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The oxidation of iodide, bromide, and chloride by peroxynitric acid (HOONO2) was studied by spectroiodom-
etry. The second-order rate constants were found to be 890 (I-, 295 K), 0.54 (Br-, 295 K), and 0.0014 M-1

s-1 (Cl-, 298.2 K). No pH dependence was observed in any of the systems (pH 1.2-4.9). The temperature
and ionic-strength dependencies of the chloride oxidation rate constant are 4.8× 107 M-1 s-1 exp(-60 kJ
mol-1/(RT)) and 6.0× 10-4 M-1 s-1 + 1.7 × 10-4 M-2 s-1 µ, respectively, whereµ is the ionic strength.
HOONO2 also reduces halogens (X2), the active species being HO2, a radical in constant equilibrium with
HOONO2. Under most conditions, the reduction can be explained quantitatively with a free-radical mechanism
using known rate constants. Reduction by H2O2 was not significant. These systems also seem to be affected
by reactions in addition to the direct oxidation and free-radical reduction. First, some iodine atoms are stored
in a reservoir when initial concentrations of iodide and peroxynitric acid are near stoichiometric values, but
we could not identify this reservoir. Second, reaction of HOONO2 with large excesses of KBr (in the 10-2

M range) gave inordinately fast and variable bromide oxidation. The addition of Cu2+ suppressed this at pH
1.7, suggesting an additional oxidation mechanism that involves HO2. On the basis of the above results, the
potential role of HOONO2 in sea-salt chemistry has been evaluated. Given typical marine boundary layer
conditions, it should be negligible in warm, clean, remote oceanic areas. In polluted coastal regions and/or at
low temperatures, it might become marginally significant compared to other known reactions leading to halogen
release from sea-salt particles.

Introduction

There is a growing interest in the chemistry of chlorine and
bromine atoms in both the marine boundary layer and the Arctic
troposphere. Chlorine has drawn attention mostly because of
the fact that sea-salt particles have long been known to have a
[Cl-]:[Na+] ratio significantly lower than that of seawater.1 If
the missing chloride were to enter the gas phase as photolabile
compounds, it could give rise to enough gas-phase chlorine
atoms to compete efficiently with OH as the starting point of
oxidation processes in the marine boundary layer. Sparse field
measurements have provided ground for believing that there
might indeed be substantial levels of Cl2 and/or HOCl in the
marine boundary layer at night, enough to release vast numbers
of Cl atoms at sunrise.2,3 Bromine is also of great interest for
the study of the disappearance of ground-level ozone observed
at polar sunrise in the Arctic, as it has been linked to severe
ozone depletion events.4

So far, there have been two theories to explain the chloride
deficit observed in sea-salt particles.5 The first one is acid
displacement, according to which the condensation of sulfuric
and nitric acids on the particles lowers their pH and drives
chloride out as HCl(g). If this mechanism were dominant, little
chlorine would be produced, for gas-phase HCl is a species of
limited atmospheric reactivity that is removed mostly by wet
deposition. The second theory involves the oxidation of the
chloride within the particle, making a volatile, photolabile
species such as HOCl, Cl2 or BrCl. In the past, the oxidants
that have been studied have been for the most part members of
the NOy family, especially N2O5 and NO3, though O3 has

recently come under scrutiny as well.6,7 Another interesting
theory has also been put forward that would involve not only
O3 but also bromide and HO2 as key chloride removers, with
BrCl as the volatile compound being predominantly released.8

Despite numerous encouraging results, our understanding of this
process remains incomplete.

One NOy species that has not yet been extensively studied is
peroxynitric acid, HOONO2. It is always present in the
atmosphere, even if at low levels, because it is in equilibrium
with its ubiquitous parent radicals, HO2 and NO2.9 Our earlier
work on its thermal decay in acidic solutions showed it had a
Henry’s law constant of 12 600 M atm-1 at 298 K and a lifetime
of tens of minutes, determined by the disproportionation of HO2

and NO2 into more stable products in a mechanism described
by reactions 1-4.10 Thermal decay also proved to be highly
variable, apparently because of reactions of the radical inter-
mediates with trace transition metals.

Less acidic solutions lead to dramatically shorter lifetimes,
as the conjugate base peroxynitrate (NO4

-) decays to O2 and
NO2

- in a matter of seconds. HOONO2 has a pKa of 5.85.11

We have shown previously that it is a potent aqueous-phase
oxidant whose reduction potential places it above chlorine in
the reactivity series. Furthermore, it has been reported that it* Corresponding author. E-mail: mozurkew@yorku.ca.

HOONO2 h HO2 + NO2 (1)

2HO2 f H2O2 + O2 (2)

2NO2 + H2O f HNO2 + H+ + NO3
- (3)

HNO2 + H2O2 f H+ + NO3
- + H2O (4)
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does oxidize chloride.12 The oxidation of iodide by peroxynitric
acid is already documented; the acid itself oxidizes iodide with
a rate constant of 840( 50 M-1 s-1, while NO4

- does so at
only 56 M-1 s-1 at pH 7.1.13

We have studied the decay of HOONO2 in the presence of
chloride, bromide, and iodide as well as the production of iodine
and bromine in various systems. Of particular interest was the
fact that HOONO2 acted not only as an oxidant but also as a
reductant. In fact, it proved kinetically more efficient as a
reducing agent than the hydrogen peroxide present in the
systems we studied.

Reactions and equilibria (5)-(9) are expected to take place
with all three halides. In the following, for example, reaction
5(I) and k5(I) will stand for reaction 5 with X) I and the
corresponding rate constant, respectively.

Experimental Section

Material and Solutions. All experiments used water that was
first deionized and then redistilled from KMnO4 in an all-glass
apparatus. KI, NaOH, ammonium molybdate, CuSO4‚5H2O,
70% HNO3, 85% H3PO4, 98% H2SO4, pH 4.00 phthalate buffer
(all from BDH), NaNO3 (BDH and Caledon), 30% H2O2 (BDH
and Fisher Scientific), glacial CH3COOH (Caledon), Na2EDTA,
ClCH2COOH (both from Fisher Scientific), pH 2.00 HCl/KCl
standard solution (VWR), and NaNO2 (J. T. Baker) were used
as supplied. Other buffers were prepared from the appropriate
acids and NaOH and were typically 0.10 M. Varying the nature
and/or concentration of the buffer with the bromide and chloride
systems did not show a measurable effect on the chemistry.

HOONO2 Synthesis.HOONO2 was prepared with a slightly
scaled-up version of the synthesis described by Appelman and
Gosztola,12 but with HClO4 replaced by 70% HNO3. The
resulting solution will be referred to as the reaction mixture. It
was stored at-18 °C and significant amounts of HOONO2

remained for several weeks. Iodometric titrations gave average
HOONO2 and H2O2 concentrations of 1.6 and 2.4-3.0 M in
the reaction mixture, respectively.

For kinetic studies, the reaction mixture was diluted by factors
of the order of 103. For the classical and kinetic spectroiodom-
etry procedures, 70.0µL of the reaction mixture were added to
50.00 mL of the appropriate HNO3 or buffer solution. In the
flow experiments, 20.0-100µL of reaction mixture were added
to 50 mL of the appropriate HNO3 or buffer solution. Na2EDTA
(1.0 mM) was added to these dilute reaction mixtures to stabilize
HOONO2.10

Apparatus. For all experiments, a Hewlett-Packard 8452A
diode-array UV-visible spectrophotometer was used, with a 1
cm path length quartz cell. It can take simultaneous readings at
2 nm intervals in the 190-820 nm range but, normally, only
the 280-360 nm range was used. It was equipped with a HP
Peltier temperature-controller, model 89090A, that maintained
the cell temperature at 25.0°C and stirred the solution at 300-
600 rpm with a small magnet cast in glass or Teflon. When
temperature control was needed in the classical and flow
experiments, a Neslab RTE-210 thermostated bath was used

to circulate fluid through a 50-mL jacketed beaker equipped
with a magnetic stirrer. The temperature was systematically
controlled in chloride experiments, with a default value of 25.0
°C. Others were carried out at room temperature, 22( 1 °C.
pH measurements were made with a pH meter (model 10
Accumet, Fisher Scientific).

SpectroiodometrysBasic Principles.Kinetic studies have
been done by measuring spectrophotometrically the triiodide
produced by reactions 5(I)-7(I). This has been described in
detail elsewhere.10 Briefly, part of the dilute reaction mixture
is mixed with a large volume of KI solution. Reaction 5(I) takes
place, the large I- excess converting HOONO2 into iodine and
triiodide. The I3- absorption is monitored at 352 nm (ε ) 26 400
M-1 cm-1).14 Reaction 8(I) is almost negligible, unless a catalyst
is added to the KI solution.

Three different forms of spectroiodometry were used. Clas-
sical spectroiodometry was used for HOONO2 lifetimes of 20
min or more and flow spectroiodometry for shorter ones (down
to 20 s). In both cases, the I3

- absorbance can be directly related
to the HOONO2 concentration in the dilute reaction mixture.
The third technique, kinetic spectroiodometry, helped measure
the rate constant of reaction 5(I). The three variations of
spectroiodometry developed so far have been described else-
where;10 the following is just a short summary of each.

Classical Spectroiodometry.In classical spectroiodometry,
an aliquot of the dilute reaction mixture is transferred to an 8
mM KI solution being monitored spectrophotometrically; the
quick absorbance rise is then related to the HOONO2 concentra-
tion in the dilute reaction mixture. The subsequent addition of
ammonium molybdate catalyst to the cell allowed us to measure
the H2O2 concentration. Repeating the procedure several times
with the same dilute reaction mixture led to the determination
of peroxynitric acid’s observed first-order decay rate constant
and to the concurrent H2O2 decay.

Flow Spectroiodometry.Flow spectroiodometry is a varia-
tion of the previous technique where the dilute reaction mixture
and an 8.73 mM KI solution are continuously drawn and mixed
together in a flow system. By the time the combined flows reach
the spectrophotometer cell, reaction 5(I) is over and HOONO2

can be quantified through I3
- absorbance.

Kinetic Spectroiodometry. A small aliquot of partially
diluted HOONO2 solution (intermediate reaction mixture) is
added to acidified or buffered KI solution in the cell and the
growth of both I2 and I3- is monitored spectrophotometrically.
Figure 1 shows a typical time trace. The first 10 s of data serve
as an internal blank, and the corrected absorbances are then
converted into concentrations of I2 and I3-. Afterward, curve
fitting is used to find the appropriate rate constant. The height
of the final plateau is related to the yield.

All the uncertainties based on our measurements are given
in the text as the 95% confidence level determined from sample
standard deviation. We assume that all the uncertainties found
in the literature were also for this confidence level.

In the following, the notation X(0) stands for the sum of all
oxidized forms of a halogen: X3-, X2, HOX, and OX-. Given
our experimental conditions, only the first two mattered in the
mass balance of iodide and bromide systems; HOCl was
significant in the chloride systems. Rate constants related to
this work and used in modeling are all listed in Table 1.

Results and Discussion

Iodide System.This system was studied over a wide range
of KI concentrations that were broken into three broad categories

HOONO2 + X- f NO3
- + HOX (5)

X2 + H2O h HOX + X- + H+ (6)

X2 + X- h X3
- (7)

H2O2 + X- + H+ f H2O + HOX (8)

H2O2 + HOX f H2O + O2 + X- + H+ (9)
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based on the relative concentrations of HOONO2 and KI; the
experimental conditions for each are listed in Table 2.

Comparing runs done by classical and kinetic spectroiodom-
etry showed that when KI was in large excess over HOONO2,
the reaction quantitatively produced I(0). With 13-27 µM
HOONO2 in the dilute reaction mixture, this proved true down
to approximately 500µM KI. Below that threshold, yields
dropped markedly, as shown in Figure 2. Despite the scatter in

the data, it is clear that the effect is real. At 100µM KI, the
yield is 80% at pH 1.6 and 60% at pH 3.1. Since KI is still
well in excess over HOONO2 in this region, by a factor of 20:1
to 60:1, something must prevent HOONO2 from being fully
converted to I(0). Given the short time scale of the experiments,
thermal decay could not have accounted for the lower yield.
The most likely reason is that I(0) was being reduced by
HOONO2. Note that at higher KI concentrations, the yield
plateaus slightly below 100%. The reason might be a small
systematic difference between kinetic and classical spec-
troiodometries, the 100% yield level being set on the basis of
numbers supplied by the second technique.

It was also found by flow spectroiodometry that when
catalytic amounts of KI were present in the dilute reaction
mixture, the decay of peroxynitric acid was accelerated.
However, the observed decay rate constant reached a maximum
of 0.020 s-1 with about 100-200 µM KI and then slowly
decreased, as illustrated in Figure 3. Furthermore, with 100µM
KI and above, I3- became visible in the dilute reaction mixture
as soon as HOONO2 and KI were mixed and survived even
when the spectrophotometer time trace showed that no decay
was taking place anymore, i.e., that HOONO2 had totally
disappeared from the solution. This particular range of KI
concentrations (∼100-500µM) was termed “near-stoichiomet-
ric,” to distinguish it from properly catalytic ones, with which
no significant levels of I(0) could be measured after peroxynitric
acid’s disappearance. The fact that the observed decay rate
constant more or less reached a plateau with a value about the
same as for the rate constant of reaction 1 (0.017( 0.003 s-1

TABLE 1: Rate Constants Used in This Worka

reaction rate constants ref

(1) HOONO2 f HO2 + NO2 0.017( 0.003 (22°C) 10
0.026( 0.002 (25°C)

(-1) HO2 + NO2 f HOONO2 1.8× 109 11
(2) 2HO2 f H2O2 + O2 (9.0( 0.7)× 105 M-1 s-1 10
(3) 2NO2 + H2O f HNO2 + H+ + NO3

- (6.5( 3.5)× 107 M-1 s-1 10
(4) HNO2 + H2O2 f H+ + NO3

- + H2O 8.4× 103 M-2 s-1 [H+] 35
(17) HO2 + Cu2+ f H+ + O2 + Cu+ 1.2× 109 36
(18) HO2

+ Cu+ f HO2
- + Cu2+ 1 × 109 36

rate constants

reaction I Br Cl ref

(5) HOONO2 + X- f NO3
- + HOX 890( 90b 0.54( 0.08 (1.4( 0.5)× 10-3 this work

(6) X2 + H2O f HOX + X- + H+ 3 110 11 36, 37
(-6) HOX + X- + H+ f X2 + H2O 4.4× 1012 M-2 s-1 1.6× 1010 M-2 s-1 1.8× 104 M-2 s-1 36, 37
(7) X2 + X- f X3

- (5.6( 0.6)× 109 (8 ( 2) × 108 0.18( 0.02 M-1 b 17, 38d

(-7) X3
- f X2 + X- (7.5( 0.8)× 106 (5 ( 1) × 107 5.5( 0.5 Mc 38d

(8) H2O2 + X- + H+ f H2O + HOX 0.012( 0.002 M-1 s-1 (2.7( 0.6)× 10-7 M-1 s-1 (8.2( 0.7)× 10-7 M-2 s-1 [H+] 39, 40e

+ 0.168( 0.002 M-2 s-1 [H+] + (2.36( 0.04)× 10-4 M-2 s-1 [H+]
(9) H2O2 + HOX f H2O + O2 + X- + H+ 37 ( 4 M-1 s-1 5.8× 104 M-1 s-1 NA 41, 42f

+ (1.58( 0.14)× 10-3 s-1 [H+]-1

(11) HO2 + X2 f H+ + O2 + X2
- 1.8× 107 1.1× 108 1.0× 109 18

(12) X2
- f X- + X 1 × 105 4 × 104 NA 18

(-12) X- + X f X2
- 1.1× 1010 9 × 109 NA 18

(13) 2X f X2 8 × 109 M-1 s-1 NA 1.0 × 108 M-1 s-1 18
(14) 2X2

- f X3
- + X- 3 × 109 M-1 s-1 2 × 109 M-1 s-1 1 × 109 M-1 s-1 18

(15) NO2
- + X f NO2 + X- 8.8× 109 NA NA 18

(-15) NO2 + X- f NO2
- + X 1.1 × 105 NA NA 18

(16) NO2
- + X2

- f NO2 + 2X- NA 2 × 107 2.5× 108 18
(19) H2O2 + X2 f O2 + 2X- + 2H+ NA NA 180 20
(20) HOCl+ Br- f BrCl + OH- 2.5× 103 25
(21) Cl2 + Br- f BrCl2- (6.5( 1.1)× 109 17
(22) BrCl + Cl- ∫BrCl2- K ) 6.0( 0.3 M-1 b 17

a Units are in M-2 s-1, M-1 s-1, or s-1, as appropriate and have been included only where they might otherwise be ambiguous.b Reference 13
gives 840( 50 s-1. c Equilibrium constant.d Reference 38 for I- and Br-, 17 for Cl-. Ruasse et al. reportedk7(Br) ) 1.5 × 109 M-1 s-1 in their
Table 4, but this givesK7(Br) ) 30 M-1, off by a factor of 2. They were unable to measurek7(Br) directly, but instead calculated it from their
k-

7(Br) measurement and the knownK7(Br); we deemed the latter to be more reliable and recalculatedk7(Br) usingK7(Br) ) 16.1 ( 0.3 M-1.17

e k8(I) obtained by reanalyzing the data in Table 1 of ref 39 by linear regression;k8(Br) found by reanalyzing the data in Table 2 of ref 40 with
linear regression andk8(Cl) from Table 3 of ref 40.f For k9(I), the data in Tables 1 and 2 of ref 41 were reanalyzed and then adjusted to account
for a reaction involving HOI instead of OI-. k9(Br) from ref 42.

Figure 1. Example of a time trace in kinetic spectroiodometry.
Intermediate reaction mixture aliquot added att ) 10 s. I3- measured
at 352 nm, I2 at 460 nm. Conditions: 23µM HOONO2, 96µM KI, pH
1.6.
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at room temperature) suggested that the reduction proceeded
through HO2 and/or NO2 formed by reaction 1. The reducing
agent could not have been H2O2 since, given the experimental
conditions, I(0) has a lifetime of the order of several hours
against H2O2, reaction 9(I).

The observed HOONO2 decay rate constants presented in
Figure 3 were found by fitting the data to eq I, keeping in mind
that the signal corresponded to the sum of HOONO2 and I(0).

Ao is the I3- absorbance after the KI was added to the dilute
reaction mixture andA∞ is the absorbance of the I(0) that
remains after all HOONO2 has disappeared. Equation I is based
on the assumption thatA∞ corresponded to a steady-state amount
of I(0) that was formed very quickly.

We attempted to fit kinetic spectroiodometry time traces for
moderate excesses of KI using a direct reduction, reaction 10,
in addition to reactions 1-7(I). This gave reproducible values

of k5(I), with an average of 890( 90 M-1 s-1, in agreement
with the value of 840( 50 M-1 s-1 reported by Goldstein and
Czapski.15 k5(I) did not vary significantly between pH 1.6 and
3.1. However, the values obtained fork10 varied over several
orders of magnitude. The oxidation rate constantk5(I) was
primarily determined by the initial I(0) production, while the
reduction rate constantk10 depended mostly on the final I(0)
yield.

As an alternative, we constructed a radical-reduction model
in which we replaced reaction 10 with reactions 11(I)-15(I),
using known rate constants from the literature andk5(I) ) 890
M-1 s-1. The I2 reduction is initiated by HO2 in rate-limiting

reaction 11(I), then NO2- completes the reduction. Below
approximately 30µM KI, this model produces rate constants
that are slightly smaller than the ones we have observed. At
higher [KI], the model predicts a signal decay rate constant that
becomes increasingly larger than the one observed (see Figure
3); the difference is pronounced above 100µM KI. Qualitatively,
both the behavior of the experiments and the model can be
explained as follows. The signal decay results from two
processes: reactions 1 and 11 with the former being rate-
limiting. Thus, the observed rate constant is expected to reach
a maximum value equal to 2k1 (0.034 s-1 at the temperature
used in Figure 3). I(0) regeneration by reactions 13 and 14
causes the actual decay to be somewhat smaller than this limit.
The model shows a slight dependence of decay rate on initial
[HOONO2]; a factor of 6 increase in concentration produces a
10% reduction inkobs. This is because of an increase in the

TABLE 2: Experimental Conditions for the Iodide and Bromide Systemsa

experiments method [HOONO2]o (mM) [X -]o (mM) [X -]o:[HOONO2]o

I- Large excess K 0.027 3-27 100-1000
moderate excess K 0.011-0.038 0.05-3 2.5-200
near-stoichiometricto catalytic F 0.19-2.7b 0.006-0.5 0.01-2.1

Br- catalytic C 0.3-6 0.01-3 0.01-2.3
catalytic F 0.3-4 1-20 0.6-70
semicatalytic F 0.6 10-50 20-90
spectrobromometric B 0.0012-0.044 5-400 275-74000

a Methods are identified as follows: B, spectrobromometry; C, classical spectroiodometry; F, flow spectroiodometry; K, kinetic spectroiodometry
(with support from classical spectroiodometry).b Most experiments done with either∼0.30 or∼0.51 mM HOONO2.

Figure 2. Conversion of 14( 1 µM HOONO2 to I(0) in kinetic
spectroiodometry at pH 1.6. Error bars represent one sample standard
deviation for triplicate measurements. 100% conversion based on
classical spectroiodometry.

Figure 3. Influence of catalytic to near-stoichiometric amounts of KI
in the dilute reaction mixture on the signal’s observed decay rate
constant for an initial 320( 20 µM HOONO2 at pH 1.68( 0.01.
Runs at higher KI concentrations (0) were fit with eq I to account for
steady-state levels of I(0). The line representskobs as predicted by the
radical-reduction model with a standard 300µM HOONO2.

A ) (Ao - A∞)e-kobst + A∞ (I)

HOONO2 + I2 + H2O 6 NO3
- + O2 + 2I- + 2H+ (10)

HO2 + X2 f H+ + O2 + X2
- (11)

X2
- h X- + X (12)

2X f X2 (13)

2X2
- f X- + X3

- (14)

NO2
- + X h NO2 + X- (15)
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relative importance of reactions 13 and 14 at higher radical
concentrations.

We cannot explain the difference between the experimental
and modeled decay rates when [KI]≈ [HOONO2]. Furthermore,
the model substantially overestimates the amount of I(0) that
survives HOONO2, as illustrated in Figure 4. This is particularly
striking at 0.51 mM KI, with an observed final I(0) yield of 70
( 2% and a modeled one of over 96%. It was obvious that the
model was incomplete; three possibilities were considered: (1)
a loss of oxidative efficiency at the higher I- concentrations,
(2) other I(0) reduction pathways, or (3) a tying-up of iodine
atoms in reservoirs. Attempts to modify the radical-reduction
model showed that the oxidation-reduction cycle was so
efficient that the only way to explain the lower I(0) yields was
to favor the third option, that of an iodine reservoir that would
not contribute to the signal once the dilute reaction mixture was
mixed with flow spectroiodometry’s KI eluent. However, we
have not been able to identify a suitable reservoir.

In summary, the behavior of HOONO2 in acidic iodide
solutions can be adequately explained outside the near-stoichio-
metric range of 0.1-0.5 mM KI. Above that range, it reacts
quantitatively with iodide to make I(0); below, a catalytic cycle
involving reactions 1-3, 5(I)-7(I), and 11(I)-15(I) accounts
well for observations. In the near-stoichiometric range, the
signal’s decay is slower than expected and an iodine reservoir
invisible to spectroiodometry is probably being formed. We were
unable to identify the reservoir.

Bromide System.As for the iodide system, experiments done
with bromide covered a wide range of conditions; these are listed
in Table 2. Experiments with catalytic amounts of KBr were
performed using both classical- and flow-spectroiodometry. The
two techniques gave slightly different values for the observed
second-order rate constant, as shown in Figure 5. We favor those
measurements done with flow spectroiodometry, for they
covered a wider KBr concentration range and were also done
in a region where peroxynitric acid’s highly variable thermal
decay would be less likely to interfere with results. Classical
spectroiodometry, on the other hand, proved useful in showing
that H2O2 played at most a secondary role (reaction 9(Br)) in
the reduction of Br(0), for 56 stoichiometric ratiosS (defined
as d[H2O2]/d[HOONO2]) averaged to 0.23( 0.06. This meant
that HOONO2 was also responsible for the reduction and that
k5(Br) was half the observed second-order reaction rate constant,

i.e., 0.54( 0.08 M-1 s-1. No pH dependence could be discerned
between pH 1.70 and 4.92.

A second series of experiments was made with higher KBr
concentrations in the semicatalytic range. A dilute reaction
mixture containing about 0.6 mM peroxynitric acid at pH 2.00
( 0.01 was first monitored for 90 s by flow spectroiodometry.
A small KBr solution aliquot was then added to it, enough to
bring the Br- concentration to 10-50 mM. The result was the
immediate and visible formation of Br3

-. This Br(0) stayed in
the dilute reaction mixture long after all HOONO2 had been
consumed, though it would slowly decay on its own. Note that
Br(0) in the dilute reaction mixture is quantitatively converted
to I(0) once it mingles with the KI eluent.16 The oxidation rate
constant was approximated by fitting the data to eq II.

Ao - Ares is related to [HOONO2]o, Ares to the steady-state Br-
(0) concentration, andkres to the latter’s slow decay. The values
of kobs led to an average oxidation rate constantk5(Br) of 0.60
( 0.18 M-1 s-1, in agreement with those obtained with catalytic
amounts of KBr. Between 10 and 60 mM KBr, the yield of
residual Br(0) amounted to (4.4( 1.4) × 10-3 [KBr] for 0.52
( 0.06 mM HOONO2.

These semicatalytic results were modeled using the radical-
reduction model. With the intermediate KBr concentration of
30 mM, the agreement between model and data was good, both
giving 0.15 mM of residual Br(0). However, there were some
discrepancies as to the yield of residual Br(0) at 10 and 50 mM.
At 10 mM KBr, the predicted yield was only 0.010( 0.002
mM vs the observed 0.050( 0.002 mM; at 50 mM, it was
0.269( 0.001 mM vs 0.224( 0.003 mM.

Several experiments were carried out at even higher KBr
concentrations and pH 1.6-3.1, using spectrobromometry. This
technique was essentially kinetic spectroiodometry where the
iodide was replaced by a large enough excess of KBr to produce
measurable quantities of Br3

- inside the spectrophotometer cell
(cf. Table 2). Br3- was monitored by its 266 nm absorption
peak (ε ) 40 900( 400 M-1 cm-1).17 These experiments were
characterized by serious reproducibility problems. Yet, it was

Figure 4. Comparison of data (squares) and radical-reduction model
(lines) in the near-stoichiometric [KI] range. HOONO2 is first monitored
for a minute in the dilute reaction mixture before adding KI, here either
0.102 mM (9) or 0.510 mM (0). Done at pH 1.78( 0.01.

Figure 5. Determination of the oxidation rate constant of bromide by
HOONO2, k5(Br), with two different spectroiodometric techniques.kobs

stands for peroxynitric acid’s observed first-order decay rate constant.
Conditions: 1.8( 0.2 mM HOONO2 in 0.10 M phosphate buffer at
pH 2.21 (0) and 0.64( 0.04 mM HOONO2 in phosphate buffer at pH
2.17 (9). The inset is a detail of the larger graph at low [KBr]. Error
bars represent one sample standard deviation.

A ) (Ao - A∞)e-kobst + Arese
-krest (II)
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quite clear that the data could not be fitted withk5(Br) ≈ 0.6
M-1 s-1, contrary to the two previous techniques. In a total of
23 runs, thek5(Br) values required to fit the data ranged from
0.7 to 5.4 M-1 s-1, with an average of 1.4( 0.5 M-1 s-1, twice
as much as expected. It should be noted that the final reduction
step in the bromide system is different from the one in the iodide
system, as reaction 16 replaces reaction 15(Br).18

When studying thermal decay10 and iodine reduction, we had
come to interpret experimental lack of reproducibility as a sign
of radical chemistry. To determine whether it was the case in
spectrobromometry, several runs were done with the addition
of 10 mM CuSO4 to the spectrophotometer cell to scavenge
HO2 radicals through reactions 17 and 18; under these condi-
tions, HOONO2 lifetimes against Cu2+ and Br- were compa-
rable. We do not know of any other reaction of either Cu2+ or

Cu+ that could significantly affect the present system. It is
already known that Cu+ and NO2 do not react together.18 The
results show a much closer agreement between data and model
in those runs done with CuSO4 at pH 1.7, as seen in Figure 6.
Furthermore, the model predicts that Cu(II) will increase the
final Br3

- yield by shutting off reaction 11(Br), while in the
experiments, the opposite is observed. This suggests that there
is an additional mechanism for oxidizing Br- that involves HO2,
as unlikely as it may sound. Given the particularly low HOONO2

concentrations used in spectrobromometry (cf. Table 2), a
greater proportion of it would be expected to be dissociated
into HO2 and NO2, thus enhancing both the relative importance
of the Br-/HO2 chemistry and the system’s likelihood of being
disrupted by trace transition metals. We have determined that
discrepancies could not be linked to uncertainties in either pH
or H2O2 concentration. Similar experiments at pH 2.4 show

greater differences between data and model, with or without
additional copper (II).

Our experimental setup did not allow us to explore further
the role of HO2 in Br- oxidation, but it clearly appears now
that the model we present here is not quite complete and that
radicals may also be involved in the oxidation process when
the bromide concentration is high enough. Results show that
k5(Br) ) 0.54( 0.08 M-1 s-1 under catalytic conditions. We
deem this number more reliable than the 0.60( 0.18 M-1 s-1

of semicatalytic experiments because it relies on simple linear
regression, not on the complicated curve-fitting of eq II.

Chloride System.The challenge with the spectroiodometric
study of this system was that Cl(0) oxidizes I- all but instantly,19

making it essentially indistinguishable from HOONO2 itself. The
spectroiodometric signal under such conditions is the sum of
HOONO2 and Cl(0) in the dilute reaction mixture, unless
chlorine was reduced quickly enough by either reaction 11(Cl)
or reaction 19.20

H2O2 could theoretically have reduced Cl2 to a significant
extent in these experiments, but stoichiometric ratios,S, obtained
by classical spectroiodometry suggest that if this reaction did
occur, it was of limited extent, asS averaged to 0.26( 0.12
over 12 sets of experiments. It should nevertheless be noted
that this is still larger than what was encountered with
peroxynitric acid’s thermal decay (0.03( 0.05). The radical-
reduction model clearly showed that HO2 could be an important
reductant in this system, like it was in the iodide and bromide
ones. It also indicated that Cl(0) should remain at trace levels
throughout the experiments, making HOONO2 the sole signifi-
cant contributor to the spectroiodometric signal. Given such a
mechanism, the oxidation of any single Cl- ion should lead to
the destruction of two HOONO2 molecules. The chloride system
was also expected to behave similarly to the bromide one in
that the chloride would be regenerated by reaction 16(Cl), not
reaction 15(Cl).

Preliminary experiments had hinted at a rate constantk5(Cl)
of the order of 10-3 M-1 s-1. As such, the effect would be
comparable to thermal decay only with [Cl-] g 10-1 M.
Because fairly concentrated chloride solutions were to be used,
constant ionic-strength was maintained by preparing dilute
reaction mixtures with solutions of appropriate NaCl and NaNO3

concentrations. The default ionic strength was 3.0 M. Initial
HOONO2 concentrations averaged to 1.8( 0.2 mM in classical-
spectroiodometry experiments and to 0.46( 0.02 mM in flow-
spectroiodometry ones, whereas the NaCl concentration was
usually varied between 0.25 and 3.0 M.

There was no clear pH dependence in flow-spectroiodometry
experiments between pH 1.16 and 3.27. The average rate
constant wask5(Cl) ) (1.4 ( 0.4) × 10-3 M-1 s-1 at µ ) 3.0
M. It was found by classical spectroiodometry that the reaction
was enhanced by increasing ionic strength (see Figure 7),µ,
according to the equationk5(Cl) ) (6.0( 2.3)× 10-4 M-1 s-1

+ (1.7 ( 1.0) × 10-4 M-2 s-1 µ. Finally, the temperature
dependence is shown in Figure 8. The Arrhenius equation for
this reaction wask5(Cl) ) (4.8( 2.9)× 107 M-1 s-1 exp(-60
( 19 kJ mol-1/(RT)).

Seawater-NaCl/KBr System. Some experiments were car-
ried out with a mixture of NaCl and KBr in a 700:1 molar ratio,
similar to the ratio found in sea salt.21 The objective was to
determine whether there could be synergetic effects in these
halides’ reactions with HOONO2. They were otherwise identical
to the chloride system experiments.

Figure 6. Modeling spectrobomometric data. The lines are model
predictions based on our current understanding of the system with (a)
8.8 µM HOONO2 and no CuSO4 and (b) 8.3µM HOONO2 and 9.7
mM CuSO4. k5(Br) ) 0.6 M-1 s-1, 25.1 mM KBr, 14µM H2O2 and
pH 1.7 ( 0.1 in both cases.

NO2
- + X2

- f NO2 + 2X- (16)

HO2 + Cu2+ f H+ + O2 + Cu+ (17)

HO2 + H+ + Cu+ f H2O2 + Cu2+ (18)

2H2O2 + Cl2 6 O2 + 2Cl- + 2H+ (19)
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Theoretically, HOONO2 decay kinetics should obey eq III,
wherekthermalis the observed first-order rate constant for thermal
decay. Since [Cl-]:[Br-] was kept constant, the observed
second-order rate constantsk5(sw-Cl) will be reported as a
function of [Cl-], eq IV.

The pH did not seem to have a significant influence in flow
spectroiodometry experiments, withk5(sw-Cl) averaging to (2.4
( 0.5)× 10-3 M-1 s-1 Equation IV can be rearranged to extract
k5(Br) from k5(Cl) and k5(sw-Cl), leading tok5(Br) ) 0.7 (
0.5 M-1 s-1, in agreement with previous experiments.

Figure 7 illustrates the ionic-strength dependence of this
system as found by flow spectroiodometry. The great difference
with the chloride-only system is the trend reversal around 3 M.
The main question is whether to include the point atµ ) 4 M
from the seawater experiments. If it is included, subtracting the
k5(Cl) ) (1.4 × 0.4) × 10-3 M-1 s-1 value found previously
from the intercept (µ ) 0 M) and using eq IV leads tok5(Br)

) 0.7 ( 1.0 M-1 s-1, and without it, tok5(Br) ) 0.4 ( 0.4
M-1 s-1. Despite the large uncertainties in both cases, the results
are still comparable to what has been found with catalytic and
semicatalytic experiments in bromide systems. Thus, HOONO2

decay seems to obey eq III without evidence of any synergism.
While finding the Arrhenius parameters for such a system is

physically meaningless, determining them empirically can prove
useful when evaluating halide oxidation in actual sea-salt aerosol
particles. The data are presented in Figure 8 and the observed
Arrhenius equation isk5(sw-Cl) ) (4.5 ( 3.7) × 106 M-1 s-1

exp(-51 ( 36 kJ mol-1/(RT)).
Overall, the behavior of the seawater-NaCl/KBr system is

consistent with what would be expected from the simple sum
of the HOONO2 chemistries with chloride and bromide.
Furthermore, the data support the results of the catalytic and
semicatalytic experiments in the bromide system, at least for
conditions representative of the sea-salt aerosol.

Comparison with HSO5
-. A peroxide analogue to HOONO2

is peroxymonosulfuric acid (HSO5-), or Caro’s acid. This
compound’s oxidation of halides follows the same pattern seen
with peroxynitric acid, both qualitatively and quantitatively.22

Table 3 shows how close the kinetic behavior of the peroxides
are for both the rate constants and activation enthalpies for
reaction 5 and its HSO5- equivalent. The only great difference
is the influence of ionic strength for reaction 5(Cl). It can be
readily explained by the fact that the negatively charged HSO5

-

will be much more sensitive to it than the neutral HOONO2

molecule.
In this work, reaction 5 has been seen as an elementary, rate-

determining step, involving a nucleophilic attack by the X- ion
on the hydrogen-bearing oxygen atom in HOONO2, making
HOX and NO3

- as primary products. This was also one of the
two possible mechanisms retained by Goldstein and Czapski
for reaction 5(I),15 as well as the one discussed by Fortnum et
al. for a wide range of analogous peroxide-halide oxidations.22

The latter also point out that “{I-} is about a million times
more reactive in attack on oxygen than is{Cl-}”. If k5(I) and
k5(Cl) are compared, it can be seen that they differ by a factor
6 × 105. All this would place peroxynitric acid on par with
Caro’s acid in their peroxide reactivity series, i.e., H2O2 <
H2PO5

- < CH3C(O)OOH< HOONO2, HSO5
- < H3PO5.

Atmospheric Implications. In the marine boundary layer,
halide oxidation by HOONO2 in sea-salt particles should occur
in two steps: mass transport of gas-phase HOONO2 to the
particles and aqueous-phase oxidation of dissolved halides. Mass
transport depends on several factors such as particle number
concentration and the gas-phase diffusion coefficient. While
most of these had to be estimated, their values are expected to
lie within well-known ranges. This allowed us to determine that
the rate-limiting step in the whole oxidation process would be
the aqueous-phase oxidation of halides, not the mass transport.
The characteristic times23 for these two processes are of the
order of 107 and 103 s, respectively. We assumed that the
particles’ pH would remain around 2.5-3.5, as calculated by
Keene and Savoie;24 above that, the fast NO4- decay would

Figure 7. Influence of ionic strength on reactions 5(Cl) and 5(sw-Cl)
at pH 1.3( 0.3 and 25.0°C for 2.4( 0.6 mM (9) and 0.6( 0.1 mM
HOONO2 (0), respectively. Two linear regression fits are presented
for the seawater data: both with and without taking into accountk5-
(sw-Cl) atµ ) 4 M. Error bars represent one sample standard deviation.

Figure 8. Arrhenius plots for reactions 5(Cl) and 5(sw-Cl) atµ ) 3.0
M and pH 3.25( 0.05 with 0.5 mM HOONO2. Error bars represent
one sample standard deviation.

d[HOONO2]

dt
) -(kthermal+ 2k5(Cl)[Cl-] +

2k5(Br)[Br-])[HOONO2] (III)

k5(sw-Cl) ) k5(Cl) +
k5(Br)

700
(IV)

TABLE 3: Comparison of HOONO 2/HSO5
- + X- Kineticsa

HOONO2 HSO5
-

k5(Cl) 1.4× 10-3 M-1 s-1 1.80× 10-3 M-1 s-1

k5(Br) 0.6 M-1 s-1 1.04 M-1 s-1

k5(I) 890 M-1 s-1a “instantaneous”
dk5(Cl)/dµ 1.7× 10-4 M-2 s-1 1.3× 10-3 M-2 s-1

∆Ha5(Cl) 59 kJ mol-1 60 kJ mol-1

a HOONO2 data: this work. HSO5- data: ref 22.

6586 J. Phys. Chem. A, Vol. 104, No. 28, 2000 Régimbal and Mozurkewich



start to compete efficiently with halide oxidation and, at pH
near 7-8, it could become fast enough to make mass transport
rate-limiting. Given the molar ratio of Cl- and Br- in seawater,
both anions should be oxidized at roughly equal rates by
HOONO2.

It is important to note here that as long as there are significant
levels of bromide in the aerosol, any chloride oxidized to HOCl
will in turn produce BrCl/BrCl2- through reactions-6 and 20-
2217,25 before it has time to evaporate to the gas phase. The
appropriate rate and equilibrium constants are listed in Table
1.

The question now remains to determine whether HOONO2

can compete efficiently with other atmospheric oxidants for the
production of gas-phase halogens. For our calculations, we chose
sea-salt aerosol conditions of 1.0 particle per cubic centimeter
with a size distribution characterized by a median radius of 1.6
µm and a logarithmic standard deviation of 0.5.26 Sea-salt
particles tend to lose water and become quite concentrated;27 a
value of 3 M was chosen for bothµ and [Cl-], corresponding
to a relative humidity of about 90%. Table 4 lists typical mixing
ratios of important species under a variety of conditions. Clean
conditions would be those expected in remote tropical areas,
like the central Pacific Ocean, while polluted ones would be
more characteristic of the U.S. East Coast. Colder (273 K) clean
conditions were also considered, as they would enhance
peroxynitric acid’s solubility and thus its potential impact.

We chose to compare four different daytime processes for
the release of gas-phase halogen atoms (Cl or Br), namely (1)
direct aqueous-phase bromide oxidation by ozone, (2) aqueous-
phase halide oxidation by HOONO2, (3) aqueous-phase chloride
oxidation by NO2, and (4) homogeneous gas-phase hydrogen
abstraction from HCl by OH.

O3 may be the single most important nonradical, daytime sea-
salt halide oxidant. While it is not particularly efficient with
Cl-, it can oxidize Br- at an appreciable rate, reaction 23. We

tried to estimate under what conditions would peroxynitric acid
oxidize halides more efficiently than does ozone. Equation V
shows the condition for the two to be equal.k5(sw-Cl) is again
the observed second-order rate constant in seawater as in eq

IV, HHOONO2 andHO3 are the Henry’s law constants,K1g is the
equilibrium constant for reaction 1 in the gas-phase,28 no is a
unit-conversion factor equal to 7.34× 1021 molecules cm-3

atm-1 K/T, andpO3 is the gas-phase ozone partial pressure.

With pO3no ) [O3(g)], one can rearrange eq V to isolate [NO2-
(g)]/[O3(g)]; taking into account the temperature dependencies
of the rate and equilibrium constants (cf. Table 5) eventually
leads to eq VI. This equation was then used to give Figure 9

which shows the conditions under which either oxidant domi-
nates the chemistry. Above the lines, i.e., in cold, NO2-rich
atmospheres, HOONO2 oxidizes more halides than ozone; below
the lines, O3 dominates. In remote tropical oceans, ozone would
be expected to be the dominant oxidant. As the aerosol’s
bromide becomes depleted, ozone chemistry will gradually lose
its importance, until it is replaced by peroxynitric acid’s direct
oxidation of chloride. We did not consider the complex
mechanism proposed by Oum et al., where O3 acts essentially
as a source of aqueous-phase H2O2.29

Assuming steady-state, HOONO2 could conceivably release
106 halogen atoms cm-3 h-1 in polluted conditions at 293 K,
with colder temperatures favoring a greater production. By
comparison, bromide oxidation by 100 ppb of ozone would

TABLE 4: Mixing Ratios Used in Evaluating Atmospheric
Impact and Gas-Phase Halogen Atom Production Rates
(atoms cm-3 h-1)a

polluted clean

T (K) 293 293 273
NO2(g) (ppt) 2000 10 10
HOONO2(g) (ppt) 30 0.15 3
O3(g) (ppb) 100 20 20
HCl(g) (ppt) 200 200 500
halogen atoms production rates
(23) O3 + Br- + H+ f O2 + HOBr 2× 105 4 × 104 3 × 104

(5) HOONO2 + X- f NO3
- + HOX 1 × 106 7 × 103 2 × 105

(24) 2NO2 + Cl- f NO3
- + NOCla (e8 × 109)

(25) OH+ HCl f H2O + Cl 1 × 107 1 × 107 3 × 107

a For all conditions: 20 ppt HO2(g), [Cl-] ) 3 M, [Cl-]/[Br -] )
700, [OH(g)]) 106 cm-3. b Taken directly from ref 30, where a case
with 50 ppb NO2(g) at 20°C was considered.

HOCl(aq)+ Br- f BrCl(aq)+ OH- (20)

Cl2(aq)+ Br- f BrCl2
- (21)

BrCl(aq)+ Cl- h BrCl2
- (22)

O3 + Br- + H+ f O2 + HOBr (23)

TABLE 5: Values for the Variables of Eq V

variable value ref

K1g (7.3× 1027 molecule cm-3) exp(-11700/T) 28
k5(sw-Cl) (4.5× 106 M-1 s-1) exp(-6100/T) this work
k23 (6.3× 108 M-1 s-1) exp(-4450/T) 18
HHOONO2 (1.3× 10-6 M atm-1) exp(6870/T) 10
HO3 (2.2× 10-6 M atm-1) exp(2560/T) 25
no NA/R ) 7.34× 1021 molecules cm-3 atm-1 K

Figure 9. Oxidation chemistry of halides in sea-salt aerosol with 20
ppt HO2(g). The lines represent the conditions under which HOONO2

and O3 will oxidize halides at equal rates for the given temperature.
Acid dissociation of HOONO2 has been ignored.

k5(sw-Cl)(HOONO2
(K1g

-1[HO2(g)][NO2(g)]/no))[Cl-] )

k22(HO3
pO3

)[Br-] (V)

[NO2(g)]

[O3(g)]
≈ (1.7× 1030 cm3 molecule-1)e-1.44×104K/T

( [Br-]

[HO2(g)][Cl-]) (VI)
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produce 2× 105 halogen atoms cm-3 h-1 from fresh sea-salt
aerosol. Further comparison are included in Table 4.

NO2 might also be a significant daytime producer of gas-
phase Cl radicals. Karlsson and Ljungstro¨m have studied
reaction 24 and claim that up to 107 Cl atoms cm-3 h-1 might

have been released through it, provided NOCl does not
hydrolyze before evaporating.30 Nevertheless, we must express
some reserves concerning their work. Assuming a rate-limiting
step that is first order in both reactants, the implicit conclusion
of their work is thatk24 ≈ 140 M-1 s-1 at 20°C. With 10-4 to
10-3 M HOONO2 levels typical of the systems we studied,
equilibrium 1 and reactions 2 and 3 imply that some 10-7 M
NO2(aq) was present at steady state. Given our experimental
conditions in the chloride system, reaction 24 would have been
enough to make HOONO2 decay 1 order of magnitude faster
than was observed.

So far, the only well-established daytime source of chlorine
atoms in the marine boundary layer is homogeneous-gas-phase
reaction 25. Given typical HCl mixing ratios of 100-300 ppt

in remote marine areas,31 106 OH molecules cm-3, andk25 )
8.0× 10-13 cm3 molecule-1,32 it could produce (0.7-2) × 107

Cl atoms cm-3 h-1. These numbers are expected to be even
higher in coastal areas, especially those suffering from anthro-
pogenic pollution; for example, Keene et al. measured up to
1200 ppt HCl off the U.S. East Coast.5 This gas-phase Cl
production is much larger than what can reasonably be expected
from direct halide oxidation by either ozone or peroxynitric acid,
making the latter at best a marginal player in marine boundary
layer halogen chemistry even in polluted conditions, unless
temperatures are particularly cold.

Finally, nighttime reaction 26 was also considered, as it can
produce large quantities of ClNO2 ready to be photolyzed at
sunrise. With a realistic level of 0.5 ppb N2O5 for polluted

coastal conditions33 and a reaction probabilityγ of 0.03,34 a
flux of 4 × 109 molecules cm-3 h-1 could be expected, much
larger than any of the daytime reactions considered in the present
work. As the air gets farther offshore and cleaner, NOx levels
will sharply fall and so will N2O5 and this production pathway.

As it stands, HOONO2 cannot directly account for the
oxidized halogens present in the marine boundary layer. If it is
linked in any way to them, it must be by initiating some
autocatalytic cycles, as suggested Vogt et al.8 and Sander and
Crutzen.25 Only further modeling studies may elucidate its part
in the whole process.

Conclusion

So far, it has been possible to find reliable values fork5(X)
with all three halide systems studied in this work. The results
show that HOONO2 is kinetically very close to HSO5- as a
halide oxidant. We have demonstrated that HOONO2 also has
a significant reductive capacity toward halogen molecules, not
directly but rather through the HO2 in equilibrium with it.

There are areas of these systems’ chemistry that still elude
us. First, the observed iodine mass balance in the near-
stoichiometric range is incomplete and suggests the formation
of a reservoir that could conceivably survive a long time under

these conditions. Second, systems with high bromide concentra-
tions (g10-2 M) show irreproducible behavior as well as an
accelerated oxidation that appears to be related to HO2. Finally,
while there is little doubt that HO2 is the dominant X2 reductant
in all three systems, a significant if secondary role for H2O2

has not been totally ruled out yet, for observed stoichiometric
ratios are definitely greater than those found in peroxynitric
acid’s thermal decay.

Basic calculations show that HOONO2 cannot be a significant
player in the daytime oxidation of sea-salt halides without the
combination of a polluted, NO2-rich atmosphere and cold
temperatures. Even then, homogeneous gas-phase production
of chlorine atoms from reaction 25 is expected to be much more
important. Modeling studies would be needed to determine
whether it can reasonably be expected to play a role in initiating
halogen-releasing autocatalytic cycles.
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