J. Phys. Chem. R003,107,1313-1324 1313

Hydrogen Peroxide Photolysis in Acidic Aqueous Solutions Containing Chloride lons. I.
Chemical Mechanism
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Equilibrium constants and rate constants involving(dzj), Cb>~(aq), HO, and HO,(aq) are measured at

297+ 2 K by analyzing the kinetics of formation and decay ofClThe new results are in good agreement

with previous studies, when available. The reaction between solvated chlorine atoms and hydrogen peroxide
is reported for the first time: @laq)+ H,Ox(aq)— H*(aq) + Cl~(aq)+ HO.(aq),kio = (2.04 0.3) x 1

M~1s ! (£0). The new results are used along with evaluations of literature data to arrive at recommendations

for several key rate constants and equilibrium constants. Of particular interest, the recommended equilibrium
constant for the reaction Caq) + Cl-(aq)< Cly(aq) isKs = (1.4 4+ 0.2) x 10° M~ Y(+0).

1. Introduction HO-* radicals are highly reactive and attack many species in

. . . solution* In sea salt aerosols, almost all Médicals react
Droplets of seawater are released into the air by bursting , i CI-, initiating a rich and chemically complex chain

bubbles in sea foam. The droplets carry organic compounds ane ;g ds-27 that may eventually lead to halogen activation.
minerals (mostly halides), which undergo reactions when When some remaining key uncertainties are resolved, it will

exposed to dissolved atmospheric gases and sunlight. Recentlybe possible to assess the contributions of free radicals to
there has been growing interest in atmospheric “halogen tropospheric halogen activation

activation”, by which the relatively unreactive halides are Following initiation by HO radicals in the chloride system,

converted fo photochemically active halogen compounés. only two reactions are needed to produce the dichloride radical
Halogen activation has been implicated in the dramatic episodic Y i . caed o p I -
anion (Ch ), which remains in pseudo-equilibrium with sol-

depletion of ozone in polar regions near the earth’s surface (as

distinguished from ozone depletion and the ozone holes observec}’nz:teod rtgrlltoEggaitg(rensso?\s/:\teegimirilrzégt](ln%psszxedg rer%lélrlzab::auangtilje
in the stratosphere). The chemical mechanisms that have beer"'P ’

proposed to explain tropospheric halogen activation are basedthan Ch™". Recent work appears to have settled questions about

i i ilibri 18,25,27
on chemical cycles involving oxidatiefreduction reactions in tﬁgsgﬂgggugﬁmogni:'ssfqu(')':?rt'ﬁgec?giﬁt’ lea di{rjlmdtoth(?nl a
the aqueous phase and photolysis reactions in the gas phaSér21inor revisﬁon in the repc%mmended rate é:onstan?s Simi?;r
Little attention has been given to possible free radical reactions '

that may initiate and help to propagate halogen activation. The reactions take place n the bromine syst’émi\lthoug.h the
purpose of the present work is to improve quantitative under- reaction between chlorine atoms and hydrogen peroxide is well-

standing of aqueous reaction mechanisms and rate constantgnown in the gas phaséit has not been measured previously

involving free radicals, so that future modeling studies can assess solution. In the present work, we report the first measurement

the contributions made by free radical reactions to atmospheric of th|§ rate constant. ) ) o
halogen activation. Thls paper (paper |) is the f|rst' of three papers desqublng
In the following, we present a detailed chemical mechanism various aspects of the free radical reaction mechanism in
and measured kinetics parameters for reactions initiated bychéquo:e soluttlons._lrlldthe secork:dtplzﬁ?(_a@apgr II),_bths HQ
hydroxyl free radicals in saltwater solutions. The hydroxyl riIIC% quantum tyhle Hg; k02 p OO}I’_z'S tlﬁ desc%ée using
radicals were produced in the laboratory by laser flash photolysisC oride lons as the Hiscavenger. fhe third pa '(F"'?‘pef
of hydrogen peroxide solutions. In the atmosphere, hydrogen 1) describes the reaction of sulfate radicals with chloride ions
peroxide is ubiquitous, since it is produced by the reactions of ang irr‘]e tsufb;eqyel?t m|xe_(3hf|rst- and second-orflerfdtehcay'o;‘_ Cll
hydroperoxyl radicals, which are themselves byproducts of and that of S@ along with new measurements of the optica

hydrocarbon photooxidation. Because it is highly soluble in absorption coe_fficients for sulfate radicals ang-Cladicals.
water, HO, dissolves in aqueous aerosols, in clouds, and in The effects of ionic strength and temperature on some of the

rainwater. Photolysis of ¥D, is one of the most important kinetics parameters are also described in paper Ill. In all of these

sources of aqueous H@adicals. As in the gas phase, aqueous papers, the same reaction numbgrlng System s used. The
recommended rate constants obtained in all three papers are
*To whom correspondence should be addressed. E-mail: jrbarker@ presgnted with the L.mlfled mechamsm in Table 1. Thl.s Is a self-
umich.edu. consistent mechanism that gives a good description of the
* Department of Chemistry, The University of Michigan. experimental data. In a fourth pag&fpaper IV), literature data

* Present Address: Department of Atmospheric Science, Colorado Statefor some important rate constants are critically evaluated.
University, Fort Collins, CO 80523-1371. . . . .
s Department of Atmospheric, Oceanic, and Space Sciences, The [N the following section, we describe our experimental

University of Michigan. techniques. We then present the chemical mechanism and a
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TABLE 1: Reaction Mechanism with Recommended Rate Constants;, and Equilibrium Constants, K; (This Work, Unless
Otherwise Noted)

reaction ke ke
1 H,O, + hy — HOe + HOe ¢on = 1°
2 HO + H,O, — HO, + H,0O ko= (4.24+0.2) x 10’ M~ts1a
3 HO + Cl— < CIOH ks= (4.3+0.4)x 1P M 15116 kos=(6.1+0.8)x 10° M 15116
Ks=0.70£0.13 M 116
4 CIOH~ + H* < CI* + H,O ky=(2.6+0.6) x 10'°°M~1g1a kos=(3.6+£0.4)x 1* M~ts1ab

k= (3.240.7) x 100 M-tsta
Ks= (7.24 1.6) x 1062
K= (8.8+2.2) x 1062
5 Clk+ CI- < Cly~ ks= (7.84 0.8) x 10° M~1s1b ks=(5.240.3)x 10*s1a
ks=(5.74+0.3)x 10*s1b
Ks= (144 0.2) x 10° M~1ab

6 Cly~ + Cly~ — 2CF + Cl Ke=(9+ 1) x 1F M-1s1a

ke® = (7.2+0.8) x 1P M tsta
7 CF + Cly~— CI- + Cl, k = (2.1+ 0.05)x 10° M~151d
8 Cly™ + H,O — CIOH~ + HT + CI~ ks[H-0O] < 100 sla
9 Clk*~ 4+ H,0, — HO»* + H* + 2CI- kg = (14:|: 02) x 1P M1gla
10 Ct + H,O, — H* + Cl— + HO» kio=(2.04+ 0.3) x 1°M-1gta
11 Ch~ + HOy — O, + HY + 2CI” kii=(3.1+15)x 1M tste
12 HGO® + H,O, — H.O + O, + HO® ki»=0.5 M1 176
13 HO 4+ HO* — H,0, kiz=6.0x 10° M1g1106
14 HO + HO — H,O + O°
15 HO, + HOy — H,0O, + O, kis=9.8x 10PM1g1107
16 HO + HO;* — H,0 + O, kis=1.0x 1010M~1s1 108

a1n this paper, uncertaintiest(lo) were obtained from error propagation; ionic strengthi§é 0.01 M unless otherwise noted by a superscript
“0” on rate or equilibrium constants that have been adjusted=00. ® Literature evaluation (this paper), uncertainti¢<l¢) obtained from error
propagation® See paper ¥ 9 See paper IIB} ©See paper I\??

discussion of the relevant literature. We go on to explain how
we tested the accuracy of the mechanism and carried out hv
measurements of rate and equilibrium constants. The results are [ H,0, ]T{
presented and discussed in relation to the literature.

Haber-Weiss
Cycle

2. Experimental Section

The experimental apparatus is similar in many ways to that
used in previous worke34 and a detailed discussion of the
experimental techniques can be found in papé&tdhd in a
Ph.D. dissertatiof? Briefly, a pulsed rare gashalogen excimer Clp
laser was used to photolyze hydrogen peroxide at297K. (7
A high-pressure xenermercury arc lamp provided a continuous
light source for monitoring transient species by absorption.

Dichloride radical anion (G~) was monitored by its absorption Hx0
at 364 nm §(Cly~, 364 nm)= 70004 700 M~t cm™?, base (8)
10) 3! which is the wavelength of the strongest output band of

the xenon-mercury lamp in the vicinity of the Gt~ absorption

maximum ¢-340 nm). This value for the extinction coefficient  Figure 1. Schematic diagram of the reaction mechanism. Numbers in
of Cly'~ was determined by the photolysis of solutions  parentheses correspond to reaction numbers in Table 1.
containing S@~ and CI" using the same experimental setup

as described here (see paper Il for details). The basic approactwhich utilizes the LevenbergMarquardt nonlinear least-squares
was to compare the absorptions due to'S@nd to Cy~, where algorithm?® When weighted data analysis was performed,
the extinction coefficient employed for Q0 was the same as  weighting was based on the error of each of the data points.
that measured recently by Buxton ef&Ihe resulting extinction Some typical time profiles of the absorption of,Cl with
coefficient for Cb*~ (given above) is within 15% of most of  nonlinear least-squares fits are shown in Figure 2.

the previous values at the wavelength of maximum absorption  All solutions were prepared immediately before the experi-
(see paper Il for details and for an error analysis). ments. The water was purified by a Milli-RO/Milli-Q system

Under the experimental conditions, the concentration of (the water resistivity was 18 MQ cm). All reagents were of
solvated Cl atoms was very small and their light absorption ACS grade. Sodium chloride (99.999%) and anhydrous sodium
(e(CI*, 364 nm)~ 2000 M1 cm™1, base 10¥ could be neglected  perchlorate (98102%) were purchased from Alfa ZASR.
as compared to that of £f. White cell optics were utilized to  Perchloric acid (HCI@ 70%) was purchased from Aldrich.
fold the optical path in the cell in order to enhance detection Potassium persulfate §&,0s, >=99.0%) and hydrogen peroxide
sensitivity38 A monochromator equipped with a photomultiplier  (inhibitor-free HO,, 30%) were obtained from Fisher Scientific.
was used to monitor the transmitted light. The output was Hydrogen peroxide was assayed daily in the laboratory by the
amplified and sent to a digital oscilloscope and computer for iodine method! The concentration of pD, utilized in the
signal averaging and analysis. Least-squares fits of the experi-experiments was usuall10~* M for photolysis at 248 nm
mental data were carried out using KaleidaGfdmoftware, and ~1072 M for photolysis at 308 nm. No other electrolyte
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Figure 2. Typical time profiles of the rise and decay of,Clwhen

[NaCl] is < 1 x 1072 M. The solid lines are nonlinear least-squares

fits (unweighted). Experimental conditions: pH 2, [NaCl] = 8 x

104 M.
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the role of reaction 4. On the basis of the findings by Anbar
and Thomag? Jayson et alt® McElroy,*® and Buxton et al.
proposed that an intermediate species, HOQB-produced by
reaction of CIOH™ with HT. The transient existence of HOCIH

is possible, but the present experiments provide no indications
of its existence, probably because it dissociates interCGii,O

on a very short time scale. Because it is not a factor in the
present experiments, it has been neglected in writing reactions
4 and—4.

The equilibrium constant for reaction K4 equilibrium
constants for a reactianare denoted in this paper by an upper
case Ki") has been the subject of several investigations.
Literature values foKs near 20°C are scattered over about 4
orders of magnitud&s18.2527although the recent value obtained
by Buxton et aP® agrees reasonably well with that of Jayson et
al16 One of the objectives of the present work was to determine
Ks independently. As described below, we have measured the
rate constantk(s) of the reverse reaction and then combined
this value with a literature value & (for the forward reaction)

was added to the solution to adjust the ionic strength of the to obtain the equilibrium constaK. The result is shown below

solution. The pH (6-4) of all of the solutions was controlled
by adding perchloric acid (HCI§pand measured with a Digital

to be in good agreement with Jayson et’and Buxton et a#>
but has reduced uncertainty.

lonalyzer (Orion Research 501) calibrated with appropriate pH  Tpe decay of Gt~ has been investigated in great detail by

buffer solutions (Fisher).

both pulse radiolysis and flash photolysis. At very low°Cl

All experiments were carried out at room temperature (297 concentrations, the observed decay follows first-order kinetics
+ 2 K). The solutions contained dissolved air, unless specifically and at high Gt~ concentrations it follows second-order kinetics.
mentioned otherwise. In some experiments, the dissolved air|n general, the observed decay is best described using mixed

was purged by bubbling with argon gas (99.999%) from Liquid first-order and second-order kinetis®The second-order &t
Carbonic Corporation. It was found that dissolved air does not gecay due to reaction 6 has been investigated by many

affect the kinetics of the system.

3. Chemical Mechanism

workers18:19.44,4648,54-65 bt the measured rate constants show
very large discrepancies. At high chloride concentrations and
when the concentration of €f is high, the principle second-

Various approaches have been used to study the kinetics oforder reaction is reaction 6, between two*Cradicals. At low:
Cl~ in the past. Many investigations have been carried out by chloride concentrations, solvated chlorine atoms in equilibrium

using pulse radiolysis or flash photolysis of persulfate with CIZ—(viareaction.S) co.ntributesignifi_cantlytothe_second-
ions (SOs2") in a chemical system containing chloride Order decay by reacting with £1 according to reaction *

ions1517:18-26:42-50 The photodissociation of persulfate ions
generates sulfate radicals (80, which react with Ct and

When HQ' radicals are present in concentrations similar to that
of Cly*~, reaction 11 contributes another second-order compo-

produce Gf~ after two reaction steps. On the basis of this prior Nent to the G~ decay®¢1%%In summary, reactions 6, 7, and
work and on the present work (described below), we arrived at 11 can contribute to the second-order decay of Clinder

the chemical mechanism in Table 1.

3.1. Formation and Decay of Cf*~. The overall reaction of
HO* with CI~ to produce CGr~ was discovered to be pH-
dependent in several investigatigii$!52 Reactions 3 and 4
were first proposed by Anbar and Thonfdsyho assumed that
reaction 3 has a diffusion-controlled rate constant of 20%°

various conditions.

The pseudo-first-order decay of £1 is due to reactions
involving Cly~, itself, as well as to reactions involving solvated
Cl atoms, since the Cl atoms are usually in near-equilibrium
with Cly*~ according to reaction 5. The well-known reaction
—4 of CI* with H,O contributes to the pseudo-first-order decay

M-1 s1. Although they attempted to verify the existence of Of Cl,*~.16:254548The reaction of Gt~ and HO has also been

CIOH~ by measuring the effect of chloride ions (up to 10 mM)
on the reaction rate and by detecting H@dical through its

postulated, although its rate is slow and quite uncer&if.*°
There have been several reports of reaction 9 betwegn ClI

reactions with benzene and ferrocyanide, they could not achieveand H0,.°-%9 Reaction 9 is reported to have a larger rate

confirmation. Furthermore, no appreciableisotope effect
was observed, contrary to expectations based on reaetion

constant than that of reaction 8 between*Chnd HO, but
there are large discrepancies among the reported rate constants.

Anbar and Thomas concluded that further work was needed to In the gas phase, reaction 10 betweena@t HO; has a large

confirm the reaction mechanism.
In 1973, Jayson et af observed the spectrum of CIOHIn
the pulse radiolysis of solutions that contained dissolve@ N

rate constant? but it has not been reported in the aqueous phase.
One of our objectives was to measure the rate constant for
reaction 10, and our results are described below. In summary,

and concentrated chloride at neutral pH. They confirmed that reactions—4 and 8-10 contribute to the pseudo-first-order

CIOH:~ reacts with H to yield CF and that C*~ is formed in
the subsequent reaction of *Gkith CI~. Jayson et al. also
measured forward and reverse rate constants for reactiohs 3

decay of Cf~ under various experimental conditions utilized
in the present experiments.

3.2. Haber—Weiss Cycle.Under acid conditions, the free

under acidic conditions and confirmed that those reactions areradical chain carriers in the decomposition of hydrogen peroxide

important for C}~ formation. Nagarajan and Fessentfen
showed that after @I is temporarily depleted by pulsed laser
photolysis, its rate of recovery depends o JHhus confirming

are HO and HQ" free radicals? In the absence of chloride
ions, the free radical chain mechanism (the HabWeiss
mechanism) consists of reactions 2 and-18.71"78 Reaction
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14 has never been reported in the aqueous phase, although it i
known in the gas phase; it is included in Table 1 for
completeness. When the chloride ion concentration is low, the
HO* radicals can attack #D, and initiate the HaberWeiss
mechanism. Under most of the experimental conditions utilized
in the present work, only reaction 2 is important, but the full
Haber-Weiss mechanism is included in Table 1 for complete-
ness.

4. Data Analysis

4.1. Strategy.The mechanism shown in Table 1 and Figure
1 is complicated, but it simplifies considerably under certain
experimental conditions. This is because the rate-limiting steps
to a large extent can be selected by controlling the][¢H 2O,],
and pH. For example, if the pH is very low, then reaction 4 is
very fast and by controlling [C] the rate-limiting steps along
the path to the formation of €I will be either reaction 3 or
reaction 5. By controlling the [C]/[H 20O] ratio, reaction 2 of
HO* with H,O, can be made to compete with reactions 3 and
5. If [CI7]is large, then reactions 3 and 5 will be very fast, and
the rate-limiting step will be reaction 4, which depends on pH.
Although many reactions are listed in Table 1, the most
important ones are reactions 23, +4, +5, and 6. In the
following analysis, we obtain values for rate constants and/or
equilibrium constants for most of these reactions under condi-
tions that minimize interferences and correlations in the least-
squares analysis.

We did not apply any estimated adjustments for ionic strength

in the present analysis because the ionic strength was nearly

constant £0.01 M) in all of the experiments and only reactions
4 and 6 were affected. Moreover, the estimated effects are
relatively small ¢-20%), as described in section 5.1.

As described above, €t is expected to follow mixed first-
and second-order kinetid&254548.49.6However, at low radical
concentrations, the second-order contributions become insig-
nificant. At low [CI7] (<102 M) and low free radical
concentrations£10-6 M), the mechanism can be approximated
by neglecting the second-order reactions. The accuracy of this
approximation was tested by carrying out a mixed first- and
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Figure 3. Plot of ka (triangles) ands (circles) vs [NaCl]. Thetlo
statistical errors are about the same size as the data points. The solid
lines are unweighted least-squares fits. Experimental conditions: pH
=2, [H0;] = 2.67 x 1074 M.

and
Ky = k,[H,0,] + kg[CI*] (la)
__kkdH ) i)
kgt k[H]
~ kgk [H,0] o)

9 K+ k[HY]

kg = { (ks + ko[H,0,])ke[CI ] + (K_g[H,O] + kyo[H,0,])
(K_g + kg + kalH,0,])} [{K[CI T + K_g + k_[H,0] + Ky
[H,07 + kg + ke[H, 0.1} (Ill)
Wherek:3 = kg[H20]. Under the acidic conditions used in this

work (see below), the expressions kgrandk-g4 become simpler
becausek_3 > kiH*]; hence kg ~ KskH'] and kg ~ k_a.

second-order least-squares analysis for many of the experimentsywhen [H0,] is low enough, the rates of reactions 5 an8

We found that the relative uncertainties in the second-order
parameters deduced in this way were large and the first-order
parameters determined in this way were not significantly
affected by neglecting the second-order contributions. Hence,
the second-order reactions are neglected in most of the following
analysis.

The appearance of the £ absorption signals varies
significantly when the initial concentration of chloride ion varies.
Typical time profiles of the rise and decay of,Clwhen [CI]
is less than Ix 1072 M are shown in Figure 2. The solid lines
show the nonlinear least-squares fits according to eq | and Beer’s
law. The rising portion of a time profile corresponds to the faster
pseudo-first-order rate constaky, ©r kg), and the falling portion
corresponds to the slower step.

An analytical expression for [@] can be derived from the
chemical mechanism by (i) neglecting reactions that are second
order in free radical concentrations and (ii) making the quasi-
steady state approximation for Cl atoms and for CiQHThe
analytical expression for [@I] is derived in the Appendix and
given by eq I:

[Cl, 7] = C[HO"] {e ' — e™*} (1)

where the proportionality consta@tis defined in the Appendix

dominate the formation and the loss, respectively, ef Cand
eq lll is greatly simplified:

| KgKe[Cl] + kg kgKs[Cl] + Ky
& _{ KJCl ]+ 1 }[HZO] +{ KJCI ]+ 1 }[HZOZ]
(IVa)
ks = | + SH,0,] (IVb)

Equation 1V is very useful in the analysis of the experimental
data.

Rate constants, andkg are functions of both kD, and [CI].
Data such as those shown in Figure 3 were fitted to eq | in
order to find rate constants, andks. Representative results
for constant pH and [kD;] are shown in Figure 3 as a function
of [CI7]. From the least-squares fit of a single experiment, it is
only possible to find two fitted rate constants, but it is not
possible to identify which rate constant correspondgatand
which one toks. However, by carrying out experiments over a
range of [Ct] (see egs lla and Ill), it is possible to identify the
rate constants: the rate constant that is linearly proportional to
[CI7] is identified withka (eq lla) and the other is identified
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Figure 5. Plot of intercepts (from unweighted linear least-squares fits
of ka vs [H2O]) vs [NaCl]. The solid line is an unweighted linear least-
squares fit constrained to pass through the origin. Ehe statistical
errors are about the same size as the data points.

TABLE 2: Results from ka Analysis at 297+ 2 K with
Statistical Precision &10)

eqll directly measured results
from intercepts kKz= (1.80£ 0.03) x 10'°M~1s?
from slopes ko= (4.2+0.2) x 10' M~1s?

with kg (eq IV). This identification is unambiguous, as is
apparent from the data shown in Figure 3.

4.2. Analysis Based orka. Fitted rate constari in eq Il
depends on rate constahtsandky. According to eq llbkg ~
Kskq[H™] when k-3 > kqH™]. At pH = 2, this condition is
achieved, as discussed below. Thus, the analydis af pH=
2 can give information abolk andKzks. The kinetic informa-
tion obtained from théa analysis is listed in Table 2.

A plot of ka vs [H204] at various chloride concentrations and
pH = 2 is shown in Figure 4 (in the interest of clarity, only
some of the data are shown). The valu&kpf (4.2 + 0.2) x
10" Mt s71is obtained directly from the slopes of the linear
least-squares fits. Our result is consistent with previous mea-
surements obtained by both direct meth8d® and competition
methods’18%-88

The intercepts of the lines in Figure 4 are equal to the product
ky[CI7] and are shown in Figure 5 as a function of chloride
concentration. The slope of the line in Figure 5 is the rate
constantk; = (1.80 £ 0.03) x 10®* M1 s! (pH = 2),

J. Phys. Chem. A, Vol. 107, No. 9, 2008317
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Figure 6. Dependence dfs on [H,O;] for photolysis at 308 nm and
for pH = 2. The solid lines are unweighted linear least-squares fits.
The £+10 statistical errors are about the same size as the data points.

TABLE 3: Some of the Data Used in the Least-Squares
Analysis of kg?

eq4

[CI7] x interceptx slopex
104 (M) runs 103 (s 107 (M 1s™h
2.0 16 3.03+: 0.01 4.32+0.01
4.0 16 1.71+0.01 3.28+0.01
6.0 16 1.40+0.01 2.19+0.01
8.0 16 1.15+0.01 1.92+ 0.01
10.0 16 1.39+0.01 1.58+ 0.01

a Statistical uncertaintiest{1o) were obtained from an unweighted
least-squares analysis, as described in the text.

corresponding tdgKz = (1.804 0.03) x 10°° M~1 s71, This
result is in good agreement with literature values, despite the
fact that different experimental techniques were U$gé>58°
It is also in good agreement with the rate constants deduced
from Cl*~ yields (at higher pH) in our companion study of
HO* quantum yields® All of these studies support the conclu-
sion thatk_3 > kq[H*] and, henceky = Ksks[H].
4.3. Analysis Based oikg. When equilibrium 5 is maintained
at low [HxOy], the fitted rate constarktg is given by eq IV,
which has a linear dependence on(H). As [H,0;] is increased
still more, kg deviates from linearity because reactions 5 and
—5 are no longer dominant. To obtain the information on the
Cly*~ decay rate constants, only data in the range of linearity
are used to plokg vs [H20;] in Figure 6 (only some of the
data are shown). The weighted linear least-squares fits of these
plots generated sets of intercepts and slopes, some of which
are listed in Table 3. For example, in the experiments carried
out at 248 nm photolysis, [iD,] ranged from 104 to 1073 M.
According to eq IV, the intercept and slope of each line in
Figure 6 depend on [C] as follows, as long as [}D] is not
too high:

| — KlH0IK[CI ] + k_[H;0]
K[CIT]+1

(Va)

and

o KKl T +kyg

b
KCIT]+1 (vb)

According to the literature, equilibrium constat is in the
range of 1.4-1.9 x 10° M~1.16.25 Therefore Ks[CI~] is much
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Figure 7. (a) Plot of intercepts (fronkg vs [H202]) vs 1/[NaCl] (see
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squares fit. The error bars shailo statistical errors (note that many

Yu and Barker

TABLE 4: Results from kg Analysis at 297+ 2 K2

eqV eq Vi directly measured results
I S k-4[HO]/Ks= (1.4+0.1) M s!
1 ke[H-O] < 100 M1s7?
S S kidKs= (1.4+0.2) x 10*s?

Is ko= (144 0.2) x 1P M~1s?

a Statistical uncertainties{1o) were obtained from an unweighted
least-squares analysis, as described in the text.
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—O—[NaCl] = 0.4 mM
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~—[NaCl] = 0.6 mM ]
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Figure 8. Dependence dfg on [H,O;] at pH = 2. The solid lines are
unweighted nonlinear least-squares fits by eq Ill. The open circles are
[NaCl] = 4.0 x 10 M, and the open triangles are [NaGH 6.0 x
10~* M. The 10 statistical errors are about the same size as the data
points (note that many data points have uncertainties smaller than the
size of the plotted points).

a linear function of [HO,]. Results forkg at higher HO,
concentrations are shown in Figure 8. By using the results in
Table 4 along with those obtained from the analysi&gfall

data points have uncertainties about the same size as the plotted point®f the rate parameters in eq Il are known, exceptkpand

or smaller). (b) The plot o8 (slopes fromkg vs [H2O;]) vs 1/[NaCl]

k_s. Rate constarits appears in eq Il as a multiplier for [C].

(see eq Vb). The open circles are the slopes. The solid line is an At low [CI~], the terms involvingks are small relative to the
unweighted, unconstrained linear least-squares fit. The error bars showgpther terms anélg is relatively insensitive to the specific values

+10 statistical errors, although the least-squares fits were performed

with equal weighting of data points (note that many data points have
uncertainties smaller than the size of the plotted points).

greater than unity when [C] > 1074 M and eq V simplifies to

k_,[H,0]
and
_ Kio _ S
= —KS[CF] + kg _[le] + g (VIb)

whereS = k_4[H20]/Ks, I} = kg[H20], Ss = kio/Ks, andls =
ko. Note that the approximations that lead to this expression
are less restrictive than those that lead to eq IV: it is only
required thaks[CI ] is significantly greater than the other terms
in the denominator of eq Il an#_s is greater tharkg[H2O]
andkg[H20;]. Thus, eq VI is applicable at higher §,]/[Cl ]
ratios than are appropriate for eq IV. The slofggnd intercept
(1) are plotted in Figure 7a,b as functions of 1/{CIThe slopes
and intercepts of the lines in Figure 7a,b correspon@ t&s
and |, s, respectively. An unweighted linear least-squares
analysis gives the results presented in Table 4.

If the mechanism is substantially correct, eq Il will be
applicable at higher D, concentrations, whelkg is no longer

chosen foks. In contrast, rate constakts does not depend on
[CI7] and ks remains sensitive to its value. The same general
approach was used by Buxton et @lalthough the reaction
systems are somewhat different.

To assess whether eq Il describes the experimental data, we
adopted as a trial value fég the recent resukts = (8.5+ 0.7)
x 10° M~ s1 reported by Buxton et & and fitted the data
shown forkg in Figure 8 by a nonlinear least-squares analysis
in order to determiné_s. It is apparent in the figure that the
experimental results are fitted reasonably well by eq Il when
ks = (5.2 £ 0.3) x 10* s'1. We repeated the least-squares
analysis using assumed valueskgfn the range of 1x 1(° to
40 x 1® M~1 s71, which covers a range far wider than the
experimental uncertainty iks; in no case did the fitted value
of k_s vary by more than 5%. The value determined Kog is
affected by much less than 1% by thel0% experimental
uncertainty inks. Thus, the fitted value df_s = (5.2 4+ 0.3) x
10* s 1is essentially a direct result of the present experiments.

4.4. Kinetics of Ch*~ at High [CI 7]. A typical time profile
of the formation and decay of € when the chloride
concentration is greater thanx110~2 M (at low pH) exhibits
a rising portion that is almost instantaneous as compared to the
decaying portion. Under these conditions, the conversion of HO
radical to produce Gi~ is almost quantitative and the decay
has contributions from both first-order and second-order pro-
cesses, as described above. As [Ghcreases, so does the
contribution of second-order processes to the decay of.Cl
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At high enough [Ct], the second-order decay is dominant, as  5.2.1. Rate Constants Measured Directigeaction rate

in previous studie4®4° constank; for the reaction of HOradicals with HO, has been
Although the second-order decay o%Clis not the focus of measured previously both by direct methods and competi-

the present study, an analysis was carried out using mixed first-tion methods. The three previous direct measureni&nifs

and second-order kinetit®s' in order to extract values for  range from 1.2x 107 to 4.5 x 10" M~ s~1. Competition

2ks/e, wheree is the molar extinction coefficient of €. At methods have produced rate constants ranging fromx 119"

the monitoring wavelength of 364 nm, we found in paper Il to 8.8 x 10’ M~1 s71, as described in paper I8.The present

thate(Cly~, 364 nm)= 70004 700 cm s? (base 10¥° In the determination ok, = (4.2+ 0.2) x 10/ M1 sl is consistent

present work, we analyzed a total of 325 runs using mixed first- with the average of all measurements (including the present

and second-order kinetics and obtaindg 2 (1.9 & 0.2) x work), which is recommendet k, = (3.2+ 1.5) x 10’ M1

1® M~1s™L This result compares well with that found in paper s

I, where the reaction was investigated more thoroughly and  Reactions 8 and 9 describe the attack by Cobn H,O and
where we obtainedk¢ = (1.8 + 0.1) x 1° M~t 57131 H,0,, respectively. Previous measureméhté48of this rate

Reported values forkg/e fall into the fairly wide range from  constant are higher than the recent one by Jacobi “taaid
0.5x 10°to 14 x 10° cm s™*. Some of this variation is due to  that of the present work. Jacobi et“&icompared their result
the use of different monitoring wavelengths, but large systematic with the earlier works by McEIrd§ and Wagner et & and
errors must also be present. Our result is in good agreementyrovided possible reasons for the discrepancy. Our result is
with recent measurements by both laser flash photolysis andconsistent with that of Jacobi et®lindeed kg is much slower
pulse radiolysis>4748.5265 Although reactions 6 and 7 are  than previously thought. Recently, however, Buxton eal.
included in Table 1, neither is important under most of the found a result similar to that of McEIro§. The reason for this
cpnditio.ns used in this study. See paper Il for a more detailed discrepancy is not known. Despite this disagreemenkgpit
discussior?* is still clear that the reaction is slow and makes a negligible
contribution to the overall decay of £t.

Three previous measurements of rate constghiave been

5.1. lonic Strength Effects.Reactions taking place in the reported that are scattered over a wide range:>x41D* to 7.0
aqueous phase are affected by the ionic strength of the mediumx 10° M~! s71.67-69 The result obtained in the present work
according to the DebyeHuckel-Bronsted-Davies semiem- (kg = (1.4 £ 0.2) x 1¢® M~1 s is about a factor of 2 times
pirical theory?3:90-92 that of the highest value reported previously, but the uncertainty

associated with the present value is relatively small. Considering

5. Discussion

k 172 the wide range of the previously reported results, the present
H 2 G ; . ’
|091ok0 = ZzlzZA{ 1 +ﬂ1/2} bu (vin result is certainly reasonable.

5.2.2. k, k_s, and Ks for CI* + CI~ <> Cl,*~. The equilibrium
wherek, andk, are the rate constants at ionic strengtand 0, ~ between C{ CI”, and Cb*~ is extremely important in governing
respectivelyZ, andZ are the ionic charge is the Debye- the overall reactivity of systems that contain solvated Cl atoms
Hiickel constantA = 0.509 at 298 K), andb is an empirical ~ and Cb. This is because @hq) is a stronger oxidizer and
constant in the range f0.2—0.3 for the few systems that have ~reacts more rapidly than £t. The equilibrium constaris is
been studied in sufficient det&i.23 necessary for the estimation of the relative concentrations of

Rate constants are reported in this paper both with and without[Cl’] and [Ck™"]. Until recently, even the order of magnitude
ionic strength adjustments estimated by using eq VIl with of Ks was controversial®!%2>2’Jayson et al. were the first to

0. Because almost all of the present experiments were carried’€Port a value for the equilibrium constanks = 1.9 x 10°
out with [NaCl] < 1 mM and pH~ 2, the ionic strength of the ~ M~1.° Although their value has been used widely, a large
solutions (-0.01 M) was not varied significantly. Only two ~ uncertainty is attached, e.g., 14 10° to ~2.8 x 10° M™%,
reactions in Table 1 are expected to be affected significantly The extremely low valueKs = 18 M™*) reported by Wu et
by ionic strength effects: reactions 4 and 6. None of the other al-'® was discounted by Wagner et &l.since Cj~ would not
reaction rate constants is affected significantly by the ionic e detectable at low [C], contrary to the measurements. The
strength, because the corresponding reactants do not includéletermination by Adams et &.(Ks = 4700 M) was in error,
two ions. In experiments reported elsewhere for a wide range &s explained by Buxton et & who reported a new measure-
of ionic strengths (see paper IIl for detafiép*35the adjustments ~ Ment: Ks = (1.4+ 0.1) x 10° M, where the small uncertainty
to reaction 6, which involve two negative ions, are given by reflects only the precision of the measurement. To help untangle
the rate constant ratikg/ke® = 1.3 atu = 0.01 M, in good these disagreements, we can employ directly measured values
agreement with the valule/ke® = 1.24 obtained from eq VI for rate constantks and k-5 to calculate the equilibrium
with b = 0. For reaction 4, which involves oppositely charged constant: Ks = ks/ks. In the following, we summarize the
ions, eq VIl predictky/k = 0.8. This ionic strength correction ~ determinations oks andk-s.
also affects equilibrium constaiy, as noted in Table 1. 5.2.2.1. Forward Rate Constand.K he value oks has been
5.2. Rate Constants and Equilibrium ConstantsThe final determined in several previous studi&g>4547.5394Jayson et
results obtained from least-squares analysis of the experimentahl.’® reported the value dfs = 2.1 x 10 M~1 s71; however,
data are summarized in Tables 2 and 4. Several individual ratethis result was not determined experimentally but was calculated
constants were extracted directly from the data, while other by assuming diffusion control. In fact, they reported a single
quantities obtained directly are in the form of rate constant ratios. measured pseudo-first-order rate constant of411f s~ when
In the first subsection, we will discuss the individual rate the concentrations of hydrogen ions and chloride ions were 1
constants that were directly extracted; in the subsequentand 103 M, respectivelyt® The corresponding value fdg =
subsections, we employ additional information from the litera- 4.1 x 1® M~ s71is only ~20% of the diffusion limit. It is
ture in order to extract individual rate constants from the unclear why they preferred the assumed diffusion-controlled rate
measured rate constant ratios. constant to the experimental value.
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TABLE 5: Direct Determinations of ks at Room TABLE 6: Determinations of k_s at Room Temperature?
Temperature? ks (sh) method pH  year ref
ks (M~ ts1x photolysis probe —
5 (1.1£0.4)x 10° indirect 0 1973 16
107) method A(nm) A(nm) pH year ref 7.6x 10 computer simulation 7 1977 58
4.1° PR 340 O 1973 16 (6.0+0.5)x 100 PR 5-6 1998 25

21 estimated 340 O 1973 16 (5.2+0.3)x 100 LFP 2 2001 this work
6.5+09 LFP 308 360 10.0 1985 45 (5.7+0.4) x 10* recommended 2001 this work
8.0+ 0.8 LFP 248 340 ~3.5 1985 53 . . .

8 LEP 340 <5.5 1986 47 2 Rate constants are listed as they appeared in the original papers
19.2 LEP 193 340 NA 1993 94 and have not been extrapolated to zero ionic strerig®R, pulse
85+ 0.7 LFP 193 340 NA 1998 25 I’alelySIS, LFP, laser flash phOtOlySlS
7.8+ 0.8 recommended 2001 this ) ) ) )

work fitted parameters. On the basis of these considerations, we

R . . e recommend the unweighted average of the direct determinations
ate constants are listed as they appeared in the original papersb Klaning and Wolffs Nagaranian and Fessend@iwaaner
and have not been extrapolated to zero ionic strefg®R, pulse Yy 47' 9 : 259 ] ’—19—1
radiolysis; LFP, laser flash photolysisSee text for explanation. €t al.}” and Buxton et al?® ks = (7.8 + 0.8) x 1° M~!s™L.

d Experimental conditions not available. 5.2.2.2. Reerse Rate Constant k The few results available
for reaction—5 are summarized in Table 6. The earliest value
Klaning and Wolff> measureds directly by generating G~ reported fork_s was by Jayson et al who obtainedk_s =

by laser flash photolysis of ClOand CI under alkaline (1.14 0.4) x 10° s tindirectly from their assumed diffusion-
conditions at 308 nm and monitoring the optical density (OD) controlled value foks and their measured value of equilibrium
of Cly~ at 360 nm. Under their conditions, the formation of constantks = 1.9 x 10° M~L. Their method for determining
Cl»~ is in competition with several other reactions. From a least- Ks is described below. The actual experimental uncertainty in

squares analysis of their data, they determinedkhat 6.5 x their value forKs ranges from 1.4x 10° to 2.8 x 10° M1,
10° M~1 s71 but did not report the uncertainty. which seriously affects the potential accuracykos.
Nagaranjan and Fessenfiégenerated Gi~ by laser flash In a pulse radiolysis experiment, Zansokhova &8 aéported

photolysis of aqueous Cland $SOg?~ at 248 nm and then used k-s=7.6x 1° M tand X; = 1.7 x 101°M 1 s ! as the best
a subsequent photolysis pulse at 355 or 337 nm to photodis-combination of the modeled and experimental relationship
sociate GI~. The dissociation of the €I (monitored at 340 between [CGl'"]max and dose per pulse. The accuracykof is
nm) results in a “bleach” and a subsequent exponential recoverycorrelated with that of &, and Zansokhova et al. obtained a
back to the original absorption level. The plot of the recovery value for Xg that is substantially larger than found in recent
rate of Cp~ vs [CI"] was analyzed by least-squares to determine measurements.48.64.65t is possible that the high result is due
ks = (8.0 £ 0.8) x 1(® M~ s71. They reported an estimated to correlations in the numerical analysis of their data. Therefore,
10% error. it is likely that the accuracy df_s is affected by the high value
Wagner et af’ also used a delayed second laser to photolyze for 2ke.
Cl*~ and monitor its relaxation, but they gave no experimental ~ Recently, Buxton et & determinedk_s by examining the
details. Their resultks = 8.0 x 10° M~1 s71) agrees exactly =~ decay of Cf*~ by pulse radiolysis of an aqueous solution
with Nagaranjan and Fessend8rjut they did not report an  containing 1x 1072 M NayS,0g, chloride ions ([C] = 1 x
associated uncertainty. 102 M) and 2-methyl-propan-2-olt{BuOH). Chlorine atom
Iwata and Yamanaka used laser flash photolysis of ClI and dichloride radical anion readily react with the hydroxyl
solution at 193 nm to generate €1. The absorption signal  group oft-BuOH. These reactions compete with the reactions
obtained at 340 nm was the sum of contributions from both Cl of Cl*and Cy~ with H,O. Buxton et al. found that the observed
and Cp*~. Because the time constant of @ much faster than  pseudo-first-order decay rate constant of*Cleparted from
the detection limit in their experiments, they assumed that the linearity as the concentration 6BuOH was increased, due to
rate of production of Clwas proportional to the time-dependent the finite rate of reaction 5 in competition with the reactions
laser fluence during the laser pulse. With these assumptions,with t-BuOH 2% By using their measured value kf in a least-
they fitted the experimental data to obtain the quantum yield squares procedure, they determined that= (6.0 + 0.5) x
of CI*, the formation rate of GI~, and the molar extinction  10* s™L. (We used the same procedure for fittikgat higher
coefficients of Cland Cb*~. They found thaks = 1.92 x 10'° [H20;], as described above.)

M~1 s71 but did not report the uncertaintiés. The result obtained in the present wokk{ = (5.2 & 0.3)
Buxton et ak® determinedks directly by using laser flash x 10*s™1) is not sensitive to the value &, as discussed above.
photolysis of Ct(aqg) at 193 nm and monitoring the growth of The technique used here is virtually the same as that used by
Cly*~ at 340 nm. Because there were no competing reactions,Buxton et al., although the reference reactions were different.
the rate of CI~ growth followed pseudo-first-order kinetics and Because the likely errors are of the same magnitude, we

gaveks = (8.5+ 0.7) x 10° M~1 57125 The uncertainty that ~ conclude that the best unbiased estimate Koy is the un-
they reported is most likely the statistical precision obtained in weighted average of the present measurement and that of Buxton
the least-squares fits. Note that Iwata etalnd Buxton et a#® etal.?®k 5= (5.7+0.4) x 10*s L.
employed virtually identical methods but obtained results that  5.2.2.3. Equilibrium ConstantgJayson et at® assumed that
differ by a factor of 2. The measurement of Buxton et al. is in the optical absorption due to £t had reached its maximum
good agreement with the others described above. All of thesepossible value when [NaC# 0.01 M and [HCIQ] = 0.01 M.
direct determinations dfs are listed in Table 5. They then measured the absorption due t9 Ginder various
The direct laser flash photolysis of Cis probably the best  other conditions of [NaCl] and [HCI§and expressed the results
way to determinds. First, the chemical system does not contain as functions of equilibrium constants, i.Ka, K4, andKs. From
species that compete with reaction 5. Second, the pseudo-first-among a range of algebraic solutions that described their data,
order fit of the observed formation rate constant requires few they reportedzK, = 1.1 x 10/ M~ andKs = 1.9 x 10° M~116
parameters; therefore, there is less potential correlation amongwWhen all of the algebraic solutions are considered, the possible
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TABLE 7: Summary of Results (This Paper) and Recommendations for Rate Constants

reaction results (this paper) recommendations recommendation ref
1 ¢on = 1.0, independent of 35
2 ko= (4.2+0.2) x 10'M~1s? k= (3.2+1.5)x 10/ M~1st this work and 32
3 ks= (4.3% 0.4) x 10° M5t 16
-3 k3= (6.1£0.8)x 1°M~1s1 16
K;=0.70+0.13 M 16
4 ks=(2.64 0.6) x 10°M 151 ks= 2.6+ 0.6) x 10°M~1s? this work
k= (3.2£0.7) x 10°M-1s? k¢ = (3.3+£ 0.9) x 10°M 15!
—4 k_4[H,0] = (2.04+ 0.2) x 1P s 12 k_4[H,O] = (1.84 0.5) x 1P s°? this work and 31
Ks=(7.2£1.6)x 10° Ks=(7.2+£1.6) x 1C° this work
K= (8.842.2)x 1¢° KL= (8.842.2)x 10/ this work
5 ks=(7.8+£0.8) x 1° M~ts?! this work
-5 ks=(5.24+0.3)x 10*s™* ks=(57+£04)x 10*s™? this work and 32
Ks=(1.44+02)x 1M this work
6 ke=©9+1)x 1M 1s? ke=(9+1)x 1M ts? this work and 31
k= (7.2+0.8) x 1B M~1s? k= (7.2+0.8) x 10° M5!
7 2k;=(4.24£0.1)x 1°M~1st 31
8 kg[H20] < 100 st ke[H,O] <100 st this work and 31
9 ko= (1.44+0.2)x 1P M ts?t ko= (1.4£0.2) x 1P M ts?t This work
10 kio=(2.0+0.3) x 1I°®M~1s? kio=(2.0+0.3) x 1®°®M~1s? this work
11 kyp=(3.1+ 1.5) x 10° M5t 32
12 ki,=05M1s? 76
13 ki3=6.0x 10° M~1s? 106
15 kis=9.8x 1M 1s?t 107
16 kis=1.0x 100°M~1s? 108

aIn this paper, uncertaintiest(lo) were obtained from error propagation; ionic strengths£ 0.01 M unless otherwise noted by a superscript
“0” on rate constants that have been adjusted to 0.

range ofKs is large (i.e., 1.4x 1(Pto 2.8 x 10° M%) but Jayson With the knowledge ok, and ki, we can calculat&, =

et al. did not explain how they arrived at their preferred value. ky/k—4. From the values obtained above for the two rate
The equilibrium constant can also be obtained from the ratio constants, we obtaik, = (7.2 £ 1.6) x 10°. Usingk_4 = (3.6

of forward and reverse rate constants. The values recommended: 0.4) x 10° M~1 s~ obtained in this work and the Debye

here forks andk_s, respectively, are (7.& 0.8) x 10° M1 Huckel theory (eq VII) to estimat&,® at zero ionic strength,

stand (5.74 0.4) x 10* s™*. The ratio of these values gives we obtaink,® = (3.24 0.7) x 10" M1 st andK,’ = (8.8 -

Ks=(1.4+ 0.2) x 10° M~1, where the uncertainty was obtained 2.2) x 10°. Both values are slightly lower than the value reported

by propagation of errors. This value is in good agreement with by Jayson et aké which corresponds to an ionic strength of

that reported recently by Buxton et &las well as that of Jayson  unity.

et al.16 and we recommend it as the best unbiased estimate of 5.2.4. ko for the Reaction CH H,O, — H™ + CI~ + HO,".

the equilibrium constant. With this recommended valueker The chemistry of the chlorine atom in aqueous solution is

and the standard reduction poten4Cl*/Cl~) = 2.41 V® we analogous to that of the hydroxyl radical, which is a pseudo-

obtain the standard reduction potenti#[Cl,*~/2CI7) = 2.11 halogen (isoelectronic with fluorine atom). Both Hénd Ct

V, which differs only slightly from the value obtained using are efficient hydrogen atom abstractétélthough the reaction

the equilibrium constant from Jayson et &(Cl,*~/2CI7) = of ClI* with H,0O, has a relatively large rate constant in the gas

2.09 V). phase, the aqueous phase rate constant has not been reported
5.2.3. k, k_4, and K; for CIOH*~ 4+ H* — CI* + H,0. Under previously. The ratid¢/Ks obtained from the data in Figure

the conditions of the present work, “global” rate constayit 7b is reported in Table 4. By taking the recommended value

given to a very good approximation by = KskfH], as Ks = (1.4 £ 0.2) x 10° M~1, we obtaink;o = (2.0 &+ 0.3) x
discussed above. The value obtained in the present wolg for 10° M~ s™1. This result for the reaction in the aqueous phase

is consistent with results reported by Jayson éf ahd Anbar is about 10 times faster than in the gas phase, wkeg(g) =

et al*2 From the present experimental results at pH and (2.47£0.12) x 1B M~1s 12|t is about 2 orders of magnitude
the equilibrium constarz = 0.70 mpmt 0.13 M reported faster than the estimate by Graedel and Goldberg for the aqueous
by Jayson et al we obtaink, = (2.6 &= 0.6) x 10'°°M~1s™1, phasé® It is not unusual thak is faster in the aqueous phase
Note that the only measurementkf is that of Jayson et &b than in the gas phase, since solvent plays an important role in
Also note that the rate constaky is subject to ionic strength  modifying the interaction between reacting speéfes. In
effects. As discussed above in section 5.1, the Dettigckel particular, it seems likely that solvation has lowered the
theory predicts that at infinite dilution, rate const&atvould activation barrier. This result is yet another illustration that gas

be about 20% higher than the value obtained in our experiments,phase rate constants do not necessarily provide good quantitative
where the ionic strength is0.01 M. estimates for the solution phase.

The value ofk_4 is often expressed as a pseudo-first-order
rate constantk', = k_4[H0]. It is reasonable to compare the 6. Conclusions
ratio of k|,4/K5 obtained in various investigations instead<b1 In the preceding sections, we have described rate and
reported from various investigations, because the latter is equilibrium constants that were measured directly in the
affected by the different values dfs adopted by different  experiments or extracted (with the aid of additional literature

researchers. The present resulkoffKs = 1.4+ 0.1 M s, is data) from measured ratios. We have also evaluated relevant
in good agreement with previous measuremént384%0n the data from our own and from other's experiments. All of the
basis of our recommended vale = (1.4+ 0.2) x 10° M1, new results are consistent with the chemical mechanism

we obtaink' , = (2.04+ 0.2) x 1P s, described by Jayson et®land are gathered together in Tables



1322 J. Phys. Chem. A, Vol. 107, No. 9, 2003 Yu and Barker

1 and 7. In many cases, there is good consistency amongequations for [H@, [CI*], and [Cb*7]:
measurements from different laboratories, showing that the

chemical mechanism is generally well-understood. A few d[CI7 . _ . .

reactions require more study. For example, the equilibrium Tz kg[ OH]J[CI'T +a[Cl," ] = b[CIT  (A.3)

constant for reaction 3 has only been determined once since

the report by Jayson et af although the CIOB radical is an d[Cl, ]

important intermediate in the reaction involving H@dicals. T c[CI'T — f[CL," ] (A.4)
In the present work, reaction 9 was found to be much slower

than reaction 10. Both reactions were measured simultaneously d["OH]

for the first time in this work. Both reactions may be important = —k,["OH] (A.5)
in free radical systems in which hydrogen peroxide plays a role. dt

Currently, there is intense interest in halogen activation as \yherea = ks, b = ke[CI] + kaH205] + k_o[H20], ¢ =
an explanation for the dramatic depletions of ozone observed [c|-], f = k_s 4 ke[H-0] + ke[H203], andka = ko[H20;] +
in polar regions near the coastlih@> 79111299104t is possible [CI].
that halogen activation takes place in the marine boundary layer “gquation A.6 is obtained by rearrangement of eq A.4
over much of the globe and that the special conditions found in
the polar springtime are particularly favorable for observations d[Cl,]

it +f[Cl, ] (A.6)

of the effect. Halogen activation may also take place in the [CI'l= 1
interior of the snowpack® The aqueous free radical reaction ¢
mechanism in Table 1 shows that halogen activation can occur

; . . ) . - ~""The derivative of [C] with respect to time is
as a result of free radical reactions involving chlorine-containing

species. Similar reaction mechanisms are found for the other . 2~ o o—
halogens, including bromine, which has been directly implicated dcty _1 (d [Cly" ] + fd[CIZ ]) (A7)
in the ozone depletion events mentioned above. Quantitative dt c dt? dt

modeling calculations will be needed to assess the quantitative

importance of aqueous free radical reactions in this regard, butBY substituting eq A.7 into eq A.3, we obtain
it seems likely that they at least will contribute to initiation of N B
halogen activation cycles. In addition, if the principal aqueous diCl,”]1  d[Cl,"]
free radical chain carriers consist of.Cl Br,*~, and BrCt-, di2 o dt
which react to eventually produce gas phase halogens, then the

aqueous free radical chain mechanism may contribute signifi- wherea. = f + b, g = bf — ac, andy = cky[OH] [CI].

cantly to halogen activation during daylight hours (when free  The general solution of the nonhomogeneous differential eq
radicals are produced by photolysis). A modeling study is needed a8 js25.105

in order to assess these possibilities.

+B[Cl 1=y-e " (A8)

[Cl, ]=C,-é"+C,- e+ ——L ™
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Appendix: Cl— Kinetics
i ] A= a2 = 4p}, 1= — 2o+ Vo - 4p)
The rise and decay of [@[7] is described by the mechanism 2 2 (A.10)

shown in Table 1. For convenience, we will assume quasi-steady
state for [CIOH], allowing us to combine reactions 3 and 4  From the definitions ofx andj, it is possible to show that?

to produce global reaction g: — 44 > 0 and thereforel, is more negative than;. Hence,
exp@.t) becomes negligible rapidly and may be ignored when
HO" + CI™ (+ H") — CI"+ H,0 (9) sufficiently small. This approximation is consistent with the

experiments, which show no signs of a third time constant. It
is also consistent with the magnitudes calculated from the
measured rate constants. In all of the subsequent analyses, we
assume that the term containing ek can be neglected.
CoefficientC; in eq A.9 can be found from the condition

The global forward and reverse rate constants for reaction g
are found by a quasi-steady state analysis for [CIQH

_ k3k4[H+] that [Ck*"]o = 0 att = 0, and the resulting expression is

Ky=—— (A.1)
Ko+ KyH]
[Cl, 1= —5—r——("'~¢) (A1l
and ka®—oky +
K Kk If we take the definitions foun., 3, andy given above, identify

K =— 3% (A.2) —A1 with rate constaritg, and writeC = kskg[Cl]%/(ka2 — otka

g k. ;+ k4[H+] + f), eq A.12 can be written

e—1 __ e —k —
Using this global reaction, we can write down the differential [Cl," ] = C['OH]{e e kBt} (A.12)
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where

Ky = ky[H,0,] + kj[Cl'] (A.13)

and

kg = { (ke[H20] + ko[H 0D k[Cl ] + (k_o[H0] + ki
[H201)(K_5 + kg[H,0] + kalH 0D} [{K[CI ] + ks + K g
[H,0] + kyo[H05] + kg[H,0] + k[H,O,]} (A.14)

When experimental conditions are controlled so that the rates

of reaction 5 and reaction'5 dominate the formation and the
loss, respectively, of @I, then eq A.14 simplifies to the
following expression:

L [RKCIT + K g
& KJCIT]+1 [H,0l+
KK[CI T + ki

O] + 1 [H,0,] (A.15)
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