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A laser flash photolysis-long path UV-visible absorption technique has been employed to investigate the
kinetics of aqueous phase reactions of chlorine atoms (Cl) and dichloride radicals (Cl2

-) with four organic
sulfur compounds of atmospheric interest, dimethyl sulfoxide (DMSO; CH3S(O)CH3), dimethyl sulfone
(DMSO2; CH3(O)S(O)CH3), methanesulfinate (MSI; CH3S(O)O-), and methanesulfonate (MS; CH3(O)S(O)O-).
Measured rate coefficients atT ) 295( 1 K (in units of M-1 s-1) are as follows: Cl+ DMSO, (6.3( 0.6)
× 109; Cl2- + DMSO, (1.6( 0.8) × 107; Cl + DMSO2, (8.2( 1.6) × 105; Cl2- + DMSO2, (8.2( 5.5) ×
103; Cl2- + MSI, (8.0( 1.0)× 108; Cl + MS, (4.9( 0.6)× 105; Cl2- + MS, (3.9( 0.7)× 103. Reported
uncertainties are estimates of accuracy at the 95% confidence level and the rate coefficients for MSI and MS
reactions with Cl2- are corrected to the zero ionic strength limit. The absorption spectrum of the DMSO-Cl
adduct is reported; peak absorbance is observed at 390 nm and the peak extinction coefficient is found to be
5760 M-1 cm-1 with a 2σ uncertainty of(30%. Some implications of the new kinetics results for understanding
the atmospheric sulfur cycle are discussed.

Introduction

It has been proposed that dimethyl sulfide (DMS; CH3SCH3)
oxidation in the marine atmosphere may play an important role
in modifying or regulating global climate because several sulfur-
containing species produced from the free radical initiated
oxidation of gas-phase DMS are water soluble and could be
involved in formation and growth of atmospheric aerosols.1-6

Important stable water-soluble intermediates that are generated
via atmospheric DMS oxidation include dimethyl sulfoxide
(DMSO; CH3S(O)CH3), dimethyl sulfone (DMSO2; CH3(O)S-
(O)CH3), methanesulfinic acid (MSIA; CH3S(O)OH), methane-
sulfonic acid (MSA; CH3(O)S(O)OH), SO2, and sulfuric acid
(H2SO4; HO(O)S(O)OH).7 If given time to equilibrate with the
atmospheric condensed phase, all of the above DMS oxidation
products are partitioned partially or primarily (almost exclusively
in the cases of MSA and H2SO4) into the condensed phase.3,5,6,8-15

Both model studies and field observations have demonstrated
that condensed phase transformations are potentially important
in the atmospheric sulfur cycle and in affecting the physico-
chemical properties of aerosols and cloud/rain droplets, because
through these aqueous phase reactions relatively volatile species,
i.e., SO2 and DMSO, are converted into relatively nonvolatile
species, i.e., MS (the deprotonated form of MSA) and sulfate,
which stay in particles as cloud droplets evaporate, thus
contributing to particle growth.

Unfortunately, the available kinetics database for aqueous
phase reactions of organic sulfur compounds with important
atmospheric oxidants is rather limited. The most studied
reactions are those with OH, a key gas phase and aqueous phase

atmospheric oxidant. Kinetics data for the OH+ DMSO reaction
reported in our recent study16 are in good agreement with most
previous studies,17-21 suggesting a room-temperature rate coef-
ficient in the range (6.0( 1.0) × 109 M-1 s-1. The room-
temperature rate coefficient for the OH+ DMSO2 reaction
reported in our recent study16 is lower than the value reported
by Milne et al.20 by about a factor of 2. Three studies of the
MSI + OH reaction21-23 are in reasonable agreement and
indicate that this is a very fast reaction with a room-temperature
rate coefficient near the diffusion-controlled limit (MSI is the
deprotonated form of MSIA). The room-temperature rate
coefficient for the potentially atmospherically important OH+
MS reaction reported in our recent study16 agrees well with the
lowest24 of three literature values20,24,25 indicating that this
reaction is rather slow with a rate coefficient of about (1.1(
0.2)× 107 M-1 s-1. Our recent kinetics study of SO4

- reactions
with organic sulfur compounds26 showed a similar reactivity
trend to that observed for OH radicals, and supports the idea
that fast reactions of SO4- with the S(IV) species DMSO and
MSI make nonnegligible contributions to the oxidation of these
species in the atmospheric aqueous phase.

The only kinetics studies of reactions of organic sulfur
compounds with the two important atmospheric aqueous phase
radicals Cl and Cl2

- are one study of Cl2
- + DMSO in aqueous

solution27 and one study of Cl+ DMSO in CCl4 solvent;28 the
reported rate coefficients (in units of M-1 s-1) are 1.2× 107

and 7.0× 109, respectively. In marine boundary layer cloud
droplets, typical Cl2- and Cl- concentrations are∼10-11 M29

and 10-5-10-4 M,30,31respectively, so typical Cl concentrations
are 7× 10-13-7 × 10-12 M (based on the known equilibrium
constant32 for Cl + Cl- Cl2-). In deliquescent sea-salt particles
where chloride concentrations are 5-6 orders of magnitude
higher than in cloud droplets, Cl concentrations are negligible.
The high redox potentials of Cl2

-/2Cl- (E° ) +2.2 V) and Cl/
Cl- (E° ) +2.42 V)33-35 make these radicals very efficient
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oxidants in the atmospheric condensed phase. Considering their
reactivity and relatively high concentrations, Cl and Cl2

- could
play significant roles as oxidants for organic sulfur compounds
in marine atmospheric aerosols and cloud droplets.

As the third part of a series of kinetics studies of potentially
important atmospheric condensed phase reactions of organic
sulfur species, the present study employs a laser flash photolysis
(LFP)-long path UV-visible absorption (LPA) technique to
carry out investigations of aqueous phase reactions of Cl and
Cl2- radicals with four organic sulfur compounds of atmospheric
interest, i.e., DMSO, DMSO2, MSI, and MS.

Experimental Technique

The LFP-LPA technique involves coupling radical produc-
tion by laser flash photolysis of aqueous S2O8

2-/Cl-/R (R )
DMSO, DMSO2, MSI, or MS) solutions with sensitive time-
resolved detection of Cla Cl2- radicals by multipass absorption
spectroscopy atλ ) 340 nm. A detailed description and a
schematic diagram of the experimental apparatus have been
published elsewhere.26 Important features of the methodology
include the following: (1) reactive intermediates are probed in
“real-time”, i.e., on time scales corresponding to their lifetimes
under the experimental conditions employed (10-6-10-2 s), and
(2) very low radical concentrations are employed, thereby
eliminating many potential side reactions that could seriously
complicate the interpretation of kinetic data. The photolysis laser
employed in this study was a Lambda Physik Compex 102
excimer laser operating with a KrF gas fill (λ ) 248 nm, pulse
width ) 25 ns). The laser fluence at the entrance to the reaction
cell was typically 1.5× 1016 photons cm-2 pulse-1. In all
experiments White cell mirrors36 were adjusted to allow at least
34 passes of the probe radiation from a cw xenon arc lamp
through the region of the reactor irradiated by the laser, giving
an absorption path length of∼85 cm. With an electronic time
constant of 1µs, the detection limit is about 0.03% absorption
(64 flashes averaged); assuming a peak (340 nm) Cl2

- extinction
coefficient32,37of ∼8800 M-1 cm-1, the detection limit of Cl2-

under the conditions employed in this study is estimated to be
∼2 × 10-10 M. The photolysis laser traversed the reactor at
right angles to the probe radiation. The path length of solution
traversed by the photolysis laser was 4.3 cm, with approximately
the middle 2 cm of this path being probed. As discussed below,
radicals were generated by laser flash photolysis of S2O8

2- at
248 nm. The extinction coefficient for S2O8

2- at 248 nm is 26
M-1 cm-1,38 and S2O8

2- concentrations employed in this study
ranged from 5× 10-5 to 5× 10-4 M; hence, all solutions were
optically thin toward laser radiation, i.e., gradients in radical
concentrations across the probed region were negligible. The
concentration of SO4- radicals generated by the laser pulse was
in the range 10-8-10-7 M in a majority of experiments.

Solutions were made with Millipore Milli-Q water (resistance
greater than 15 megohms), and all chemicals used in this study
were ACS reagent grade or better. The stated minimum purities
of the chemicals are as follows: sodium chloride, 99.999%;
sodium persulfate, 98%; sodium methanesulfinate, 97%; sodium
methanesulfonate, 98% (aqueous solutions were colorless);
DMSO2, 98%; DMSO, 99.9%. These chemicals were used
without further purification. All solutions were unbuffered with
pH in the 5-6 range, and air saturated. During the experiments,
solutions were pumped through the 55 cm3 reactor without
recycling. Typically, the laser repetition rate and the solution
flow rate were adjusted to be 0.03 Hz and 2.5 cm3 s-1,
respectively, so that no aliquot of solution was subjected to more
than one laser flash. In most experiments, solutions were used

immediately after preparation, although kinetics results for all
reactions were found to be unaffected by allowing the solution
to sit at room temperature overnight before being used in an
experiment. Kinetics results were also unaffected by switching
from air-saturated to N2-saturated solutions. All experiments
were carried out at room temperature,T ) 295 ( 1 K.

Results and Discussion

Kinetics of Cl a Cl2- Degradation in Water. The pho-
tolysis of persulfate anions (S2O8

-) at 248 nm results in
production of sulfate radicals (SO4

-) with high yield:32,38

For the relatively low S2O8
2- and SO4

- levels employed in this
study, when chloride ions (Cl-) are present in the system at
concentrations greater than 5× 10-5 M, self-reaction and the
reaction with S2O8

- are negligible SO4- loss processes; under
such conditions, SO4- radicals react virtually exclusively with
Cl- via R2, followed by rapid equilibration of Cl and Cl2

-

radicals38-43 via R3 and R-3:

It is well-established in the literature32,40,44-48 that the Cl and
Cl2- radicals undergo the following additional reactions in
aqueous solution:

Although evidence for the occurrence of reactions of Cl and
Cl2- with S2O8

2- is reported in the literature,32 these reactions
are unimportant at the low S2O8

2- concentrations employed in
this study. Even though the Cl2

- self-reaction (R6) is quite fast
(k ∼ 109 M-1 s-1),49 this reaction is unimportant under most
experimental conditions employed in this study because of the
low radical concentrations employed. However, as discussed
below, we find that the Cl2

- + H2O reaction (R5) is extremely
slow, so some contribution from R6 to the very slow decays
measured at high Cl- concentrations (when organic sulfur
compounds are absent in the system) is likely. The observed
kinetics of Cla Cl2- reactions with organic sulfur compounds,
which are discussed in a later section, and which are the major
emphasis of this work, are unaffected by interference from R6.

Figure 1 shows typical absorbance temporal profiles observed
at 340 nm in the Cl-/S2O8

2-/hν system. Both Cl2
- and Cl absorb

at 340 nm with extinction coefficients of∼8800 M-1 cm-1 32,37

and∼3700 M-1 cm-1,50 respectively. Within the Cl- concentra-
tion range studied (5× 10-5 to 0.25 M), the absorbance rise
times are short when compared to the decay times; hence, a
simple first-order kinetics analysis method could be employed
to evaluate the decay times. We find that the pseudo-first-order
loss rate of Cla Cl2- radicals,k′0 (primed rate coefficients are
pseudo-first order), increases from<100 s-1 to ∼8000 s-1 as
the Cl- concentration decreases from 0.25 M to 1.0× 10-4 M.
Under the experimental conditions employed, i.e., over the Cl-

concentration range studied, R3 is fast enough32,44,50 that
equilibrium between Cl and Cl2

- is maintained as the radicals

S2O8
2- + hν (248 nm)f 2SO4

- (R1)

SO4
- + Cl- f SO4

2- + Cl (R2)

Cl + Cl- a Cl2
- (R3, R-3)

Cl + H2O f HOCl- + H+ (R4)

Cl2
- + H2O f HOCl- + H+ + Cl- (R5)

Cl2
- + Cl2

- f Cl2 + 2Cl- (R6)
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decay. Therefore, the chemistry of both Cl and Cl2
- radicals

contributes tok′0 and the fraction of each radical in the reaction
mixture is determined byK3 and [Cl-]. When [Cl-] is relatively
low, Cl concentrations are substantial and R4 is the dominant
pathway for radical loss. At higher [Cl-], the Cl2-/Cl concentra-
tion ratio becomes very large and, at some point, R5 becomes
a more important loss process than R4 for the radical pool.
Experiments at high Cl- concentrations, where very slow decays
were observed, were carried out with particularly low radical
concentrations (∼10-8 M) to minimize the contribution from
R6 to the observed kinetics; however, it appears that R5 is so
slow that some contribution from R6 could not be avoided.
Under the assumptions (a) that equilibrium between Cl and Cl2

-

is maintained throughout the decay of the radical pool and (b)
that R4 and R5 are the only important processes for destruction
of Cl a Cl2- radicals,k′0 can be expressed as follows:

In eq 1,R andâ are fractions of Cl and Cl2
- radicals defined

as R ) [Cl]/([Cl] + [Cl2-]) and â ) [Cl2-]/([Cl] + [Cl2-]).
Hence eq 1 can be rewritten as:

A plot of k′0 as a function of [Cl-] is shown in Figure 2. The
solid curve in Figure 2 is obtained from the best fit ofk′0 vs
[Cl-] data to eq 2 withk′4, k′5, andK3 as adjustable parameters.
K3 obtained from our fit agrees well with the frequently cited
literature value of 1.4× 105 M-1.32,47 The rate coefficientsk′4
) (1.4 ( 0.2) × 105 s-1 andk′5 ) 40 ( 20 s-1 were obtained
from the fit, where the uncertainties are 2σ and represent
precision only. As compared in Table 2, our value ofk′4 agrees
well with the studies from Klaning and Wolff44 and Yu et al.,32

but it is more than 40% lower than the values reported by
Buxton et al.47 and McElroy.40 Our value ofk′5 is slower than
most literature values,32,40,47,51,52but it is comparable to 2k6[Cl2-]
estimated by using the experimental [Cl2

-] of ∼10-8 M and
the literature valuek6 ∼ 109 M-1 s-1.32,40,49,53,54Hence, in
disagreement with several published values,32,40,47our results

support a very small value for the Cl2
- + H2O rate coefficient.

Taking the value 40( 20 s-1 obtained from the data in Figure
2 as a conservative upper limit, we reportk′5 < 60 s-1; however,
we point out thatk′5 is probably significantly smaller than the
reported limit, since reaction with background impurities and
R6 both probably contribute to the observed slow loss of Cl2

-.
The different radical concentrations employed are likely to

be responsible for discrepancies in the Cl2
- + H2O rate

coefficients reported in the literature. In the study of McElroy40

the concentration of Cl2
- was>10-6 M, i.e., about 2 orders of

magnitude higher than that employed in our study; the reported
Cl2- decay rate of 1300 s-1 was attributed to R5 but was
probably dominated by R6. In the recent study of Yu et al.,32 a
much lower Cl2- concentration of∼10-7 M was employed and
a rate coefficient of<100 s-1 for Cl2- + H2O was reported.

Kinetics of Cl a Cl2- Reactions with DMSO, DMSO2,
MSI, and MS. After the introduction of sulfur species, R (R)
DMSO, DMSO2, MSI, or MS), into the system, the detected
Cl a Cl2- decay rate is enhanced due to the reactions of Cla
Cl2- with the sulfur species. The inset in Figure 1 shows a set
of absorbance temporal profiles observed when varying con-
centrations of DMSO are added to a 10-3 M [Cl-] solution; as
typified by these data, at constant [Cl-] and [S2O8

2-], the
pseudo-first-order decay rate,k′DMSO, increases with increasing
DMSO concentration. As shown in panel a of Figure 3, plots
of k′DMSO - k′0 vs [DMSO] are linear, and their slope gives the
second-order rate coefficient,kDMSO. Using this method, second-
order rate coefficients (kR) for DMSO, DMSO2, MSI, and MS
reactions at different Cl- concentrations were determined; these
second-order rate coefficients are, of course, “composite” rate
coefficients that contain contributions from both Cl+ R and
Cl2- + R. In Figure 3, plots of measuredk′R - k′0 vs [R] for
R ) DMSO, DMSO2, MSI, and MS at different Cl- concentra-
tions are compared. As discussed above,k′0 is a function of
[Cl-], so it was subtracted fromk′R for a better data comparison.
As typified by the data shown in Figure 3, very good linear
relationships betweenk′R - k′0 and [R] were observed for all
Cl- concentrations studied for the DMSO2, MSI, and MS
reactions. The second-order rate coefficients (kR) obtained from
linear-least-squares fits of thek′R - k′0 vs [R] data for the
DMSO, DMSO2, MSI, and MS reactions are summarized in
Table 1. For the DMSO2 and MS reactions (panels b and d in
Figure 3) as well as the more complex DMSO reaction that is
discussed separately below (panel a in Figure 3), the values for
kR were found to decrease with increasing [Cl-], which is
expected because, as mentioned above, the following two

Figure 1. Absorbance temporal profiles detected at 340 nm in the
S2O8

2-/Cl-/hν systems. Experimental conditions: [S2O8
2-] ) 1.45×

10-5 M, [R] ) 0, [Cl-] ) (a) 1.0× 10-2, (b) 1.0× 10-3, and (c) 1.0
× 10-4 M for the main plot; [S2O8

2-] ) 1.45× 10-5 M, [Cl-] ) 1.0
× 10-3 M, [DMSO] ) (d) 0, (b) 5.67× 10-6, and (c) 2.83× 10-5 M
for the inset plot. The solid lines are obtained from linear least-squares
analyses and give the following first-order decay rates (in units of s-1):

(a) 145, (b) 1040, (c) 7850, (d) 850, (e) 1060, and (f) 2590.

k′0 ) Rk′4 + âk′5 (1)

k′0 ) 1

1 + K3[Cl-]
k′4 +

K3[Cl-]

1 + K3[Cl-]
k′5 (2)

Figure 2. Plot of measured first-order decay rates (k′0) versus [Cl-]
in the S2O8

2-/Cl-/hν system. The solid curve is the best fit of the data
to eq 3 in the text, and gives the parametersk′4 ) (1.4 ( 0.1) × 105

s-1, k′5 ) 40 ( 20 s-1, andK3 ) (1.4( 0.1)× 105 M-1; uncertainties
are 2σ and represent precision only.
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reactions both contribute to the observed decay of 340 nm
absorbance:

The relative contribution of R7 and R8 to the observed kinetics
is determined by the Cl- concentration and the equilibrium
constant for Cl + Cl-aCl2-. Similar to the studies of
background decay of ClaCl2- in water, fits ofkR vs [Cl-] data
to eq 3

assumingK3 ) 1.4 × 105 M-1 (see above) give the second-
order rate coefficientsk7 and k8 for the DMSO2 and MS
reactions (note thatk′R ≡ kR[R] + k′0). Plots ofkDMSO2 vs [Cl-]
andkMS vs [Cl-] along with fits of the data to eq 3 are shown
in Figure 4; values fork7 andk8 obtained from these data fits
are summarized in Table 2.

Unlike the studies of the DMSO2 and MS reactions, as shown
in panel c of Figure 3, the measured second-order reaction rate

coefficient for the MSI reaction is found to be independent of
the concentration of Cl- over the range 10-4-10-2 M. The solid
line shown in panel c of Figure 3 is obtained from a linear least-
squares analysis of all the data shown in the plot; the slope of
the solid line gives a value of (8.2( 0.4)× 108 M-1 s-1, which
is very close to an average of the individual rate coefficients
measured at each [Cl-] (8.25 × 108 M-1 s-1). Over the [Cl-]
range investigated, the fraction of Cla Cl2- that exists as Cl2

-

at equilibrium varies from∼93% at low [Cl-] to >99.9% at
high [Cl-]. Our results demonstrate that the Cl2

- + MSI reaction
is sufficiently fast that it dominates the observed reactivity at
all chloride concentrations investigated. As a result, no informa-
tion about the kinetics of the Cl+ MSI reaction is obtainable
from our data. Unfortunately, it is not possible to employ even
lower Cl- concentrations to study the MSI+ Cl reaction,
because (a) the production rate of Cla Cl2- radicals from the
SO4

- + Cl- reaction will be too slow when compared to the
decay rate of radicals, which makes it difficult to derive the
first-order decay rate of the radicals, and (b) the very fast

Figure 3. Plots ofk′R - k′0 vs R for R) [DMSO] (a), [DMSO2] (b), [MSI] (c), and [MS] (d) at different [Cl-]. The solid lines are obtained from
linear least-squares analyses and give rate coefficients that are summarized in Table 1.

TABLE 1: Summary of Second-Order Rate Coefficients,kR,
for the DMSO, DMSO2, MSI, MS, and H2O Reactions with
Cl a Cl2- at All Studied Cl- Concentrationsa

kR (M-1 s-1)

[Cl-] (M) water R) DMSO MSI DMSO2 MS

1 × 10-4 150 3.88× 108 7.45× 108 61100 37600
2.0× 10-4 75 22600
2.5× 10-4 64 1.93× 108 8.86× 108

5 × 10-4 37 9.56× 107 8.41× 108 16400
1 × 10-3 17 7.47× 107 7.48× 108 18700 10300
2.5× 10-3 8.4 3.43× 107 8.58× 108

5 × 10-3 4.5 1.42× 107 7780
1 × 10-2 3.3 1.40× 107 8.69× 108 6800
5 × 10-2 1.8 6200
0.1 0.9
0.25 0.8

a The rate coefficient for R) H2O is referred to ask0 in the text.

Figure 4. Plot of measured rate coefficients (kR) for DMSO ()),
DMSO2 (0), and MS (O) reactions as a function of [Cl-]. The solid
curves are obtained from fitting each set of data to eq 3 in the text. For
MS reactions, the dashed curve is for data corrected to the zero ionic
strength limit.

Cl + R f products (R7)

Cl2
- + R f products (R8)

kR ) 1

1 + K3[Cl-]
k7 +

K3[Cl-]

1 + K3[Cl-]
k8 (3)
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background decay of Cl due to its reaction with H2O makes it
hard to assess the relatively small change in the pseudo-first-
order decay rate induced by the reactions of MSI with Cl and
Cl2-. In summary, the measured rate coefficient of (8.2( 0.4)
× 108 M-1 s-1 is attributable to the MSI+ Cl2- reaction.

Since the reactions of Cl2
- with MSI and MS both involve

two negatively charged reactants, the measured rate coefficients
are expected to increase with increasing ionic strength. Fur-
thermore, high concentrations of MS were used because the MS
+ Cl2- reaction is extremely slow. Thus, ionic strength effects
are expected to have a major impact on the measurement of
the MS+ Cl2- rate coefficient, but only a very minor impact
on the measurement of the MSI+ Cl2- rate coefficient. In
relatively low ionic strength solutions such as those employed
in this work (always less than 0.1 M and usually less than 0.01
M), the following relationship is approximately obeyed if both
reactants are singly charged:55

wherek is the measured rate coefficient,k0 is the rate coefficient
in the limit of zero ionic strength,µ is the ionic strength

wherezi is the charge of speciesi. In eq 4,X is a collection of
physical constants with a value of 0.506 at 295 K in water
solvent:56,57

whereF is the Faraday constant,NA is Avogadro’s number,F
is the mass density of the solvent,b° is the standard state
molality (1 mol kg-1), andε is the permittivity of the solvent.

In the analysis of our data for the MSI and MS reactions, eq
4 was used to convert each measured rate coefficient to an
appropriate value for the limit whereµ f 0. For the MSI
reactions, all measured first-order rates were corrected to the
zero ionic strength limit using eq 4. However, the data analysis
method for MS reactions is not that straightforward. It is worth
noting that the rate coefficients for MS+ Cl and MS+ Cl2-

both contribute to each measured rate coefficient for MS studies,
but the former one is not expected to be significantly dependent
on ionic strength under the experimental conditions employed
in this study, i.e., we assume that only reactions where both

reactants are charged will display significant ionic strength
dependences for the rate coefficients in solutions with ionic
strengths less than 0.05 M. Hence, the measured pseudo-first-
order decay rates for the MS reactions are corrected to the zero
ionic strength limit by assuming thatkMS+Cl is independent of
ionic strength and correcting onlykMS+Cl2-. We used the
following iterative method to correct the pseudo-first-order rate
from MS + Cl2- to the zero ionic strength limit (primed rate
coefficients are pseudo-first order and unprimed rate coefficients
are second order): (1) linear least-squares analysis of the
measuredk′MS

(1) vs [MS] data giveskMS
(1) (the superscript means

iterationi), andkMS+Cl
(1) andkMS+Cl2

-(1) are obtained by fitting
the kMS

(1) vs [Cl-] data to eq 4; (2) then corrected values for
pseudo-first-order decay rates for MS+ Cl and MS+ Cl2- at
each [Cl-], k′MS+Cl

(1) and k′MS+Cl2
-(1), are evaluated based on

K3 and kMS+Cl
(1) and kMS+Cl2

-(1); (3) eq 4 is used to correct
k′MS+Cl2

-(1) to the zero ionic strength limit givingk′MS+Cl2
-(0)

(1)

(the subscript means 0 ionic strength); and (4) the total pseudo-
first-order decay rate in the zero ionic strength limit,k′MS(0)

(2),
is calculated fromkMS+Cl

(1) andk′MS+Cl2
-(0)

(1), and can be used
as the initial input of the next iteration. When the values of
kMS+Cl and kMS+Cl2

-(0) after iterationn differ by less than 2%
from those after iterationn - 1, they are adopted as the final
results for the MS+ Cl and MS+ Cl2- rate coefficients in the
zero ionic strength limit.

In Figure 4 the original data (open circles) and those corrected
to the zero ionic strength limit (filled circles) for MS reactions
are compared. As expected, the differences between the original
and the corrected data are evident only on the right side of the
plot where the MS+ Cl2- reaction is dominant in the system,
but are negligible on the left side of the plot, where the MS+
Cl reaction is more important in determining the measuredkMS.
As expected, the corrected MS+ Cl rate coefficient is very
close to the one obtained from the original data, while the
corrected rate coefficient for the MS+ Cl2- reaction in the
zero ionic strength limit is about 40% lower than that obtained
from the original data. For the very fast MSI reaction, the rate
coefficient in the zero ionic strength limit is only about 3%
lower than the value obtained from the original data. The kinetic
data for the MSI and MS reactions with Cl2

- listed in Table 1
are corrected to the zero ionic strength limit.

In the studies of DMSO reactions, it was found that the
observed pseudo-first-order decay rate,k′DMSO, becomes almost
independent of DMSO concentration at high Cl- concentrations,
as typified by the data in panel a of Figure 3 for [Cl-] ) 0.025
M. Two published studies27,28 have demonstrated that DMSO
reactions with both Cl and Cl2

- lead to the production of the
DMSO-Cl adduct, a species that absorbs at 340 nm with an
extinction coefficient of∼4000 M-1 cm-1, i.e., about half of
that for Cl2-.32,37 Therefore the appearance of the DMSO-Cl
adduct from both DMSO reactions can contribute to the detected
absorbance and interfere with the measurement of the desired
rate coefficient. In addition, as the DMSO concentration
increases, DMSO consumes an increasing fraction of SO4

-

radicals:

Studies of the kinetics of R9 by Kishore and Asmus58 and by
our group26 agree well and indicate thatk9 ∼ 3.0 × 109 M-1

s-1 at room temperature, and Kishore and Asmus58 have
observed the UV absorption spectrum of the product DMSO+.
Assuming a rate coefficient of∼3 × 108 M-1 s-1 48,59 for the
SO4

- + Cl- reaction (R2), it appears that over half of the SO4
-

radicals react with DMSO when [DMSO]) 0.1[Cl-]. The

TABLE 2: Summary of Kinetics Results for the Reactions
of Cl and Cl2- with R

k (M-1 s-1)

this worka lit. value ref

Cl + R R ) H2O (2.5( 0.4)× 103 4.5× 103 40, 47
2.9× 103 32, 44

R ) DMSO (6.3( 0.6)× 109 7.0× 109 b 28
R ) DMSO2 (8.2( 1.6)× 105

R ) MS (4.9( 0.2)× 105

Cl2- + R R ) H2O < 1.1 24 40, 47
< 1.8 32

R ) DMSO (1.6( 0.8)× 107 1.2× 107 27
R ) DMSO2 (8.2( 5.5)× 103

R ) MS (3.9( 0.7)× 103 c

R ) MSI (8.0( 1.0)× 108 c

a All uncertainties are 2σ and represent precision of the least-squares
analysis of the data.b In CCl4 solvent.c Data are corrected to the zero
ionic strength limit.

log k ) log k0 + 2Xµ1/2

1 + µ1/2
(4)

µ ) 0.5∑
i

(zi
2[i]) (5)

X ) [F3/4πNA ln(10)](Fbo/2ε
3R3T3)1/2 (6)

SO4
- + DMSO f DMSO+ + SO4

2- (R9)
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DMSO+ radical produced from R9 reacts with Cl- at a rate
close to the diffusion controlled limit to produce the DMSO-
Cl adduct:27

Because of the high Cl- concentration (g10-2 M) employed
in this study, the equilibrium R10, R-10 facilitates the
production of DMSO-Cl, and the production of Cl2

- is reduced
as the DMSO concentration increases. The contribution of
DMSO-Cl to the detected absorbance becomes dominant when
[DMSO]/[Cl-] g 0.5, i.e., more than 80% of SO4

- reacts with
DMSO to produce DMSO-Cl through R9 and R10 without
involving Cl2- radicals. Under such conditions, the detected
absorbance is primarily from DMSO-Cl and the observed
absorbance and decay rates cannot be used to derive the Cla
Cl2- + DMSO reaction kinetics. Based on the above analysis,
only data obtained for [Cl-] < 10-2 M were fit using eq 3 to
obtain rate coefficients for DMSO reactions with Cl and Cl2

-.
The only available data with which to compare our results

are one study each on DMSO+ Cl 28 and DMSO+ Cl2-.27

Sumiyoshi and Katayama28 employed a pulse radiolysis method
to study the Cl+ DMSO reaction in carbon tetrachloride
solvent, and report a rate coefficient of (7.0( 0.5)× 109 M-1

s-1. They also found that the reaction product is the three-
electron-bonded DMSO-Cl adduct that possesses an absorption
spectrum with a maximum around 400 nm. Kishore and Asmus27

also used a pulse radiolysis technique and evaluated DMSO+
Cl2- kinetics in aqueous solution from the pseudo-first-order
decay of the absorbance measured at 330 nm in experiments
with high [Cl-] (0.05 M). They report a rate coefficient of (1.2
( 0.2) × 107 M-1 s-1 for the DMSO+ Cl2- reaction, about
25% lower than the value we report here. However, they did
not provide important details of the kinetics experiments, i.e.,
concentrations of DMSO and absorbance decay time scales in
their paper. Hence, it is not possible to make informed comments
concerning reasons for the relatively small difference in the rate
coefficients reported in the two studies.

Spectroscopic Studies of the Aqueous Phase DMSO-Cl
Adduct Radical. To obtain a better understanding of the
complicated mechanisms involved in our studies of DMSO
reactions with Cla Cl2-, especially at high Cl- concentrations,
the absorption spectrum of DMSO-Cl was studied over the
wavelength range 320 to 500 nm. All experiments were carried
out under conditions where [Cl-] ) 0.01 M, [S2O8

2-] ) (1-2)
× 10-5 M, and the solutions were unbuffered with pH∼5.5.
[DMSO] > 0.6[Cl-] was used to achieve maximum production
of DMSO-Cl and minimum Cl2- production in the solution
since, as discussed above, it was found that the observed
absorbance becomes independent of [DMSO] when [DMSO]/
[Cl-] g 0.6 at a constant [Cl-], indicating that all SO4- reacts
with DMSO and produces DMSO-Cl through R9 and R10.
By comparing the wavelength dependence of the observed
absorbance when DMSO is absent to that when DMSO is
present with a concentrationg0.6[Cl-], the absorption spectrum
of DMSO-Cl could be derived based on the assumption that
the only important loss of SO4- radicals in the system is from
the reactions with DMSO and Cl- (i.e., self-reaction and
reactions with S2O8

2-, water, or any impurities in the solvent
are negligible).

An important factor in determining the DMSO-Cl spectrum
is the concentration of Cl-, which controls the product yield of
DMSO-Cl. Due to the equilibrium reactions Cl- + DMSO+

a DMSO-Cl (R10, R-10), DMSO+ and DMSO-Cl radicals
coexist in the system after fast decay of SO4

- via DMSO +

SO4
-, and the fraction of each radical is controlled by [Cl-].

The equilibrium constant (K10) for DMSO+ + Cl- a DMSO-
Cl is reported to be 560 M-1 at pH∼2.27 Under the experimental
conditions employed in this work, i.e., pH∼5.5, the “effective”
K10 is found to be reduced to 330( 40 M-1 because the
equilibrium is perturbed by the occurrence of the following two
reactions:

where the loss of DMSO+ through R11 is driven by the fast
nonreversible dissociation58 of DMSO-OH occurring at a rate
of ∼107 s-1. Therefore, it is estimated that, after SO4

- has
reacted away, only∼76% of total radicals exist as DMSO-Cl
while the remainder exist as DMSO+. The spectrum of DMSO+

is reported as a broad unstructured band58 with a peak
absorbance around 300 nm and a peak extinction coefficient of
1800 M-1 cm-1; hence, it is always a very minor contributor
to the observed absorbance. Under the assumption that the total
radical concentration is determined from the concentration of
SO4

- after the laser flash, i.e., all SO4
- is converted into either

DMSO-Cl or DMSO+, the following expression can be
derived:

whereA0 is the maximum absorbance (from SO4
-) observed

after the laser flash when [DMSO]) [Cl-] ) 0 andADMSO-Cl

is the analogous absorbance when DMSO and Cl- are present
in the solution with a ratio of>0.6. ThenεDMSO-Cl could be
obtained from the observed peak absorbancesADMSO andA0 as
well as the extinction coefficient of SO4- at each studied
wavelength. The spectrum of SO4

- has been widely studied
before, and since the extinction coefficients from these studies
vary by nearly 30%, we have decided to use the average of the
three studies by Hayon et al.,60 Tang et al.,38 and Yu et al.32

The reference extinction coefficient for SO4
- and the obtained

εDMSO-Cl/εSO4
- ratio at all wavelengths studied in this work are

summarized in Table 3. The DMSO-Cl absorption spectrum

TABLE 3: Reference Extinction Coefficients of SO4
- and

EDMSO-Cl/ESO4
- Ratios Obtained from This Work

wavelength (nm) εSO4
- (M-1 cm-1)a εDMSO-Cl/εSO4

-

320 666 1.8
330 694 2.6
340 730 3.4
350 760 4.3
360 805 5.1
370 865 6.0
380 946 5.9
390 1054 5.5
400 1161 4.8
410 1252 3.9
420 1313 3.3
430 1360 2.7
440 1388 2.3
450 1367 2.0
460 1324 1.8
470 1233 1.6
480 1096 1.6
490 960 1.4
500 805 1.2

a Obtained from the average of studies from Hayon et al.,60 Tang et
al.,38 and Yu et al.;32 uncertainties are estimated to be(20%.

DMSO+ + H2O a DMSO-OH + H+ (R11, R-11)

DMSO-OH f CH3 + CH3S(O)O- + H+ (R12)

εDMSO-Cl

εSO4
-

)
K10[Cl-] + 1

K10[Cl-]

ADMSO-Cl

A0
(7)

Cl- + DMSO+ a DMSO-Cl (R10, R-10)
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obtained from the data listed in Table 3 is compared with the
spectrum reported by Kishore and Asmus27 in Figure 5. To
accentuate the difference in the shapes of the spectra, peak
extinction coefficients are normalized to one. Our DMSO-Cl
spectrum has a broad, unstructured band with a maximum
absorbance around 390 nm and a peak extinction coefficient of
5760 M-1 cm-1; the full-width-at-half-maximum for the spec-
trum we observe is somewhat narrower than that for the
spectrum reported by Kishore and Asmus.27 Kishore and
Asmus27 used the pulse radiolysis technique and reported the
spectrum in the form ofG × ε vs wavelength (G denotes the
number of species generated or transformed per 100 eV energy
uptake and is approximately 2.8 in their work). They reported
a maximum absorbance at 390 nm and estimated a peak
extinction coefficient in the range of 5000-7000 M-1 cm-1;
they also pointed out that this is a typical extinction coefficient
range for the structurally similar>S∴X type and other three-
electron-bonded radical species.27,61-63

Analysis of Systematic Errors. Derivation of rate coef-
ficients for DMSO, DMSO2, and MS reactions with Cl and Cl2

-

employed eq 3, so the equilibrium constant (K3) for Cl + Cl-

a Cl2- (R3, R-3) is an important parameter in this kinetics
study. A value of 1.4× 105 M-1 for K3 was adopted for all
data analyses, based on a collection of studies32,40,47,50,64as well
as our studies of degradation of Cla Cl2- in water; the
contribution of uncertainties inK3 to the rate coefficients
determined from eq 3 is estimated to be<10%. The loss of Cl
and Cl2- radicals from reactions with impurities in the samples
of Cl-, S2O8

2-, and sulfur species is another potentially
significant source of systematic error. From the very slow decay

rate of radicals at high Cl- concentrations (where Cl2
- is the

dominant radical), reactions of Cl2
- with impurities in the

S2O8
2- and Cl- samples are estimated to have an insignificant

effect on observed kinetics. The DMSO sample purity was high
and the reactions of DMSO with Cl and Cl2

- are fast, so it is
very unlikely that impurity reactions affected the determination
of the DMSO rate coefficients. The MS and DMSO2 samples
both had stated minimum purities of 98%, and the reactions of
these two species with Cla Cl2- were found to be very slow;
hence it cannot be ruled out that the observed kinetics are
affected by a minor reactive impurity in the sample (for example,
DMSO or MSI). For this reason, the kinetics results obtained
for DMSO2 and MS reactions should be strictly considered as
upper limits. The MSI sample had a stated minimum purity of
g97% (impurities unknown). Since MSI is found to be very
reactive with Cl2-, small amounts of even highly reactive
impurities will not noticeably affect the observed kinetics.
However, to allow for unidentified systematic errors, we increase
the uncertainty somewhat over that due to precision only and
report a rate coefficient for the MSI+ Cl2- reaction of (8.0(
1.0) × 108 M-1 s-1 at 295 K.

In the studies of the DMSO-Cl spectrum, the most significant
error comes from uncertainties in the extinction coefficients of
SO4

- adopted as the reference. We used the average of three
studies32,38,60 for the SO4

- absorption spectrum; uncertainties
on εSO4

- obtained with this method are estimated to be∼20%.
Other possible sources of systematic error include absorbance
ratios listed in Table 3 (<5%), the employment of an effective
K10 in eq 6 (<5%), and loss of SO4- from reactions with
background impurities (<5%). Hence, the uncertainty in the
extinction coefficients reported in this work is conservatively
estimated to be(30% at all wavelengths where the DMSO-
Cl extinction coefficient is more than 10% of its peak value.

Reactivity Trends. The kinetics results from this study show
reactivity trends consistent with those obtained from our two
previous studies of SO4- and OH reactions with organic sulfur
compounds,16,26as well as other literature studies of the kinetics
of aqueous phase radical reactions with organic sulfur com-
pounds. The less oxidized sulfur compounds DMSO and MSI
are more reactive toward both Cl and Cl2

- radicals than the
more oxidized sulfur compounds DMSO2 and MS. With the
exception of the very reactive (and therefore less selective)
species MSI, the Cl radical is more reactive than the Cl2

- radical
by almost 2 orders of magnitude toward the same sulfur
compound. This is consistent with the trend observed for Cla
Cl2- reactions with many organic compounds.65,66

Figure 5. Absorption spectra of the DMSO-Cl adduct from this work
(solid circles) and from the study of Kishore and Asmus27 (open circles).

TABLE 4: Estimated Lifetimes of DMSO, DMSO2, MSIA/MSI, and MSA/MS toward (a) Gas Phase Destruction via Reactions
with OH, NO 3, and Cl, (b) Uptake into Aerosols under Remote Tropospheric Conditions, and (c) Aqueous Phase Destruction
via Reactions with SO4

-, OH, Cl, and Cl2- Radicals

τx (h)

process radical concna DMSO DMSO2 MSIA/MSI MSA/MS

OH(g) + X(g)b 1 × 106 cm-3 3-5 >960 3-5 slow
NO3(g) + X(g)b 7 × 106 cm-3 72-240 >18000 fast slow
Cl(g) + X(g)b 5 × 103 cm-3 730 >2.3× 106 fast slow
X(g) f X(aq)c 1-15 1-15 1-15 1-15
SO4

-(aq)+ X(aq)d 1 × 10-12 M 0.7 >570 1.2 2.5× 105

OH(aq)+ X(aq)d 6 × 10-13 M 0.6 >200 0.5 340
Cl(aq)+ X(aq)d 1 × 10-13 M 3.5 >27000 45000
Cl2-(aq)+ X(aq)d 1 × 10-11 M 14 >27000 0.3 57000

a The radical concentrations refer to the following: global diurnally averaged OH concentration;71 typical diurnally averaged NO3 concentration
in remote locations;72 estimated global diurnally averaged Cl concentration;73,74 Typical diurnally averaged SO4-, OH, Cl, and Cl2- concentrations
in marine boundary layer cloud droplets.30,31 b Gas-phase lifetimes are calculated by using kinetic information from studies by Kukui et al.,68

Urbanski et al.,69 Barnes et al.,75 Hynes and Wine,76 and Falbe-Hansen et al.77 c Mass transfer is estimated from field observations in the Antarctic
troposphere by Jefferson et al.78 d Aqueous phase lifetimes are calculated by using kinetic data from Zhu et al.,16,26 Flyunt et al.,23 and this work
based on the assumption that marine boundary layer aerosol particles spend about 3 h per day as cloud droplets.67
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Implications for Atmospheric Chemistry. The implications
of the results reported in this study for atmospheric chemistry
are summarized in Table 4. Listed in this table are estimated
lifetimes of DMSO, DMSO2, MSI, and MSA toward (1) gas-
phase destruction via reactions with OH, NO3, and Cl, (2) uptake
into aerosols under remote tropospheric conditions, and (3)
aqueous phase destruction via reactions with SO4

-, OH, Cl, and
Cl2- radicals at 295 K. All aqueous phase lifetimes were
calculated from the rate coefficients obtained in our studies,
i.e., this work and two previous studies of OH and SO4

-

kinetics.16,26 It is worth noting that while the radical concentra-
tions given in Table 4 are reasonable estimates for the specified
environments (see footnotes in the table), these concentrations
are subject to considerable variability depending upon the
average solar zenith angle and the chemical composition of the
environment. An important assumption used in the estimation
of lifetime of the sulfur species in the condensed phase is that
aerosol particles spend only a fraction of their time, estimated
to be 3 h per day under marine boundary layer conditions, as
aqueous droplets.67

OH is the most important radical for oxidizing gas-phase
DMSO in the atmosphere. Uptake of DMSO into the condensed
phase occurs at about the same rate as OH-initiated gas-phase
oxidation, so these processes are both important sinks for gas-
phase DMSO. In the aqueous phase, oxidation of DMSO by Cl
and OH is so efficient that the lifetime of DMSO in the aqueous
phase is estimated to be a few minutes. Hence, gas-phase losses
are rate-limiting for DMSO removal from the atmosphere, and
the global average lifetime of DMSO can be evaluated by
considering the two parallel channels for gas-phase removal;
this lifetime is estimated to be 2-4 h. The lifetime of small
cloud droplets is similar in magnitude to the DMSO residence
time in a droplet, so it is likely that atmospheric DMSO cycles
between the gas and condensed phases as cloud droplets go
through evaporation/condensation cycles.

MSIA (MSI) is a very reactive intermediate produced during
DMS oxidation, and there are no field measurements of
atmospheric MSIA (MSI) concentrations available. However,
it has been demonstrated in numerous laboratory studies that
MSIA/MSI is the primary product from DMSO oxidation by
OH radicals in both the gas phase68,69 and the aqueous
phase.17,19,21As listed in Table 4, gas-phase MSIA is very short-
lived and appears to be oxidized by the OH radical at about the
same rate as DMSO.68 In the aqueous phase, oxidations of MSI
by OH, SO4

-, and Cl2- are all very efficient processes for
removing MSI from the atmosphere. The oxidation of MSI in
the aqueous phase has been proposed to be the primary source
of MS;70 our kinetic result for the MSI+ Cl2- reaction suggests
that this reaction dominates MSI+ OH and is the primary
removal channel of MSI due to the high concentration of Cl2

-

in marine cloud droplets; the MSI+ Cl2- reaction appears to
account for about 55% of MSI removal while the MSI+ OH
reaction appears to contribute only∼30%.

The more oxidized DMSO2 and MS are not as reactive as
DMSO or MSIA/MSI in either the gas phase or the condensed
phase, so it has been proposed that they are two of the stable
end products from atmospheric DMS oxidation, and uptake into
condensed phases is the most efficient process to remove them
from the gas phase. The data listed in Table 4 suggest that OH
is the only important oxidant for DMSO2 and MS, giving a
similar lifetime of about 10 days, which is comparable to the
typical lifetime of marine aerosolsτaerosol(∼6 days). Therefore
it is quite possible that a significant fraction of DMSO2 and
MS is oxidized to produce the more stable product SO4

2- during

the particle lifetime toward deposition, particularly under free
tropospheric conditions where particle lifetimes are longer than
in the boundary layer. In particular, it appears that the OH-
initiated oxidation of MS to SO42- needs to be properly
accounted for to correctly interpret field observations of the MS-
to-NSS (non-seasalt sulfate) ratio in atmospheric aerosols. A
recent modeling study by von Glasow and Crutzen70 arrived at
the same conclusion.
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