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Abstract _

The reaction of dissolved ozone with iodide, nitrite, andsulfite ions was studied using
stopped-flow and pulsed-accelerated-flow techhiques. The rate expressions and rate constants
at 25°C are:

- -d[O3]/dt = k7 [O3] [I'] 4x109 M1 secl <k7<7x109M1sec’! pH45-5 p=1x103M
-d[Os]/dt = k1 [O3] INO2T ki1 =30%02x10°M1secl pH6.0-99 - 7x103<u<29x102 M

-d[O3]/dt = k17 [03] [SO32] k17 =75+1.8x108 M1sec? pH41t093  2x103<p<4.5x101 M

The ozone-sulfite reaction appears to procede primarily by a direct reaction to form sulfate.
This may not be the case under very acidic and very basic conditions where free radical
intermediates could influence the reaction. The ozone-iodide reaction occurs very quickly and |
forms I as a product, presumably via an IO” intermediate. No enhancement of the ozone-nitrite
reaction, due to radical production by the hydroxide-ozone reaction, was observed at high pH
(9.9) conditions. Ozone reactions, with rate constants (k) varying over eleven orders of
magnitude, show a linear dependence on the nucleophilicity (n) of the reacting anions. The

slope of log k versus n was found to be approximately 6.2.

Introduction

The reaction of aqueous ozone with a number of inorganic anions is quite rapid. The
ozone-iodide reaction has not been measured because it is too fast for conventional kinetic
techniques. The only estimate of the ozone-iodide reaction was obtained from observations of
ozone loss from the gas phase when exposed to seawater and iodide solutio‘ns.1 A determination
of the rate constant for the ozone-iodide reaction in a more direct manner is desirable. Also, the
ozone-nitrite reaction has only been studied at pH <5.1 It was decided to extend the range of
study to alkaline conditions to ensure that free radical processes at high pH conditions did not
influence the rate. A number of kinetic studies have been done on the ozone-S(IV) (where S(IV)
represents SO2(aq), HSO3", and SO32" collectively) system. Results from low pH studies (pH 2-
4) had been extrapolated to higher pH conditions in order to obtain an estimate of the rate
constant at conditions where $O32" predominates, since the rate has been found to be too rapid
to measure directly until recently. Since the studies to date have been done only under acidic
conditions, the reaction behavior under alkaline conditions has not been definitely established.

Penkett and co-workers1-3 have reported the kinetics of the ozone-hydrogen sulfite
reaction in several studies, along with reactions of ozone with other anions. A stopped-flow
system was used to study the reactions. The rate of the 0zone-S(IV) reaction was found to

increase with pH and fractional hydrogen ion dependence was observed. The possibility that



ozone reacted with sulfite and hydrogen sulfite ions with differing rates was not discussed. In
addition to the ozone-S(IV) reaction, reactions of nitrite, ammonia, and bromide with ozone
were studied with a stopped flow system. The rate constants are listed in Table 1. The ozone-
iodide reaction was too fast to be measured by the stopped-flow method.

Another ozone-S(IV) reaction study was done by Larson et al? by bubbling an ozone-
oxygen mixture through a S(IV) solution and measuring the concentration of S(IV) with time.
Solution pH values of 4.0 to 6.2 were used. They concluded that the values of the ozone-5(IV)
rate that they observed were in reasonable agreement with the results obtained by Penkett.!
However, they did not observe a significant pH dependence on the rate. Their value for the
ozone-S(IV) rate constant is also listed in Table I.

Erickson and co-workers® studied the reaction of ozone-aqueous SO2 over a pH range of
<1to4. They reasoned that the O3-5032" reaction was much faster that the O3-HSO3"
reaction and used this assumption in their data analysis. They made measurements at 16° and
25°C and obtained an estimate of the activation energies. The rate constants that they
obtained are listed in Table 1. ,

Maahs® made stopped-flow measurements of the ozone-S(IV) reaction over a range of
pH 3.1 to 6.2. Maahs indicated that his results were consistent with those obtained by Erickson
et al5 Rather than attributing the increase in rate with pH to the 03-S032" reaction, he
indicated that the observed pH dependence could be due to hydroxide ion-initiated |
decomposition of ozone to form the hydroxyl radical. Formation of such an intermediate could
cause more than one oxygen atom to be transferred from ozone to sulfate, as observed by Espenson
and Taube.” He stated that kinetic data alone would be insufficient to discriminate between
the two potential processes. Analysis of the data presented in Maahs' Figure 1 indicates that
Maahs obtained rates that were about 50% of those from Erickson's study at pH 24.

Hoigne et al® used the indigo method? to determine the reaction rates for ozone with a
number of compounds, including S(IV) and nitrite. The ozone-S(IV) reaction was studied over a
pH range of 1 to 5.3. The data were analyzed assuming that ozone reacts increasingly rapidly
as the S(IV) is deprotonated. The rate constants they obtained for the S(IV) species and some
of the other compounds studied are listed in Table I. The value of the rate constant they obtain
for the reaction of ozone-sulfite is intermediate between the values obtained by Erickson® and
Garland.! The ozone-nitrite reaction was studied over a pH range of 2 - 5. The rate constant
derived was greater than that obtained by Penkett,2 but agreed well with the study by
Garland et al3 Their results indicate that nitrous acid reacts much more slowly with ozone
than does nitrite.

There is some uncertainty in the ozone-sulfite reaction rate because of the extrapolation

from pH 3-5 to higher pH conditions. The reaction rate would be expected to level off at about



pH 8 if the process is a direct reaction between ozone and sulfite. If the reaction involved the
ozonc-hydroxide reaction, it would be expected to increase steadily as [OH] increases. Itis
desirable to measure the ozone-S(IV) reaction at higher pH conditions where SO3” predom-
inates. It would also be useful to know what process is responsible for the increase in rate with
pH. These three reaction systems have been studied by stopped-flow and pulsed-accelerated-
flow (PAF) techniques.10-12 Use of the PAF system to study the ozone-S(IV) reaction provided

a more direct measurement than the indigo method.

Experimental

Reagents. Buffer solutions of citrate, phosphate, and boric acid, for pH ranges of about
4,7, and 9, respectively, were prepared by dissolving the analytical reagents in distilled
deionized water. The nitrite énd iodide solutions were prepared from NaNO; and Nal,
respectively. The S(IV) solutions were prepared by degassing the buffer solution with Ar pridr
to addition of either Na3S705 or NaySO3. The S(IV) solution was kept under Ar until it was
transferred to the instrument syringe for use in rate measurement. The S(IV) concentration in
solution was determined by iodimetry. Adjustment of the pH of the solution was done with
HCIO4 or NaOH solutions. The pH measurements were made with an Orion 610A digital pH
meter and a Cornihg combination electrode that had been previously calibrated with solutions
of ionic strength similar to the solutions under study.

Raman spectra of the reaction mixtures were collected using a Coherent 90-5 argon-ion
laser and a Spex 1403 spectrometer controlled by a Spex Datamate data acquisition system.
UV-visible spectra of the solutions were taken with Varian Cary 219 and Perkin-Elmer
Lambda 9 spectrophotometers.

Ozone was prepared by passing research grade oxygen through a coaxial ozonator tube
powered by a luminous sign transformer (9kV, 30mA).13 Aqueous ozone solutions were prepared
by passing the gas stream containing ozone through a glass frit immersed in the solution. The
gas phase ozone concentration was adjusted by varying the oxygen flow rate through the
ozonator. The aqueous ozone concentration was estimated from literature ozone solubility
measurements!4 and determined more accurately by UV absorption. An extinction coefficient of
3000 M-lem] at 260 nm was used in the determination. Measurements of the extinction
coefficient for aqueous ozone have been reviewed by Maahs.6 Since ozone decay ratesin -
alkaline buffers were unacceptably high, ozone solutions for alkaline runs were prepared in
unbuffered solutions with ionic strengths matching those in the S(IV) reactant solutions. In
these cases, the ionic strength was adjusted using sodium chloride. Once the instruments were

conditioned, ozone decay rates of less than 2% per minute were consistently obtained in the
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reactant solution during the éxperiments._ Sodium chloride was used to adjust the ionic strength
of the S(IV) reactant when desired.

Citrate buffers were used with some of the S(IV) solutions used in stopped flow
measurements of the ozone-S(IV) reaction. Citrate absorbs weakly at 260 nm (¢ ~ 0.4) and did
not interfere with the absorption measurements. Hoigne and Bader!42 note that many organic
carboxylic acids react with ozone. We found that citrate ion reacts slowly with ozone (k ~ 5 M-1
sec’l) at pH > 7. As noted by Hoigne and Bader!42, the dissociated carboxylic acids are more
reactive than the acid form, so the effective rate constant at the conditions of our experiments
(pH 4 - 5) would be less than the value listed here. The loss due to the ozone - citrate reaction

- was not significant at any of the conditions used.

~ Stopped-Flow Measurements. A Durrum D-110 stopped-flow spectrometer (1.88 cm cell
path length) interfaced to a Zenith 151 PC with a MetraByte DASH-16 A/D was used for the
ozone-nitrite measurements and the low pH (< 5.5) ozone-S(IV) measurements. Data from runs
with large values of kops (>60 sec™!) were corrected for mixing using the equationl®

1/ kobsd = 1/ kreaction +1/ kmix 8y

where kmix = 1700 sec’! for the system used. The NOy™-O3 reaction was studied under pseudo-
first order conditions only. |

Pulsed-Accelerated-Flow Measurements. To permit measurements of rates faster than
those in the range of the stopped-flow technique, the pulsed-accelerated-flow (PAF) method
was used.10-12 PAF model IV was used in the UV mode for studies of ozone-iodide reaction and
ozone-5(IV) reaction at pHs of 6.5 - 9.3. Both pseudo-first order conditions, with [X"]>>[03],
and second order conditions were used in the study of the S(IV)-O3 reaction and the I~-O3
reaction. The technique is described in more detail elsewhere.10-12 Briefly, absorbance
measurements of the mixed reactants in the cell are taken while the flow velocity ramps from
12 to 3 msec’l. At these flow velocities, the mixed solutions have a transit time of 0.8 to 3.3
milliseconds through the PAF cell. The reaction progress variable M(v) is derived from

‘ M) = (Ay - Ax) /(Ap - Ax) =(1-€Y)/y (2)

where Ay is the absorbance at flow velocity v, A is the final absorbance of the reaction
mixture, and A, is the initial absorbance of the reactants. Here y is defined as

y = (kappb) /v (3)
where b is the optical path length in m, v is the flow velocity in m sec’!, and kapp is the
apparent rate constant

1/kapp = 1/ (kmix V) + 1/ kobsd, (4)
which is dependent of the mixing rate constant (kpmix) and the reaction rate constant (kopsd)-
When kapp > 5000 sec”], there is a linear dependence of M(v) on v

M) = 1/(bkmix) + v /(bkobsd) (5)



Plotting M(v) against v gives a slope of 1/(b kobsd), providing a value of kobsq and its
uncertainty for each run. '
Absorbance changes at 260 nm due to the reaction of ozone were in the range of 0.06 -

0.16. All measurements were made at25°C. -

Results and Discussion
Ozone - Iodide Reaction

The reaction of ozone with iodide was using the PAF systém to monitor the change in
absorption at 260 nm. The reaction products shift the pH of the solution and the initial pH
values of 4.8 and 4.5 were calculated from the measured final pH values of 6.4 and 8.0,
respectively. The initial ozone concentration was 1.5 x 10 M in the pH 6.4 experiment and
34 x 105 M in the pH 8.0 experiment and the initial iodide concentration was 5 x 10 M in both
experiments. The reaction mixtures were unbuffered and the measurements were made at 25°C.
The reaction was too fast to measure at both conditions. We estimate that the second order rate
constant is greater than 4 x 10° M1 sec”l. Diffusion limits the rate constant to 7 x 10° M-1 sec’l.
The estimate of the rate constant given by Garland et al,! 2 x 107, is significantly less than the
estimate that we have obtained. As mentioned by Hoigne et al,8 the most plausible reaction

. products are OI" and O2.

F+03 -5 0O+ O, (6)
The pK, for hypoiodous acid is 10.717 and the conversion of OI" to HOI is rapid.18
OF + H)0 .~ HOI + OH- @

HOI rapidly equilibrates with the remaining I" to form Ip,1? and I and I" exists in equilibrium
with I3-20 o | |
HOl + I + Ht 2 b + HO (8)
F+h <2 Iy 9
Using the literature values of the equilibrium constants for reactions (7)-(9), the final
concentrations were calculated for the two experimental conditions, shown in Table IL.
The final absorbances due to the iodine-containing species were calculated using the extinction
coefficients21,22 listed in Table II. For the pH 6.4 and 8.0 experiments, the final absorbances
were found to be 9% and 22% of the initial absorbances, respectively. .
Exhaustive ozonation of iodide solutions yielded 103", which was observed by Raman
spectroscopy. The I03™ could be formed by the reaction of ozone with HOI, or by the slow
disproportionation of OI". | |
30I' ™ 2I" + 103" (10)
From the study of the reactions of ozone with Br- and HOBr by Haag and Hoigne,16 we expect

that the reaction of ozone with HOI is slower than the reaction of ozone with I". Ozonation of ‘



iodine solutions also showed the appearance of 103™. The rate constant that we have obtained
indicates the ozone-iodide reaction in secawater is an important loss process for tropospheric
ozone.
Ozone - Nitrite Reaction
The reaction was studied over a pH range of 6.1 to 9.9 at 25°C by stopped-flow only.

O3 + NOy — NO3 + Oy amn,
In this pH range, no corrections were required for the presence of HNO2 (pKa = 3.0.23 The
initial ozone concentrations ranged from 7 x 106 to 4 x 10-3 M and the initial nitrite concentra-
tions ranged from 1.0 - 2.5 x 10% M. The values of the rate constant are shown in Figure 1. Over
the limited range studied, the rate showed first order dependence on nitrite concentration, in .
agreement with earlier studies.28 The average second-order rate constant that we obtain for
the reaction is 3.0 £ 0.2 x 10-> M-1 sec’! at ionic strengths of p = .007 to .029, which agrees well
with the values obtained by Hoignevet al8 and Garland et all at lower pH conditions. No
dependence on ionic strength was observed in the range studied. The second order rate constants
are independent of pH, so we conclude that radicals generated by the ozone-hydroxide ion
reaction do not substantially influence the ozone-nitrite reaction in the range of conditions
studied. Nitrate ion was the only product observed in Raman spectra taken of reacted nitrite
solutions.
Ozone - S(IV) Reaction

For this reaction, the dependence of the rate on the reactants has been well established

by other studies. The rate can be expressed as _

-d[03]/dt = k[O3] [S(IV)] : (12)
The ozone-S(IV) reaction was observed over a pH range of 4.0 to 5.2 with the stopped-flow
system and pH 6.5 to 9.3 with the PAF system. Since there is good agreement among earlier
studies, no effort was made to determine the value for the reaction of ozone with hydrogen
sulfite. The 0zone concentrations used were 6 x 106 to 5 x 10> M and the S(IV) concentrations
used were 1x 105 to 4 x 104 M. The pH values, ionic strengths, concentrations, and averaged
values of the observed rate constant obtained in the experimental runs are tabulated in Table
Ill. The data were obtained from both the stopped-flow system and the PAF system. The
values of kreaction Were corrected for contribution from the ozone-hydrogen sulfite reaction,
using a rate constant of 3.2 x 10° M1 sec’l. The corrections were insignificant above pH 7. The
values of keorrected Were then used to calculate the rate cdnstant, k. 1n calculating the fraction
of S(IV) as SO32", the equilibriumﬁconstant for

HSO3™ > H* + SOz (13)
was adjusted for ionic strength.24 The stopped-flow runs were done with ionic strengths of p. =
.002_} 013 and the PAF runs were done with p = .022 - .45. There was no noticeable ionic strength



dependence observed in either the stopped-flow runs or the PAF runs. A plot of log(kapp) versus
log([SO32)) is shown in Figure 2. The data show a first order dependence on sulfite
concentration. There was a fair amount of scatter in the high pH PAF data due to the rapid
reaction and the small signal. However, there is no systematic deviation in the value of the
rate constant as the fraction of S(IV) as SO32" approaches unity. Such a deviation could occur if
the ozone-hydroxide ion reaction contributed substantially to the ozone-S(IV) reaction
process.25 The values of keorrected below pH 4.5 are not considered as reliable as the values
obtained at higher pH conditions, in part because the correction applied for HSO3" was
significantly larger than for the higher pH conditions. A least squares fit to the data from
conditions with pH 4.5 and above yields a value of keorrected =7.5+ 1.8 x 108 M1 sec’! at [SO32]

.= 1M, where keorrected = k for the ozone + sulfite reaction. An average of the individually
calculated values of k gives a similar value of 7.3 + 4.1 x 108,

- Espenson and Taube” studied the reaction of ozone with SO2(aq) and SO32" that were
isotopically enriched with O!8. These studies were done only at very acidic (pH<1) and very
alkaline (pH>12) conditions. Their results indicated that more than one oxygen atom was |
transferred from ozone to the sulfate product. They observed that ozone induced sulfate to
slowly undergo oxygen atom transfer with water in the absence of sulfite. They also studied
oxygen atom transfer in the ozone-nitrite reaction. In this reaction, they observed the transfer
of one oxygen atom to the nitrate product, in agreement with expectations. It is noted that the
experimental conditions used by Espenson and Taube which generated higher aqueous ozone
concentrations during reaction created larger values of oxygen atom transfer to S(IV). They
offer a possible mechanism for the transfer of two oxygen atoms to S(V) under very acidic
conditions, but they do not speculate about a possible process involved with the transfer of two
oxygen atoms at high pH conditions. ¢ '

Under such alkaline conditions, it is possible that hydroxyl radicals could be formed by

a process such as -
O3 + OH- — O~ + HOp* (14)
HOy» — H* + Oy (15)
O3 + Oy H,05 OH: + OH" + 20, (16)

The reaction of OH* with S(IV) could generate additional radicals which could effect greater
that unitary oxygen atom transfer from ozone to IV). The Oy~ formed by reaction 16 could
react with S(IV) to produce the same result. However, at moderate OH- concentrations, the
free radical contribution would be expected to be much smabiler.

With solution conditions at moderate pH (4.1 - 9.3), where [S(IV)] > [OH], it is
expected that the direct reaction would predominate, since the rate of the ozone-hydroxide

reaction is significantly less that the 0zone-S(IV) reaction.26 Kinetic studies of the ozone-



S(IV) reaction have been, by and large, reasonably consistent and no fractional order
dependence on [S(IV)] has been reported.26:8 The reaction of ozone with sulfite would most

plausibly involve nucleophilic attack of sulfite on ozone.

o) 9‘) o o
‘o“\\ "' ‘\‘ /
o’ \‘-O :S{<' :> (o) N} l/"'-o :> O/ o_s<' o
"' O ‘ll "O
40 ‘O

The ozone bonds have multiple bond character. The transfer of an oxygen atom from ozone to
sulfite gives Op and SO42". In this study, the rate plateaued in the pH 8-9 region, which
would not be expected in a system where the ozone-hydroxide reaction made a significant
contribution to the reaction process. It does not seem necessary to invoke a free radical process to
explain the reaction process when a direct reaction, shown above, is straightforward.

It is unlikely that the reaction would proceed by electron transfer to a significant
degree.2’ .

O3 + SO3 — O3 + SO3~ (18)

If this pathway was important, a significant amount of dithionate would be present in the

reaction products from the reaction28,29

SO3~ + SO3- — SO3 + SO32" (19a)
| — 52062 (19b)
SO3 + HO = 2H* + SO (20)

The branching for reaction 19 was studied by Waygood and McElroy.28 The product distribution

- was checked by Raman spectroscopy. Ozone was trapped on silica gel at dry ice temperature
and the oxygen was removed by purging with nitrogen. The silica gel was warmed to about
-50°C, and the flow of N2 and O3 was directed through a solution of 0.5 M SO32". There was no
detectable $0¢2" in the Raman spectra of the oxidized solution, which indicated that less
than 1% of the SO32" was converted into Sp0g2". We conclude that ozone- S(IV) reacts
primarily by O atom transfer under the conditions studied.

The ozone-cyanide reaction is one in which free radicals have been implicated in the
reaction process. The reaction of ozone with cyanide has been studied by Gurol and Bremen3?
and the reaction displays behavior typical of free radical involvement. At high pH (>9), the
rate shows fractional order dependence on [CN-]. The addition of tert-butyl alcohol or other
free radical scavengers brought the [CN-] order dependence close to unity. The reaction
displays first order dependence on [CN-] at neutral pH conditions where the ozone-hydroxide

ion reaction would be less important. Gurol and Bremen proposed a mechanism involving both a



direct reaction of ozone with cyanide and a reaction of hydroxyl radical with cyanide.' They
propose that OH-, the hydro.xyl radical, is formed indirectly from the reaction of ozone with
hydroxide, OH", as indicated in reactions (14) - (16), above. Our studies generally were at pH 9
or lower and the reactions did not appear to involve a radical pathway. -

Nucleophilicity ’

The Swain-Scott relationship,31-33 which correlates rate constants with the
nucleophilicity (n) of anions and the sensitivity (s) of the reaction site, was derived for
nucleophilic attack at carbon. ‘

J logk/ko) =sn _ - @b,
There are several nucleophilic scales in use in the literature.31-33 The one used here is based on
the scale presented by Swain and Scott.3! In such situations, s is typically 1+ 0.5. More
recently, the relationship has been applied to CI* transfer reactions of HOC1.1234 In the case
of nucleophilic attack at chlorine in HOCI, s = 4.7 # 1, indicating that these reactions are much
more sensitive to the nucleophilic strength of the anions than are the reactions of carbon. Using
the results of this study and other studies of ozone reactions, we have applied the Swain-Scott
relationship to O atom transfer reactions of ozone. The nucleophilic anions and their second-
order rate constants for reaction with ozone are listed in Table IV along with their
nucleophilicity. Sulfite, hydroxyl and the halide ions are generally believed to react with
ozone by O atom transfer.826 The reaction mechanisms for the other compounds in Table IV,
HS", NH3, and NH20OH, have not been established. However, it is plausible that they could
also proceed by O atom transfer. If the HS" - ozone reaction is analogous to the HO" - ozone
reaction, 26 HSO" would be the initial product. The ultimate oxidation product of HS" is
believed to be sulfate.35

Ammonia and hydroxylamine are ultimately oxidized to nitrate,8 although the
mechanism has not been established. These reactions could plausibly proceed via O atom
transfer. If ammonia forms NH30, it could rearrange to NH2OH, which reacts more quickly
with ozone than ammonia. A plot of the values of log k versus nucleophilicity from Table IV is
shown in Figure 3. The data for the reactions known to proceed by O atom transfer are shown as
squares and the line is a least squares fit to these points, and has a slope of 6.2 + 0.6. This slope
is somewhat higher than the value of s = 4.7 obtained by Gerritsen and Margerum34 for the
HOCI + X" reactions. It is noteworthy that the values for HS", NH3, and NH2OH, shown as
triangles, also lie close to the line derived from the other reactions.

We conclude that the reactions of iodide, sulfite, and nitrite with ozone proceed by O
atom transfer and do not show evidence of radical-mediated reactions at the conditions studied.

The ozone - S(IV) reaction results support the conclusions of Hoigne et al8 from their

10



measurements using the indigo method. The rate constants for nucleophile - ozone O atom

transfer reactions show good correlation with the nucleophilicity values in the literature.
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Rate Constants for Aqueous Ozone Reactions

Source Reactant

Ref. 1 S(IV)
NO>-
Br-
NHj3
I

Ref. 2 S(IV)
NO>-

Ref. 4 S(1V)
Ref. 5 HSO3-

SO32-

Ref. 6 S(1V)

Ref. 8 $SO2 (aq)
HSO3"
SO32-

Br-

this study iy

n.a. - not available

Table I

Temperature

(&)

25
25
25
25
25

9.6
9.6

25

16
25
16
25

N
v

BRRERNRNR

13

Second Order Rate
Constant (M1 sec1)

,~3x108

33x10°
3.0x 102
44

~2x10°

~4 x 105
1.620.1 x 10°

1.6 x 10°

1.740.2 x 105
3.120.2x 10°
1.3+.4 x 10°
2.2+.4 x 109

about 50% of ref. 6

242 x 104
3.240.2 x 10°
1.040.1 x 10°
<3x103
1.6+0.2 x 102

1.7+0.1 x 10°
3.0+02x10°
7+1 x108

Ionic Strength
M)

n.a.
n.a.
n.a.
n.a.
~0.6

<103
<103

~0.1-10

n.a.
n.a.
n.a.

n.a.
3x104 - 1x1071

n.a.

n.a.

n.a.

~1-4
~5x104 - 2x10°2

~1x10-3
7x1073 - 2.9x10-2
2x1073 - 4.5x10°1



Species

I-
I
HOI

I3

Extinction Coefficient
at 260 nm (M1 em')
'36[21]
109 [21]
6000 [21]
<760 [22]

14

Table II

pH 6.4
Concentration
2.09x10°M
141x10°M
9.1x107 M
23x107M

' pH 8.0
Concentration
1.05x10°M
55x106M
285x10°M
44x108M



Table ITI

Experimental Conditions and Results for Ozone - S(IV) Measurements

pH

Stopped-Flow
4.0
4.0
4.1
4.1
4.1
45
48
5.1
5.1
5.2
PAF
6.5
7.0
7.0
7.0
7.0
7.0
9.2
9.3

* derived from second order fit

n
(M)

0.007 - 0.012
.003
006
.003
002
010
010

013

013
013

022
024
045
22

45

045
013
013

[O3]
(M)

25-15x106
12-1.6x10
1.0-3.3x105
16 - 1.7x10°5
1.6 - 3.3x10°5
145 - 4.0x10°°
16 - 1.7x105

1.2x10°

30-13x106
1.3 - 1.4x10°5

1.4x10°5
3.3x10°5
7.6x10
2.9x10°5
7.3x10°3
2.0x10°5
4.3x10"
4.7x105

15

[SaV)]
M)

3.0x104
1.5x104
1.4x10°4
7.0x10°5
3.5x10°5
2.5x10°3
5.0x105
2.5x10°5
1.25x10°5
2.5x10°5

9.0x10°5
3.0x104
2.1x104
3.4x10%
3.2x10°5
3.3x104
1.6x10"

-3.1x104

kreaction

(sec'1)

48030
270+20
260 + 20
11319
51418
322
230+ 24
103
86+ 17
120+ 20

9140 + 770
6.2 0.6 x10%
44+23x10%

2.1x10°

5.4x10%*
- 4.0x10%
8.9+ 0.8 x104
2.0x105

k
x108 M1 gec’])

194
224
18.4
15.6
13.8
4.7
10.3
4.5
79
4.3

6.3
5.2
53
12.8
3.0
3.0(5)
5.6
6.4(5)



Table IV

s

Nucleophilicities (n) and Rate Constants (k) for Reaction with Ozone

HS
NH3
NH>;0OH

[a] - this study

5.1
5.0
3.9
3.0
4.2

5.1
3.85
4.65

reference
forn

[26]
[26]
[26]
[26]
[26]

[26]
[27,b]
[27,b]

{b] - adjusted for different scale

k
M'l wc'l

7.3 x 108
- 1.7x109
90 - 300
~2x 104
40-80

30x10%

20-44
2.1x10%

16

reference
fork

(a]

fa]

(8]

8]
- 18]

[8]
[8]
lg]

log k

8.86

9.23
195-25
-3.70
1.60-1.90

9.48
1.30-1.64
4.32



Figure Captions

Figure 1. Values of the rate constant for the ozone-nitrite reaction obtained by stopped flow,
shown as a function of pH. The average value for the rate constant is 3.0 + 0.2 x 10> M1

secl,

Figure 2. A plot of log (kapp) from PAF and stopped-flow measurements after correction for the
HSO3" - O3 reaction as a function of log([SO32°]). The slope is one, indicating first order
dependence on [SO347]. The intercept provides the value of k for the reaction of ozone

with sulfite.
Figure 3. Swain-Scott plot of log k for the reaction of ozone with CI*, Br, OH-, $O32-, and I

(squares) versus the nucleophilicity of the anions. The values of log k for the reaction of
ozone with HS", NH3, and NH20H are also shown ( triangles). The slope is 6.2 + 0.6.

17
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