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The Impact of Traces of Hydrogen Peroxide and Phosphate
on the Ozone Decomposition Rate in ‘‘Pure Water’’

K. Vandersmissen, F. De Smedt, and C. Vinckier

KULeuven, Department of Chemistry, Laboratory for Physical and Analytical Chemistry, Leuven, Belgium

To obtain an idea of the magnitudes of the ozone loss
rates rO3

in practical applications of ozone, an overall deter-
mination of the ozone decay profiles and rate constants was
carried out in four different systems. These systems resemble
different conditions for industrial application of ozone and
the peroxone process, such as in the field of micro electro-
nics, drinking water purification, disinfection, etc. Therefore,
the behavior of ozone was monitored in the pH range from
4.5 to 9.0, in pure water and phosphate buffered systems in
absence and presence of small amounts of hydrogen peroxide
(10�7 M to 10�5 M H2O2). First the reproducibility of the
ozone decay profiles was checked and from the various
kinetic formalism tests, the reaction order 1.5 for the ozone
decay rate has been selected. As expected, hydrogen peroxide
increases the decay rates. In pure systems, added concentra-
tions of 10�7M H2O2 already cause a remarkable accelera-
tion of the ozone decay in the acidic and neutral pH range
compared to the pure systems. However for alkaline pH
conditions almost no effect of the low hydrogen peroxide
concentrations was noticed. Contradictory to literature
data, in the absence of hydrogen peroxide, ozone displays
faster decays in the buffered systems of low ionic strength of
0.02 compared to pure water. This acceleration is more
pronounced for acidic pH conditions. Low concentrations of
phosphate may indeed accelerate the ozone decay in the
presence of organic matter. Adding H2O2 concentrations
below 10�5M to phosphate buffered solutions has a negligible
effect on the ozone decay rate compared with pure water
systems, except for pH 7. It appears that phosphate masks
the effect of hydrogen peroxide below 10�5 M as tested here.
Thus the application of AOP’s by adding low concentrations
of hydrogen peroxide is not well feasible in the presence of
phosphate buffers in pure water systems.

Keywords Ozone, Reaction Kinetics, Hydrogen Peroxide,
Phosphate, Advanced Oxidation Processes

INTRODUCTION

For several decades, ozone has been, and still is, used
in a wide range of industrial applications (Kruithof and
Masschelein, 1999; Lowndes, 1999; Matsumoto et al.,
1999), from paper bleaching over micro-electronics to
waste and drinking water purification and disinfection.
These processes are based upon the direct reaction of
ozone with DOM (dissolved organic mater) and other
compounds, the so-called ‘‘direct oxidation.’’ But not all
pollutants can be well oxidized and destroyed by ozone.
Therefore ‘‘indirect oxidation’’ by radicals, mainly
focused on the hydroxyl radical, also has to be taken
into account. The hydroxyl radical being a very powerful
oxidant is of great importance in these processes. It is
known to react rapidly and unselectively with a large
number of organic pollutants.

Indirect oxidation can be enhanced by realizing higher
radical concentrations for the same ozone concentration.
One possibility to increase the total radical concentration
(RP; radical pool) relative to ozone is the peroxone
process, where H2O2 is added to an ozone containing
solution. Hydrogen peroxide initiates the ozone decom-
position and accelerates the decay and thus generates
extra radicals (Staehelin and Hoigne, 1985).

The direct and indirect oxidation reactions compete
for substrate (i.e., compounds to oxidize). The rate
constants of direct oxidation with molecular ozone is
relatively slow (10�5–102 M�1s�1) (Hoigne and Bader,
1983a, 1983b; Hoigne et al., 1985), except for olefins and
aromatic compounds, compared to hydroxyl radical oxida-
tion (103–1011 M�1s�1) (Weinstein and Bielski, 1979;
Buxton et al., 1988; Alfassi et al., 1992; Stemmler and von
Gunten, 2000), but the concentration of ozone is of course
always much larger than the hydroxyl radical concentration.

As with ozone alone, pH and bicarbonate alkalinity
play a major role in the peroxone effectiveness (Glaze
et al., 1987). The role is primarily related to bicarbonate
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and carbonate competition (Acero and von Gunten,
2000; Elovitz et al., 2000) for the hydroxyl radical at
high alkalinity and high pH levels. In several industrial
applications it is necessary to work in as ‘‘clean’’ or ‘‘pure’’
systems as possible, for example in the field of micro
electronics, food industry and disinfection systems.
Therefore, it was thrived in this work, to avoid as much
additives as possible in order to distort the systems as
little as possible. Low phosphate buffer concentrations
were used and only hydrogen peroxide concentrations
below 10�5 M were tested.

By adding hydrogen peroxide to the water, the ozone
transfer from gas phase to liquid phase can be improved
due to an increase in ozone reaction rates. The AOP
(Advanced Oxidation Process) ozone-hydrogen peroxide
is a common used purification treatment (Perkowski
et al., 2000; Loeb, 2002) for ground water and surface
water contaminated with refractory compounds. When
ozone and peroxone processes are compared one sees an
advantage for ozone, due to its electrophylic character,
regarding oxidizing compounds with double bounds, iron
and manganese and for its disinfection ability.
Disinfection can also be realized by the peroxone process,
but it is certainly favored when taste and odor com-
pounds have to be removed and in any case for the
degradation of persistent organic pollutants (POPs).

Sehested et al. (1998) investigated the O3 decay in
acidic solutions with and without hydrogen peroxide.
He postulates the formation of significant amounts of
hydrogen peroxide (10�6 M) during the ozone decompo-
sition and argues that termination also has to occur
through impurities to explain the slower than expected
ozone decay rate. This concentration of formed hydrogen
peroxide is independent of the initial ozone concentration
or the pH, but only dependent of the temperature: more
hydrogen peroxide is formed at higher temperature. Also
Staehelin and Hoigné (1982) propose the presence of
hydrogen peroxide as an important intermediate product
from the ozonolysis of aqueous solutions. This H2O2

formation results either directly from O3 decomposition
through O3 + OH� ! O2 + HO�2 or from the hydrolysis
of organic ozonation products. They observed that the
hydrogen peroxide formed in this way enhances the O3

decomposition rate.
To determine the magnitude of the ozone loss rates rO3

,
an extensive study was carried out on the ozone decay
rate in several dilute aqueous systems. RO3 is an essential
variable to calculate maximum achievable ozone concen-
trations in solutions [O3]liq,ss : Eq. [1]. This concentration
is indeed dependent on the maximum achievable ozone
concentration [O3]*liq = H · PO3

according to Henry’s
Law, the mass transfer coefficient kLa and rO3

. [O3]*liq is
determined by the value of the Henry’s Law constant H
and the partial pressure of the ozone gas PO3

. The magni-
tude of the two variables PO3

and kLa is dependent on the
systems design and setup. However the ozone loss rate is

determined by the physical and chemical properties of the
system.

O3½ �liq;ss ¼ O3½ ��liq�
rO3

kLa
¼ H� PO3

� rO3

kLa
½1�

In this work the determination of rO3 by several mathe-
matical formalisms will be discussed. Furthermore the
influence of the addition of low phosphate and hydrogen
concentrations will be investigated and quantified.

EXPERIMENTAL

Experimental Setup

The set-up is presented in Figure 1. Ozone solutions
were prepared by leading an ozone/oxygen gas stream,
transferred by a porous diffuser, into a MilliQ water
solution (<18 M� resistivity) in a 2-liter glass vessel.
TOC and TIC analysis of the process water, before, dur-
ing and after ozonation, gave results below detection
limits of 1 ppm carbon. The aqueous solution was kept
at a constant temperature of 298K. Ozone was generated
by a corona discharge ozone generator (Fisher 500,
Pittsburgh, PA) using O2 (Praxair 5.0, Danbury, CT) as
feed gas. The flow of O2 was controlled with a Brooks
Mass Flow Controller Model 5850E (Hatfield, PA). The
ozone concentrations in the gas streams and in solution
were variable between respectively 28 and 63 g/m3 and 1.4
and 2.6 · 10�4 M.

The produced ozone gas concentrations were moni-
tored by an ozone sensor IN USA model gFFOZ
(Needham, MA), based upon the absorbance of ozone
in the gas phase at 254 nm. Samples of the ozonated
water were withdrawn from the vessel by a peristaltic
pump. The ozone liquid steady-state concentration was
determined with an electrochemical sensor Orbisphere
313 and Model 3600 Analyzer of Orbisphere (Geneva,
Switzerland). All tubing is made up of the O3-resistent
FEP polymer.

gas bottle O2

Ozone generator

gas phase O3 sensor

vessel + diffuser
pump 

pH-meter

liquid phase O3
sensor

FIGURE 1. Schematic overview of experimental setup.
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The pH of the ozone solution was adjusted with HNO3

and NaOH, both of p.a. quality. These chemicals are
known not to act as radical inhibitors or promoters con-
cerning the ozone decomposition. pHs ranging from 4.5
up to 9 were tested for the non-buffered systems and the
pH was continuously measured with a pH meter.
Buffered solutions were prepared with p.a. quality
sodium dihydrogen phosphate and dipotassium hydrogen
phosphate (Riedel-de Haën, Hanover, Germany). The
concentrations were kept low to eliminate, as much as
possible, the influence of the ionic strength and phosphate
components, but still high enough to maintain steady pH
values. O3 decays at three different pH values 4.5, 7.0 and
9.0 were monitored, with buffer concentrations of 0.01 M
for pH 7 and 9 and 0.02 M for pH 4.5. Stock solutions of
hydrogen peroxide were made with 35% p.a. quality
H2O2 (Chem-Lab) and renewed every day to avoid devia-
tion of calculated hydrogen peroxide concentrations due
to UV/VIS irradiation or temperature degradation.
Concentrations of hydrogen peroxide ranging from
10�5 M to 10�7 M were tested.

EXPERIMENTAL METHOD

When the ozone steady-state concentration was
reached in the vessel, then a sample of 3.7 ml was taken
from the vessel and put into a cuvette for measuring the
ozone decay profiles by a spectrophotometer. Ozone was
followed by its UV absorbance at 260 nm (with its molar
extinction coefficient E = 3000 M�1) for over two half-
life times using a Shimadzu spectrophotometer (Kyoto,
Japan). To test the effect of hydrogen peroxide, it was
decided to only add the promoter to the sample and not
to the whole ozone stock solution. The mixing of hydro-
gen peroxide and the ozone containing solutions was
carried out directly in the cuvette and the ozone decay
was monitored immediately after mixing.

Kinetic Analysis

The ozone decay rate (rO3
=–d[O3]liq/dt) can be described

as function of the ozone concentration in the liquid phase
[O3]liq with a reaction order n and the hydroxyl ion concen-
tration [OH�] with reaction order m and a rate constant kn

0

Eq. [2] This expression has the advantage that the pH effect
on rO3

is directly quantified. However in many experimental
studies a more simple expression is often used with an
overall rate constant kn and a reaction order n:

�
d O3½ �liq

dt
¼ k0n O3½ �nliq OH�½ �m¼ kn O3½ �nliq¼ rO3

½2�

with kn the nth-order rate constant. For comparable
ozone concentrations, higher rO3

points at faster ozone
decay and thus a higher RP value. The reaction order of a
species in a chemical reaction is generally a discrete and
constant value in a formal kinetic analysis.

The ozone decomposition is however a complex radi-
cal chain mechanism. The total reaction order is merely
an apparent reaction order and is not necessarily a dis-
crete value: a summary of all relevant literature data has
previously been presented by F. De Smedt et al. (2005).
The magnitude of n varied from first-order (n = 1) to
second-order kinetics (n = 2). When the reaction order n
of ozone equals 1: Eq. [3] is valid. This equation was
applied to analyze the ozone decomposition rate by
Sotelo and Beltran (1987) and Sehested et al. (1991).
When n equals 1.5, a mathematical expression of the
ozone decay is given by Eq. [4]:

ln O3½ �liq;t ¼ ln O3½ �liq;0�k1t ½3�

1ffiffiffiffiffiffiffiffiffiffiffiffiffiffi
O3½ �liq;t

q ¼ 1ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
O3½ �liq;0

q þ 1

2
k3=2t ½4�

However, this formal kinetic analysis with a discrete value
of n is not always applicable, especially when chain reac-
tions are at play. The real order of the decay rate can best
be calculated in an alternative way by determining rO3

mathematically and directly from the slope of the ozone
concentration profile as a function of the reaction time.
By plotting ln(rO3

) at time t as function of ln[O3] at this
same time point t, the slope of the curve equals the order n.
kn can be calculated from the intercept: Eq. [5]. This
procedure is also followed by Gurol and Singer (1982)
and they generally observed an order of about 2 with
respect to ozone.

ln rO3
¼ ln kn þ n ln O3½ �liq ½5�

On our ozone decay profiles we performed a linear regres-
sion on the data of n as function of the pH (De Smedt
et al., 2005). A slope �n/�pH of 0.084 ± 0.016 for 293 K
was determined, which indicated a clear pH depen-
dence of n. The order varied form 1.55 for pH 4 to
2.11 for pH 11. In our kinetic approach presented now,
a formal kinetic analysis for n equals 1 and 1.5 was
performed and results were compared to those
obtained from Eq. [5].

The reaction orders and rate constants were then used
to reconstruct the evolution of the ozone versus time
concentration profiles and it was seen that visually no
significant differences in the profiles could be noticed.
Only the initial decay was sometimes not too well simu-
lated. To compare the three different procedures, errors
on rate constants and determination coefficients R2 were
determined to illustrate the quality of the kinetic analysis
procedure. For pure water systems, the results are pre-
sented in Table 1a, 1b and 1c, for, respectively, pH 4.5,
7.0 and 9.0. Rate constants k1, k1.5 and n and ln(kn) with
their errors and R2 are presented for several individual
decays and for the pool of data for the different combined
experiments at the same pH. For the pooled data it was of
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course not possible to determine n and kn by the alter-
native kinetic analysis method.

From Table 1, one sees that both reaction order 1 and
1.5 yield rate constants k1 and k1.5 with statistical errors
of the order of few percent. Pooling of the experimental
results shows similar error ranges indicating no large
systematic errors for the decays of these experiments.
This is confirmed by the fact that the pooled values lie
always within 10% of the weighted averages. When the
sum of square of the residuals is compared for the two
different formal kinetic methods, at pH 4 the 1st order is
slightly better. When the order n calculated by the alter-
native kinetic analysis is reviewed, the values do not
follow the earlier reported trends for 293 K (De Smedt
et al., 2005).

Indeed large error margins on the derived values of n
and the extrapolated values of kn from experiment to
experiment have also been observed in the past. At
pH 7, there is not really a difference between the two
methods, but at pH 9 there is a clear advantage towards
the 1.5th order. In all cases however, reaction order 1.5
gives a higher R2. The alternative kinetic analysis on the
basis of the slope of the decay profiles (Eq. [5]) may
theoretically give a more rigorous value for n for complex

reaction systems. However its practical application for
calculating the ozone steady-state concentrations
[O3]liq,ss is not user friendly. Therefore in this study, reac-
tion order 1.5 will be used for comparing rO3

in the four
investigated systems: pure water, phosphate buffered sys-
tems and AOPs by means of hydrogen peroxide.

RESULTS AND DISCUSSION

Three pH values were selected for studying the ozone
decays in previously mentioned reaction conditions:
slightly acidic pH 4.5, neutral pH 7.0 and alkaline pH 9.0.

Pure Water in the Absence of H2O2

In Figure 2 an example of the ozone decay profiles as
function of time is presented for the three different pH
values.

In some experiments problems were encountered with
the reproducibility. This can be explained by the fact that
the pH of pure MilliQ water was only adjusted by means
of p.a. reagents. Every impurity introduced in the system,
by uncontrolled or uncontrollable circumstances, would
immediately have a noticeable effect on the ozone decay

TABLE 1. Comparison of the Formal and Alternative Kinetic Analysis Methods for the Ozone Decomposition in Pure Water

Order 1 Order 1.5 Alternative kinetic analysis

k1 (s
�1) R2 k1.5 (s

�1 M�1/2) R2 n ln (kn) R2

a: pH 4.5
Exp. 1 1.01 · 10�4 ±1.17 · 10�6 0.977 9.79 · 10�3± 5.94 · 10�5 0.994 1.85±0.108 10.2±0.977 0.752
Exp. 2 1.30 · 10�4 ±2.01 · 10�6 0.975 1.26 · 10�2± 1.10 · 10�4 0.991 1.96±0.098 11.4±0.892 0.816
Exp. 3 1.50 · 10�4 ±2.22 · 10�6 0.980 1.42 · 10�2± 1.17 · 10�4 0.994 2.12±0.129 12.9±1.18 0.795
pool 1.30 · 10�4 ±2.19 · 10�6 0.888 1.19 · 10�2±9.63 · 10�5 0.914
w.a. 1.15 · 10�4 ±3.22 · 10�6 1.07 · 10�2±1.71 · 10�4

b: pH 7.0
Exp. 1 6.20 · 10�4±7.77 · 10�6 0.976 6.33 · 10�2±4.58 · 10�4 0.992 1.43±0.093 �3.28±0.859 0.710
Exp. 2 6.70 · 10�4±1.15 · 10�5 0.972 7.76 · 10�2±3.22 · 10�4 0.993 1.64±0.074 �1.15±0.699 0.851
Exp. 3 5.70 · 10�4±1.02 · 10�5 0.971 6.38 · 10�2±6.42 · 10�4 0.990 1.83±0.084 0.459±0.793 0.845
Pool 6.30 · 10�4±7.25 · 10�6 0.956 6.99 · 10�2±7.60 · 10�4 0.976
w.a. 6.17 · 10�4±1.72 · 10�5 7.16 · 10�2±8.52 · 10�4

c: pH 9.0
Exp. 1 3.45 · 10�3±1.04 · 10�4 0.919 9.61 · 10�1±2.20 · 10�2 0.952 1.76±0.137 3.34±1.54 0.753
Exp. 2 3.46 · 10�3±9.99 · 10�5 0.925 9.58 · 10�1±1.97 · 10�2 0.960 2.28±0.149 9.07±1.66 0.818
Exp 3 4.00 · 10�3±1.01 · 10�4 0.944 1.20±1.8 · 10�2 0.977 1.92±0.123 5.98±1.01 0.721
pool 3.50 · 10�3±6.04 · 10�5 0.896 9.86 · 10�1±1.54 · 10�2 0.913
w.a. 3.63 · 10�3±1.76 · 10�4 1.06±3.46 · 10�2

Experimental conditions: 298 K a) pH 4.5 and [O3]i = 2.0 · 10�4 M; b) pH 7.0 and [O3]i = 1.8 · 10�4 M and c) pH 9.0 and [O3]i = 2.7 · 10�5 M. k1
and k1.5 are, respectively, the reaction rate constants for the 1st and 1.5th-order reaction approach. The alternative kinetic analysis method is performed

according to Eq. [5]. R2 is the determination coefficient and w.a. the weighted average of rate constants.
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especially under acidic and neutral conditions. This same
reproducibility problem was observed by Staehelin and
Hoigné (1985). They observed that ozone decay rates at
pH values lower than 8.0 could be disturbed by other
processes such as wall effects.

However, Sehested et al. (1991) has tested the surface
to volume ratio S/V from 415 to 2175 cm2 L�1 and did
not see any influence of this parameter on the ozone
decay. This was confirmed by Lesko et al. (2004), who
compared S/V ratios of 2.06 up to 4.5 cm�1. Minchew et
al. (1987) also point at another hypothesis that may
explain problems with reproducibility. They found the
O3 decay rate to be affected by the ozonation time. The
longer ozone is bubbled through the solution, the faster
ozone decomposes. This can be explained by the accumu-
lation of decomposition products and organic contamina-
tion build up (De Smedt et al., 2001b) during the
bubbling period.

Rate constants for these decays have already been
presented in Table 1. When 1.5th order rate constants of
the ozone decay are compared, one sees an increase of a
factor 6 from pH 4.5 to pH 7.0 and a factor 82 for pH 4.5
to pH 9.0. Staehelin and Hoigne (1982) measured an
increase of the rate constants of the ozone decomposition
by a factor 10 per pH unit for alkaline pH. We do not
measure such a strong acceleration, since from pH 7.0 to
9.0 the rate constant increases only by a factor of 15. In
literature, most studied systems are buffered or have
higher ionic strengths or the ozone decays are determined
in the presence of radical scavengers like t-butanol. A
comparison of the literature data under more or less
comparable experimental conditions with this work is
presented in Table 2, where also the differences in experi-
mental conditions are specified.

Looking at first-order rate constants k1 the agreement
between the various authors is quite satisfactory. The
higher value of Ku et al. (1996) can partially be explained
by a somewhat higher pH of 5 in his experiment. For
values of k1.5 calculated with expression given by De
Smedt (2001a), the agreement is satisfactory except for

pH = 9.0. This can be explained by the fact the 1.5th-
order rate constant at pH = 9 is an extrapolated value
from a kinetic equation derived from experiments in the
pH range 5.4 to 7.2. Hahn et al. (2000) found a k1 value
comparable with ours in the acidic pH range. They also
examined different experimental procedures for preparing
ozone solutions to enhance reproducibility and con-
cluded, as already mentioned, like Minchew et al.
(1987), a dependency of the ozone decay rate on the
ozonation time. For the data of Ku et al. (1996), the k1
rate constants are a factor of 2 to 3 higher than our data.
However, there is a serious discrepancy in the reported
1st- and 1.5th-order rate constants. The 1st-order rate
constants point at much faster decays than the 1.5th

order. They also present an expression for the ozone
loss rate (M/min) in the pH range of 2 to 10: Eq. [6].

rO3
¼ 23:47 O3½ �1:5 OH�½ �0:395 ½6�

These initial ozone loss rates (M/s) are compared to those
calculated for this work in Table 3.

The values of rO3 calculated on the basis of Eq. [6]
appear to be far too low compared to the present and
earlier results of our lab. This can, of course, be expected
as consequence of his very low values of the 1.5th-order
rate constants leading to ozone decay rates that are incon-
sistent with the values that can be calculated from the
rather high 1st-order rate constants.

In conclusion, it is seen that in pure water 1st-order
ozone decay constants show a relatively good agreement
between the various authors. In this way, comparable
values or rO3 can be calculated. However since our data
are better fitted with the 1.5th-order formalism, 1.5th-
order rate constants will be used further in this work to
quantify the effect of added phosphate and hydrogen
peroxide.

Pure Water in the Presence of H2O2

As mentioned earlier, hydrogen peroxide acts as an
initiator for the ozone decay. Most experimental data in
literature are related to relatively high hydrogen peroxide
concentrations of 10�3 M and higher. It is general
accepted that the reaction of ozone with H2O2 is slow
and that the reaction with the ionized form HO�2 is
responsible for the acceleration of the O3 decay. In this
work, the influence of hydrogen peroxide was investi-
gated for concentrations ranging from 10�7 to 10�5 M
for pH values 4.5 to 9.0 in solutions free of extra added
radical scavengers. Only these low hydrogen peroxide
concentrations were tested to assure the systems to be
perturbed as less as possible. For industrial waste water
treatment this is not a necessary condition, but for appli-
cations in the food industry, the preparation of drinking
water and disinfection, it is crucial to introduce as low
additive concentrations as possible. The goal is to exam-
ine in which H2O2 concentration window one sees a
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0 500 1000 1500 2000
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FIGURE 2. Ozone decay in pure water at 298 K.
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noticeable effect and where it can be useful for applying
AOPs. In Table 4, the 1.5th-order rate constants of the
ozone decay for various hydrogen peroxide concentra-
tions are presented for pH values 4.5, 7.0 and 9.0.

For pH 4.5, there is an increase of the ozone decom-
position rate constants when increasing amounts of

hydrogen peroxide are added. Even for the lowest hydro-
gen peroxide concentration of 1.2 · 10�7 M, an increase
of k1.5 with a factor of 3 is seen with respect to pure
water. Increasing H2O2 to 6.0 · 10�6 M or 1.2 · 10�5

M makes the acceleration far more substantial; k1.5
increases respectively a factor 20 and 26. At pH 7.0, the
addition of 1.2 · 10�7 M H2O2 does not affect the ozone
decay constant, but, 6.0 · 10�6 M enhances the ozone
decomposition rate constant with about a factor 10. This
means that at acidic and neutral pH, AOPs can readily be
achieved by adding very low amounts of hydrogen per-
oxide (below 10�5 M). At alkaline pH, the ozone decay
rate constant is already high and low concentrations of
hydrogen peroxide do not induce much of an enhance-
ment: one needs to go to hydrogen peroxide concentra-
tions higher than 1 · 10�5 M to see an effect.

When comparing with literature data, it was found
that all these experiments were carried out for higher
hydrogen peroxide concentrations (Sehested et al., 1998;

TABLE 4. The 1.5th-Order Rate Constants for Ozone Decay in Pure Water as Function of the Hydrogen Peroxide Concentration at pH 4.5, 7.0

and 9.0 at 298 K

Pure water H2O2 (M)

0 1.2 · 10�7 6.0 · 10�6 1.2 · 10�5

pH k1.5 (s
�1 M�1/2) k1.5 (s

�1 M�1/2) k1.5 (s
�1 M�1/2) k1.5 (s

�1 M�1/2)

4.5 Exp 1 3.46 · 10�2± 1.52 · 10�4
(a)

2.69 · 10�1± 2.13 · 10�3
(a)

3.23 · 10�1± 6.44 · 10�4
(a)

Exp 2 3.66 · 10�2± 1.33 · 10�4
(a)

2.63 · 10�1± 1.80 · 10�3
(b)

3.21 · 10�1± 6.20 · 10�4
(b)

w.a. 1.07 · 10�2± 1.77 · 10�4 3.57 · 10�2± 2.02 · 10�4 2.65 · 10�1± 2.93 · 10�3 3.22 · 10�1± 8.94 · 10�4

7.0 Exp 1 7.71 · 10�2± 1.96 · 10�4
(b)

7.69 · 10�1± 7.36 · 10�3
(b)

9.86 · 10�1± 3.15 · 10�3
(c)

Exp 2 6.08 · 10�2± 1.71 · 10�4
(c)

7.74 · 10�1± 1.77 · 10�3
(a)

1.19± 6.38 · 10�3
(c)

w.a. 7.16 · 10�2± 8.52 · 10�4 6.78 · 10�2± 2.60 · 10�4 7.74 · 10�1± 7.57 · 10�3 1.03± 7.12 · 10�3

9.0 Exp 1 9.84 · 10�1± 1.96 · 10�3
(d)

1.27± 2.44 · 10�3
(d)

4.53±3.26 · 10�3
(e)

Exp 2 1.06± 2.10 · 10�3
(d)

1.43± 3.11 · 10�3
(c)

3.68± 6.06 · 10�3
(d)

w.a. 1.06± 3.46 · 10�2 1.02± 2.87 · 10�3 1.33± 3.95 · 10�3 4.40± 6.88 · 10�3

(a) [O3]i = 2.4 · 10�4 M; (b) [O3]i = 2.0 · 10�4 M; (c) [O3]i = 1.7 · 10�4 M; (d) [O3]i = 1.6 · 10�4 M; and (e) [O3]i = 1.5 · 10�4 M.

TABLE 2. Comparison of 1st- and 1.5th-Order Rate Constants for Ozone Decay in Pure Water at pH 4.5, 7.0 and 9.0 at 298K. For This Work

Pooled and Weighted Average (w.a.) Rate Constants are Given

pH 4.5 pH 7 pH 9

k1 (s
�1) k1.5 (s

�1 M�1/2) k1 (s
�1) k1.5 (s

�1 M�1/2) k1 (s
�1) k1.5 (s

�1 M�1/2)

This work(a) 1.30 · 10�4 1.19 · 10�2 6.30 · 10�4 6.99 · 10�2 3.50 · 10�3 9.86 · 10�1

pooled w.a. 1.22 · 10�4 1.17 · 10�2 6.21 · 10�4 7.29 · 10�2 3.77 · 10�3 1.06
De Smedt (2001a)(b) 1.20 · 10�2 6.54 · 10�2 2.56 · 10�1

Hahn et al. (2000)(c) 1.36 · 10�4(d)

Ku et al. (1996)(e) 3.83 · 10�4(f) 1.10 · 10�3 6.50 · 10�4 7.85 · 10�3 3.93 · 10�3

Sehested (1991) 1.6 · 10�4(g)

(a) Experimental conditions: 298 K; pH 4.5 [O3]i = 2.0 · 10�4 M, pH 7.0 [O3]i = 1.8 · 10�4 M and pH 9.0 [O3]i = 2.8 · 10�5 M (b) calculated with the

equation k1.5 = 7.72 [OH�]0.296, (c) ionic strength 0.1 (d) pH 4.1 (e) discrepancy between values of k1 and k1.5.(f) pH 5.0 (g) pH 4.0 and 304 K.

TABLE 3. Comparison of the Initial Ozone Loss Rate rO3 (M/s) in

Literature and this Work

pH [O3]liq

Ku et al.
(1996)(a)

De Smedt
(2001a)(b)

This
work(c)

4.5 2.0 · 10�4 1.83 · 10�10 3.35 · 10�8 3.36 · 10�8

7.0 1.8 · 10�4 1.61 · 10�9 1.57 · 10�7 1.76 · 10�7

9.0 2.8 · 10�5 6.13 · 10�10 1.48 · 10�7

(a) Calculated with [6]; (b) calculated with the equation rO3
= 7.72

[OH�]0.296 [O3]
1.5 (c) rO3 = k1.5 [O3]

1.5, with k1.5 the w.a. of Table 2.
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Kuo et al., 1999) or in systems spiked with radical sca-
vengers (Staehelin and Hoigné, 1982). However, special
attention should be paid to the elaborate kinetic and
mechanistic study by Kuo et al. (1999), where the influ-
ence of hydrogen peroxide on the ozone decay rate has
been investigated over a very broad concentration range.
Since in their study the ratio of [H2O2] / [O3] was much
larger than 1, the H2O2 concentration remained constant
during the entire ozone decay process. In this way the
H2O2 concentration was equal to the initial concentration
[H2O2]0, which facilitates the formal kinetic analysis
considerably.

It was concluded that the additional formation of
hydroxyl radicals through the reactions with hydrogen
peroxide only becomes significant when the hydrogen
peroxide concentration is about 2 · 10�4 M or higher.
Since under our experimental conditions the hydrogen
peroxide concentration is at least a factor of 10 lower
and the initial ratio [H2O2] / [O3] is much smaller than
1, the hydrogen peroxide concentration seriously drops
during the ozone decays and a formal kinetic analysis of
the hydrogen peroxide effect becomes unrealistic.

The effect of adding traces of H2O2 (below 10�5 M) to
pure water systems can be summarized as follows: it is
already possible to establish AOPs in the acidic and neu-
tral pH range since ozone decay rates can be increased by
at least a factor 10. At alkaline pH, due to the already fast
decays, higher hydrogen peroxide concentrations are
needed to realize AOPs and are not well applicable for
pure water system applications. In any case this finding
corroborates the conclusions of Kuo et al. (1999) that the
peroxone process for the pollutant destruction will not be
very favorable under very alkaline conditions.

Phosphate-Buffered Water in the Absence of H2O2

It was seen in previous experiments (Table 1 and
Table 4) that quite large variation of the order of
20% could be measured between k1.5 values obtained
from the experiments at fixed pH. One of the causes was
poor pH stability, especially at neutral pH. Therefore
buffer systems and more specifically phosphate buffers
were introduced and tested on their effect on the repro-
ducibility. Another reason for checking phosphate con-
taining systems is the fact that phosphate is a known
radical scavenger. In this way, one may expect that the
value of rO3 may decrease and higher [O3]liq could be
achieved: Eq. [1].

Furthermore with phosphate, it is possible to cover
the whole pH range with the same buffer components
and a similar ionic strength could be achieved at pH
4.5, 7.0 and 9.0. Buffer concentrations were kept as
low as possible to eliminate interfering factors like
ionic strength, impurities, etc. Various buffer concen-
trations between 0.005 and 0.02 M were tested, but no
significant effect of the concentration on the ozone
decay rate constants was observed. For the systematic

tests, concentrations of 0.01 M for pH 7.0 and 9.0 and
0.02 M for pH 4.5 were chosen and all have an ionic
strength I of 0.02. The 1.5th-order rate constants of
ozone in phosphate buffered systems are presented in
Table 5.

First, one sees that the difference between the rate
constants of various experiments in these phosphate-
buffered systems did not become smaller compared to
the pure systems and the expected stabilization of the
radical chain mechanism was not realized. But more
important, a rather unexpected kinetic behavior of
ozone is observed. When the 1.5th-order rate constants
are compared with the pure water results a very pro-
nounced acceleration is noticed. For pH 4.5, 7.0 and 9.0
an increase by (respectively) a factor of about 5, 8 and 2
was measured

The measured increase of the ozone decay rate by
phosphate in pure water systems is, at first sight, contra-
dictory to literature data. Phosphate is generally known
to be a radical scavenger, which will react slowly with
radicals like the hydroxyl radical and thus slows down the
chain reaction mechanism (Staehelin and Hoigne, 1985).
In Table 6 a comparison is made between the literature
data and our work in terms of ozone loss rate rO3 (M/s)
instead of the rate constants, to avoid discussions on the
reaction order. It is clear that almost all the rO3’s calcu-
lated from our decays are higher than those reported in
literature.

Gurol and Singer (1982) investigated the effect of
phosphate on ozone decays and observed a decrease of
decay rate with increasing phosphate concentration.

TABLE 5. The 1.5th-Order Rate Constants for Ozone Decay in

Phosphate- Buffered Systems

pH k1.5 (s
�1 M�1/2) [O3]i

4.5 Exp 1 6.54 · 10�2 ± 9.54 · 10�5 2.31 · 10�4

Exp 2 7.12 · 10�2 ± 6.66 · 10�5 2.15 · 10�4

Exp 3 4.88 · 10�2 ± 1.97 · 10�5 2.17 · 10�4

Exp 4 5.40 · 10�2 ± 1.01 · 10�4 1.95 · 10�4

w.a 5.13 · 10�2 ± 1.55 · 10�5

7.0 Exp 1 5.44 · 10�1 ± 3.21 · 10�3 2.23 · 10�4

Exp 2 5.28 · 10�1 ± 6.52 · 10�4 1.58 · 10�4

Exp 3 6.06 · 10�1 ± 1.23 · 10�3 1.79 ·10�4

Exp 4 6.72 · 10�1 ± 2.09 · 10�3 1.78 · 10�4

w.a. 5.54 · 10�1 ± 4.08 · 10�3

9.0 Exp 1 1.59 ± 1.77 · 10�3 5.27 · 10�5

Exp 2 1.73 ± 3.19 · 10�3 3.81 · 10�5

Exp 3 1.97 ± 4.25 · 10�3 3.98 · 10�5

Exp 4 2.20 ± 2.09 · 10�3 4.11 · 10�5

w.a. 1.84 ± 5.98 · 10�3

At pH 4.5, 7.0 and 9.0 at 298 K with buffer concentrations of 0.02 M

at pH 4 and 0.01 M at pH 7.0 and 9.0, ionic strength of 0.02. w.a. is the

weighted average of k1.5 of the decays.
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However a comparison with pure systems was not made.
They derived Eq. [7] for the second-order decay constant
kd for ozone in phosphate-buffered systems with ionic
strength I = 0.1.

kd ¼ ð1:4� 0:4Þ � 104 OH�½ �0:51 � 0:17 ½7�

Values of rO3 in our experiments are about factor 10
larger, but the difference is getting smaller at higher pH.
They also present an equation of kd at ionic strength I =
1.0. At this ionic strength calculated kds are about a
factor 20 smaller than those at I = 0.1. Sotelo et al.
(1987) did measurements in phosphate-buffered solutions
with ionic strength of 0.15. Their rO3 values are also lower
than ours. The same trends are seen for the rO3 values
derived by Roth and Sullivan (1983) for ionic strength
0.1, except for pH 4, were rO3 is in good agreement with
our value.

Discrepancies between these calculated rO3 values
and our experimental ones can possibly be explained
by our much lower ionic strength. Westerhoff et al.
(1997) worked at a lower ionic strength I = 0.003 at
neutral pH and these rO3 values are indeed higher,
which confirms this hypothesis. Finally Bezbarua and
Reckhow (2004) found that at neutral pH and in the
presence of t-butanol, phosphate has minimal effect as
radical scavenger. Possibly low phosphate concentra-
tions have initially an accelerating effect on the ozone
decay, but when the concentrations increase, the effect
reverses and phosphate slows down the decay
(Vandersmissen et al., in preparation). It should be
mentioned here that we have checked that these experi-
mental results are simulated well by a slightly modified
HEA (Hoigné et al.) model (Hoigne and Bader, 1976;
Buhler et al., 1984; Staehelin et al., 1984; Virdis et al.,
1995). We have called it the LPAC-model (Laboratory
for Physical and Analytical Chemistry) and the details
are described in the PhD thesis of Vandersmissen
(2008).

Also, in the presence of DOM, phosphate can cause an
acceleration of the ozone decay rate. Staehelin and
Hoigné (1985) state that when H2PO

�
4 reacts with OH

radicals, the formed secondary radical HPO�4 is able to
abstract a H atom from organic compounds. For exam-
ple, this is an abstraction of an H atom standing in a
position to the alcoholic group in alcohols. Via this reac-
tion, phosphate could interfere with the radical-type
chain reaction and even act as a secondary promoter
and accelerate the ozone decay. Westerhoff et al. (1997)
state that concentrations of 0.2 mg/L DOM, which is
below detection limits of our TOC analysis, can react
with the OH radical and this may cause noticeable retar-
dation of the ozone decay rate in pure water systems. In
the presence of phosphate however, OH radicals will
preferentially react with the buffer species present in
much higher concentrations than the DOM. In an indir-
ect way DOM leads than to an acceleration of the ozone
decays.

Thus, it should be concluded that low concentration of
phosphate rather accelerates the ozone decays. In this
way rO3 increases and the [O3]liq,ss will be lower in the
presence of traces of phosphate. Indirect oxidation paths
will be enhanced while the direct oxidation processes will
be inhibited.

Phosphate-Buffered Water in the Presence
of H2O2

The effect of H2O2 on the ozone decay rate constants
in phosphate buffered systems is shown in Table 7. First
let us compare k1.5 with the buffered systems without
hydrogen peroxide. One sees that except for acidic condi-
tions at 1.2 · 10�5 M H2O2, the addition of H2O2 does not
accelerate the ozone decay rate. This means that in the
presence of a phosphate buffer even at very low ionic
strength, no additional AOP effect can be realized by adding
small amounts of hydrogen peroxide. Compared to ultra-
pure water systems only a marginal increase in k1.5 can be
seen at H2O2 concentrations of 1.2 · 10�7 M. Higher H2O2

concentrations increase k1.5 about a factor 5 at pH 7 but the
effect levels off at pH 9. To a large extent it can be concluded
from these results that realizing AOPs by addition of small
amounts of H2O2 (below 10�5M) is not quite feasible in
phosphate-buffered systems except around pH 7.

From a mechanistic point, it looks that phosphate ions
trigger the chain propagation mechanism and in this way
mask the efficiency of H2O2 as a radical promoter.
Staehelin and Hoigné (1982) have also examined the
influence of hydrogen peroxide on the ozone decay in
phosphate-buffered waters. But they added radical sca-
vengers, so rate constants cannot be compared. They
found that the consumption of HO�2 is rapidly compen-
sated by the dissolved H2O2 and the half-life time of
hydrogen peroxide decreases at high pH values. At pH 8
and ozone concentrations of 10�4 M, the half-life time of
H2O2 drops to 100 seconds.

TABLE 6. Comparison Between rO3 (M/s) Calculated from Literature

Data and Our Work for Phosphate-Buffered Systems

pH 4.5 7.0 9.0

this work(a) 1.50 · 10�7 1.35 · 10�6 5.70 · 10�7

Gurol et al. (1982)(b) 7.99 · 10�9 1.22 · 10�7 7.99 · 10 �8

Sotelo et al. (1987)(c) 7.00 · 10�8 1.08 · 10�7 1.58 · 10�7

Roth et al. (1983) (d) 1.39 · 10�7 1.66 · 10�7 1.04 · 10�7

Westerhoff
et al. (1997)(e)

7.92 · 10�7

(a) rO3
= k1.5[O3]

1.5 with k1.5 the weighted average of Table 5, (b) I = 0.1

and rO3
= kd [O3]

2 (kd = equation [7]), (c) I = 0.15 (d) I = 0.1 (e) [PO4]tot
= 0.001M and pH 7.5, I = 0.003. Experimental conditions: 298K, pH 4.5

and [O3]i = 2.0 · 10�4 M, pH 7.0 and [O3]i = 1.8 · 10�4 M and pH 9.0

and [O3]i = 4.5 · 10�5 M and I = 0.02.
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CONCLUSIONS

The goal of this study was to determine ozone decay
rates rO3 in acidic, neutral and alkaline conditions. These
ozone reaction rates are needed to calculate the maximum
achievable [O3]liq,ss for practical applications. First var-
ious kinetic formalisms to describe the ozone decay were
checked and compared. It is concluded that in the pH
range from 4.5 to 9.0 a 1.5th-reaction order simulates the
ozone decay profiles quite well. Pooling the experimental
decay profiles yields rate constants comparable to the
weighted average values. By adding concentrations of
hydrogen peroxide below 1 · 10�5 M to pure water
systems, it is already possible to realize AOP’s in the
acidic and neutral pH range.

Ozone decay rates can be increased, relative to the pure
systems, by at least a factor 10 through the addition of as
little as 6.0 · 10�6 M H2O2. Due to the already fast ozone
decays at alkaline pH, much higher hydrogen peroxide
concentrations will be needed to see an AOP effect. To
enhance reproducibility of these experiments, low concen-
tration phosphate buffers are added to the pure systems.
In contradiction with most literature data, these phos-
phate buffers seem to induce an acceleration of the
ozone decay rate. This can either be explained by an
acceleration caused by phosphate or by a retardation of
the ozone decay rate in pure water due to very low con-
centrations of DOM. Finally it seems almost impossible
to establish AOPs by adding low concentrations of
hydrogen peroxide to these phosphate-buffered solutions
except at neutral pH. In further work, we will study how
far the ozone steady state concentration [O3]liq,ss will be

influenced by the addition of these small amounts of
phosphate and hydrogen peroxide as a function of the
mass transfer coefficient kLa and the partial ozone pres-
sure PO3 in the gas phase.
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