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Abstract

The photolysis of hydrogen peroxide in dilute aquecus solution (1 X 10™* M) at various temperatures (15-85 °C) and pif {pH 2.5-7)
was studied by flash phololysis. The rate of oxygen production under continuous photolysis conditions was measured at room temperature.
The ratc constants and activation parameters are reported. Evidence forthe formation of complexes between hydrogen peroxide and intermediate
radicals is presented. The liquid phase data are discussed and compared with those available for the gas phase. © 1997 Elsevier Science

S.A.
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1. Introduction

The application of UV/H,0, methods to the study of the
photodegradation of organic substances in aqueous solution
has received considerable attention [1-5). Advanced oxi-
dative procedures (AOPs), in which H,O. or intermediates
such as HO, HO, and O arc involved, have developed rap-
idly in recent years. However, there is a lack of information
on the initial stages of the photodegradative processes of
organic matter [6].

Flash photolysis studies have been infrequently applied to
ubiain information on the kinetic rate constants and activation
parameters associated with the UV/H,0, method [7]. Sev-
eral processes involving light, organic matter and H,0, can
only be detected in the millisecond range. In order to obtain
the rate constants of the reactions observed in these systems,
information corresponding to the photolysis of pure hydrogen
peroxide solutions is required. Most of the information avail-
able in the literature involves pulse radiolysis studies per-
formed at room temperature {7-11]. The determination of
the activation parameters at different temperatures is neces-
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sary for basic stedies performed within the framework of
UV/H,0, methods.

The fiash photolysis of hydrogen peroxide has been mainly
used to produce OH radicals [ 12,13]. In these systems, the
kinetic analysis of the decay rate of oxidation processes has
been limited to the initial rate [12,13] and no effect of the
temperature has been reported.

Ir this paper, flash photolysis studies performed at various
hydrogen peroxide concentrations and temperatures in acidic
medium are reported.

2. Experimental details
2.1, Materials and methods

The water used in this study was of Milli-Q quality. Elec-
trochemical studics revealed the presence of ions (such as
Fe'" and Cu") at concentrations no higher than 10 aM.
Hydrogen perexide (30%) was obtained from Aldrich and
Merck (perihydrol). The pH was controtled with HCIO,
(Merck). Oxygen of chromatographic quality wasemployed.
The hydrogen peroxide concentration was controlked by titra-
tion with KMnQ, standards.

Absorbance measurements were performed on a Cary 3
spectrophotometer. pH measurements were made using a
Radiometer pH meter.
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Coaventional fiash piotolysis experimenis were per-
formed using a Xe Co. model 720C apparatus, whose optics
and electronics were aodified to increase the sensitivity. The
flash energy was varied between 800 and 7200 kV. This
equipment has becn reporied previously [14].

Two collinear quartz—xenon lamps (Xe Co. FP-3-100C)
and quartz cells of 10 and 18 cm were employed. Mercury
tamps (HBO 100 W/2) and Xe-halogen lamps (XBO 75
W /1) were used for the analysis of the variation in the optical
density of the solutions.

The pH of the solutions was varied between pH 2.5 and 7.
The lemperature was changed from 1510 85 °C. Total organic
carbon ( TOC) measurement and ionic chromatography were
used to conlrel the presence of organic matter in the samples
of hydrogen peroxide at the desired concentration. The con-
centration of organic matter (TOC) was lower than the detec-
tion limit of the equipment (1 ppm).

Some experiments wede petiormed with O, or N bubbling.

Tn order to measure the rate of oxygen production, photol-
vsis experiments were performed with continuous irradiation
of the kydrogen perovide solutions. An HP 125 W lamp was
used as the radiation source, The hydrogen peroxide concen-
tration was varied from 5> 107 M to | M. Some experi-
ments were performed in the presence of ethylene-
diaminetetraacetic acid {EDTA). The oxygen produced was
measured with zn O, selective electrode {Orion, model 37-
08-99).

3. Results

3.1. Flash photolysis experiments

The time-resolved spectra of the inlermediates detected at
pH 2.5 and pH 7.0 are shown in Fig. 1. The initial amplitude
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Fig. 2. Spectrum of the intermediate formed at pH 4 ar different temperatures.
Within experimental error, the spectrum is temperature independent.

increases from pH 2.5 to pH 7.0 and the absorption maximum
shifts to the red from 235 to 240 nm. The spectral shape and
the absorption maxima do not change during the decay and
are temperature independent (Fig. 2). The observed decays
are unaffected by the presence of oxygen.

The concentration of the generated intermediates increases
linearly with the flash intensity. A careful analysis of the time-
resolved profiles shows complex kinetics: both second- and
first-order decays are required 1o describe the observed
kinetics. As shown in Fig. 3, the plol of 1/A vs. time departs
from linearity after a few milliseconds and the lincar behav-
iour of In A vs. time can be seen at the end of the observation,
The analysis of the rate AA/ At at different times as a function
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Fig. 1. Time-resolved spectra at pH 2.5 (a) and pH 7 (b) at different times.
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Fig. 3. Experimental behaviour of the observert absorbances corsidering
first-order (In A, right ordinate) and second-order (1/A, left ordinme)
Kinetics.

of the observed absarbance indicates the presence of both
first- and second-order rates (see Fig. 4). However, under
our experimental conditions, a simple mixed-order mecha-
nism cannot reproduce the entire set of observed decays.

3.2, Oxvgen ineasurements

Complementary measurements of oxygen production were
also performed. The amount of oxygen produced on contin-
uous photolysis is plotied against time in Fig. 5.

The rates of oxygen production (ppm s~ ') equal to the
slopes of the straight lines in Fig. 5 are plotted vs. the hydro-
gen peroxide concentration in Fig. 6. At low concenirations,
the raic is proportional to [H,0,) and the intensity of
absorbed light, but at concentrations higher than &.1 M, the
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Fig. 4. Experimental dA/dr vs. A and calculated rale on the basis of e
concentration profiles obtained from Scheme 1.
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Fig. 5. Oxygen production {ppm) as a functioa of the ioudiation Gme at
different hydrogen peroxide concentrations. The highest stope conresponds
to { H:0.] = 1 M. In decreasing order, the [ H,0,1 values e .4.0.16.0.08,
0.032, 0.0128, 0.6512 and 0.00248 M. These experiments were performed
in the absence of EDTA.

slope changes but the rate continues to be almost propostional
to [H.0-]. This hyperbolic behaviour suggests a complex
mechanism involved in oxygen production.

The addition of EDTA to the system ([H.O,}/
[EDTA] =2000) has no cffect on the oxygen production
rate at { H,O,] values lower than 0.01 M. However, at higher

0.020

0.015

0.010

l0z1/dt {ppinv's)

0.005 -

0.000

T T T T

0.00 0.25 0.50 075 1.00

{H,0,IM
Fig. 6. Rate of oxygen production {ppms~') as a function of the hydrogen
peroxide concentration: M, in the absence of EDTA,; A, in the presence of
EUTA; ¥, Go, daia from Red. [10] aad normalized 10 the presews scale;
—, calculated rate of oxygen production including the existence of the
complex described in ihe text.
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Table 1
Experimental pK, values obtained from flash photolysis studies

T(°O) Pk,
25 4.96
45 485
65 500

concentrations ( [H,0,] > 0.1 M), the rate is affected by the
presence of EDTA. This may indicate the contribution of
Fenton-like reactions to Q, generation, probably due to the
presence of metal ions in the H,0; used.

3.3, Spectral analysis

The time-resolved spectra obtained at different pH and
temperature indicate that only one independent intermediate
is formed under our experimental conditions. According to
the information available in the literature, the coupled radicals
HO, and their conjugated base O; can account for the
observed spsctra and decays. These species are related
through the following equilibrium [15,16]

HO,=0; +H* K,

The effective extinction coefficient (£} at differen: pH
and temperature can be obtained by applying the mathemat-
ical routine analysis described in Section 3.4, Itcan beeasily
shown that

Eqr= (£uoa[H* ] + £0:K) /([HT 1 +K,)

The values of X, at differant tiemperatures can be obtained
from a non-linear regression analysis. Some results are illus-
trated in Table 1.

The previously reported value for pK, was 4.£5 [7,15],
which compares well, within experitental error, with our
values. Jur results show that the pK, value is temperature
independent, which is consistent with the behaviour of the
spectra at different temperatures.

3.4. Mathematical treatment of the kinetic data

The mechanism proposed for this reaction is complex
(Scheme 1) and in accordance with the information avaitable

&) Rascises Neporiad viloes (44 )
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BO+HD, 3 Ou+B0 k 4gsx10™
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HO; 480 mwem—t (3 +EO; s 75x10% 3.620"
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O +HE0 ——» G+EO+HG ka 038; 16
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Scheme 1.

in the literature. This mechanism can be used to analyse the
experimental behaviour described 1n Section 3.3. The anal-
ysis of the initial rates does not provide sufficient information
10 explain the whole set of experimental decays shown in
Fig. 1. A mathematical procedure adequate to describe this
type of complex kis:etics has been developed in our laboratory
117]. It combines matrix algebra, a nuinerical integration
procedure  (fourih-order Runge-Kutta) and non-linear
regression analysis to handle the experimental results. The
developed software provides information relevant to kinetic
analysis.

From the simulated profiles of the concentrztions of the
intermediate radicals [C], the absorbance A (&,[C1} and
the rate AA/A t{ e X A[C]1/Ar) can be obtained. These
values are compared with the experimental results in Fig. 4.
A very good correlation between the experimental and sim-
ulated profiles is observed for the entire set of experiments
reported in this paper.

The accepted mechanism [7] for the photolysis of H,O0,
is illustrated in Scheme 1.

Reactions (5)—(8) play a major role within the time inter-
val corresponding to our study. The rate constants at room
temperature for reactions (1)-(8) have been reported. How-
cver, there is some dispersion in the reported data, as shown
in Scheme 1. No information is available in the literaturz for
the rate constants at temperatures other than room tempera-
ture. All the rate constants listed in Scheme 1 were 2btained
from pulse radiolysis studies at concentraticns of hydrogen
peroxide much higher than those employed in this work. An
activation energy of 24.7 kJ mol ™! for reaction (5) was
cstimated from indirect measurements [ 18].

Although reactions (7) and (8) (Scheine 1) bave been
considered as ¢lementary steps [7,15], earlier studies of this
sysier have shown that this is not valid [9,19,20]. The bond
reorganizations required for the release of oxygen should be
included in the estimation of the activation energy of the
whole process. Therefore, the elementary reactions involved
in the depletion of HO, and O; by H,0, and the rate of O,
production are not easily represented by elementary steps.

Taking this mechanism in’2 account, the following rate
expressions can be derived

d[Cl/de=—k[1,1,1] —k[1,1.2] —k[1.1,3] +k[1.2,3]
d[OH)/dr= —k[2,1,2} +4{2,1,3] - k[2,2,2] —[2,2.3]
d[H,0,1/de=k[3,1,}] ~ k[3,1,3} +k[3,2,2] —k[3.2,3]
where [C] =[HO,] +[0; ]

k{1,111 =k[3,1,1] = 2(ksad + ksecaer ) [C]?

k11,1,2) =&[2.1,2} = (k00 + K3, ) [OH] [C])

K113} =k(2,1,3] =k[3.1,3} = (kyory + kyer ) [H,0,1{C]
k[1,2,3) =k[22,3] =k[3,2,3] =k, [OH] [H,0:]

£[2,2,2] =k[3,2,2) =2k, [OH)?

with ay=[H* ]/ (K,+[H*}) and @, =K,/ (K, +[H*]).
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By applying the previously described mathematical treat-
ment to the experimental daia, the following conclusions can
be drawn:

1. the hydrogen peroxide concentration is almost constant
during all the experiments;

2. the concentration of HO' radicals is at least four orders of
magnitude lower than that of the other radicals (HO; and
0;).

The pH-dependent global rate constants k[1,1,3] and
k[1,1,1] are listed in Table 2.

Table 2

Global rate constants for the second-osder radical recombination and pseudo-
fust-crder reaction between the intermedistes and hydregen peroxide at
different temperatures

T(°C) pH25  pH32  pH40  pHS3  pH72
10 K[ 1.L,3] (Ms™")

15 081 0.49 542

20 588

25 169 9.64 387 145
30 084 832

35 225 10.80 8.75

40 13.49

35 223 1.14 1061 9.89 998
50 119

55 289

i) 1.67 14.70

65 405 16.95
75 4.13 2.88 13.67

85 492 2235 2004
IO ®%ILLT] (Ms™1)

S 162 342 3.02

20 453

25 235 523 328 11.33
kLl 339 5.18

35 327 525 351

40 531

45 281 3.80 is2 1226
50 5.85

55 286

60 233 5.83 354

65 292 1262
75 302 352 354

85 382 53.56 12,68
Table 3

Individual rate constams for reactions HO, + H,0, (&} and O; +H,0,
{(ky) at differcnt temperatures

T¢°C) 107%, 107 %,
13 0.84 395
25 123 152
35 L77 9.36
45 248 1150
55 342 13.93
65 4.63 16.70
7 €.14 19.31
83 8.07 2329

Table 4
Individual rate constamts for the recombination of HO, -+ HOL (&) and
HO,+ 07 (k) at different emperatures

T(°C) 107 % 1077,
15 161 5.1%
25 795 533
35 828 555
45 8.60 576
55 892 596
65 923 636
15 9.53 6.45
85 9.23 6.55

The pseudo-first-order rate constants corresponding io
reactions (7) and (8) can be obtained by a non-linear regres-
sioh analysis {see Table 3), and the values of the activation
energies for these reactions are E;=27.7 kJ mol™" and
Ex=16.7kImol ™",

The second-order rate constants ks and kg (pH<7) are
listed in Table 4, with the activation energies E5=3.1 kJ
mol ™" and E,=3.0 kI mol ",

4. Discussion

The spectra of the intermediates and their decays are
undoubtedly related to the species HO, and O; . The molar
absorptivities, cbtained at different temperatures, imply that
the dissociation canstant does not change within the temper-
ature range of the experiments.

The data analysis enables the rates of several of the cle-
mentary steps to be calculated, especially those associated
with the processes within the time interval of our experiments.
Steps (5)—(8) are associated with the observed decays. The
pH dependence of the second-order reaction is quite similer
to that reported in the literature [7], and the low activation
energics obtained are consistent with processes involving
radicals. Reaction (5) (Scheme |) has been extensively
studied in the gas phase at different temperatures and pres-
sures [19-22]. Below 500 K, the gas phase rate constant
varies with pressure and is sensitive to the presence of iraces
of water. Atroom temperature, the gas phase reaction presenis
a temperature coefficient lower than unity, corresponding to
a negative activation energy. Lightfoot et al. [21] showed
that the gas phase rate constant for the recombination of
HO, radicals is well represented in the temperature range
from 300 to 1200 K by the sum of Arrhenius terms. The value
of —6.8 kJ mo!l ~! has been reported [19,21] for the activa-
tion energy at room temperature. Our value obtained for the
aqueous phase is E;=3.1 kJ mol ™', The differeace may be
ateributed to the solvation of the radicals in the aqueous phase.
The non-Anmhenius behaviour observed in the gas phase has
been attributed to a reaction involving a long-lived H,04
intermediate complex [22,23]. Moreover, the presence of.
water vapour increases the rate constant for this reaction ia
the gas phase [24]. Ab initio and experimental evidence
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Scheme 2.

suppotts the hvpothesis of the formation of a complex
between HO, and H.O moleculss, which cannot be dis-
counted in the liquid phase.

The pseudo-first-order decays can be related to steps (7)
and (8) (Scheme 1). The rate constants k, and k, obtained
from our analysis differ from the values reported iis the lit-
erature, which rarge from 107410530 M ™" s ™' {10]. These
values are strongly dependent on the hydrogen peroxide
concentration.

Reactions involving hydrogen peroxide are susceptible to
the presence of organic matter and/or ions, particutarly Cu®*
and Fe’* [7,10,25]. These metal ions, normally present in
hydrogen peroxide, should be relevant at {H;0;] values
higher than 0.1 M. However, in our flash photolysis experi-
ments, the metal ion concentretion is less than 1 nM. More-
over, there are no significant differcnces between the rate
constants obiained using §X10™* M hydrogen peroxide
solutions at pH 6 and 9. At higher pH, the catalytic properties
of Fe'" {prssent mostly as Fe(OH)?* at these pH values)
are poor. The mathematical simulation [ 17] of the reaction
kinetics of this system, including the reactions of the radicals
with ions such as Cu®* and Fe®* at concentrations lower
than 10 nM, shows no difference between the results obtained
in the presence and absence of ions. Differences between the
decays calculated in the presence and absence of ions appear
at ion concentrations higher than 0.1 pM.

Within experimental ercor, the rate of oxygen production
at higher concentrations of H,O, is of the same order of
magnitude as those reported in the literature [10]. The
reported rates were obtained in radiolysis experiments (at
[H.0,] > 0.2 M). At lower concentrations, the radiolysis of
water generates hydrogen peroxide in site, Therefore, insuch
experiments, in deaerated solutions, it is not possible to
observe that oxygen production decrzases with increasing
concentration of hydrogen peraxide. This behaviour is clearly
observed in our experiments as illustrated in Fig. 6.

Table 5

The effect of metal ions in solutions free of organic ligands,
such as EDTA, is important at concentrations higher than 0.1
M. The presence of EDTA decreases the pasticipation of
Fenton reactions in the overall mechanism. However, under
our experimental conditions, the rate of oxygen production
is not affected by the presence of EDTA at very low concen-
trations of hydrogen peroxide. Therefore there is no catalytic
effect of ions on the observed pseudo-first-order decay at
[HzOz] = 10_‘1 M.

The results presented in this paper were obtained fron: Bash
photolysis experiments and continuous photolysis at very low
concentrations of H,(O,. The results show that reactions (7)
and (8) are complex and no direct information can be
obtained from measurements of the oxygen production
assuming steady state conditions for the intermediates
invoived in Scheme 1.

The Jifferences between the values of the rate constants of
reactions {7) and (8) (Scheme 1) obtained from flash pho-
tolysis experiments and oxygen measurements (continuons
photolysis or continuous radiolysis) can be explained by
assuming the formation of complexes between the hydroxy-
peroxide and superoxide anion and E,QO,. Such complexes
have already been postulated in the literature [9,22,26]. In
these reports, the formation of an intermediate complex was
proposed as a precursor to the formation of the final products.
1f the following reaction scheme is operative

LA 0
H02 + HzOz —=C— H20 + O-_a_ +OH

where C is an intermediate complex, conclusions valid for
the gas phase can be drawn from simple molecular orbital
calculatiors. In these calculations, a cyclic complex (com-
plex I, Scheme 2) and a linear complex were considered for
C.

The semi-empirical PM3 molecular orbital binding ener-
gies for the different participants of this reaction are shown
in Table 5. The estimated enthalpies of formation, obtained
using the binding energies and the experimental atomic
enthalpies of formation, are listed in Table 5 and compared,
where possible, with experimental values.

The calculated energy difference for the reaction
HO, +H,0,—C(eyelic) is —8.8 kI mol ™!, whereas that
comresponding to the second stage is — 28.45 kI mol ', The
calculated encrgy change for the whole process is —37.2kJ

Binding energics obiained from semi-empirical PM3 molecular orbital cafculations, enthalpy of formation of the atoms and calculated and experimental
enthalpies of reactions for the differcnt species analysed in this work. PM3 maolecular orbital calculations were performed using a commercial software package

Binding energy (k] moi™*)

Estimated enthalpy of formation (k) mol ™'}

Experimemal enthalpy of formation (k3 mol ~")

HO, -1739 -28
H,0. -261.15 -408
Cyclic complex —440.13 —456
Linear complex —~400.45 —-59
H,0 —2§1.22 —535
OH ~ 10884 -27
0, —-1152 39

93
-326

~578
238
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mol” ' {thc experimental enthalpy change is —78.2 kJ
mol ~'}. The expected activation energy for the formation of
the cyclic intermediate complex should not be very high
because there is insignilicant molecular rearrangement. As
two hydrogen bonds are expected to be formed between HO,
and H.O,, the activation energy for activated complex I (sce
Scheme 2) should be of the order of 2040 kJ mol ', Several
kinetic studies related to the formation of hydrogen bonds
report activation energies of this order of magnitude or even
less {27). This activation energy is similar to the value
abtained for the aqueous phase in this study (27.7 kImol ).
The second process, however, should invoive the concerted
rupture of one O-0 peroxo and one O-H bond and the trans-
formaticn of two hydrogen bonds into two O-H bonds lead-
ing to the above products. This molecular reorganization may
require a higher activation energy. In fact, the experimental
bond encrgies [28,29] associaled with the different bonds
broken and built during this rearrangement, i.c. O-H (428 4
kI mol "'y, HO-OH (213 kJ mol '), HO-H (492 kJ
mol '), 0=0 (497 kJ mol ' and O,-H (206.3 kI mol '),
can be employed for the estimation of the activation energy
associated with the process H;O + HO + O, — activated com-
plex il - C(ceyclic). The tolal energy change associated with
these processes is of the order of 70 kJ mol ~* or even higher.
With all of these values, including the estimated enthalpies
of formation of the different species involved in the mecha-
nism, an cnergy profile, illustrated in Scheme 3, can be
deduced. Within this framework, the activation energy for
the decomposition along the reaction coordinate should be
42 kI mol "' or even higher.

An estimated value for the rate constant of the global reac-
tion HO.(g) +H.Cy(g) in the gascous phase has been
reported in the literature (15X 10° M~ 57" at 1100 K)
[30], which is about {0° times lowsr than the experimental
value for reaction HO,(g) +HO,(g) at the same tempera-
ture. The estimated global activation energy under thesc con-
ditions was 52 kI moi~' [31], which is similar 1o that
proposed for the unimolecular decownposition of the cyctic

istry 110 (1997} 235-2.42 231

Oy — 20" Fw = Ba(1-10%" B2l
HO+HQ; —— i+H:0 3

Il — W0+ 0 ks ¢ ROKS FUPROURON

[ +H0; —=¢C Ke
C ———s H0 +O: + CH ke
Scheme 4.

complex through activated complex Il indicated in Scheme 3.
1f these estiniated vaiues are applied to the liquid phase. the
processes observed in flash photolysis may be associated with
the formation of the complexes, but in continuous photolysis
experiments, the rate-determining step of oxygen production
may be ascribed to their decomposition,

Under continuous irradiation and [ H.O, ] higher than 0.1
M. the rate of oxygen production can be described by the
condensed mechanism shown in Scheme 4, where [ denotgs
HO. or O, . Under steady state conditions for OH and L. the
following steady state concentration of [ can be deduced:
[1,={2/k)'"%. Then the mate of oxyger preduction is
given by

d[Ox1/dr =Ly, + koKl Ll k) [ H,041

A simple nor-iinear regression analysis of all the experi-
mental data obtained from continuous photolysis leads to the
following results

ly=78%X 107 " Ms " keKo(J/4) 3 =73 107 757!

Within the experimentai range of this work and
{H20,1 > 0.0 M, 1. is almost constant { ={,,). Thercfore the
rate of oxygen production 1s almost lincar with [H,04] as
iustrated in Fig. 6, where the full line shows the calculated
non-linear regression. The behaviour at lower concentration
is strongly affected by the dependence of [, on [H,0,]. The
experiments shown in Fig. 5 were performed at pH 7 in CO,
free solutions, with&, =3 X 10° M~ 's ™ ! Takinginto account
the previous results, the value of kcK =045 M™'s™ " was
estimated from our measurements. This value is quite similar
1o that reporied for the Weiss—Huber reaction. In Fig. 6, the

activated complex T
L ]
-149
st
eneIgy P o-154.0(%)
(kHfmol) :
HO, +B.0; |
L
~182.00
i
-190.7
‘HO+H
-219.2
Reaction coordmae
(*) Esti d value for the hydrogen bend ion energy: =28 ki/mol

Scheme 3.
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reported experimental data for G, [ 10], obtained from con-
tinuous radiolysis, are shown. For comparative purposes,
these data were normalized to our scale.

In conclusion, the study of the decay of HO, and/or O
radicals provides more reliable information on the elementary
steps involved in the photolysis of hydrogen peroxide than
the analysis of oxygen production.
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