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Abstract
Persulfate-based in situ chemical oxidation (ISCO) involves the injection of persulfate
(S2O82-) into the subsurface to remediate contaminated groundwater and soils. Although
S2O82- does not react with contaminants to an appreciable extent, it can be activated into
stronger oxidants (e.g., SO4• and •OH) by heat, alkaline solutions, dissolved iron and ironcontaining minerals. The objective of the research described in this thesis is to explore
the influence of temperature and background solutes on contaminant transformation by
heat- and mineral-activated S2O82-. Through the transformation of benzoic acid (a model
organic compound) and chlorendic acid (a flame retardant), it was discovered that
temperature affects not only the rate of contaminant transformation but also the
transformation pathway and distribution of byproducts. Solution pH, alkalinity, and
chloride also influence the rates of persulfate activation and contaminant degradation.
These novel understandings may help improve the design and operation of S2O82--based
remedial systems.
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1.0 Introduction
1.1 Motivation
It has been widely acknowledged that hazardous waste sites, created due to unregulated
and improper disposal of toxic chemicals in the previous century, are among the most
problematic pollution hotspots in North America. In the United States, even after
significant investment in remediation efforts, the country still has over 300,000 federal
and private hazardous waste sites whose clean-up will require an additional of $200
billion in the coming decades (EPA, 2004). In Canada, the Parliamentary Budget Officer in
2014 reported that there are over 22,000 federal hazardous waste sites, many of which
are heavily contaminated and pose direct threats to environmental and public health
(Story and Yalkin, 2014). The report also predicted that if we were to use existing
technologies, such as groundwater extraction and soil excavation, to remediate these
sites, approximately $4.9 billion will be needed for the clean-up (Story and Yalkin, 2014).
Therefore, new technologies that improve the efficiency of site clean-up have the
potential for significant economic benefits in both cost savings and the time required for
site remediation.
In situ chemical oxidation (ISCO) is appealing for remediation of soil and groundwater
because it is fast and cost effective. ISCO involves the injection of an oxidant into
contaminated areas to initiate chemical reactions that can destroy contaminants.
Common oxidants used in this practice include catalyzed hydrogen peroxide (CHP),
permanganate, ozone and persulfate. While CHP and permanganate have been widely
employed in the last three decades (Figure 1.1), persulfate (S2O82-) is gaining popularity
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especially in the last ten years. Compared with CHP and permanganate, S2O82- provides
several advantages. First, unlike permanganate which can only oxidize a limited number
of contaminants, S2O82- is effective at destroying a wide variety of organic contaminants
including chlorinated organic solvents, BTEX (i.e., benzene, toluene, ethylbenzene, and
xylene), polycyclic aromatic hydrocarbons (PAHs), and polychlorinated biphenyls (PCBs).
This is because S2O82- can be activated into sulfate and hydroxyl radicals (SO4•- and •OH,
respectively), which are very powerful oxidants that can react with contaminants at near
diffusion-limited rates (Buxton et al., 1988). Although CHP can also oxidize contaminants
via •OH-based reactions, its utility is limited because hydrogen peroxide often disappears
quickly upon injection into the subsurface. In contrast, S 2O82- is relatively stable and
therefore can migrate deep into contaminated areas far away from the injection well.
Additionally, the byproducts of persulfate decomposition are sulfate ions and oxygen,
which are benign to the environment and do not cause subsurface clogging (the reduction
of permanganate produces manganese dioxide (MnO2) which can decrease subsurface
hydraulic conductivity).
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Figure 1.1: Frequency of ISCO oxidant use between 1995 and 2007 (adapted from Krembs, 2008)

S2O82- can be activated into SO4•- and •OH by heat, dissolved metals and metal oxides, and
alkaline solutions. Heat can be introduced into the subsurface by steam injection, addition
of H2O2 (the decomposition of H2O2 is an exothermic reaction), or via electrical resistance
heating. Dissolved metals and base activations involve the injection of dissolved metals
(e.g., Fe(II), Co(III)) or alkaline solutions (e.g., NaOH) into the subsurface together with
S2O82-. S2O82- can also be used without the addition of an activator. Although usually
referred to as un-activated S2O82-, this approach relies on the ability of naturally occurring
minerals such as iron and manganese oxides to convert S2O82- into SO4•- and •OH. Other
activators include ultraviolet light, ultrasound, gamma rays, and photocatalysts (e.g.,
UV/TiO2). These activators can be used for ex situ remediation (i.e., pump-and-treat
remediation), or for treatment of municipal and industrial wastewater.

In the last decade, researchers and remediation practitioners have put significant efforts
into investigating the use of S2O82- for contaminant remediation. Despite these efforts,
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the mechanisms of S2O82- activation and contaminant oxidation as well as factors affecting
these processes are not fully understood. To advance our knowledge about the chemistry
of S2O82- and the utility of S2O82- in ISCO, this Master of Applied Science research aims to
address several fundamental questions regarding the mechanism of contaminant
transformation in heat-activated S2O82- systems, and the use of persulfate for the
remediation of chlorendic acid, an exotic, recalcitrant contaminant. This research
investigated the effect of temperature (20 - 70°C) on the oxidation of benzoic acid by
S2O82- and the formation and distribution of oxidation byproducts (Chapter 3). Benzoic
acid was used as a model compound representing naphthenic acids, a group of toxic
organic contaminants present at sites contaminated with oil sands process water.
Another aim of this dissertation was to investigate the ability of heat-activated S2O82to
destroy chlorendic acid, a toxic polychlorinated organic acid (Chapter 4). Overall, this
dissertation aims to address a number of mechanistic questions, the information of which
can help improve the design of heat-activated S2O82- ISCO systems.
1.2 Background
1.2.1 Persulfate
Although S2O82- is a strong oxidant (E° = 2.08 V) (Bard et al., 1985), it reacts with
contaminants at rates that are too slow to be practical. Therefore, the use of S2O82- in
contaminant treatment applications does not rely on the direct reaction between S 2O82and contaminants but on the ability of S2O82- to produce SO4•- and •OH, the process known
as S2O82- activation. The activation of S2O82- takes place via the following reactions:
𝑆2 𝑂8 2− → 2𝑆𝑂4 •−

(1.1)
4

𝑆𝑂4 •− + 𝐻2 𝑂 → •𝑂𝐻 + 𝑆𝑂4 2− + 𝐻 +

(1.2)

𝑆𝑂4 •− + 𝑂𝐻 − → •𝑂𝐻 + 𝑆𝑂4 2−

(1.3)

SO4•- and •OH are very strong oxidants that react with many contaminants including some
of the most persistent ones such as PAHs and PCBs at near diffusion-controlled rates (i.e.,
k ≈ 109-10 M-1s-1) (Buxton et al., 1988):
𝑆𝑂4 •− + 𝑐𝑜𝑛𝑡𝑎𝑚𝑖𝑛𝑎𝑛𝑡𝑠 → 𝑏𝑦𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠 + 𝑆𝑂4 •− →→→ 𝐶𝑂2 + 𝐻2 𝑂 + 𝑆𝑂4 2− (1.4)
•

𝑂𝐻 + 𝑐𝑜𝑛𝑡𝑎𝑚𝑖𝑛𝑎𝑛𝑡𝑠 → 𝑏𝑦𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠 + •𝑂𝐻 →→→ 𝐶𝑂2 + 𝐻2 𝑂

(1.5)

SO4•- and •OH react with organic contaminants via three distinct mechanisms, namely 1)
abstraction of hydrogen atoms, 2) addition to double bonds, and 3) abstraction of
electrons. Whereas •OH oxidize contaminants mainly via the first two mechanisms
(Nelson, 1955), reactions with SO4•- proceed mainly via the latter mechanism (Buxton et
al., 1988). The byproducts produced from these reactions can be further oxidized by SO4•and •OH to generate lower molecular-weight compounds that are often less toxic and
more bioavailable. The lower molecular-weight compounds can also react further with
SO4•- and •OH to eventually become CO2 and H2O (i.e., mineralization).
The reactions above describe the formation of reactive species and the oxidation of
contaminants. However, it is noted that the chemistry of S2O82- is extremely complex. For
example, SO4•- and •OH produced in reactions 1.1-1.3 can also react with S2O82- via the
following reactions:
𝑆𝑂4 •− + 𝑆2 𝑂8 2− → 𝑆𝑂4 2− + 𝑆2 𝑂8 •−
(Buxton et al., 1988)
•

1
2

𝑂𝐻 + 𝑆2 𝑂8 2− → 𝑆𝑂4 •− + 𝑂2 + 𝐻𝑆𝑂4 −

(1.6)

(1.7)
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(Bartlett, 1949)

Although it has been speculated that the persulfate radical (S 2O8•-) can also oxidize
organic contaminants, its reactivity is currently not well understood. SO 4•- and •OH can
also participate in many reactions with background electrolytes (e.g., OH-, Cl-, HCO3-,
natural organic matter) that can either propagate or terminate the formation of radicals
(will be discussed further in section 1.3.3). Also, while both SO4•- and •OH are produced
from S2O82- activation, the relative importance of these radicals towards contaminant
oxidation depends on the solution chemistry and activation method. For example, •OH is
the predominant oxidant when S2O82- is activated by alkaline solutions or by Fe-EDTA. In
contrast, SO4•- is the predominant oxidant when S2O82- is activated by heat and UV/light
at neutral and acidic pH. Due to this complexity, it is extremely difficult to predict the rate
at which persulfate is consumed, the yield of SO4•- and •OH, the rate and mechanism of
contaminant transformation, and the nature of the byproducts produced.
1.2.2 Methods of Persulfate Activation
As mentioned above, S2O82- can be activated by several methods. The objective of this
section is to further describe the activation of S2O82- by heat, alkaline solutions, and
dissolved iron as these activation methods are the most frequently used in in situ
remediation. This section will also discuss some of the factors that affect the
transformation of contaminants in persulfate-based ISCO, and identify knowledge gaps
to be addressed in this dissertation.
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1.2.2.1 Activation by Heat

S2O82- solution is relatively stable at room temperature. At elevated temperatures, S2O82is decomposed into sulfate ions (SO42-) and oxygen (O2) according to the following
reactions:
𝑆2 𝑂8 2− + ℎ𝑒𝑎𝑡 → 2𝑆𝑂4 •−

(1.8)

𝑆𝑂4 •− + 𝐻2 𝑂 → 𝑆𝑂4 2− + •𝑂𝐻 + 𝐻 +

(1.9)

𝑆𝑂4 •− + 𝑂𝐻 − → 𝑆𝑂4 2− + •𝑂𝐻

(1.10)

2 •𝑂𝐻 → 𝐻2 𝑂2

(1.11)

𝐻2 𝑂2 → 𝐻2 𝑂 + 𝑂2

(1.12)

Overall reaction:

2𝑆2 𝑂8 2− + 2𝐻2 𝑂 → 4𝑆𝑂4 2− + 𝑂2 + 4𝐻+

(1.13)

In the presence of an organic contaminant, SO4•- generated in reaction 1.8 will react with
contaminants according to the following reaction:
𝑆𝑂4 •− + 𝑐𝑜𝑛𝑡𝑎𝑚𝑖𝑛𝑎𝑛𝑡 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠

(1.14)

The branching between reactions 1.9, 1.10 and 1.14 is controlled by the concentration of
the contaminant and its reactivity with SO4•-. Under acidic and neutral pH, reactions 1.9
and 1.10 are very slow. Therefore, the transformation of contaminants is mainly
attributable to the reaction with SO4•- (reaction 1.14). At alkaline pH, the contribution of
•OH

to contaminant oxidation (reaction 1.5) could be significant because SO4•- can be

quickly converted into •OH via reaction 1.10. Therefore, depending on the pH at which
S2O82- is activated, either SO4•-, •OH, or both radicals can contribute to the oxidation of
contaminant. For example, Dogliotti and Hayon (1967) pointed out that conversion of
SO4•- to •OH is significantly enhanced above pH 8.5. More recently, it was also
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demonstrated that SO4•- was the dominant radical species below pH 7, both SO4•- and •OH
were present at pH 9, and •OH was dominant at pH 12 (Liang and Su, 2009).
The rates of S2O82- decomposition and reactive radical generation depend on the solution
temperature. The half-life of persulfate decomposition ranges from 4.8 months to 8.6
hours at 30°C and 70°C, respectively (Johnson et al., 2008). As a result, increasing solution
temperature will accelerate the production of SO4•- and •OH and therefore speed up
contaminant oxidation. For example, it has been shown that contaminants such as
chlorinated solvents (Waldemer et al., 2007), petroleum hydrocarbons (Huang et al.,
2005), herbicides (Ji et al., 2015a; Tan et al., 2012; Romero et al., 2010), and
pharmaceuticals (Ghauch et al., 2012; Ghauch and Tuqan, 2012; Tan et al., 2013; Oncu et
al., 2015; Ji et al., 2015b) can be completely destroyed within a few hours with S2O82- that
was activated at 40-70°C.
While most studies looked at the effect of temperature on the rates of S2O82- activation
and contaminant transformation, a few studies suggest that temperature may have other
effects beyond controlling reaction rates. For example, a study found that higher
activation temperatures produced a greater fraction of toxic brominated and iodinated
disinfection byproducts (Chu et al., 2016). Another study by Mora et al. (2011) showed
that phenol transformation by activated S2O82- occurred via polymerization at higher
temperatures and hydroxylation at lower temperatures (Mora et al., 2011). These results
suggest that temperature may control the pathway through which contaminants are
transformed by heat-activated S2O82-, a phenomenon that merits further investigation.
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Methods to thermally activate S2O82- in situ include injection of steam, co-injection of
H2O2, and applying either DC or AC current to induce electrical resistance heating. The
injection of steam into the subsurface has been widely employed to extract volatile
organic compounds (VOCs) from the subsurface. This technology, also known as in situ
remediation by vapour extraction, relies on the increased volatility of the compound of
interest at high temperature to strip it from the liquid phase to the gas phase, and extract
it (e.g., by a vacuum pump) out of the subsurface. The technology is relatively mature and
can be readily employed to activate S2O82- once S2O82- is delivered into the subsurface.
Heat can also be introduced in situ by addition of H2O2. Remediation practitioners who
injected H2O2 together with S2O82- observed that the rate at which S2O82- is activated was
significantly increased in the presence of H2O2 (Crimi and Taylor, 2007). It was speculated
that the reaction between H2O2 and S2O82- resulted in the activation of the latter.
However, the most plausible explanation for the role of H2O2 is that the decomposition
of H2O2 by iron- and manganese-containing minerals liberates heat, which results in the
activation of S2O82- (Waldemer et al., 2007; Huling and Pivetz, 2007). Another benefit of
adding H2O2 is that the decomposition of H2O2 produces O2 bubbles, which could enhance
mixing in the subsurface and therefore decrease mass transport limitation. Thermal
activation of S2O82- by electrical resistance heating involves passing direct (DC) or
alternating (AC) current between the areas of interest. When employed in S2O82--based
ISCO DC can be used to migrate S2O82-, a negatively charged ion, from cathode to anode
thereby enhancing the distribution of S2O82- in the subsurface. Once the S2O82- has been

9

delivered to the target contaminated area, DC is switched to AC to heat the subsurface
up and activate S2O82-.
1.2.2.2 Activation by Base

At basic pH, S2O82- is decomposed via the following reactions:
𝑆2 𝑂8 2− + 𝐻2 𝑂 + 𝑂𝐻 − → 𝑆𝑂4 2− + 𝐻𝑆𝑂5 2− + 2𝐻 +

(1.15)

𝐻𝑆𝑂5 2− + 𝐻2 𝑂 + 𝑂𝐻 − → 𝑆𝑂4 2− + 𝐻𝑂2 − + 𝐻 +

(1.16)

𝐻𝑂2 − + 𝑆2 𝑂8 2− → 𝑆𝑂4 •− + 𝑆𝑂4 2− + 𝐻 + + 𝑂2 •−

(1.17)

Therefore, increasing solution pH will accelerate the rates of S2O82- decomposition via
reactions 1.15 and 1.16, and the generation of SO4•- via reaction 1.17. The SO4•- radical
produced in reaction 1.17 can further react with contaminants (reaction 1.14), or react
with hydroxide (Hayon et al., 1972):
𝑆𝑂4 •− + 𝑂𝐻 − → 𝑆𝑂4 2− + •𝑂𝐻

k = 6.5 x 107 M-1s-1

(1.18)

As pH increases reaction kinetics for the conversion of SO4•− to •OH (reaction 1.15)
become more favourable than competing reactions, e.g., the reaction between SO4•− and
a given contaminant (reaction 1.14). For example, at pH 12 the product of hydroxide ion
concentration, [OH-] = 10-2 M, and reaction rate constant, k18 = 6.5 x 107 M-1s-1 gives an
observed reaction rate of 6.5 x 105 s-1. Meanwhile, assuming a typical contaminant
concentration of 10M and reaction rate constant with SO4•− of k = 109 M-1s-1, the
observed reaction rate between the contaminant and SO4•− would be 109 M-1s-1 x 10-5 M
= 104 s-1. Thus, reaction 1.18 will be the predominant pathway through which SO4•− is
consumed. This reaction produces •OH, which in turn will oxidize contaminants via
reaction 1.5. Consistent with this analysis, studies have observed that •OH is the
10

dominant radical species responsible for contaminant oxidation at pH 11 and above (Liang
and Su, 2009; Norman et al., 1970; Dogliotti and Hayon, 1967).
The activation of persulfate by base in situ is realized by co-injecting a strong base (e.g.,
NaOH or KOH). While this is a widely used remediation approach, raising solution pH could
be challenging in a subsurface with high natural buffering capacity. Raising the solution
pH can also exacerbate the scavenging of SO4•- and •OH by carbonate ion (CO32-), thereby
decreasing the radical availability for reacting with contaminants (discussed further in
section 1.3.3).
1.2.2.3 Activation by Dissolved Iron

Dissolved iron(II) reacts with persulfate via a single-electron transfer process that
produces SO4•- and iron(III):
𝑆2 𝑂8 2− + 𝐹𝑒 2+ → 𝑆𝑂4 •− + 𝐹𝑒 3+ + 𝑆𝑂4 2−
(Kolthoff et al., 1951)

(1.19)

The Fe3+ ion produced in the above reaction can be reduced back to Fe2+ via reaction with
another persulfate molecule:
𝐹𝑒 3+ + 𝑆2 𝑂8 2− → 𝑆2 𝑂8 •− + 𝐹𝑒 2+
(Liu et al., 2016)

(1.20)

The cycling between Fe2+ and Fe3+ helps sustain the decomposition of persulfate and
generation of SO4•-. However, the iron redox cycling can be disrupted if Fe3+ precipitates
out of the solution. While iron precipitates can also activate persulfate, their reactivity is
much lower than that of dissolved iron. The solubility of Fe can be enhanced by adding a
chelating agent such as Ethylenediaminetetraacetic acid (EDTA) or citric acid (Stumm and
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Morgan, 1996). The chelating agent helps to retain iron in the solution by forming
dissolved complexes:
[𝐹𝑒(𝐻2 𝑂)6 ]3+ (𝑎𝑞) + 𝐸𝐷𝑇𝐴4− (𝑎𝑞) → [𝐹𝑒(𝐸𝐷𝑇𝐴)]− (𝑎𝑞) + 6𝐻2 𝑂

(1.21)

In addition to enhancing the solubility of iron, chelating agents can have other effects on
the chemistry of iron and persulfate, and the degradation of contaminants. For example,
while the reaction between Fe2+ and persulfate produces SO4•- (reaction 1.19), the
reaction between Fe-EDTA and persulfate produces •OH (Liang et al., 2009). Compared
with Fe3+, Fe-EDTA also reacts with persulfate at a much faster rate. Additionally, EDTA is
an organic molecule that can react with both •OH and SO4•-. Therefore, addition of excess
amount of EDTA should be avoided to prevent EDTA outcompeting the contaminant for
the reactive radical species.
1.3.3 Effect of Background Solutes on Contaminant Oxidation by •OH and SO4•As discussed above, soil and groundwater contain a variety of constituents (e.g., OH-, ironand manganese-containing minerals) that may contribute to the activation of persulfate.
At the same time, there are constituents that can react with •OH and SO4•−, thereby
decreasing radical availability for contaminant oxidation. Whether the contaminant can
outcompete background solutes for •OH and SO4•− is determined by the concentration of
each species in the solution and their reactivity with the reactive radical species. For
example, bicarbonate (HCO3-), which is ubiquitous in groundwater, reacts with SO4•− very
slowly:
𝑆𝑂4 •− + 𝐻𝐶𝑂3 − → 𝑆𝑂4 2− + 𝐻𝐶𝑂3 •

k = 1.6 x 106 M-1s-1

(1.22)
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However, the concentration of HCO3- in groundwater is typically orders of magnitude
greater than that of a contaminant (e.g., 0.01 M HCO3- vs 10-5 M contaminant). Assuming
that the reaction rate between the contaminant and SO4•− is k = 109 M-1s-1, the observed
rate of the reaction between the contaminant and SO4•− would be 109 M-1s-1 x 10-5 M =
104 s-1. Similarly, the observed rate of reaction 1.22 would be 1.6 x 106 M-1s-1 x 0.01 M =
1.6 x 104 s-1. The observed rate values indicate that at least 50% of the SO 4•− produced
from the activation of persulfate would react with bicarbonate instead of with the
contaminant. As such, the rate of contaminant transformation observed in the presence
of bicarbonate will be significantly slower than that observed in the absence of
bicarbonate. Note that the effect of carbonate species (i.e., H2CO3, HCO3-, and CO32-) is
dependent on the pH of solution. When persulfate is activated by base, the predominant
carbonate species at pH > 12 would be CO32-:
𝐻𝐶𝑂3 − ↔ 𝐶𝑂3 2− + 𝐻 +

pKa2 = 10.3

(1.23)

The scavenging of •OH by carbonate would be more pronounced because CO32- is much
more reactive with •OH:
𝑂𝐻 + 𝐻𝐶𝑂3 − → 𝑂𝐻 − + 𝐻𝐶𝑂3 •
(Buxton and Elliot, 1986)
•

𝑂𝐻 + 𝐶𝑂3 2− → 𝑂𝐻 − + 𝐶𝑂3 •−

•

k = 8.5 x 106 M-1s-1

(1.24)

k = 4.2 x 108 M-1s-1

(1.25)

(Weeks and Rabani, 1966)

In contrast, when persulfate is activated by heat, Fe-EDTA, or naturally-occurring
minerals, the solution pH usually drop quickly to pH < 5 because the decomposition of
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persulfate generates H+ (reaction 1.13). The predominant carbonate species at this pH is
H2CO3:
𝐻2 𝐶𝑂3 ↔ 𝐻𝐶𝑂3 − + 𝐻 +

pKa1 = 6.4

(1.26)

Since H2CO3 does not react with •OH and SO4•− to an appreciable extent (k < 105 M-1s-1),
the effect of carbonate on the rate of contaminant oxidation would be minimal at this pH.
In addition to carbonate species, the solutes in groundwater that can compete with a
contaminant for SO4•− include chloride, dissolved metals, natural organic matter (NOM)
and others.
𝑆𝑂4 •− + 𝐶𝑙 − → 𝑆𝑂4 2− + 𝐶𝑙 •
(Padmaja et al., 1993)

k = 2.6 x 108 M-1s-1

(1.27)

𝑆𝑂4 •− + 𝑁𝑂𝑀 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠
(Ahn et al., 2017)

k = 106 - 107 MC-1s-1

(1.28)

𝑆𝑂4 •− + 𝐹𝑒 2+ → 𝐹𝑒 3+ + 𝑆𝑂4 2−
(Neta et al., 1988)

k = 9.9 x 108 M-1s-1

(1.29)

Taking into account the competition for SO4•− from all solutes present in groundwater,
the fraction of SO4•− available for reacting with the contaminant of interest can be as little
as 1% of the amount produced from S2O82- activation. Therefore, it is important to
evaluate the effects of the soil and groundwater matrix on S2O82- consumption and
contaminant transformation when designing a remediation system. These effects can be
investigated by conducting treatability tests in the laboratory, which help estimate the
persistence of S2O82- in the subsurface, the amount of persulfate required, and the rate of
contaminant transformation.
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It is noted that although NOM and Cl- can react with SO4•−, the effect of these solutes on
the chemistry of S2O82- is rather complex. In particular, a recent study reported that
organic matter, specifically the phenol and quinone moieties in the organic matter, can
also activate S2O82- (Fang et al., 2013; Ahmad et al., 2013). The activation is described by
the reactions below:
𝑄 + 𝐻2 𝑄 → 2𝑆𝑄 •− + 2𝐻 +

(1.30)

𝑆𝑄 •− + 𝑆2 𝑂8 2− → 𝑄 + 𝑆𝑂4 •−
(Fang et al., 2013)

(1.31)

𝑃ℎ𝑂− + 𝑆2 𝑂8 2− → 𝑆𝑂4 2− + 𝑆𝑂4 •− + 𝑃ℎ𝑂𝑜𝑥
(Ahmad et al., 2013)

(1.32)

n.b. where Q, SQ, and Ph, represent quinone, semiquinone, and phenol moieties
respectively, and PhOox are oxidized phenol products

Therefore, on one hand NOM can compete with contaminants for SO4•−, thereby
decreasing the rate at which contaminants are transformed. On the other hand, NOM can
accelerate the rate of SO4•− production by serving as a S2O82- activator. Another effect of
NOM on the persulfate-based ISCO is that the reaction between NOM and persulfate will
accelerate the consumption of S2O82-, decreasing its longevity in the subsurface.
Regarding chloride, the reaction between SO4•− and Cl- produces Cl•, which is then
involved in a series of reactions that can produce either •OH or ClO3-:
𝑆𝑂4 •− + 𝐶𝑙 − → 𝑆𝑂4 2− + 𝐶𝑙 •

(Padmaja et al., 1993)

(1.33)

𝐶𝑙 • + 𝐻2 𝑂 → 𝐻𝑂𝐶𝑙 •− + 𝐻 +

(Buxton et al., 1998)

(1.34)

𝐻𝑂𝐶𝑙 •− + 𝐻2 𝑂 → 𝑂𝐻 • + 𝐶𝑙 −

(Jayson et al., 1973)

(1.35)

𝐶𝑙 • + 𝐶𝑙 − ↔ 𝐶𝑙2 •−

(Nagarajan and Fessenden, 1985)

(1.36)
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𝐶𝑙2 •− + 𝐶𝑙2 •− → 𝐶𝑙2 + 2𝐶𝑙 −

(Yu et al., 2004)

𝐶𝑙2 + 𝐻2 𝑂 → 𝐻𝑂𝐶𝑙 + 𝐶𝑙 − + 𝐻 +

(Lifshitz and Perlmutter-Hayman, 1960) (1.38)

𝐻𝑂𝐶𝑙 ↔ 𝐻 + + 𝐶𝑙𝑂−

(Haag and Hoigne, 1983)

(1.39)

𝐶𝑙𝑂− + 𝑂𝐻 • → 𝐶𝑙𝑂• + 𝑂𝐻 −

(Buxton and Subhani, 1972)

(1.40)

(1.37)

2𝐶𝑙𝑂• + 𝐻2 𝑂 → 𝐶𝑙𝑂− + 𝐶𝑙𝑂2 − + 2𝐻 + (Kläning and Wolff, 1985)

(1.41)

𝐶𝑙𝑂2 − + 𝑂𝐻 • → 𝐶𝑙𝑂2 • + 𝑂𝐻 −

(Kläning et al., 1985)

(1.42)

𝐶𝑙𝑂2 • + 𝑂𝐻 • → 𝐶𝑙𝑂3 − + 𝐻 +

(Kläning et al., 1985)

(1.43)

The reaction between SO4•− and Cl- at neutral pH produces •OH. Therefore, Cl- is not
considered to be a competing solute because the reaction produces another strong
oxidant that can react with contaminants. At pH < 5, Cl- is considered as a radical
scavenger (i.e., competing solute) because the reaction did not produce a secondary
radical that can be used to oxidize contaminants. Moreover, the reaction at this pH
produces ClO3-, a potentially toxic compound. In S2O82--based ISCO (except base-activated
S2O82-), the pH of groundwater can drop quickly to as low as pH < 3 upon addition of S2O82because the decomposition of persulfate produces H+. As such, the effect of Cl- on the
kinetics of contaminant transformation and the production of ClO3- when pH drops to
below 5 should be considered when designing and operating persulfate-based ISCO
remediation systems. As will be discussed in chapter 4, the effect of Cl- is particularly
relevant to the remediation of chlorendic acid.
1.2 Organization of Subsequent Chapters
The overall objective of this dissertation is to gain better insights into factors affecting the
efficiency of contaminant oxidation by heat- and mineral-activated persulfate. Chapter 2
describes the materials, experimental design, and analytical techniques employed in
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subsequent chapters. Chapter 3, entitled “Oxidation of benzoic acid by heat-activated
persulfate: Effect of temperature on transformation pathway and product distribution”,
is a paper that was published in Water Research on April 28, 2017. This paper used benzoic
acid as a model compound to examine the effect of temperature on the transformation
mechanism, formation of byproducts, and S2O82- utilization efficiency. Chapter 4, entitled
“Mechanistic study of chlorendic acid removal by heat-activated persulfate”, is a
manuscript that is under preparation for a journal publication. This chapter assesses heatand mineral-activated persulfate as means of destroying chlorendic acid, which is a toxic
organo-chloride flame retardant whose fate and transformation has not been thoroughly
investigated. The ability of persulfate to destroy chlorendic acid was investigated in
synthetic solutions prepared in the laboratory. The last chapter, Chapter 5, summarizes
key findings and discusses future research directions. A list of references is provided at
the end of each chapter.
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2.0 Materials and Methods
2.1 Chemicals
All chemicals were of ACS reagent grade and were used without further purification.
Benzoic acid, potassium persulfate, potassium iodide, potassium phosphate, and sodium
bicarbonate were obtained from VWR International. Chlorendic acid, methyl tert-butyl
ether (MTBE), sodium persulfate and other organic compounds (o, m, p-hydroxybenzoic
acids, phenol, catechol, hydroquinone, 4-nitrobenzoic acid) were obtained from SigmaAldrich. All solutions were prepared using 18.2 MΩ·cm water (Millipore System).
2.2 Experimental Setup
Persulfate activation and benzoic acid (BA) oxidation experiments were conducted in 16
mL sealed test tubes that contained 10 mL of reaction solution. The initial concentrations
of BA and persulfate were 0.1 – 5 mM and 1 mM, respectively. In remediation practice,
the concentration of persulfate is usually much higher than the concentration of
contaminants. In our study, lower [persulfate]/[BA] ratios were employed such that BA
would be the predominant SO4•- scavenger. This approach allowed us to quantify and
compare persulfate utilization efficiency and also to follow the formation of the
breakdown products. The solution pH was buffered by 20 mM phosphate, and the pH was
adjusted to an initial value of pH 7.5 using 1 M NaOH or 1 M H 2SO4. The pH of solutions
remained in the pH range 7.3 – 7.8 at all times during the course of the experiments.
Experiments were carried out at ambient temperature (T = 22 ± 1°C) or in a water bath (T
= 35, 50, and 70°C). At predetermined time intervals, 2 or 3 reactor tubes were sacrificed
and the reactions were immediately quenched in an ice bath. Subsequently, aliquots were
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subsampled from each test tube and analyzed for persulfate, benzoic acid and its
oxidation products, and total organic carbon (TOC).
Regarding chlorendic acid (CA), the degradation of CA by heat-activated S2O82- was
observed in homogenous solutions (i.e., solid-free solutions) to systematically investigate
the effect of pH as well as solutes such as HCO3- and Cl- on the rate of CA transformation.
The experiments were conducted in 16 mL sealed test tubes that contained 10 mL of
reaction solution. The solution was comprised of CA (50 - 100 μM), S2O82- (1 mM), HCO3(0 mM or 10 mM), chloride (0 mM or 5 mM), and benzoic acid (a model for competing
contaminants, 10-100 μM). The solution pH was adjusted to pH 4 or 8 using 1 M H2SO4 or
1 M NaOH. The solution also contained 50 mM sodium sulfate, which served as
background electrolyte to mitigate fluctuations in ionic strength caused by the production
and consumption of ions.
Reactors were manually shaken daily and a water bath was used to control temperature
to 40 or 70°C. In the case of room temperature experiments, reactors were placed on the
bench. At predetermined time intervals, the activation of persulfate was quenched by
submerging reactors in an ice bath, and the solution pH, oxidation-reduction potential
(ORP), together with the concentrations of persulfate, chlorendic acid, chloride, chlorate,
and total organic carbon (TOC) were measured. Experiments were performed in triplicate
and average values along with one standard deviation are reported.
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2.3 Analytical Methods
Persulfate was measured spectrophotometrically using a modification of the Kolthoff
potassium iodide method (Kolthoff and Belcher, 1957). TOC was measured on a Shimadzu
organic carbon analyzer. Aromatic compounds and other organic acids were analyzed on
a Thermo Scientific Ultimate 3000 ultra-high performance liquid chromatograph (UHPLC)
equipped with a UV/vis photodiode array detector. For benzoic acid, 1 mL samples were
acidified with 50 L of 1 M H2SO4 prior to analysis. In addition, 50 L of methanol was
added to each sample to quench any oxidation reactions between organic compounds of
interest and persulfate. Organic compound separation was carried out using a 4.6 mm ×
100 mm C18 5m column. The mobile phase consisted of acetonitrile (ACN) and 1 mM
H2SO4 and the chromatographic condition was programmed as follows: 1) minutes 0 – 3:
85% ACN, 15% of 1 mM H2SO4, flow rate of 0.7 mL/min; 2) between minutes 3 – 3.1, the
flow rate was increased to 1 mL/min and was held at this value between minutes 3.1 and
6; 3) minutes 6 – 6.1: the eluent composition was changed to 70% ACN and 30% of 1mM
H2SO4 and held at this composition until the end of the run. Benzoic acid and its
transformation products were detected with UV absorbance detection at 235 nm (3hydroxybenzoic acid), 255 nm (4-hydroxybenzoic acid), 271 nm (benzoic acid, phenol,
catechol, and hydroquinone), and 303 nm (2-hydroxybenzoic acid).
In the case of the homogenous CA experiments, 1 mL samples were acidified with 50 μL
of 1 M H2SO4 prior to HPLC analysis. In addition, 50 μL of methanol was added to each
sample to quench any further oxidation reactions between CA and persulfate. The mobile
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phase consisted of 70% ACN and 30% 1 mM H2SO4 at a flow rate of 0.8 mL/min. Chlorendic
acid was detected with UV absorbance detection at 220 nm.
Experiments were conducted in duplicate or triplicate, and average values along with one
standard deviation are reported.
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3.0 Oxidation of Benzoic Acid by Heat-Activated Persulfate: Effect of
Temperature on Transformation Pathway and Product Distribution
Reproduced with permission from Zrinyi, N; Pham, A.L.T. Oxidation of benzoic acid by
heat-activated persulfate: effect of temperature on transformation pathway and product
distribution. Water Research 2017, 120, 43-51.
Copyright 2017 Elsevier Ltd.
3.1 Introduction
Peroxydisulfate (or simply persulfate, S2O82-) is being increasingly used in advanced
oxidation processes for treatment of wastewater and industrial waste, and in situ
chemical oxidation (ISCO) for remediation of contaminated soil and groundwater (Huling
et al., 2006; Tsitonaki et al., 2010; Deng and Ezyske, 2011; Siegrist et al., 2011; Drzewicz
et al., 2012; Ahn et al., 2013; Yang et al., 2014; Lutze et al., 2015; Sun et al., 2016). In these
applications, persulfate is activated into sulfate and hydroxyl radicals (SO4•- and •OH),
powerful oxidants that can oxidize a wide range of organic contaminants. Common
persulfate activators include heat (Waldemer et al., 2007; Johnson et al., 2009; Constanza
et al., 2010), ultraviolet light (Yang et al., 2014; Sun et al., 2016), dissolved metals and
metal oxides (Anipsitakis and Dionysiou, 2004; Ahmad et al., 2010; Sra et al., 2010;
Drzewicz et al., 2012; Ahn et al., 2013; Liu et al., 2014), and alkaline solutions (Singh and
Venkatarao, 1976; Furman et al., 2010).
Persulfate-based ISCO involves the injection of S2O82- into the subsurface where it is
activated by naturally present iron- and manganese-containing minerals, or by dissolved
iron ions that are co-injected with S2O82- (Tsitonaki et al., 2010). The injection of a base
into the subsurface is also being employed to activate S2O82-, although the utility of this
approach can be relatively limited at sites with strong natural buffering capacity (Tsitonaki
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et al., 2010). Heat is another widely used S2O82- activator in ISCO. In situ thermal activation
of S2O82- is achieved through various approaches including steam injection, hydrogen
peroxide (H2O2) addition (the rapid decomposition of H2O2 releases heat) (Tsitonaki et al.,
2010), or by the EK-TAP technology (Reynolds, 2014). EK-TAP employs direct current to
electrokinetically (EK) enhance the migration of S2O82- in the subsurface, and alternating
current to heat the subsurface up and thermally activate persulfate (TAP) (Reynolds,
2014). A distinct feature of EK-TAP is that both the EK and the TAP processes use the same
electrode wells: once the persulfate migration process is completed, the direct current is
switched to alternating current to activate S2O82-.
Previous studies investigating the degradation of contaminants by heat-activated S2O82focused primarily on the effect of temperature on the rates of S 2O82- consumption and
contaminant removal. In contrast, with only a few exceptions the influence of
temperature on the nature and distribution of contaminant degradation products has
received little attention. A recent study by Mora et al. (Mora et al., 2011) reported that
the primary products generated when phenol was subjected to S 2O82- treatment at 70°C
were polymer-type products, whereas room temperature treatments produced
hydroxylated phenols (Anipsitakis et al., 2006; Mora et al., 2011). Temperature appeared
to control the ratio between iodinated- and brominated-disinfection products (I-DBPs and
Br-DBPs) when a surface water sample was treated with S2O82- (Chu et al., 2016). In this
study, I-DBPs were the predominant products at T < 35°C whereas the Br-DBPs became
increasingly important at above 35°C. Collectively, these observations are significant for
the design and operation of persulfate-based treatment systems, and suggest that the
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role of temperature in the S2O82--based treatment systems beyond controlling the rate of
persulfate activation merits further investigation.
In this study, through the transformation of benzoic acid we reported and discussed how
temperature can affect the pathways through which contaminants are transformed and
the distribution of breakdown products in heat-activated persulfate systems. Benzoic acid
(BA) was chosen as a model compound for the following reasons: 1) the oxidation
reactions of BA by •OH and SO4•- are relatively well-characterized: whereas •OH oxidizes
BA via a hydroxylation mechanism (e.g., Zhou and Mopper, 1990), SO4•- oxidizes BA via a
hydroxylation and Kolbe-type decarboxylation mechanisms (Madhavan et al., 1978;
Zemei and Fessenden, 1978). The studies by Madhavan et al. and Zemei and Fessenden
suggested that the decarboxylation of BA by SO4•- produces a phenyl radical (C6H5•). We
note that the subsequent fate of C6H5• and factors affecting the branching between the
hydroxylation and decarboxylation reactions were not discussed in those studies; 2) BA
has been used as a model for the aromatic fraction of naphthenic acids (Yang et al. 2014);
and 3) BA and does not adsorb to glassware or volatilize at elevated temperature to an
appreciable extent. This is particularly important because the loss of BA from the
experimental solution can be attributable to transformation and not adsorption or
volatilization.
We measured the rates of persulfate consumption, BA degradation, and product
formation to establish the reaction kinetics and transformation mechanism. The
transformation branching under different temperatures was investigated via establishing
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the time-concentration profiles of the products. In addition, the persulfate utilization
efficiency, defined as the amount of benzoic decomposed per mole of persulfate
consumed, was used to compare the efficiency of the persulfate treatment at different
temperatures.
3.2 Materials and Methods
3.2.1 Chemicals
All chemicals were of ACS reagent grade and were used without further purification.
Benzoic acid, potassium persulfate, potassium iodide, potassium phosphate, and sodium
bicarbonate were obtained from VWR International. Other organic compounds (o, m, phydroxybenzoic acids, phenol, catechol, hydroquinone, 4-nitrobenzoic acid) were
obtained from Sigma-Aldrich. All solutions were prepared using 18.2 MΩ·cm water
(Millipore System).
3.2.2 Experimental Setup
Persulfate activation and benzoic acid (BA) oxidation experiments were conducted in 16
mL sealed test tubes that contained 10 mL of reaction solution. The initial concentrations
of BA and persulfate were 0.1 – 5 mM and 1 mM, respectively. In remediation practice,
the concentration of persulfate is usually much higher than the concentration of
contaminants. In our study, lower [persulfate]/[BA] ratios were employed such that BA
would be the predominant SO4•- scavenger. This approach allowed us to quantify and
compare persulfate utilization efficiency and also to follow the formation of the
breakdown products. The solution pH was buffered by 20 mM phosphate, and the pH was
adjusted to an initial value of pH 7.5 using 1 M NaOH or 1 M H 2SO4. The pH of solutions
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remained in the pH range 7.3 – 7.8 at all times during the course of the experiments.
Experiments were carried out at ambient temperature (T = 22 ± 1°C) or in a water bath (T
= 35, 50, and 70°C). At predetermined time intervals, 2 or 3 reactor tubes were sacrificed
and the reactions were immediately quenched in an ice bath. Subsequently, aliquots were
subsampled from each test tube and analyzed for persulfate, benzoic acid and its
oxidation products, and total organic carbon (TOC).
3.2.3 Analytical Methods
Persulfate was measured spectrophotometrically using a modification of the Kolthoff
potassium iodide method (Kolthoff and Belcher, 1957). TOC was measured on a Shimadzu
organic carbon analyzer. Aromatic compounds were analyzed on a Thermo Scientific
Ultimate 3000 ultra-high performance liquid chromatograph (UHPLC) equipped with a
UV/vis photodiode array detector. Prior to analysis, 1 mL samples were acidified with 50
L of 1 M H2SO4. In addition, 50 L of methanol was added to each sample to quench any
oxidation reactions between organic compounds of interest and persulfate. Organic
compound separation was carried out using a 4.6 mm × 100 mm C18 5m column. The
mobile phase consisted of acetonitrile (ACN) and 1 mM H2SO4 and the chromatographic
condition was programmed as follows: 1) minutes 0 – 3: 85% ACN, 15% of 1 mM H2SO4,
flow rate of 0.7 mL/min; 2) between minutes 3 – 3.1, the flow rate was increased to 1
mL/min and was held at this value between minutes 3.1 and 6; 3) minutes 6 – 6.1: the
eluent composition was changed to 70% ACN and 30% of 1mM H2SO4 and held at this
composition until the end of the run. Benzoic acid and its transformation products were
detected with UV absorbance detection at 235 nm (3-hydroxybenzoic acid), 255 nm (431

hydroxybenzoic acid), 271 nm (benzoic acid, phenol, catechol, and hydroquinone), and
303 nm (2-hydroxybenzoic acid).
Experiments were conducted in duplicate or triplicate, and average values along with one
standard deviation are reported.
3.3 Results and Discussion
3.3.1 Effect of Temperature and Benzoic Acid Concentration on Rate of
Persulfate Loss
Persulfate decomposition took place over a period of several hours to months (Figure
3.1A). Consistent with the results reported in previous studies (e.g., House, 1962; Johnson
et al., 2009), the S2O82- decomposition rate increased with temperature. In the presence
of an initial BA concentration 2 mM, the half-lives of S2O82- decomposition were
approximately 3465, 433, 51, and 3.3 h in the T = 22, 35, 50, and 70°C experiments,
respectively. In addition, an increase in [BA]0 resulted in a faster S2O82- loss (Figure 3.1B).
Previous studies also observed that an increase in the concentration of organic
compounds accelerated the rate of S2O82- loss, presumably due to radical chain reactions
that propagated S2O82- decomposition (e.g., Liang et al., 2009; Liu et al., 2014). The
mechanism through which BA accelerated the decomposition of S2O82- is discussed in
section 3.3.3.
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Figure 3.1: A: Persulfate decomposition at different temperatures; [S 2O82-]0 = 1 mM, [BA]0 = 2 mM. B:
Persulfate decomposition at different initial concentrations of benzoic acid (BA); T = 70°C, [S2O82-]0 = 1 mM.
All experiments were buffered by 20 mM phosphate (pH = 7.3 – 7.8).

3.3.2 Benzoic Acid Degradation
BA loss was negligible at 70°C in the absence of S2O82- (data not shown), suggesting that
the loss in the presence of S2O82- (Figure 3.2) was due to transformation and not
adsorption or volatilization. The transformation of BA is attributable to the reaction
between BA and SO4•- and •OH radicals, which were produced from the heat-activated
S2O82-:
𝑆2 𝑂8 2− → 2𝑆𝑂4 •−

k1*

(3.1)

𝑆𝑂4 •− + 𝐻2 𝑂 → •𝑂𝐻 + 𝑆𝑂4 2− + 𝐻 +

k2 < 6×101 M-1s-1

(3.2)

𝑆𝑂4 •− + 𝑂𝐻 − → •𝑂𝐻 + 𝑆𝑂4 2−

k3 = 6×107 M-1s-1

(3.3)

𝑆𝑂4 •− + 𝑏𝑒𝑛𝑧𝑜𝑖𝑐 𝑎𝑐𝑖𝑑 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠

k4 = 1.2×109 M-1s-1

(3.4)

•

k5 = 5.9×109 M-1s-1

(3.5)

𝑂𝐻 + 𝑏𝑒𝑛𝑧𝑜𝑖𝑐 𝑎𝑐𝑖𝑑 → 𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠
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*The value

of k1 depends on the solution temperature and composition. The values for k2-k5 were
obtained from Neta et al. (Neta et al., 1988). These values were measured at T = 25°C.

Figure 3.2: Benzoic acid degradation at different temperatures. [S2O82-]0 = 1 mM, [BA]0 = 2 mM, pH = 7.3 –
7.8 (buffered by 20 mM phosphate).

In the case of the room temperature experiment, the contribution of •OH and SO4•- to the
oxidation of BA can be estimated by comparing the steady state concentration of each
radical. When [BA]0 = 2 mM, BA should be the primary SO4•- and •OH scavenger, because
these radicals react much slower with other solutes present in the solution (i.e.,
phosphate buffer, S2O82-, H2O and OH-). Therefore, the concentration of •OH can be
calculated according to the following equation:
𝑑[𝐻𝑂• ]
𝑑𝑡

= 𝑟𝑎𝑡𝑒 𝑜𝑓 𝑓𝑜𝑟𝑚𝑎𝑡𝑖𝑜𝑛 − 𝑟𝑎𝑡𝑒 𝑜𝑓 𝑙𝑜𝑠𝑠

𝑑[𝐻𝑂 • ]
= 𝑘2 [𝐻2 𝑂][𝑆𝑂4 •− ] + 𝑘3 [𝑂𝐻 − ][𝑆𝑂4 •− ] − 𝑘5 [𝐵𝐴][ •𝑂𝐻 ]
𝑑𝑡

At steady state:
[ •𝑂𝐻 ] = [𝑆𝑂4 •− ]

𝑘2 [𝐻2 𝑂]+𝑘3 [𝑂𝐻 − ]
𝑘5 [𝐵𝐴]
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When pH = 7.5 and [BA]0 = 2 mM, using the k values above it is predicted that [SO4•-]ss
should be 3000 times greater than [•OH]ss. Therefore, the rate of BA oxidation by SO4•should be approximately 600 times faster than that by •OH. In the case of the 35 – 70°C
experiments, it was not possible to compare [•OH]ss and [SO4•-]ss using the approach
above because the k values at these temperature are not available. To investigate the
importance of •OH and SO4•- at 70°C, the degradation of BA was investigated in the
presence of 4-nitrobrenzoic acid (NBA), which is a compound that reacts quickly with •OH
(kOH = 2.6×109 M-1s-1) but very slowly with SO4•- (kSO4 ≤ 106 M-1s-1) (Neta et al., 1988). As
can be seen from Figure 3.3, the presence of NBA slightly retarded the rate of BA
degradation, suggesting that •OH might have contributed to the oxidation of BA.
However, [•OH]ss in this experiment must have been very small because only less than 1%
of the initial NBA was degraded. Therefore, the transformation of BA in the 70°C
experiment is mainly attributable to the reaction with SO4•-.

Figure 3.3: Benzoic acid (BA) degradation in the absence and presence of 4-nitrobenzoic acid (NBA).
[S2O82-]0 = 1 mM, pH = 7.3 – 7.8, [BA]0 = 0.1 mM, [NBA]0 = 0.13 mM.
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3.3.3 Product Formation and Transformation Mechanism
Concurrent with the disappearance of benzoic acid was the formation of a suite of
products. The products that were identified by HPLC/UV-vis are phenol, catechol,
hydroquinone, and hydroxybenzoic acids (o-, m-, and p-HBA) (Figure 3.4). The mechanism
through which these products are formed is proposed as follows. Unlike the reaction
between BA and •OH which results in the addition of a hydroxyl group to the aromatic
ring (Zhou and Mopper, 1990), the reaction between BA and SO4•- proceeds via a one
electron transfer step that produces a carboxyphenyl radical intermediate (reaction 6 in
Scheme 3.1). According to the previous studies (Madhavan et al., 1978; Zemei and
Fessenden, 1978), the carboxyphenyl radical then either undergoes decarboxylation to
produce a phenyl radical C6H5• (reaction 7), or reacts with H2O to produce a
hydroxycyclohexadienyl radical (reaction 8). Upon reacting with an oxidant (e.g., O2
and/or S2O82-), the hydroxycyclohexadienyl radical is converted into o-, m-, and p-HBAs
(reactions 19 and 20).
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Figure 3.4: A typical HPLC chromatogram of samples taken from the benzoic acid oxidation experiments.
The identified byproducts were phenol, catechol, hydroquinone, o-hydroxybenzoic acid, m-hydroxybenzoic
acid, and p-hydroxybenzoic acid.
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Scheme 3.1: Mechanism of benzoic acid transformation by heat-activated persulfate. Inset: the mechanism
through which hydroquinone and catechol are formed from the phenoxyl radical.

The fate of the phenyl radical, C6H5•, was not discussed in the previous studies. The
formation of phenol, catechol, and hydroquinone, namely the aromatic compounds that
did not retain the carboxylic group, suggests that these products must have been
produced from C6H5•. This transformation is proposed as follows. In the first step, C 6H5•
reacts with O2 to generate a peroxyl radical C6H5O2• (reaction 9). This is likely a fast
reaction as the reaction rate constants between carbon-centered radicals (R•) and O2 are
typically in the order of 109 M-1s-1 (Adams and Willson, 1969). Subsequently, C6H5O2•
undergoes bimolecular disproportionation to form a phenoxyl radical C6H5O• (reaction
10). Further, C6H5O• can either undergo radical coupling to give dimer-type products
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(reaction 11), or can react with other constituents in the solution. The reaction between
phenoxyl radicals and reductants can generate phenolate ions (Neta et al., 1988). In our
system, it is not clear which solute reacted with C6H5O• to produce phenol (reaction 12).
In •OH-based oxidative systems, catechol and hydroquinone are often direct products of
phenol oxidation (e.g., Zazo et al., 2005). This is not the pathway through which catechol
and hydroquinone were formed in our system because the oxidation of phenol by S 2O82at T = 70°C did not produce these compounds (Figure 3.5). This result is consistent with
that of Mora et al. who proposed that the oxidation of phenol by S2O82- at 70°C primarily
produced polymer-type products (reaction 13 in Scheme 3.1) (Mora et al., 2011). The
oxidation of HBAs (i.e., the other direct products of BA oxidation) did not generate
catechol and hydroquinone either (Figure 3.5). Therefore, the catechol and hydroquinone
in our system most likely came directly from C6H5O•. This transformation, represented by
reaction 14 and described in more detail in the inset of Scheme 3.1 consists of multiple
rearrangement, addition and elimination steps (Altwicker, 1967).
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Figure 3.5: A typical HPLC chromatogram of samples taken from the phenol hydroxybenzoic acid oxidation
experiments. The chromatogram suggests that catechol, hydroquinone, as well as other hydroxylated
aromatic compounds, were not produced when phenol or HBAs were oxidized by SO4•-. [S2O82-]0 = 1 mM,
[2-HBA]0, [3-HBA]0, or [4-HBA]0 = 2 mM, pH = 7.3 – 7.8 (buffered by 20 mM phosphate), T = 70 ºC.

The involvement of the C6H5O• radical in the transformation scheme is further supported
by an experiment in which the transformation of BA was investigated in the presence of
2 M CuCl2. In this experiment, phenol exhibited a time-concentration profile similar to
that in the absence of Cu(II), but neither catechol nor hydroquinone were formed (Figure
3.6). The cupric ion, a superoxide dismutase (Zafirou et al., 1998), must have reacted with
the C6H5O2• radical and converted it into a C6H5+ carbocation (Reaction 3.6). Upon reacting
with H2O, the C6H5+ is converted into phenol (Reaction 3.7), but not catechol or
hydroquinone.
𝐶6 𝐻5 𝑂2 • + Cu(II) → 𝐶6 𝐻5 + + 𝑂2 + 𝐶𝑢(𝐼)

(3.6)

𝐶6 𝐻5 + + 𝐻2 𝑂 → 𝐶6 𝐻5 OH + 𝐻 +

(3.7)
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Figure 3.6: Evolution of aromatic byproducts produced from the oxidation of benzoic by persulfate in the
presence of 2 μM CuCl2. T = 70°C, [S2O82-]0 = 1 mM, [BA]0 = 2 mM, pH = 7.3 – 7.8 (buffered by 20 mM
phosphate).

The time-concentration profiles of the decarboxylated products are distinct from each
other (Figure 3.7). Whereas the concentration of phenol progressively increased, the
concentration of catechol first increased then plateaued (in the T = 70°C experiment) or
decreased (in the T = 22, 35, 50°C experiments). In all experiments, hydroquinone was
always detected but its concentration never exceeded 3 M. These results suggest that
catechol and hydroquinone underwent further transformation (reactions 15 and 16 in
Scheme 3.1). The experiments testing the reactivity of catechol and hydroquinone with
S2O82- suggest that hydroquinone is very reactive with S2O82-. At room temperature,
hydroquinone was converted into benzoquinone within minutes (Figure 3.8). This
observation is consistent with the fact that hydroquinone never accumulated in the BA
experiments. Therefore, the transformation of hydroquinone is attributable to the
oxidation by S2O82- via a two-electron transfer reaction (reaction 15) rather than by
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SO4•-. In contrast, phenol and catechol did not appreciably react with S 2O82- at room
temperature, and were oxidized (most likely by SO4•-) at similar rates at T = 70°C (Figure
3.9). Therefore, the transformation of phenol and catechol is attributable to their reaction
with SO4•- (reactions 13 and 16, respectively).

Figure 3.7: Evolution of aromatic byproducts produced from the oxidation of benzoic by heat-activated
persulfate at T = 22 – 70°C. [S2O82-]0 = 1 mM, [BA]0 = 2 mM, pH = 7.3 – 7.8 (buffered by 20 mM phosphate).
Note that these figures have different axis scales.
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Figure 3.8: Uv-vis spectra of samples taken from the 1,4-hydroquinone oxidation experiment. [S2O82-]0 = 1
mM, [hydroquinone]0 = 0.1 mM, pH = 7.3 – 7.8, T = 22°C.

Figure 3.9: Phenol (left) and catechol (right) loss. [S2O82-]0 = 1 mM, pH = 7.3 – 7.8 (buffered by 20 mM
phosphate), T = 70 ºC.

The identified products only accounted for 35 – 50% of the amount BA degraded (Figure
3.10). The unaccounted products could be polymer-type (produced from reactions 11 and
13) and/or ring-cleavage ones. The latter can be formed when one of the downstream
products is further oxidized by SO4•- (e.g., reactions 16, 17, 22). The ring-cleavage
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products also can be produced directly from the hydroxyhexadienyl radical when it reacts
with O2 or S2O82- (reactions 18 and 21) (Liu et al., 2016).

Figure 3.10: Evolution of total concentration of aromatic byproducts compared to the total concentration
of BA degraded. in the T = 70 ºC, [S2O82-]0 = 1 mM, [BA]0 = 2 mM, pH = 7.3 – 7.8 (buffered by 20 mM
phosphate).

In the T = 70°C, [BA]0 = 2 mM experiment, TOC decreased by approximately 10% (Figure
3.11). The decrease is only partially due to reaction 7 because the amount of TOC
produced via decarboxylation does not account for the TOC loss measured
experimentally. The initial TOC concentration in this experiment was [TOC]0 = 12 (g
C/mole) × 7 (# mole C/mole BA) × 2 mM BA = 168 mg C/L. At t = 8h, approximately 0.5
mM BA was degraded (Figure 3.1B in the main text). If the decarboxylation of BA were
the only pathway that converted the organic carbon into CO2, the TOC concentration at t
= 8h would have been [TOC] = [TOC]0 - 0.5 mM BA × 1 (# mole C eliminated via
decarboxylation/mole BA) × 12 (g C/mole) = 168 - 6 = 162 mg C/L, i.e., [TOC]t = 8h = 97%
[TOC]0. The measured [TOC]t = 8h was approximately [TOC]t = 8h = 90% [TOC]0, suggesting
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that decarboxylation of other compounds (e.g., HBAs, ring-cleavage products) also must
have happened.

Figure 3.11: Total organic carbon (TOC) loss in the benzoic acid oxidation experiment. [S2O82-]0 = 1 mM,
[BA]0 = 2 mM, pH = 7.3 – 7.8 (buffered by 20 mM phosphate).

In the proposed mechanism, reactions 15, 20, and 21 and are responsible for the S2O82loss along with the loss due to reaction 1. An increase in the BA concentration would have
increased the formation rates of hydroxyhexadienyl radical, hydroquinone, and
benzoquinone, thereby accelerating the decomposition of S2O82- (Figure 3.1B). It is noted
that reactions 15, 20, and 21 may not be the only ones that accelerated the
decomposition of S2O82-. In this very complex system of many radical and organic species,
the faster S2O82- decomposition at higher BA concentrations could also have arisen from
other radical and non-radical reactions that can propagate the decomposition of S2O82-.
For example, the accelerated activation of persulfate could also have been due to the
reaction with semiquinone radical, which is produced from the comproportionation
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reaction between hydroquinone and benzoquinone (Fang et al., 2013). The ability of
other intermediates to activate S2O82- also cannot be excluded (e.g. Ahmad et al., 2013
observed that phenolates were capable of activating S2O82-).
3.3.4 Effect of Temperature on the Distribution of Benzoic Acid Oxidation
Products
Temperature influenced the distribution of the breakdown products (Figure 3.12).
Specifically, phenol, the most prominent decarboxylated product, was produced
significantly more at higher temperatures. Whereas at T = 70°C phenol was the most
abundant product, 2-HBA was the most abundant product at T = 22°C. The concentration
of phenol relative to those of other products progressively decreased with temperature
(Figure 3.12). To gain further insights into the effect of temperature on the branching
between the decarboxylation and hydroxylation of BA, we examined the time profile of
the decarboxylation ratio (DR) and decarboxylation fraction (DF). DR is defined as the ratio
between the total amount of the decarboxylated products (i.e., phenol, catechol, and
hydroquinone) and the total amount of the hydroxylated products (i.e., HBAs), whereas
DF is the ratio between the total amount of the decarboxylated products and the total
amount of BA degraded. It is noted that these ratios are only approximate proxies for the
branching between the decarboxylation and hydroxylation reactions because they do not
account for the other products (i.e., benzoquinone, polymer-type and ring-cleavage
products). Also, as the transformation of BA took place at different rates, DR and DF were
plotted against the reaction extent (i.e., [BA]/[BA]0) rather than time so that the
comparisons were valid.
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Both DR and DF increased as the temperature increased (Figure 3.12), suggesting that the
decarboxylation was increasingly favourable at elevated temperatures. The branching
between decarboxylation and hydroxylation could be attributable to the branching
between reaction 7 and 8. It is also possible that the change in the branching was due to
a change in the contribution of SO4•- and •OH to the overall transformation of BA (i.e.,
more hydroxylation with increasing contribution of •OH to the transformation of BA).
However, the latter explanation is unlikely because, as mentioned earlier, the
transformation of BA was mainly attributable to SO4•-. Regardless of the mechanism, our
results clearly demonstrate the effect of temperature on the distribution of the benzoic
acid oxidation products.

Figure 3.12: Effect of temperature on benzoic acid decarboxylation ratio (left) and fraction (right).

As the experiments progressed, DR and DF decreased notably. This trend is unlikely due
to changes in the branching between decarboxylation and hydroxylation over time, but
more likely due to the subsequent transformation of the decarboxylated products (e.g.,
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reaction 15) which lower their concentrations relative to those of the hydroxylated
products.
3.3.5 Persulfate Utilization Efficiency
As described above, temperature, the concentration of BA, and the breakdown products
affected the overall rate of persulfate consumption. To compare the persulfate utilization
efficiency across different experimental conditions, the stoichiometric efficiency, E =
(Δ[benzoic acid])/Δ[S2O82-]) × 100%, was calculated from the experimental data (Figure
3.13). Overall, the stoichiometric efficiency varied slightly with temperature although no
clear temperature-efficiency trend was observed (see the E values of the [BA] 0 = 0.5 and
2 mM experiments in Figure 3.13). In general, an increase in the concentration of
contaminants would lead to a higher persulfate utilization efficiency because more SO4•will be scavenged by the contaminants than by the background solutes and the
breakdown products. However, this was not always the case in our study. For example, in
the T = 70°C experiments, E progressively increased as [BA]0 increased from 0.5 to 5 mM.
In contrast, in the T = 22°C experiments E slightly decreased when [BA]0 increased from
0.5 mM to 2 mM. This difference could be attributable to the varying yield of SO 4•- at
different temperature. As noted in section 3.3.2, in our system persulfate was consumed
via many reactions including reactions 1, 15, 20, and 21. These reactions yield different
amounts of SO4•-: in reaction 1 two moles of SO4•- are generated for every mole of S2O82consumed, in reactions 20 and 21 one mole of SO4•- is produced from one mole of S2O82-,
whereas the consumption of S2O82- via reaction 15 does not produce SO4•-. When [BA]0
and temperature varied, a change in the contribution of each of these reactions to the
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overall consumption of S2O82- would affect the SO4•- yield and, therefore, the
stoichiometric efficiency E.

Figure 3.13: Effect of temperature and initial concentration of benzoic acid on stoichiometric efficiency. pH
= 7.3 – 7.8, [phosphate] = 20 mM, T = 22 – 70°C, [S2O82-]0 = 1 mM, [BA]0 = 0.5 – 5 mM.

3.3.6 Implications for Heat-Activated Persulfate Treatment Systems
The results described above highlight the complexity of the heat-activated persulfate
treatment system. Using the transformation of benzoic acid as a test case, we
demonstrated the effect of temperature on not only the kinetics of S 2O82- activation but
also on the contaminant transformation pathway and product distribution. When
reacting with SO4•-, BA underwent decarboxylation and hydroxylation to produce a suite
of aromatic products. A fragmentation mechanism similar to the decarboxylation of BA
was implicated in the debromination of bromobenzene, bromotoluene, and
bromobenzoic acid (Madhavan et al., 1978). The transformation of polychlorinated
biphenyls by SO4•- produced aromatic substances that contained fewer chlorine atoms
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(Fang et al., 2013), presumably also via a fragmentation mechanism. For the derivatives
of benzoic acid, it was shown that the branching between decarboxylation and other
transformation pathways during oxidation with SO4•- depended on the nature and
position of the ring substituents (Zemei and Fessenden, 1978). Our study showed that this
branching also depended on the reaction temperature. Future research investigating the
transformation of aromatics as well as other types of contaminants by heat-activated
persulfate should consider the effect of temperature on the transformation pathway and
product distribution.
The ability of SO4•- to initiate decarboxylation and the effect of temperature on this
process can have important implications for various applications. For example, a recent
study demonstrated that when pretreated with SO4•- natural organic matter (NOM) was
more reactive with chlorine and exhibited higher disinfection product formation potential
(Lu et al., 2016). It was postulated that the increased reactivity was the result of
decarboxylation and subsequent formation of phenolic moieties within the NOM
occurred through a mechanism that is similar to that proposed in our study. In that study,
the activation of persulfate and pretreatment of NOM occurred at T = 70°C, and it is
unclear to what extent the enhanced reactivity of NOM would have been observed at
lower temperatures (e.g., in systems in which persulfate is activated by UV light or by
transition metals) (Lu et al., 2016). Another example is related to the treatment of
perfluorinated carboxylic acids (PFCAs) by SO4•-. The transformation PFCAs by UV/S2O82and heat/S2O82- was proposed to occur via decarboxylation coupled with fragmentation,
producing shorter chain compounds (Hori et al., 2007; Kutsuna and Hori, 2007; Hori et al.,
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2008; Qian et al., 2016). We note that the influence of temperature on the transformation
pathway and distribution of products were not discussed in these studies.
The relatively fast reaction between hydroquinone and un-activated S2O82- observed in
our study (reaction 15) suggests that soil organic matter containing reduced quinone
moieties will exert a significant oxidant demand, resulting in a rapid initial consumption
of S2O82- when it is injected into the subsurface. Remediation systems utilizing heat to
activate S2O82- may transform functional groups in soil organic matter into phenolate and
quinone moieties, which can react with S2O82- and further depress its concentration.
These S2O82- loss pathways, together with the losses due to reactions with reduced
metals, should be considered when assessing S2O82- longevity and contaminant
transformation efficiency in persulfate-based ISCO.
3.4 Conclusions
This study investigated the oxidation of benzoic acid by heat-activated persulfate. Key
findings and their implications are summarized below:


The detailed pathway through which benzoic acid is oxidized by SO4•- was
established, which showed that benzoic acid was concurrently transformed by a
decarboxylation and a hydroxylation mechanisms. The ability of SO4•- to initiate
decarboxylation reactions and, more broadly, fragmentation reactions, could be
important to the transformation of a number of organic contaminants such as
halogenated aromatic compounds and perfluorinated carboxylic acids.
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Temperature influenced the branching between the hydroxylation and
decarboxylation mechanisms, and thus the distribution of benzoic acid
transformation products. This finding, together with those reported by Mora et al.
2011 and Chu et al. 2016, suggests that in the persulfate-based treatment systems
temperature controls not only the rates of persulfate activation but also the nature
and distribution of breakdown products.



The persulfate utilization efficiency, E = (Δ[benzoic acid])/Δ[S2O82-]) × 100%, did not
vary appreciably with temperature. Depending on the persulfate activation
temperature, an increase in the initial concentration of benzoic acid increased or
decreased E. As was discussed in section 3.3.4, the yield of SO4•- was dependent on
many factors, including the initial concentration of benzoic acid and its breakdown
products. Future research will investigate if other types of contaminants exhibit a
similar effect on the SO4•- yield and the persulfate utilization efficiency.
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4.0 Mechanistic Study of Chlorendic Acid Removal by Heat-Activated
Persulfate for ISCO Applications
4.1 Introduction
Chlorendic acid (CA) has been used historically for imparting flame retardancy to textiles
and as an intermediate in the production of plasticizers (NTP, 1987). As a result, soil and
groundwater contamination may be found at sites where the compound was
manufactured or used. CA has also been found in landfill leachate at concentrations of
several hundred mg/L possibly due to leaching from fire retarded products (Ying et al.,
1986). It also exists in the environment as a degradation byproduct of certain pesticides,
namely dieldrin, heptachlor and endosulfan (Cochrane and Forbes, 1974; Ali et al., 2016).
CA is relatively hydrophilic (log Kow = 1.86) and non-volatile under environmentally
relevant conditions due to the negative charge associated with carboxyl groups (pKa 3.1).
It can be removed by adsorption, but its solubility (Ksp = 0.7g/L), hydrophilicity, and charge
suggest that the amount of adsorbent required would be prohibitively high. Apart from
being resistant to biodegradation, the environmental fate of CA is not well understood
(Sebastian et al., 1996). Few studies have investigated its mobility in the environment;
however, compounds with a similar structure are persistent in the subsurface (Yang et al.,
2005; Iwata et al., 1993). CA is considered toxic because it inhibits algal growth at around
0.6 mM (250 mg/L), is carcinogenic, and affects organ function in rats (Hendrix et al.,
1983; NTP, 1987). The combination of toxicity and persistence have resulted in the
ongoing consideration of chlorendic acid to be included in various toxic substances lists,
though it is not yet listed in many cases since it does not bioaccumulate (ECHA, 2015).
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More studies exploring the impact of CA on environmental and human health are
required to be able to make decisive recommendations regarding this compound.
A literature search for investigations involving chlorendic acid revealed very few studies.
Of these studies, a few show the destruction of CA by hydroxyl (•OH) and sulfate radicals
(SO4•−). For example, Stowell and Jensen found that ozone effectively dechlorinated CA
by breaking the carbon-carbon double bond at a rate dependent on the production and
scavenging of •OH in solution, pH, dose, and the presence of bicarbonate (Stowell and
Jensen, 1991). The same research group reported that CA is resistant to biological
degradation (Sebastian et al., 1996). Hermes and Knupp demonstrated that
electrochemically produced •OH was successful in degrading CA. The authors suggest that
ring cleavage results in the formation of short chain acids such as formic and acetic acid
(Hermes and Knupp, 2015). Another group investigated the destruction of CA using
gamma radiation and peroxymonosulfate (PMS). Their results show that SO4•− derived
from PMS contributes to the destruction of CA even in the presence of radical scavengers
such as carbonate, nitrite, and chloride (Shah et al., 2016). The authors provide secondorder reaction rate constants of 1.75 × 109 M−1s−1 and 2.05 × 109 M−1s−1 for CA with •OH
and SO4•−, respectively. The reported rate constants are surprising considering similar
compounds, such as chlordane have rate constants with •OH (6 x 108 M-1s-1), which are
less than half of those described by Shah et al. (Haag and David Yao, 1992). Another
investigation into the degradation of CA by •OH produced photo-catalytically by UV/TiO2
reported the production of HCl (via dehydrochlorination) and chlorendic anhydride (via
dehydration) (Boisa, 2013). However, the detailed mechanism through which CA was
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transformed was not described in all of these studies. Regardless of the reaction
mechanism, it appears that •OH and SO4•− are effective at degrading CA.
For radical-based processes to be employed to remediate sites contaminated with CA in
situ, further research is needed to investigate the effect of factors such as pH, Cl-,
carbonate on the transformation of CA by •OH and SO4•−. The objectives of this study are
to investigate the ability of heat- and mineral-activated S2O82- to destroy CA. To gain
insights into factors that can influence the rate of CA transformation, experiments were
conducted employing solutions with different chemical compositions (i.e., pH 4 – 8,
[HCO3-] = 0 – 10 mM, and [Cl-] = 0 – 5 mM.
4.2 Materials and Methods
4.2.1 Chemicals
All chemicals were of reagent grade and were used without further purification.
Chlorendic acid, methyl tert-butyl ether (MTBE), and sodium persulfate were obtained
from Sigma-Aldrich. Benzoic acid, potassium persulfate, potassium iodide, potassium
phosphate, sodium sulfate, sodium chloride, sodium hydroxide, sulfuric acid and sodium
bicarbonate were obtained from VWR International. All solutions were prepared using
18.2 MΩ·cm water (Millipore System).
4.2.2 Experimental setup
The degradation of CA by heat-activated S2O82- was observed in homogenous solutions
(i.e., solid-free solutions) to systematically investigate the effect of pH as well as solutes
such as HCO3- and Cl- on the rate of CA transformation. The experiments were conducted
in 16 mL sealed test tubes that contained 10 mL of reaction solution. The solution was
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comprised of CA (50 - 100 μM), S2O82- (1 mM), HCO3- (0 mM or 10 mM), chloride (0 mM
or 5 mM), and benzoic acid (a model for competing contaminants, 10-100 μM). The
solution pH was adjusted to pH 4 or 8 using 1 M H2SO4 or 1 M NaOH. The solution also
contained 50 mM sodium sulfate, which served as background electrolyte to mitigate
fluctuations in ionic strength caused by the production and consumption of ions.
Reactors were manually shaken daily and a water bath was used to control temperature
to 40 or 70°C. In the case of room temperature experiments, reactors were placed on the
bench. At predetermined time intervals, the activation of persulfate was quenched by
submerging reactors in an ice bath, and the solution pH, oxidation-reduction potential
(ORP), together with the concentrations of persulfate, chlorendic acid, chloride, chlorate,
and total organic carbon (TOC) were measured. Experiments were performed in triplicate
and average values along with one standard deviation are reported.
4.2.3 Analytical methods
Persulfate was measured spectrophotometrically using a modification of the Kolthoff
potassium iodide method (Kolthoff and Belcher, 1957). TOC was measured on a Shimadzu
organic carbon analyzer. Chlorendic acid was analyzed on a Thermo Scientific Ultimate
3000 ultra-high pressure liquid chromatograph equipped with a C18 column and a UV/vis
photodiode array detector. In the case of the homogenous experiment, 1 mL samples
were acidified with 50 μL of 1 M H2SO4 prior to HPLC analysis. In addition, 50 μL of
methanol was added to each sample to quench any further oxidation reactions between
CA and persulfate. The mobile phase consisted of 70% acetonitrile (ACN) and 30% 1 mM
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H2SO4 at a flow rate of 0.8 mL/min. Chlorendic acid was detected with UV absorbance
detection at 220 nm.
4.3 Results and Discussion
4.3.1 Reactivity of CA with SO4•- and •OH
As mentioned in the introduction section, a previous study reported that the reaction
rates between CA and •OH and SO4•− were 1.75 × 109 M−1s−1 and 2.05 × 109 M−1s−1,
respectively. These values are somewhat high given that CA contains only one double
bond but 6 chlorine atoms. Due to the chemical structure of CA, it is expected that CA
would react with •OH and SO4•− at slower rates. Therefore, the first step of this research
was to re-measure the reaction rate constants to examine the reactivity of CA with •OH
and SO4•−. The measurements were performed by Dr. Stephen Mezyk (Professor of
Physical Chemistry, California State University at Long Beach), who is an expert in radical
chemistry. Dr. Mezyk conducted a series of flash photolysis experiments, coupled with
competitive kinetic studies, the results of which revealed that the reaction rates between
CA and •OH and SO4•− were kOH = 8.6 x 107 M-1s-1 and kSO4 = 6.6 x 107 M-1s-1. These values
were lower than the previously reported values, suggesting that background electrolytes
that are more reactive with •OH and SO4•− (e.g., Cl-) can greatly influence the rate of CA
transformation.
4.3.2 Degradation of CA by Heat-Activated Persulfate
At 70°C, over seventy percent of the initial persulfate was consumed within six hours.
Persulfate degradation was slightly enhanced in the presence of 10 μM benzoic acid (BA)
and slightly delayed in the presence of 10 mM bicarbonate (HCO3-) (Figure 4.1). The
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accelerated degradation in the presence of organic compounds has been observed in
previous studies and is thought to be caused by radical chain reactions that propagate the
decomposition of persulfate (Liang and Su, 2009; Liu et al., 2014). Many studies have
reported the inhibitory effect of HCO3- on contaminant oxidation by activated persulfate,
but few have mentioned the effect of HCO3- on persulfate activation rates (Huang et al.,
2002; Liang et al., 2006; Waldemer et al., 2007).

Figure 4.1: Thermal activation of persulfate (PDS). T = 70°C, [S2O82-]0 = 1 mM, pH = 8.0 (buffered by 20
mM phosphate). Ionic strength was controlled with 50 mM Na2SO4

No CA degradation was observed in the absence of persulfate, suggesting that the loss of
CA in the presence of persulfate was the result of oxidation (Figure 4.2A). At 70°C, all CA
was removed from the solution within a few hours. CA concentration and TOC declined
concurrently, suggesting that SO4•- is capable of mineralizing CA. Since 0.1 mM CA was
fully degraded after 6 hours and each CA molecule contains 6 chlorine atoms, it was
expected that 0.6 mM of chloride would be produced. The production of only 0.45 mM
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chloride (Figure 4.2B) suggests that some chloride was still associated with the remaining
organic compounds (approximately 10 mg/L TOC remained at the end of the experiment).

A

B

Figure 4.2: A. CA stability in the absence of persulfate and the destruction of CA by heat-activated
persulfate (PDS) B. total organic carbon (TOC) and Cl- production due to CA dechlorination T = 70°C,
[S2O82-]0 = 1 mM, [CA]0 = 0.1 mM, pH = 8.0 (buffered by 20 mM phosphate), Ionic strength was controlled
with 50 mM Na2SO4

4.3.3 Effect of Background Solutes on CA Degradation
In natural systems, the oxidation of contaminants is affected by groundwater constituents
(e.g. chloride, bicarbonate) which decrease radical availability. To examine the effect of
typical solutes, experiments were performed in the presence of bicarbonate, chloride,
and a model competing contaminant (benzoic acid). The magnitude of the effect caused
by these solutes is a function of their reaction rate constant with radical species (k) and
solute concentration. Scavenging of SO4•- is also dependent on the predominant
carbonate species which in turn depends on pH (reactions 4.10 - 4.14). Under
environmentally relevant pH, bicarbonate (HCO3-) is the predominant carbonate species
in solution (Stumm and Morgan, 1996). HCO3- has a relatively low reaction rate constant
with SO4•- (reaction 4.13), but is present in the subsurface at concentrations which are
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often several orders of magnitude above that of contaminants ([HCO3-] ≈ 1 - 30 mM).
HCO3- is considered a scavenger because it reacts with SO4•- to produce the carbonate
radical (CO3•-) which is much less reactive than SO4•- and •OH. For example, the reaction
rate constant for the oxidation of benzene by CO3•- is 106 times slower than that of SO4•and benzene (Chen et al., 1975; Neta et al., 1977). The reactions listed below summarize
the relevant species of carbonate and their interactions with the sulfate radical.
𝐻𝐶𝑂3 − ↔ 𝐻 + + 𝐶𝑂3 2−

pKa = 10.3

(4.10)

𝐻2 𝐶𝑂3 ↔ 𝐻 + + 𝐻𝐶𝑂3 −

pKa = 6.4

(4.11)

𝑆𝑂4 •− + 𝐻2 𝐶𝑂3 → 𝑆𝑂4 2− + 𝐶𝑂3 •−

(4.12)

𝑆𝑂4 •− + 𝐻𝐶𝑂3 − → 𝑆𝑂4 2− + 𝐶𝑂3 •−

(4.13)

𝑆𝑂4 •− + 𝐶𝑂3 2− → 𝑆𝑂4 2− + 𝐶𝑂3 •−

(4.14)

In our system, the presence of HCO3- significantly constrained the ability of activated
persulfate to oxidize CA (Figure 4.3). With 10 mM HCO3- in solution, 1 mM S2O82- activated
at 70°C only degraded 22% of CA after 6 hours in comparison to 99% degradation in the
absence of HCO3-. As previously mentioned, the presence of HCO3- is known to have
inhibitory effects on contaminant oxidation by activated persulfate (Huang et al., 2002;
Liang et al., 2006; Waldemer et al., 2007). Competition occurs below pH 10.3 due to the
reaction between HCO3- and SO4•-, resulting in formation of the relatively weak carbonate
radical CO3•- (Huie et al., 1991) (reaction 4.13). Environmental systems which contain
elevated concentrations of HCO3- will require higher doses of amendment than those with
lower concentrations in order to effectively degrade CA.
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Figure 4.3: CA Degradation by heat-activated persulfate (PDS) in the presence of bicarbonate and benzoic
acid. T = 70°C, [S2O82-]0 = 1 mM, [CA]0 = 0.1 mM, pH = 8.0 (buffered by 20 mM phosphate), Ionic strength
was controlled with 50 mM Na2SO4

Chloride (Cl-) is also ubiquitous in environmental systems and has been known to suppress
the degradation of contaminants in some cases, and accelerate degradation in others
(Bennedson et al., 2012; Liang et al., 2006). Chloride is important because it is quite
reactive with SO4•-, with kSO4•- = 2.6 x 108 M-1s-1 (Padmaja et al., 1993), and is a common
co-contaminant to chlorinated pollutants. To investigate the effect of chloride on CA
degradation by heat-activated persulfate degradation rates were observed and compared
at 0 and 5 mM Cl-. When compared to experiments without chloride, the presence of 5
mM Cl- accelerated CA degradation at pH 4 and impedes degradation at pH 8 (Figure 4.4).
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Figure 4.4: CA degradation in the absence and presence of chloride (5 mM) at pH 4 and 8. T = 70°C,
[S2O82-]0 = 1 mM, [CA]0 = 0.1 mM, pH buffered by 20 mM phosphate, Ionic strength was controlled with 50
mM Na2SO4

Accelerated degradation at pH 4 is unexpected because previous studies have observed
that below pH 5 SO4•- is scavenged by chloride to form chlorate (ClO3-) according to the
following reaction scheme (Lutze et al., 2015):
𝑆𝑂4 •− + 𝐶𝑙 − → 𝑆𝑂4 2− + 𝐶𝑙 •

(Padmaja et al., 1993)

(4.15)

𝐶𝑙 • + 𝐻2 𝑂 → 𝐻𝑂𝐶𝑙 •− + 𝐻 +

(Buxton et al., 1998)

(4.16)

𝐻𝑂𝐶𝑙 •− + 𝐻2 𝑂 → 𝑂𝐻 • + 𝐶𝑙 −

(Jayson et al., 1973)

(4.17)

𝐶𝑙 • + 𝐶𝑙 − ↔ 𝐶𝑙2 •−

(Nagarajan and Fessenden, 1985)

(4.18)

𝐶𝑙2 •− + 𝐶𝑙2 •− → 𝐶𝑙2 + 2𝐶𝑙 −

(Yu et al., 2004)

(4.19)

𝐶𝑙2 + 𝐻2 𝑂 → 𝐻𝑂𝐶𝑙 + 𝐶𝑙 − + 𝐻 +

(Lifshitz and Perlmutter-Hayman, 1960) (4.20)

𝐻𝑂𝐶𝑙 ↔ 𝐻 + + 𝐶𝑙𝑂−

(Haag and Hoigne, 1983)

(4.21)

𝐶𝑙𝑂− + 𝑂𝐻 • → 𝐶𝑙𝑂• + 𝑂𝐻 −

(Buxton and Subhani, 1972)

(4.22)

2𝐶𝑙𝑂• + 𝐻2 𝑂 → 𝐶𝑙𝑂− + 𝐶𝑙𝑂2 − + 2𝐻 + (Kläning and Wolff, 1985)

(4.23)

𝐶𝑙𝑂2 − + 𝑂𝐻 • → 𝐶𝑙𝑂2 • + 𝑂𝐻 −

(4.24)

(Kläning et al., 1985)

67

𝐶𝑙𝑂2 • + 𝑂𝐻 • → 𝐶𝑙𝑂3 − + 𝐻 +

(Kläning et al., 1985)

(4.25)

50 μM chlorate (data not shown) was produced at pH 4 with 5 mM chloride, but this
apparently did not negatively impact the CA degradation rate. This inconsistency could be
explained by the effect of temperature on each reaction rate constant according to
Arrhenius’ equation:
𝐸𝑎

𝑘 = 𝐴𝑒 −𝑅𝑇

Neither the frequency factor (A), nor the activation energy (Ea) for any reactions involving
chlorendic acid are available. It is possible that temperature disproportionately increases
the reaction rate constant for the reaction between SO4•- and CA (Reaction 4.26) relative
to reaction 4.15 in the chlorate production scheme.
𝑆𝑂4 •− + 𝐶𝐴 → 𝑃𝑟𝑜𝑑𝑢𝑐𝑡𝑠

(4.26)

pH alone had no significant effect on CA degradation between pH 4 and 8 (Figure 4.4).
This is consistent with the observation that SO4•- is the predominant reactive species
below pH 9 in the absence of chloride (Fang et al., 2012). Additionally, there was no
change in CA degradation rate observed due to hydrolysis at pH 8, and chloride had no
effect on the activation kinetics of persulfate activation (data not shown).
In the subsurface, other contaminants may act as radical scavengers reducing oxidation
efficiency between activated persulfate and chlorendic acid. Benzoic acid (BA) was used
as a model compound to represent a competing contaminant. When BA is present in
solution with activated persulfate and chlorendic acid it is quickly oxidized, causing a
dose-dependent lag period before CA begins to degrade (Figure 4.5). This was expected
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due to the disparity in reaction rate constants and concentrations of CA and BA. The
reaction rate constant between BA and SO4•- is 1.2 x 109 M-1s-1 (Neta et al. 1988), nearly
twenty-fold the measured reaction rate constant for SO4•- and CA at 25°C of 6.6 x 107
M-1s-1 (reported in section 4.1.1). Since CA is less reactive with SO4•- relative to many
common contaminants, the presence of any co-contaminants will likely inhibit or delay
oxidation of CA. Competing contaminant oxidant demand can be overcome by providing
sufficient oxidant dose.

Figure 4.5: CA oxidation by heat-activated persulfate with dose-dependent radical scavenging by benzoic
acid (BA). T = 70°C, [S2O82-]0 = 1 mM, [CA]0 = 0.1 mM, pH = 8.0 (buffered by 20 mM phosphate), Ionic
strength was controlled with 50 mM Na2SO4

4.4 Conclusion
This study examined the effect of temperature, pH and background solute on chlorendic
acid degradation rate. Conclusions are summarized as follows:


The reaction rate constant between two radical species (•OH and SO4•-) and CA
were measured (by Dr. Stephen Mezyk) as 8.6 x 107 M-1s-1 and 6.6 x 107 M-1s-1
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respectively. These measurements suggest CA is less reactive than many other
common contaminants.


CA was completely degraded by heat-activated persulfate at 70°C within 6 hours.
Synchronous decrease in TOC and formation of chloride suggest that CA is being
oxidized. Since previous studies suggest that SO4•- is the predominant radical
species under our experimental conditions, it is concluded that SO4•- is capable of
mineralizing CA.



Background solutes were found to impact the activation of persulfate and the
degradation of CA. 5 mM chloride was observed to accelerate CA degradation at
pH 4 but impede degradation at pH 8. Neither chloride, nor pH alone had a
significant effect on CA degradation rate. HCO3- both slowed persulfate activation
as well as CA degradation. This supports the well documented hypothesis wherein
HCO3- reacts with SO4•- to produce the weakly reactive carbonate radical. When
benzoic acid was present in solution with CA and heat-activated persulfate, SO4•preferentially reacted with BA. When designing ISCO systems for the remediation
of sites contaminated with CA, the presence (and formation) of background
solutes must be carefully considered in order to avoid ineffective treatment.
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5.0 Conclusions and Recommendations
Persulfate is currently being used for in situ remediation of contaminants. When
persulfate is activated by heat, metals, base, or others, radical species (SO4•- and •OH) are
formed which are powerful oxidants. With its diverse activation options, lifetime in the
subsurface, high oxidation efficiency, and the opportunity for mobilization using
electrokinetics, persulfate has proven to be very useful for remediation. This study
examined the effects of environmental factors that may affect the kinetics and
transformation mechanisms of contaminant oxidation by activated persulfate.
For benzoic acid (BA), temperature played a significant role in the branching of
transformation mechanisms. At higher temperatures, decarboxylation byproducts
(phenol, catechol, hydroquinone) were the predominant species, while at lower
temperatures there were more hydroxylation byproducts (2-, 3-, 4-hydroxybenzoic acid).
Temperature did not affect oxidation efficiency (E = Δ[BA]/ Δ[S 2O82-]) x 100%, though BA
concentration did; at room temperature, E slightly decrease as [BA] increased from 0.5 to
2 mM, while at 70°C the opposite is true.
Future work should examine the impact of temperature on the oxidation efficiency and
transformation mechanisms of other contaminants. Additionally, transformation
mechanisms and byproduct distribution should be considered when other experimental
parameters, such as pH, are varied.
Results from experiments involving chlorendic acid (CA) indicate that the sulfate radical
is capable of completely removing (with some mineralization) 0.1 mM CA at 40°C within
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6 hours. pH did not affect degradation rate until chloride was introduced; degradation
was accelerated at pH 4 and reduced at pH 8 in the presence of 5 mM chloride.
Bicarbonate and benzoic acid (representing a competing contaminant) inhibited CA
degradation by heat-activated persulfate. Future work regarding chlorendic acid should
focus on oxidation byproduct identification, and optimizing oxidant dose and efficiency.
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