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Abstract

Activation of Hydrogen Peroxide by Iron-Containing Minerals and Catalysts in Circumneutral
pH Solutions: Implications for ex situ and in situ Treatment of Contaminated Water and Soil

by

Anh Le Tuan Pham

Doctor of Philosophy in Civil and Environmental Engineering

University of California, Berkeley

Professor David Sedlak, Co-Chair
Professor Fiona Doyle, Co-Chair

The decomposition of hydrogen peroxide (H,O>) on iron minerals can generate hydroxyl
radical ('OH), a strong oxidant capable of transforming a wide range of contaminants. This
reaction is critical to ex situ advanced oxidation processes employed in waste treatment systems,
as well as in situ chemical oxidation processes used for soil and groundwater remediation.
Unfortunately, the process in the ex situ treatment systems is relatively inefficient at
circumneutral pH values. In this research, the development of iron-containing catalysts with
improved efficiency was investigated. In addition, little is known about the factors that control
the performance of in situ treatment systems. Another aim of this dissertation was to elucidate
those factors to provide a basis for improving the efficiency of the remediation method.

Two types of silica- and alumina-containing iron (hydr)oxide catalysts were synthesized
by sol-gel processing techniques (Chapter 2). Relative to iron oxides, such as hematite and
goethite, these catalysts were 10 to 80 times more effective in catalyzing the production of ‘OH
from H,O, under circumneutral conditions. The higher efficiency makes these catalysts
promising candidates for ex situ advanced oxidation processes. Moreover, because alumina and
silica alter the reactivity of the iron oxides with H,O,, understanding the activity of iron
associated with natural aluminosilicates and silica-containing minerals in the subsurface is
crucial to explaining the variability of “OH production observed in in situ treatment systems.



In addition to the sol-gel technique used in Chapter 2, silica-containing iron (hydr)oxide
catalysts were synthesized by immobilizing iron oxide onto mesoporous silica supports, such as
SBA-15 (Chapter 5). The iron-containing SBA-15 was 10 times more effective than iron oxides
in catalyzing the production of ‘OH from H,O,. Moreover, this catalyst could be employed for
selective oxidation of small organic contaminants based on size exclusion. However, a major
drawback of the mesoporous silica-based catalysts is their instability under circumneutral
conditions (Chapter 6). The dissolution of mesoporous silica materials raises questions about
their use for water treatment, because silica dissolution might compromise the behavior of the
material.

To gain insight into factors that control H,O; persistence and "OH yield in in situ
processes, the decomposition of H,O, and transformation of contaminants were investigated in
the presence of iron-containing minerals and aquifer materials (Chapter 3). Consistent with the
observation described in Chapter 2, iron-containing aluminosilicates were more effective than
iron oxides in converting H,O; into "OH. In both iron-containing mineral and aquifer material
systems, the yield of ‘OH was inversely correlated with the rate of H,O, decomposition. In the
aquifer material systems, the yield also inversely correlated with the Mn content, consistent with
the fact that the decomposition of H,O, on manganese oxides does not produce ‘OH. The inverse
correlation between Mn content and H,O; loss rate and "OH yield suggests that the amount of
Mn in aquifer materials could serve as a proxy for predicting H,O, decomposition rates and
contaminant oxidation efficiency.

In addition to the surface and structure properties of iron solids, the presence of solutes,
such as dissolved silica, also affected the decomposition of H,O, (Chapter 4). The adsorption of
dissolved silica onto mineral surfaces altered the catalytic sites, thereby decreasing the reactivity
of iron- and manganese-containing minerals with H,O,. Therefore, the presence of dissolved
SiO, could lead to greater persistence of H,O, in groundwater, which should be considered in the
design of in situ H,O,-based treatment systems. In addition to in situ treatment, dissolved silica
also can affect the reactivity of iron-containing catalysts used in ex situ processes. Therefore, its
presence in contaminated industrial wastewater should be considered when ex situ treatment
systems are designed.



This dissertation is dedicated to my Mother, who always encourages me to become a scientist.
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Chapter 1. Introduction



1.1 Motivation

Redox-active metals and ultraviolet light can convert hydrogen peroxide (H,0,) into
hydroxyl radical ("OH), a powerful oxidant capable of oxidizing many organic compounds in
water (e.g., benzene, phenol, trichloroethylene, polycyclic aromatic hydrocarbons) [1-3]. The
conversion of H,0, into "OH (i.e., the activation of H,0,) has been widely exploited in advanced
oxidation processes (AOPs) for water treatment. However, UV light is expensive and the
application of dissolved iron requires acidification and produces a large amount of precipitate
waste. Therefore, the development of alternative approaches of converting H,O, into ‘OH is
important to reducing water treatment costs and improving water quality.

Recently, iron-containing minerals, including iron oxides, iron-containing clays and
sands have been demonstrated to catalyze the conversion of H,O; into "OH [4-6]. Several
researchers have proposed their use in both ex situ and in situ water treatment technologies. Iron-
containing minerals are attractive for ex situ treatment because they are inexpensive, readily
available, and have the potential to activate H,O, under a wide range of conditions [3, 7]. The
ability of iron-containing clays and sands in the subsurface to activate H,O, serves as the basis
for in situ chemical oxidation, a practice in which H,0, is injected into the subsurface to
remediate contaminated groundwater and soils. This H,O,-based in situ remediation technology
is potentially a better choice than the traditional energy-intensive, ineffective pump-and-treat
remediation technologies [8, 9]. Despite these advantages, the employment of iron-containing
solids in water treatment systems is often limited by the extremely low "OH yield, because under
environmentally relevant pH conditions (i.e., circumneutral pH values ranging from 6 to 9), most
H,0, is decomposed into O, and H,O without producing "OH [7, 9, 10]. Therefore, the
development of approaches for improving ‘OH production is critical to making the use of H,O,-
based oxidation technologies more cost-effective.

The incorporation of silica and alumina into the structure of iron-containing solids
increases the rate at which H,0, is converted into "OH under acidic conditions [11-14].
Therefore, synthetic silica- and alumina-containing iron catalysts have the potential to be more
effective than pure iron oxides in activating H,O,. To date, however, the synthesis of such
catalysts has occurred mainly through a process of trial-and-error because the exact mechanism
through which silica and alumina affect the reactivity of iron is not well understood. Increased
knowledge on the role of alumina and silica on H,O, activation is needed to develop more
efficient catalysts for ex situ treatment. In addition, the effect of silica and alumina on iron-
catalyzed H,O; activation at circumneutral pH also needs to be investigated. As silica and
alumina are common components of natural soils and sediments, and circumneutral pH is typical
of groundwater, this understanding may also provide a basis for understanding and optimizing in
situ treatment systems.

In addition to being controlled by the surface and structure properties of iron solids, the
decomposition of H,0, is also affected by the presence of solutes that change the surface
reactivity by interacting with iron (e.g., phosphate, bicarbonate, and dissolved silica). While
phosphate and bicarbonate are known to decrease the reactivity of many iron minerals with H,0O,
[6, 15, 16], the effect of dissolved silica on iron reactivity with H,O, has not been explored.
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Dissolved silica, omnipresent in the environment due to dissolution of silica-containing minerals,
is known to alter iron reactivity in many natural and engineered processes [17-19]. In this
dissertation, it is hypothesized that dissolved silica also alters the reactivity of iron-containing
solids with H,0,. An understanding of the role of dissolved silica on the activation of H,0O is
important for predicting and optimizing the performance of ex situ and in situ treatment systems.

1.2 Use of hydrogen peroxide for ex situ water treatment

Hydrogen peroxide (H20,) is used in advanced oxidation processes (AOPSs) to oxidize
organic contaminants and pathogens in wastewater and drinking water. Although H,0, does not
react directly with organic molecules at appreciable rates, it can be converted into hydroxyl
radical ("OH) by UV light (reaction 1.1) [2]:

H,0, + UV light = 2 "OH (1.1)

The "OH produced in reaction 1.1 reacts with most organic compounds at near diffusion-
controlled rates [20]. Many of the products of these reactions are more susceptible to microbial
oxidation than the parent compounds.

Under the conditions used in advanced oxidation processes, the activation of H,O, by UV
light is a relatively inefficient way of generating "OH, because UV lamps are expensive and
consume a considerable amount of energy. In addition, the efficiency of the process decreases in
waters with high concentrations of suspended solids and organic compounds, because these
components compete with H,O, for absorption of UV light. Therefore, UV/H,0,-based AOPs
have mainly been employed to treat dilute hazardous wastes and drinking water [2].

Hydrogen peroxide can also be converted into ‘OH by dissolved iron. The mixture of
Fe(1l) and H,0,, also known as Fenton’s reagent [21], can generate "OH via the following
reaction [22]:

Fe** + H,0, > Fe** + 'OH + OH’ (1.2)

In the presence of excess H,0,, the Fe** produced in reaction 1.2 can be reduced by H,0, to
regenerate Fe?":

Fe** + H,0, > Fe*" + HO, + OH’ (1.3)

Therefore, the H,O, activation can be initiated by either dissolved iron(ll) or iron(I11) ions, and
the cycling between Fe** and Fe®** will continuously catalyze the conversion of H,0, into ‘OH.

The use of Fenton’s reagent as an AOP offers several advantages over UV/H,0,. First,
the production of ‘OH by the Fenton reaction does not require additional energy input and
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expensive UV lamps [7]. In addition, high concentrations of suspended solids and dissolved
organic carbon does not cause a deleterious effect on the rate of "OH productions. As a result,
Fenton’s reagent is attractive for treating water that contains relatively high concentrations of
organic compounds, such as wastewater from dye and pulp bleaching processes, landfill
leachates, agricultural and food processing wastes, and other industrial wastewaters [7].
However, the major drawback of the Fenton reaction is that it is most effective under acidic
conditions [23]. Therefore, wastewater effluents have to be acidified prior to the treatment and
neutralized prior to discharge [7]. Furthermore, due to the low solubility of Fe(lll) species
produced in reaction 1.2, the Fenton reaction often generates large amounts of iron precipitates
that requires disposal. The need to remove iron-containing solid wastes and complicated pH
adjustment steps not only increases the treatment cost but also prevents the application of this
method for in situ treatment of groundwater and soil, where pH adjustment can be impractical or
destructive.

Although initially considered as wastes in Fenton reaction, it was later observed that iron
precipitates could also activate H,O; into "OH [6, 24]. As a result, the reaction between iron-
containing solids and H,0,, also known as the heterogeneous Fenton reaction, has been proposed
as an alternative for the Fenton reaction [4, 5]. The advantage of this approach is that the iron-
containing solids can be separated and reused. Furthermore, iron-containing solids could be used
over a wider pH range [4, 24]. Numerous studies over the past two decades, however, have
indicated that the H,O, activation by iron minerals (e.g., ferrihydrite, goethite, iron-containing
minerals and clays) is relatively slow and inefficient, especially under circumneutral pH
solutions [6, 25-29]. Although a consensus explanation does not exist, the low efficiency has
been attributed to the scavenging of ‘OH by iron oxides [6]. An alternative explanation for the
low efficiency of H,0, conversion into "OH involves a series of competing reactions in which
H,0; is converted into H,O and O, on the surface without "OH production (these non-radical
reactions are represented collectively by reaction 1.4) [30, 31]. Irrespective of the explanation,
the absence of iron-containing catalysts that can effectively convert H,O; into "OH at
circumneutral pH currently limits the use of heterogeneous Fenton process in water treatment.

2 H,0, > 2H,0+0, (1.4)

1.3 Use of hydrogen peroxide for in situ treatment of groundwater
and soil

In situ remediation technologies for the cleanup of contaminated groundwater and soils
became popular in the late 1980s [8]. These technologies involve the injection of chemicals into
the subsurface to stimulate the growth of microorganisms (i.e., in situ bioremediation) or to
initiate chemical reactions (i.e., in situ chemical remediation) that can lead to the transformation
of toxic contaminants. Compared with the pump-and-treat treatment methods (i.e., ex situ
remediation), in situ remediation is usually less expensive, faster and more effective [8].



Hydrogen peroxide was first employed in in situ bioremediation as an oxygen (O,) source
for subsurface aerobic microorganisms [32-34]. In this practice, dilute H,O, solutions are
injected into groundwater or added to soils. Upon contacting metal oxides (e.g., iron and
manganese oxides) and enzymes (e.g., catalase), H,O, is converted into H,O and O, thereby
supplying O, to areas where the biological degradation of contaminants is limited by the
availability of O, [35]. The injection of H,O, together with nutrients, accelerates the biological
transformation of many hydrocarbons and petroleum products, such as benzene, toluene, ethyl
benzene, xylene, and polychlorinated phenols [36].

In the early 1990s, several researchers demonstrated that the addition of H,O, to soils and
sediments also could initiate the transformation of contaminants via abiotic pathways. For
example, Ravikuma and Gurol reported the transformation of pentachlorophenol and
trichloroethylene in sterilized sand upon the addition of H,O, [4]. Miller and Valentine also
observed the transformation of quinoline and phenol during the decomposition of H,O; in the
presence of sand [5, 37]. The transformation of organic compounds was attributable to the
conversion of H,O, into "OH, because the organic compounds did not react directly with H,O,
and the transformation reactions were inhibited by the presence of high concentration of an ‘OH
scavenger (i.e., tert-butanol) [37].

Since these first observations of abiotic contaminant transformation, the use of H,O, has
evolved from being an O, source for in situ bioremediation into a reagent for in situ chemical
oxidation (ISCO). A recent survey indicated that H,O, and potassium permanganate (KMnQy,)
are the most frequently used oxidants in ISCO remediation [38]. The popularity of H,O, appears
to be related to several factors. First, ‘OH is a powerful oxidant that provides a means of
oxidizing contaminants that cannot be transformed readily by microorganisms or weaker
oxidants (e.g., KMnQy,) [10]. Second, compared with other oxidants used in ISCO technologies
(i.e., permanganate, ozone and persulfate), H,O is relatively inexpensive, easy to transport and
introduce into the subsurface, and the byproducts of its decomposition, namely O, and H,O, are
benign [9]. Third, the conversion of H,0, into ‘OH is relatively fast, allowing the remediation of
contaminated soil and groundwater by H,O,-based in situ chemical oxidation to be completed in
days to months [9].

Despite the advantages mentioned above, H,O,-based ISCO is not an ideal solution for
remediating contaminated groundwater and soils. In fact, studies conducted at contaminated sites
where H,0,-based ISCO has been applied indicate that contaminants’ removal was sometimes
not achieved [39, 40]. This failure might, at least partially, be due to the rapid H,O,
decomposition [37, 41, 42]. Rapid H,O, decomposition upon injection is often problematic
because H,O, may be consumed before it reaches contaminated areas. In addition, since H,O,
decomposition is an exothermic reaction, the oxygen evolution and temperature increase that
occur when H,0, reacts with surfaces can cause problems, such as melting of plastic pipelines,
stripping of volatile organic compounds, and reduction of aquifer permeability (due to the
formation of oxygen bubbles) [9, 10, 39, 40]. Although various remedies have been proposed to
slow the rate of H,O, decomposition (e.g., by addition of an H,O, stabilizer such as phosphate,
phytate, and citrate [16, 42]), these approaches are either expensive or could create other
problems (e.g., phosphate could stimulate bacterial growth in the subsurface).
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The extremely low yield of ‘OH during the decomposition of H,O, in the subsurface is
another major drawback of H,O,-based ISCO. For example, Miller and Valentine reported that
the loss of 24 mM of H,0O, on an aquifer materials resulted in the transformation of only 0.02
mM of quinoline [5]. This result indicates that over 99% of the added H,O, underwent reactions
that did not transform quinoline. As a result, a large excess of H,O, would be needed in ISCO
remediation. The authors postulated that the low H,O, utilization efficiency was due to the
consumption of ‘OH by surface scavengers rather than by quinoline. However, it is also possible
that most of the H,O, was decomposed via pathways that did not produce "OH (i.e., reaction 1.4)
[30, 31]. In addition, the low ‘OH yield also may have been associated with aquifer materials
containing high concentration of manganese oxides, because manganese oxides are known to
rapidly decompose H,0, without producing "OH [35, 43, 44].

In spite of these limitations, H,0O- is still being used widely in ISCO. Therefore, a better
understanding of factors controlling H,O, decomposition and “OH production would be critical
for the optimization of current H,O,-based ISCO systems and for the design of novel systems.

1.4 Activation of hydrogen peroxide by iron-containing solids

As mentioned above, the ability of iron-containing solids to convert H,O, into ‘OH has
important implications for ex situ and in situ treatment of contaminated waters and soils.
Therefore, understanding of the fundamental mechanism of H,O, decomposition and ‘OH
generation in this process may lead to the development of better catalysts for AOPs and
optimization of H,O,-based ISCO systems.

1.4.1 Decomposition of hydrogen peroxide in the presence of iron oxides

Most mechanistic insights into the decomposition of H,O, on iron-containing surfaces
have been obtained by studying pure iron(l11) oxide/H,0, systems. Under acidic conditions, the
decomposition of H,O; in these systems appears to be catalyzed by both iron on the surface and
dissolved iron, with the latter resulting from the dissolution of iron oxides [30, 45]. At
circumneutral pH values, the contribution of dissolved iron to H,O, decomposition is expected to
be negligible because Fe(l1l) is sparingly soluble [46]. Therefore, the decomposition of H,0,
under circumneutral pH conditions is likely a surface-catalyzed process.

The process through which H,0, is decomposed on the surface of iron oxides appears to
be catalyzed by the redox cycling between surface iron(Il) and iron(ll1) (i.e., =Fe(Il) and
=Fe(l1l), reaction 1.5 and 1.6) via the reactions that are analogous to those in the homogeneous
Fenton system (i.e., reaction 1.2 and 1.3) [24, 30, 31]:

=Fe(Ill) + H,0, = =Fe(lIl) + HO, + H* (1.5)

=Fe(ll) + H,0, - =Fe(lIl) + 'OH + OH" (1.6)
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Some investigators have postulated that, as in the homogeneous Fenton system, reaction (1.5)
actually consists of a series of reactions, beginning with the formation of a complex between the
surface and H,0, [24, 47]:

=Fe(lll) + H,0, & EFG('”)(HzOz)(s) 2.7)
=Fe(111)(H202) > =Fe(I)(HO,)g + H' (1.8)
=Fe(I1)(HO:") > =Fe(Il) + HO," (1.9)

Therefore, the decomposition of H,O, in this system is also controlled by the affinity of H,O, for
iron oxide surfaces, the availability of surface sites for H,O, adsorption, and the rate at which
=Fe(l1l) is reduced.

Regarding the rate of H,O, decomposition, in the heterogeneous Fenton system the
reduction of =Fe(III) to =Fe(II) (reaction 1.5 or reactions 1.7 — 1.9) is considered as the rate-
limiting step in the heterogeneous Fenton system because the rate of H,O, loss exhibited a first
order dependence on both the surface of iron(l11) oxides and H,O, under a wide range of pH and
H,0O, concentration [24]:

% = _ k x [surface of iron(Ill) oxide] x [H20,] (1.10)

In the above expression, the value of k depends on experimental conditions and the
properties of the iron oxide. For example, Chou and Huang [48] observed that the rate of H,O,
decomposition in the presence of lepidocrocite (i.e., y-FeOOH) increased as the pH increased
from 2.8 to 7.5. This observation was attributed to the change in iron surface speciation with
varying pH (reaction 1.11 and 1.12), which alters the binding strength with H,0..

=Fe(I11)OH," < =Fe(I11)OH + H* PK a1, tepidocrocite = 5.3 [48] (1.11)
EFe(”|)OH fe— EFG(”DO_ +H* pKaZ, lepidocrocite = 8.8 [48] (1'12)

Another important factor is the crystallinity of the iron oxides. Valentine and Wang [6] measured
the rate of H,O, decomposition catalyzed by a poorly crystalline (i.e., ferrihydrite), a semi-
crystalline, and a crystalline (i.e., goethite) iron oxide at pH 7.7. The comparison of the surface-
area-normalized Kkqps Values showed that ferrinydrite was approximately 2 times more reactive
than goethite. Huang et al. [26] reported that in a pH 6 — 8 solution, hematite, a material that is
more crystalline than goethite and ferrihydrite, was less reactive with H,O, than the other two
oxides. Contrary to the observations of Valentine and Wang [6] and Huang et al. [26], Hermanek
et al. [49] reported that among iron oxide nanoparticles, amorphous nanoparticles were
significantly less reactive than crystalline nanoparticles. The authors postulated that in addition
to surface area and crystallinity, particle shape could also play a role in the decomposition of
HzOz.



Inorganic and organic solutes also could affect the rate of H,O, decomposition. For
example, the presence of phosphate and bicarbonate decreases the rate of H,O, decomposition
[6, 15]. Organic ligands capable of forming complex with the surface (e.g., oxalate or natural
organic matter) also slow the rate of H,O, decomposition [6, 42]. This inhibitory effect of certain
solutes can be explained by their adsorption onto iron surfaces, which blocks surface reactive
sites. For this reason, several researchers have proposed the use of phosphate, citrate, malonate
and phytate as a H,O, stabilizing agent to enhance the persistence of H,O; in in situ treatment
systems [16, 42].

1.4.2 The oxidation of organic contaminants in the iron oxide/hydrogen peroxide systems

The decomposition of H,O, on iron oxides generates ‘OH (reaction 1.6) and O, (reaction
1.4). While O, does not oxidize contaminants at appreciable rates, ‘OH is an extremely reactive
species capable of oxidizing a wide range of organic contaminants and reduced inorganic species

(e.g., AsO3) at near diffusion-controlled rates [20]. The utility of the iron oxide/H,O, systems

for contaminant oxidation could be evaluated by stoichiometric efficiency (E = %)
2Y2

which is defined as the amount of contaminant transformed per mole of H,O, decomposed. The
stoichiometric efficiency depends on both ‘OH vyield and the proportion of "OH reacting with the
contaminant versus with other solutes (i.e., ‘OH scavengers).

The yield of "OH in the heterogeneous Fenton systems is affected by several other
reactions in addition to the initiation reactions (i.e., reactions 1.5 and 1.6). Specifically, these
reactions are those producing reactive oxygen species that can in turn propagate the redox
cycling of iron species [24, 30, 50]:

HO, < 0, +H"  (pK,=4.8) (1.13)
"OH + H,0, > 0," (HO,) + (H") + H,0 (1.14)
=Fe(ll) + O,"( HOy) > =Fe(ll) + O, + (H") (1.15)
=Fe(Il) + O,"( HO,') © =Fe(l11) + 0> (HO,) (1.16)
=Fe(Il) + "OH > =Fe(lll) + OH" (1.17)

Among these reactions, reactions 1.16 and 1.17 are usually unimportant, because oxidation of
=Fe(Il) by H,0O; (i.e., reaction 1.6) is faster at high concentration of H,O; [24].

If reaction 1.14 contributes significantly to the production of HO;" in the heterogeneous
Fenton system, the decomposition of H,O, will proceed via a chain reaction formed by reaction
1.6, 1.14 and 1.15 (scheme 1) [30]. When this chain reaction is sufficiently long, the yield of ‘OH
(n) will approach 0.5 [30]. In contrast, when reaction 1.14 is unimportant, the decomposition of
H2O, will proceed via a non-chain pathway (scheme 2), and n would be 0.67 [51].



Fe(III) (1.15)

H,0, l H,0, H,0, _
Fe(Ill) ———— Fe(Il) —— OW' » HO,'
(1.5) (1.6) (1.14)

Scheme 1. Decomposition of H,O, via the chain process initiated by reaction 1.5.

H,O H,0,

Fe(Ill) ———~—* Fe(Il) ————— OH"
(15) \ (1.6)
1o, — oD | oy O | oy
(1.15) (1.16)

Scheme 2. Decomposition of H,O, via the non-chain process.

The decomposition of H,0, in the homogeneous Fenton system proceeds mainly via the
chain reaction (Scheme 1) [47, 50]. In contrast, there is plenty of evidence showing that H,0,
decomposition in the iron oxide systems proceeds mainly via the non-chain reaction (Scheme 2).
For example, Lin and Gurol successfully described the rate of H,O; loss in the presence of
goethite without including reaction 1.14 in their kinetics model [24]. Kwan and Voelker reported
that the presence of an ‘OH scavenger did not change the rate of H,O, loss catalyzed by
ferrihydrite to an appreciable extent [30]. These observations suggest that reaction 1.14 was
unimportant and, therefore, the process was not controlled by the chain process. However, it is
unclear if the chain process is also unimportant in systems that are catalyzed by other iron
minerals and catalysts. Regardless which mechanism dominates, the yield of "OH in the
heterogeneous Fenton system is expected to be between 0.5 and 0.67.

The "OH produced in the heterogeneous Fenton system reacts quickly with not only
contaminants, but also with H,O, (reaction 1.14), and other competing solutes, such as natural
organic matter, bicarbonate, and chloride. Therefore, the fraction of ‘OH available for
contaminant oxidations depends on the concentration of these solutes, as well as the rate at which
they react with ‘OH. (Some important "OH sinks, their reaction rate constants with ‘OH (k), and
their typical concentration in contaminated groundwater are presented in Table 1-1). The fraction
of "OH that reacts with the contaminant can be calculated as follow:

_ the amount of OH® reacted with the contaminant _ kcont[contaminant]

total amount of OH® reacted with all solutes - kcontlcontaminant] + ky, 0, [H20,] +kHCO§[HCO3_]+

If the presence of the contaminant and other ‘OH scavengers have a minimal impact on
the yield of "OH (i.e., n), the stoichiometric efficiency E can be estimated by multiplying n by F:



_ Alcontaminant] 100% = kcont[contaminant] x1n x100% (1.18)

A[H505] kcontlcontaminant] + ky,0,[H202] +kHCO§[HCO3‘]+

Under conditions typically employed in studying of iron oxide/H,0, systems (i.e., ca. 100
mM of H,0, and 0.1 to 1 mM of organic contaminant and negligible amount of other ‘OH
scavengers), the major "OH sinks are H,O, and the organic contaminant. Therefore, equation
(1.18) can be simplified to:

kcont[contaminant]

E_

" keontlcontaminant] + KH,0,[H20,] xm x 100% (1'19)
Despite the large number of previous studies on iron oxide/H,O; systems, few attempts
have been made to measure E (Table 1-2). These studies provide two important insights. First, as
with the rate of H,O, decomposition, the stoichiometric efficiency depends on the crystallinity of
iron oxide [6, 26]. For example, despite being less reactive with H,O, than semi-crystalline iron
oxide and ferrihydrite, goethite was the most effective catalyst for quinoline oxidation (i.e., it
exhibits the highest stoichiometric efficiency) [6]. Second, the measured stoichiometric
efficiency is always much lower than the theoretical maximum (see footnote of Table 1-2). At
circumneutral pH, E ranged from 0.001 to 1%, which is 1 to 4 orders of magnitude lower than
the value calculated using equation 1.19 (footnote of Table 1-2). The stoichiometric efficiency
appeared to be higher under acidic conditions but was still much lower than the maximum value.

Several explanations for the low stoichiometric efficiency in iron oxide/H,O, systems
have been proposed. Miller and Valentine postulated that most ‘OH was scavenged by the
surface of iron oxide (i.e., reaction 1.17) because the stoichiometric efficiency in their study
decreased at higher iron oxide concentrations [5]. However, a significant amount of =Fe(1l)
would have to be present on the surface before reaction 1.18 could outcompete other =Fe(l1)
sinks, such as the oxidation of =Fe(lIl) by H,O, (reaction 1.6). Lin and Gurol suggested that
most ‘OH would only react with solutes on or near the surface because it is too reactive to diffuse
into the solution, implying that the stoichiometric efficiency would be lower for contaminants
with low surface affinity (e.g., contaminants that are repulsed by the surface due to electrostatic
interactions) [24]. However, this explanation is inconsistent with the low stoichiometric
efficiency in systems with uncharged compounds that are not repelled by surfaces, such as
quinoline and chlorophenol.
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Table 1-1. Important hydroxyl radical sinks, their typical concentration in wastewater and
groundwater, and their reaction rate constants with the hydroxyl radical.

contaminants

Solute Typical Reaction with ‘OH Rate constant
concentration
Organic 10°-10° M | React with ‘OH via 3 k=10"-10" M7's? [20]
contaminants mechanisms: hydroxyl
addition, hydrogen
abstraction, and electron
abstraction.
H,0; 10°—10°M |['OH+H,0,> 0, +H"+ | k=3.3x10"M"'s™ [52]
H,O
HCO5 10°-10*M | 'OH +HCOs > OH + k= 8.5x10° M7s™ [20]
HCO3’
cr 10°-10°M |"OH + CI' < CIOH™ Ktorwara = 4.3 x 10° M™s™ [20]
Kreverse = 6.1 x 10° M™'s™ [53]
Natural 0.1—10 mg/L | reacts with "OH via k = 2.5 x 10% (mgC/L)'s™ [54]
organic mechanisms similar to
matter those of organic
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Table 1-2. Experimental conditions and reported stoichiometric efficiency in the iron

oxide/H,0, systems.

Solid type and organic
compound

Experimental conditions

Stoichiometric
efficiency ?

Reference

Ferrihydrite, semi-

pH=7

Emaximum = 0.18%

Valentine and

crystalline iron oxide, [quinoline] = 10 mg/L Wang [6]

goethite [oxide] =0.5-12.5¢g/L
[H20] = 500 mg/L

Quinoline

Ferrihydrite, goethite, pH =4.36 — 8.45 E=0.02-2% Huang et al.

hematite [2-chlorphenol] = 15 mg/L [26]
[iron oxide] =1 g/L

2-chlorophenol [H20,] =9.8 mM

Crushed goethite ore pH=5.8 E=1% Huling et al.
[4-POBN] = 0.7 — 1.44 mM [51]

R-(4-pyridyl-1-oxide)N- | [crushed goethite] = 50 g/L

tertbutylnitrone (4- [H20,] = 150 mM

POBN)

Goethite (inamixture |[pH=7 E~5x10%-10°% | Kanel et al.

with sand) [PAHSs] = 25 mg/kg of sand [25]
[goethite] = 16.8 — 134 g/kg

Polycyclic aromatic of sand

hydrocarbons (PAH): [H2O2]=5M

phenanthrene,

anthracene, pyrene

Lepidocrocite pH=4.2,5.4 and 6.8 E = 1% (pH 6.8), Chou et al.

(y-FeOOH) [BA] =1.44 -1.86 mM 3% (pH 5.4) and [55]
[y-FeOOH] = 167 g/L 10-30% (pH 4.2)".

Benzoic acid (BA) [H202] =0-20 mM

Magnetite pH 7 E=02-14% Xue et al.
[RhB] =5 mg/L [29]

Rhodamine B [RhB]

[magnetite] = 1 -20 g/L
[H20,] = 150 mM
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% The measured stoichiometric efficiency values are one to four orders of magnitude lower than
the theoretical value calculated using equation 1.19. For example, the initial theoretical
stoichiometric efficiency in the study of Huang et al. [26] would be:

k chlorophenol
E= chlorophenol[ 14 ] x n x 100%

kchiorophenot [chlorophenol] + ky,o0, [H202]

9 15 -3
7x10° X(335) X10

- 9 (15 y-3 7 -3
7%x10 X(128.5) +3.3x107 X 9.8 X10

% 0.67 x 100% = 48%

® There was a significant contribution from dissolved iron to the activation of H,O, in acidic pH
solutions.
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1.4.3 The decomposition of H,O, via non-radical mechanisms

An alternative explanation for the lower-than-expected stoichiometric efficiency invokes
the ability of iron oxides to catalyze the decomposition of H,O; into O, and H,O via mechanisms
that do not produce ‘OH (i.e., reaction 1.4) [30, 31]. For such non-radical mechanisms to be
operative, the decomposition of H,O, on iron oxide surfaces must take place via 2-electron
transfer processes. Because the =Fe(I11)/=Fe(II) cycling is a one-electron transfer process, this
means that 2 reactive sites must participate simultaneously in this process. However, it is unclear
if such a mechanism is plausible.

Alternatively, the occurrence of a 2-electron transfer process could be explained by the
production of a higher-valent iron species, possibly ferryl (i.e., =Fe[IV]). In this scenario, the
decomposition of H,0, might be initiated by the one electron reduction of =Fe(l11) (reaction 1.5),
followed by the cycling of =Fe(II) and =Fe(IV) species:

=Fe(1) + H,0, = =Fe(IV) + 20H" (1.20)
=Fe(IV) + H,0; = =Fe(Il) + O, + 2H" (1.21)

The production of Fe(1V) species instead of ‘OH is noteworthy because Fe(IV) is less
reactive than ‘OH and does not react with aromatic compounds to an appreciable extent [56].
While there is ample evidence for the production of Fe(IV) in the homogeneous Fenton system at
neutral pH values [56-58], little is known about the production of surface ferryl species (i.e.,
=Fe[lV]) in heterogeneous Fenton systems. Additional research is needed to address this issue.

1.4.4 lron-containing catalysts for H,O, activation

To accelerate the rate of H,O, decomposition and increase the yield of "OH in the
heterogeneous Fenton system, investigators have put significant effort into developing better
iron-containing catalysts. Among various synthesis methods, the immobilization of iron on silica
supports appears to be the most promising approach because silica can alter the chemical
environment of Fe and enhance the production of ‘OH. For example, Chou et al. developed a
catalyst consisting of iron oxide on a ground brick support [11]. This composite catalyst was
shown to result in more contaminant oxidation per mole of H,O, consumed than goethite. In
another study, Lim et al. immobilized iron oxide nanoparticles on alumina-coated mesoporous
silica (i.e., SBA-15), and examined its ability to catalyze the decomposition of H,O, and
transformation of the reactive dye, RB5, at pH 4.1 [12]. They reported that the material catalyzed
RB5 degradation, with a much faster reaction rate than that seen with similar amount of iron
oxides (i.e., hematite and magnetite). Although the exact role of alumina and silica was not clear,
it was speculated that the dispersion of iron in the silica matrix enhanced the production of ‘OH,
while alumina, as a Lewis acid, facilitated the reduction of Fe(lll) to Fe(ll) by H,O, (reaction
1.6) which is the rate limiting step in the heterogeneous Fenton system [12].

In addition to the mesoporous silica SBA-15 [59-61], other mesoporous silica supports,
such as MCM-41, HMS, also have been used to prepare iron-containing catalysts [62-64]. The
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use of mesoporous silica materials is attractive due to their high surface area, porosity, and
unique pore structure, which allows for the synthesis of well-ordered, high surface area catalysts.
Several investigators have reported that iron-containing mesoporous silica catalysts activate
H,0, more quickly than iron oxides under acidic or elevated temperature conditions [12, 62, 63,
65]. However, the ability of these catalysts toward H,0, activation under environmentally
relevant conditions (i.e., 10 — 30 °C, circumneutral pH values) has been largely unexplored.
Additionally, the stability of such catalysts at circumneutral pH values might be an issue for
long-term usage, since mesoporous silica materials appeared to be relatively unstable at pH
values above 5 [66, 67].

In addition to silica-based supports, several researchers have synthesized iron-pillared
clays as catalysts for H,O, activation [13, 14, 64, 68, 69]. These catalysts are prepared by
introducing iron into the interlayer of a 2:1 layered clay (e.g., member of the smectite family) by
an exchange process with an iron-containing solution, followed by a heat treatment step to
dehydrate iron hydr(oxide) cluster in the interlayer. The iron-pillared clays have been shown to
activate H,O, more quickly than iron oxides under acidic conditions [13]. Moreover, because the
iron that was immobilized on the clays was less susceptible to dissolution and, as a result, the
catalyst could be recycled and reused multiple times [14]. However, as with iron-containing
mesoporous silica catalysts, the ability of these catalysts to activate H,O, at circumneutral pH
values and the role of the aluminosilicates support on the reactivity of iron is not well
understood.

Zeolites also have been used as supports for synthesizing iron-containing catalysts [14,
64, 70-75]. Zeolites are aluminosilicates with relatively high porosity and surface area, and are
suitable for the synthesis of a high surface area catalyst. The addition of iron by a cation
exchange process is a common approach for immobilizing iron onto zeolites. As with iron-
pillared clays, iron-containing zeolite catalysts are stable under acidic conditions and could be
reused multiple times [70, 75].

1.4.5 Activation of hydrogen peroxide by soil sediments and aquifer materials

Investigations of the ability of soil sediments and aquifer materials to activate H,O, are
crucial to H,0,-based for in situ remediation. Soils and aquifer materials are comprised of iron
oxide-coated sands, silts, and clays, and are relatively heterogeneous. Their physico-chemical
properties vary greatly among samples and sites. Attributes of the materials that influence rate of
H,O, decomposition and yield of ‘OH remain unclear despite significant efforts of researchers to
understand them.

The decomposition of H,0, and yield of "OH by soils, sediments and aquifer materials
are likely controlled by their physico-chemical properties. These materials also often contain
manganese oxides and enzymes (e.g., catalase or peroxidase) — components that can decompose
H,O, via pathways that do not produce ‘OH [31]. Consistent with this observation, Xu and
Thomson suggested that the rate of H,O, decomposition is proportional to the Fe and Mn content
of the sediments [76]. They also observed that materials that contained more organic matter
decomposed H,0O, more quickly. Petigara et al. measured both H,O, decomposition rates and
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"OH yields in the presence of various soils [31]. Contrary to the observation by Xu and

Thomson, Petigara et al. observed that samples with less organic carbon reacted more quickly
with H,O,. In addition, they observed that the "OH yield was inversely correlated with the rate of
H,0, decomposition. They postulated the existence of two competing H,O, decomposition
pathways: one pathway that exhibits relatively fast H,O, decomposition rates but does not
produce ‘OH, and another that is associated with slower reactions but higher ‘OH yields. Miller
and Valentine speculated that the inefficient H,O, decomposition in soil sediments is caused by
the “reducible” iron and manganese oxides (i.e., oxides removed when the samples were treated
with strongly reducing NH,OH-HCI solution), because the stoichiometric efficiency increased by
approximately 50% when these “reducible” oxides were removed from the sediments [5].

In the subsurface, the rate at which H,O, decomposes and the fraction of the H,0O,
converted into "OH depends upon not only the properties of the aquifer materials but also the
solution composition. For example, the presence of phosphate, bicarbonate, or metal complexing
ligands, such as citrate or oxalate, enhances the stability of H,O, because the ligands can alter the
speciation of metals and decrease their reactivity [6, 15, 42]. Dissolved silica is another
commonly presented solute in groundwater that can also attach to the surface of iron-containing
minerals [77-79]. However, the effect of dissolved silica on the reactivity of iron minerals with
H,0, has not been investigated.

In summary, the efficacy of H,0,-based ISCO depends on the persistence of H,0; as
well as pathways through which it is decomposed, because only those pathways that produce
"OH will be beneficial for oxidative contaminant removal. A thorough understanding of how
different subsurface components affect the decomposition of with H,O, will, therefore, help
predict its fate and could lead to improved performance of H,O,-based ISCO systems.
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1.5 Dissertation outline

The overall objective of this dissertation is to investigate factors affecting the activation
of H,0; on various silica- and alumina-containing iron catalysts, minerals, and aquifer materials
under circumneutral pH conditions. Developing a better understanding of the activation of H,0,
by these solids could improve the design and operation of ex situ and in situ H,O,-based water
treatment technologies.

The second chapter of this dissertation investigates the ability of silica-supported iron
catalysts to activate H,O, under circumneutral conditions. Two types of silica- and alumina-
containing iron catalysts were synthesized by sol-gel processing techniques. The yields of "OH
during H,O, decomposition in the presence of these catalysts and other iron oxides were
measured and compared. Mechanisms of H,O, decomposition at circumneutral pH values are
proposed and possible roles of silica and alumina in the catalysts are discussed.

The third chapter assesses the activity of various iron oxides, iron-containing clays and
sands, as well as real aquifer sediments to activate H,O,. An experimental design similar to that
employed in Chapter 2 was used to assess H,O; loss rates and "OH yields in the presence of these
solids. The surface properties of the solids were characterized and correlated with the reactivity
of the solids with H,O, to gain insight into factors affecting H,O; activation in in situ treatment
systems.

The fourth chapter examines the effect of dissolved silica on H,O; activation. The rate of
H,0O, decomposition and "OH vyield in the presence of various iron and manganese oxides were
investigated in solutions containing dissolved silica under environmentally relevant
concentrations. Adsorption of dissolved silica on iron oxides was investigated by surface
characterization techniques to gain fundamental understandings of how dissolved silica affects
H,0O, activation.

Chapter 5 investigates the use of an iron-containing mesoporous silica catalyst for
selective oxidation of organic contaminants to improve the stoichiometric efficiency in ex situ
treatment systems.

Chapter 6 examines the dissolution of various mesoporous silica supports and the effect
of the released silica on the activity of iron-containing mesoporous silica catalyst during H,O,
activation.

The final chapter presents the key findings of this dissertation and suggests future
research directions.
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Chapter 2. A Silica-Supported Iron Oxide Catalyst
Capable of Activating Hydrogen Peroxide at Neutral
pH Values

Reproduced with permission from Pham, A.L.T; Lee, C.; Doyle, F.M.; D.; Sedlak, D. L. A
Silica-Supported Iron Oxide Catalyst Capable of Activating Hydrogen Peroxide at Neutral pH
Values. Environmental Science & Technology 2009, 43, 8930-8935.

Copyright 2009 American Chemical Society.
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2.1 Introduction

The activation of hydrogen peroxide (H,O2) by iron minerals (e.g., hematite, goethite,
iron-containing clays and sands) and its application for contaminant oxidation has been
intensively studied over the last two decades [4, 6, 7, 10, 37, 47] and the process is being applied
for in situ contaminant oxidation [10], as well as for wastewater treatment [7]. The reaction
offers significant advantages over Fenton’s reagent (mixture of Fe?" and H,0,) because it does
not generate iron sludge and is not restricted to acidic conditions. Unfortunately, the process is
relatively slow and inefficient at circumneutral pH values because only a small fraction of the
H,0, is converted into oxidants that are capable of transforming recalcitrant contaminants [6, 26,
80]. As a result, very large amounts of H,O, are needed for in situ treatment, or the water must
be acidified prior ex situ treatment [7].

To overcome these limitations, heterogeneous iron-containing catalysts have been
synthesized using silica supports to change the chemical environment of iron [11, 12, 65, 81].
For example, Chou et al.[11] developed a catalyst consisting of iron oxide on crushed brick. This
composite catalyst oxidized more benzoic acid per mole of H,O, consumed than goethite.
However, the results of this study are difficult to interpret because the test solutions were
unbuffered and the pH decreased substantially during the experiments (from initial pH values of
3.2,6.0 and 10.0 to 3.0, 4.3 and 5.8 respectively), and it is unclear how much of the enhanced
efficiency was attributable to acidification of the solutions. In another study, iron oxide
nanoparticles immobilized on alumina-coated mesoporous silica exhibited an ability to catalyze
the transformation of a dye, Reactive Black 5, by H,0, at pH 4.1 with an efficiency that was
substantially greater than that of similar amounts of hematite and magnetite [12]. Similar results
have been reported for H,O; activation by Fe and Al-pillared clay catalysts [13, 82, 83].
However, like the studies discussed above, most experiments were performed either under acidic
conditions, at elevated temperatures or in the presence of ultraviolet light.

While it appears that alumina and silica supports improve the performance of
heterogeneous iron-containing catalysts, the mechanism through which this occurs is not well
understood. Possible explanations for the higher efficiency of iron/silica catalysts include less
efficient scavenging of hydroxyl radicals by silica relative to iron oxide surfaces [11] and more
oxidant production due to the better dispersion of iron on the surface [12]. In addition, alumina,
as a Lewis acid, could facilitate the reduction of Fe(ll1) to Fe(ll) by H,0,, usually the rate
limiting step in the Fenton’s reagent chain reaction, and thus accelerate activation of H,O, [12].

The objective of this study was to determine how the presence of silica and alumina in an
iron-containing catalyst alters H,O, activation and contaminant oxidation at neutral pH values.
For this purpose, silica- and alumina-containing iron precipitates were prepared, characterized
and assessed for catalytic activity relative to iron oxides. Phenol was selected as a model target
contaminant because it is not significantly adsorbed on any of the oxides in the catalysts and has
a well-characterized reaction with hydroxyl radical. Understanding the role of alumina and silica
on H,0, activation may lead to the development of more efficient catalysts that could be used for
ex situ treatment and provide a mean of harnessing the heterogeneous Fenton process using
naturally occurring or modified minerals in the subsurface.
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2.2 Materials and methods
2.2.1 Materials

All chemicals were reagent grade and were used without further purification. Phenol and
ferric perchlorate were obtained from Aldrich. Ferric nitrate and aluminum chloride were
obtained from Fisher. Tetraethyl orthosilicate (TEOS) was obtained from Alfa Aesar. All
solutions were prepared using 18 MQ Milli-Q water from a Millipore system.

Hematite was synthesized by aging freshly made ferrihydrite in a strongly alkaline
solution at 90°C for 48 hours [84]. The identity of hematite was verified by X-ray diffraction.
Commercial goethite and amorphous FeOOH were obtained from Fluka and Aldrich,
respectively.

2.2.2 FeSi-ox and FeAlSi-ox synthesis

Precipitates containing iron, silicon and aluminum were synthesized by a sol-gel process.
Specifically, 100 mL of 1 M ethanol, 1 M TEOS and either 0.2 M Fe(ClO4)3.9H,0 (FeSi-ox
synthesis) or 0.2 M Fe(Cl0O4)3.9H,0 and 0.2 M AICI; (FeAlSi-ox synthesis) aqueous solution
were stirred and heated at 80°C for 2 hours in a 250-mL Pyrex flask. To initiate precipitation,
100 mL of 1.5 M ammonium hydroxide and 50 mL of water were added dropwise
simultaneously (over about 15 min). After stirring at 80°C for 2 hours, the mixture was
transferred to a 500-mL beaker and then dried at 110°C for 24 hours. The resulting particles were
then washed with deionized water and separated by centrifugation at 3000g for 5 minutes. The
washing step was repeated three times, and the final particles were dried at 110°C for another 24
hours.

2.2.3 Characterization

The surface area of the solids was determined using N, physisorption in a Micromeretics
2000 system using the 5 point BET (Brunauer—Emmett—Teller) method. X-ray diffraction (XRD)
analysis was performed with Cu Ka. radiation using a Panalytical 2000 diffractometer. The
morphology of FeSi-ox and FeAlSi-ox was determined using a FEI Tecnai 12 transmission
electron microscope (TEM) at 100 kV and a Hitachi S-5000 scanning electron microscope
(SEM) at 10 kV. The distribution of elements on the surface was determined using a LEO 439
scanning electron microscope coupled with a Princeton Gamma-Tech energy dispersive X-ray
spectrometer (SEM-EDX). The composition of the catalysts was measured by first dissolving
particles in a concentrated solution of HCI, then measuring Fe and Al in the liquid phase using
atomic absorption spectrophotometry.

2.2.4 Oxidation of phenol

All oxidation experiments were carried out at room temperature (20 + 2°C) in the dark in
50-mL of reaction solution. All the reactors were open to the atmosphere. The initial
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concentration of phenol was 0.5 mM. The initial solution pH was adjusted using 1 M NaOH or
0.5 M H,SO,. The pH of solutions was buffered with 1 mM piperazine-N,N’-bis(ethanesulfonic
acid) (PIPES) for pH 7 or 1 mM borate for pH 8 — 9. Solutions with initial pH values of 5.5 were
unbuffered. The pH was measured throughout each experiment, and the average pH value was
calculated. The difference between the initial and final pH never exceeded 1.5 units in the
experiments with pure iron oxides and 1 unit in the case of FeSi-ox and FeAlSi-ox.

The reactions were initiated by adding an aliquot of H,0, stock solution to a pH-adjusted
solution containing phenol and catalyst. In some experiments, 200 mM of tert-butanol (t-BuOH)
was added as a hydroxyl radical scavenger. Samples were withdrawn at predetermined time
intervals, filtered immediately through a 0.22-um nylon filter and analyzed for phenol and H,0..
Experiments were carried out at least in triplicate and average values and standard deviations are
presented.

2.2.5 Analytical methods

Filtered samples were acidified to pH 2 and analyzed for phenol by high-performance
liquid chromatography (HPLC) using a Waters Alliance HPLC system equipped with a 4.6 x 150
mm Waters Symmetry C18 5 um column. A mobile phase consisting of 50% methanol and 50%
water (pH 2) was used at a flow rate of 0.8 mL/min. Phenol was detected with UV absorbance
detection at 270 nm. Prior to HPLC analysis, an excess amount of methanol (i.e., 50 uL) was
added to 1 mL filtered aliquots to quench any additional oxidation reactions involving residual
H,0,. H,O, was analyzed spectrophotometrically by the titanium sulfate method [85]. Total
dissolved iron was quantified using the 1,10-phenanthroline method after adding hydroxylamine
hydrochloride to the filtered samples [86].

2.3 Results

2.3.1 Catalyst properties

SEM and TEM images, along with XRD spectra of FeAlSi-ox (Figure 2-1) and FeSi-ox
(Figure 2-2) show that these materials are amorphous xerogels, a typical product from sol-gel
processing [87]. The iron and aluminum content and BET surface areas of these materials are
listed in Table 2-1.
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Table 2-1. Properties of different Fe-containing materials.

Type of material BET surface area Fe content Al content
(m?/g) (weight %) | (weight %)
Hematite 36 70 @ -
Goethite 13 35® -
Amorphous FeOOH 166 62.9@ -
FeSi-ox 521 12.3 -
FeAlSi-ox 423 10.9 4.95

(@) theoretical value.
(b) value reported by the manufacturer.

22




5000 -

4000 -

3000 1

Intensity

2000 1

1000 -

20 40 60 80 100
20

Figure 2-1. FeAlSi-ox obtained by sol — gel processing of aqueous mixture of Fe(ClO,)s,
AI(NO3); and TEOS. (A) SEM. (B) TEM. (C) XRD.
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Figure 2-2. FeSi-ox obtained by sol — gel processing of aqueous mixture of Fe(ClOg)3, AI(NO3)3
and TeOS. (A) SEM. (B) TEM. (C) XRD.
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2.3.2 Catalytic performance toward H,O, decomposition and phenol oxidation

The oxidation of phenol catalyzed by FeAlSi-ox (4.9 wt % Al, 10.9 wt % Fe) is a pH
dependent process, with a reaction rate that decreases with increasing pH. After 8 hours over
90% of the phenol was transformed at pH 5.3, 30%-35% at pH 6.9 and 23%-25% at pH 8.5
(Figure 2-3). The concentration of phenol decreased by less than 15% in the presence of 200 mM
t-BuOH at all three pH values (Figure 2-3). Control experiments (data not shown) showed that
adsorption accounted for less than 3% of the total phenol loss and thus can be neglected
compared to losses due to oxidation. A gradual increase of total dissolved iron ([Fetor]) was
observed during the experiments conducted in the absence of t-BuOH (inset of Figure 2-3).

While t-BuOH decreased phenol loss at all pH values, H,O, decomposition was retarded
by t-BuOH only at pH 5.3 (Figure 2-4). At pH 5.3, approximately 30% of the initial H,O, was
decomposed over 8 hours in the t-BuOH-free system, while less than 5% of the H,0,
decomposed in the presence of 200 mM t-BuOH.

The catalytic performance of the FeAlSi-ox catalyst was compared to the alumina-free
analog, FeSi-ox (12.3 wt % Fe) at pH 6.9. The alumina-free catalyst resulted in faster H,O,
decomposition and phenol transformation (Figure 2-5).

The rate of H,O, decomposition and transformation of phenol catalyzed by iron oxides
was also investigated over pH values ranging 5.5 — 8.8. After 8 hours, approximately 20 to 35%
of the initial H,O, was decomposed in the hematite/H,0O, system, whereas all of the H,O, was
decomposed in the presence of amorphous FeOOH and commercial goethite (Figure 2-6).
However, phenol transformation catalyzed by iron oxides was very low: less than 1% phenol loss
was observed for amorphous FeEOOH and commercial goethite. For hematite, the concentration
of phenol decreased by approximately 5% to 7% mainly due to surface adsorption.

The stoichiometric efficiency, defined as the amount of phenol decomposed per mole of
Al phenol]
A[H,0,]

catalysts. For each experiment, we calculated the stoichiometric efficiency after 25% of the
phenol was transformed to assure that the comparisons were valid. This is necessary because the
products of phenol transformation (e.g., hydrogquinone) could react with oxidants and decrease
the apparent efficiency. Conversely, measuring the stoichiometric efficiency early in the reaction
(i.e., when less than 10% of the phenol was transformed) could result in reduced precision due to
difficulties in detecting small losses of phenol. In the iron oxide/H,0, systems, phenol loss was
always less than 25% and in these cases, Aphenol values at the end of the experiments were used
to determine stoichiometric efficiency. The stoichiometric efficiency of the FeAlSi-ox catalyst
was 3 to 4 times greater than that of the FeSi-ox catalyst and approximately 50 to 80 times
greater than that of the iron oxides over the pH range studied (Figure 2-7).

H,0, consumed (i.e., E = x100%) was used to compare the performance of the
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Figure 2-3. Effect of pH on phenol loss in the FeAlSi-ox/H,0, system in the absence
(solid lines) and presence (dashed lines) of t-BuOH; [phenol], = 0.5 mM; [H,0,] = 50 mM;
[FeAlSi-ox] = 3 g/L; [t-BuOH] = 200 mM. [Fetort] as a function of time (inset): (®) pH 5.3;
() pH 6.9; (A) pH 8.5. For the purpose of clarity, error bars were eliminated from the data in
the inset. In all cases, the pH decreased by less than 1 unit during the reaction.
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Figure 2-4. H,0, loss in the FeAlSi-ox/H,0, system in the absence (solid lines) and presence
(dashed lines) of t-BuOH; [phenol], = 0.5 mM; [H20,] = 50 mM; [FeAlSi-ox] = 3 g/L;
[t-BuOH] = 200 mM.
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Figure 2-5. Phenol and H,0; loss in the FeSi-ox/H,0, and FeAlSi-ox/H,0, systems;

[phenol], = 0.5 mM; [H20,] = 50 mM; [FeAlSi-ox] = [FeSi-ox] = 3 g/L; pH = 6.9. The pH

decreased by less than 0.3 units during the reaction.
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Figure 2-6. H,O, decomposition catalyzed by iron oxides: @) hematite; (~) amorphous FeOOH;
(A) goethite. [phenol], = 0.5 mM; [H20,], = 50 mM; [iron oxide] = 3 g/L.
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Figure 2-7. Stoichiometric efficiency (A[phenol]/A[H,0,] x 100%) as function of pH. Data
collected when A[phenol] = 23-27% [phenol],. [Phenol], = 0.5 mM; [H202], = 50 mM;
[oxide] =3 g/L.
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2.4 Discussion
2.4.1 Activation of H,O; by iron oxides

The decomposition of H,O, by pure iron oxides (e.g., goethite, hematite) has been
studied over a wide pH range. Under acidic conditions, the process appears to be controlled by
redox cycling of both surface and dissolved iron (i.e., Fe[I1]/Fe[ll1]), the latter resulting from
dissolution of the iron oxides [30, 45]. At circumneutral pH values, the contribution of dissolved
iron to H,O, activation should be minimal because Fe(lll) is sparingly soluble [46]. Therefore,
the decomposition of H,O, under circumneutral pH conditions is likely a surface-catalyzed
process.

It has been suggested that the surface-initiated H,O, decomposition proceeds through a
chain reaction that is analogous to the Fe**-initiated decomposition of H,0, that was initially
described by Haber and Weiss under acidic conditions [22, 24, 31]. The oxidation of organic
contaminants during H,O, decomposition has been attributed to hydroxyl radical (*OH)
production from the reaction of H,O, with reduced surface iron (i.e., =Fe"") (scheme 1 and
reaction 2 in Table 2-2).

I\
HO;3 =Fe" H,0, 0, =Fe 0,
=Fe' _p I
_ II .
H,0, =Fe OH H,0, =Fell H,0
Scheme 1. Haber — Weiss mechanism Scheme 2. Non-radical mechanism

The application of the iron oxide/H,0, systems for oxidation of contaminants has been
limited by the extremely low stoichiometric efficiency of oxidant production at neutral pH values
(e.g., [6, 26] and Figure 2-7). The low efficiency is often attributed to the generation of *OH in
areas on the oxide surface that are inaccessible to the contaminants (e.g., “OH is scavenged by
the iron oxide surface [6]). Alternatively, the activation of H,O, by iron oxides could produce
oxidants such as high-valent iron species (i.e., =Fe[IV]) [88]. While little is known about the
exact structure and reactivity of such surface-bound oxidants, solution phase Fe(IV) species are
less reactive than *OH and do not react with aromatic compounds to an appreciable extent [56].
Some investigators also have suggested that the decomposition of H,O, on the surface of iron
oxides may proceed mainly through a non-radical mechanism that converts H,O, directly into O,
and H,O by a series of 2e" transfer reactions (e.g., by the presence of oxygen vacancies on the
surface [89] or the cycling of =Fe(1V)/=Fe(ll) as proposed in scheme 2 and reactions 9 — 11 in
Table 2-2). The principal net reaction in these pathways is the conversion of H,0, into H,O and
O, without the production of *OH.
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Table 2-2. Mechanism of surface-initiated H,O, decomposition.

Haber — Weiss mechanism [22, 24]

reaction
=Fe(I1I) + H,0, > =Fe(Il) + HO," (0,° ) + H* (2H") (2.1)
=Fe(Il) + H,0, > =Fe(Ill) +'OH + OH" (2.2)
=Fe(III) + HO," (0,"") = =Fe(Il) + O, (+ H") (2.3)
HO," & H" + 0, (2.4)
*OH + H,0, > H,0 + HO," (2.5)
*OH + =Fe(Il) = =Fe(Ill) + HO" (2.6)
*OH + HO," (0,°") > 0, + H,0 (+ OH) (2.7)
HOz"+ HO;" = Hz0; + O, (2.8)

A possible non-radical mechanism

reaction
=Fe(IIl) + H,0, = =Fe(Il) + HO,® + H* (2.1)
=Fe(Il) + H,0, = =Fe(IV) + 20H" (2.9)
=Fe(IV) + H,0; = =Fe(Il) + O, + 2H" (2.10)
=Fe(IV) + =Fe(Il) = 2=Fe(III) (2.11)
=Fe(III) + HO,® (0,°") = =Fe(Il) + O (+ HY) (2.3)
HO,"+ HO,® > H,0, + 0, (2.8)
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2.4.2 Efficiency enhancement with FeAlSi-ox and FeSi-ox

The stoichiometric efficiency of FeSi-ox and FeAlSi-ox is much higher than that of iron
oxides (Figure 2-7). In the FeAlSi-ox/H,0, system, the rate of phenol transformation decreases
dramatically with increasing pH (Figure 2-3) while the rate of H,O; loss only varies by about
15% with a minimum at pH 6.9 (Figure 2-4). The decreased rate of phenol loss at higher pH
values appears to be attributable to a decrease in the production of oxidants capable of reacting
with phenol. The oxidation of phenol in this system is most likely due to *“OH because upon
addition of t-BuOH phenol transformation rate decreased significantly (Figure 2-3).

As mentioned previously, Fe(l1l) is sparingly soluble at circumneutral pH values. The
concentration of soluble Fe(l11) is expected to range from 0.001 uM to 0.1 uM over pH values
ranging from 5.5 to 9, assuming that the system is at equilibrium with 2-line ferrihydrite [46]. As
the reaction proceeded, however, the concentration of dissolved iron increased to 20 + 10 uM at
pH5.3and 2 £ 1 uM at pH 6.9 — 8.5 (inset of Figure 2-3). This dissolution of Fe(lll) was
attributable to the interaction of surface iron and intermediate oxidation products of phenol (e.g.,
hydroquinones, organic acids) that enhance iron solubility via complexation and reductive
dissolution [45]. This hypothesis was supported by the fact that iron leaching and phenol
oxidation were not observed upon addition of t-BuOH, as little intermediates were formed.

In a previous study [30], the activation of H,O; by dissolved iron was observed at
[Fe(111)] as low as 0.42 uM. Consequently, to determine whether the higher stoichiometric
efficiency of FeAlSi-ox/H,0, system was due to better H,O, activation by the FeAlSi-ox surface
or to activation of H,O, by dissolved iron, we investigated the proportions of homogeneous and
heterogeneous reaction using filtration to isolate the solution-phase reaction (Figure 2-8).
Following filtration, at pH 6.9 and 8.5, the phenol concentration decreased by less than 3%
during a 16-hour period, indicating that dissolved iron is unimportant to phenol transformation
compared to surface catalyzed reactions. At pH 5.3, the phenol concentration decreased
significantly after filtration (Figure 2-9), albeit less than in the presence of FeAlSi-ox. Phenol
transformation at this pH value therefore was attributable to the production of oxidants from both
homogeneous and surface-catalyzed reaction.
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Figure 2-8. Phenol concentration as a function of time. [phenol], = 0.5 mM; [H20,] = 50 mM,;
[FeAlSi-ox] = 3 g/L. At t = 8hours, FeAlSi-ox was removed from the reactor and phenol
concentration was followed (dashed lines).
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Figure 2-9. Phenol concentration as a function of time at pH 5.3. [phenol], = 0.5 mM,;
[H20,] = 50 mM; [FeAlSi-ox] = 3 g/L. Phenol concentration was followed in the filtered samples
(dashed lines).
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2.4.3 Role of silica and alumina

SiO; and Al,O3 do not catalyze the decomposition of H,O, at circumneutral pH values
(less than 1% of the initial H,O, was lost in the presence of just either SiO; or Al,O3). Therefore,
the significant enhancement in H,O; activation by FeSi-ox and FeAlSi-ox at circumneutral pH
values relative to pure iron oxides is attributable to the interaction of iron with alumina and silica
in the mixed catalyst. There are several possible explanations for this phenomenon. First, the
dispersion of the iron oxide phase within the silica and alumina matrix might prevent the iron
from aggregating into clusters, resulting in changes in the number and properties of the reactive
surface sites. These structural differences can alter the relative proximity of reactive sites, which
in turn may affect the reactions between the surface and the reactant (i.e., H,O,). The role of
steric position of reactive sites on redox processes has been speculated to be important in the
reduction of carbon tetrachloride by Fe(ll) associated with goethite, where the steric position of
the latter can enhance multiple electron transfer reactions [90]. In a similar way, iron dispersion
within the silica and alumina matrix might favor the radical mechanism (series of 1e" transfer
steps) over the non-radical mechanisms (2e transfer step), leading to more *OH production
during the decomposition of H,0..

The higher efficacy of FeAlSi-ox and FeSi-ox compared with iron oxides may also arise
from the difference in electronic properties of iron because silica, alumina and iron oxides
exhibit different points of zero charge (pzc) values. The pzc of SiO; (i.e., 2 —5) is much lower
than that of iron oxides and alumina (i.e., 7.5 — 9) [91]. At circumneutral pH values, it is
expected that the surface of FeSi-ox and FeAlSi-ox will be negatively charged because SiO is
the predominant component in these materials (Figure 2-10) whereas iron oxide surfaces will be
positively charged, or will have a much less negative charge. In addition to altering the electronic
properties of reactive sites, the negative surface charge of FeAlSi-ox may also affect the sorption
of H,O; on the surface, which was suggested to be the rate limiting step in H,O, decomposition
[30]. While the mechanism and kinetics of H,O, interactions with surfaces have not been well
studied, H,O, forms strong hydrogen bonds with the oxygen in siloxane bridges, Si-O-Si [92]. It
is possible that such interactions with the silica-containing catalyst may alter the reactions of
H,0, with iron on the catalyst surface.

It is interesting to note that although the decomposition of phenol and H,O; occurred at a
faster rate when catalyzed by FeSi-ox, a higher stoichiometric efficiency was obtained with
FeAlSi-ox. The mechanism through which alumina alters the efficiency is unclear. Lim et al. [12]
postulated that alumina facilitates the reduction of Fe(l1l) by H,O, because alumina, a Lewis
acid, can attract electron density from iron and thus raise the oxidation potential of the Fe(l1l)
center. This explanation seems unlikely because the reactions were slower for the Al-containing
catalyst (i.e., FeAlSi-ox). On the basis of the iron content and surface area (Table 2-1), we
hypothesize that faster reactions observed with FeSi-ox are related to its higher surface and iron
content. However, this cannot explain the higher H,O, utilization efficiency of the FeAlSi-ox
catalyst. Additional research is needed to characterize the role that Al plays in the catalyst.

35



Si
3000
2400
1800
1200
500 Al
Fe
A
0 2 4 6 8 10 12
Energy (KeV)

Figure 2-10. EDX spectra of FeAlSi-ox.

2.5 Environmental implications

The silica- and alumina-containing iron oxide catalyst has the potential to be more
effective in the oxidative treatment of industrial waste and contaminated water at circumneutral
pH values than iron oxides studied previously for this application. While over 90% of the H,0,
that was lost in the presence of the catalyst does not produce oxidants capable of transforming
aromatic compounds, the absence of a pH adjustment step, minimal waste production and low
potential for production of toxic byproducts may provide advantages over other approaches.
Additional research is needed to further enhance the efficiency of the catalyst and assess the
scale up of the treatment systems employing the catalyst.

This study also has important implications for the design and operation of in situ
remediation systems that use H,O, for oxidation of contaminants. Previous studies on the
mechanism of H,O; reduction by pure iron oxides indicated that iron oxides can activate H,O,
into species capable of oxidizing contaminants. Researchers studying pure iron oxides suggested
that iron-containing minerals in the subsurface could be exploited to activate H,O, for in situ
remediation. The present study suggests that iron oxides associated with alumina and silica may
behave differently from pure iron oxides. The activity of iron associated with aluminosilicates
and silica-containing minerals may help to explain differences in the production of oxidants
observed during H,O, decomposition in soils [31]. Additional research on the stoichiometric
efficiency of aquifer materials may lead to better predictions of the efficacy of H,O,-based in
situ remediation systems.

36



Chapter 3. Kinetics and Efficiency of H,O, Activation
by Iron-Containing Minerals and Aquifer Materials

(Under consideration for publication in Water Research)
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3.1 Introduction

Over the past two decades, hydrogen peroxide-based in situ Chemical Oxidation (ISCO)
has become increasingly popular as a means of remediating contaminated soil and groundwater
[10, 38]. In this practice, concentrated solutions of H,O; are injected into groundwater or added
to soils. Upon contacting iron-containing minerals, some of the H,O, is converted into "OH
(reaction 3.1 and 3.2 [24, 31]), which subsequently oxidizes contaminants. The technology is
simple, easy to deploy, and effective against many of the most recalcitrant organic contaminants
typically encountered at contaminated sites (e.g., benzene, phenol, trichloroethylene, polycyclic
aromatic hydrocarbons). The use of H,O; is also attractive because it is relatively inexpensive
and its byproducts, namely O, and H,O, are benign.

=Fe(IlI) + H,0, = =Fe(Il) + HO," + H* (3.1)

=Fe(II) + H,0, > =Fe(IIl) + "OH + OH" (3.2)

Fe- and Mn-oxides, enzymes

2H,0, » 2H,0+ 0O, (33)

The cost and efficiency of H,O,-based ISCO systems depend largely upon the distance
that H,O, travels in the subsurface, as well as the fraction of the H,O, that is converted into "OH.
Due to the slow rate at which groundwater moves relative to the rate of H,O, decomposition,
conditions that maximize H,O, persistence are usually desirable, because they minimize both the
amount of H,O, and the number of injection wells needed to decontaminate a given site. As
H,0, also can be decomposed by non-radical pathways (i.e., the pathways that do not produce
"OH, which are represented collectively by reaction 3.3) [31, 93], the amount of H,O, required
also depends upon the yield of ‘OH (i.e., the relative amount of H,O, decomposed by reaction
3.1 and 3.2 to the total amount of H,O, decomposed by reaction 3.1 — 3.3).

To gain insight into factors that influence H,O, persistence and "OH yield, previous
investigators have studied H,O, decomposition and contaminant transformation in systems
consisting of pure iron oxides (e.g., ferrihydrite, hematite and goethite [6, 26, 30]), iron minerals
(e.g., pyrite [27]), iron-containing aluminosilicates (e.g., [13]), and aquifer materials and soils
([4, 31, 37, 42, 76]). Although these studies help explain the trends in the rates of removal of
contaminants in groundwater and sediments upon addition of H,O,, it is still difficult to predict
the rates of these processes under conditions encountered at hazardous waste sites.

Studies conducted with pure minerals have suggested that the crystallinity of the oxide,
the coordination of Fe, and the mineral surface area affect H,O, decomposition rates and ‘OH
yields [6, 26]. Nevertheless, these studies are of limited utility because iron in aquifer materials
usually exists as a mixture of different phases and/or is associated with other oxides (e.g., silica,
alumina or manganese oxides). The reactivity of oxides in mixed oxides and silicates is different
from that of the constituent end-member minerals (see chapter 2 and references [12, 93, 94]).
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Moreover, in addition to iron minerals, other components in soils, such as manganese oxides,
organic matter, and enzymes (e.g., catalase or peroxidase), also serve as H,O, sinks [31, 76].
Thus, results obtained with iron oxides and iron minerals do not capture the heterogeneity and
complexity of sediment systems, and could overestimate the production ‘OH in remediation
systems. Although studies conducted with aquifer materials and soils have the potential to
capture some of this heterogeneity, most previous studies have not related rates of H,O,
decomposition and ‘OH yields to the surface properties of the sediments. For example, Xu and
Thomson [76] attempted to correlate the rate of H,O, decomposition with aquifer materials’
properties. Their results suggested that the H,O, decomposition rate is correlated with the Fe and
Mn content of the aquifer materials. However, they did not quantify "OH yields. Thus, it is
currently difficult to predict the performance of H,O,-based ISCO treatment systems without
conducting extensive site-specific scoping studies. Hence, more research is needed to predict and
optimize contaminant removal in H,0,-based ISCO treatment system.

To address these needs, the reactivity of various iron-containing minerals and aquifer
materials has been investigated. By studying H,O, activation in materials from ten different
aquifers under similar conditions (i.e., well-buffered solution pH and identical initial
concentration of H,O; and target contaminant) and correlating results with data on physical
properties, new insight has been gained about the factors affecting the H,O, decomposition rates
and "OH yields. To assess the role of free iron and manganese oxides (i.e., pure oxides that exist
as discrete particles or as surface coatings), aquifer materials were leached with citrate-
bicarbonate-dithionite (CBD) solution prior to H,O, addition. In addition, the effect of dissolved
SiO,, a solute that is ubiquitous in groundwater, on the reactivity of aquifer materials was also
studied.

3.2 Materials and methods
3.2.1 Chemicals

All chemicals were reagent grade and were used without further purification. Solutions
were prepared using 18 MQ Milli-Q water from a Millipore system.

3.2.2 Iron-containing minerals

Amorphous iron oxyhydroxide 50 — 80 mesh (i.e., amorphous Fe-oxide, obtained from
Adrich) was ground using a mortar and pestle prior to sieving through a 150-um sieve. Goethite
and hematite were synthesized by aging freshly made ferrihydrite in a concentrated NaOH
solution at 70°C for 60 hours (goethite synthesis) or at pH 8 to 8.5 in the presence of NaHCOj3 at
90 °C for 48 h (hematite synthesis) [84]. Two types of 2:1 iron-containing clay, namely
Wyoming Montmorillonite (Swy-2, 2.59% Fe by weight) and Australian Nontronite (NAu-2,
26.04% Fe by weight), were obtained from the Source Clays Repository (The Clay Minerals
Society). Fine powder Swy-2 was used as received, while large chunks of NAu-2 were ground
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using a shatter box prior to sieving through a 150-um sieve. Iron oxide-coated sand (1% Fe by
weight, 4.8 m?/g) was kindly provided by Peter Nico (Lawrence Berkeley National Laboratory).
The synthesis and characterization of iron oxide-coated sand have been reported elsewhere [95].
FeSi-ox and FeAlSi-ox catalysts were synthesized following the procedure reported previously
[93]. The surface area of these minerals, determined using the 5-point BET (Brunauer-Emmett—
Teller) nitrogen physisorption method, is reported in Table 3-1.

3.2.3 Aquifer materials

Aquifer materials were obtained from 10 aquifers located in California (CADIR,
CADOU, CADMS, CAROL), Arizona (AWBPH, AFTCS, AMTAL), Wyoming (WYSAN,
WYLAM), and Kentucky (KENTK). Samples were dried, homogenized, and sieved through a
600-um sieve. The 600-um fractions were used in the phenol oxidation experiments (section
2.5). Their physico-chemical properties are reported in Table 3-2.

3.2.4 Treatment of aquifer materials with citrate-bicarbonate-dithionite solution

Samples of six selected aquifer materials (i.e., CADIR, CADOU, AFTCS, AWBPH,
WYLAM, and WYSAN) were treated with citrate-bicarbonate-dithionite (CBD) solution prior to
the phenol oxidation experiment. The CBD treatment removes primarily pure iron and
manganese oxides that exist as discrete particles or as coatings on the surface of aquifer
materials, but not structural iron and manganese incorporated in silicates or aluminosilicates
[96]. Briefly, citrate-bicarbonate-dithionite (CBD) solution was prepared by dissolving 3.53
gram of sodium citrate and 0.21 gram of sodium bicarbonate in 45 mL MiliQ water. The solution
was then heated to 77°C using a water bath. 2 gram of sample and 1 gram of sodium dithionite
(Na,S,0,4) were added to the pre-heated solution and the suspension was stirred constantly for 1
minute, and occasionally afterward for 15 minutes. The CBD-treated sample was recovered by
centrifugation, washed 5 times with Mili-Q water, dried and homogenized. The amount of CBD-
extractable Fe and Mn in the aquifer materials is reported in Table 3-2.
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Table 3-1. Properties of iron-containing minerals and observed-first order rate constants for
mineral-catalyzed H,O, decomposition.

Minerals Surface area Iron content Kops/m? ® ©

(m?/g) (wt. %) (hr'xm?)
Goethite 19 62.9¢ 0.015
Hematite 30 70.0 0.032
Amorphous Fe-oxide 166 62.9@ 0.097
Swy-2 32 2.6 0.022
NAu-2 69 26.2 0.012
Iron oxide-coated sand 5 1.0 0.199
FeSi-ox 521 12.3 0.007
FeAlSi-ox 423 10.9 0.003

(a) Values were calculated based on the FeOOH formula.

(b) The observed-first order rate constants (kons) Were obtained by fitting the experimental data to
the first order decay reaction rate law. The r? values of the fittings were always r*> 0.99.

(c) Rate constants were normalized by the total surface area of the solid used in the experiment.
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Table 3-2. Properties of aquifer materials. Surface area was measured in our laboratory while the other properties were analyzed by
the Analytical Laboratory at the University of California, Davis. Details on the analytical protocols are available at
http://anlab.ucdavis.edu/analyses/soil/

Soil ID Sand Silt Clay pH pH,? BETsurface Total Fe TotalMn Fe-CBD Mn-CBD TC TOC

(Wt.9%) (WL%) (Wt %) wed (M9 (mgkg) (moke) (mgko) (moke) () (%)
CADIR 80 16 4 84 84 4.7 9600 96 2460 28 0.22 0.1
CADOU 84 10 6 92 87 3.9 7700 106 3020 54 0.32 0.2
CADMS 90 5 5 88 85 3.2 6840 90 2400 44 0.23 0.11
CAROL 63 18 19 76 82 39.8 24880 156 4800 76 0.08 0.08
AWBPH 82 10 8 78 85 14.3 16700 287 8010 191 0.03 0.04
AFTCS 60 22 18 7.7 83 27.7 14400 321 4470 185 0.36 0.05
AMTAL 64 22 14 72 82 16.2 18490 1162 10500 943 0.04 0.06"
WYSAN 86 8 6 78 85 9.0 11500 193 4170 142 0.19 0.04
WYLAM 42 32 26 77 83 34.6 13900 294 2580 189 0.34 0.04
KENTK 87 5 8 46 7.2 5.1 12400 67 10950 57 0.02" 0.05"

“TOC (Total Organic Carbon) was greater than TC (Total Carbon) because these values were within the uncertainty range of the
analysis methods.

% The average pH of the solution during the course of phenol degradation experiment. Solutions were buffered with 10 mM borate and
the initial pH was 8.5.

® BET surface area was measured in duplicate, and the average results are reported.
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3.2.5 Hydrogen peroxide decomposition and phenol transformation

H,0, decomposition and phenol transformation experiments were conducted in the dark
in a 150-mL Pyrex flask that was shaken at 200 rpm. Phenol was selected as a model target
contaminant because it is not significantly adsorbed by any of the solids and reacts with ‘OH at a
near-diffusion controlled rate. Each flask contained 10 mL of a solution consisting of 250 mM
H,0, and 0.5 mM phenol, with 1 — 10 g/L of iron-containing minerals or 50 — 150 g/L of aquifer
materials. Suspensions were buffered with 2 — 10 mM borate. The initial pH of the suspensions
was 8.4 and did not vary by more than 0.3 pH unit over the course of the experiment, with the
exception of the KENTK materials, where the pH dropped quickly to 7.2 and remained stable
during the experiment. Reactors were open to the atmosphere but were covered with parafilm to
minimize evaporation.

Samples were withdrawn at predetermined time intervals and divided into two aliquots.
The first aliquot was centrifuged to separate the solids, then the supernatant was filtered
immediately through a 0.2-um nylon filter prior to analysis for H,O,. Acetonitrile was added to
the second aliquot (acetonitrile:sample = 1:1) and the mixture was agitated vigorously for 2
minutes with a vortex mixer to extract phenol from the solids. The solids were then separated by
centrifugation and filtration, and the solution was analyzed for phenol. Phenol recovery by
acetonitrile extraction was always above 98% in H,O,-free controls. The stoichiometric
efficiency, E, defined as the amount of phenol transformed per mole of hydrogen peroxide
Al phenol]

A[H,0,]
for different solids [93]. All experiments were carried out at 22 + 2°C and at least in triplicate,
and the average results were reported together with one standard deviation.

decomposed (i.e., E = x100%), was used to compare the H,0, activation efficiency

3.2.6 Analytical methods

Phenol was analyzed using HPLC as described previously [93]. H,O, was analyzed
spectrophotometrically by the titanium sulfate method [85]. Total dissolved iron was quantified
using the 1,10-phenanthroline method after adding hydroxylamine hydrochloride to the filtered

samples [86]. The concentration of dissolved iron was always below the detection limit (i.e., less
than 5 uM).

3.3 Results and discussions
3.3.1 H,0, decomposition, phenol oxidation, and stoichiometric efficiency

a. lron-containing minerals
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Under the conditions employed in the experiments, H,O, and phenol disappeared from
the suspensions over a period of several days (Figure 3-1A). No phenol loss was observed in the
absence of H,0, or in the presence of 100 mM tert-butanol (an "OH scavenger). These results
collectively suggested that phenol was lost from systems containing minerals and H,O; through
the reaction with ‘OH. Furthermore, ‘OH production in these systems was mainly attributable to
surface-catalyzed reactions because the concentration of dissolved iron was always below the
detection limit (i.e., less than 5 uM).

The stoichiometric efficiency in the iron-containing mineral/H,O, systems varied over an
order of magnitude, from 0.02% with amorphous Fe-oxide to 0.25% with FeAlSi-ox (Figure 3-
1B). The low stoichiometric efficiency suggests that the majority of the H,O (i.e., more than
99%) was decomposed via reactions that do not produce "OH [31, 93]. Consistent with our
previous study [93], the stoichiometric efficiency was higher for the iron silicates and
aluminosilicates (FeSi-ox, FeAlSi-ox, NAu-2 and Swy-2) than for the pure iron oxides. This was
most likely attributable to the Fe coordination environment in the silicates and aluminosilicates,
which favored H,O, decomposition via the radical mechanisms (reaction 3.1 and 3.2) over the
non-radical mechanisms (reaction 3.3) [93]. The stoichiometric efficiency also appeared to be
inversely correlated with the rate of H,O, decomposition, with lower stoichiometric efficiency
occurring mainly in systems with faster H,O, decomposition (Figure 3-1B and Table 3-1).

Both FeSi-ox and iron oxide-coated sand contained Fe and Si. Under the experimental
conditions employed in this study, however, FeSi-ox was approximately 5 times more effective
than iron oxide-coated sand in H,O, activation (stoichiometric efficiency of 0.24 and 0.045% for
FeSi-ox and iron oxide-coated sand, respectively (Figure 3-1B)). The higher efficiency of the
FeSi-ox catalyst might also have been attributable to the difference in Fe coordination
environment in each solid. In the case of iron oxide-coated sand, sand particles were coated with
ferrihydrite slurry [95] whereas the FeSi-ox was synthesized by a sol-gel process, in which a
mixture of tetraethyl orthosilicate (a silica precursor) and dissolved Fe** was coprecipitated in a
strong alkaline solution [93]. For FeSi-ox, the coordination of Fe by silicate and/or close
interaction between Fe and Si might have created surface conditions that were more favorable for
"OH production during H,O, decomposition [93].

While NAu-2 and Swy-2 are both 2:1 layered smectites, the stoichiometric efficiency
with NAu-2 (0.21%) was almost double that with Swy-2 (0.12%). Compared with other 2:1
clays, NAu-2 contains a significantly higher concentration of Fe in the octahedral layer [97]. The
potential for structural iron to produce higher "OH yields when used as a heterogeneous catalyst
warrants further investigation. Additionally, detailed study on the correlation between the
structure of well-characterized clays and their potential to produce ‘OH from H,O, might provide
further insight into the reaction mechanism, as well as a basis for synthesizing more effective
catalysts for H,O,-based ex situ oxidative treatment.
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Figure 3-1. (A): A representative example of H,O, decomposition and phenol transformation.
[NAu-2] =5g/L, pH = 8.4 £ 0.1, [borate] = 2 mM. (B): Stoichiometric efficiency
(A[phenol]/A[H205] x 100%) with different iron-containing minerals. [H20,]o = 250 mM,
[phenol]o = 0.5 mM, [FeSi-ox] = [FeAlSi-ox] = 10 g/L, [NAu-2] =5 g/L, [Swy-2] = 10 g/L,
[hematite] = [goethite] = 10 g/L, [FeOOH] =1 g/L, [Fe-coated sand] = 10 g/L, pH =8.4 £ 0.1.

b. Aquifer materials

The catalytic activity of aquifer materials with respect to H,O, activation was
investigated using an approach similar to that employed for iron-containing minerals. In the
aquifer materials/H,O, systems, phenol and H,O, loss by dissolved metal-catalyzed reactions
were negligible compared with those catalyzed by the surface of the materials’. Phenol loss was
attributable mainly to oxidation by "OH, as no phenol loss was observed in the presence of 100
mM tert-butanol or in the absence of H,O,. This also suggests that phenol loss in the presence of

! In experiments with aquifer materials, metals can be released into solution by the dissolution of minerals or
exchange process. Therefore, control experiments were performed to evaluate the contribution of dissolved metals to
the decomposition of H,O, and the transformation of phenol. In brief, a sample was suspended in pH 8.5 solution
(buffered with 10 mM borate) for 24 hrs. The solid was then separated by centrifugation and the supernatant was
filtered through a 0.2 micron filter. To this filtered supernatant, aliquots of H,O, and phenol were added, resulting in
a solution containing 5 mM H,O, and 0.05 mM phenol. Phenol and H,O, loss in this solution were then monitored
for 48 hrs. In all experiments, phenol and H,O, loss were always less than 5%, indicating that the H,O, and phenol
loss observed in the presence of aquifer materials were catalyzed mainly by materials surface and not by dissolved
metals.
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H,0, was not due to a biological transformation reaction. Note that aquifer materials were not
sterilized and, therefore, it is possible that some of the H,O, was decomposed by enzymes.

The stoichiometric efficiency of phenol oxidation for aquifer materials (Figure 3-2B)
spanned the range observed with iron minerals (Figure 3-1B), with a stoichiometric efficiency of
0.28% with the KENTK sample and 0.005% with the WYLAM sample (Figure 3-2B). The
KENTK sample was tested at a pH value of 7.2, which was lower than the pH values used for the
other materials. Previous experiments have shown that the stoichiometric efficiency increases as
pH decreases [93].

As observed for the iron-containing minerals, the stoichiometric efficiency was in general
inversely correlated with the rate of H,O, decomposition (Figure 3-2A and 3-2B), with samples
that were more reactive toward H,O, decomposition exhibiting lower stoichiometric efficiencies.
A similar relationship between H,O, decomposition rates and ‘OH yields was reported by
Petigara et al. [31], who postulated the existence of two competing H,O, decomposition
pathways, with the pathway that does not produce “OH being more important in soils with higher
H,0, decomposition rates.
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Figure 3-2. Mass-normalized observed-first order rate constants for H,O, decomposition (A) and
stoichiometric efficiency (B) with aquifer materials. [H,O]o = 250 mM, [phenol]o = 0.5 mM,
[solid] was either 150 g/L (for CADIR, CADOU and CADMS) or 50 g/L (for all other aquifer
materials), [borate] = 10 mM, pH = 8.2 — 8.7, except in experiments with KENTK, in which the
pH was 7.2 (see Table 3-2). The observed-first order rate constants (Kqus) were obtained by fitting
the experimental data to the first order decay reaction rate law. The r? values of the fittings were
always r?> 0.99.
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The reactivity of aquifer materials with H,O5 is likely related to their physico-chemical
properties, especially the iron and manganese oxide content. To provide insight into the relative
importance of iron and manganese oxides in H,O, activation, we investigated the relationship
between the amount of these oxides in the samples and the rates of H,O, loss and yields of "OH.
The decomposition of H,O, on iron and manganese oxides has been widely reported to exhibit a
first order dependence on both H,O, and the surface area of oxides (for example, the results of
Lin and Gurol [24], Valentine and Wang [6], Teel et al. [98]). In the current study, a first order
dependence of the H,O; loss rate on [H,0;] was also observed in all experiments (Table 3-1 and
Figure 3-2A). As such, the rate of H,O, loss in the aquifer materials systems can be described as:

25292 = - Kabs X [H202] = - (Kee.ox X [Fe-0X] + Kinox X [Mn-0x]) x [H;O;] (3.4)

In this expression, the rate constants for the reactions between H,O, and iron and
manganese oxides (i.e., Fe-ox and Mn-0x) are Kge-ox and Kun-ox, respectively. Because H,0;
decomposition is a surface-catalyzed process, [Fe-ox] and [Mn-ox] in equation (3.4) should
represent the concentration of Fe and Mn accessible at the surface. This is not necessary the
same as the bulk concentration of Fe and Mn that would be measured by digesting aquifer
materials sample with a strong acid.

A least-square multiple regression was performed on the mass-normalized value of Kqps
(hr'g™), [total-Mn] and [total-Fe] (mg/g) to obtain Kee.ox and Kun-ox in equation (3.4). (The bulk
concentrations of Fe and Mn were used instead of the surface concentrations, because it is
expected that there would be no unique surface concentration of Fe and Mn in a heterogeneous
aquifer materials sample). This regression yielded Kre.ox = - 0.005 + 0.010 (hr'mg™),

Knmin-ox = 2.900 + 0.335 (hr'mg™), and an r? value for the regression of 0.95.

Independent linear regressions between the mass-normalized kq,s and either [total-Fe] or
[total-Mn] were also performed. The results of the regressions showed a weak correlation
between kops and [total-Fe] (i.e., Kobs = (0.056 + 0.02) x [total-Fe], r* = 0.47), and a relatively
strong correlation between Kops and [total-Mn] (i.e., Kops = (2.780 + 0.218) x [total-Mn],

r? = 0.95) (Figure 3-3A and 3-3B). Furthermore, the kun-ox value obtained from the linear
regression (i.e., 2.780 + 0.218 hr'mg™) was nearly identical to the value obtained from the least-
square multiple regression (i.e., 2.900 + 0.335 hr'mg™), indicating that the H.O- loss rate in
aquifer materials systems could be described without including loss of H,O, on the iron oxides.
This result suggests that the manganese oxides are much more important than the iron oxides to
H,0, decomposition in aquifer materials systems, despite the fact that the aquifer materials
contained 16 to 185 times more Fe than Mn (Table 3-2).

No clear correlation was observed between the stoichiometric efficiency (E) and [total-
Fe] (Figure 3-3C). In contrast, the efficiency was inversely proportional to [total-Mn], with
samples having [total-Mn] above 200 mg/kg exhibiting efficiencies lower than 0.03%, while
those having [total-Mn] less than 200 mg/kg exhibiting efficiencies that ranged from 0.036% to
0.28% (Figure 3-3D). The trend between E and [total-Mn] is consistent with the fact that "OH is
not produced when H,0O; is decomposed on manganese oxides.
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In brief, the above analysis indicated that in aquifer materials systems, both the rates of
H,0, decomposition and stoichiometric efficiency are correlated with [total-Mn]. Therefore, the
Mn content of aquifer samples might be used to make a preliminary comparison of the kinetics
and efficiency of H,0,-based ISCO systems for different for aquifer materials.

30F A ®AMTAL

25

CCARQLKENTK

kobs HoOo decomposition/mass (hr'1x g'1)

0.30
C ® . D
= KENTK
S o) KENTK i
>
Sy CAROL
g A ¢ | & CAROL
S
© (015t
e CADIR S
@ | L 4 3
g 0.10
S 05| e AWBPH o SAOMS
s e ¢ CADOUWAVYBPH AMTAL
0.00 L WYSAN® o & AvTAL W@AN .

WYLAM AFTCS ' [WYLAM™ AFTCS , , ,
0 5000 10000 15000 20000 25000 0 200 400 600 800 1000 1200

Total Fe (mg/kg) Total Mn (mg/kg)

Figure 3-3. Correlation between H,O, decomposition rate (A and B), stoichiometric efficiency
(C and D) and the total Fe and Mn of aquifer samples. The top and bottom figures share the same
X-axis.
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Previous research indicated that, in addition to manganese and iron oxides, natural
organic matter could also affect H,O, decomposition, because natural organic matter associates
with the surface of aquifer materials and directly affects their reactivity toward H,0,
decomposition. The presence of natural organic matter has the potential to decreases
stoichiometric efficiency because it can act either as an "OH scavenger or as an absorptive phase
that slows contaminant oxidation by preventing the ‘OH from reacting with the contaminant.
There is, however, no consensus observation on the effect of natural organic matter on the rate of
H,0, decomposition in soils. Valentine and Wang [6], Crimi and Siegrist [99] and Bissey et al.
[100] reported that the rate of H,O, decomposition was inversely correlated with the amount of
organic matter. In contrast, Xu and Thomson [76] observed that materials with high organic
carbon content were more reactive with H,O,. Regarding stoichiometric efficiency, Valentine
and Wang [6] showed that addition of humic acid to the goethite/H,O, system resulted in an
overall increase in stoichiometric efficiency. A similar efficiency enhancement was reported by
Huling et al. [28], who observed that a soil slurry that had been amended with peat was more
effective than the original counterpart in activating H,O,. In contrast, Petigara et al. [31] reported
that low "OH yields were associated with soils that contained more organic matter. In our study,
there was no clear correlation between organic carbon content (TOC in Table 3-2) and Kqps OF E
(Figure 3-4).

i R

= s

~ 25} <

@ &

© e |

E 44| ko .

{ e - (&)

S = CAROL

8 15f o |

a - AFTCS =

§ N I oy % CADIR

e = WYSAN =

. CADMS

~ & AWBPH 2 | AWBPH * CADOU
Q, 05} 2 ¢ AVTAL *

= CAROL CADIR \pyg  CADOU I 0

2 00 KENGKee WYLAMAFTCS | .

2 0 005 010 015 020 025 0 005 010 015 020 025

TOC (mg/g) TOC (mg/kg)

Figure 3-4. Correlation between H,O, decomposition rate (A), stoichiometric efficiency (B) and
the TOC content of aquifer samples.
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3.3.2 Stoichiometric efficiency enhancement by citrate-bicarbonate-dithionite extraction

Relatively low stoichiometric efficiencies were observed with iron oxides (especially
amorphous iron oxide, section 3.3.1.a) and with aquifer materials that contained high
concentrations of manganese oxides (section 3.3.1.b). We hypothesized that removing these
oxides would improve “OH yield in the aquifer material systems. To test this hypothesis, 6
aquifer samples (CADIR, CADOU, AWBPH, AFTCS, WYLAM, and WY SAN) were treated
with citrate-bicarbonate-dithionite (CBD) solution to remove iron and manganese oxide coatings
and discrete particles attached to the surface of aquifer materials. The amount of CBD-
extractable Fe and Mn in these materials is reported in Table 3-2 as CBD-Fe and CBD-Mn.

The rates of H,O; loss were much slower on the CBD-treated samples than on the
original counterparts (Figure 3-5A). Moreover, CBD-treated samples were more effective in
converting H,O; into ‘OH (Figure 3-5B). The extent of the improvement in stoichiometric
efficiency varied among samples. For example, the CBD-treated SDIR9 sample
(E =0.15 + 0.01%) was only 1.3 times more effective than the original SDIR9 sample
(E =0.11 £ 0.02%). In contrast, the CBD-treated AFTCS, WYSAN and WYLAM samples were
10 to 40 times more effective. The extent of improvement in ‘OH vyield appeared to correlate
with the fraction of Mn removed by CBD treatment (over 50% of the total Mn in AFTCS,
WYSAN and WYLAM was CBD-extractable Mn, Table 3-2). A previous study [37]
demonstrated that removing Mn-oxide by treating a sediment sample with NH,OH/HCI also
increased the stoichiometric efficiency by over 3 times. Although injecting CBD or NH,OH/HCI
solution into the subsurface is unlikely to be practical, employing conditions that favor the
release of iron and manganese oxides, such as adjusting redox conditions to favor reductive
dissolution or adding a strong chelating agent during soil washing, could enhance "OH vyield in
H,0,-based ISCO treatment systems.

50



1.6 0.30

‘%c’ 14 | | =3 original A =1 original

=, B CBD-treated | T 025 + BN CBD-treated

© —

§ 12 ¢ - X

2 & 020 F

é 1.0 | &

E T =

= 08t o 015 ¢

é ®

o 06 =

3 £ 010}

oS 04r %

= 0.05 |

: 1

2 ol nm [l e e e 0.00 ol (R =
F P L L F 35 SFPLEe TS
PP ELE FFPFeEES
C & T T N @) < b o §\ §\

Figure 3-5. Mass-normalized observed-first order rate constants for H,O, decomposition (A) and
stoichiometric efficiency (B) with original and CBD-treated aquifer materials. Experimental
conditions were similar to those described in the capture of Figure 3-2.

3.3.3 Effect of dissolved silica on the rate of H,O, decomposition and stoichiometric
efficiency with aquifer materials

In H,O,-based ISCO, the rate of H,O, decomposition and the yield of ‘OH are controlled
by both the properties of the aquifer minerals and the groundwater composition (e.g., pH, the
presence of naturally occurring solutes, such as dissolved silica, bicarbonate or phosphate). In
our study (to be reported in Chapter 4) [101], we observed that dissolved SiO; slows the rate of
H,0, decomposition on iron- and manganese-containing minerals, because dissolved SiO,
adsorbs onto mineral surfaces and decreases their catalytic reactivity. To determine whether
dissolved SiO, has a similar effect on H,O, activation in ISCO systems, we measured the rate of
H,O, decomposition and "OH yield for aquifer minerals in the presence and absence of dissolved
SiO,. Our results indicated that 2 mM of dissolved SiO; slowed H,0, decomposition by
approximately 25 to 60% (Figure 3-6). For the three samples exhibiting the highest
stoichiometric efficiencies (i.e., CADIR, CAROL and KENTK), the presence of dissolved SiO;
did not affect the efficiency (inset of Figure 3-6). These results suggest that dissolved SiO, in
groundwater is beneficial for H,0O,-based ISCO because it can increase H,O, persistence in the
subsurface. Furthermore, injecting dissolved SiO, together with H,O, could further improve
H,O; persistence, without compromising "OH yield.
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Figure 3-6. Effect of dissolved SiO; on the rate of H,O, decomposition by aquifer materials and
stoichiometric efficiency (inset). [SiO,] = 2 mM, [H,0,]o = 250 mM, [phenol], = 0.5 mM, [solid]
was either 150 g/L (SDIR9) or 50 g/L (all other aquifer materials), [borate] = 10 mM,
pH=8.2-8.5.
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3.4 Conclusions

The findings presented in this study have important implications for the design and

operation of H,O,-based in situ chemical oxidation systems employed for soil and groundwater
remediation. They also provide insights into the design of better iron catalysts for ex situ waste
treatment systems. Major findings and their implications are summarized below:

1.

The coordination of iron in the solid affects its reactivity with respect to H,O activation.
Due to the coordination between Fe and Al and/or Si, surfaces comprising mixed phases
of Fe, Al and Si oxides (e.g., iron-containing aluminosilicate minerals, FeSi-ox and
FeAlSi-ox catalysts) were more effective in converting H,O; into ‘OH than the surfaces
of pure iron oxides. Therefore, silica- and alumina-containing iron oxides have the
potential to be more effective than iron oxides in ex situ treatment systems.

Surfaces that were more reactive with H,O, tend to be less effective in producing "OH.
Although fast H,O, decomposition expedites contaminant removal, this might
compromise ‘OH yield which, in turn, requires disproportionately more H,O,. This
should be considered in the design of catalysts for ex situ treatment systems.

Aquifer materials that contain high concentrations of manganese oxides decomposed
H,O; at a faster rate but generated less ‘OH (i.e., they had a lower stoichiometric
efficiency). The strong correlation between Mn content and H,O, loss rate and ‘OH yield
suggests that the amount of Mn in aquifer materials could serve as a proxy for predicting
H,0, activation rates and contaminant oxidation efficiency. Additional research with
more aquifer materials is needed to assess the predictive strength of this correlation.

Removing free iron and manganese oxides from aquifer materials slows H,0,
decomposition and increases "OH yield. Although the addition of citrate-bicarbonate-
dithionite solution into soil and groundwater is unlikely to be practical, other approaches
that remove manganese and iron oxides could enhance the efficiency of H,0,-based
ISCO.

In aquifer materials systems, dissolved SiO, slows the H,O, decomposition rate without
affecting "OH yields. Therefore, during ISCO remediation, dissolved SiO; could be
injected into the subsurface to increase the persistence of H,O,. Dissolved SiO; is
inexpensive and benign and could replace phosphate as a H,O, stabilizing reagent. In ex
situ treatment systems that employ iron catalysts, dissolved silica might result in gradual
loss in catalyst reactivity.
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Chapter 4. Inhibitory Effect of Dissolved Silica on
H,O, Decomposition by Iron(l11) and Manganese(lV)
Oxides: Implications for H,O,-based In Situ Chemical
Oxidation

Reproduced with permission from Pham, A.L.T; Doyle, F.M.; Sedlak, D. L. Inhibitory Effect of
Dissolved Silica on the H,O, Decomposition by Iron(l11) and Manganese(lV) Oxides:
Implications for H,O,-based In Situ Chemical Oxidation. Environmental Science & Technology
2012, 46, 1055-1062.

Copyright 2012 American Chemical Society.
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4.1 Introduction

The injection of oxidants into the subsurface is a widely used approach for remediating
soils and groundwater contaminated with organic compounds. This method, known as In Situ
Chemical Oxidation (ISCO), is attractive because it requires less infrastructure investment and
has lower maintenance and operation cost than pump-and-treat remediation [10]. Furthermore,
the relatively fast production of oxidants expedites completion of site remediation.

Among various oxidants employed in ISCO (i.e., permanganate, hydrogen peroxide,
ozone and persulfate) [10], hydrogen peroxide (H,O5) is probably the most widely used, because
itis relatively inexpensive, easy to transport and introduce into the subsurface, and the
byproducts of H,O, decomposition, namely O, and H,0O, are benign. H,O,-based ISCO
technologies rely on the conversion of H,O; into hydroxyl radical ("OH), either by reactions with
subsurface materials (e.g., iron-containing clays and minerals) or by reactions with dissolved
ferrous ions that are sometimes co-injected with H,O, [7, 10]. However, the rapid loss of H,0,
upon injection is often problematic because H,O, may decompose before it reaches contaminated
zones [10, 41]. Consequently, a large excess of H,O is often used and injection wells have to be
constructed immediately proximate to contaminated areas.

The rate at which H,O, decomposes and the fraction of the H,O, converted into "OH
depends upon the composition of the aquifer materials and groundwater. Iron oxides (e.g.,
ferrinydrite or goethite) convert H,O, into "OH through a surface-initiated chain reaction
analogous to the Haber-Weiss mechanism [7, 30, 93]. Iron oxides also can convert H,O, directly
into O, and H,0 via two-electron transfer mechanisms [31, 93]. In contrast, manganese oxides
do not generate ‘OH when they decompose H,0; [31, 44]. In the subsurface, H,O, can also be
decomposed by enzymes (e.g., catalases and peroxidases) via pathways that also do not produce
"OH [31]. Conversely, the presence of phosphate [102] or metal-complexing ligands, such as
citrate and phytate [42], enhance the stability of H,O, because they can bind metals and decrease
their reactivity. The efficacy of H,O,-based ISCO, therefore, depends on the H,O, persistence as
well as the pathways through which it is decomposed, because only those that produce "OH will
be beneficial for oxidative contaminant removal. A thorough understanding of how different
subsurface components affect the decomposition of H,O, will, therefore, help to predict its fate
and could lead to an ability to improve the performance of H,O,-based ISCO.

The aim of this research was to investigate the effect of dissolved SiO; on the rate of
H,0, decomposition catalyzed by different types of iron- and manganese- containing materials.
Depending on local geology, groundwater can contain dissolved SiO, at concentrations ranging
from 5 mg/L to 85 mg/L (i.e., 0.08 — 1.42mM SiO) [103]. Although dissolved SiO, adsorbs on
the surface of iron oxides [77, 104] and SiO, is known to act as a corrosion inhibitor, its effect on
H,0, decomposition in the subsurface, to the best of our knowledge, has not been investigated
previously. Therefore, the rate of H,O, decomposition on goethite, hematite, amorphous iron
oxyhydroxide, iron-coated sand, montmorillonite and pyrolusite was studied in solutions
containing various amount of dissolved SiO, (i.e., 0 — 1.5 mM SiO;). The effect of dissolved
SiO; on the overall "OH yield, defined as the percentage of decomposed H,O; producing "OH,
was also investigated. The implications of our study toward H,0,-based ISCO are discussed.
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4.2 Materials and methods
421 Chemicals

Amorphous iron oxyhydroxide (i.e., FFOOH) was obtained from Aldrich, while
pyrolusite (B-MnO,) was obtained from Fisher. Wyoming montmorillonite (Swy-2, 31.8 m?/g,
2.59 wt% Fe) was obtained from the Source Clays Repository (The Clay Minerals Society). All
other chemicals were reagent grade from Fisher Scientific and were used without further
purification.

Goethite and hematite were synthesized following procedures reported in the literature
[84] and their identity was verified by X-ray diffraction. Briefly, goethite was synthesized by
aging freshly made ferrihydrite in a strong alkaline solution (NaOH) at 70°C for 60 hours.
Hematite was synthesized using the same method except that the aging was conducted at
pH 8 — 8.5 in the presence of NaHCOj3 at 90°C for 48 hours. Amorphous FeOOH 50 — 80 mesh
was ground using a mortar and pestle prior to sieving through a 150 micron sieve.

The surface area of these solids, determined using the 5 point BET (Brunauer—Emmett—
Teller) nitrogen physisorption method, was 22 m?/g for hematite, 19 m?/g for goethite, 166
m?/g for FeOOH, and less than 1 m?/g for MnO5. Iron-coated sand (1 wt% Fe, 4.8 m%/g) was
kindly provided by Peter Nico (Lawrence Berkeley National Laboratory). Synthesis and
characterization of iron-coated sand are reported elsewhere [95].

A stock solution of 15 mM silica was prepared daily from Na,SiO3.9H,0. For simplicity,
all species of dissolved silica (e.g., H4SiO4, H3SiO4” and polymeric silica) are denoted as SiO,.
All solutions were prepared using 18 MQ Milli-Q water from a Millipore system.

4.2.2 Experimental setup

All experiments were carried out at 25 + 1°C in the dark in a 50-mL polypropylene flask
open to the atmosphere. The temperature was controlled with a water bath. The pH of solutions
was buffered with 1 mM piperazine-N,N’-bis(ethanesulfonic acid) (PIPES) for pH 7 or 4 mM
borate for pH 8 — 9. The ionic strength of the solutions was maintained with 0.1 M NaNOs. The
pH was measured throughout each experiment and was adjusted when it deviated from the initial
value by more than 0.1 unit. Experiments were conducted at least in triplicate and average values
along with one standard deviation are presented.

Adsorption of dissolved SiO; by the solids. Silica was added from a 15 mM stock solution
to the buffered solutions and the pH was adjusted with 1 M NaOH or 0.5 M H,SO,4. To minimize
the polymerization and avoid SiO,) precipitation, SiO, concentrations never exceeded
1.5 mM [105]. Next, a solid (i.e., iron oxide, iron coated sand, Swy-2 or pyrolusite) was added to
the solution and the pH again was adjusted if necessary. Samples were withdrawn at pre-
determined time intervals. Within 5 minutes, the solid was separated by centrifugation, then the
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supernatant was filtered immediately through a 0.2-um nylon filter and analyzed for dissolved
SiOs.

H,0, decomposition and phenol oxidation. The decomposition of H,O, catalyzed by the
solids was investigated in the absence and presence of dissolved SiO,. Prior to the addition of
H,0,, suspensions were mixed for 24 hours to equilibrate the solids with SiO,. All experiments
with iron-containing minerals were performed in pH 7 £ 0.1 solutions. Experiments with
B-MnO, were conducted at pH 8.4 because the 1 mM PIPES buffer was ineffective at pH 7.0. At
pH 8.4, the pH never changed by more than 0.1 units during the experiments.

To investigate the effect of dissolved SiO, on *OH production, the transformation of
0.2 mM phenol in the goethite/H,O, system was studied. Phenol was chosen as a model target
contaminant because it is not significantly adsorbed by any of the solids and reacts with *OH at a
near-diffusion controlled rate. Samples were withdrawn at predetermined time intervals and
divided into two parts. In the first aliquot, the solids were separated by centrifugation followed
by filtration and the solution was analyzed for H,O,. Acetonitrile was added to the second
aliquot (acetonitrile:sample = 1:1) and the mixture was agitated vigorously for 2 minutes with a
vortex mixer to extract any adsorbed phenol from the solids. The solids were then separated by
centrifugation and filtration and the solution was analyzed for phenol. Phenol recovery by
acetonitrile extraction was always above 98% in H,O,-free controls. The stoichiometric
efficiency, defined as the amount of phenol transformed per mole of hydrogen peroxide
Al phenol]

A[H,0,]
SiO; on "OH production.

decomposed (i.e., E = x100%) [93], was used to evaluate the effect of dissolved

4.2.3 Analytical methods

Phenol was analyzed using HPLC as described previously [93]. H,O, was analyzed
spectrophotometrically by the titanium sulfate method [85]. An inductively coupled plasma
optical emission spectrometer (ICP-OES) was used to measure dissolved SiO,; all results are
reported in molar based on the SiO, formula. Total dissolved iron was quantified using the
1,10-phenanthroline method [86] after adding hydroxylamine hydrochloride to the filtered
samples. The concentration of dissolved iron was always below the detection limit (i.e., 5 uM).

Goethite surfaces, pre-equilibrated with SiO, solutions, were examined with a Philips
CM200/FEG transmission electron microscope coupled with an energy dispersive X-ray (EDX).
The instrument was operated in scanning mode (STEM/EDX) with a probe size of 1.4 nm.
Samples for STEM/EDX analysis were prepared as follows: after the adsorption experiment, the
solid was collected by centrifugation and then resuspended in 2 mL fresh Milli-Q water. An
aliquot of this suspension was spread on the copper grid, the excess water was gently removed
with a Kimwipe tissue and the grid was dried under air at room temperature.
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4.3 Results

4.3.1 Silica adsorption

The rate of silica adsorption onto goethite, hematite and Swy-2 in pH 7 solutions with
different [SiO.]initia Was investigated. In all cases, SiO, adsorption approached equilibrium
within 24 hours (inset of Figure 4-1 and Figure 4-2). Therefore, SiO, adsorption as a function of
[SiOz]initiat Was measured after a 24-hour equilibration period. This equilibration period was also
employed in the study of H,O, decomposition and phenol transformation.

Higher initial SiO, concentrations resulted in more SiO, adsorption onto goethite (Figure
4-1). Except for the last data point in Figure 4-1 ([SiOz]equitibrium = 1.14 mM), the adsorption
isotherm followed a Langmuir-type isotherm, with a maximum adsorption density (I'sio2) of
approximately 0.062 mmol SiO,/g goethite (Figure 4-1). At [SiO2]equitibrium = 1.14 mM, the
amount SiO; sorbed was significantly higher (0.09 mmol SiO,/g goethite).

STEM/EDX analysis indicated that SiO, was not uniformly adsorbed on the goethite
surface. For example, EDX spectra of a goethite sample that was pre-equilibrated with 0.5 mM
Si0O, for 24 hours showed that the surface elemental composition varied among locations
(Figure 4-3), with Si peaks not observed in some locations (Figure 4-3a), co-occurring with iron
in others (Figure 4-3b) and existing in the absence of an iron peak in others (Figure 4-3c). The
fraction of sites that were fully coated with Si (i.e., sites having EDX spectra similar to that of
Figure 4-3c) increased as the [SiO;]initial iINCreased.
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Figure 4-1. Adsorption isotherm (24 hour equilibration) of dissolved SiO, on goethite.
[goethite] = 4 g/L, [PIPES] = 1 mM, [NaNO3] = 0.1 M, pH = 7. [SiO2]initiar = 0 — 1.5 mM (inset:
adsorption Kinetics).
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Figure 4-2. (Left): Silica adsorption on hematite and Swy-2 montmorillonite. pH = 7, buffered
by [PIPES] = 1 mM; [NaNOs] = 0.1 M; [hematite] = 3 g/L, [Swy-2] =4 g/L; [ [SiO;] = 1.5 mM.
Note: The results with Swy-2 may underrepresent the SiO, adsorption capacity of Swy-2 because
this aluminosilicate mineral contains 62.9 wt. % of SiO,, which introduces additional dissolved
SiO; into the solution. For example, control experiments indicated that up to 0.07 mM SiO, was
released when 4 g/L Swy-2 was suspended in a pH 7.5 solution for 24 hours (Right). Therefore,
measuring SiO, in the supernatant could underestimate the actual amount of SiO, associated with
the mineral surface. The results presented here, however, indicate that dissolved SiO; is adsorbed
onto Swy-2, as the SiO, concentration decreased upon contacting with Swy-2.
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4.3.2 H,0, decomposition and phenol transformation

In the SiO,-free system, the half-life of 5 mM H,0, in the presence of 4 g/L goethite was
7.77 £ 0.34 hr (Table 4-1). Addition of dissolved SiO; slowed the rate of H,O, decomposition,
increasing the H,O, half-lifeto 21.7 £ 1.2 hrand 28.2 + 1.8 hr at an [SiO2]initiar 0Ff 0.5 MM and
1.5 mM, respectively (Table 4-1 and Figure 4-4a). The half-life of H,O, in the presence of
[SiO2]initiar = 1.5 mM was comparable to that observed in a solution containing 2 mM phosphate
(t2 = 31.6 £ 1.4 hr, Table 4-1). Under the experimental conditions employed in this study, the
H,0, decomposition rate was limited by the intrinsic chemical reactivity of the solids and not by
diffusion of H,O; to the surface or the number of sites available for H,O, adsorption (see Figure
4-5, 4-6, and the caption of figure 4-5 for detailed discussion). The observed-first order rate
constant of H,0, decomposition (Kqps) Was inversely proportional to the amount of SiO; in the
solution (Figure 4-4b). At adsorption densities below 0.04 mmol/g goethite, kops decreased
linearly with the SiO, adsorption density, with a slope of -0.303 hr*.mmol*.gram. At adsorption
densities above 0.04 mmol/g goethite, kops Was much less sensitive to increasing adsorption
density (the slope of the regression line was -0.036 hr'*.mmol™.gram). The presence of dissolved
SiO; also diminished the rate of H,O; loss catalyzed by other iron-containing minerals (Table
4-1). In the presence of [SiOz]initiat = 0.5 mM, the half-life of H,O; increased by at least a factor
of two compared with the SiO,-free system in all cases.

To understand the effect of dissolved SiO, on the efficiency of the conversion of H,0,
into "OH by iron-containing minerals, the oxidation of phenol in the goethite/H,0, system was
investigated. Typical phenol transformation data are presented in Figure 4-7a, which shows that
silica slowed the rate of both H,O, decomposition and phenol transformation. A control
experiment indicated no phenol loss in the absence of H,O,. Addition of 100 mM tert-butanol, a
‘OH scavenger, completely eliminated phenol degradation (data not shown), confirming that the
loss of phenol observed was due to reaction with "OH. In the absence of dissolved SiO,, the
stoichiometric efficiency throughout the course of the experiment ranged from 0.25 to 0.3%. The
stoichiometric efficiency was slightly lower in the presence of [SiO2]initiat = 0.5 mM, while at
[SiOz]initiar = 1.5 mM the efficiency ranged from 0.14 to 0.2% (Figure 4-7b).
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Table 4-1. Observed-first order rate constants (Kqps) for H,O, decomposition catalyzed by iron-
containing minerals under various conditions. Unless otherwise noted, [H202]initiar = 5 MM,
pH =7, [NaNOs] = 0.1 M. The rate constants were obtained by fitting the experimental data to
the first order decay reaction rate law. The r? values of the fittings were always r>> 0.99.

Experiment condition H,0, Kobs (h'l) H,0O, half-life (h)
1 4g/L goethite, 0 mM SiO; 0.089 + 0.003 7.77+0.34
2 4g/L goethite, 0.5 mM SiO, 0.032 +0.002 21.7+1.2
3 4g/L goethite, 1.5 mM SiO, 0.025 + 0.002 28.2+1.8
4 4g/L goethite, 2 mM phosphate 0.022 £ 0.001 316+14
5 4g/L goethite, 0.5 mM SiO, and 2 MM 0.021 + 0.001 335+1.3
phosphate
6 4g/L hematite, 0 mM SiO; 0.018 + 0.002 39.4+35
7 4g/L hematite, 0.5 mM SiO, 0.009 + 0.001 77.7+8.7
8 1 g/L FeOOH, 0 mM SiO, 0.562 + 0.005 1.23+£0.01
9 1 g/L FeOOH, 0.5 mM SiO, 0.165 + 0.015 4,22 +0.37
10 1 g/L FeOOH, 100 mM H,0; 0.539 +0.014 1.29 £ 0.03
11 1 g/L FeOOH, 100 mM H,0,, 0.5 mM 0.15+0.02 4,81 +0.69
SiO,
12 5 g/L iron coated sand, 0 mM SiO, 0.134 £ 0.012 521+0.45
13 5 g/L iron coated sand, 0.5 mM SiO, 0.036 £ 0.010 20.3+6.5
14 4 g/L montmorillonite, 0 mM SiO,, 0.0094 + 0.0008 74.4+6.6
[H20,]initiar = 50 mM.
15 4 g/L montmorillonite, 0.5 mM SiO,, 0.00283 + 0.00005 2447 +49
[H202]initial = 50 mM.
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Figure 4-4. Effect of dissolved SiO, on H,0O, decomposition by goethite. [goethite] = 4 g/L,
[H202]initiar = 5.1 £ 0.1 mM, pH =6.9 £ 0.1, [PIPES] = 1 mM, [NaNO3] = 0.1 M. Solid lines are
first-order fit of H,O, decomposition (a) and linear fits of first order rate constant Kqps vs. SiO,
sorbed (b).
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Figure 4-5. Observed-first order rate constant for the decomposition of H,O, catalyzed by
goethite. [goethite] = 4 g/L, pH = 7 (buffered by 1 mM PIPES), [NaNOgz] = 0.1 M. Under the
experimental conditions employed in this study, H,O, decomposition appears to be limited only
by the intrinsic chemical reactivity of the solid and not by either diffusion of H,O, to the surface
or the number of site available for H,O, adsorption. The observed-first order rate constant (Kops)
for the H,0, decomposition remained constant under wide range of [H2O02]initiai, indicating that
number of surface sites available for H,O, adsorption was not limited under these conditions. To
evaluate the role of H,O, diffusion on the decomposition rate, we performed the Thiele modulus
calculation similar to that employed by Lin and Gurol [24]. The Thiele modulus, ¢:

—r_k qos5
*=lGm!
k (s): reaction rate constant; D (cm?/s): diffusion coefficient of solutes in water, typically has a
value of 10° cm?s; L (cm): thickness of the stagnant liquid film (external mass transfer
resistance) or the pore length (internal mass transfer resistance).

If the Thiele modulus is less than 0.5, the overall rate is dominated by the reaction rate.
Alternatively, if ¢ > 5, the rate is dominated by diffusion. Using an L value of 10 cm in the case
of external mass transfer resistance, the Thiele modulus for the fastest rate of H,0,
decomposition (keps = 0.089 h™) was calculated as ¢ = 1.57 x 10~ << 0.5. Regarding internal
mass transfer resistance, based on the shape of goethite particles (Figure 4-6) we assume

L = 1000 nm = 10" cm so the Thiele modulus was ¢ = 1.57 x 107* << 0.5.
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Figure 4-6. TEM micrograph of goethite employed in this study. The crystals have a needle-like
morphology.
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Figure 4-7. (a): H,O, decomposition (left axis) and phenol transformation (right axis) catalyzed
by goethite. Solid line: first order fit to the data. (b): stoichiometric efficiency in the presence of
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average value and standard deviation, all results were presented. [goethite] =4 g/L, pH =7,
[PIPES] = 1 mM, [NaNOs] = 0.1 M. Except for the control experiment (inversed triangle), the
HO, initial concentration in all experiments was [H20;]o = 20 mM.
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Pyrolusite. The adsorption of dissolved silica onto 3-MnO, and its effect on the catalytic
activity of B-MnO, toward H,O, decomposition were also investigated (Figure 4-8). In the SiO,-
free system, 50 mM H,0, was decomposed within 2 hours. As with iron-containing materials,
addition of dissolved SiO; slowed the rate of H,O, decomposition in proportion to the
concentration of added SiO,. The half-life of H,O, was approximately 0.15 hr for the SiO,-free
system and 0.5 hr for the experiment with 1.5 mM SiO,. Unlike the case with iron oxides, the

adsorption of SiO, was not measurable even at a 3-MnO, concentration of 20 g/L (inset of
Figure 4-8).
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Figure 4-8. Decomposition of H,O, catalyzed by pyrolusite (B-MnQy) in the presence of various
concentrations of dissolved SiO,. [3-MnO;] =1 g/L, pH = 8.4, [NaNO3] = 0.1 M,
[borate] = 4 mM. Inset: [SiO,] remaining in the solution after 24 hr equilibration with various

amount of MnO;. [SiOs]initiai = 1.5 mM, [MnO,] = 1 — 20 g/L, other conditions were similar to
those above.
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4.4 Discussion

Adsorption of SiO, affects the surface properties and reactivity of metal oxides and clays
in natural and engineered processes. For example, the presence of dissolved SiO; inhibits the
nucleation and growth of iron precipitates[17] as well as the transformation of amorphous iron
(hydr)oxide into more stable phases (e.g., goethite) [18]. Dissolved SiO, also appears to stabilize
iron oxide colloids, enhancing their mobility in natural waters and decreasing the efficiency of
iron-based coagulation processes employed in drinking and wastewater treatment operation [19,
106, 107]. Adsorption of SiO; also alters the surface area, charge and surface complexation sites
on iron oxides, thereby affecting the adsorption of various solutes [18, 108-110]. The presence of
Si0O; in water also affects the corrosion of iron, with sorbed SiO, forming a protective layer that
inhibits corrosion [111, 112] or an impurity that destabilizes protective iron oxide scale layers
[112].

In our experimental system, silica slowed the rate of H,O, decomposition on iron and
manganese mineral surfaces (Figure 4-4 and 4-8). To understand how SiO, affects the reactivity
of minerals in this process, it is necessary to understand how SiO; and H,0O, interact with metal-
containing surfaces. The adsorption behavior of SiO; on iron minerals is discussed below,
followed by a discussion of H,O, decomposition mechanisms and the possible effects of SiO..
As the mechanism through which H,O; is decomposed on MnO, differs from that of iron
minerals, the MnO, system is discussed separately.

4.4.1 Ilron minerals

Si0O; adsorption often exhibits a fast and a slow stage, with more than 90% of adsorption
taking place within the first few hours and the remaining 10% of adsorption occurring over
several weeks (Figure 4-1 and 4-2) [78, 104]. Solution conditions such as pH and SiO,-to-iron
oxide ratio strongly affect this process [78, 107]. In addition to the bulk solution measurements,
spectroscopic techniques such as ATR-IR [113] and XAFS [17], as well as surface modeling
tools, have been used to infer the bonding of sorbed SiO, and the mechanism through which
adsorption occurs. The adsorption process generally has been described as a complexation
reaction between surface hydroxyl groups and SiO,. However, no consensus has been reached on
the exact nature of this interaction at a molecular level. Some investigators argued that the
process involves the reaction between a monomeric SiO, species and one hydroxyl group
(reaction (4.1) and (4.2) in Table 4-2) [77, 79]. However, Davis et al. invoked SiO, adsorption
by both monomeric and dimeric species (reaction (4.3) and (4.4)) to explain adsorption data
along with the zeta potential data [104]. It also has been suggested that adsorption can involve a
bidentate complex between a SiO, monomer and 2 hydroxyl groups (reaction (4.5)) [17, 78] and
that the siloxane linkages could form between two adjacent sorbed SiO, monomers or/and
between sorbed monomers and dissolved SiO, (reaction (4.6)) [113, 114]. The latter scenario
might lead to the formation of oligomeric silica species (e.g., a linear trimer [113], or cyclic
tetramer [115]) on the surface. The difference in the behavior of surface-adsorbed SiO, could be
attributable to differences in solution conditions that were employed in these studies. Polymeric
silica species tend to be important at high pH and high SiO, concentrations [104] while a high
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SiO,-to- iron oxide ratio could result in a high density of sorbed SiO; (I's;), leading to the
formation of oligomeric species.

Table 4-2. Possible surface complexation reactions between iron oxides and dissolved SiO;

Reaction Reference
=FeOH + Si(OH)s > =FeSiO(OH); + H,0 (4.1) | [77,79, 104]
=FeOH + Si(OH); > =FeSiO,(0OH), + H,0 + H* (4.2) | [77,79,104]
=FeOH + Si,0,(0OH)s + H* & =FeSi,0,(0H)s + H,0 (4.3) [104]
=FeOH + Si,0,(0H)s > =FeSi,03(0H), + H,0 (4.4) [104]
2 =FeOH + Si(OH), © =Fe,0,Si(OH), + 2 H,0 (4.5) [17, 78]
2 =FeOH + 3 Si(OH); > =Fe;HgSi3010™ + n H + 4 H,0 (4.6) [113]

In the present study, we used STEM/EDX to investigate the distribution of Si on the
surface of goethite that had been pre-equilibrated with solutions containing varying amounts of
dissolved SiO,. With a nano-sized probe (1.4 nm in this study), STEM/EDX is capable of
providing a high resolution elemental distribution map that cannot be obtained by other
techniques (e.g., scanning electron microscopy/EDX or X-ray photoelectron spectroscopy). A
nano-sized probe technique is also needed to evaluate heterogeneity of the small goethite
particles employed in this study (less than 100 nm, Figure 4-6). The relatively heterogeneous
distribution of Si on the goethite surface and the presence of regions that were fully coated with
Si (Figure 4-3) suggest that the adsorption did not take place in a “layer-by-layer” mode,
presumably because adsorption is more favorable on some crystallographic faces than on others.
The presence of more regions that were fully coated with Si at higher [SiO2]initial SUppPOTrts the
hypothesis that a high SiO,-to-iron oxide ratio leads to the formation of oligomeric species.

Hydrogen peroxide decomposition. Iron oxides and iron-containing minerals
(e.q., ferrihydrite, goethite, iron-containing clays and iron-coated sand) can catalyze the
decomposition of H,O,. This process can generate hydroxyl radical ("OH), presumably through a
Haber — Weiss mechanism analogous to that observed in the homogeneous Fenton system [7, 24,
30, 31]:
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=Fe-OH% + H,0, > =Fe-OH?' + HO, + H* (4.7
=Fe-OH*" + H,0, > =Fe-OH* + "OH + OH’ (4.8)
HO," < H' + 0," (4.9)

Some investigators have postulated that, as in the homogeneous Fenton system, reaction (4.7)
actually consists of a series of reactions, beginning with the formation of a complex between the
surface and H,0; [24, 47]:

=Fe-OH*" + H,0, < =Fe-OH**(H,0,)( (4.10)
=Fe-OH* (H,0,)) > =Fe-OH**(HO,")) + H* (4.11)
=Fe-OH*"(HO,")() > =Fe-OH*" + HO," (4.12)

Assuming that reaction (4.10) is the first step in H,O, decomposition, sorbed SiO, may
alter the reactivity of iron minerals bg/ occupying iron surface hydroxyl groups, thereby
preventing the formation of =Fe-OH>"(H,0,)).As mentioned above, the SiO, adsorption
mechanism is not totally understood. Therefore, we did not try to estimate the number of
hydroxyl groups that were occupied by SiO, and consequently, no correlation between the
number of available hydroxyl groups with kqps has been made. However, the I's; — kops profile
(Figure 4-4b) supports the hypothesis that the slower decomposition of H,O, was due to
occupation of surface sites by SiO,. At a I's; < 0.04 mmol/g goethite, where regions that were
fully covered with Si were negligible, ko drastically decreased as I'sj increased. Due to the
formation of oligomer species at higher I's;, the number of iron sites that were occupied by SiO,
only increased slightly, resulting in a much slower kq,s decrease in this range. The higher I's;
observed at [SiOg]equilibrium = 1.14 mM (Figure 4-1) also could be attributable to the formation of
oligomer species. Finally, the presence of sites that were not occupied with Si (Figure 4-3a)
could help to explain why H,O, decomposition in all experiments was still observed at high SiO,
concentration.

It was previously observed that under circumneutral pH conditions, H,O, decomposes
mainly through pathways that do not produce "OH [31, 101]. Consequently, understanding the
branching between different pathways is important because only those that produce "OH will be
beneficial for contaminant oxidation. Our data (Figure 4-7) indicate that dissolved SiO, has a
detrimental effect on the overall stoichiometric efficiency. A possible explanation might be that
surface sites have different reactivity toward "OH production and the preferential adsorption of
SiO; on “more ‘OH productive” sites would lower the stoichiometric efficiency. Although
assigning surface sites with different affinities is used widely in describing adsorption on iron
oxides [116], the above hypothesis is speculative and further research is needed to address this
issue.
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4.4.2 Pyrolusite

Manganese oxides (such as birnessite and pyrolusite) are very reactive in catalyzing H,0,
decomposition. Although the mechanism of this process remains unclear, our data (Figure 4-9)
and those of other investigators [10, 31, 44] indicate that this process does not produce ‘OH.
Consequently, the presence of MnO, in aquifer materials is detrimental for H,O,-based ISCO.

H,0, decomposition by 3-MnO, also slowed in the presence of dissolved SiO,, although
the mechanism through which the loss of H,O, was inhibited is unclear. In a batch experiment
with 3-MnO;, SiO, adsorption was not measurable (inset of Figure 4-8). We were also unable to
find any reports of adsorption of SiO, onto MnO,, suggesting that SiO, does not adsorb on MnO,
to an appreciable extent. However, it would be difficult to measure minor adsorption in the batch
tests, even with the highest solids density tested. A column experiment was used to assess the
potential for SiO, adsorption at higher 3-MnO, concentrations (refer to the caption of Figure
4-10 for experimental setup). The results show that there was, indeed, a modest degree of silica
uptake onto the B-MnO, from the solution during the first few minutes of the test, the uptake
being proportional to the amount of MnO, in the column (Figure 4-10). This modest uptake of
silica is likely to be responsible for the lower reactivity of MnO, observed experimentally.
However, further research is needed to address this issue.
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Figure 4-9. Concentration of phenol as a function of time in the presence of pyrolusite and H,O,.
[B-MnO,] =1 g/L, [H202]o = 50 mM, pH = 8.4, [NaNO3] = 0.1 M, [borate] =4 mM,
[phenol]o = 0.5 mM.
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Figure 4-10. Column experiments with B-MnO,. The effect of SiO; on 3-MnO; reactivity
toward H,0, decomposition was studied using a column experiment in which a pH 8.5 solution
was passed continuously at 0.4 mL/min through the B-MnO, packed in an i.d. = 10 mm diameter
column. Hydrogen peroxide and dissolved silica concentration in the solution coming out of the
column was continuously measured. Left: Concentration of dissolved SiO; in the eluate. The
column was packed with different amount of B-MnO,. pH = 8.4, [NaNOg3] = 0.1 M, [borate] = 4
mM, [SiO;]o = 1.5 mM. During the first 5 minutes, the amount of SiO, removed due to
adsorption is proportional to the amount of 3-MnQO in the column. After this period, the -MnO,
surface became saturated with SiO, and the concentration of dissolved SiO, at the outlet
approached that at the inlet. Right: the decomposition of H,O; by 1g -MnO; in the column
experiment. [H2Oz]inier = 10 mM, pH = 8.4, [NaNOs] = 0.1 M, [borate] = 4 mM. In the column
that was fed with 1.5 mM SiO; and 10 mM H,0,, less H,O, was decomposed (dashed line). At

t = 5hr, the solution was changed to one containing no SiO,; the H,O, concentration at the outlet
quickly decreased.
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4.5 Environmental implications

The results of this study suggest that in H,O,-based ISCO systems, H,O, should last
longer if groundwater contains a significant amount of dissolved SiO,. In systems where the
subsurface is deficient in SiO,, dissolved silica could be injected together with H,0, to increase
the persistence of H,O, to assure remediation of areas further from the injection well. Dissolved
Si0O; has a potential to be a better H,O,-stabilizing agent than phosphate because SiO; is
inexpensive and does not stimulate bacterial growth. Although SiO, decreased the stoichiometric
yield of ‘OH from iron minerals, this effect was relatively modest, and would be outweighed in
in situ applications by the greater longevity of H,O, in the presence of SiO,. The effect of SiO5,
however, will vary among aquifers with different compositions (e.g., iron and manganese content
and crystalinity, soil organic matter content and groundwater composition) and should be
considered in the design and operation of H,O,-based ISCO. Additionally, because silica
adsorption is a reversible process (Figure 4-11), it is advisable to inject dissolved SiO; and H,0,
simultaneously to assure the H,O, lifetime enhancement.
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Figure 4-11. The decomposition of H,O, by 1g FeOOH in the column experiment. Flow rate:
0.5 mL/min. [H202]iniet = 5 MM, pH = 8.4, [NaNO3] = 0.1 M, [borate] = 4 mM. In the column
that was fed with 1.5 mM SiO, and 5 mM H,0,, less H,O, was decomposed (white triangles). At
t = 5hr, the solution was changed to one containing no SiO,; the H,O, concentration at the outlet
quickly decreased. Inset: Concentration of dissolved SiO, in the eluate.
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Our study also indicates that many bench-scale studies performed in the absence of
dissolved SiO, may have underestimated the lifetime of H,O, or overestimated the effect of
stabilizing agents. For example, in the SiO,-free system (H,O, half-life of 7.77 hr, Table 4-1), 2
mM phosphate increased the H,O, half-life by approximately a factor of four (ty, = 31.6 hr). In
the presence of 0.5 mM SiO,, however, phosphate provided much less of an effect, increasing
the half-life of H,O, by about only 50% (t1>, = 21.7 hr and 33.5 hr in the absence and presence of
phosphate, respectively).

Si0; also suppressed H,O, decomposition by MnO,. Depending on the relative amount
of iron- and manganese-containing solids, SiO, could enhance the overall efficiency of the
remediation process, especially in soils with high Mn content. Additional research is needed to
assess the contribution of different iron- and manganese-containing solids to H,O, loss in soils
and aquifer materials.

Finally, our data also suggest that dissolved silica can affect the reactivity of iron-
containing catalysts used in H,O,-based advanced oxidation processes. Although the SiO,
concentrations in surface waters and industrial wastes are often lower than those observed in
groundwater, a gradual loss in catalyst activity due to SiO, adsorption will likely occur during
long-term catalyst use.
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Chapter 5. Size Exclusion and Oxidation of Organic
Compounds in an Iron Oxide-Containing SBA15 —
Hydrogen Peroxide System: Minimizing Hydroxyl
Radical Consumption by Non-Target Compounds
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Hydrogen peroxide-based Advanced Oxidation Processes (AOPSs) are being used
increasingly to treat water contaminated with organic compounds [7, 28, 117]. These processes
involve the conversion of hydrogen peroxide (H,O,) into hydroxyl radical ("OH), a highly
reactive and unselective oxidant capable of oxidizing most recalcitrant organic contaminants
(e.g., solvents, aromatic compounds). Oxidation by *OH often converts contaminants into forms
that are less toxic and more biodegradable than the parent compound.

One common approach for converting H,O, into *OH uses iron-containing minerals, such
as iron oxides and iron-containing clays and sands, to catalyze the decomposition of H,0; [6,
26]:

=Fe(III) + H,0, = =Fe(Il) + HO," + H* (5.1)
=Fe(II) + H,0, = =Fe(IIl) + 'OH + OH" (5.2)
HO," & H' + 0" (pK, = 4.8) (5.3)

This approach, also known as the heterogeneous Fenton process, offers several
advantages over the homogeneous Fenton analog (i.e., dissolved Fe** and H,0, under acidic pH
conditions). Specifically, the catalysts can be easily recovered and recycled, the system does not
precipitate iron oxide waste and the process may be operated at less acidic pH values. However,
heterogeneous Fenton systems tend to be slower than the homogeneous Fenton process and
catalyst reactivity may decrease over time due to iron leaching [93]. Furthermore, heterogeneous
Fenton processes are often very inefficient, with most of the H,O, decomposing to species other
than hydroxyl radical [6, 26, 31, 93].

To overcome these limitations, investigators have modified catalysts by immobilizing
iron into various types of silica supports, including silica-alumina gels [93], zeolites [65], clays
[13], and mesoporous silica SBA15 [12]. While supported catalysts often perform better than
iron oxides, the role of the support material on the reactivity of the catalyst and the importance of
reactions on the support are still unclear.

When hydroxyl radical-based oxidation is used to treat water that contains high
concentrations of non-target compounds (e.g., natural organic matter, proteins, carbohydrates), a
significant fraction of the *OH may be lost in side reactions that at best are unnecessary, and at
times undesirable. Not only does the consumption of *OH by non-target organic substances
waste reagents such as H,O, and Os, but the partial oxidation of complex organic compounds
may stimulate adverse microbial activity after treatment.

The selective reaction of *OH with target compounds has been promoted by means such
as molecular recognition [118] and production of *OH in a microenviroment from which the non-
target compounds are excluded [119, 120]. Previous efforts to employ size exclusion to enhance
reaction efficiency have been limited to the TiO,/UV system; to the best of our knowledge the
selective reaction of *“OH with target compounds has not been studied in the Fenton system. Here

77



we propose and test a novel approach for minimizing *OH scavenging by non-target compounds
in heterogeneous Fenton systems using a mesoporous silica SBA15 support containing iron
oxide within narrow pores. More efficient utilization of *OH should be possible if the *OH
generated in these pores is able to react with small target compounds (phenol in this study) that
enter the pores, while macromolecules, such as proteins or humic substances, are too large to
enter the pore. Because the “OH radicals are short-lived compared to the time required for them
to diffuse out of the pores, little of the *OH would be expected to react with compounds outside
of the pores. Here we report our effort to identify: (a) whether oxidation of small model
contaminants occurs within a mesoporous support and (b) whether large molecules are, indeed,
excluded from such a catalyst.

The synthesis of mesoporous SBA15 silica is reported elsewhere [121]. Iron-containing
SBAI15 (SBA15-Fe,03) was synthesized by grafting an iron precursor on the surface of SBA15
as described by Gervasini et al. [122]. Briefly, 1 g of SBA15 was suspended in a mixture of 60
mL water and 60 mL 1-propanol. The solution pH was adjusted to 10 with ammonium hydroxide
while maintaining the temperature at 0 °C in an ice bath (suspension A). 5.3 g Fe(ll)-
acetylacetonate was dissolved in a mixture of 250 mL water and 250 mL 1-propanol, and the
resulting solution was added to suspension A over a period of approximately 10 minutes,
maintaining the pH at 10. The resulting suspension was vigorously stirred at room temperature
for 24 hr. During this period, Fe(l11)-acetylacetonate adsorbed on the internal and external
surfaces of the SBA15 support. Finally, the iron-containing SBA15 was filtered, dried at 90 °C
for 20 hr and calcined at 500 °C for 4 hr to decompose adsorbed iron complexes to iron oxide.

TEM images of SBA15 and calcined SBA15-Fe,03 (Figure 5-1) show that Fe,O3 was
uniformly dispersed inside of the pore space of SBA15 but did not completely fill the pores. The
low angle XRD pattern (Figure 5-2a) and the TEM image indicate that the original hexagonal
pore structure of SBA15 was retained after deposition and calcining. Only one broad peak was
evident in the high angle XRD pattern, at around 26 = 25, with no peaks corresponding to o— or
v—Fe,O3 (Figure 5-2b). As discussed by Gervasini et al., who observed a similar pattern, this is
representative of amorphous Fe,O3 [122]. After the iron oxide had been deposited in the SBA-
15, the surface area and pore volume decreased by 20 to 30%, while the diameter of the pores
was only slightly reduced (Table 5-1).

The SBA15-Fe,0; catalyzed H,0, decomposition and phenol transformation at pH 6.8
(Figure 5-3). The stoichiometric efficiency, defined as the amount of phenol decomposed per
mole of H,O, consumed (i.e., A[phenol]x100%/A[H,0,]) was approximately 0.9%, which is 10
times higher than that of iron oxides and comparable to that of the composite iron-silicon oxide
reported previously [93]. The addition of 100 mM tert-butanol (t-BuOH), an uncharged
compound that reacts with *OH, decreased the rate of phenol transformation but did not affect
the rate of H,O, decomposion. In contrast, the addition of 0.33 mM Bovine Serum Albumin
(BSA), amacromolecule that also reacts with *“OH, did not decrease the rate of phenol
transformation. Calculated pseudo-first order rate constants based on bulk concentrations of t-
BuOH and BSA and reaction rate constants (k) for the homogeneous reaction of the compounds
with *OH suggest that without the effect of size exclusion BSA and t-BuOH should have had a
similar effect on the transformation rate of phenol (Table 5-2). The slower phenol transformation
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was unlikely to be due to slower *OH generation because the rate of H,O, decomposition in the
presence of BSA remains unchanged (Figure 5-3).

Figure 5-1. TEM image of SBA15 (left) and SBA15-Fe,03 (right)

(@) (b)

intensity

(S

1 2 3 4 5 20 40 60 80 100

20 20

Figure 5-2. Low angle (a) and high angle (b) X-ray diffraction patterns of SBA15-Fe,O3 (Cu
Ka radiation)
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Table 5-1. Properties of SBA15 and SBA15-Fe;0s.

Sample name | Surface area® | Pore volume® | Pore size © Fe
(m?/g) (cm’/g) A (wt. %)
SBA15 636 0.82 52 -
SBA15-Fe;03 447 0.68 49 8.6

4 BET surface area

b Calculated by BJH method

Table 5-2. Rate constants (k) for the reaction between *OH and analytes present in the solution;

initial pseudo-first order rate constant k = k x [initial concentration] and the fraction of “OH
consumed by analytes in the presence of either t-BuOH or BSA.

Initial k (M's™ k (s7) | fraction of *OH
concentration (M) consumed**
Phenol 5x10™ 6.6x10° 3.3x10° 5-10%
H,0, 0.05 2.7x10’ 1.3x10° 2-4%
Bovine serum albumin 3.3x10™ 7.8x10%° | 2.57x10’ 82-85%
t-BuOH 0.1 6.6x10° 6.6x10" 92-93%
PIPES 1x10° ~10°-10°* | ~10°-10%* <3%

* Reaction rate constant between *OH and PIPES is unknown. The value used here is typical for

many organic compounds.

** The fraction of *OH react with the analyte (i) can be calculated based on the following

equation:

fon= k'OH,(i)[i]/(k'OH,phencl[phenOI] + k‘OH,HzOZ[HQOQ] + k-OH,scavenger[scavenger]*** + k'OH,PIPES[PIPES])
***scavenger: either t-BuOH or BSA
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Figure 5-3. Hydrogen peroxide decomposition and phenol transformation. [Phenol]ini = 0.5 mM,
[SBA15-Fe,03] = 25¢/L, [H20,] = 50 mM. Solutions were buffered with 1 mM piperazine-N,N -
bis(ethanesulfonic acid) (PIPES). pHaverage =6.8.

The inability of BSA to slow the rate of phenol transformation appears to be due to the
inability of the BSA to reach most of the sites where *OH was produced. Indeed, comparing the
hydraulic diameter (70 A) and the steric size (40 A x 40 A x 140 A) of BSA with the pore size of
SBA15-Fe,05 (49 A) indicates that BSA is too large to enter the pores, which has been
corroborated in previous research [123]. In contrast, both phenol and t-BuOH are much smaller
than the pores (i.e., these small molecules have a steric size below 10 A) and thus can enter the
pore to react with “OH.

To confirm that the inability of BSA to curtail phenol transformation in the SBA15-
Fe,03/H,0, system was due to size exclusion rather than to some unanticipated chemical effect,
we repeated the experiment in a homogeneous Fenton system under comparable conditions using
phosphotungstate (PW:,04>) to prevent precipitation of Fe(l11) (under these conditions, BSA
does not form a complex with Fe(l11) as shown in Figure 5-4). Under these conditions, the
Fe(111)-PW1,04° complex catalyzes the conversion of H,0, into *OH through a mechanism
similar to that observed for the heterogeneous system [124]. In this homogeneous system, it is
expected that BSA has access to "OH. Figure 5-5 shows that the phenol transformation rate in the
presence of BSA is comparable with the transformation rate in the presence of t-BuOH, and
much slower than that observed in the absence of scavengers. The fact that BSA did not slow the
rate of phenol transformation in the SBA-Fe,03 system demonstrates that (a) the majority of the
*OH was produced within the pores, and (b) the BSA was excluded from the sites where it was
generated.
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Figure 5-4. UV-vis spectra of pH 7 solutions of: (1) [PW12040°] = 10uM; (2) [PW1204>] =
10uM, [Fe(111)] = 10uM:; (3) [BSA] = 3.3uM: (4) [PW1,04°] = 10uM, [Fe(111)] = 10uM:; (5) is

the UV-vis absorption summation of (2) and (3), which is equal to (4). This result indicates that
BSA does not complex with Fe(l11) under this experimental condition.
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Figure 5-5. Hydrogen peroxide decomposition and phenol transformation in the presence of t-
BuOH or BSA, which scavenge “OH, and in their absence, using homogeneous Fenton catalysis.
[Phenol]ini = 0.5 mM; [PW1,04°] = 1ImM:; [Fe(111)] = 2mM, [H,02] = 50 mM. Solutions were
buffered with 1 mM PIPES. pHayerage = 6.7.

BSA was used in these experiments as a model high molecular weight compound.
However, humic substances, rather than BSA, are likely to be more important *OH scavengers in
many situations. Our preliminary data suggest that some of the lower molecular weight humic
acids enter the pores of the SBA15-Fe,03 catalyst (Figure 5-6). In the presence of 25 mg/L
humic acid the rate of disappearance of phenol increased by about 50% accompanied by
significant leaching of iron (5-10 uM) and slightly faster losses of H,O,, Complexation of iron
by humic substances is known to accelerate the rate of H,O, decomposition in Fenton systems
[125]. Nevertheless it still appears that partial size exclusion occurred: if all the humic acids
could access the interior of the pores or if the *OH was produced mainly in the bulk solution
much slower transformation of phenol would have occurred under these conditions (Table 5-3).
Future research should assess this effect and determine if smaller sized pores can be used to
exclude a larger fraction of the humic substances.
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Figure 5-6. Total dissolved iron concentration, hydrogen peroxide decomposition and phenol
transformation. [SBA15-Fe;03] = 3 g/L; [H202]o = 5 mM; [Phenol], = 20 uM; [PIPES] = 0.2
mM; [HA] = 25 mg/L; pH =7 = 0.4. The purpose of these experiments is to investigate the effect
of humic acid (HA) to the rate of H,O, decomposition and phenol transformation. HA (Aldrich)
used in this study has the molecular weight ranging from 2 kDa. — 500 kDa and HA
concentration in all experiments was 25 mg/L (challenges with phenol analysis in the presence of
humic acid prevents the use of higher HA concentration solution). Initial H,O,, phenol and
PIPES concentration were 5 mM, 20 uM and 0.2 mM, respectively. These values were chosen so
that HA would be the main *OH scavenger in these experiments (Table 5-3). After each period of
24 hours, an aliquot of hydrogen peroxide was added so that [H20;] = [H202], =5 mM. This
addition would maintain the constant quasi steady state *“OH concentration.
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Table 5-3. Rate constant (k) and for the reaction between analytes present in the solution with *OH; initial
first order rate constant k* = k x [ initial concentration] and the fraction of *OH consumed by analytes.

Initial k (M7s™) k (s fraction of *OH
concentration (M) consumed ¢
Phenol 2x107 6.6x10° 1.32x10° 18-24%
H,0; 5x107 2.7x10’ 1.35x10° 19-25%
PIPES 2x10™ ~10°%10°% | ~2x10%2x10°® 27-37%
Humic acid 25 (mg/L) ~2x10*P ~2.5x10°°¢ 35-47%

# Reaction rate constant between *OH and PIPES is unknown. The value used here is typical for
many organic compounds.

b Unit of [(mg C/L)s™]

¢ Calculation performed assuming that Humic acid contains 50 wt. % of Carbon.

9 The fraction of *OH react with the analyte (i) can be calculated based on the following
equation: fona= k‘OH,(i)[i]/(k'OH,phenol[phenOI] + k'OH,HZOZ[HQOZ] + k-OH,scavenger[scavenger]* + k'OH,PIPES[PIPES])
*scavenger: either t-BuOH or BSA

In conclusion, we have synthesized an iron oxide-containing mesoporous silica SBA15
catalyst that can convert H,O; into *OH at neutral pH. Most of the iron oxide precipitates are
present in the narrow pores of SBA15 where they are accessible to H,O, added to the bulk
solution. The *OH produced at these sites is accessible to small, model contaminants such as
phenol, but is inaccessible to high molecular weight non-target compounds such as Bovine
Serum Albumin. While humic acids are not fully excluded from the pores, it may be possible to
develop more selective size exclusion supports with materials that have smaller pores (e.g.,
MCM 41 mesoporous silica, zeolites). Nevertheless, the generation of *“OH in the
microenvironment may improve the efficiency of AOPs used to treat complex wastes.
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Chapter 6. Dissolution of Mesoporous Silica Supports
In Aqueous Solutions: Implications for Mesoporous
Silica-based Water Treatment Processes

Reproduced with permission from Pham, A.L.T; Sedlak, D. L; Doyle, F.M. Dissolution of
Mesoporous Silica Supports in Aqueous Solutions: Implications for Mesoporous Silica-based
Water Treatment Processes. Applied Catalysis B: Environmental 126 (2012) 258-264.
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6.1 Introduction

Owing to their high surface area and unique nano-porous structure, ordered mesoporous
silica supports (e.g., SBA-15 and MCM-41) have been proposed for water remediation [126].
For example, functionalized mesoporous silica has been used as an adsorbent for toxic metals
[127, 128], anions [129, 130], radionuclides [131] and various organic contaminants [132-135].
Mesoporous silica catalysts impregnated with metal oxides, such as iron-, manganese- and
copper-containing SBA-15, have also been used in hydrogen peroxide-based oxidative water
treatment [65, 136, 137]. Many of these applications employ aqueous solutions at circumneutral
pH values despite the fact that silica is relatively soluble under these conditions. Given the high
surface area and poor crystalinity of these materials it is possible that they will dissolve rapidly
in water. If so, the use of these materials in agueous media needs to be carefully evaluated
because the dissolution of functionalized mesoporous silica adsorbents could release adsorbed
species and the organic functional compounds, many of which are toxic to aquatic life. Silica
dissolution could also affect the long-term performance of the catalyst. Moreover, the presence
of the dissolved silica species might lead to unexpected changes in the catalyst surface as silica
interacts with catalytic active sites [101].

Previous investigators have reported dissolved silica concentration in excess of 100 mg/L
when mesoporous silica materials were suspended in solutions at pH values between 5 and 6 [66,
67]. Measurement of the dissolution of SiOy) indicates that the mineral’s solubility and
dissolution rate are sensitive to pH, with higher solubility and faster dissolution observed in
neutral and alkaline solutions [138]. To understand the stability of mesoporous silica supports, it
is important to know the effect of pH on its dissolution rate. However, to the best of our
knowledge, such information has not been reported. Here we have investigated the dissolution
rate of three widely used types of mesoporous silica, namely SBA-15, HMS and MCM-41, in
aqueous solutions at environmentally relevant pH values (pH 7 — 10). Recognizing the possibility
that functionalized organic groups or precipitated oxides might significantly modify the aqueous
solubility of silica [139], the dissolution of SBA-15 functionalized with different organic
compounds (i.e., propylthiol-, aminopropyl-, ethyldiaminopropyl- and diethylentriaminopropyl-)
or SBA-15 that was coated with iron and aluminum oxide were also investigated. Because we
observed the rapid release of dissolved silica in all cases, we also investigated how the presence
of dissolved silica might change the catalytic activity of the iron oxide/SBA-15 system toward
H,0, decomposition.

6.2 Materials and methods
6.2.1 Synthesis of mesoporous silica supports
SBA-15, HMS and MCM-41 were synthesized following procedures reported elsewhere

[121, 140, 141]. Iron oxide- and aluminum oxide- containing SBA15 (SBA15-Fe-oxide and
SBA15-Al-oxide) was synthesized following the procedure described by Gervasini et al. [122].
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Briefly, 1 gram of SBA-15 was suspended in a 120 mL solution of 1:1 water:propanol-1. The
solution pH was kept at 10 with ammonium hydroxide and the temperature was maintained at
0°C using an ice bath. Iron and aluminum precusor solutions, prepared by dissolving 0.015 mol
of either iron-acetylacetonate or aluminum-acetylacetonate in a 500 mL solution of 1:1
water:propanol-1, were gently dropped into the SBA-15 solution. The mixtures were then
removed from the ice bath and vigorously stirred at room temperature. The solids were recovered
by filtration, air dried at 100°C for 24 hours and calcined at 500°C for 4 hours. All solutions were
prepared using 18 MQ Milli-Q water from a Millipore system.

SBA-15 functionalized with propylthiol-, aminopropyl-, ethyldiaminopropyl- and
diethylenetriaminopropyl- were synthesized following the procedure reported by Aguado et al.
[142, 143]. Briefly, 4 g of triblock copolymer P123 was dissolved in a solution of 125 ml of 1.9
M HCI and the mixture was heated to 40°C. Subsequently, 8.2 g tetraethyl orthosilicate was
added and the mixture was vigorously stirred for 45 min, followed by the addition of 2 mmol of
(3-mercaptopropyl)trimethoxysilane (for propylthiol-SBA15), 4.1 mmol 3-
aminopropyltrimethoxysilane (for SBA15-aminopropyl), N—[3-(trimoethoxysilyl)propyl]-
ethylenediamine (for SBA15- ethyldiaminopropyl) or
3-[2-(2-aminoethylamino)ethylamino]propyl-trimethoxysilane (for diethylentriaminopropyl-
SBA15). The mixture was stirred for 20 hours at 40°C, then aged under static condition at 100 °C
for 24 hours. The functionalized-SBA15 was filtered and the P123 template was extracted by
refluxing in ethanol for 24 hours.

6.2.2 Characterization

The surface area of mesoporous silica supports was determined using the 5 point BET
(Brunauer—-Emmett—Teller) nitrogen physiadsorption method. The measurements were made in
the linear part of the isotherm where the BET equation is valid, namely in the pressure range of
0.06 < p/po < 0.2. The iron and aluminum content of SBA15-Fe-oxide and SBA15-Al-oxide were
measured by dissolving the solids in concentrated HCI and measuring dissolved Fe and Al in the
solution phase using an Inductively Coupled Plasma — Optical Emission Spectrometer (ICP-
OES). The SBA15-Fe-oxide and SBA15-Al-oxide contained 9 wt. % of Fe and 4.7 wt. % of Al,
respectively. The morphology of the solids was determined using a Philips CM200/FEG
transmission electron microscope (TEM) at 200 kV and Zeiss Evo 10 scanning electron
microscope (SEM) at 5 kV. X-ray diffraction analysis was performed with Cu Ka radiation
using a Panalytical 2000 diffractometer.

6.2.3 Dissolution experiments

Batch experiments. All experiments were carried out at 25 + 1°C in a 50-mL
polypropylene flask open to the atmosphere. 50 milligram of solid was added to 50 mL Milli-Q
water and the suspension was vigorously stirred. The initial solution pH was adjusted using 1 M
NaOH or 0.5 M H,S0O,. Although sulfate can accelerate silica dissolution [144], this effect is
only important in the presence of significant amount of sulfate (e.g., 0.1 M SO, in reference
[144]). The maximum sulfate concentration in all of our experiments was approximately 50 uM
and, therefore, its effect on silica dissolution is likely minimal. Solutions with pH 7 were
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buffered with 1 mM of either piperazine-N,N’-bis(ethanesulfonic acid) (PIPES), bicarbonate or
phosphate. Preliminary results indicated that the dissolution of SBA-15 was not affected by
buffer types. Therefore, PIPES was used in all subsequent experiments. The use of PIPES, an
organic buffer that does not adsorb on iron oxide surface or forms complexes with dissolved iron
[145], allowed us to investigate the role of dissolved silica toward iron oxide reactivity (section
3.4). Solutions with pH 8 — 9 were buffered by 4 mM borate, while solutions with an initial pH
of 10 were unbuffered. Samples were withdrawn at pre-determined time intervals, filtered
immediately through a 0.2-um nylon filter and analyzed for dissolved SiOs.

Column experiments with SBA-15. Experiments were conducted in 10 mm ID glass
columns. No dissolution of the column glass wall was detected in the control experiment. 0.25
gram SBA-15 was packed in the column and a pH 8.5 solution (buffered by 12 mM borate) was
passed through the columns at a flow rate of 0.5 mL/min in a downward direction. The hydraulic
retention time was ca. 0.4 min. A 0.45-um nylon filter was attached to the outlet of the column to
prevent elution of the solid out of the column (0.45-um filter was used instead of 0.2-0Im filter to
avoid high back-pressure in the column). The concentration of dissolved SiO, in the column
effluent was continuously measured throughout the course of the experiment.

6.2.4 Reactivity of iron oxide/SBA15 toward H,O, decomposition

The effect of dissolution of SBA-15 on amorphous iron oxyhydroxide, (Fe-0x), Aldrich)
reactivity toward catalytic H,O, decomposition was investigated in both batch and column
experiments. In batch experiments, the reactions were initiated by adding an aliquot of H,O,
stock solution to a pH-adjusted solution containing 1 g/L SBA-15 and 1 g/L Fe-0X). Samples
were withdrawn at pre-determined time intervals and filtered immediately through a 0.2-um
nylon filter and analyzed for dissolved SiO, and H,O,. In column experiments, Fe-0X) and
SBA-15 were packed in the column in different configurations (Figure 6-1), and pH 8.5 solution
containing 5 mM H,0, was passed through at a flow rate of 0.5 mL/min. The concentration of
dissolved SiO, and H,0; in the solution at the outlet was measured at predetermined time
intervals.

6.2.5 Analytical methods

H,0, was analyzed spectrophotometrically by the titanium sulfate method [85]. In the
absence of H,0O,, dissolved silica was measured either spectrophotometrically by the
molybdosilicate method [146] or by ICP-OES. The molybdosilicate method only detects
dissolved silica monomer and not other forms of silica (e.g., SiO, in polymer forms or nano-
sized SiO; particles), while the method using ICP-OES detects all forms of silica, including the
particulate silica that passed through the filter. Two methods gave similar results (i.e.,
[SiO2]molydositicate ~ 95 % [SiO2]icp-oes), indicating that minimal particulate silica was able to pass
through the filter. ICP-OES was used to measure dissolved silica in the presence of H,0,, as
interference from H,O, precludes silica measurement by the molybdosilicate method. The
deposition of SiO, on the Fe-0Xx) surface in column experiment was confirmed by using SEM
with an EDAX Genesis energy dispersive X-ray unit (SEM-EDX).
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To investigate the contribution of dissolved iron (leached from Fe-o0xs)) toward H,0,
decomposition, total dissolved iron was quantified using the 1,10-phenanthroline method after
adding hydroxylamine hydrochloride to the filtered samples [86]. The concentration of dissolved
iron was always below the detection limit (i.e., less than 5 uM), indicating that the amount of
H,0, decomposed by dissolved iron was negligible compared with that catalyzed by iron oxide
surface.

All experiments were carried out at least in triplicate and average values along with one
standard deviation are presented.

0.25g
SBA15

Figure 6-1. Investigation of H,O, decomposition in column experiments (column ID = 10 mm).
Column 1 and 2 contained only 0.25 gram SBA-15 or 1 gram Fe-0Xs , respectively. Column 3
contained SBA-15 that was on the top of Fe-0x() while in column 4 Fe-o0x) was on the top of
SBA-15.
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6.3 Results and discussion
6.3.1 Materials characterization

The BET surface area of the 9 mesoporous silica supports ranged from approximately
330 to 800 m?/g (Table 6-1), and the measured C values of the BET equation were between 50

and 250. The TEM micrographs (Figure 6-2) indicated that functionalization did not modify the
mesoporous structure of the supports.

Table 6-1. Synthesis method and BET surface area.

Material Synthesis method BET surface
area (m?/g)

SBA-15 Structure directing agent: block copolymer | 636
P123 in aqueous solution of 130 ml H,O
and 20 ml HCI 37%. Silica precursor:
tetraethyl orthosilicate. Template removed
by calcination.

HMS Structure directing agent: dodecylamine in | 804
ethanol-water solution. Silica precursor:
tetraethyl orthosilicate. Template removed
by calcination.

MCM-41 Structure directing agent: Cetyl 501
trimethylammonium bromide in agueous
solution of ca. 6M NH,OH. Silica
precursor: tetraethyl orthosilicate. Template
removed by calcination.

Propylthiol-SBA15 Structure directing agent: block copolymer | 334
(SBA15-PT). Sulfur P123 in 125 ml aqueous solution of 1.9 M
content: 0.54 mmol/gram. | HCI. Silica precursor: tetraethyl
orthosilicate.

Functional group precursor: 3-
mercaptopropyl)trimethoxysilane. Template
removed by extraction in ethanol.
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Aminopropyl-SBA15 As for SBA15-PT, except that the 570

(SBA15-AP). Nitrogen functional group precursor was 3-

content: 0.9 mmol/gram. aminopropyltrimethoxysilane.

Ethylendiaminopropyl- As for SBA15-PT, except that the 530

SBA15 (SBA15-ED). functional group precursor was: N—{3-

Nitrogen content: 1.9 (trimoethoxysilyl)propyl]-ethylenediamine

mmol/gram

Diethylentriaminopropyl- | As for SBA15-PT, except that the 380

SBA15 (SBA15-DT). functional group precursor was:3-[2-(2-

Nitrogen content: 1.8 aminoethylamino)ethyl-amino]propyl-

mmol/gram. trimethoxysilane

SBA15-Fe-oxide Adsorption of iron-acetylacetonate 524
Fe(acac); onto bare SBA-15, followed by
calcination at 500°C for 4 hours.

SBA15-Al-oxide Adsorption of aluminum-acetylacetonate 373

Al(acac); onto bare SBA-15, followed by
calcination at 500°C for 4 hours.
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SBA15-MP

SBA15-AP SBA15-ED SBA15-DT

Figure 6-2. TEM images mesoporous silica materials.
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6.3.2 Dissolution of SBA-15 in batch experiments

The dissolution of SBA-15 was investigated in well-mixed batch solutions containing 1
g/L SBA-15 (Figure 6-3). At pH values above 7, between 20 and 55 mg/L of dissolved silica
(based on SiO,) was released during the first 30 minutes. The dissolved silica concentration
continued to increase throughout the 11-hour experiments, with no indication of saturation. The
release of silica was attributable to the following reactions:

Si0; + 2H,0 > H,Si0, (pKs = 2.74) [138] (1)
H,Si04 < HsSiOs + H' (pKaz = 9.84) [138] )

The predicted concentration of dissolved silica in equilibrium with amorphous SiOy) at
pH values between 7 and 9 is between 120 and 140 mg/L [138]. The dissolution of amorphous
SiOys in general, however, is a relatively slow process. Therefore, the rapid dissolution of SBA-
15 is attributable to its high surface area and the unique wall and pore structure that provide
convex surfaces with small radii of curvature, at which the activity of the amorphous silica
exceeds that of the bulk material. The XRD pattern, SEM and TEM micrographs of the material
that underwent the dissolution test were similar to those of the original SBA-15 (Figure 6-4, 6-5,
and 6-6).

150 |
120 |
-
o 90 |
E
QN
w 60 —e— pHini=4
—&— pHini=7
—— pHini=8.5
30 —&— pHini=10

time (hr)

Figure 6-3. Dissolution of SBA-15 in well-mixed batch solution, 1 g/L SBA-15, pHfina = 4.1 £
0.1,7+0.1,8.1+£0.1and 8.6 £ 0.4 for pHinitias Of 4, 7, 8.5 and 10, respectively. Solutions with
PHinitia OF 7 and 8.5 were buffered with 1 mM PIPES and 4 mM borate, respectively.
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Figure 6-4. SEM images of the original SBA-15 (left) and the SBA-15 that was in the column
for 45hr (right). No clear difference was observed.

Figure 6-5. TEM images of SBA-15 recovered from the pH 8.5 solution after 20 hours. The
original pore structure of the material was well observed.
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Figure 6-6. XRD spectrum of the original SBA-15 (dashed line) and the SBA-15 that was
suspended in pH 7 solution for 24 hours (solid line).
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6.3.3 Dissolution of HMS, MCM-41 and modified mesoporous supports

The dissolution of HMS and MCM-41, as well as modified materials such as propylthiol-
, aminopropyl-, ethyldiaminopropyl-, diethylentriaminopropyl- functionalized SBA-15 (SBA15-
PT, SBA15-AP, SBA15-ED and SBA15-DT, respectively), iron oxide-containing SBA-15
(SBA15-Fe-oxide) and alumina-containing SBA-15 (SBA15-Al.oxide) in pH 7 batch solution
was also investigated. In these systems, the amount of dissolved silica released after a period of 4
hours ranged from approximately 7 mg/L (in the case of SBA15-Al-oxide) to 133 mg/L (in the
case of SBA15-AP) (Figure 6-7, top). The concentration of dissolved silica in the SBA15-AP
system exceeded the solubility of silica at pH 7 (i.e., 120 mg/L [138]), suggesting that the
solution was supersaturated with respect to amorphous SiOy). This phenomenon was also
observed in a previous study with MCM-41 [66].

To gain insights into the relative stability among the mesoporous silica materials, their
initial rate of dissolution in the batch experiment was calculated by normalizing the amount of
dissolved silica released during the first 30 minutes against the materials’ surface area. Despite
the differences in the synthesis method (Table 6-1), SBA-15, HMS and MCM-41 dissolved at
comparable rates (i.e., ca. 3x10° — 4x10° mgxm™?xhr™, Figure 6-4, bottom). Regarding the
modified materials, three types of aminoalkyl-functionalized SBA-15 (namely SBA15-AP,
SBA15-ED and SBA15-DT) dissolved at an initial rate that was approximately 1.5 to 3 times
faster than that of SBA-15, HMS and MCM-41. In contrast, SBA15-PT, SBA15-Fe-oxide, and
SBA15-Al-oxide dissolved 3 to 20 times slower than SBA-15, HMS and MCM-41 (Figure 6-4,
bottom). The most stable material in this study was SBA15-Al-oxide (the initial dissolution rate
of 2x10™ mgxm2xhr™). The effect of alumina on the stability of amorphous silica has been
widely reported in the literature [139, 147, 148], although the mechanism through which alumina
stabilizes silica remains unclear. The role of the iron oxide and propylthiol functional group on
the enhanced stability of the SBA-15 support was also unclear. Regarding the aminoalkyl-
functionalized SBA-15, faster dissolution of these materials was probably due to a high localized
pH at the silica surface due to the basic nature of the amine groups (the pK, of aliphatic amines is
above 10). Consequently, higher local pH values might cause faster dissolution and higher
solubility of these materials.
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Figure 6-7. Dissolution of various mesoporous silica-based supports in well-mixed batch
solution (top), and initial rates of dissolution during the first 30 minutes of the experiments
(bottom). [solid] =1 ¢g/L, pH =7 £ 0.1, buffered with 1 mM PIPES.
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6.3.4 Long-term stability of SBA-15 in column experiment

The long term stability of SBA-15 was further investigated in a column experiment in
which a pH 8.5 solution was passed continuously at 0.5 mL/min through SBA-15 packed in a 10
mm diameter column. The concentration of dissolved silica at the column outlet decreased
gradually during the first 8.5 hours from more than 200 mg/L to approximately 90 mg/L then
remained at this value for the next 18 hours (Figure 6-8). The higher-than-predicted
concentration (i.e., 120 — 140 mg/L [138]) observed initially was attributable to supersaturation
with respect to amorphous SiOy). Approximately 120 mg of dissolved SiO, was recovered in the
column effluent, which accounted for more than 45% of the initial mass of SBA-15 in the
column (inset of Figure 6-8). The disappearance of SBA-15 in the column due to dissolution was
visually observed after 45 hours (Figure 6-9).
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Figure 6-8. Column experiment containing 250 mg SBA-15. Flow rate = 0.5 mL/min, pH = 8.5,
buffered with 12 mM borate. Inset: calculated cumulative amount of dissolved silica. (*): these
data point were taken after the SBA-15 bed was compressed at t = 45 hr (see Figure 6-9 for
detailed explanation).
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45 hr
0hr 45 hr (after compression) 72 hr

Figure 6-9. Dissolution of SBA-15 in the column experiment. After 45 hr, a significant amount
of SBA-15 was dissolved. The remaining SBA-15 bed was then compressed in order to eliminate
the void space in the column. Further dissolution created the void space again (image for t = 72

hr).
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6.3.5 Impact of SBA-15 dissolution on reactivity of iron oxide in catalyzing H,O,
decomposition

Metal oxide-containing mesoporous silica catalysts have been used for H,O,-based
oxidative water treatment [65, 136, 137]. However, the release of silica may alter the long term
stability and reactivity of mesoporous silica-based catalysts, creating unexpected changes in the
catalyst surface and hence the catalytic performance. To test this hypothesis, we studied the
effect of SBA-15 dissolution on the kinetics of H,O, decomposition catalyzed by Fe-0X
(reaction 3 and 4) [7, 24, 93].

=Fe¢’* + H,0; > =Fe* + "OH + OH" 3)
=Fe** + H,0, > =Fe?* + HO," + H* 4)
HO," < H" + 0y” (5)

This process was selected as a case study because of the popularity of metal oxide-
impregnated mesoporous silica/H,0, systems in water treatment and organic synthesis. Organic
solvents are often used in the latter application, but recent efforts to replace organic solvents with
water have prompted interest in catalysts that are effective in water.

We studied the decomposition of H,O, catalyzed by iron oxide in the presence of SBA-
15. Although the catalytic activity of the iron oxide in this mixture does not represent that of
iron-containing SBA-15 (where iron oxide is chemically deposited on the SBA-15 surface or is a
part of the SBA-15 support), this approach allowed us to understand the role of dissolved silica
released by SBA-15 unambiguously, which would not have been possible using iron-containing
SBA-15.

In batch experiments, the rate of Fe-0x)-catalyzed H,O, decomposition was unaffected
by the presence of SBA-15 at pH 4.2 £ 0.2, but significantly suppressed at pH 7.1 £ 0.1 (Figure
6-10). Because SBA-15 is not redox active and does not cause H,O, decomposition, this
difference was attributed to the dissolution of silica at higher pH, followed by adsorption onto
the surface of Fe-0Xx), occupying iron sites responsible for H,O, decomposition, thereby
diminishing the reactivity of Fe-ox() [101]. SBA-15 dissolution was much slower at the lower
pH value, and not enough silica was adsorbed on Fe-0xs to alter the rate of H,O, decomposition.
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Figure 6-10. Dissolved silica and H,O, concentration in batch experiment. [Fe-0x)] = 1 g/L,
[SBA-15] =1 g/L, [H202]initat = 50 mM. Solution with pH =7 £ 0.1 was buffered with 1mM
PIPES. Squares: pH 4.2, triangles: pH 7 = 0.1. Fe-0x (filled symbol), Fe-ox) and SBA-15
(open symbol).

To confirm that the H,O, decomposition was suppressed by deposition of dissolved silica
onto the iron oxide rather than by some unanticipated interaction between SBA-15 and iron
oxide, the catalytic decomposition of H,O, was studied further using column experiments
(Figure 6-11). The H,0, concentration at the outlet of column 1, containing only SBA-15, was
unaffected by passage through the column because SBA-15 does not catalyze H,0,
decomposition. More than 97% of the initial H,O, was decomposed as the solution passed
through column 2 (containing only Fe-0x)) and column 4 (in which the solution passed through
the Fe-0xs) before encountering SBA-15) due to reaction (3) and (4). For column 3 (in which the
solution passed through SBA-15 before Fe-0xs), the concentration of H,O, increased gradually
during the experiment as would be expected if the activity of the catalyst was decreasing over
time.

Comparison of the dissolved silica concentrations leaving columns 1 and 3 indicates that
the dissolved silica was adsorbed by Fe-0x), resulting in lower dissolved silica concentrations at
the outlet of column 3. This adsorption was confirmed by SEM/EDS analysis of the Fe-0x) from
column 3 after the test, which showed a Si peak (Figure 6-12). With time, adsorption of
dissolved silica lowered the catalytic activity of the Fe-o0x) and therefore the H,O, concentration
at the outlet gradually increased.

102



5.0 0 o 0 O O o]

O SBA-15
_ 2.0 e Fe-ox
% ¢ SBA-15 on the top of Fe-ox
= 157 o Fe-ox on the top of SBA-15
Q ¢
T 1.0 B %
L 2
0.5 ¢
¢ ¢
oo 2 0 8. O -
0 2 4 6 8 10 12
200 | e SBA-15 and Fe-ox,, (column 3)
—O— SBA-15 (column 1)
2150
o)
E
~100
o
(7))
50
0 L L . .
0 2 4 6 8 10 12

time (hr)

Figure 6-11. Hydrogen peroxide and dissolved silica concentration at outlet of 10 mm ID
columns through which pH = 8.5 + 0.1 solutions containing 5 mM H,0, were flowed at a 0.5
mL/min. Column was packed with 0.25 g SBA-15 and/or 1g Fe-0Xs).
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Figure 6-12. EDS spectrum of the Fe-0xs) surface before and after the column experiment. The
Fe-ox(s) sample was collected from column 3 at the end of the experiment. The carbon peak is
due to the carbon coating needed to prevent charging in the SEM.

6.3.6 Dissolution of mesoporous silica supports — a broader implication

In addition to being used in advanced oxidation processes for water treatment,
mesoporous silica-based supports also have been proposed for applications such as adsorption,
separation, and sensing [132, 149]. The results of our study, however, raise significant questions
about the merits of their application in aqueous media. For example, when mesoporous silica is
used to encapsulate enzymes and proteins [150], a process that is routinely conducted at pH
values ranging from 5 to 11, significant dissolution of the substrate would be expected over a
time scale of hours to days. Functionalized mesoporous silica also has been proposed as an
adsorbent for removing toxic metals, anions, radionuclides and organic contaminants from
polluted water. The dissolution of these adsorbents could release not only adsorbed contaminants
but also the organic functional compounds, many of which are toxic to aquatic life. In addition, it
was observed that adsorption of Cr(V1) [130] and organic contaminants [134] on various
functionalized SBA-15 and HMS substrates was a pH dependent process, with lower adsorption
affinity at neutral and alkaline pH. The dissolution of adsorbent might explain why adsorption
capacity decreased at higher pH. Additional research is needed to evaluate the performance of
mesoporous silica materials in these applications.
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6.4 Conclusion

In summary, we have demonstrated that mesoporous silica materials such as SBA-15,
HMS and MCM-41, four types of functionalized SBA-15, and iron and aluminum oxide-
containing SBA-15 are unstable in aqueous solution, especially at circumneutral and more basic
pH values. The results raise questions about the use of these materials in aqueous-based
applications such as adsorption and catalysis, suggesting that these materials may only be
suitable under acidic conditions, where silica dissolves slowly. We also showed that silica
dissolved from mesoporous silica supports such as SBA-15 may change the reactivity of
catalysts. Our experiments have shown that silica-containing iron oxide, produced from
adsorption of dissolved silica on Fe-0Xs), was less active in catalyzing the decomposition of
H,0, than pure iron oxide.

Among the studied materials, the SBA-15 support that was functionalized with
propylthiol or contained iron or aluminum oxide was more stable than the bare SBA-15.
Although the mechanism through which the propylthiol group and metal oxides enhance the
stability of silica is still unclear our findings suggest that it might be possible to design more
stable mesoporous silica based materials. Given the complex nature of functional group/metal
center and support interaction, additional research is required to further investigate this issue.
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Chapter 7. Conclusions
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The research described in this dissertation investigated the ability of various silica- and
alumina-containing iron catalysts, minerals, and aquifer materials to convert H,O; into "OH for
use in water treatment. New insights have been gained into the role of silica and alumina, as well
as solution conditions, such as pH and dissolved silica, in iron-mediated H,O, activation. These
findings have important implications for the development of effective catalysts for H,O,
activation in ex situ water treatment systems, as well as for the design and operation of H,O,-
based in situ chemical oxidation technologies for groundwater and soil remediation.

7.1 lron-containing catalysts for H,O, activation

One of the major contributions of the research described in this dissertation was related to
the activation of H,O, by iron-containing minerals and catalysts under circumneutral pH
conditions. Although the synthesis of catalysts capable of effectively activating H,O, has been an
active research field, most previous studies have focused on H,O, activation under acidic pH
conditions. Therefore, the results and conclusions reported in this dissertation are likely more
relevant to the water treatment scenarios where bicarbonate buffering is strong and pH
adjustment is problematic.

The research described in Chapter 2 explored the ability of silica- and alumina-containing
iron catalysts to activate H,O, under circumneutral pH conditions. The results of this study
indicated that the catalysts that were synthesized by a sol-gel process exhibited a stoichiometric
efficiency which was 10 to 80 times higher than that of common iron oxides. The significant
enhancement in "OH production is attributable to the interaction of Fe with Al and Si in the
mixed oxides, which alters the surface redox processes, favoring the production of ‘OH during
H,0O, decomposition. The silica- and alumina-containing iron oxide catalyst has the potential to
be more effective in the ex situ oxidative treatment of industrial waste and contaminated water at
circumneutral pH than iron oxides that have been proposed for this application.

Iron-containing mesoporous silica SBA-15 catalyst, synthesized by immaobilizing iron on
the SBA-15 support, also exhibited a stoichiometric efficiency that was approximately 10 times
higher than that of common iron oxides (Chapter 5). This indicates that the efficiency
improvement is not unique to the sol-gel synthesis process; therefore, various synthesis
techniques can be employed to obtain a better iron catalyst. Furthermore, the use of the iron-
containing mesoporous silica SBA-15 catalyst offer the potential for selectively oxidizing phenol
in the presence of bovine serum albumin, a macromolecule that was employed as a model for
proteins and natural organic matter. This selective oxidation increases the stoichiometric
efficiency when the presence of natural organic matter in water competes with contaminants for
‘OH.

Iron-containing aluminosilicates (i.e., montmorillonite and nontronite) also were shown
to be as effective as synthetic catalysts in H,O, activation (Chapter 3). These materials are
naturally available, relatively cheap, and have the potential to be employed in ex situ advanced
oxidation processes for water remediation.
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The stability of the silica supports and the effect of silica dissolution on the long-term
performance of the catalysts were investigated in Chapter 6. In previous research, the dissolution
of silica supports was often ignored by researchers who studied the heterogeneous Fenton
reaction, because it was assumed that silica does not dissolve at an appreciable rate, and that
dissolved silica does not affect the reactivity of iron-containing solids with H,O,. The research in
Chapter 6 showed that mesoporous silica supports dissolved rapidly under circumneutral
conditions due to their high surface area and poor crystalinity. More importantly, the released
dissolved silica adsorbed onto the iron surface and lowered its reactivity with H,O,. Thus, the
rapid dissolution of most mesoporous silica materials raises questions about their use not only for
H,0, activation, but also for other applications in water treatment, such as separation and
adsorption, because silica dissolution might alter the behavior of the material.

7.2 The activation of H,O, in in situ remediation

The ability of iron-containing sediments and aquifer materials to activate H,O, has been
investigated previously, but the correlation between the surface properties of these materials and
their reactivity remains poorly understood. Thus, it is currently difficult to predict the
performance of H,O,-based in situ chemical oxidation (ISCO) treatment systems.

To gain new insights into factors that control the activation of H,O, in ISCO, the
reactivity of ten aquifer materials was investigated and correlated with their surface properties
(Chapter 3). The results of this study showed that the stoichiometric efficiency of aquifer
materials was comparable with that of iron-containing minerals. The surface property-reactivity
analysis indicated that aquifer materials containing high concentrations of manganese oxides
decomposed H,0, at a faster rate but generated less ‘OH (i.e., they had a lower stoichiometric
efficiency). The strong correlation between Mn content and H,0- loss rate and "OH vyield
suggests that the amount of Mn in aquifer materials could serve as a proxy for predicting the
material’s efficiency in H,O, activation.

To explore possible approaches to enhance "OH yield in the aquifer materials systems,
aquifer materials were treated with citrate-bicarbonate-dithionite (CBD) solution to remove iron
and manganese oxide coatings, components that are ineffective in activating H,O, (Chapter 3).
Compared with the original aquifer materials, the CBD treated counterparts exhibited a lower
reactivity with H,O; yet a higher stoichiometric efficiency, so they are more effective for the
activation of H,O, in ISCO.

Chapter 3 and 4 of this dissertation addressed a major issue associated with H,O,-based
ISCO, namely the short lifetime of H,0, in the subsurface. The fast decomposition of H,O; in
the subsurface is often considered detrimental, because H,O, may be consumed before it reaches
contaminated zones. The research described in Chapter 3 and 4 indicated that dissolved silica in
groundwater decreased the reactivity of iron-containing minerals and aquifer materials with
H,0,, thereby increased H,O, persistence. Therefore, in systems where the subsurface is
deficient in dissolved silica, dissolved silica could be injected together with H,O, to increase the
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persistence of H,O, and move the zone of remediation further from the injection well. Dissolved
silica is inexpensive and benign, and can replace other H,O,-stabilizing agents that are currently
being used, such as phosphate or citrate.

7.3 Future research

The research described in this dissertation has addressed various fundamental and
practical questions related to the use of the heterogeneous Fenton reaction for ex situ and in situ
water remediation. One major finding of this research was that the reactivity of iron can be
tailored for more effective production of ‘OH during the decomposition of H,0,. Although
significant improvement in stoichiometric efficiency was achieved, the highest stoichiometric
efficiency reported in this research, however, was only a few percent, which is approximately an
order of magnitude lower than the theoretical stoichiometric efficiency (see the footnote of Table
1-2). Therefore, additional research is needed to improve the H,O, utilization efficiency and
reduce the treatment cost. Several areas for future research are suggested below.

First, increased understanding of the H,O, activation mechanism is needed to develop
better catalysts. Although the research in Chapter 2 indentified the importance of silica and
alumina in H,O; activation, the exact mechanism through which silica and alumina affect iron
reactivity is not well understood. Future research addressing this fundamental issue could
involve the use of surface characterization techniques to understand the interaction among iron,
silicon and aluminum, and/or the distribution of these elements on the catalyst surface. In
addition, detailed correlation between the structure of well-characterized materials (e.g.,
montmorillonite and nontronite in Chapter 3) and their ability to produce "OH from H,0, may
provide further insights into the role of silica and alumina.

It has been proposed that in addition to "OH, the decomposition of H,0, in the
heterogeneous Fenton system also produces surface-bound ferryl species (Chapter 2, Scheme 2).
In agreement with this hypothesis, Gonzalez-Olmos et al. recently demonstrated that methanol
oxidation in a zeolite/H,0, system was due to the reaction with an oxidant that was different
from "OH, possibly surface bound ferryl [151]. Notably, the stoichiometric efficiency was
calculated to be approximately 30%, which was 10 to 1000 times higher than that in the systems
where contaminants are oxidized by "OH. The high stoichiometric efficiency associated with the
surface-bound ferryl species suggests that the heterogeneous Fenton reaction might be effective
for the treatment of contaminants that can react with surface-bound ferryl, such as As[111].
Additional research is needed to assess the production and reactivity of surface-bound ferryl in
the heterogeneous Fenton system.

The research described in Chapter 5 investigated the use of an iron-containing
mesoporous silica SBA-15 catalyst for selective oxidation of phenol in the presence of non-target
compounds (i.e., bovine serum albumin and humic acid). One limitation of this catalyst is that
only a partial selective oxidation was observed in the presence of humic acid, as some of humic
acid was able to enter the mesopores of SBA-15 and scavenge ‘OH. More selective oxidation
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may be achieved through the use of supports with smaller pores (e.g., MCM-41 mesoporous
silica, zeolites) that could allow better exclusion of natural organic matter. In addition to size
exclusion, other approaches to achieve selective oxidation could involve the synthesis of a
catalyst that enhances the preferential adsorption (e.g., by molecular recognition or molecular
imprinting) followed by oxidation of the target contaminant.

Silica-supported iron catalysts are susceptible to dissolution under circumneutral pH
conditions. The research in Chapter 6 indicated that functionalizing with propylthiol, or
immobilizing aluminum or iron oxides onto SBA-15 mesoporous silica support enhanced its
stability in aqueous solution. Given the complex nature of functional group/metal center and
support interaction, additional research is needed to further investigate the approaches to design
more stable catalysts.

For in situ treatment systems, the stoichiometric efficiency could be enhanced by
modifying the surface of aquifer materials to remove components that are ineffective at ‘"OH
production. One approach used in this research was to treat aquifer materials with citrate-
bicarbonate-dithionite solution to remove surface manganese and iron oxides (Chapter 3).
Although the addition of this solution into soil and groundwater is unlikely to be practical, other
approaches that remove these oxides could include the injection of a metal-complexing agent,
such as ethylenediaminetetracetic acid (i.e., EDTA), and the adjustment of redox conditions in
the subsurface to favor the reductive dissolution of manganese and iron oxides.

The research described in Chapter 3 and 4 led to a proposal that dissolved silica could be
injected together with H,O, to enhance H,O; stability in in situ remediation systems. One
concern associated with this approach is the precipitation of silica in the subsurface, which could
decrease the permeability of the aquifer. Studies that monitor H,O, lifetime and permeability in a
column reactor would be needed to assess the practicality of injecting dissolved silica into the
subsurface.

Understandings of the correlation between the physico-chemical properties of aquifer
materials and their reactivity will help predict the performance of H,0,-based ISCO systems.
The research in Chapter 3 suggested that the rate of H,O, decomposition and "OH vyield are
strongly correlated with the Mn content of the aquifer materials samples. Additional research
with more aquifer materials is needed to assess the predictive strength of this correlation, and to
gain insights into the role of other aquifer materials properties, such as surface area, particle size,
organic matter and inorganic carbon content.
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