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Abs~act 

The photolysis of hydrogen peroxide in dilute aqueous solution ,[ I X 10 -4 M) at various temperatures ( 15-85 0(7) and pH tpH 2.5-7) 
was studied by flash photolysis. The rate of oxygen production under continuous photolysis conditions was measured at room temperature. 
The rate constants and activation parameters are reported. Evide ace for the formation of complexes between hydrogen pete xide andinterme~ate 
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/H20.~ 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 I~202 o r  intermediates 
such as He,  He., and Off are 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 
obiain information on the kinetic rate constants and activation 
parameters associated with the UV/H~O 2 method [7]. Sev- 
eral processes involving light, organic matter and H202 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 photolysisof 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 neees- 
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sary for basic studies performed within the framework of 
UV/HzO~ methods. 

The flash photolysis of  hydrogen peroxide has been mainly 
used to produce OH radicals [ 12,13J. In tixse systems, the 
kinetic analysis o f  the decay rate of oxidation processes has 
been limited to the initial rate [ t2,13] and no effect of  the 
temperature has been reported, 

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

2, Experimental details 

2.L Materials and methods 

The water used in this study was of Milli-Q quality. Elec- 
trochemical studies revealed the presence of ions (such as 
Fem and Cu n) at concentrations no higher than 10 riM. 
Hydrogen peroxide (30%) was obtained from Aldrich and 
Merck (perihydrol). The pH was controlled with HCIO4 
(Merck). Oxygen of  chromatographic quality wasemptoyed. 
The hydrogen peroxide concentration was controlled by titra- 
tion with KMnO4 standards. 

Absorbance measurements were performed on a CaP/3 
spectrophotometer, pH measurements were made using a 
Radiometer pH ratter. 
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Coavent-;onal flash photolysis experiments were per- 
formed using a Xe Co. model 720C apparatus, whose optics 
and electronics were r ,  edified to increase the sensitivity. The 
flash energy was varied between 800 and 7200 kV. This 
equipment has been reported previously [ 14]. 

Two collinear quartz-xenon lamps (Xe Co. FP-5-10OC) 
and quartz cells of 10 and 18 cm were employed. Mercury 
lamps (HBO 100 W/2)  and Xe-halogcn lamps (XBO 75 
W/ I  ) 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 temperature was changed from 15 to 85 °C. Total organic 
carbon (TOC) measurement and ionic chromatography were 
used to control the presence of organic matter in the samples 
of hydrogen peroxide at the desired ccnecntration. The con- 
centration of organic matter ('fOC) was lower than the detec- 
tion limit of the equipmcnt( I ppm). 

Some experiments we;e perlo,-rned with O: or N., bubbling. 
In order to measure the rate of oxygen production, photol- 

ysis experiments were performed with continuous irradiation 
of the hydrogen pero,,iae solutions. An HP 125 W lamp was 
used as the radiation source. The hydrogen peroxide eoncen- 
tra.fion was varicd from 5 x 10 '~ M to I M. Some experi- 
ments were performed in the pre~nce of ethylene- 
diuminetetraacetie acid (EDTA). The oxygen produced was 
measured with :.il O.. selective electrode (Orion, model 37- 
08-99). 

3. Results 

3. i. Flash photolysis experiments 

The time-resolved spectra of the intermediates detected at 
pH 2.5 and pH 7.0 are shown in Fig. I. The initial amplitude 
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Fig+ 2. Spectrum of the interrrtediate Formed at pH 4 at different temperatures. 
Within experimental error, the ~pectrum is temperature independent. 
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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 to describe the observed 
kinetics. As shown in Fig. 3. the plot of I/A vs. time departs 
from linearity after a few milliseconds and the linear behav- 
iour of In A vs. time can be seen at the end of the observation. 
The analysis of the rate A A / A  t at different times as a function 
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Fig. I. Time-re~olv~d speclra ~ pH 2.5 (a) and pH 7 (b) at different tirncs. 
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Fig. 3, Experimental ~haviour of Ihe observer/absnrbanees cor~idering 
first-order (In A, right ordinate) and second-order ( I/A, left ordinate) 
kinetics. 

of the observed absorbance 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 ~et of observed decays. 

3.2. O.~,gen measurements 

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

The rates of oxygen production (ppm s- t )  equal to the 
slopes o1" the straight lines in Fig. 5 are plotted vs. the hydro- 
gen peroxide concentration in Fig. 6. At low concentrations, 
the rate is proportional to  [ H z O 2 ]  and the intensity of 
absorbed light, but at concentrations higher than O. I M, the 
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concentration profiles obtained from Scheme i. 
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0.032. 0.0128, 0.0512 and 0,110248 M, The~ expedmeras were pefforrlx, d 
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slope changes but the rote continues to be almost proportioned 
to [HzO_,]. This hyperbolic behaviour suggests a compiex 
mechanism involved in oxygen production. 

The addition of EDTA to the system ([H202J/ 
[EDTA] =2000) has no effect on the oxygen producfio~ 
rate at [H202] values lower than 0.01 M. However, a~.highcr 
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- - ,  cak:u]aled n~e of oxygen prochcliou ineludi:,~g the existm~e of  the 
compie~ described m ~he text. 
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Tabs ] 
Expc.dmcntal pK. values obtained from flash photolysis studies 

Y (~C) pg, 

25 4.96 
45 4.85 
65 5.00 

concentrations ( [H.,Oz] >0.1 M), the rate is affected by die 
presence of EDTA. This may indicate the contribution of 
Fenton-like reactions to 02 goneration, probably due to the 
presence of metal ions in the H20, used. 

3.3. Spectral analysis 

The rime-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, thccoupled radicals 
H e n  and their conjugated base Of can account for the 
observed spectra and decays. These species are related 
through the following equilibrium [ 15,16i 

H O , ~ O z  + H  * K~ 

The effective extinction coefficient (e~[[) at differem pH 
and temperatur¢ can Ix obtained by applying the mathemat- 
ical routine analysis described in Section 3,4, It can bc easily 
shown that 

~ . =  (e.mlH+l + ~mK.)/(iH+I +/~) 

The values arK, at different temperatures can be obtained 
from a non-linear regre~ion analysis, Some results are illus- 
trated in Table I. 

The previously reported value for pK~ was 4.E5 [7,15], 
which compares well, within experimental error, with our 
values. Our results show thai the pK. value is temperature 
mdel~ndent, which is consistent with the bchaviour of the 
spectra a' different temperatures. 

3.4. Mathenuaical trearment of the kinetic data 

1 ~  mechanism proposed for this reaction is complex 
(Scheme 1 ) and in accordance with the information available 
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in the literature. This mechanism can be used to analyse the 
experimental behaviour described m Section 3.3. The anal- 
ysis of the initial rates do¢~ not provide sufficient information 
to explain the whole set of experimental decays shown in 
Fig. I. A mathematical procedure adequate to describe this 
type of complex kinetics has been developed in our laboratory 
[ 17]. It combines matrix algebra, a numerical integration 
procedure (founh-order Runge-Kutta) and non-linear 
regression anab~is to handle the experimental results. The 
developed software provides information relevant to kinetic 
analysis. 

From the simulated Oofiles of the concentrations of the 
intermediate radicals [C], the absorbanee A (e~a/[C]) and 
the rate AAI~ r(ecalxA [C]/At)  can be obtained. These 
values are compared with the experimental results in Fig...4.. 
A very good correlation between the experimental and sin- 
dated profiles is observed for the entire set of experiments 
reported in this paper. 

The accepted mechanism [71 for the photolysis of tl~Oa 
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- 
ever, there is some dispersion in the reported data. as shown 
in Scheme 1. No information is available in the literature for 
the rate constants at temperatures other than room tempera- 
lure. All the rate constants lismd in Scheme I were .~btained 
from pulse radiolysis studies at concentratiens of hydrogen 
peroxide much higher than those employed in this work. An 
activation energy of 24.7 Id real -I for reaction (5) was 
estimated from indirect measurements [ 18]. 

Although reactions (7) and (8) (Scheme L) have been 
considered as dementary steps [ 7,15 ], earlier studies of this 
sysiem 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 Ha2 and Of  by H2Oz and the rate o re2  
pr~uetion am not easily represented by elememary steps. 

Taking this mechanism in'.:) account, the following rate 
expressions can be derived 

d[C] ~dr= -k[ I,I ,I ] -k[ I,I.2] -k[ I,I,3] +k[ 1,2,3 ] 

d[OH] Idt = - k[2,1.21 + k[2,1,31 -- k[2.2,2] - k[2,2,3] 

d[H~O:]/dt=k[3,1,11 - k[3,1,3] +k[3,2,2] - k[3,2,31 

where [ e l  = [HI:)+.] + [02  J 

k[ I , l , i ]  =k[3,1,I] =2(kse~a+k6c~c,t~:)[C] 2 

k[ 1,1,2] =k[2.1,2] = (~:2a~+tqczt I [OH] [C] 

k[ 1.1.3] =k[2A,3J =k[3,1,3] = (kT~ + kuat) [HzOzl [C] 

k[ 1,2,3] =k[2,2,31 =k[3,2,3] =kt[OH] [H:O..] 

k[2,2,2] =k[3,2,21 = 2k4[OH] 2 

with ab= [H+ ] / ( K . +  [H+])  and a, =KJ(K.+[H+]) ,  
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By applying the previously described mathematical treat- 
ment to the experimental data. 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 

o;). 

The pH-dependent global rate constants k[i,l,31 and 
k[ 1,1,1 ] are listed in Table 2. 

Table 4 
Individual ,'me constams for the ~ ¢ o n ~ l i o n  of HO:-,'-tlO: (~) and 
HO, + O~ {/~) at differenl temper~mes 

T (eC) 10- ¢'~ |0-7k¢, 

15 7.61 5.1] 
25 7.95 5.33 
35 g,2g 5.55 
45 8.60 5 36 
55 g.92 5.96 
65 9,23 6.36 
75 9.53 6.45 
g5 9.83 6.55 

Tabte 2 
GWoal rate constants for the second-order radical recombinalion aad ps¢ ado- 
fi~sl-vrder w.action between the intermediates and hydcogen peroxide at 
different temperatures 

T (°C) pH 2,5 pH 3.2 pH 4.0 pH 5.3 pH 7.2 

IO"~k[I,I,3] (Ms ') 
t5 0.81 0.49 5,42 
20 5.88 
25 1.69 9.64 5.87 1.45 
30 O M 8.32 
35 2,25 10.80 8.75 
• )0 13.49 
45 2.23 I. 14 1061 9.89 9,9g 
50 I 1.9t 
55 2.g9 
rio 1~67 14.70 
65 4,05 16.95 
75 4.13 2,88 13,67 
85 4,92 2235 20_04 
[0"~/~[ 1,1,11 (Ms -~ ) 
[ 5 2.62 3,42 3,02 
20 4.53 
25 2 35 5,23 328 11.83 
30 3.39 5. ! 8 
35 3.27 5.25 3.51 
40 5.3 I 
45 2,8 i 3.80 3.52 12,26 
50 5.85 
55 2.86 
60 2.53 5.83 3 . ~  
65 2.92 12.62 
75 3,02 3-~2 3,54 
85 3.82 53.56 12.68 

Table 3 
Individual tale constants for reaclions HO~ + HzO: ~ (kTi and O z- + H20 z 
(k~) at different ~empet~ures 

T(~C) tO "k, 10-% 

15 0.84 5.95 
25 1.23 "/32 
35 1.77 9.36 
45 2.48 11.50 
55 3.42 13.93 
65 4.63 16.70 
75 6,14 I9,81 
85 8.07 23.29 

The pseudo-first-order rate constants corresponding to 
reactions (7) and (8) can be obtained by a non-lincatn,'grcs- 
sion analysis (see Table 3), and the values of the aefivalion 
energies for these reactions are E7=27.7 kl mot - t  and 
E~ = 16.7 kJ mot - '. 

The second-order rate constan~ ks and ~ (pH<7) are 
listed in Table 4, with the activation energies E~=3.I kJ 
tool- ' a n d  E6 = 3.0 LI mot- 1, 

4. Diseussion 

The spectra of the intermediates and their decays are 
undoubtedly related to the species HO2 and Oz-. The mOat 
absorptivities, obtained at different temperatures, imply that 
the dissociation constant does not change within the temper- 
amre range of the experiments. 

The data analysis enables the rates of several of the ele- 
mentary steps to be calculated, especially those assue/aaut 
with the processes within the time interval of our ext:s~mcr,~ 
Steps (5)-(8) are associated with the observed decays. The 
pH dependence of the second-order reaction is quite simila¢ 
to that reported in the tRerature [7], and the low activation 
energies ol:Rained are consistent with processes involvimg 
radicals. Reaction (5) (Scheme 1) has been extensively 
studied in the gas phase at different temperatures and Ikees- 
sures [ 19-221. Below 500 K, the gas phase rate constant 
varies with pressure and is sensitive to the presence of traces 
of water. At room temperature, the gas phase reactiontne.sents 
a temperature coefficient lower than unity, corresponding to 
a negaf.~c activation energy, Lighffoot et al. [21] showed 
that the gas phase rate constant for the recombination of 
HO-; radicals is well represented in the temperature range 
fi'om 300 to 1200 K by the sum of Arrhenius terms. The value 
of -6 .g  kJ tool - ' has been reported [ 19,21 ] for the activa- 
tion energy at room temperature. Our value obtained for the 
aqueous phase is E~ =3.1 kl tool- t. The difference m y  be 
attributed :o the solvation of the radicals in the aqueous phase. 
The nOnlArlhenius behaviour observed in the gas phase has 
been attributed to a reaction involving a long-lived HzO, 
intermediate complex [22,23]. Moreover, the presence o f  
water vapour increases the tare constant for this reaction [n: 
the gas phase [24]. Ab initio and experimental e v i d e ~ :  
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Scheme 2. 

supports the hypothesis of  the formation of a complex 
between HO, and H,.O molecal~s, which cannot be dis- 
counted in the liquid phase. 

The pseudo-first-order decays can he related to steps (7) 
and (8) (Scheme l ). The rate constants k 7 and k~ obtained 
from our analysis differ from the values reported ih the lit- 
erature, which racg¢ from 10 -'~ to530 M - i s -  l [ 10]. These 
values are slrongly dependent on the hydrogen peroxide 
concentration, 

Reactions involving hydrogen peroxide a r e  susceptible to 
the presence of organic matter and/or ions, particularly Cu 2 + 
and Fe ~+ [7,10,25]. These metal ions, normally present in 
hydrogen peroxide, should b¢ relevant at [HzOz] values 
higher than 0.! M. However, in our flash photolysis experi- 
ments, the metal ion concentration is less than 1 nM. More- 
over, there arc no significant differences between the rate 
constants obtained using gX 10 -4 M hydrogen peroxide 
solutions at pH 6 and 9. At higher pH, the catalytic properties 
of Few (present mostly as Fe(OH) 2+ at these pH values) 
are poor. The mathematica[ simulation [ 17] of the reaction 
kinetics of  this system, including the reactions of the radicals 
with ions such as Cu 2+ and Fe 3 ~ at concentrations lower 
than l0 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 coneentrations higher than 0.l pM. 

Within ¢gperimenta[ error, the rate of oxygen production 
at higher concentrations of H:O, is of the same order of 
magnitude as those r~ponod in the literature [10]. The 
reported rates were obtained in radiolysis experiments (at 
[ H2021 > 0.2 M). At lower concentrations, the radiolysis of 
water generates hydrogen peroxide in sift:. Therefore, in such 
experiments, in deaarated solutions, it is not possible to 
obsc,'rve that oxygen production decreases with increasing 
concentration of hydrogen peroxide. This behaviour is clearly 
observed in our experiments as illustrated in Fig. 6. 

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 participation of 
Fentcn rcactions in the overall mechanism. However, under 
our experimental conditions, the rate of oxygen production 
is not affected by the presence of EDTA at very b w  concen- 
trations of hydrogen peroxide. Therefore there is no catalytic 
effect of ions on the observed pseudo-first-order decay at 
[H202] = I0 -4 M. 

The results presented in this paper were obtained from flash 
photolysis experiments and continuous photolysis at very low 
concentrations of H202. 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 
involved in Scheme I. 

The Jifferences between the values of the rate constants of 
reactions (7)  and (8) (Scheme 1) obtained from flash pho- 
toiysis experiments and oxygen measurements (continuous 
photolysis or continuous radiolysis) can b¢ explained by 
assuming the formation of complexes between the hydroxy- 
peroxide and superoxide anion and l-~zO2. 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. 
If  the following reaction scheme is operative 

k ~ /¢c 

HO2 ÷ H202--*C ~ H20 + 02 + OH 

where C is an internlediate complex, conclusions valid for 
the gas phase can be drawn from simple molecular orbital 
caleulatiors. 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 
HO2+H202~C(cyc l i c )  is - 8 . 8  kJ m o l - l  whereas that 
corresponding to the second stage is - 28.45 kJ" reel-  '. The 
calculated energy change for the whole process is - 37,2 kJ 

Table 5 
Binding ~ncrgics eblalncd from semi-empirical PM3 molecular orbital calculations, enthalpy of formalio~t of the aloms and calculated and ¢xperimenlal 
enthalpi¢~ of ~actions for th~ differcm species analysed in Ihis work. PM3 molecular orbilal calculalions were performed using a commercial soRwa~ packuge 

B~nding energy ( lO ree l -  t ) Esf imzed emhalpy of  formation (lO reel - ~ ) Experimental enlhalpy of  formation (kJ reel - ~ ) 

HOt - 173.9 - 2.8 9.3 
H20_, - 26 I. 15 - 40.g - 32.6 
C~clic complex - 440.13 - 45.6 
Linear complex - 400.45 - 5.9 
H~O - 2 [7.22 - 53.5 - 57.8 
OH - 108.84 - 2.7 2.8 
02 - 115.2 3.9 0 
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m o F '  {the 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 insigniiicant molecular rearrangement. As 
two hydrogen bonds are expected to be formed between HO_, 
and H?.O,, the activation energy for activated complex I (see 
Scheme 2) should be of the order of 2ff40 kJ tool ~. Sc venal 
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 
obtained for the aqueous phase in this study (27.7 kJ tool ~ ). 
The second process, however, should involve the concerted 
rupture of tree O-O peroxo and one O--H bond and the trans- 
formation 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 ['act, the experimental 
bond energies [28,291 associated with the different bonds 
broken and built during this rearrangement, i.e. O-H (428.4 
kJ tool ~ ) ,  HO-OH (213 kJ mo l - t ) ,  HO-H (492 kJ 
rap] * ), O=O {497 kJ tool - i ) and O:-H ( 2{)6.3 kJ tool ~ ), 
can ix employed fi)r the estimation of the activation energy 
associated with the process H20 + HO + O,,_ ~ activatedcom- 
plex II ~. C(cyclic). The tola] energy change associated with 
these processes is of the order of 70 kJ mol - i or even higher. 
With all of these values, including the estimated enthalpies 
o1" Ibrmation of the different species involved in the mecha- 
nism, an energy profile, illustrated in Scheme 3, can he 
deduced. Within this framework, the activation energy for 
the decomposition along the reaction coordinate should be 
42 kJ m o l t  or even higher. 

An estimated value for the rate constant of the global reac- 
tion HO~(g)+H~O:(g)  in the gaseous phase has been 
reported in the literature (1.5 × I ~  M-* s-~ at II00 K) 
[301, which is about l0 '~ times lower than the experimental 
value for reaction HOz(g) + HO.,(g) at the same tempera- 
ture. The estimated global activation energy under these con- 
ditions was 52 kJ tool ~ [311, which is similar to that 
proposed for the unimolecular decomposition of the cyclic 

H~O~ ' 2 0 H  l , ~ = l ~ l . 1 0 ~ J  pl:~l) 

HO + H~O~ . I + H20 kl 

2l , H~+Oz In= (ks ¢- I~° Kd [ I - ~ (  t +KJ[~ f l  f " 

l +O:O~ ~ , C Kc 

C , H:O * C~. + OH ½ 
Scheme 4. 

complex through activated complex ]I indicated in Scheme 3. 
If these estimated values are applied In the liquid phase, the 
processes o~ervcd in flash photolysis may be associa,,ed with 
the formation of the complexes, but in continuous phototysis 
experiments, the rate-determining step of  oxygen production 
may be ascribed to their decomposition. 

Under continuous irradiation and [ H202 [ higher t h ~  0. i 
M. the rate of oxygen production can ix de~crihed hy the 
condensed mechanism shown in Scheme 4, where I denotes 
HO: or O: - Under steady state conditions for OH am] L the 
following .,,ready state concentrazion of [ can be deduced: 
[ I ]~=  (l,,,~/kt) I;'-. Then the rate of  oxyge~ ~:rc'd.ucdoo is 
given by 

d [ O 2 l / d t = l ~  +kcKc(L~lk,)tt~-[H~.O~_I 

A simple non-linear regression analysis of all the experi- 
mental data obtait~ed from continuous photolysis leads to the 
following results 

1o ~ 7,8 X 10 -~ M s " t kcKc( i j k t )  I/2 = 7.3 X l0 -7 s - ! 

Within the experimental range of this work and 
| HzO2 ] > 0. I M, I ~  is almost constant ( -~/o). Therefore the 
rate of  oxygen production is almost !incur with [H202,1 as 
illustrated in Fig. 6, where the full line shows the calculmed 
non-linear regression. The behaviour at lower concemration 
is strongly affected by the dependence of 1~  on [ H,_O~.]. The 
experiments shown in Fig. 5 were pcrformed at pH 7 in CO, 
free solutions, with kt -~ 3 × 10 S M - t s - ~. Taki ng into acc~un t. 
the previous results, the value of kcK c = 0.45 M - ~ s - t was 
estimated from our measurements. This vMue is quite similar 
t*o that reported lbr the Weiss-Haher reaction. In Fig. 6, the 

c n ~ r ~  

(Idtmol) 

-154.0 ( ' )  

i 
-149 

HOa +, H~O~ 
-182 00 

-1907 

• Ho+alo,o 1 
-219.2 

(*) l~lmj~l v~he for the hydrol~m ~ d  ~ ,mm ~ :  ~2~ ~/n~ 
Scher~ 3. 
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reported experimental data for Go2 [ I0],  obtained from con- 
~nuous radiolysis, are shown. For comparative purposes, 
these data were normalized to our scale. 

In conclusion, the study of the decay of HO 2 and/or 02- 
radicals provides more reliable information on the elementary 
s t eps  i n v o l v e d  in the  p h o t o [ y s i s  o f  h y d r o g e n  p e r o x i d e  t han  

the  a n a l y s i s  o f  o x y g e n  p r o d u c t i o n .  
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