0.5 M HCl or 0.5 M NaOH during the experiments. Suspensions were agitated on a rotary shaker
(110 rpm) for 24 h at 20.5 °C. After the reaction, the suspensions were centrifuged and then

filtered through a 0.2 pm cellulose membrane filter for further analysis.
5.2.3 Co-precipitation experiments

The Sb(III) and Sb(V) co-precipitation experiments were conducted by hydrolysis of silica and
Fe(IlT) solution and either Sb(II) or Sb(V) in deionized water, following the method of
Waychunas et al. (Waychunas et al., 1993). Co-precipitated samples were prepared by
simultaneous addition either of 100 uM Sb(III) or Sb(V), 0.05 M Fe(III) solution, and TEQOS to
yield the different Si/Fe ratios of the precipitate (Si/Fe = 0-0.4). In all cases, the Si/Fe ratios of
the samples were determined assuming complete precipitation of all added Fe and silica. The 500
mL mixed solutions were maintained at the experimental pH (7.0 = 0.1) by the addition of 1.0 M
NaOH. After precipitation and approximately 30 min of pH stabilization, the co-precipitates
were washed at least four times with deionized water by centrifugation with a 50 mL plastic tube,

then the suspensions were filtered through a 0.2 um cellulose membrane filter for further analysis.
5.2.4 Analytical methods

The powder X-ray diffraction (XRD) analyses were conducted to determine the mineralogy of
the dark brown precipitates. Synthesized precipitates were analyzed by XRD using a Rigaku
RINT2000 (Rigaku Co., Tokyo, Japan) X-ray diffractometer operated at 40 kV and 40 mA,
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equipped with a Cu target and graphite monochromator, and diffraction profiles were collected
from 10° to 70° 20.

To measure the concentration of Sb, Inductively Coupled Plasma (ICP)-Atomic Emission
Spectroscopy (AES) analyses were conducted. Filtrates were analyzed for Sh(III) and Sb(V) as
total Sb by ICP-AES (ICPE-9000). The detection limit of this method was 0.1 pg/L. The pH of
the solutions was measured with a pH meter (HORIBA, D-55) calibrated by using commercial
pH 4.0, 7.0, and 10.0 buffer solutions. The amount of solute adsorbed was calculated using the
difference between the initial and final dissolved solute concentrations.

The XRD data were processed by Match (version 3.3.0) software (Crystal Impact. Bonn,
Germany), All the graphs were exported by Sma4 (Version 1.47) software (T. Suzuki, Kyoto,
Japan) and Microsoft office 2013.

5.3 Results and discussion

5.3.1 Sb(III) and Sh(V) adsorption with different Si/Fe ratios

The adsorbed ratios of Sb(IIT) and Sb(V) ions onto ferrihydrite in 0.01 M NaCl solutions is
shown as a function of pH in Figure 5-1. The adsorption rate of Sb(V) was over 90% between pH
3 and 6. With increasing pH, from 6 to 12, the adsorption rate of Sb(V) rapidly decreased from
90% to 10%. A strong pH dependence on Sb(V) adsorption was reported when goethite and
ferrihydrite were used as adsorbents ((Guo et al., 2014)(Qi and Pichler, 2016)). The effect of pH
on Sb(III) adsorption however was much weaker, showing a constant adsorbed fraction ~95%
over the whole of the pH range investigated here, from 3 to 12. This is in good agreement with
earlier studies (Leuz et al., 2006)(Guo et al., 2014). The difference in adsorption efficiency of
Sh(III) and Sb(V) ions may mainly be due to differences in the electrostatic interactions between
the sorbent surface and Sb oxyanions present in the solutions. The Sb(OH)e is the dominant
Sb(V) species over the wide pH range, here pH 3-10 (Filella et al., 2002a). The surface charge of
ferrihydrite is positive below pH ~8.2, pHpzc (point of zero charge), and electrostatic attraction
between the Sb(OH)es™ and the surface of ferrihydrite can be expected to be stronger under acidic
conditions since Sb(OH)e is negatively charged under the conditions here, leading to

electrostatic forces playing an important role in the Sb(V) adsorption. For Sb(III), a trihydroxy
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neutral species, Sb(OH)s, is the dominant species over a wide pH range of 2-11 (Filella et al.,
2002a), and only minor or no electrostatic effects may be expected for the Sb(III) adsorption. A
specific interaction (so-called surface complexation) may also play an important role between the
adsorbate and adsorbent in addition to the electrostatic effect.

The effect of silica on the adsorption of Sb was investigated by varying the Si/Fe ratio of the
precipitates at pH 7. The results demonstrated that both Sb(IIT) and Sh(V) are significantly
affected by the presence of silica, with the adsorbed fraction decreasing with increasing Si/Fe
ratios (Figure 5-2). Both Sb(IlI) and Sb(V) adsorption were suppressed in the presence of silica.
The adsorbed fractions of Sb(III) and Sb(V) ions decreased from >96% at Si/Fe = 0 to 60% at
Si/Fe = 0.4 and from >75% at Si/Fe = 0 to 30% at Si/Fe = 0.4, respectively. This shows that
Sb(V) was affected more significantly by silica than Sb(III). The drop in Sb(V) adsorption
efficiency is likely a result of decreased electrostatic interactions between Sh(V) ions and the
surface of ferrihydrite by the decreased surface charge of ferrihydrite due to the presence of
silica on the ferrihydrite surface. Swedlund (Swedlund and Webster, 1999) also suggested that
the decreasing surface charge of ferrihydrite by increasing silica concentrations could be an
important factor in inhibiting As adsorption. Besides the effect of silica to decrease the surface
charge, silica may also suppress adsorption of Sb by occupying surface sites by inner sphere

complexation.
5.3.2 Sb(III) and Sh(V) co-precipitation with different Si/Fe ratios

The co-precipitation efficiencies were calculated using the difference between the initial and
final dissolved solute concentrations. Figure 5-3 shows the co-precipitated ratios of Sh(III) and
Sb(V) ions onto ferrihydrite as a function of pH. The co-precipitated rate of both Sb(III) and
Sb(V) was over 96% for the whole range of pH. Moreover, the co-precipitation of Sb(III) and
Sb(V) with ferrihydrite shown no pH-dependency, which is different from that of adsorption.

Figure 5-4 shows the co-precipitation rates of Sb(III) and Sb(V) ions with different Si/Fe ratios of
ferrinydrite at pH 7. The co-precipitation efficiencies were ~100% for both Sb(III) and Sh(V) in
the absence of silica (Si/Fe = 0). No effect of silica was observed even at the highest Si/Fe ratio
in this study (Si/Fe = 0.4). Here the Sb(V) octahedra may replace Fe octahedrals due to their
structural compatibility. By using EXAFS analysis, Scheinost (Scheinost et al., 2006) reported
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that the Sb(V) can form both edge-sharing and corner-sharing of inner-sphere complexes to iron

oxides in shooting range soils, which would be consistent with our findings.

In the case of Sh(III) co-precipitation, with octahedral or tetrahedral structures absent in Sh(III),
the Sb(IIT) ions could alternatively be surrounded by Fe hydroxides, which would increase the
co-precipitation efficiency. However, there is little previous study regarding the co-precipitation
mechanism of Sb(III) with ferrihydrite, more specific evidence is necessary to discuss issues

related to this.

The absence of any effect of silica on the Sb(III) and Sb(V) co-precipitation process may be
because of isomorphous substitution during the simultaneous addition of silica and Sb to the co-
precipitation system. Specifically, the Si occupies a tetrahedral environment, being surrounded
by four oxygen centers. These tetrahedral structures may share corners with two adjacent edge-
sharing Fe octahedral. This has been proposed by Pokrovski (Pokrovsky et al., 2012) on the basis
of Fe K-edge studies of Fe(III) hydrolyzed in the presence of silica. In addition, the tetrahedral Si
could also coordinate with Fe tetrahedral structures since the ferrihydrite also has a tetrahedral
structure as was demonstrated by a previous study (Michel et al., 2007). If so, the silica may
incorporate into the ferrihydrite structure during the co-precipitation process, which makes it

more likely to have only a minor effect on the Sb retention.

Significant differences were observed in the results of the adsorption and co-precipitation
experiments. The co-precipitation of Sb(III) and Sb(V) with ferrihydrite is much more effective
than that of the adsorption with or without Sb(IlI) and Sb(V) in aqueous environments.
Intuitively, the adsorption process in our experiments was solely due to adsorption onto the
ferrihydrite surface, a surface complexation reaction. The co-precipitation process in principle
could include the formation of phases containing Sb(III) and Sb(V) in the structure as well as
adsorbing Sb(III) and Sh(V) as an impurity onto the surface of ferrihydrite. This implies that Fe
minerals can act as effective scavengers of Sb in natural environments where ferrihydrite is

formed.
5.3.3 XRD analyses of adsorption and co-precipitation samples

Both adsorption and co-precipitation samples were analyzed by XRD for mineralogical

characterization. In the adsorption samples of the ferrihydrite series, all of the XRD patterns
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were almost identical to that of pure two-line ferrihydrite, and any other peaks and peak shift
were not observed with both Sb(IIT) and Sb(V) loading (Figure 5-5, Figure 5-6). These findings
indicate that other Sb and Fe hosting minerals such as Fe antimonate are not formed at all Sb
loading levels in the Si-ferrihydrite series. In co-precipitation samples, the peak around 30° and
60° gradually shifted to a lower angle in Si/Fe varies ratios for both Sb(III) and Sb(V). In
addition to these noticeable features, broadening of both peaks was also observed in Sb(III) and
Sb(V) co-precipitation samples. Similar shifts and/or broadening of peaks were reported in
incorporation of metals such as Cr, Zn, Pb, and Ce into Fe(IIl) oxides as a solid solution
(Mohapatra et al., 2005)(Kaur et al., 2009). They suggest that the shift and broadening can be
attributed to the differences in ionic radius and charge between Fe(III) and guest metals in Fe(III)
oxides. These differences may lead to a change in d-spacing and distortion of the structure when
the substitution occurs. Moreover, no other peak additions to the peaks related to ferrihydrite
were observed in the co-precipitation series at all Si/Fe ratios, indicating that other Sb and Fe

hosting minerals were not formed or their abundances were negligible in present system.
5.3.4 XPS analyses of adsorption and co-precipitation samples

XPS spectra of ferrihydrite before and after Sb adsorption and co-precipitation are presented in
Figure 5-7. Since the binding energy of Sb 3ds/, was slightly lower than O 1s, the O 1s + Sb 3ds2
was shifted to higher positions after adsorption and co-precipitation because more Sb was
bonded to ferrihdyrite, this confirms that the detected antimony species was chemically distinct
from the adsorbate. A previous study from Vithanage (Vithanage et al., 2013) found that the Sb
3ds2 peaks appeared clearly after Sb(\V) and Sb(l1l) adsorption on iron-oxide-rich red earth soils,
which consist with our results. But the difference between the adsorption and co-precipitation
samples were not significant. Most importantly, strong and relatively weak Sb 3ds. peaks
appeared clearly after Sb(V/IIl) co-precipitation with ferrihydrite and Sb(lll) adsorption on
ferrihydrite, respectively, duo to the higher binding affinity of ferrihydrite for Sb(lll) than for
Sb(V). The increasing intensity of Sb 3ds after Sb(V) and Sb(lll) co-precipitation, which also
provided direct evidence that Sb precipitated with ferrihydrite rather than reacted surface
ferrinydrite groups. These could further confirm that the co-precipitation process including the
structure incorporation to ferrihydrite other than the adsorption only happened on the surface of

ferrihydrite.
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5.3.5 TEM analyses of adsorption and co-precipitation samples

TEM analyses of ferrinydrite before and after Sb adsorption and co-precipitation are presented in
Figure 5-8 and Figure 5-9. The morphologies of adsorption samples were almost identical to that of
the 2-line ferrihydrite, which appeared to be granular-like morphologies with several nm in size,
while the co-precipitation samples specimens have grape-like aggregates which are composed of
granular-like particles. The similar morphologies could indicate that other Sb and Fe hosting
minerals such as Fe antimonate or antimonite are not formed at all Sb loading levels in the
adsorption and co-precipitation sample series, which is consist with the XRD results. However,
the granular-like particles in the co-precipitation samples are less distinct than those in the
adsorption samples. It could infer that Sb be associated with ferrihydrite, which may be located
between the ferrihydrite particles as well. These could further confirm that the co-precipitation
process including the structure incorporation to ferrihydrite other than the adsorption only

happened on the surface of ferrihydrite.
5.4 Conclusions

This study examined dissolved silica effects on the adsorption and co-precipitation of Sh(III) and
Sb(V) with ferrihydrite. The Sb(V) adsorption onto ferrihydrite increased under more acidic
conditions. Overall, Sb(IIT) adsorption was constant over a broad pH range. The adsorption of
Sb(IIT) and Sb(V) appeared to be significantly affected by the presence of silica, while co-
precipitation of Sb(III) and Sb(V) with ferrihydrite was not inhibited by silica. Further, the co-
precipitation process took place with higher efficiency than that of the adsorption.

Our findings on the behavior of Sb(Ill) and Sb(V) adsorption and co-precipitation with
ferrinydrite and Si-ferrinydrite have important implications for determining the role of
ferrinydrite in controlling the final state of Sb in the environments in which it is released.
Although ferrihydrite is an excellent substance for capturing Sb, its use as a medium in a natural
Si-rich system should be considered with caution because it will tend towards inhibition of Sb
capture induced by the Si-rich environment. However, this may be different in the case of co-
precipitation processes. In the present study, we found that silica and Sb(IIT) and Sbh(V) can be
incorporated into ferrihydrite and that these three are structurally compatible with ferrihydrite.

The co-precipitation process of Sh(III) and Sb(V) would not be greatly influenced by the silica
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factor. Thus, Sb(III) and Sb(V) co-precipitation with ferrihydrite would be more efficient than
Sb(III) and Sb(V) adsorption by ferrihydrite. This finding will be important when making
predictions of the final state of Sb associated with ferrihydrite in natural Si-rich systems.
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Figure 5-1 Adsorption of Sh(IIl/V) on ferrihydrite as a function of the pH in 0.01 M NaCl solutions. The initial

Sh(I11/V) concentration were 100 uM for each sample. The concentrations of suspended solids were 0.5 g/L.
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Figure 5-2 Adsorption of Sh(I11/V) with different Si/Fe ratios of ferrihydrite at pH 7. The initial Sb(II1/V)
concentrations were 100 uM for all samples.
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Figure 5-3 Co-precipitation of Sb(II/V) on ferrihydrite as a function of the pH in 0.01 M NacCl solutions. The initial
Sh(1I1/V) concentration were 100 uM for each sample.
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Figure 5-4 Co-precipitation of Sb(II1/V) with different Si/Fe ratios of ferrihydrite at pH 7. The initial Sb(II1/V)
concentrations were 100 uM for all samples.
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Figure 5-5 XRD patterns of Sb(III)-adsorbed and co-precipitated ferrihydrite.
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Figure 5-6 XRD patterns of Sb(V)-adsorbed and co-precipitated ferrihydrite.
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Figure 5-7 XPS spectra analyses of ferrihydrite and Sb(11I/V)-adsorbed and co-precipitated ferrihydrite.
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Figure 5-8 TEM analyses of Sh(IlI)-adsorbed (upper) and co-precipitated ferrihydrite (lower).
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Figure 5-9 TEM analyses of Sh(V)-adsorbed (upper) and co-precipitated ferrihydrite (lower).
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6. Conclusions and outlook

6.1 Conclusions

Currently, a number of studies have been carried out concerning the adsorption behavior of
Sb(Ill) and Sb(V) on Fe hydroxides. However, the effect of dissolved silica and the co-
precipitation of Sb with ferrihydrite under the Si-rich condition in natural environment have
never been studied. Therefore, in this study, the adsorption and co-precipitation of Sb(III) and
Sb(V) with ferrihydrite under dissolved silica effect was studied. More importantly, the ETLM
was used for analyzing the Sb(Ill) and Sb(V) adsorption data, which provide a basis for the
understanding and prediction of Sb surface speciation on ferrihydrite. To the best of our
knowledge, this is the first time it has been considered applying the ETLM for prediction of Sh
adsorption. This study presented that both adsorption and co-precipitation methods could be a
feasible method for removing Sb from wastewater in terms of the high efficiency and

regeneration capability. The main results and general conclusions are summarized as follow:

(1) The X-ray diffraction (XRD) analyses of the precipitates showed two broad diffraction
features at approximately 35° and 62° 20, which are characteristics of 2-line ferrihydrite, but no
significant shifts in peak positions in the ferrihydrite regardless of the Si/Fe ratios. The infrared
spectra showed a sharp band at ~930 cm™, corresponding to asymmetric stretching vibrations of
Si-O-Fe bonds which increased in intensity with increasing Si/Fe molar ratios. Further, the
surface charge on the precipitates became more negative with increasing Si/Fe molar ratios. The
adsorption experiments indicated that Sb(V) was preferentially adsorbed under acidic conditions
which decreased dramatically with increasing pH while the adsorption rate of Sh(III) ions was
independent of pH. However, the presence of silica suppressed the adsorption of both Sb(III) and
Sb(V) ions.

(2) The adsorption data of Sb(V) on ferrihydrite were obtained from this study, conducted under
widely various pH, Sb(V) loadings, ionic strength and solid concentrations in NaCl solutions,
which were analyzed using ETLM. The adsorption of Sb(V) on ferrihydrite decreased
concomitantly with pH, which is consistent with other anionic species on iron oxides, and

decreased with ionic strength. The ETLM analysis of the adsorption date suggest that Sb(V)
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adsorbs to ferrihydrite via formation of monodentate, mononuclear outer-sphere species and

bidentate binuclear inner-species, as shown below:
>FeOH +H* +Sh(OH) , => FeOH,"_Sb(OH)

2>FeOH +2H"* + Sb(OH) , => Fe,Sb(OH) ,” + 2H,0

The prediction of the surface speciation of Sb(V) on ferrihydrite showed that the inner-sphere
species increase concomitantly with decreasing pH, surface Sb(V) loading and increasing solid
concentration. The outer-sphere species distribute over a wider range of pH conditions and are
more important at lower ionic strengths. Additionally, the outer-sphere species are dominant for

pH>5, whereas the inner-sphere species are dominant for pH<5.

While the adsorption of Sb(IIT) on ferrihydrite constant over a broad range of pH, and ionic
strength shown no effect on the Sb(IIl) adsorption efficiency. The ETLM analysis of the
adsorption date suggest that Sb(III) adsorbs to ferrihydrite mainly via formation of binuclear

inner-species, as shown below:

2 > FeOH+ Sb(OH), => (FeO),Sb(OH), + 2H,0
2 > FeOH+ Sh(OH), = > (Fe0),SbO" + H* +2H,0

> FeOH + Sb(OH) , => FeOH,”_SbO(OH) ,

The prediction of the surface speciation of Sb(III) on ferrihydrite showed that the inner-sphere
species dominate a wide range of pH, surface Sb(IlI) loading and increasing with solid
concentration. These formation behaviors of surface species are consistent with those found from
spectroscopic studies. The agreements strongly confirm the validity of the present approach, not
only for the integration of spectroscopic and bulk adsorption data of Sb on ferrihydrite, but also
for making predictions of surface speciation over wide ranges of conditions of relevance to the

migration of Sb species in the environment.

(3) This study examined dissolved silica effects on the adsorption and co-precipitation of Sb(III)
and Sb(V) with ferrihydrite. The Sb(V) adsorption onto ferrihydrite increased under more acidic

conditions. Overall, Sb(IIT) adsorption was constant over a broad pH range. The adsorption of
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Sb(III) and Sb(V) appeared to be significantly affected by the presence of silica, while co-
precipitation of Sb(III) and Sb(V) with ferrihydrite was not inhibited by silica. Further, the co-
precipitation process took place with higher efficiency than that of the adsorption.

Our findings on the behavior of Sb(IIl) and Sb(V) adsorption and co-precipitation with
ferrihydrite and Si-ferrihydrite have important implications for determining the role of
ferrihydrite in controlling the final state of Sb in the environments in which it is released.
Although ferrihydrite is an excellent substance for capturing Sb, its use as a medium in a natural
Si-rich system should be considered with caution because it will tend towards inhibition of Sh
capture induced by the Si-rich environment. However, this may be different in the case of co-
precipitation processes. In the present study, we found that silica and Sb(III) and Sh(V) can be
incorporated into ferrihydrite and that these three are structurally compatible with ferrihydrite.
The co-precipitation process of Sh(IIT) and Sb(V) would not be greatly influenced by the silica
factor. Thus, Sb(III) and Sb(V) co-precipitation with ferrihydrite would be more efficient than
Sb(II) and Sb(V) adsorption by ferrihydrite. This finding will be important when making
predictions of the final state of Sb associated with ferrihydrite in natural Si-rich systems.

6.2 Outlook

The contamination of Sb in agueous environment is a big challenge for scientists. More efforts
are required to well understand the adsorption and co-precipitation of Sb with ferrihydrite, and it

would be of interest to study it according to the following aspects:

1) Spectroscopy evidences are required to further identify the adsorption and co-precipitation of
Sb(IIT) and Sh(V) on ferrihydrite.

2) There are several limitations in the laboratory experiments compared to the natural aquatic
environment. The efficiency of ferrihydrite to remove Sb should be studied in different water
matrices since the natural environment is a more complex condition. It also would be interesting

to apply co-precipitation process of ferrihydrite into the real Sb contaminated waters.
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