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Tetrachloroethylene and hexachloroethane
degradation in Fe(III) and Fe(III)–citrate
catalyzed Fenton systems
EunHea Jho,a,c Naresh Singhala∗ and Susan Turnerb

Abstract

BACKGROUND: Tetrachloroethylene (PCE) and hexachloroethane (HCA) degradation, individually and in mixture, is investigated
by Fe(III) or Fe(III)-citrate initiated Fenton reaction under a range of hydrogen peroxide (H2O2) concentrations to illustrate the
applicability and constraints of Fenton chemistry in degrading contaminants in polluted groundwater.

RESULTS: In individual solutions Fe(III) rapidly degraded PCE for all H2O2 concentrations, but HCA at ≥ 0.2 mol L−1 H2O2; the
apparent PCE degradation rate initially increased but then decreased with increasing H2O2, while the HCA degradation rate
was either unaffected or increased. With Fe(III)-citrate PCE degradation was lower and no HCA degradation occurred. PCE
degradation was lower in PCE-HCA mixture, but the trend with H2O2 concentration was similar to the individual chemical; for
HCA the residual was smaller for higher H2O2 concentration, but the apparent degradation rate constant was unaffected.

CONCLUSION: Fe(III) catalyzed reactions can potentially degrade chemicals through reductive as well as oxidative
transformations. Degradation of chemicals in mixtures occurs at a slower rate due to competition for radical moieties.
The Fe(III)-citrate complex further slowed chemical transformation. This study expands on the use of different forms of iron to
catalyze the Fenton reaction to degrade chemicals.
c© 2012 Society of Chemical Industry
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INTRODUCTION
The Fenton reagent, consisting of a mixture of iron(II) and hydrogen
peroxide (H2O2), is often used to degrade organic contaminants
in water and soil. One of its common modifications involves the
use of Fe(III), instead of Fe(II), to initiate the reactions,1 producing
oxidative and reductive radical moieties via several interconnected
reactions (Table 1). A second modification involves using iron
complexed with inorganic or organic chelates, instead of the free
Fe(II) or Fe(III), to increase iron solubility at near neutral pH as well as
to control the H2O2 consumption rate.2 – 4 In such applications citric
acid, a naturally occurring biodegradable multidentate organic
chelate, has often been used as a modifier to extend the reactivity
duration.2,5

Upon initiation, Fe(III) forms Fe(III)-hydroperoxy complexes,
which are assumed to decompose to Fe(II), and this is accompanied
with the production of perhydroxyl radicals (HO•

2) and superoxide
anion radicals (O•−

2 ) (Reactions 1 and 2 in Table 1).6 According to
the Fenton chemistry, Fe(II) is oxidized back to Fe(III) via Reactions
3–5, resulting in production of hydroxyl radicals (OH•). The radicals
can further react with H2O2 (Reaction 6 and 7) or with each other
(Reaction 8). Of the various radicals present, OH• is acknowledged
as being the most active and capable of oxidizing many organic
compounds at near diffusion-controlled rates with second-order
rate constants >109 M−1 s−1.7 Probably, as a result of this the
degradation of organic compounds by other radicals of Fenton
chemistry (e.g. O•−

2 ) has not been as extensively investigated as
their degradation by OH•.

Contaminated soils and groundwaters usually contain mix-
tures of chemicals;8 Fenton degradation of contaminants in such
environments can be better illustrated via studies involving a com-
bination of chemicals. In this study we investigate the degradation
of a combination of chemicals – tetrachloroethylene (PCE) and
hexachloroethane (HCA). Both chemicals are commonly encoun-
tered as groundwater pollutants9 and their individual degradation
by Fenton reagent has previously been investigated.10 While
PCE can be degraded by OH• and O•−

2 ,11 – 12 its degradation by
OH• (k = 3.9 × 109 M−1 s−1) is significantly faster than by O•−

2
(k = 15.0 ± 4.5 M−1 s−1 in dimethylformamide);13,14 HCA degra-
dation occurs only via the reduction pathway using O•−

2 .15,16

Thus, HCA can serve as a O•−
2 probe compound and PCE effec-

tively serves as a OH• probe compound. In a previous study we
showed that the Fe(II) catalyzed Fenton reactions can simulta-
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Table 1. Rate constant or equilibrium constant for reactions in Fenton chemistry

Reaction No. Reactions Rate constant (M−1 s−1) References

(1) Fe3+ + H2O2 → Fe2+ + HO•
2 + H+ 0.01 30

(2) HO•
2 ↔ H+ + O•−

2 pK†: 4.8 31

(3) Fe2+ + H2O2 → Fe3+ + OH• + OH− 76 32

(4) Fe2+ + HO•
2 + H+ → Fe3+ + H2O2 1.2 × 106 33

(5) Fe2+ + O•−
2 + H+ → Fe3+ + HO•

2 1 × 107 34

(6) HO•
2 + H2O2 → H2O + O2 + OH• 0.50 ± 0.09 35

(7) H2O2 + OH• → H2O + HO•
2 (1.2–4.5) ×107 32

(8) OH• + O•−
2 → OH− + O2 1.0 × 1010 36

† The dimensions of equilibrium constant pK depend on the stoichiometry of the reaction.

neously degrade PCE and HCA.10 Additionally, the simultaneous
degradation of trichloroethene (TCE) and carbon tetrachloride
have been reported for modified Fenton reactions catalyzed by
pyrite.17 However, the degradation of a mixture of PCE and HCA
via Fe(III) catalyzed reactions (i.e. O•−

2 driven transformations)
has not been reported. This study investigates the degradation
behavior of PCE and HCA, individually and as PCE–HCA mix-
ture, using Fe(III) or Fe(III)-citrate to catalyze the Fenton reaction.
Specifically, the effect of H2O2 concentration on the degrada-
tion of PCE and HCA is studied to define the applicability of
Fe(III) or Fe(III)–citrate initiated Fenton reaction for remediation of
contaminant mixtures.

MATERIALS AND METHODS
Chemicals and solution preparation
All the reagents used in this study were reagent grade. PCE
(> 99.5%, Fluka, USA), HCA (99%, Aldrich, USA), iron(III) perchlo-
rate hydrate (< 0.10% chloride, Aldrich, USA), hexane (95%),
sodium citrate dihydrate (Mallinckrodt Baker, USA), and H2O2

(30%, LabServ Pronalys, Australia) were used. The experimental
procedure followed has previously been reported.10 Fe(III) stock
solution (20 mmol L−1) and Fe(III)-citrate solution (20 mmol L−1

Fe(III)) were prepared by dissolving Fe(ClO4)3 in solutions of
0.01 mol L−1 HClO4 and 60 mmol L−1 citrate, respectively. All ex-
periments were performed at room temperature in intermittently
stirred 60 mL borosilicate vials that were filled with 59.0 ± 0.1 mL
solution containing 1 mmol L−1 Fe(III), 0.01–2 mol L−1 H2O2,
0.30 ± 0.17 mmol L−1 PCE and/or 0.015 ± 0.007 mmol L−1 HCA.
The solution pH was adjusted to 2.87 ± 0.03 using 1 mol L−1

perchloric acid or 1 mol L−1 potassium hydroxide. Up to six repli-
cates of each experimental condition were performed, along with
controls in which deionized water substituted for H2O2, with the
samples analyzed in duplicate.

Residual PCE and HCA analysis
At specified intervals the residual PCE or HCA was extracted
in hexane10 and analyzed using a Hewlett-Packard 6860A gas
chromatograph equipped with a 0.53 mm (ID) ×30 m AT-624
capillary column (Alltech, USA) and a halogen specific detector
(O.I. Analytical, USA). The oven temperature was kept at 40 ◦C
for 2 min followed by 10 ◦C min−1 rise to 160 ◦C and then
20 ◦C min−1 rise to a final temperature of 230 ◦C, which was
maintained for 2 min. The injector and detector temperatures
were 250 ◦C and 1000 ◦C, respectively, and the helium flow rate
was 5.09 mL min−1 with a split ratio of 12 : 1. The method detection

limits were 0.008 mmol L−1 for PCE and 0.001 mmol L−1 for HCA.
While the residual amounts of PCE and HCA were monitored, the
intermediate products of their degradation were not determined.
The data obtained were fitted to an empirical model and the
kinetic parameters and their associated confidence intervals (CI)
were estimated using the GraphPad Prism (CA, USA) software.
The significance of difference in the estimates was determined by
performing the extra sum-of-squares test at a P-value of 0.05.

PCE and HCA data regression
The rate constants for PCE and HCA degradation in the Fe(III)
and Fe(III)-citrate catalyzed reactions were derived from the
degradation data to compare the behavior of PCE and HCA with
increasing H2O2 concentration. The degradation of PCE and the
degradable portion of HCA (i.e. the amount obtained by deducting
the final residual fraction, Cres, from the observed concentrations
normalized with respect to the initial concentration) were modeled
using the following first order kinetic relationship.10,18 – 19

C = (1 − Cres)e−kt + Cres (1)

where C = PCE/PCE0 or HCA/HCA0 (dimensionless), the PCE
or HCA concentration at time t (h) normalized with respect to
the initial concentration (PCE0 or HCA0), Cres = PCEresidual/PCE0

or HCAresidual/HCA0 (dimensionless), the residual PCE or HCA
concentration normalized to the initial concentration (i.e. the
remaining nondegradable fraction of PCE or HCA), and k =
apparent first-order rate constant (h−1). This formulation differs
from the typical expression of PCE and HCA degradation rates
as second-order kinetic functions of the concentrations of the
chemical and the oxidant or reductant radicals.20

d[C]

dt
= −k′[C][R] (2)

where, C represents PCE or HCA and R represents oxidant or
reductant radicals. As radical moiety concentrations were not
measured in this study, the kinetic rates were expressed using a
first-order model (Equation (1)) in which the ‘pseudo’-first-order
rate constant, k, represents the product of the second-order rate
constant k′ and the radical moiety concentration R. The adoption
of an apparent first-order rate constant inherently assumes some
‘averaged’ concentration for the radical moiety. Accordingly, a
large variation in the radical moiety concentration over the
experiment duration will result in a poor fit to data. Additionally,
as a result of this approach the fitted apparent first-order rate
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constants will vary for different experimental conditions.10 To
further confirm the trends obtained using the above model for
data showing partial chemical removal, the obtained rate constant
estimates were compared with those from the following model
specifically developed for incomplete chemical degradation:21

C

C0
= 1 − t

m + bt
(3)

where C0 is the initial chemical concentration, 1/m represents the
initial decay rate (i.e. as t 0) and 1/b represents the maximum
degradable fraction of the chemical (i.e. 1 − Cres/C0).

RESULTS AND DISCUSSION
Effect of H2O2 concentration on PCE and HCA degradation
Irrespective of the H2O2 concentration the change in solution
pH was 0.06 ± 0.01 pH units over 24 h and the volatilization
losses of PCE and HCA over 24 h in control vials were 7.5 ± 6.4%
and 4.2 ± 3.3%, respectively. Consistent with literature22 the
formation of gas bubbles in vials was more vigorous for higher
H2O2 concentrations between 0.2 mol L−1 and 2 mol L−1. The gas
formation was attributed to oxygen production (Reactions 6 and
8 in Table 1) and decomposition of H2O2

23 rather than carbon
dioxide production from PCE and HCA degradation19 as carbon
dioxide has high solubility in water and the concentrations of
PCE and HCA, relative to H2O2, are low. Thus, oxic conditions are
expected to prevail in the vials and the possible enhancement
of contaminant degradation in the absence of oxygen from the
production of organic radicals24 was not considered. Furthermore,

at H2O2/Fe(II) ratios greater than 25, a condition that applies
to this study except at 0.01 mol L−1 H2O2, the effect of oxygen
on the contaminant decomposition rate has been shown to be
insignificant.25 For both the individual PCE solution and the PCE-
HCA mixture, complete PCE degradation was achieved within
2 h in the Fe(III) catalyzed reactions at all H2O2 concentrations
(Fig. 1). However, using Fe(III)-citrate it took about 24 h for PCE
to completely degrade at H2O2 < 0.2 mol L−1; PCE degradation
was lower for H2O2 ≥ 0.2 mol L−1 (Fig. 2). However, no indication
of plateauing of PCE degradation was visible in any of the Fe(III)-
citrate tests. Therefore, a Cres of zero was used to model PCE
degradation in all cases. These observations indicate that PCE
can be degraded by the Fe(III) or Fe(III)-citrate catalyzed reactions
regardless of the presence or absence of HCA.

The estimated values and 95% confidence intervals for the
apparent rate constants (k) for PCE in the Fe(III) system and
the Fe(III)–citrate system are presented in Table 2 along with
the coefficients of correlation (R2) for the fits. The apparent
PCE degradation rate constants increased with increasing H2O2

concentration from 0.01 mol L−1 to 0.2 mol L−1 for Fe(III) catalyzed
reactions, but then decreased for higher H2O2 concentrations
regardless of the presence or absence of HCA.

For corresponding H2O2 concentrations, the first order degra-
dation rate constants in vials with only PCE were statistically
larger than those in the vials with PCE–HCA mixture. In the
Fe(III)–citrate system the estimated PCE degradation rate con-
stants were significantly smaller than those for the Fe(III) system.
The PCE degradation rate constants and the amount degraded
in Fe(III)–citrate catalyzed vials decreased with increasing H2O2

concentration regardless of the presence or absence of HCA
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Figure 1. Effect of H2O2 concentration on PCE degradation using Fe(III) in (a) PCE-only vials with control, 0.01 mol L−1, 0.05 mol L−1, 0.2 mol L−1, and
2 mol L−1 H2O2, (b) PCE-only vials with control, 0.5 mol L−1, and 1 mol L−1 H2O2, (c) PCE-HCA mixture with control, 0.01 mol L−1, 0.05 mol L−1, 0.2 mol L−1

and 2 mol L−1 H2O2, and (d) PCE-HCA mixture with control, 0.5 mol L−1 and 1 mol L−1 H2O2. [Fe(III)]0 = 1 mmol L−1, [PCE]0 = 0.30 ± 0.17 mmol L−1,
[HCA]0 = 0.015 ± 0.007 mmol L−1, pH 2.87 ± 0.03. Symbols represent Control 0.01 mol L−1 0.05 mol L−1 0.2 mol L−1 0.5 mol L−1

1 mol L−1 2 mol L−1. The lines shown are first-order fits to data. Data points and lines represent mean ± standard deviation with 4 replicates for
PCE-only vials and 5 replicates for PCE-HCA mixtures.
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Figure 2. Effect of H2O2 concentration on PCE degradation using
Fe(III)–citrate (1 : 3 molar ratio) in (a) PCE-only vials and (b) PCE–HCA
mixture. [Fe(III)]0 = 1 mmol L−1, [PCE]0 = 0.30±0.17 mmol L−1, [HCA]0 =
0.015 ± 0.007 mmol L−1, pH 2.87 ± 0.03. Symbols represent Control

0.01 mol L−1 0.05 mol L−1 0.2 mol L−1 0.5 mol L−1

1 mol L−1 2 mol L−1. The lines shown are first-order fits to data. Data
points and lines represent mean ± standard deviation with 4–6 replicates
for PCE-only vials and 4 replicates for PCE–HCA mixtures.

(Fig. 2). Fits to data using the ‘apparent’ degradation rate constant
approach adopted in this study were relatively weaker for PCE
degradation by Fe(III)–citrate (R2 of ∼0.75) than for Fe(III) (R2 of
∼0.97). This is to be expected as the fastest degradations occurred
at low H2O2 concentrations (0.01 mol L−1 to 0.05 mol L−1), where
H2O2 consumption would cause a larger proportional change in its
concentration over time, resulting in higher deviation between the
prevailing concentration and the ‘averaged’ radical concentration
implicitly used for the fit.

An explanation for the above observations can be offered. The
second-order degradation rate constants for PCE by OH• and
O•−

2 are, respectively, 3.9 × 109 M−1 s−1 and 15.0 ± 4.5 M−1 s−1

(in dimethylformamide),13,14 indicating that PCE degradation by
O•−

2 is likely to be significant only when the reductive radical
is present at high concentration. Thus, PCE degradation is
primarily influenced by the concentration of OH• in the system.
In Fe(III) or Fe(III)–citrate initiated reactions, the production of
OH• is influenced by the formation of Fe(III)–peroxo complexes,
[Fe(HO2)]2+ and [Fe(OH)(HO2)]+, as intermediates of Reaction (1) in
Table 1. At low H2O2 levels, an increase in H2O2 concentration
enhances the formation of these complexes, which accelerate
the decomposition of H2O2 and the production of Fe(II) and

OH•, thereby enhancing PCE degradation; at high H2O2 levels,
however, two changes result in reversal of this trend for PCE
degradation – first, OH• consumption is dominated by its reaction
with H2O2 (Reaction (7) in Table 1) and secondly, the bulk of
Fe(III) is present as Fe(III)–peroxo complexes, which do not
participate in propagation reactions and lower the concentrations
of Fe(II) and OH• in solution.26 Fe(III) measurements in the current
experiments are consistent with this explanation (data for Fe(III)
has not been presented). The final Fe(III) concentrations in reaction
vials were lower than those in controls (i.e. vials containing
no H2O2); however, this difference decreased for higher H2O2

concentrations, indicating an increase in Fe(III) within the reaction
vial. For systems with Fe(III)–citrate, Fe(III) in solution is limited
and that exacerbates the consequences of the above reactions.
Furthermore, citrate can also act as a sink for OH•.27 As a result the
pseudo-decay rate for PCE decreases for larger H2O2. In PCE-HCA
mixture the degradation of PCE is lower than the corresponding
PCE-only system due to the consumption of O•−

2 by HCA, which
decreases the O•−

2 available for reductive transformation of PCE as
well as lowers the formation of OH• by Reaction (6) in Table 1 to
decrease the oxidative transformation of PCE.

HCA degradation by Fe(III) (Fig. 3(a), (b)) was modeled using
a non-zero Cres in Equation (1) to account for non-degradable
residual chemical; HCA degradation in Fe(III)–citrate system was
insignificant and was not modeled (data not presented here).
Table 3 presents k and Cres for HCA degradation in the Fe(III)
system. The R2 values for HCA degradation range between 0.70
and 1.00 for fits to data that yielded statistically significant (i.e.
non-zero) degradation rates; for rate constant estimates that were
statistically insignificant (i.e. they were zero), the R2 values were
low (R2 ≤ 0.37). HCA degradation in the Fe(III) catalyzed reactions
was observed only for H2O2 ≥ 0.2 mol L−1 and the rate constants
and the amount degraded (i.e. 1–Cres values) increased for higher
H2O2 concentrations between 0.2 mol L−1 and 2 mol L−1 in vials
with only HCA in solution (Fig. 3(a)–(b) and Table 3). For vials with a
PCE-HCA mixture, the rate constants were unaffected by the H2O2

concentration but the amount of HCA degraded increased for
higher H2O2 concentrations between 0.2 mol L−1 and 2 mol L−1

(Table 3). At 2 mol L−1 H2O2, complete HCA degradation was
achieved within 2 h in the HCA-only vials (Fig. 3(a)), but required
about 24 h in the PCE–HCA mixture (Fig. 3(b)). The parameters 1/m
and 1/b (Equation (3)) show similar trends as k and (1−Cres), respec-
tively, for increasing H2O2 concentrations (data not presented).

Simulations of Fe(III) initiated Fenton reaction show rapid
formation and peaking of HO•

2/O•−
2 , and an increase in their

concentration for higher levels of H2O2.26 These findings indicate
that the O•−

2 pool will increase for larger H2O2, but because the
pool is finite, reaction with HCA will result in depleting it. Thus, with
an increase in H2O2 concentration the rate as well as the amount of
HCA degraded can be expected to rise. The degradation of carbon
tetrachloride, a compound bearing similarity to HCA in its structure
and degradation mechanism, by a Fe(III) initiated Fenton reaction
has also similarly shown an increase with H2O2.16 The amount of
HCA degraded was similar in vials with the individual chemical
and those with the PCE-HCA mixture (Fig. 4(b) and 4(c)), indicating
that the O•−

2 pool in the two systems was similar. However, HCA
degradation in PCE-HCA mixture was slower than that in the HCA-
only system for large H2O2 concentration, but the reason for this
kinetic limitation is unclear.

The apparent PCE degradation rate constants, HCA degradation
rate constants, and HCA residuals show correlation with the log
H2O2 concentration (R2 ≥ 0.91) (Fig. 4). In this figure a negative
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Table 2. PCE degradation rate constant (best-fit value±95% CI) for different H2O2 concentrations in the Fe(III) catalyzed and Fe(III)–citrate catalyzed
reactions at pH 3 (Cres = 0)

Reactions Fe(III) catalyzed reactions Fe(III)–citrate catalyzed reactions

Solutions PCE-only solution PCE-HCA mixture PCE-only solution PCE-HCA mixture

[PCE0] (mmol L−1)† 0.21 ± 0.18 0.17 ± 0.00 0.39 ± 0.20 0.30 ± 0.10

[HCA0] (mmol L−1)† Not relevant 0.017 ± 0.005 Not relevant 0.011 ± 0.005

PCE/HCA ratio Not relevant 7.2 ± 2.2 Not relevant 19.0 ± 1.1

H2O2 (M) Rate constant (h−1)‡ R2 Rate constant (h−1)‡ R2 Rate constant (h−1)‡ R2 Rate constant (h−1)‡ R2

0.01 6.04 ± 1.10a 0.97 1.69 ± 0.25f 0.99 0.96 ± 0.39i 0.75 0.41 ± 0.12n 0.78

0.05 15.76 ± 1.78b 0.99 4.37 ± 1.08g 0.96 0.17 ± 0.07j 0.76 0.20 ± 0.06j 0.69

0.2 40.54 ± 5.81c 1.00 10.14 ± 2.70h 0.94 0.08 ± 0.03k 0.86 0.06 ± 0.01kl 0.51

0.5 24.68 ± 1.99d 1.00 17.54 ± 5.11h 0.92 0.13 ± 0.02j 0.92 0.03 ± 0.01m 0.09

1 18.88 ± 0.69e 1.00 12.95 ± 3.23h 0.94 0.05 ± 0.01l 0.85 0.03 ± 0.01m 0.15

2 14.20 ± 1.15b 0.99 9.43 ± 2.53a 0.94 0.02 ± 0.01m 0.77 0.02 ± 0.00m 0.52

† [PCE0] and [HCA0] are presented as mean ± S.D.
‡ Values followed by the same letter do not differ significantly (P-value > 0.05) by extra sum-of-squares F test in Prism.
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Figure 3. Effect of H2O2 concentration on HCA degradation using Fe(III) in (a) HCA-only vials and (b) PCE–HCA mixture. [Fe(III)]0 = 1 mmol L−1,
[PCE]0 = 0.30 ± 0.17 mmol L−1, [HCA]0 = 0.015 ± 0.007 mmol L−1, pH 2.87 ± 0.03. Symbols represent Control 0.01 mol L−1 0.05 mol L−1

0.2 mol L−1 0.5 mol L−1 1 mol L−1 2 mol L−1. The lines shown are first-order fits to data. Data points and lines represent mean ± standard
deviation based on 3 replicates for HCA-only vials and 5 replicates for PCE–HCA mixtures.

slope represents a decrease in the PCE degradation rate constant
or the HCA residual for larger H2O2 concentrations, while a positive
slope shows the converse. A horizontal line was fitted when values
were statistically similar, indicating their non-dependence on H2O2

concentration. Figure 4 shows that the increase in PCE degradation
for H2O2 concentrations up to 0.2 mol L−1 in the PCE-only vials,
and up to 0.5 mol L−1 in the PCE-HCA mixtures, is accompanied
by negligible HCA degradation, and that the decrease in the PCE
degradation at higher H2O2 concentrations is accompanied by
greater HCA degradation (i.e. an increase in either the rate constant
or the amount of HCA degraded). These observations show that
the reactive moieties available at H2O2 < 0.5 mol L−1 in the PCE-
HCA mixture are unable to cause significant HCA degradation,
while the reactive moieties produced at H2O2 > 0.2 mol L−1 in
the HCA-only vial can degrade HCA.

Applicability of Fe(III) and Fe(III)–citrate catalyzed reaction
for degradation of PCE–HCA mixtures
For both the Fe(III) and the Fe(III)–citrate systems, the PCE
degradation rates in the PCE-HCA mixtures were lower than the
rates in the PCE-only vials. Similarly, the estimated mean HCA
degradation rate constants for the HCA-only vials were consistently

higher than or similar to, and the Cres values were similarly lower
than or similar to, those for the PCE-HCA mixture. In the HCA-only
vials, the plateauing of the HCA degradation begins about 2 h
into the reaction (Fig. 3(a)), within which the PCE degradation is
generally completed in the PCE-only vials (Fig. 1(a)–(b)); however,
in the PCE-HCA mixtures, the plateauing of the HCA degradation
begins after more than 2 h of reaction (Fig. 3(b)). This suggests that
appropriate reactive moieties are present for a longer duration in a
mixture of PCE and HCA. However, in the beginning of the reactions
when both PCE and HCA are present, the PCE and HCA degradation
were lower in the mixtures than in the individual solutions. This
could simply be a consequence of competition for radicals due to
the increase in the total concentration of contaminants; however,
in our previous study with Fe(II) and the Fe(II)–citrate systems the
opposite trend was observed,10 suggesting that the increase in
the total concentration of contaminants was not the likely reason
for this behavior.

As HCA can only be degraded by O•−
2 , the negligible degradation

of HCA at H2O2 < 0.2 mol L−1 indicates that at low H2O2

concentrations the O•−
2 pool is small, and the increase in the HCA

degradation at H2O2 ≥ 0.2 mol L−1 is indicative of an enlargement
of this pool (e.g. via Reactions 1 and 2). The cessation of HCA
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Table 3. HCA degradation rate constant (best-fit value ± 95% C.I.) for different H2O2 concentrations in the Fe(III) catalyzed reactions at pH 3

Reactions Fe(III) catalyzed reactions

Solutions HCA-only solution PCE-HCA mixture

[PCE0] (mmol L−1)† Not relevant 0.17 ± 0.00

[HCA0] (mmol L−1)† 0.022 ± 0.003 0.017 ± 0.005

PCE/HCA Ratio Not relevant 7.2 ± 2.2

H2O2 (M) Rate constant (h−1)‡ Cres
‡ R2 Rate constant (h−1)‡ Cres

‡ R2

0 0.84 ± 0.84 (≈ 0)a 0.97 ± 0.02 (≈ 1)A 0.09 0.56 ± 0.56 (≈ 0)a 0.98 ± 0.02 (≈ 1)A −0.09

0.01 0.51 ± 0.51 (≈ 0)a 0.96 ± 0.04 (≈ 1)A 0.17 0.05 ± 0.05 (≈ 0)a 0.98 ± 0.08 (≈ 1)A 0.00

0.05 0.07 ± 0.07 (≈ 0)a 0.88 ± 0.11 (≈ 1)A 0.70 0.17 ± 0.17 (≈ 0)a 0.91 ± 0.05 (≈ 1)A 0.37

0.2 0.69 ± 0.46bc 0.75 ± 0.04AB 0.79 0.80 ± 0.49bc 0.68 ± 0.04AB 0.70

0.5 1.27 ± 0.55cd 0.47 ± 0.04C 0.94 0.52 ± 0.28bc 0.57 ± 0.06F 0.80

1 2.10 ± 0.56de 0.23 ± 0.03D 0.98 0.62 ± 0.16bc 0.36 ± 0.04G 0.94

2 2.56 ± 0.28e 0.01 ± 0.01 (≈ 0)E 1.00 0.65 ± 0.15bc 0.11 ± 0.05H 0.96

† [PCE0] and [HCA0] are presented as mean ± S.D.
‡ Values followed by the same letter do not differ significantly (P-value > 0.05) by extra sum-of-squares F test. R2 will be negative when the best-fit
curve fits the data even worse than does a horizontal line.
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Figure 4. Relationship between (a) PCE degradation rate constant and H2O2 concentration; (b) HCA degradation rate constant and H2O2 concentration;
(c) HCA residual amount and H2O2 concentration in the Fe(III) system; and (d) PCE degradation rate constant and H2O2 concentration in the Fe(III)–citrate
(1 : 3 molar ratio) system. [Fe(III)]0 = 1 mmol L−1, [PCE]0 = 0.30 ± 0.17 mmol L−1, [HCA]0 = 0.015 ± 0.007 mmol L−1, pH 2.87 ± 0.03. • PCE-only, ◦ PCE
in PCE–HCA mixture, � HCA-only, � HCA in PCE–HCA mixture, – PCE-only/HCA-only, · · · · · PCE–HCA mixture. Data points and lines represent mean ±
standard deviation.
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degradation during the 24 h of reaction indicates that the pool of
O•−

2 is exhausted after some time. Support for this observation is
provided by other studies with O•−

2 generating system using KO2

and H2O2 that have shown larger O•−
2 production with an increase

in H2O2 concentration.11,15,16 Raising the H2O2 concentration from
0.5 mol L−1 to 2 mol L−1 resulted in a larger amount of HCA
degradation over the same duration supporting the suggestion of
a larger O•−

2 pool. The decrease in the apparent PCE degradation
rate constant at H2O2 > 0.2 mol L−1 is attributed to a reduction
in the amount of OH• (for example, due to losses via Reactions
7 and 8); conceivably, for large H2O2 concentrations the reaction
between OH• and H2O2 (Reaction 7) becomes more significant
than the reaction between OH• and PCE, leading to a decrease
in OH• available for reaction. As PCE is also degraded by O•−

2 ,
the observed decrease in the PCE degradation rate constant at
H2O2 > 0.2 mol L−1 suggests that: (i) the increase in O•−

2 at the
higher H2O2 concentrations is either smaller than the decrease
in OH•, (ii) O•−

2 are either less effective than OH• in degrading
PCE, or (iii) O•−

2 preferentially degrades HCA over PCE. Although
these hypotheses cannot be assessed using our observations,
reports of a smaller rate constant for PCE degradation by O•−

2
(k = 15.0 ± 4.5 M−1 s−1 in dimethylformamide) compared to that
for degradation by OH• (k = 3.9×109 M−1 s−1) indicate that if the
decrease in OH• is replaced by equimolar concentration of O•−

2 ,
the apparent PCE degradation rate would be lower.13,14

With Fe(III)–citrate only PCE degradation occurred (i.e. no HCA
degradation was observed). The degradation rate was slower;
however, the degradation continued to occur over the entire
24 h reaction duration. In such systems PCE and HCA degradation
can be expected to be lower as the O•−

2 and OH• formation
rates in this system are limited by the small Fe(III) concentration
in equilibrium with citrate and the iron–citrate complex.4 The
slowdown can also be partly attributed to enhanced quenching of
OH• with Fe(III) in the presence of iron complexes.28 In addition,
citrate degradation by radicals can also potentially contribute to a
lowering of the degradation rates.29 Remediation systems based
on the use of Fe(III)–citrate should take the above limitations into
consideration.

CONCLUSIONS
PCE and HCA show complex patterns of degradation in the
Fe(III)–H2O2 system. The degradation of individual chemicals is
faster than when they are present as a combination in solution;
however, the HCA concentration remaining undegraded in vials
with the individual chemical or the mixture was similar. The form
of iron as well as the H2O2 concentration had a significant effect
on radical species generated and thereby on the degradation
of the chemicals. In the Fe(III) system, the HCA degradation rate
steadily increased for higher H2O2 concentrations, suggesting that
a short-term dosage of high H2O2 can be effective at degrading
HCA or similar compounds that can be reductively transformed.
However, the PCE degradation rate in the above system was
highest at intermediate H2O2 concentrations, suggesting that the
H2O2 loading will need to be controlled as an excessive loading can
result in lower chemical degradation. The enhancement in Fe(III)
solubility via chelation with citric acid led to a significant lowering
in the degradation of chemicals; HCA was not degraded and
PCE degradation occurred at significantly lower rates compared
to the Fe(III) system. As the PCE degradation rate in this system
was highest for the lowest H2O2 concentration used, in practice
chelation may serve a useful purpose by slowing down the H2O2

consumption rate and would be most effective at low H2O2

concentrations. These findings identify some of the opportunities
along with some of the potential pitfalls in the application of
Fenton chemistry to degrade contaminants in the field.

ACKNOWLEDGEMENT
The authors acknowledge the financial support provided by the
New Zealand Foundation for Research, Science and Technology,
Pattle Delamore Partners and the University of Auckland.

REFERENCES
1 Khan E, Wirojanagud W and Sermsai N, Effects of iron type in Fenton

reaction on mineralization and biodegradability enhancement of
hazardous organic compounds. J Hazard Mater 161:1024–1034
(2009).

2 Sun Y and Pignatello JJ, Chemical treatment of pesticide wastes.
Evaluation of iron(III) chelates for catalytic hydrogen peroxide
oxidation of 2,4-D at circumneutral pH. J Agric Food Chem
40:332–337 (1992).

3 Lewis S, Lynch A, Bachas L, Hampson S, Ormsbee L and
Bhattacharyya D, Chelate-modified Fenton reaction for the
degradation of trichloroethylene in aqueous and two-phase
systems. Environ Eng Sci 26:849–859 (2009).

4 Li Y, Bhattacharyya D and Bachas LG, Kinetics studies of tri-
chlorophenol destruction by chelate-based Fenton reaction.
Environ Eng Sci 22:756–771 (2005).

5 Liang C, Bruell CJ, Marley MC and Sperry KL, Persulfate oxidation for
in situ remediation of TCE. II. Activated by chelated ferrous ion.
Chemosphere 55:1225–1233 (2004).

6 De Laat J and Gallard H, Catalytic decomposition of hydrogen peroxide
by Fe(III) in homogeneous aqueous solution: mechanism and kinetic
modeling. Environ Sci Technol 33:2726–2732 (1999).

7 Walling C and Johnson RA, Fenton’s reagent. V. Hydroxylation and
side-chain cleavage of aromatics. J Am Chem Soc 97:363–367 (1975).

8 Huling SG and Pivetz BE, In-situ chemical oxidation, EPA/600/R-06/072,
US Environmental Protection Agency, Washington DC (2007).

9 Aulenta F, Majone M, Verbo P and Tandoi V, Complete dechlorination
of tetrachloroethene to ethene in presence of methanogenesis and
acetogenesis by an anaerobic sediment microcosm. Biodegradation
13:411–424 (2002).

10 Jho EH, Singhal N and Turner S, Fenton degradation of tetra-
chloroethene and hexachloroethane in Fe(II) catalyzed systems
J Hazard Mater 184:234–240 (2010).

11 Watts RJ, Bottenberg BC, Jensen MD, Teel AL and Hess TF, Role
of reductants in the enhanced desorption and transformation of
chloroaliphatic compounds by modified Fenton’s reactions. Environ
Sci Technol 33:3432–3437 (1999).

12 Watts RJ, Loge FJ, Teel AL and Sarasa J, Oxidative and reductive
pathways in manganese-catalyzed Fenton’s reactions. J Environ Eng
131:158–164 (2005).

13 Calderwood TS, Neuman Jr RC and Sawyer DT, Oxygenation of
chloroalkenes by superoxide in aprotic media. J Am Chem Soc
105:3337–3339 (1983).

14 Buxton GV, Greenstock CL, Helman WP and Ross AB, Critical review of
rate constants for reactions of hydrated electrons, hydrogen atoms
and hydroxyl radicals (OH/O−) in aqueous solution. J Phys Chem Ref
Data 17:513 (1988).

15 Smith BA, Teel AL and Watts RJ, Identification of the reactive
oxygen species responsible for carbon tetrachloride degradation
in modified Fenton’s systems. Environ Sci Technol 38:5465–5469
(2004).

16 Teel AL and Watts RJ, Degradation of carbon tetrachloride by modified
Fenton’s reagent. J Hazard Mater 94:179–189 (2002).

17 Che H and Lee W, Selective redox degradation of chlorinated aliphatic
compounds by Fenton reaction in pyrite suspension. Chemosphere
82:1103–1108 (2011).

18 Tang WZ and Huang CP, An oxidation kinetic model of unsaturated
chlorinated aliphatic compounds by Fenton’s reagent. J Environ Sci
Health A 31:2755–2775 (1996).

J Chem Technol Biotechnol 2012; 87: 1179–1186 c© 2012 Society of Chemical Industry wileyonlinelibrary.com/jctb



1
1

8
6

www.soci.org EH Jho, N Singhal, S Turner

19 Yoshida M, Lee BD and Hosomi M, Decomposition of aqueous
tetrachloroethylene by Fenton oxidation treatment. Water Sci
Technol 42:203–208 (2000).

20 Yeh CKJ, Hsu CY, Chiu CH and Huang KL, Reaction efficiencies and
rate constants for the goethite-catalyzed Fenton-like reaction of
NAPL-form aromatic hydrocarbons and chloroethylenes. J Hazard
Mater 151:562–569 (2008).

21 Behnajady MA, Modirshahla N and Ghanbary F, A kinetic model for
the decolorization of C.I. Acid Yellow 23 by Fenton process. J Hazard
Mater 148:98–102 (2007).

22 Aris A and Sharratt PN, Influence of initial dissolved oxygen con-
centration on Fenton’s reagent degradation. Environ Technol
27:1153–1161 (2006).

23 Merz JH and Waters WA, A. Electron-transfer reactions. The mechanism
of oxidation of alcohols with Fenton’s reagent. Discuss Faraday Soc
2:179–188 (1947).

24 Duesterberg CK, Waite TD and Cooper WJ, Fenton-mediated oxidation
in the presence and absence of oxygen. Environ Sci Technol
39:5052–5058 (2005).

25 Duesterberg CK and Waite TD, Process optimization of Fenton
oxidation using kinetic modeling. Environ Sci Technol 40:4189–4195
(2006).

26 Gallard H and De Laat J, Kinetic modelling of Fe(III)/H2O2 oxidation
reactions in dilute aqueous solution using atrazine as a model
organic compound. Water Res 34:3107–3116 (2000).

27 De Laat J, Dao YH, Hamdi El Najjar N and Daou C, Effect of
some parameters on the rate of the catalysed decomposition

of hydrogen peroxide by iron(III)-nitrilotriacetate in water. Water
Res 45:5654–5664 (2011).

28 Li L, Abe Y, Kanagawa K, Shoji T, Mashino T, Mochizuki M, et al, Iron-
chelating agents never suppress Fenton reaction but participate
in quenching spin-trapped radicals. Anal Chim Acta 599:315–319
(2007).

29 Watts RJ and Teel AL, Chemistry of modified Fenton’s reagent
(catalyzed H2O2 propagations-CHP) for in situ soil and groundwater
remediation. J Environ Eng 131:612–622 (2005).

30 Walling C and Goosen A, Mechanism of the ferric ion catalyzed
decomposition of hydrogen peroxide. Effect of organic substrates.
J Am Chem Soc 95:2987–2991 (1973).

31 Bielski BHJ, Cabelli DE, Arudi RL and Ross AB, Reactivity of HO2/O−
2

radicals in aqueous solution. J Phys Chem Ref Data 14:1041–1100
(1985).

32 Walling C, Fenton’s reagent revisited. Acc Chem Res 8:125–131 (1975).
33 Jayson GG, Keene JP, Stirling DA and Swallow AJ, Pulse-radiolysis

study of some unstable complexes of iron. Trans Faraday Soc
65:2453–2464 (1969).

34 Pignatello JJ, Oliveros E and MacKay A, Advanced oxidation processes
for organic contaminant destruction based on the Fenton reaction
and related chemistry. Crit Rev Env Sci Technol 36:1–84 (2006).

35 Afanas’ev IB, Superoxide Ion : Chemistry and Biological Implications.,
CRC Press, Boca Raton, FL, pp 1–10 (1989).

36 Sehested K, Bjergbakke E, Rasmussen OL and Fricke H, Reactions
of H2O3 in the pulse-irradiated Fe(II)-O2 system. J Chem Phys
51:3159–3166 (1969).

wileyonlinelibrary.com/jctb c© 2012 Society of Chemical Industry J Chem Technol Biotechnol 2012; 87: 1179–1186


