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Abstract

The oxidation of chlorendic acid (CA), a polychlmated recalcitrant contaminant, by heat-,
mineral-, and base-activated persulfate was inyatstd. In pH 3 — 12 homogeneous (i.e., solid-
free) solutions, CA was oxidized BQH and SQ@" radicals, resulting in a nearly stoichiometric
production of Cl The rate constants for the reaction between thadieals and CA were
measured at different temperatures by electrorepaldiolysis, and were found to besk= (8.71
+1.67)x10 M's™ and kos= (6.57 + 0.83)x10M™s™* at 24.5 °C foifOH and S@", respectively.
CA was oxidized at much slower rates in solutiomstaining iron oxyhydroxide or aquifer soils,
partially due to the adsorption of CA on thesedsoliTo gain further insight into the effect of
solids duringin-situ remediation of CA, the adsorption of CA onto iroride, manganese
dioxide, silica, alumina, and aquifer soils wasastigated. The fraction of CA that was adsorbed
on these materials increased as the solution pledsed. Given that the solution pH can
decrease dramatically in persulfate-based remegsems, adsorption may reduce the ability of
persulfate to oxidize CA. Overall, the results lmStstudy provide important information about
how persulfate can be used to remediate CA-contetnsites. The results also indicate that the
groundwater pH and geology of the subsurface cbale a significant influence on the mobility

of CA.
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1. Introduction

Chlorendic acid (1,4,5,6,7,7-hexachlorobicyclo[2]2ept-5-ene-2,3-dicarboxylic acid) is a
polychlorinated organic compound used in multigéplecations, including as a flame retardant,
an intermediate in the synthesis of polymeric resaind corrosion-resistant materials, and an
additive in extreme-pressure lubricants (NTP, 19BTCS, 1996). Commercially known as HET
acid, chlorendic acid (CA) is synthesized via a IPilder reaction between
hexachloropentadiene and maleic anhydride. Withidged ring and six Cl atoms (Figure S1 in
the Supporting Information - Sl), CA is structuyaimilar to the norbornene pesticides and
flame retardants such as dieldrin, heptachlor, sufen and dechlorane plus. Some of these
compounds, particularly dechlorane plus, have técegained great attention based on their
widespread presence in the environment (Svetrkab 2011).

CA can enter the environment either via disposal GA-containing wastes or as a
transformation byproduct of chlorinated norborne(@schrane and Forbes, 1974; Yiagal.
1986; Yinget al. 1988; Oman and Hynning, 1993). While the fat€Caf in the environment is
not well understood, the compound is potentiallyrenmobile than its norbornene counterparts
owing to its higher aqueous solubilitg{ = 3.5 g/L (IPCS, 1998)), relatively hydrophilictoee
(log Kow = 2.3 (IPCS, 1998)), and negative molecular chagenvironmentally relevant pH
values (thepK, and pKg, of CA are 3.1 and 4.6, respectively (Hendeixal., 1983)). The
mobility of CA, however, can be influenced by itdsarption onto surfaces, a process that
appears to be strongly controlled by the solutibingmd surface properties. It has been observed
that iron (hydr)oxide can adsorb CA, that more Céswadsorbed at pH 3.3 than at pH 7, and that
the freshly-formed iron (hydr)oxide precipitatesrevebetter at adsorbing CA than the aged

precipitates (Yinget al., 1988). Bench-scale tests have shown that CA iy wesistant to
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biodegradation, suggesting that the natural attesmuaf this compound in the environment
would not occur to any appreciable extent (Hendrial., 1983; Yinget al., 1986). Considering
CA’s mobility and persistence, together with itdguaial toxicity (IPCS, 1998), remedial actions
may be required for sites contaminated with CA.

This study investigates the degradation of CA byspiéate ($Os%), an oxidant that is being
increasingly used in advanced oxidation processesvater and wastewater treatment, amd
situ chemical oxidation (ISCO) for groundwater remddiafHuling and Pivetz, 2006; Tsitonaki
et al., 2010; Siegrist et al., 2011; Drzewiezal., 2012; Lutzeet al., 2015; Bockzaj and
Fernandes, 2017). Currently, there is very litifermation about the ability of 85> to destroy
CA. A few studies suggested that CA can be destidye ozone (@) (Stowell and Jensen,
1991), peroxymonosulfate (HgPand $Os* (Shahet al., 2016), TiQ/UV (Boisa, 2013), and
electrochemical-based advanced oxidation (Hermeskampp, 2015). The transformation of
CA in those studies were attributed to reactiorth Wydroxyl (OH) and sulfate (S©) radicals,
suggesting that an activated persulfate-based ggoa®uld be employed to treat CA-
contaminated sites. We note that except for the/U® system, the CA transformation in those
studies took place in homogeneous (i.e., solid{freautions. It is thus unclear how this
transformation would have been affected by thegmes of surfaces, particularly iron-containing
surfaces (e.g., Fe-containing suspended solid$s, ssediments). Because CA has a higher
affinity toward iron surfaces at acidic pH (Yiray al., 1988),adsorptive removal (rather than
oxidative transformation) could be especially significanpgrsulfate-based treatment systems in
which the solution pH decreases dramatically dutaéodecomposition of 8% As such, after
persulfate treatment the concentration of CA mighbund once the solution pH increases to the

pre-treatment condition and CA desorbs from theenails.



88

89

90

91

92

93

94

95

96

97

The overall objective of this study was to evaluateether $0s”-based ISCO could be
effectively employed to remediate CA-contaminatédss First, we assessed the reactivity of
chlorendic acid witHOH and S@" radicals by measuring their absolute reaction catestants,
kon and ks Using electron pulse radiolysis. We then studieddigradation of CA by,8s” in
solid-free and solid-containing solutions, emplayirither synthetic materials or authentic
groundwater and aquifer soils. To differentiatewssin the CA loss by adsorption and by
transformation, the concentration of CA remainethi solution, the amount of CA adsorbed on
the solid, and the production of chloride §@ere carefully monitored. The adsorption of CA on
model minerals and an authentic aquifer soil wa® ahvestigated to gain insights into how

adsorption can influence the fate of CA oxidation.
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2. Materials and methods

2.1 Chemicals.Silica (SiQ, 35-60 mesh), aluminum oxide (&, ca. 150 mesh), iron(lll)-
oxyhydroxide (F&-ox, 30-50 mesh), and manganese oxide (Mn@re obtained from Sigma
Aldrich. Potassium persulfate {80g) was purchased from VWR. All other chemicals,
purchased from either Fisher Scientific or Sigmdrish, were of reagent grade and were used
without further purification. All solutions were gpared using 18.2 - cm water from a
Millipore System.

2.2 Determination of reaction rate constants &4 and ksos The absolute rate constants for the
reactions between CA an®H and S@" radicals at different temperatures were obtairgdgu
the linear accelerator (LINAC) electron pulse r#gis system at the Radiation Laboratory,
University of Notre Dame. This approach has theaathge of generating specific, isolated
radicals through deposition energy into the solwemder well-established chemical conditions.
The irradiation and transient absorption detectgystem has been described previously
(Whitman et al., 1996, Huget al. 1999). Absolute radical yields (dosimetry) weetedmined
using nitrogen oxide (MD)-saturated solutions of 1.00 x 4M potassium thiocyanate
(KSCN) atA = 475 nm, Ge = 5.2 x 10" m* J%) with average doses of 3-8 Gy per 2-10 ns pulse
(Buxton and Stuart, 1995), giving initial radicadncentrations in the 2 —8M range. For the
room-temperature and %D measurements, irradiations were performed oniraomisly flowed
solutions that were first passed through a temperatontrolled condenser. By placing a
thermocouple in the direct flow after irradiatiohet solution temperature was continuously
measured and found to be stable to +°0C.3Gleasoret al., 2017). For the T measurements,

static solutions in a temperature-controlled, skatevette were irradiated by the electron beam.
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The temperature was stable to + 82 but only a few kinetic traces could be obtaibefore
interference from irradiation products became gicgunt.

For all ‘OH radical irradiation experiments, solutions were-saturated with }0 gas to
prevent air ingress, and to quantitatively conwbg hydrogen atom and hydrated electrons
initially formed to the desire®H radicals. (Buxtomt al., 1988; Spinks and Woods, 1990).

Since the direct reaction of th®H radical with CA did not give any suitable absorbe
change across the UV-visible spectrum, competitiaretics method based on SCMas
utilized. The reaction oOH with SCN proceeds according to:

‘OH + SCN (+ SCN) — OH + (SCN}" k;=1.05x 16°M*s®  (Buxtonetal., 1988) (1)
which will occur in competition with this radicalreaction with chlorendic acid (CA):
‘OH + CA - products Kk 2

This competition can be directly solved to give fibidowing analytical expression:

Abs®(SCN)Z;" ko [CA] (3)
Abs(SCN);® k1[SCN-]

where Ab§(SCN), ™" is the (SCNy” yield (transient absorbance peak at 475 nm) irabisence of
any chlorendic acid, and Abs(SCN)s the reduced yield when chlorendic acid is presBy
creating a transformed plot of the ratio of thebsoabance intensities against the ratio of
concentrations for the competitors [CA]/[SThe second order rate constant ratigk® can

be readily determined.

For SQ" radical generation, aerated solutions containirid M K,S,0g were used at the
desired pH. The fast reduction ofC* by the hydrated electron under these conditiossires
quantitative production of SO even in the presence of ambient dissolved oxyg@sq M)
(Buxton et al., 1988). By directly observing theanhe in the rate of decay of $Oradical’s

absorbance at 450 nm, the kinetics of reactiorcd#)be directly measured:



143 SO, "+ CA - products k 4)

144  These kinetics were found to be pseudo-first-orded, therefore fitted with a single exponential
145  decay function:

146 Abs = Abs® xe Kt + B (5)

147  where k' = K[CA] is the pseudo-first-order rate constant fiftaddd B is a baseline adjustable
148  parameter. The fitted k' values were plotted agaihe CA concentration, with the fitted line
149  corresponding to the second-order rate constaky of

150 2.3 Treatment of chlorendic acid by heat-activategbersulfate. The experiments investigating
151 the degradation of CA by heat-activatesD§ were carried out in the dark, employing 16-mL
152  test tubes that contained 10-mL of reaction sotutiéach solution initially contained 1 mM
153 S,05%, 50 mM NaSO, (background electrolyte), and 0.1 mM CA. The conicgion of CA in
154  this study was similar to those employed by oti{&®well and Jensen, 1991; Boisa, 2013;
155  Hermes and Knupp, 2015), and was representatitteoCA concentrations that could be found
156  at CA-impacted sites (Yingt al., 1986; Yinget al., 1988). Some test tubes also contained 50
157 g/L Fd"-ox. Solutions with initial pH values of 8.3 — 8wlere buffered by 20 mM borate,
158  whereas solutions with initial pH values of 3.81@:2 were unbuffered.

159 The thermal activation of,8¢> was initiated by placing the test tubes in a whgth at T =
160 70 °C. At pre-determined time intervals, 3 testetilwere sacrificed, and reactions were
161  immediately quenched in an ice bath. Subsequethitysamples were filtered through a Q-
162  filter membrane and analyzed for pHQOg, CA, and chloride (CJ concentrations. To account
163  for the fraction of CA that was lost due to adsimptin the experiments involving feox, the
164 filtered Fé'-ox particles were collected and added to a sepéeat tube containing 10 mL of pH

165 12 aqueous solution. This tube then was mixed emd-end for 45 min. Subsequently, an
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aliquot was subsampled from the tube, filtered, andlyzed for CA. Control experiments
indicated that this extraction procedure usualbowered more than 90% of the CA that was pre-
adsorbed onto Feox surface.

2.4 Adsorption of chlorendic acid onto minerals.To gain insight into how aquifer minerals
may affect the ability of £5° to destroy CA during ISCO, the interaction betw&and F&'-

ox, MnQ;, Si0,, and AbO3; was investigated. These solids were chosen tesept the Fe-, Mn-,
Si-, and Al-containing minerals in the subsurfaeey( aluminosilicates, ferrihydrite, Fe- and
Mn-containing sands and clays). In the adsorptiqueaments, reaction solutions contained 50
g/L of a single type of solid, 0.1 mM CA, and 10 nW&SO, (background electrolyte). The
adsorption of CA in solution containing a lower centration of F&-ox (5 g/L) was also
investigated. Aliquots of 1M NaOH or 1M,B0, were added to each test tube to obtain
different initial pHs (these solutions did not cantany pH buffer), and the test tubes were
mixed end-over-end at room temperature (22 + 1 A@¢r 30 min, the pH of the suspension was
measured, and an aliquot was taken out and filtaledugh a 0.2:m syringe filter.
Subsequently, the amount of CA in the filtrate waantified. Although adsorption equilibrium
may not have been attained within 30 min, the dhjecof this experiment was simply to
examine how the solution pH influences adsorptifiimity. Investigating adsorption kinetics,
developing adsorption isotherm, or comparing thegation capacity among the solids were not
the focus of this study.

2.5 Experiments with groundwater and aquifer soil. Experiments employing authentic
samples of groundwater and aquifer soil were atswocted to further investigate the utility of
S,0¢” for in-situ treatment of CA. The aquifer soils used in thislgtconsisted mainly of sandy

soils with the concentration of total iron (Fe) arganic carbon (OC) of approximately 10 g/kg

10
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and 4g/kg, respectively. The groundwater contamgoroximately 55 mg/L of GI30 mg/L of
sulfate  (S@), 20 mg/L of calcium (Cd), 3 mg/L of magnesium (Mg), 10 mg/L of total
dissolved iron, and 5 mg/L Total Organic Carbon C)OThe pH of the groundwater was 5.8.
The groundwater was amended with CA to obtain draitoncentration of 5M. To evaluate
the affinity of CA towards the surface of the aquifoils, an adsorption experiment similar to
that described in section 2.4 was conducted.

Batch reactors for the oxidation tests were congdiby filling 110 mL amber glass bottles
with 40 grams of moist aquifer soil and 80 mL of @&ended groundwater. The treatment of
CA was initiated by adding to each reactor eithg®sS, or SOg* and NaOH. The initial
concentration of £ in each reactor was approximately 85 mM. In theeeixpents with F&-
ox described in section 2.3, although iron (hydidex can activate persulfate (Siegrist et al,
2011) it was found that the activation of08* by Fé"-ox did not occur appreciably at room
temperature. Therefore,,@” in those experiments was activated by heat. Inrashtthe
aquifer soil was found to be very reactive witlDg§™ even at room temperature, presumably due
to the presence of reactive iron mineral phasesrefare, the experiments with the aquifer soil
were conducted at 22 + 1 °C. The reactors to whidg SO was added were denoted as the
matrix-activated $0s° reactors (i.e., the persulfate activators in thesetors were those already
present in the soil and groundwater matrix); thiahsolution pH in these reactors were
between 5 — 6. The reactors that had ba®sSand NaOH were denoted as base-activated
persulfate reactors; the initial pH in these reactoere between 12 — 12.5. The reactors were
mixed end-over-end every few hours throughout these of the experiment. At predetermined

time intervals, a 3-mL aliquot was subsampled fitbin reactors, filtered, and analyzed for pH,
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persulfate, and chlorendic acid. The experiment teasinated when more than 95% of the
initial persulfate was consumed.
2.6 Analytical methods.Filtered samples were acidified to pH 2 and immeedijaanalyzed for
chlorendic acid using a Thermo Scientific UltimaB®00 ultra-high performance liquid
chromatograph (UHPLC). The stationary phase wagsa@umn (Thermo Scientific), while the
mobile phase consisted of 70% acetonitrile and 30%%M H,SO, which passed through the
column at a flow rate of 0.8 mL/min. The UHPLC wegiipped with a UV/vis photodiode array
detector, and chlorendic acid was detected usingab&brbance at 220 nm. Quantitation of CA
in each sample was based on a 5-point calibratiore R > 0.99) established by employing 1 —
100 uM CA standard solutions. TOC was measured on a &l¥m organic carbon analyzer.
Chloride (Cl) was analyzed on a Thermo Aquion lon Chromatographipped with a
suppressed conductivity detector. Persulfate waasored spectrophotometrically using the
Kolthoff potassium iodide method (Kolthoff and Bleér, 1957).

All experiments were conducted at least in trigkcaand average values with one standard

deviation are reported.
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3. Results and discussion

3.1 Reactivity of CA with 'OH and SO, radicals. Typical kinetic data obtained from the
electron pulse radiolysis experiments are preseintddgures 1 and 2. Based upon the known
temperature-dependent value gf(Ea = 15.80 kJ md) (Gleasoret al., 2017) we can calculate
the temperature-dependent kalues of interest, as shown in the inset of Fgda. Our
calculated rate constant of k (8.71 + 0.17)x10M™ s at 24.5°C is over an order of magnitude
lower than previously reported by Shahal. who obtained k = 1.75xIoM™ s* through
measurement of CA loss using para-chlorobenzoit @sCBA) as a stable-product competitor
for the "OH radical (Shah et al2016). However, this previous approach does nobunt for
any secondary reactions of formed transient spebiats could also degrade chlorendic acid,
which would give an atrtificially high apparent ratenstant. The lowerykvalue of this study is
consistent with othefOH radical reactions with highly chlorinated specieported in the
literature (e.g., the rate constant between erahdiOH is k = (2.7 + 0.7)x1%M™ s* (Haag and
Yao, 1992). Mechanistically, it is believed that txidation of CA byOH would take place via
H-atom abstraction from the highly sterically-hinel® C-H moieties from the ring-joining
carbon atoms.

For the reaction between CA and SQour calculated rate constant at 2%5is k, = (6.57 +
0.83)x1d M™ s, which is also over an order of magnitude loweamtithe value measured by
Shahet al. (k = 2.05x18 M™ s%) (Shah et al., 2016). The $Oradical reaction could again
occur by H-atom abstraction from the same C-H basldor ' OH, but there might be some
additional reactivity by electron-abstraction frahe negative (deprotonated) carboxylic acid

groups in CA.
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The reaction rate constant values measured irethpdrature range 24.5-700 were used
to generate the Arrhenius plots (Insets of Figdi@sind 2a), from which the activation energies
for reactions (2) and (4) can be obtained £#£25.43 + 0.36 and /&= 37.66 * 0.33 kJ md|
respectively). All our kinetic data are summarizedrable 1. To our knowledge, our study is
the first that has measured SOradical kinetics at these elevated temperaturdse T
experimental setup that we developed (see sectidncan be used to generate temperature-
dependent rate constants for the reactions bet&ii radical and other contaminants and
solutes, and this information will be invaluable fmderstanding and designing heat-activated
persulfate treatment systems.
3.2 Chlorendic acid oxidation in homogeneous systerin homogeneous solutions containing
S,0¢> and CA, the most rapid removal of CA was obseraepH 3.6, while the removal at pH
12.2 was the slowest (Figure 3). After 10 hourgrd5% of the initial CA was destroyed at pH
3.6, 55%-60% at pH 8.3, and 25% at pH 12.2. TOCGa#=ed by approximately 25% at pH 8.3
(Figure S2). No CA loss was observed in the abseh&Os> (data not shown); therefore, the
CA loss in the presence 0§ was attributable to reactions with $Cand OH, which were
produced from the thermal activation of persulfd#eth SQ™ and ‘OH radicals have been
shown to be capable of oxidizing CA (Shethal., 2016; Stowell and Jensen, 1991; Hermes and
Knupp, 2015). According to Liang and Su (Liang &4 2009) who investigated the activation
of persulfate at 76C, SQ™ was the predominant oxidant at acidic pH, b@hl and S@" were
important at neutral pH, arn®H was the predominant oxidant at alkaline pH. &f@e, in the
current study it is believed that the predominantdant responsible for the CA oxidation would
be SQ" for the pH 3.6 solutionOH in the pHL12.2 solution, and both SOand"OH in the pH

8.3 solution
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As with the CA loss rate, theGg* utilization efficiency (i.e., E =[CA)/A[ S,05%])x100%)
also decreased with increasing pH (Table 2). Pesskplanation for the trends between the
solution pH and the rate and efficiency includeCB is more reactive with SO than with’OH;
(note that at 70 °C SOis only slightly more reactive tha®@H, as can be seen from Table 1), 2)
CA is more amenable to oxidation at acidic pH, &phthe scavenging of SOand OH by other
solutes in the solution (e.g.2*, the byproducts of CA oxidation such as &id other lower
molecular-weight compounds) is more pronounced uaideumneutral and alkaline conditions.

As the degradation of CA proceeded, the conceatratif CI in the solution gradually
increased (Figure 3). The production of fédm the oxidation of CA by S{ and’OH was also
observed in previous studies. Since each CA matecohtains 6 Cl atoms, the maximum
possible value for the ratibCl/ A[CA] should be 6. In our study, this ratio was ayaareater
than 5, and approached 6 by the end of the expetifi@ble 2). In the pH 8.3 and 12.2
solutions, theACI/A[CA] ratios were also approaching 6 even thoughr ®286 of CA remained
in the solution at the end of the experiment. Jerssal coworkers investigated the degradation
of CA by ozone (@ in two separate studies. We calculatedAG€/A[CA] ratio in these studies,
using Figure 6 in Stowell and Jensen (Stowell arsdn, 1991) and Figure 2 in Sebastian et al
(Sebastiaret al. 1996), In the first studyACI/A[CA] gradually increased and was 5.5 when
85% of the initial CA was removed, whereas in teeosid studyACI/A[CA] increased to 5.5
when the removal of CA was only 26%. These resati$ ours suggest that the Cl-containing
intermediates produced from the oxidation of CA $§,” and ‘'OH must have been further
transformed via the same reaction mechanisms itieraited most of the Cl into the solution as
free CI. It is noted that although Tbns can be further oxidized into GGy SQ™~ and'OH

(Lutze et al., 2015), no CI@ was detected in our experiments. Currently, thereery little
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information about the mechanisms of CA transforomatiShah et al proposed that the first step
of the transformation of CA by SOand’OH would generate chlorendic anhydride (Skail .,
2016). However, it is noted that the presence oforendic anhydride in their Gas
Chromatography analysis is more likely the restithe thermal dehydration of CA in the GC
injection port, which was set at T = 250 °C. Thechamism through which SOand'OH react
with CA, and the byproducts produced are intergstiesearch topics which merit further
investigation.
3.3 Chlorendic acid oxidation and adsorption in thepresence of F&-ox. A previous study
reported that CA could be adsorbed by iron hydrexulecipitates (Yinget al., 1988). The
adsorption of CA on iron-containing minerals cosignificantly influence the ability of £g*
to destroy CA during ISCO because S@nd 'OH are generally not effective at reacting with
adsorbed species. Figures 4a and 4c present thfiof CA in the solution and on the'kFe
ox surface (50 g/L) during the treatment with p&ataat T = 70 °C. As with the homogeneous
experiment, our intention was to investigate thaaeal of CA under acidic, circumneutral, and
alkaline conditions. However, in the experimenthwimitial pH of 4, the pH of the solution
quickly increased to pH 6 after 1 hour, and fromréhgradually increased to pH 7.1 by the end
of the experiment. Because the decomposition,6%Sproduces H, which should have caused
the pH of the solution to decrease, the pH increaghis experiment was attributable to the
ability of Fd"-ox to buffer the solution in the circumneutral pahge. Therefore, although the
solution in this experiment was initially acidibetexperiment is referred to as the circumneutral
pH experiment in the subsequent discussion.

Under the circumneutral pH condition, except fer @ h the adsorbed fraction accounted for

over 50% of the total CA in the system (Figure 4a)contrast, only less than 5% of the CA in
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317 the pH 12.2 experiment was associated witll-Be (Figure 4c). Under both pH regimes, the
318 total concentration of CA decreased over time (Fegutb and 4d), although the rates of decrease
319  were slower than those in the respective pH regifriee homogeneous systems (Figures 3b and
320 3c). The stoichiometric efficiencies, E, in the laganeous and heterogeneous systems were
321 comparable at circumneutral pH, whereas at alkgbtHethe efficiency in the heterogeneous
322 system was almost three times lower than thaterhttmogeneous system (Table 2). It is noted
323 that since only approximately 90% of the CA adsdrlom Fé'-ox could be recovered by
324  extraction (see section 2.4), the actual E in #terdogeneous system could be slightly lower than
325 the values reported in Table 2. It is also notedt thlthough Cl was measured in the
326 heterogeneous experiment (Figure 4b and 4d), theerdration at each sampling point
327 represented the total Gkleased from CA and the @ached from impurities in Feox. (The

328 presence of Glcontaining impurities in F&-ox was confirmed by washing Fex particles and
329 measuring Clin the spent solution). The contribution of &Y the impurities explains why some
330 ACI/A[CA] values were greater than 6 (Table 2).

331 The slower CA oxidation and lower E in the hetermgmus system are attributable to 1) the
332 slower rate of $¢* decomposition (compare the inset of Figures 3b3bs.and 3c vs. 4d),
333  which resulted in the slower rates of S@nd OH production; 2) the scavenging of SGnd

334 'OH by the F&-ox surface; since CA is only moderately reactivithvO,” and'OH (kon and

335  ksos< 5x10 Ms?), introducing any scavenger into the systen!'(Be in this case) would have
336 appreciably slowed the oxidation of CA; and 3) #usorption of CA on F&-ox, which would

337 reduce the amount of dissolved CA available foctiag with SQ™ and"OH. In the pH 12.2
338 experiment, the adsorption should not appreciafigcaCA oxidation since most CA remained

339 in the solution. In the circumneutral pH experimesmce over 50% of the CA in the system was

17



340 associated with Peox, the oxidation of CA by SO and’OH must have been influenced, at

341 leastin part, by the adsorption/desorption of CA.
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3.4 Effect of pH on CA adsorption on model mineralsTo further investigate the influence of
adsorption on the fate of CA, the affinity of CA f@'-ox as well as to other model minerals
such as Mn@ Al,O3 and SiQ was investigated in solutions with pHs rangingrrd to 12. The
fraction of CA that adsorbed onto't®x decreased with increasing pH (Figure 5). At<pPR.5,
essentially all CA in the system was associatetl %' -ox regardless of the solid concentration
(i.e., 5 g/L vs. 50 g/L). In contrast, over 95% @A remained in the solution when pH was
greater than 10. Not surprisingly, in the pH ra2ge — 10 more CA was adsorbed by 50 g/L
Fe'-ox than by 5 g/L F&-ox. A similar trend between pH and CA adsorpticasvalso observed
by Ying et al, who reported that more CA was adsorbed on féaydroxide precipitates at pH
3.3 than at pH 7 (Yingt al, 1988). In the presence of 50 g/L of'Fex, the fraction of CA
associated with Feox at pH 8.3 was approximately 20-25%. In the afish experiment
conducted at the same pH, the fraction of CA assediwith F& -ox was 10% at t = Oh, and was
over 50% at the other time points (Figure 4a). Hmvedirect comparison of the fraction of CA
adsorbed in these two experiments is not possiblee she experiments were conducted at
different temperature (i.e., T = 22 °C in the agton experiment vs. T = 70 °C in the oxidation
experiment), and employed solutions with differeamposition (i.e., the solutions in the
adsorption experiment did not contasOg").

Similar trends between pH and CA adsorption wergenled with Si@ MnO,, and AbO;,
although compared to the adsorption edges 8td&eand AbOs, those of Si@and MnQ were
displaced toward more acidic pH (Figure 6). In tdase of AJOs, the decrease in adsorption
between pH 2.5 and 4.5 was attributable to theotlisen of AlL,O3 in this pH range. Based on
the adsorption edge trends among the solids, amdrémd between adsorption and pH, it is

hypothesized that the adsorption of CA is contblby electrostatic interactions between the
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surface and CA molecules. Above the point of zérarge (pzc) of each solid (i.e., 2 — 5 for SiO-
2, 3 — 6 for MnQ and 7.5 — 9 for AlD; and iron oxides) (Sverjensky and Sahai, 1996, iSaith
Sverjensky, 1997, Cristiang al., 2011), both CA (pk = 3.1, pKy = 4.6) and the surface are
negatively charged. As the pH increased, the saff@comes more negatively charged, resulting
in an increase in repulsion between CA and theasarf and therefore a decrease in CA
adsorption. In the pH range between,p&nd pzc, the negatively charged CA molecule would
be attracted to the positively charge surface. AkppKa,, the CA molecules that are negatively
charged would be electrostatically attracted to gbsitively charged surface, whereas the CA
molecules that are neutrally charged could havessaffinity towards the surface due to the non-
specific interaction (i.e., hydrophobic-hydropholmteraction).

Overall, the results described above indicate ttatgroundwater pH and the geology of the
subsurface could have significant influence onrtiability of CA in the subsurface, as well as

the ability of activated-$¢ to destroy CA during I1SCO.

3.5 Experiments with groundwater and aquifer soil.In the homogeneous and heterogeneous
experiments (sections 3.2 and 3.3), the initialcemration of $05> was 1 mM (0.192 g/L as
S,0¢%). This concentration is relatively low comparedtiie concentrations of,Ss> solutions
used in remedial systems, which typically rangas/éen low and high tens of grams per liter of
S,0¢”. Once introduced into the subsurfacg)$ will be activated into S§ and ‘OH by
aquifer soil, or by solutions containing dissolvedtals or a strong base that are co-injected with
S,06”. $0¢% can also be activatdd situ by heat via steam injection, addition o§®4 (the
decomposition of bD, liberates heat), or electrical resistance heafirggtonakiet al., 2010;
Reynolds, 2014). With base activation the solupbhusually remains at above pH 10, whereas

with the other activation techniques the solutibhgan decrease to as low as pH 2 — 3 once the
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natural buffering capacity of the subsurface isletep. This is because the decomposition of
each $0g* molecule generates two'kbns.

Because CA adsorption is influenced by the solupibin(Figures 5 and 6), the fluctuation of
pH in $Os*-based remedial systems can significantly affeetdkidative treatment of CA. To
further examine the utility of 5> for in-situ treatment of CA, the degradation of CA in
reactors containing authentic samples of groundwatel aquifer soils was conducted. A
preliminary experiment conducted at 70 °C showed the combination of heat and matrix
activations resulted in a rapid pH decrease to an@ a 100% loss of CA due to adsorption
within only 15 minutes (data not shown). As sudhe@periments with groundwater and aquifer
soil were conducted at 22 + 1 °C and not at elev&genperature, as in the experiments with
Fe'-ox.

In the matrix-activated persulfate reactors, asdib@mposition of persulfate took place, the
solution pH dropped from 5.5 to 1.7 within the fif8 hours of the experiment. Concurrently,
CA levels dropped below our detection limit (gl) (Figure 7). However, CA concentrations
rebounded to near baseline conditions when thefgHeosolution was adjusted back to pH ~ 6.
A similar CA concentration-pH trend was observedtlie subsequent 50 hours, with CA
concentrations decreasing in the solution as thelgtleased but increasing again as the pH was
raised. This CA concentration trend is attributabléhe CA adsorption on and desorption from
the aquifer soils. This hypothesis is supportecabyadsorption test, which revealed that all CA
was associated with the aquifer soils at pH belody @hereas over 90% CA remained in the
solution at pH above 6 (Figure 8). In the reactmstaining $0s>, the oxidation of CA did not
occur to an appreciable extent (Figure 7); in fadly less than 3% of CA was oxidized after

more than 95% of ®5° was consumed (E < 0.003%).
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Neither adsorption nor oxidative transformation @A occurred appreciably in the base-
activated $0s° reactors (Figure 7). The adsorption of CA did raket place as the pH of the
solution in these reactors was maintained at ad@véhroughout the experiment, whereas the
lack of oxidative transformation is attributable ttee radical scavenging by the aquifer soil
surface (the aquifer soil contained 0.4 mg/kg ajaoic carbon), as well as by groundwater
solutes such as GO CI, and dissolved organic matter.

4. Conclusions and implications for the remediatiorof CA by S0g”

Based on the findings described above, the follgvaanclusions can be made aboutitisitu
remediation of CA. Firstly, due to the affinity GfA toward surfaces, the groundwater pH and
the geology of the subsurface could have a sigmifienfluence on the mobility of CA and the
extent of the CA plume. Secondly, activated pegsalican be used to oxidize CA. However,
given the moderate reactivity of CA with $Cand’OH radicals (ko4 = (6.57 + 0.83)x10M™s™
and lop = (8.71 + 1.67)x10M™s* at 24.5 °C), the oxidation of CA will only occupmreciably
when radical scavengers such as background soldissplved organic matter, and co-
contaminants are not present in significant quiastitThirdly, in the presence of a surface,
adsorption is expected to be the predominant mesimaof CA removal under acidic conditions.
As such, the disappearance of CA (if observed)pfdlig the injection of s> should be
carefully scrutinized, because such disappearaogkl e the result of adsorption rather than
oxidative transformation. The adsorption of CA quiéer soils can be particularly significant in
systems with low pH buffering capacity where the pHn drop dramatically as,G*
decomposes. When adsorption is the primary remmedhanism, the concentration of CA in
the groundwater is expected to rebound once pHeasas and desorption starts to occur. While

monitoring the concentration of Cin the groundwater may help determine if oxidative
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transformation is occurring (since the transfororatf CA generates JJ it will be difficult to
detect changes in systems containing a high coratemt of background CI Fourthly, the
transformation of CA could take place in systemsemghthe solution pH remains neutral
throughout the treatment, such as in systems contaexcess buffering capacity (e.g., Figure
3b). However, such systems will likely contain higgncentrations of bicarbonate and carbonate
which can compete with CA foOH and S@". Finally, under alkaline conditions typical of
remedial systems in which,Gg? is activated by a base, CA would remain in the timiuand
would be available for reacting wif®H and SQ". However, as in the circumneutral systems,
the CA transformation rate and efficiency are exg@do be low due to the scavenging of the
radicals by aquifer soils and the solutes presetite groundwater.

When SOg¢” is deemed to be ineffective, other remedial opstifar CA could potentially be
in-situ transformation by a strong reductant (e.g., zedewt iron), or adsorptivex situ
treatment (i.e., pump-and-treat). The ability ofazealent iron to destroy CA is currently being

evaluated in our laboratory.
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Temp (°C) | koy (M7's™) kso (M7'sh

24.5 (8.71 +0.17) x T0RF = 0.997| (6.57 +0.83) x 10’ = 0.983
40 (1.48 +0.11) x TOR" = 0.979]| (1.42 +0.20) x ¥R = 0.945
70 (3.41+0.12) x TORF = 0.995| (4.96 +0.31) x $pRF = 0.977

Table 1. Temperature-dependent rate constant for the remchietween CA and hydroxyl or

sulfate radicals. All solutions were buffered with mM phosphate to give an initial pH of 7.0.

_pH pH | E= (A[CA)/A[S;:0571)x100% | A[C! TproducedA[CA]
initial | final = "4h t=10h | t=4h] t=10h
3.6 2.7 15.2% 11.5% 5.1 5.6
8.3 8.4 6.7% 6.4% 5.2 5.9
122 | 11.8 5.4% 3.5% 5.3 5.8
455 7.1 7.2% 6.1% 6.6 7.4
12.2 10 1.9% 1.3% 11.7 12.6

Table 2. Persulfate utilization efficiency E alCl ] proqucedA[CA] in the homogeneous (the first

three rows) and heterogeneous (the last 2 rowslatign of CA by persulfate.

* The actual efficiency might be slightly lower, asly ca. 90% of the adsorbed CA can be
recovered from the iron oxide surface.

** As each CA molecule contains 6 Cl atoms, the mmaxn theoretical value fak[CI
JproducedA[CA] should be 6. The higher values observed is¢hexperiments are likely due to the

contribution of Climpurity released from the iron oxide.
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competition kinetics plot for hydroxyl radical reé@mn with chlorendic acid using SCNs a
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over the range 24.5 — 700 (see values in Table 1). Fitted line correspdodsctivation energy

of E, = 25.43 + 0.36 kJ mdl
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Figure 5. Adsorption of CA onto 5 g/L and 50 g/L 'Fexyhydroxide. [CA} = 0.1 mM.
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Figure 6. Adsorption of chlorendic acid (CA) onto silica, alina, pyrolusite, and Fe

oxyhydroxide. [CA} = 0.1 mM; [solid] = 50 g/L.
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Figure 7. Degradation of CA in a solution containing aquierl and groundwater. Each reactor
contained 40 g soil and 80 mL groundwater. The ggawater was amended with CA such that
the initial CA concentration was 0.05 mM. (a) nattactivated persulfate experiment; (b) base-
activated persulfate experiment in which the solupH was maintained between 12 and 12.5 by
addition of aliquots of 5 M NaOH. The initial comteation of $Og” was 85 mM, and the
experiments were terminated when over 95% of patseuwvas consumed (3 days for the natural-
activated persulfate experiment, and 1 day for hiase-activated persulfate experiment).

Experiments were conducted at T = 22 °C.
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Figure 8. Adsorption of chlorendic acid (CA) onto aquiferlsfCA]o = 0.05 mM; [solid] = 50

o/L.



Highlights

« Activated persulfates $8s°) could degrade CA only under certain conditions

e In homogeneous (i.e., solid-free) solutions, CAlddae oxidized byOH and SQ~

* In heterogeneous solutions, CA was removed maipnlgdsorption to solids

» Adsorption of CA retarded/inhibited the oxidatioh@A, especially at acidic pH

« CA desorption after £5° is depleted may cause the CA concentration to mdbou



