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one in Figure 11 and the correlation fails for CH,CHCI and
CH,CF,. Carbenes, especially SiCl,, exhibit a similar ordering
of rate constants for this series of olefins.?** The increase in
rate constants of singlet carbenes with methyl substitution of C,H,
has been interpreted as a consequence of inductive donation of
electrons to the 7 system by methyl. Thus, the = system more
readily coordinates with the vacant p orbital of the singlet carbene.
Conversely, halogen substitution withdraws electrons from the
7 system and reduces the rate constants. These rather complicated
electronic effects are approximately represented by the trend in
ionization energies.*! This correlation for the rate constants of
NF(a'A) confirms a carbenelike reactivity and evidently the =
system of the olefin donates an electron pair to the vacant orbital
of the «,*~m,? component to initiate the addition reaction of NF(a).
Just as for carbene reactions, this step is followed by interaction
of the electron pair initially on NF(a) with the olefin to complete
the addition reaction.

Conclusions

The room temperature quenching rate constants for NF(a) span
a range from ~1 X 1077 for N; to 2.6 X 107! cm? s7! for tri-
methylamine and trimethylbismuth. In general, the quenching

(39) Safarik, [.; Ruzsicska, B. P.; Jodhan, A.; Strausz, O. P.; Bell, T. N.
Chem. Phys. Lett. 1985, 113, 71.

(40) Cha, J. O.; Beach, D. B; Jasinski, J. M. J. Phys. Chem. 1987, 91,
5340.

(41) Baggott, J. E.; Blitz, M. A; Frey, H. M,; Lightfoot, P. D.; Walsh,
R. J. Chem. Soc. Faraday Trans. 2 1988, 84, 515.

rate constants are not so large as to preclude using NF(a) as a
gas-phase energy storage molecule. A comprehensive correlation
was found between the quenching rate constants and the proton
affinity values for reagent molecules that can act as bases, i.e.,
those containing oxygen and nitrogen. A less extensive correlation
was found between the rate constants and the ionization energies
for alkenes. These correlations and the absence of any H/D kinetic
isotope effect upon the rate constants strongly suggest that
chemical interactions control the quenching rate, rather than a
physical E-V quenching mechanism. The correlation of rate
constants with base strengths of the reagent implies that the
,2-,? component of the NF(a) structure is more important than
the =7, biradical component, as is expected from the ordering
of the 'A’ and 'A” potentials correlating to NF(a'A) + Q. The
quenching rate constants for NO and NO, are small, which is
further evidence that the x,x, component is not very reactive even
with radicals. Considerable effort was expended to characterize
the bimolecular self-quenching of NF(a), and a rate constant of
(5 £ 2) X 10712 cm® molecule™ s7! is favored. Energy pooling
to give NF(b) and NF(X) is a minor component to the self-
quenching process. The products presumably are N, and F, (or
2F) or stepwise relaxation giving NF(X) and NF(a). The 2F +
HN; reaction system was shown to be a suitable source for studies
of NF(a) at 200 K, as well as at 300 K.
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Kinetic spectroscopic techniques were employed to investigate the reactions of the SO, and Cl,” radicals following photolysis
of K,S,04~NaCl solutions at 248 nm. The extinction coefficient of SO,~ was estimated to have a value of (1.6 + 0.1) X
103 M1 cm™! (base 10) at 450 nm, its wavelength of maximum absorbance. A mechanism is proposed which accounts for
the observed decay of Cl,” in aqueous solution. Several rate coefficients have been determined at 20 °C: k(SO, + CI)
= (2.7 £ 0.4) X 108 M!5™! (at zero ionic strength), 2k(Cl,” + Cl,”) = (1.4 £ 0.2) X 10° M~! 57! (at zero ionic strength),
k(Cly” + H,0) = (1.3 £ 0.1) X 10% s}, and &(Cl + H,0) = (2.5 £ 0.2) x 10°s7%,

Introduction

The aqueous oxidation of SO, to form sulfuric acid is of fun-
damental importance in the atmosphere since this process exerts
a considerable influence on the composition and, in particular,
the acidity of cloud and rainwater.! Many uncertainties still
remain with regard to the kinetics and mechanisms of SO, oxi-
dation,>? and their elucidation is particularly important if ex-
perimental measurements are to be extrapolated to atmospheric
conditions which are much more complex than simpler laboratory
systems.

It has been proposed that radicals such as SO;~, SO, and SO~
are key intermediates in the autoxidation of aqueous solutions of
SO,.* While the available literature on this process is extensive,

the mechanism has yet to be fully resolved.>* Chloride ion is
a major component of cloud and rainwater in maritime air masses.
Reaction of the SO, radical with CI~ leads to the production of
the dichloride ion, Cl,.

SO, + CI-— SO + Cl 1
Cl+CI = Cly 29

The impact of chloride ion on the rate of SO, oxidation is de-
pendent on the subsequent fate of the Cl;™ radical and also the
mechanism of the autoxidation reaction itself.3

Kinetic studies of the reaction of SO, with CI~ have been
carried out previously using flash photolysis or pulse radiolysis
techniques.®'® Under second-order conditions the accuracy of
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Figure 1. Flow diagram of laser photolysis apparatus.

the absolute value of the rate coefficient is limited by uncertainty
regarding the extinction coefficient of SO,~. Literature values!!!2
extend from 450 to 1600 M~! cm™! (base 10) at 450 nm, the
wavelength of maximum absorbance.

Quantitative rate data for the decay of Cl,” in aqueous solution
have been confined mainly to the self-reaction, for which published
rate coefficients (2k;) range from 7 X 107 to 2 X 10 M1 57!
at 25 °C.1*17

Cly + Cly” — Cl, + 2CI° 3)

An alternative mechanism has recently been proposed!” to account
in part for the loss of Cl,~.

Cly = Cl+ CI 2)
Cl + H,0 = H* + HOCI- (4)
HOCI- = OH + CI (5)

Experimental observations!” are not entirely consistent with this
mechanism, particularly the apparent absence of any dependence
on pH.

In the present work, the extinction coefficient of SO, at 450
nm has been measured by using laser photolysis of aqueous K,S,04
solutions at 248 nm as a radical source. Kinetic spectroscopic
techniques have been employed to obtain a direct determination
of the rate coefficient for reaction 1. The subsequent decay of
Cl,” has been investigated.

Experimental Section

Laser Photolysis Apparatus. A Lambda Physik Exciner
Multigas laser (EMG 101) operating at 248 nm (KrF) has been
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used as the photolysis source. This laser system produces an
optimum output of 250 mJ per pulse (equivalent to a peak power
of 15 MW), with a pulse half-width of 16 ns and a beam cross-
sectional area of 250 mm?.

The laser irradiated a low-fluorescence quartz cell of internal
dimensions 10 X 11 X 4 mm (length X height X width) mounted
in a thermostated aluminum block and connected so that the
reagent solution could flow through the cell (Figure 1). Typical
flow rates were in the range 5-15 mL min~'. The body of the
cell was blackened so that only the windows were transparent to
radiation. The optical path length with respect to the laser beam
was 4 mm and the center of the cell was 30 cm from the laser
window. Absence of any dead volume and the flat density profile
of the laser beam ensured uniform irradiation of reactant solutions.

Transient species produced as a consequence of photolysis of
reactant solutions were monitored in absorption by kinetic spec-
trophotometry. A high-pressure xenon arc lamp (Thorn EMI
XE/D 250 watt) with a regulated power supply iREM E2X20P)
was used as the light source. Collimated light from the arc passed
through the photolysis cell onto the entrance slit of an Applied
Photophysics M300 high-radiance monochromator which is an
f/4 200 mm focal length symmetrical Czerny-Turner Unit op-
erated in the first order with a slit width of 0.25 mm and a spectral
resolution of 4 nm mm™.

Absorbance signals were detected by means of an RCA P28
photomultiplier tube having an S-5 spectral response. The tube
was typically run at 500-600 V with the output developed across
a 5-kQ anode load resistor before being biased and fed to a fast
analog to digital converter (Datalab Transient Recorder Model
DL905) with a maximum sampling speed of 5 MHz. A time
constant of ~3 us was measured for the complete detection circuit.
The self-masking design of the cell together with the narrow
bandwidth of the monochromator resulted in a negligible amount
of scattered light from the laser falling on the photomultiplier.
A flexible plastic bellows connected the laser to the cell housing
so that the laser beam was totally enclosed and mechanical noise
generated by the laser gas circulation fan was decoupled from the
detection system.

A trigger pulse from the laser control circuit initiated the
recording cycle. Data from the transient recorder were transferred
via a 1-MHz bus to a BBC Master Series Microcomputer which
was capable of signal accumulation at a rate in excess of two
experiments per second. Averaged signals were stored on floppy
disk for subsequent analysis. Unless otherwise stated, all ex-
periments were an average of 128 single events and were carried
out at 20 °C. A laser repetition rate of 1 Hz ensured that the
entire volume of the cell was swept out after two pulses. The extent
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of photolysis of K,S,0; was less than 0.1% per pulse. Laser
discharge voltages were in the range 27-33 kV.

Reagents. Solutions were prepared using water with resistivity
>18 MQ. K,S,0q4 (Fluka puriss. p.a., >99.5%; <0.005% CI°),
NaCl (BDH AnalaR grade, >99.9%) HC! (BDH Convol,
>99.9%), and N,O (Matheson Research Grade >99.5%) were
used without further purification. Argon (Air Products high-purity
grade) was passed through a rare gas purifier (BOC Mk 4).

The major impurity in all available sources of K,S,0 is sulfuric
acid and it was this which predominantly controlled the pH in
all experiments where HCl was not used. A 4 X 10”! M solution
of K,8,05 had a pH of ~3.8 which is equivalent to an H,SO,
content of ~0.2%.

Determination of Extinction Coefficients. The extinction
coefficient of the sulfate radical anion, ¢g,, was determined by
comparison with that of Cl,”. The absorption of SO, at 450 nm
was monitored following the photolysis of a 2 X 1072 M K,,S,04
solution. Similarly the absorption of Cl,~ was monitored at 340
nm following the photolysis of a solution containing 1 X 107 M
NaCl and 2 X 1072 K,S,0,. Laser pulse energies were identical
in both experiments and each experiment was repeated six times.
Absorbances were measured 10 ps after the laser pulse. The effect
on ego,- of varying both the S,05>" and Cl- concentrations was
investigated over the ranges (1-4) X 102 and (1-10) X 1073 M,
respectively.

Determination of Rate Coefficients. The reaction of SO,~ with
CI” was investigated by monitoring the decay of the sulfate radical
at 480 nm following photolysis of 2 X 10-2 M K,S,0; in the
presence of 5 X 107> M NaCl. The effect on the second-order
rate constant of doubling both the S,04%" and CI- concentrations
was also examined. A total of 40 experiments were performed.
The absorption of Cl,” at 340 nm was monitored in an attempt
to obtain a value for the rate coefficient from the product buildup
kinetics. A laser discharge voltage of 30 kV was employed in all
studies of this reaction.

The decay of Cl,” produced by the reaction of SO, with CI-
was studied over a wide range of conditions (S,04> (1 X 102 to
4% 102M, CI" (5 X 105 to 1 X 10™* M), pH (2.2-3.9), ionic
strength (0.03-0.24 M), and laser discharge voltage (27-33 kV)).
In excess of 140 experiments were performed to investigate the
dependence of the observed decay on the initial Cl,” concentration,
pH, [CI'], [S,05%], and ionic strength of the solution. Experi-
ments were also carried out using N,O- and Ar-saturated solutions
to examine the influence of solvated electrons and molecular
oxygen, respectively.

Results and Discussion

The Extinction Coefficient of SO, at 450 nm. The optical
spectrum of the SO, radical anion has been characterized in a
number of previous investigations.*!:'® Absorption extends from
280 to 570 nm and has a maximum at 450 nm.

In this study the SO, radical anion was generated by photolysis
of the peroxodisulfate ion, S,04%", which absorbs strongly below
260 nm (€348 nm =~ 20 M cm™). The absorption of SO, was
monitored at 450 nm.

52082' + hy — 2804_ (6)

A plot of the optical density profile following photolysis of 2.0
X 1072 M K,S,04 is shown in Figure 2a. Existing literature data
on the decay of SO, in aqueous solution!? suggest that sinks for
this species are negligible on a time scale of 10 us for an initial
optical density of 2 X 107 The absorption at this point is expected
to be very similar to that immediately following the laser pulse.

The extinction coefficient of SO,~ was determined by comparing
the absorbance of SO, as described above with that of Cl,™ at
340 nm produced by the reaction of the sulfate radical with
chloride ion. For an NaCl concentration of 1073 M the half-lives
of reactions 1 and 2 are approximately 3.0 us and 50 ns, re-
spectively, based on available rate data.'* Although reaction 3
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Figure 2. (a, upper curve) Absorption at 450 nm following the photolysis
of K,S,04 (0.02 M). (b, lower curve) Absorption at 340 nm following
the photolysis of K,S,05 (0.02 M) in the presence of NaCl (0.001 M).

is in effect an equilibrium (K3 = 1.9 X 105 M™),! the concen-
tration of chlorine atoms is negligible at this chloride ion con-
centration.

Figure 2b shows the decay of Cl,” resulting from the addition
of 102 M to a 2 X 1072 M K,S,0; solution for the same laser
pulse energy as in Figure 2a. After 10 us reactions 2 and 3 are
essentially complete and the concentration of Cl, is expected to
be the same as that of SO, in the absence of chloride ion, as-
suming loss processes are again negligible on this time scale.

The dichloride radical anion is a particularly strong absorber
in the ultraviolet. Extinction coefficients for this species were
determined for the range 230-450 nm in a detailed pulse radiolysis
study by Jayson, Parsons, and Swallow.!® The value obtained at
340 nm, the wavelength of maximum absorbance, was (8.8 % 0.5)
X 10° dm® mol™ cm™ (base 10). From this, the peak Cl,” con-
centration in Figure 2b is calculated to be (1.4 £ 0.1) X 105 M.
Based on the data in Figure 2a the extinction coefficient of SO~
at 450 nm is then (1.6 £ 0.1) X 10* M~ cm™ (base 10). Varying
the concentrations of S,04% aver the range (1-4) X 102 M and
increasing Cl~ by as much as an order of magnitude had no effect
on ¢gp,- confirming that under the conditions employed the re-
action of SO4~ with Cl™ leads quantitatively to the formation of
Cly~.

This result is in agreement with the work of Chawla and
Fessenden® who also obtained a value of 1600 M™! cm™ for ¢gq,-
at 450 nm by comparison with (SCN),". However, it is somewhat
higher than those of 450 and 1100 M~! cm™! respectively deter-
mined by Dogliotti and Hayon!' and Roebke, Renz, and Hen-
glein.!2 While Chawla and Fessenden® do not provide full details
of their experiments, the extinction coefficient of (SCN), is well
established and the absorbance of both transient species was
monitored immediately after a 1 us radiolysis pulse.

In the study of Dogliotti and Hayon!! the extinction coefficient
of SO,~ was calculated by comparison with that of CO;~. By use
of a similar approach to that employed in this study, CO;~ was
produced by the reaction of SO,~ with HCO;~. However, the
optical densities of SO,~ and CO;™ were not observed until ap-
proximately 40 and 80 us, respectively, after the initiation of the
photolysis flash. A major loss mechanism in the early stages of
the decay of both species is the second-order self-reaction. Rate
coefficients (2k) for CO;~ + CO;™ and SO,” + SO,™ are 3.4 X
107 and 8.8 X 108 M1 57!, respectively.*!! Since the initial radical
concentration was ~3 X 107 M, a lower limit of 52% depletion
of 8O, would have occurred by the time at which the optical
density was monitored, compared with only 8% in the case of CO;~,
This may account for a large part of the discrepancy with the value
reported in this study.

The value of 1100 M~ atm™ assigned to ego,- at 450 nm by
Roebke et al.!? was obtained from a study of the pulse radiolysis
of aqueous solutions of N,O-saturated H,SO, (2 M) and Ar-

(18) Lesigne, B.; Ferradini, C.; Pucheauit, J. J, Phys. Chem. 1973, 77,
2156.

(19) Jayson, G. G.; Parsons, B. J.; Swallow, A. J. J. Chem. Soc., Faraday
Trans. 1 1973, 69, 1597.
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Figure 3. Second-order plot of the decay of SO, at 480 nm following
the photolysis of K,S,05 (0.02 M) in the presence of NaCl (5 X 1075 M).

saturated S,04% (4 X 107 M). In the case of sulfuric acid it was
assumed that the source of SO,~ was due to the reaction of OH
with HSO,~.

OH + HSO,” — H,0 + SO, (7)

As the initial SO, yield was a factor of 30 higher than in the
present study, a significant loss (>20%) might have occurred by
the time the spectrum was monitored, which was 5 us after the
radiolysis pulse.

In the radiolysis of S,04?" solutions it was assumed that the
yield of SO, was the same as that of the hydrated electron in
pure water under identical experimental conditions.

ea + $,08 — SO + SO, (8)

Since the concentration of S,04% employed was relatively low,
it is feasible that a significant fraction of the hydrated electrons
reacted with other transient species, particularly hydroxyl radicals.
This would have resulted in a significant underestimate of o,
even if the initial hydrated electron concentration was in the
micromolar range.

Tang et al.2% have recently determined the product of the
quantum yield for SO, production from photolysis of S,05>" at
266 nm (®) and the extinction coefficient of SO, at 443 nm (e).
They reported a value for ®e of 2770 & 280 M™' cm™. Since 50,
at 443 nm is very similar to that at 450 nm this results in a
quantum yield for SO, production of 266 nm of ~1.75 based
on the value of eso,- determined in the present study.

The Reaction of SO, with CI. In the present study the decay
of SO, in the prescence of Cl” was monitored at 480 nm to avoid
any contribution from the tail of the Cl,” absorption which is
present at 450 nm due to reaction 2. The extinction coefficient
of SO, at 480 nm was estimated to be 1350 M™! cm™ (base 10).

The half-life of SO, produced by the photolysis of a 2 X 1072
M S,04% solution is ~160 us in the absence of chloride ion.
Following the addition of 5 X 1075 M CI to this solution the
half-life is reduced to ~30 us. A typical second-order plot of the
decay of SO, in the presence of Cl™ is shown in Figure 3 cor-
responding to ~3 half-lives. Increasing the chloride ion con-
centration to 1.0 X 107* M had no effect on the observed sec-
ond-order constant. This confirms that under these conditions
loss processes for SO, other than reaction with ClI” make a
negligible contribution to the decay. At higher chloride con-
centrations (>2 X 10™* M) the decay became too fast to monitor
due to the time constant of the photomultiplier circuit and the
bandwidth of the analogue to digital converter.

The rate coefficient for the reaction of SO, with CI~ was
determined to be (6.6 £ 1.6) X 108 M~ s7! at 20 °C and pH 3.8
([S;0:7] = 4 X 102 M, [CI"] = 5 X 107° M, I = 0.12, 10
experiments). At lower laser pulse energies and higher chloride
ion concentrations (2 X 10™* M) where the decay of SO,~ was
pseudo first order, a similar second-order rate coefficient was

McElroy

obtained. On changing the monitoring wavelength to 450 nm the
apparent value of k, was reduced to (5.8 &+ 1.0) X 108 M! s
which was due to the interference of the Cl,™ absorption discussed
earlier. Any Cl atoms produced by reaction 1 are immediately
converted to Cl,” by reaction 2 (k; = 2.1 X 100 M1 571).13 The
formation of Cl,” was monitored at 340 nm, although there was
some contribution from SO, at this wavelength (10% at the peak
absorbance). With an extinction coefficient!® of 8800 M~! cm™!
the maximum Cl,” concentration was less than 30% of the initial
yield of SO,~. Cl,” was apparently removed at a rate approaching
that of its formation via reactions 2 and 3. Thus product buildup
kinetics could not be employed to measure k,.

In a previous direct determination of k, Chawla and Fessenden®
obtained a value of 3.1 X 108 M~! s at pH 6.8 with 1 mM
phosphate buffer and 10 mM terz-butyl alcohol to scavenge OH
produced by the radiolysis pulse. No error limits for k; were given
and the chloride ion concentrations were not specified, although
the decay of SO, was monitored at 480 nm to eliminate absorption
by Cl,~. The limited information provided by Chawla and Fes-
senden® suggests that the ionic strength was a factor of 12 lower
than that used in the present study. For a reaction between two
ions, Debye—Hiickel theory predicts a simple dependence of log
k on the square root of the ionic strength, 7.%!

log k = log ko + 1.018Z,ZpI"/?

Z, and Zg are the ionic charges and kq is the rate constant at
infinite dilution. The value of k; = 6.6 X 108 M™'s™! (I = 0.12
M) determined in this study is then equivalent to a rate coefficient
of 3.7 X 108 M2 57! when [ is reduced to 0.01 M.

This provides a satisfactory explanation of the difference be-
tween the value of k, reported here and that obtained by Chawla
and Fessenden.® Indeed, a 2-fold reduction in the concentration
of K,S,04 t0 2 X 1072 M in the present study resulted in a decrease
of k, to (4.7 £ 0.6) X 108 M1 sl This corresponds to a sec-
ond-order rate coefficient of (2.7 % 0.4) X 108 M~! s7! for the
reaction of SO, with CI at infinite dilution. In a recent direct
determination of &, under pseudo-first-order conditions, Wine et
al.2® reported a value of 2.6 X 108 M~ s7! at infinite dilution in
excellent agreement with the present study.

Two other determinations of k; have been reported based on
indirect methods. Kim and Hamill® obtained a value of 1.3 X
108 M1 57! from the product buildup kinetics of Cl,™. As discussed
above, this procedure underestimates the rate coefficient in the
case of the reaction of SO, with CI". In an earlier study by
Chawla’ a value for k, of 1.9 X 108 M~! 57! was obtained by
competition kinetics with fumarate ion. The effect of solute
concentration on the fumarate-SO,~ adduct was monitored by
electron spin resonance spectroscopy. This study was not referred
to in later publications.*

The Decay of Cly in Aqueous Solution. Nagarajan and
Fessenden?? have demonstrated that the photolysis of S,04%" so-
lutions at 248 nm and the subsequent oxidation of CI~ by SO~
is an efficient and clean source of the dichloride radical anion,
Cl,. For chloride concentrations in excess of 1073 M the half-life
for Cl,™ formation is very much shorter than that associated with
loss mechanisms. The observed rise of the absorption at 340 nm
was controlled by the time constant of the detection circuit. 7¢-,
the true rise time for Cly7, is a factor of 20 faster than 7, for
a chloride concentration of 102 M.

1 1
T L ICH 6.6 X108(CI

Experiments were performed to investigate the dependence of the
initial yield of Cl,” on precursor concentration (i.e., [S;05?"]) and
laser pulse energy. In both cases a linear relationship was es-
tablished.

When the initial Cl,” concentration was low (<1 uM) the
observed decay was essentially first order. However, as the laser

(20) Tang, Y.; Thorn, R. P.; Mauldin, R. L., IlI; Wine, P. H. J. Photo-
chem. Photobiol. 1988, 44, 243.

(21) Moore, W. J. Physical Chemistry, 5th ed.; Longman: London, 1972.
(22) Nagarajan, V.; Fessenden, R. W. J. Phys. Chem. 1985, 89, 2330.
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Figure 4. First-order component of the decay of Cl,™ at 340 nm following
the photolysis of K,S,04 (0.04 M) in the presence of NaCl (0.01 M).

TABLE I: First- and Second-Order Rate Coefficients for the Decay
of Dichloride Ion (Cl,”) in Aqueous Solution at 20 °C and pH 3.8

[S,05%1, [CI], k((X107%),  2k,(X107%), no.
M M 57!

, Mgt expts
4%102% 1072 0130 13+£01 3101 24
4%x10?% 1072 0130 13401 3.0%£0.1 5@
2x 107 107? 0070 1201 28=£0.1 6
1 X102 1072 0.040 1201 23£0. 6
4%1072% 107 0220 13x01 35&£0.1 10
4x102% 107 0.121 26x0.1 31 £0.1 5
2x10? 1073 0.061 2.7 0.1 2.8 0.1 5
410 10 0.120 121 ¢ 10
4 %1072 5% 107 0120 14 %1% ¢ 10

4pH = 2.2. ®For [CI"] < 5 X 1073 M the risetime for Cl,” formation
becomes significant with respect with respect to the rate of loss. The
decay at 340 nm was only processed beyond the point at which SO,
had decayed by >95% of its initial concentration as monitored at 480
nm. “The second-order component was negligible under these condi-
tions and a rate coefficient could not be extracted from the data. &
and k, are the evaluated first- and second-order rate coefficients (Ap-
pendix).

energy and S,04%" was increased, thereby increasing the yield of
Cl,, significant deviation from first-order behavior was observed.
At the highest laser pulse energy ([Cl,7]o > 5 X 106 M) there
was a significant second-order component associated with the
bimolecular decay of Cl,~. This has been established in previous
studies. 22

Cl,” + Cly — Cly + CI 9)

Cl,” has a very low stability constant (K;, = 0.18 M) and
rapidly dissociates to produce chlorine.

Cly = Cl, + CIF (10)

By use of a combined first- and second-order fitting procedure
(Appendix) second- and first-order coefficients of 2kg = (3.1 £
0.1) X 10° M~ s7 and kg = (1.3 2 0.1) X 10° 57! were extracted
over 3—4 half-lives from a set of more than 40 experiments in which
the ionic strength was maintained at 0.13 M (K,S,03 = 0.04 M,
NaCl = 0.01 M, laser discharge voltage range 27-33 kV). The
high signal to noise ratio achieved by using signal averaging over
128 single events resulted in experimental error limits in the rate
coefficients of less than 5%, corresponding to two standard de-
viations. Figure 4 shows a plot of the first-order component of
the decay for an initial Cl,” concentration of 5.24 X 10 M. The
observed rate coefficients were independent of the laser pulse
energy which confirms that this is an efficient method of producing
Clz_-

The influence of pH on the decay of Cl,” was investigated by
replacing sodium chloride with hydrochloric acid to give a pH

(23) Langmuir, M. E.; Hayon, E. J. Phys. Chem. 1967, 71, 3803.

(24) Ward, J. F;; Kuo, . Adv. Chem. Ser. 1968, 81, 368.

(25) Wu, D.; Wong, D.; Di Bartolo, B. J. Photochem. 1980, 14, 303.
(26) Zimmerman, G.; Strong, F. C. J. Am. Chem. Soc. 1957, 79, 2063.
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of 2.2. No effect was observed (Table I). Similarly, the observed
kinetics were identical in argon-, N,O- and air-saturated solutions,
eliminating any involvement of O in the reaction mechanism and
the production of free electrons in the photolysis step.

First- and second-order rate coefficients extracted from di-
chloride ion decays for a range of K,S,0 and NaCl concentrations
are listed in Table I. The least-squares correlation over a minimum
of 3 half-lives was always greater than 0.990 and approached 0.999
for the highest signal to noise ratios.

The variation of 2k, with ionic strength is consistent with
expectations for a reaction between two singly charged negative
ions. Deviation from the linear relationship between log & and
I'/2 i observed at the highest ionic strengths employed where
simple Debye—Hiickel theory cannot be applied. Extrapolation
to infinite dilution gives a rate constant of 2k = (1.4 £ 0.2) X
10° M~ 57!, This is comparable to a value of 2kq = 2.3 X 10°
M1 57 calculated for the diffusion-controlled bimolecular reaction
between two dichloride ions assuming a diffusion constant of 0.7
X 1075 cm? s7! and a distance of closest approach of 3.5 A as
suggested by Wagner, Karthduser, and Strehlow.!”

The rate coefficients determined in early investigations of the
self-reaction of Cl,~ using direct kinetic methods'? are generally
an order of magnitude higher than those reported in this study
and are up to 5 times faster than the diffusion-controlled limit.
This was because no allowance had been made for the contribution
of the first-order component in these earlier studies. Low signal
to noise ratios had generally only allowed rate constants to be
evaluated over 1-2 half-lives. Langmuir and Hayon? did observe
that the decay of Cl, following photolysis of HgCl, was first order,
but reported a value of 2ky = 1.4 X 10! M~ 5! based on pho-
tolysis studies of NaCl and HgCl,>". If data obtained in the
present study are processed over 1 half-life assuming only sec-
ond-order kinetics, the resulting rate coefficient is very similar
to the higher values reported hitherto.!?

In more recent direct studies of the self-reaction of Cl,, rate
constants have been obtained'#'® which are consistent with the
present investigation. However, Wagner et al.l” have reported
a very low value for 2ky of 7 X 107 M~ ™!, This was obtained
indirectly by using a numerical model to obtain the best fit for
seven rate coefficients to observed changes in conductivity following
flash photolysis of CI™ in acid solutions. Such methods are prone
to large errors.

A mechanism has been proposed!” which could account for the
apparent first-order component of the Cl,” decay. This is es-
sentially the reverse scheme to that proposed by Jayson et al.!?
for the formation of Cl,™ following the pulse radiolysis of N,O-
saturated chloride solutions.

Cly = Cl+ CI 2)
Cl + H,0 = H* + HOCI- (4)
HOCI- = OH + CI (5)

Rate coefficients obtained by Jayson et al.!® were k, = 1.1 X 10
s ky =21 X100M sk, =13x 10357, k/ = 2.1 X100
M sl ks = 6.1 X 10°s7), and k5’ = 4.3 X 10° M 57!, where
k/ is the rate coefficient of the ith back reaction. k,” was estimated
assuming the back reaction was diffusion controlled, and k, was
then obtained by using the measured equilibrium constant (X,
= 5.3 X 106 M). Nagarajan and Fessenden?? have recently
determined k,’ directly, obtaining a value of 8 X 10° M~ 57!, so
that k, becomes 4.2 X 10* s™!, The overall process is described
by reaction 11 which is consistent with a pseudo-first-order loss
mechanism for Cl,",

Cly + H,0 = OH + H* + 2CI- (11)

While this equilibrium mechanism supports the dependence of
the first-order rate constant on chloride ion concentration (Table
I) it is inconsistent with the absence of a dependence on [H*].
Furthermore, the data of Jayson et al.!® suggest that in acid
solutions the equilibrium lies far to the left (K; = 4.7 X 10713
M?) so that this process should be an unimportant sink for Cl,”
for the conditions employed in the current study. If, however,
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Figure 5. First-order rate coefficient for the loss of Cl,™ as a function
of CI” concentration.

reaction 4 leads to the formation of HOCIH which subsequently
undergoes rapid decomposition to give H* and HOCI such that
ki, [C1][H,0] » k,;’ [HOCIH], the predicted pH dependence
of the Cl,” decay would be small. This is consistent with the
findings of Wagner et al.!” who also reported the absence of an
[H*] dependence.

Cl + H,0 = HOCIH (12)
HOCIH = HOCI- + H* (13)

A simple computer model incorporting reactions 1, 9, 2, 4, and
5 was used to examine the above mechanism in more detail. A
significant [H*] effect was predicted over the pH range 2-4,
although above pH 6 the rate of the reverse reaction 4 becomes
sufficiently small to eliminate the influence of [H*] on the rate
of removal of Cl,”. Furthermore, under the range of conditions
listed in Table I the predicted rate of loss of Cl,~ by the first-order
rate was too low to compete with the second-order process (reaction
9). Only when the forward rate coefficient for the reaction of
Cl with H,0, k,, was increased by a factor of ~100 was an
adequate first-order rate obtained. Under these conditions it was
still necessary to invoke reactions 12 and 13 to account for the
observed absence of an [H*] dependence.

The dependence of the observed first-order rate coefficient on
chloride ion concentration is illustrated in Figure 5. Under all
experimental conditions the ratio {Cl,7]/[Cl] > 10 (K; = 5.3 X
107® M)!? so that the absorption of chlorine atoms was negligible
at 340 nm (e = 3800 M2 cm™! (base 10) at 340 nm).?2 The
contribution from HOCI™ is also expected to be minimal. At high
chloride ion concentrations, a stable equilibrium between dichloride
ion and chlorine atoms is rapidly achieved. Based on the above
mechanism the first-order component in the decay of Cl,™ should
be attributable to the reaction of chlorine atoms with water,
reaction 12, and the first-order rate coefficient (Table I) should
show an inverse dependence on the chioride ion concentration.
This is not observed however.

While the first-order rate coefficient increases markedly for
chloride ion concentrations below 1073 M, a lower limit is obtained
for Cl~ concentrations above 102 M. This is indicative of an
alternative loss process involving the direct reaction of Cl,” in the
rate-determining step. This is most likely attributable to the
reaction of dichloride ion with H,O such that k4, = (1.3 £ 0.1)
X 10357,

Cly” + H,O = HCIOH + CI- (14)

Assuming a value®® of K, = 5.3 X 107 M, it is then possible
to calculate the value for k|, from the increase in the observed

first-order rate coefficient for the loss of Cl;™ as the CI” concen-
tration is reduced.

kiy = (kops = k1a)[CIT] /K,

For chloride concentrations of 1073, 107, and 5 X 107> M respective
values for k5 of 2.5 X 10%, 2.0 X 10% and 1.2 X 10° 57! are
obtained. As the chloride ion concentration is reduced, equilibrium

McElroy

K is no longer achieved and this accounts for the apparent de-
crease in ky, for [CI'] > 107* M. The most reliable estimate of
ki; is (2.5 £ 0.2) X 10° s7! obtained for [CI"} = 107 M, since
equilibrium was fully established in this case. This is consistent
with a recent estimate?” of k;, = 1.6 X 10° 57!, although it is not
apparent how this value was derived.

These results were further confirmed by use of a simple com-
puter model of the proposed reaction scheme (reactions 1, 9, 2,
12, and 14) to simulate the optical density profile following the
laser pulse. Comparison with observed profiles confirmed that
these were consistent with the derived values of &y, ky, k/,, and
ks over the entire range of experimental conditions.

A direct consequence of the above mechanism, if it is to fit the
observed lack of an [H*] dependence, is that equilibrium K|,
should lie to the right, i.e., ki, > k;,". Since kj, = 2.5 X 10° 57
it follows that k,, is quite small, i.e., <103 s7!. The mechanism
as it stands is apparently unable to account for the observed rate
of formation of Cl,” following the pulse radiolysis of acidic NaCl
solutions.!® (From ref 19 the first-order rate constant for the
formation of Cl,” for 1 X 102M H* and Cl"is 1.4 X 10°57!)

This problem is resolved if the reverse of reaction 14 is the major
pathway leading to Cl,” production. A computer model of the
detailed reaction mechanism confirms that, as k4 approaches
the diffusion-controlled limit, the predicted rate of Cl,” formation
from OH is comparable that observed by Jayson et al.'” and shows
the expected [H*] dependence. Even at low CI™ concentrations
the mechanism is consistent with the present analysis for Cly”
disappearance. The reason for this lies in the low predicted
concentration of HCIOH during the decay of Cl,7, such that even
when k,/ > 10° M~! 57! this reaction is too slow to perturb the
lack of an [H*] dependence. (Simple deprotonation reactions are
generally very rapid and a value of k3 = 1 X 10% 5™ was assumed
in the case of HCIOH.) Pulse radiolysis experiments are required
to resolve the issues raised concerning the formation of Cl,™ from
OH and the rate constant for reaction 14’ in particular.

Implications for Cloud and Precipitation Chemistry. The roles
of SO, and Cl,” as chain carriers in the autoxidation of SO, in
cloudwater have been reviewed.>> Chloride is a major ion in cloud-
and rainwater, particularly in maritime air masses. The results
of the present study confirm that reaction with chloride is a more
important sink for the sulfate radical than reaction with the
bisulfite ion (k;s = 2 X 10° M1 s71)5, For pH =4, T = 293 K,
[SO,], = 5 ppb, and [CI] = 5 X 107 M the rate of reaction 1
is approximately an order of magnitude greater than reaction 15.

SO, + CI- — SO + Cl (1)
SO, + HSO; — HSO,” + SO;- (15)

Since measured chloride ion concentrations in cloud over the
UK and North Sea are typically 5 X 1074 M, Cl is rapidly con-
verted to Cl,” via reaction 1. Currently the reactions of both Cl
and Cl,” with H,O (reaction 12 and 14) are not included in models
of cloud and precipitation chemistry. The value of k;, reported
above suggests that reaction 12 could be a dominant loss mech-
anism for Cl,” in the atmosphere. The autoxidation of SO, would
then be propagated by the hydroxyl radical (the product of reaction
5) rather than the dichloride ion as had been suggested hitherto.?
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Appendix

Combined First- and Second-Order Fitting Procedure. For

a species X which is removed by both first- and second-order

processes the rate of removal is given by eq Al. k, and k, are
d[X]}

= 2k,[X]2 + Ky [X] (A1)

(27) Klanning, U. K.; Wolff, T. Ber. Bunsen-Ges. Phys. Chem. 1985, 89,
243,
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the respective first- and second-order rate coefficients.
Let x = [X] at time ¢ and x, = [X] at ¢ = 0; then

dx
_E = 2k2x2 + klx

¥ dx !
—Z = a
j:o 2k2x2 + klx j;

Let
n= 2k2/k1
then
¥ odx !
f nx2+x_—‘f;kldt
Xo
Tdx *odx t
f 7_"]‘ 1+nx_—j(‘)k1dt
X0 X
[In x]% - [In (1 + nx)}5 = ~ky2
thus
Xxq + nxx
n [—°———°] =kt (A2)
X + nxxg

The optical density of the solution (OD) at time ¢, assuming
only species X absorbs, is given by the Beer-Lambert Law (eq
A3). eis the extinction coefficient (base 10) of species X, / is

Iy
OD = log T = ex/ (A3)
t

the absorption path length, I is the incident light intensity, and
I, is the transmitted light intensity, x and x, are then given by
eq A4 and AS, respectively.

oD

x=— (A4)
el
(OD)i=
xo =~ (A3)
Substituting for x and x, in eq A2 gives eq A6

1(OD),-¢ + n(OD)(OD),=
L [ODo + mODYODILT

€/(OD) + n(OD)(OD),=

The value of # is adjusted so that a plot of the left-hand side
of eq A6 versus time is linear and passes through the origin. Since
the second-order component is most significant in the early part
of the decay it is important that the fit is optimized in this region.
k, is then given by the slope and 2k, = nk,.

In the present study the linear least-squares correlation coef-
ficient was always greater than 0.990 over more than 3 half-lives
for the best fit to the data and rose to 0.999 for those experiments
with the highest signal to noise ratio. Obviously the value of n
is particularly sensitive to errors in €, which is consistent with the
normal expectation for second-order rate constants obtained from
absorbance measurements. Indeed, results are frequently expressed
as the ratio k/e to eliminate this dependence.

The results obtained by using the above method were verified
by transferring the data from a number of experiments to a
mainframe computer where a three-parameter nonlinear least-
squares fitting procedure was used to determine x,, 2k,, and k.
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Kinetic Isotope Effects in the Electronic Quenching of OD/OH(A2Z",¥=0) at
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Electronic quenching of OD/OH(A2Z*,0=0) by a number of collision partners has been investigated at 296 + 4 K. The
excited hydroxyl radicals were generated in the pulsed photolysis of nitric acid in the presence of a large amount of Ar as
a relaxing gas. The current results are in agreement with most values in the recent literature and show that there is no isotope
effect for many collision partners. However, a significant isotope effect has been found for quenching by CO, NO, and CF,Cl,.

Introduction

The hydroxyl radical, in both its first electronically excited state,
A2Z*, and its ground state, XTI, is one of the best studied simple
radicals. The connecting (A — X) transition generates a spectrum
with relatively wide rotational spacing, which is easily accessible
in the UV.! By theoretical methods, potential surfaces of OH
in collisions with simple molecules can be mapped with increasing
accuracy.>® The current interest in this radical stems partly from
the key role it plays in combustion* and air chemistry.’

Our interest in the properties of OD(A) originates from a
systematic study of the collisional properties of electronically
excited hydrides which is currently underway in several labora-
tories including ours.5 In contrast to the knowledge accumulated
for OH(A), not much was known about the collisional properties

*Present address: 3417 Patricia Ave. Apt. 26, Montreal, Quebec, H4B
1Y9, Canada.

of OD(A) when the present work was initiated. During this study,
we became aware of the extensive work on the quenching of
OD(A) performed by Vaghjiani and Ravishankara.” While the
current results are in very good agreement with those of ref 7,
comparisons with the cross sections for quenching of OH(A) given
in the literature suggested an isotopic dependence of the quenching
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