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Diffuse reflectance infrared Fourier transform spectrometry (DRIFTS) is a powerful technique for
analyzing solid powders and for following their reactions in real time. We demonstrate that it can
also be applied to studying the uptake and reactions of gases in liquid films. Within the DRIFTS
cell, a 10% (w/w) mixture of MgCl, - 6H,0O in NaCl was equilibrated with air at 50% RH, which
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is above the deliquescence point of the magnesium salt but below that of NaCl. This mixture of
NaCl coated with an aqueous magnesium chloride solution was then reacted with gas phase OH
to generate hydroxide ions via a previously identified interface reaction. This treatment, hereafter
referred to as OH-processing, was sufficient to convert some of the magnesium chloride to
Mg(OH), and Mg,(OH);Cl-4H,0, making the aqueous film basic and providing a reservoir of
alkalinity. Subsequent addition of SO, to the basic processed mixture resulted in its uptake and
conversion to sulfite which was measured by FTIR. The sulfite was simultaneously oxidized to
sulfate by HOCI/OCI™ that was formed in the initial OH-processing of the salt. Further uptake
and oxidation of SO, in the aqueous film took place when the salt was subsequently exposed to
Oj3. These studies demonstrate that DRIFTS can be used to study the chemistry in liquid films in
real time, and are consistent with the hypothesis that the reaction of gaseous OH with chloride
ions generates alkalinity that enhances the uptake and oxidation of SO, under these laboratory

conditions.

1. Introduction

A number of reactions of gases at water interfaces and in thin
aqueous films on solids have been previously reported.' ™ These
are interesting and important both from the point of view of
fundamental physical chemistry and in terms of their application
to such fields as atmospheric chemistry. Chemistry at air-water
interfaces is likely to be particularly important for airborne
particles which have large surface-to-volume ratios. However,
studying the uptake and reactions of gases occurring in and on
suspended liquid aerosol particles in real time is difficult.

A variety of methods that have been applied are reviewed in
detail elsewhere.'® For example, for large (~10 pm) size
particles, the falling droplet apparatus has been used exten-
sively to study gas uptake and reaction.’>13!"1® FTIR studies
of smaller particles have been carried out at relatively high
particle concentrations;'®>? following the particles with time
using this method is complicated by continuously changing
particle size distributions due to coagulation and settling of the
particles.”*** A new technique is optical levitation of single
droplets combined with Raman spectroscopy, but this has
only been applied to relatively few systems to date.>> %’ Single
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particle mass spectrometry is another promising technique for
the study of chemistry on aerosols; but in addition to the
instrumental costs, the different approaches used for volatiliza-
tion and ionization result in variable sensitivities for different
components. In addition, extensive fragmentation, particularly
of organics, makes speciation difficult or impossible.?® 34

Diffuse reflectance infrared Fourier transform spectrometry
(DRIFTS) is a powerful technique for following the chemistry
of solid particles in real time under laboratory conditions.**
It has the advantage of relatively strong signals due to the
macroscopic amounts of sample used, but the matrix used
must be infrared transparent. DRIFTS is not normally applic-
able to liquids where interface and bulk liquid phase reactions
are important. However, we demonstrate here that for appro-
priate systems, DRIFTS can indeed be used to study reactions
in and on thin aqueous films on solid substrate powders.

An interface reaction of particular relevance to the current
work is that of gas phase OH with chloride ions at the surface
of sea-salt aerosols:”*4

2 OH<g) +2 Cl( ———2 OH(_surface) =+ Clz(g) (1)

surface)

This represents the overall reaction since the individual steps
of the mechanism are not well known. It is important to note
that this reaction only occurs at the interface of aqueous
solutions containing chloride ions; no such reaction has been
observed either in bulk solutions or with solid NaCl.”%#
Reaction (1) has some unique features compared to the bulk
phase oxidation of chloride.***® First, because it takes place at
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the interface, OH need not be taken up into the liquid phase
before reacting. This increases the rate of chloride oxidation
because the reaction is not limited by mass accommodation or
by the solubility of OH in solution. Indeed, a lower limit for
the reaction probability of gas phase OH with chloride ions at
the surface of deliquesced NaCl particles has been measured
recently to be y > 0.1.* Second, reaction (1) does not require
acid, but actually generates base as reported by Laskin ef al.*°
based on TOF-SIMS and SEM-EDX data. They proposed
that this reaction could indirectly impact the uptake and
oxidation of SO, to sulfate in sea-salt aerosols by maintaining
an alkaline pH longer than would be the case without this
chemistry.

In the marine boundary layer (MBL), airborne sea-salt
particles generated by wave action* ™ provide an important
pathway for SO, oxidation. They are believed to contribute
significantly to the removal of SO, from the MBL and to the
formation of sulfate,**7* which impacts radiative forcing and
global climate.®®7* 7 Fresh sea-salt particles are buffered at
an alkaline pH, which promotes the uptake of SO, via reac-
tions (2)—(4):%°

SOy (g + Hy0 <> SO, - HyO(yq) Hy = 1.242 M atm™' (2)
SO;-Hy0 < HSO; + H" K3 =132x10°M  (3)

HSO; < SO7” +H' Ky=642x10"°M (4)

Through these equilibria, the total amount of dissolved S(1v)
(defined as S(1v) = SO,-H,O + HSO;~ + SO5>7) increases
with increasing pH. Dissolved S(1v) is oxidized in the aqueous
phase and on the surfaces of particles by a number of oxidants,
such as H,O,, O3, HOCI, HOBr and O, catalyzed by metals
and perhaps by chloride ions.>03%-37-60.7181-95 g3, can also be
oxidized in the gas phase, mainly by OH,%® to produce sulfuric
acid which is then taken up by cloud droplets and particles;
however, this is generally a minor pathway compared to
aqueous oxidation.'®

In this work, we demonstrate the application of DRIFTS to
studying the uptake and oxidation of gaseous SO, at 50%
relative humidity (RH) on NaCl-MgCl, - 6H,O salt mixtures
that have been previously reacted with OH formed by the
photolysis of O3 in the presence of water vapor. Because
reaction (1) generates base, it is expected to increase the uptake
of SO, as well as its oxidation by ozone which is particularly
important above a pH of ~ 6,30:33-35.60.82.87

At 50% RH, a mixture of NaCl with MgCl, - 6H,O consists
of a saturated solution of MgCl, - 6H,O (deliquescence relative
humidity, DRH, is 33%) with some dissolved NaCl in contact
with solid NaCl (DRH is 75%).°” The deliquesced magnesium
chloride provides the aqueous film required for the chemistry
to occur, and the undissolved NaCl powder permits the
application of DRIFTS. Some transmission-FTIR experi-
ments on deliquesced particles in an aerosol chamber and
attenuated total reflectance FTIR (ATR-FTIR) experiments
on bulk solutions were also carried out to confirm the
DRIFTS band assignments and to probe some aspects of the
chemistry that were not experimentally accessible using
DRIFTS. We show that OH processing of this model for sea
salt increases the uptake of SO, and that oxidation to sulfate
occurs initially without the addition of O5. Additional oxida-
tion by the S(iv) + Os reaction occurs subsequently. The
mechanisms and implications for sea salt chemistry are
discussed.

2. Experimental

The DRIFTS apparatus®®®® is shown in Fig. 1. Briefly, the
system consisted of a diffuse reflectance accessory in a vacuum
chamber (Harrick Model HVC2-DR2) with CaF, windows
(Harrick Scientific-Model DRA-2CS) and housed in a Matt-
son RS FTIR spectrometer. The bottom of the sampling cup is
open to a vacuum pump but covered with a screen to hold the
salt sample while permitting pumping of gases through the
salt. The sample cell has a volume of 11 cm® and was water-
cooled throughout the experiment to minimize heating of the
salt during irradiation.

UV light

IR beam in
to IR

out

salt
sample

dry air

air

Flowmeters [

———7

100%
RH air

water bubbler

pump

. <+
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Fig. 1 Schematic of DRIFTS apparatus and flow system.
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DRIFTS requires the use of a solid powder in which the
infrared beam undergoes multiple scattering while light is
absorbed by infrared active components.®® Liquid and gaseous
samples cannot be studied with this technique, although gases
can be measured if they are present at sufficiently high con-
centrations to be measurable at the short total pathlength
(~3 cm) between the CaF, windows and the salt sample. The
reactions of interest in this experiment require the presence of
at least a thin quasi-liquid layer on the salt sample. Thus, a
mixture of sodium chloride and hygroscopic magnesium
chloride salts was used to satisfy both requirements, as will
be discussed further in the next section. In addition, the
mixture of sodium and magnesium chloride provides a more
realistic proxy of sea-salt than pure NaCl, since MgCl, is the
second most abundant component of sea-salt after NaCl.
Seawater has a molar ratio of MgCl, to NaCl of 0.13.°° A
smaller fraction of the magnesium salt (0.03) was used here for
ease of sample handling and obtaining useful DRIFTS spec-
tra, which becomes more difficult as the water content of the
sample increases.

The salt mixture was prepared by grinding 0.27 g of NaCl
crystals (Fischer, ACS grade) with 0.03 g of dry MgCl, - 6H,O
(Sigma Chemicals, ACS grade) in a Wig-L-Bug (Crescent
Dental Manufacturing Company) for 5 min. It was necessary
to dry both the NaCl and MgCl, - 6H,O before grinding to
avoid clumping of the salts in the Wig-L-Bug. NaCl was oven
dried. However, MgCl, - 6H,O, which is highly hygroscopic,
could not be treated the same way because it is known to
dehydrate upon heating to produce Mg(OH)Cl and
MgO.'%%1%! T remove adsorbed water on the MgCl, - 6H,0,
the salt was pumped on at room temperature for an hour using
a conventional vacuum system (~ 107> Torr). Samples that
were heated in an oven or pumped overnight gave cloudy
solutions in water, indicating the presence of Mg(OH)CI or
MgO. However, MgCl, - 6H,0 that had been pumped for only
one hour gave a clear solution, indicating insignificant decom-
position of the salt.

To characterize the morphology and elemental composition
of the salt mixtures, an FEI/Philips XL-30 Schottky thermal
field emission scanning electron microscope (SEM) coupled to
an EDAX energy dispersive X-ray spectrometer (EDS) was
used. The SEM and EDS data were collected at a pressure of
~ 1073 Torr using an accelerating beam voltage of 10 kV and
magnifications between 5000 and 15 500. The SEM images
were collected using the secondary electron detector.

In a typical DRIFTS experiment, the 0.30 g salt mixture of
NaCl-MgCl, - 6H,O was processed sequentially in the follow-
ing manner (details given below): (1) the salt sample was
equilibrated at a relative humidity of ~50%, and then ex-
posed to OH radicals produced from the UV photolysis of O3
(salt treated this way is hereafter referred to as OH-processed);
(2) gaseous SO, was introduced into the cell in the dark
with the RH maintained at ~50%, and its uptake and
oxidation products in the salt (sulfite and sulfate) monitored
over a period of time using DRIFTS; (3) gaseous O3/O,
was introduced to the cell in the dark so that the OH-processed
salt was exposed to both SO, and O; simultaneously, again
at an RH of ~50%. The relative humidities were calculated
from the cell pressure and the measured flow rates of the

gases. All gas exposures were carried out in the flow mode
with gases being pumped through the salt. DRIFTS spectra
were collected at all stages of the experiment, except during
photolysis, using 16 cm™' resolution and 512 scans per
spectrum.

The total pressure and relative humidity in the cell were
controlled using a valve between the cell and the pump and by
adjusting the relative flows of water-saturated air, SO,/N, and
03/0,. The air used was Scott-Marrin (Ultra Pure, <0.01 ppm
total hydrocarbons (as CHy), <0.01 ppm CO, <0.001 ppm
NOy, <0.001 ppm SO,, <2 ppm CO,). The salt sample was
allowed to equilibrate with the humidified air (50% RH)
for an hour at a total pressure of 0.5 atm. A mixture of
2.8% 0O3/0, (Oxygen Services Company Ultra High Purity,
> 99.999%) produced by electric discharge using a commer-
cial ozonizer (Polymetrics Ozone Generator, Model-T816) was
then added to give a total pressure of 1 atm. The total flow was
48 cm® min~' and the ozone concentration was 3 x 107
molecules cm ™. The flowing gas mixture in the cell was then
irradiated for two hours using a high pressure 200 W Hg lamp
(Spectra Physics, power supply Model 69907, lamp housing
Model 66902) that had a 10 cm water filter with quartz
windows (4 > 200 nm) located between the lamp and
DRIFTS cell to absorb infrared radiation and minimize heat-
ing of the sample. The temperature rise of the cell during
photolysis was typically 3—4 °C.

The photolysis of O3 below 350 nm forms O('D)'® which
reacts with water vapor to generate gaseous OH. Secondary
chemistry (ESI) generates additional species such as HO, and
H,0,. The concentrations of the gas phase species were
calculated using a numerical integration program, Acu-
chem.'®? Except for the photolysis rate constants (kp) for Os
and H,0,, all of the gas phase rate constants are known.'%*1%4
The value of k,, for O3 was determined in independent static
experiments in which the loss of O3 during photolysis in the
DRIFTS cell was followed at 47% RH using its gas phase
absorbance at 1028 cm™". The value of kp used as input to the
Acuchem model was varied to fit the measured decay of Os,
giving k, = 5 x 1073 s~!. This gas phase modeling predicts a
steady-state gas phase OH concentration of 1 x 10" OH cm ™
after 14 s of photolysis (the average residence time of gases in
the cell) if there was no loss of OH or other intermediates
and products to the walls or from uptake and reaction with the
salt.

After photolysis, the O3;/O, flow was stopped and the
sample was given time to re-equilibrate (~ 1 hr) to insure that
the temperature and relative humidity returned to the initial,
pre-photolysis values. Gaseous SO, (Matheson Gas Products,
99.98%) diluted 1 : 100 with N, (Oxygen Services Company,
Ultra High purity, >99.999%) was then flowed through the
cell to give an SO, concentration of 4.8 x 10" molecule cm™>
at an RH of 50% and a total pressure of 391 Torr. It is
important that SO, not be introduced during irradiation in
order to prevent its direct oxidation by OH. Subsequently,
053/0, was added to the DRIFTS cell in the dark, and the
flows and pumping adjusted to give a total pressure of 474
Torr, an RH of 52%, an ozone concentration of 4.0 x 10'
em~? and an SO, concentration of 1.3 x 10'® cm™3. Sulfate
formation was again monitored using FTIR.
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In order to quantify the amount of sulfate formed in the
salt, the 0.30 g salt sample was dissolved in 25.0 mL of
Nanopure®™ water (Barnstead 18 MQ cm) for analysis by ion
chromatography (IC) using a conductivity detector (Alltech,
Allsep A-2 Anion IC column). The mobile phase was 1.7 mM
NaHCO3-1.8 mM Na,COj; buffer solution, prepared from a
concentrated Alltech EZ-LUTE solution. The IC system was
calibrated using Na,SO, solutions at varying concentrations,
prepared from a standard Na,SO, solution supplied by the
manufacturer.

As mentioned above, DRIFTS can only be applied to solid
powders, but some of the chemistry occurring in the thin water
film on the particles involves species such as OCI™ that are not
stable as solids. In order to probe this chemistry and to obtain
reference spectra of SO5>~ and SO,*~ in solution for compar-
ison to the DRIFTS spectra, chamber experiments on aerosols
were carried out. A detailed description of the aerosol cham-
ber can be found in Ramazan er al.'* Briefly, it consists of a
cylindrical borosilicate cell that is 30 cm in diameter and 1.2 m
in length with stainless steel endplates that hold infrared
reflective mirrors in a White cell configuration.!® The total
volume of the chamber is 102 L. The path length was set at
47.8 m, allowing both gas phase and aerosol components to be
interrogated using infrared spectroscopy. These experiments
were conducted at a relative humidity between 60 and 90%
and a temperature of 298 + 3 K.

Aerosols were produced using a TSI Atomizer (Model 3076)
and were then directly introduced into the chamber. NaOCI
aerosols were atomized from a 0.05% (w/v) aqueous solution
of NaOCI reagent (prepared from Spectrum NaOCl ACS
reagent, min. 5% chlorine). NaCl aerosols were atomized
from a 1% (w/v) aqueous solution of NaCl. The particle size
distribution for the NaCl aerosols was characterized using a
TSI scanning mobility particle sizer (SMPS) consisting of an
electrostatic classifier (Model 3080) equipped with a differen-
tial mobility analyzer (DMA, Model 3081) and a condensation
particle counter (CPC, Model 3022A). Typical NaCl aerosol
concentrations in these experiments were 8 x 10° particles
cm > with a geometric mean diameter of 130 nm (o, = 1.40).

In order to obtain a calibration for the sulfite infrared peak,
a bulk aqueous solution of 0.7 M Na,SO; was prepared and
the spectrum of the solution obtained by placing a few drops
of it on top of an ATR crystal. A Jasco 615 FTIR spectro-
meter was used with a PIKE single-bounce ATR accessory. In
this case, no sulfate was observed. The solution was then
oxidized by bubbling O3/O, through the solution and with-
drawing aliquots at various times for analysis until the sulfite
had been completely converted to sulfate. This allowed the
relative infrared absorption cross sections for sulfite and
sulfate to be obtained, assuming a 1 : 1 relationship between
sulfite reacted and sulfate formed.

3. Results and discussion

Characterizing the reactant mixture

Fig. 2 shows an SEM image of a typical NaCl-MgCl, - 6H,O
salt sample. A typical particle diameter is ~1 pm. EDS
analysis showed that the Na : Mg ratio over four different

}\.L:L.E V  Spot Magn De
10.0kv 4.0 16379x S 98 1 NaClMgCi2
F -

Fig. 2 SEM image of an NaCl-MgCl, - 6H,O (9: 1 w/w) salt sample
that had been mixed in a Wig-L-Bug. Beam voltage was 10.0 kV,
magnification was 15 000. Sample chamber was at ~ 10~ Torr.

500-600 um? areas averaged 33 & 3 (15), which is in excellent
agreement with the ratio of 31 expected for 0.27 g NaCl mixed
with 0.03 g MgCl, - 6H,0. Scans of smaller sample areas gave
a higher variability, indicative of some heterogeneity in the
distribution of the magnesium chloride.

The deliquescence points of MgCl, - 6H,O and NaCl at 298
K are 33% and 75%, respectively.'® Because MgCl, - 6H,0
has waters of hydration and likely some adsorbed water as
well, it is a ‘soft’ salt that is expected to coat the NaCl particles
at least in part during the grinding process. Once the salt
sample is in the DRIFTS apparatus, the RH is raised to 50%
which will dissolve the magnesium chloride and allow it to
coat the NaCl. Tang®” has measured the properties of mixtures
of MgCl,-6H,O and NaCl and has shown that at 50% RH,
the equilibrium solution consists of magnesium chloride (4.2
molal), smaller amounts of dissolved NaCl (0.6 molal) and
solid NaCl. Based on these concentrations and the SEM/EDS
results, the NaCl-MgCl, - 6H,O samples in the DRIFTS cell
at 50% RH are considered as consisting of a solid core of
NaCl particles coated by a solution of MgCl, with smaller
amounts of dissolved NaCl. Based on the thermodynamic
calculations of Tang,”’ the initial volume of solution asso-
ciated with the particles at 50% RH is 0.04 cm? for the 0.30 g
samples used in these experiments.

OH processing of the samples, and uptake and initial oxidation
of SO,

DRIFTS spectra obtained from NaCl-MgCl,-6H,0 salt
samples exposed to the O3;/H,O photolysis intermediates and
products, including OH, followed by the addition of SO, are
shown in Fig. 3. The numbers on the spectra indicate the time
elapsed from the beginning of SO, addition. The dotted trace
in Fig. 3 shows the spectrum obtained 3 min after SO, was
added to a sample that had been OH-processed for 2 h.
Initially, a peak appears at ~955 cm™! that is attributable'?’
to sulfite, SO;>~. With time, this peak decreases while another
peak grows in at 1106 cm™!' and is assigned to sulfate
(S0,27).17
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Fig. 3 DRIFTS spectra of an OH-processed (2 h exposure) NaCl-MgCl, - 6H,O salt sample at 50% RH and 391 Torr total pressure upon
addition of 4.8 x 10" molecule cm~* SO,. The numbers on the spectra indicate the time elapsed (in minutes) from the beginning of SO, exposure.

Control experiments were carried out in which the unpro-
cessed salt was exposed to SO,; neither sulfite nor sulfate were
formed. In addition, no sulfite or sulfate were observed after
SO, was added to a salt sample that had been exposed to UV
in the absence of O3, nor in one which had been exposed to O3
in the absence of UV.

In short, the salt must be OH-processed for measurable
amounts of sulfite and sulfate to be formed, consistent with
increased alkalinity of the processed salt due to reaction (1) and
the increased solubility of SO, at high pH. The absence of the
bisulfite peak'®” at 1023 cm™" in Fig. 3 is another indication of
the alkalinity of the salt sample. Note that reaction (1) does not
occur if the chloride is in a solid salt, confirming that the
chemistry must be occurring in an aqueous film on the salt.
These observations are consistent with Raman spectroscopy
studies of Aardahl and Davis'®® which showed sulfite formation
upon uptake of gaseous SO, into aqueous NaOH aerosols.

Altmaier er al.'® have shown that Mg(OH), reacts to form
the Mg,(OH);Cl- 4H,0 (hydroxychloride) in magnesium chlor-
ide solutions with concentrations greater than 2 molal. The K,
for magnesium hydroxide is 1.25 x 107" at 25 °C."'"° This
implies that as the aqueous film becomes increasingly basic
during the OH reaction with chloride ions, hydroxide ions will
become sequestered as solid Mg(OH), and then as
Mg,(OH);Cl-4H,0. Another potential contributor to seques-
tering base is the uptake of CO, and formation of magnesium
carbonate. The levels of CO, in the air used for the experiments
were small, 2 ppm or less, so that this is not expected to be a
major contributor. In any case, hydroxide is sequestered in
these salts and is available to neutralize SO, as it is taken up and
oxidized to sulfate. The solubility!'! of Mg,(OH);Cl-4H,O is
such that it requires lower pH values to dissolve this salt
compared to Mg(OH),. It is thus expected that the hydroxide
will dissolve first as acid is generated by the sulfite oxidation,
followed by dissolution of Mg,(OH);Cl-4H,0.

There is an additional source of OH in the salt samples that
must be considered. Secondary chemistry during the O3/H,O
photolysis generates other intermediates and products (sup-
plementary information) including HO, which in solution is a
weak acid:

HOs(,q) < H" +0; Ks=20x10"M (5)

In the presence of ozone, O,  undergoes an electron transfer
to O3, which in the presence of water reacts to form OH:

0; + 03+ H,0 -—2 0, + OH+ OH™ (6)

The net result is the reaction of HO; in bulk solution to generate
OH. Taking Henry’s Law constants''? for HO, and Os of 5.7 x
10% and 1.1 x 1072 M atm ™', respectively, the aqueous phase
equilibrium concentrations of HO, and Os after 14 s photolysis
in the absence of reaction with the salt are predicted to be 7.1 x
107° M and 1.4 x 107* M. At a pH of 7, the equilibrium
concentration of O, in the absence of further reaction would
be 1.4 x 1072 M, and larger at basic pH. If the rate of electron
transfer from O, to Os is rate determining (k = 1.52 x 10°
M~ s71),"3 then this source of OH will overwhelm that due to
the uptake of OH from the gas phase.

However, it is important to note that reactions (5) and (6)
will generate OH in the bulk aqueous phase where not only
does its oxidation of chloride ions not generate hydroxide,
but the oxidation actually requires acid for the reaction to

0CC111’Z42’43
OH + Cl” < CIOH™ (7)
CIOH™ + H" « Cl + H,0 (8)
Cl+Cl™ —Cly 9)
2Cl; —»ChL+2Cl (10)
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Fig.4 Time dependence of peaks due to (a) sulfite (open circles) and (b) sulfate (filled triangles) in a typical DRIFTS experiment upon addition of
SO, (t = 0) to an OH-processed NaCl-MgCl, - 6H,O salt sample. The dotted line is a polynomial fit to the data. The sample had been processed
with OH for 2 h before the addition of 4.8 x 10" molecule cm ™~ SO, (region I) at a total pressure of 391 Torr and a relative humidity of 50%. After
80 min, 4.0 x 10'® molecule cm > O; was added and the flows and pumping adjusted to give a total cell pressure of 474 Torr (region II), an SO,
concentration of 1.3 x 10'® molecule cm ™ and a relative humidity of 52%.

However, given the predicted propensity for OH to reside at
the interface,''*'® some of the OH generated in solution by
reactions (5) and (6) will diffuse to the interface, enhancing the
interface oxidation and generation of base beyond that ex-
pected due to the uptake and reaction of gas phase OH alone.

The relatively rapid disappearance of sulfite and formation
of sulfate (Fig. 3) shows that the salt contained an oxidant that
was converting sulfite into sulfate in the absence of gaseous Os.
Region I of Fig. 4 shows the formation and conversion of
sulfite to sulfate under these conditions. The rate of sulfate
formation decreases substantially after about 10 min, suggest-
ing the oxidant for S(1v) is being depleted as the reaction
occurs.

There are a number of species that may be responsible for
the initial oxidation of S(iv): residual Os;, H,O,, and/or
HOCI/OCI". We consider each of these sequentially.

Residual O; oxidation. Because O3 oxidation of dissolved
S(1v) species is the principal pathway for sulfate production in
sea salt aerosol under basic conditions, it is possible that
residual O3 dissolved in the liquid film after Oz photolysis is
the oxidizing agent in region I of Fig. 4. To test this hypoth-
esis, a salt sample was exposed to UV light and O; for two
hours (OH-processing) after which the O3 flow was turned off,
but the UV light exposure continued for another hour. This
procedure would have photolyzed residual O;. The results
obtained upon subsequent exposure to SO, were similar to
those from the experiments without additional irradiation of
the sample. A second experiment was performed in which an
OH-processed salt sample was pumped overnight under va-
cuum prior to addition of SO,. There was again no significant
change in the oxidation of S(1v) to S(vi). These experiments
rule out dissolved ozone as the oxidant in region I.

H,0, oxidation. Hydrogen peroxide is formed from the
reaction of HO, radicals produced during Oz photolysis
(ESIf). Hydrogen peroxide is an important oxidizing agent
for dissolved SO, in aerosols and clouds over a wide range of
pH.385 1t is highly soluble in water, with a Henry’s law
constant'!” H = 8.3 x 10* M atm ! and it photolyzes to form
two OH radicals with a quantum yield close to unity at 248
and 308 nm.*” If H,O, were the oxidizing agent in our
experiments, one would expect that additional exposure to
UV would photolyze it to generate OH, some of which would
diffuse to the aqueous interface, oxidize additional chloride via
reaction (1) and generate additional hydroxide. This would
lead to increased uptake and oxidation of SO,. However, the
amount of sulfite oxidized in region I did not change signifi-
cantly upon exposing the sample to UV, so it seems unlikely
that the oxidation of sulfite to sulfate was due directly to
residual H,O».

HOCI/OCI™ oxidation. Hypochlorous acid (pK, = 7.53)'!8
is formed from the hydrolysis of Cl, (produced in reaction (1)).
The hydrolysis is fast in the presence of hydroxide ions:

Cl, + OH™ — HOCI + CI~ (11)
Both HOCI and OCI™ oxidize S(1v) to S(vi):88:119-121
HOCI + SO;~ — HSO; + Cl™

(12)
kip=76x10M 15!

OCI™ 4SO — CI™ 4505~
(13)
kis = 23x10°M s

Aqueous HOCI and OCI™ have been shown to undergo
photolysis to produce chlorine atoms.!**!** However,
chlorine atoms will be converted back to Cl, and HOCI/CI™
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Fig. 5 ATR-FTIR spectra of a bulk solution of 0.70 M Na,SO; before oxidation, after it had been partially oxidized by Oz and after complete
oxidation. These data give the relative infrared absorption cross sections at the peaks for sulfite and sulfate, 6(SO5>")/6(SO4>") = 0.8.

in the presence of high concentrations of Cl™ via reactions
(9)—(11). Thus, the results of the post-OH-processing UV
exposure suggest that HOCI/OCI™ is the oxidant for S(iv) in
region I.

Using the rate constants for reactions (12) and (13), and the
pK, for HOCI, the relative rate of oxidation of sulfite by HOCl
compared to OCI™ is given by k;,[H"]/(3.0 x 107 k3). At a
pH of 12, this ratio is one, i.e. sulfite is oxidized at equal rates
by HOCI and OCI . At lower pH values, the oxidation by
HOCI predominates.

As seen in Fig. 4, the sulfite peak increases rapidly on
exposure of the processed salt to gaseous SO, and then
decreases. This reflects the kinetics of the uptake of SO, into
the alkaline aqueous film on the salt combined with simulta-
neous oxidation of the sulfite to sulfate by HOCI/OCI™ The
sulfite concentration at its peak can be estimated in the
following manner. The total number of sulfate ions produced
at the end of region II was determined by ion chromatography
to be 1.3 x 10'®. The infrared absorbance due to sulfite in Fig.
4 can be quantified by measuring the infrared absorption
spectrum of a bulk solution of sulfite using ATR-FTIR and
then that of the same solution after complete conversion of the
sulfite to sulfate. Fig. 5 shows such spectra obtained before,
during and after oxidation of a 0.70 M solution of Na,SOs.
Using the 1 : 1 relationship between sulfite oxidized and sulfate
formed, the absorption cross section for sulfite is found to be
0.8 times that for sulfate. Applying this relationship, along
with the calibration of the sulfate infrared absorbance using
IC, to the sulfite peak in Fig. 4 gives a total of 1.9 x 10" sulfite
ions in the sample at its peak. If the volume of the aqueous film
is 0.04 cm 3, the sulfite concentration in this aqueous film at its
peak is 7.9 x 1073 M. It should be noted, however, that as the
magnesium chloride is converted to the less soluble hydroxide
and hydroxychloride, the volume of the aqueous film may
shrink. This will lead to the volume of the available solution
being overestimated, and hence the sulfite concentration un-
derestimated.

The peak in the sulfite must reflect a balance between uptake
of SO, and its oxidation in the film and reevaporation, which
however is expected to be small for basic solutions. Using a
mass accommodation coefficient for SO, of 0.11,'% the rate of
formation of sulfite in a 0.04 cm® aqueous film due to uptake
of SO, at a concentration of 4.8 x 10'° molecule cm™> is
1.4 x 10° M s™!. This assumes that the film is sufficiently basic
so that all of the S(iv) is in the form of sulfite. This is
reasonable, given the discussion above and that HSO3;™ was
not observed on exposure to SO,. The sulfite is simultaneously
being removed by an oxidant, Ox:

Ox +SO3™ — SO kox (14)

At the sulfite peak, the rate of uptake must be equal to its rate
of removal, ie. 1.4 x 10° M s7! = ko JOX][SO3>7] = kox
[0x](7.9 x 1073 M). If the oxidant is HOCI, ko, = 7.6 x 10°
M~!s7! and the concentration of HOCI would be 2.3 x 10~*
M. This is an upper limit since the aqueous film volume was
assumed to be 0.04 cm>. If the oxidant is OCI™, then ko, =
2.3 x 10* M~! s7! and the concentration of OCI~ would be
7.8 M which is unreasonably large. This again suggests that
HOCI is the oxidant in region I.

Chamber experiments

Further studies were carried out using an aerosol chamber to
verify that the DRIFTS observations are consistent with
oxidation of sulfite by HOCI/OCI™ in a liquid film. Fig. 6
shows that while sulfate and sulfite are not observed for NaCl
aerosols exposed to SO,, sulfate is formed upon addition of
gaseous SO, to NaOCl aerosols. These experiments cannot be
carried out using the DRIFTS apparatus because NaOCl
cannot be obtained as a stable solid; it decomposes to O,
and Cl17, as well as to higher chlorine oxides, as the solution
becomes more concentrated.'?*

Unlike NaOCl aerosols, NaCl aerosols are at a neutral pH.
Thus less SO, is taken up by NaCl aerosols, and sulfite is
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Fig. 6 Long path FTIR aerosol chamber spectra of (a) NaOCl aerosols (black) at 73% RH and 730 Torr after addition of 5 x 10'* molecule cm >
SO»; (b) NaCl aerosols (grey) at 77% RH and 720 Torr, and after addition of 5 x 10'* molecule cm ™3 SO,.

formed in amounts insufficient to be detected by FTIR in our
chamber. This observation is consistent with the studies of
Hoppel et al. who observed the uptake and oxidation of
gaseous SO, in seawater aerosols but not NaCl aerosols.”* >
They attributed this to the rapid acidification of the unbuf-
fered NaCl aerosols which restricted the dissolved S(1v) con-
centration to ~ 10 uM compared to concentrations that were
three orders of magnitude larger in the buffered, alkaline sea-
salt particles.

The spectra taken in the aerosol chamber are those of
aqueous liquid particles. The fact that they are very similar
to those observed using DRIFTS on the reacted
NaCl-Mg,Cl, - 6H,O samples at 50% RH is further evidence
that the chemistry, on what is ostensibly a solid salt mixture in
the DRIFTS studies, is actually occurring in a liquid film on
the surface. There is a small shift in the position of the sulfate
peak, from 1106 cm™" in the DRIFTS experiments (Fig. 3) to
1110 cm ™! in the aerosols (Fig. 6). This is consistent with a
red-shift observed in the peak of MgSQO, aerosols as they
became more concentrated.'*

Oxidation of SO, by O3 in region II

After the initial oxidation of S(1v) by HOCI/OCI™ (region I of
Fig. 4), the salt was exposed to both O; and SO, simulta-
neously at 52% RH. The rate of formation of sulfate again
increases (region II), and the total sulfate after one hour
determined by IC was 1.3 x 10'® jons, or 2.2 x 10~° moles.
This can be compared to only 6.6 x 10'° sulfate ions formed
when the unprocessed salt mixture is exposed to SO, for 70
minutes followed by Oz and SO, for 75 minutes in the absence
of UV light. This latter amount of sulfate was too small to be
observed in the DRIFTS spectra. The fact that significant
sulfate formation is observed in region II of the experiment,
compared to the control experiment, is an indication that the
sample in Fig. 4 must have been basic. At high pH, the
oxidation of SO, by O; is particularly fast due to the high
rate constant for the sulfite—ozone reaction.®’

Further quantitative treatment of the kinetics in this region
is not warranted for several reasons. First, as discussed earlier,
the volume of the solution on the salt cannot be assumed to be
the same as that for the reactant MgCl, - 6H,O/NaCl mixture
once it has been reacted with OH and SO,, forming the
hydroxide, hydroxychloride and sulfate. In addition, since
the aqueous phase in this experiment consists of highly con-
centrated salt solutions, the Henry’s law constants calculated
for SO, and O3 based on uptake on water are likely to be
upper limits. Furthermore, the kinetics of the dissolution of
Mg(OH), and Mg,(OH);Cl-4H,O are not known.

A further complication is the extent to which the DRIFTS
technique interrogates the lower levels of the sample. Previous
studies using DRIFTS have shown that the IR signal is not
restricted to the top few molecular layers of the sample;
however, signals from lower portions of the pellet contribute
significantly less to the total measured absorbance.*® To
examine the extent of the reaction at lower levels of the salt,
a depth profile study of SO,*>~ within the salt sample was done
by IC. After an experiment with an OH processed salt mixture
treated similarly to the sample in Fig. 4, the pellet was sliced
horizontally into three approximately equal-sized portions. IC
analysis showed the presence of sulfate in all three sections.
The sulfate represented 0.073, 0.059, and 0.054% by mass of
the sample for the top, middle, and bottom sections, respec-
tively. The fact that SO,>~ was present at all depths indicates
that the oxidation occurred throughout the sample. However,
the DRIFTS spectra at larger extents of reaction, when the
upper layers have reacted and changes in the spectra are due to
reaction in the lower layers, likely underestimate the total
amount of sulfate and hence its rate of formation. Without a
detailed understanding of these factors, quantitative treatment
of the rate of formation of sulfate due to the ozone oxidation is
not reliable.

Despite these uncertainties, it is clear that gaseous OH
radicals interact with the salt as if it were a liquid, generating
hydroxide via the interface reaction (1). This alkalinity leads to
the enhanced uptake and oxidation of SO, both by
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HOCI/OCI™ and by Os;. These experiments are qualitatively
consistent with the hypothesis of Laskin e al.*® that the OH
interface reaction with Cl~ generates alkalinity in the salt
which enhances the uptake and oxidation of gaseous SO,
under laboratory conditions. These experiments were carried
out on model sea salt particles in the absence of other sources
of acids in air such as HNO3; which are present in the tropo-
sphere. Modeling studies by von Glasow that include the much
more complex mixtures found in air suggest that the relative
increase in non-sea salt sulfate (nss-SO4°~) when the interface
reaction (1) is included is of the order of a few percent or less,
depending on the sea salt particle size and the value of the
reaction probability.”® Part of the reason for this is that in
remote regions, the chlorine atoms from the photolysis of Cl,
generated in reaction (1) react predominantly with methane,
forming HCI which can be taken up into the sea salt and titrate
part of the alkalinity. In more polluted regions, the production
of acids such as HNO;5 can overwhelm the production of
hydroxide through the surface reaction.’® Measurements of
the oxygen isotope composition of sulfate in the Indian Ocean
are consistent with the titration of the sea salt alkalinity by a
combination of the uptake of gaseous HNO; and by the
oxidation of dissolved S(1v) by 03.°® The measured 'O
composition of nss-SO4>~ was not well simulated by their
model if reaction (1) was assumed to “‘always maintain(s) an
excess of alkalinity”’. Reaction (1) would not be expected to
maintain such an excess, but rather, to modulate the acidifica-
tion, so the model predictions in this case may have somewhat
overestimated the isotope effect expected in field samples. In
any event, while the present experiments qualitatively confirm
the impact of OH processing on the uptake and oxidation of
SO, on model sea salt aerosols under these laboratory condi-
tions, they cannot be directly extrapolated to those found in
the troposphere.

4. Summary

The experiments reported here establish that chemistry in thin
liquid films on solid salts can be studied using DRIFTS if a
small amount of a hygroscopic salt such as magnesium
chloride is used in conjunction with a less soluble salt such
as NaCl. At a relative humidity which is sufficiently high to
deliquesce the first salt, but not high enough to deliquesce the
second, a liquid film is formed on the undissolved salt,
providing a model for an aqueous salt solution. Using this
approach, the reaction of an aqueous chloride film on the
NaCl powder with gas phase OH/HO, was shown to generate
sufficient OH™ via the interface reaction (1) that sulfite is
generated from the uptake of gas phase SO, in amounts
measurable by DRIFTS. The concurrent oxidation of the
sulfite to sulfate occurs via the reaction of HOCI/OCI™ formed
by hydrolysis of the Cl, produced simultaneously with the
hydroxide ion. The hydroxide formed is expected to be
sequestered as Mg(OH), and/or Mg,(OH);Cl-4H,0, which
continues to provide alkalinity to neutralize the acid formed
when O3 oxidizes S(1v) in the thin liquid film. While model-
ing”®1?° and field studies®®!?” suggest that this chemistry is
likely to have only a minor impact on the uptake and oxida-
tion of S(1v) in the marine boundary layer under the more

complex conditions of the atmosphere, the experiments re-
ported here show that the chemistry proposed by Laskin
et al®® involving the uptake and oxidation of S(iv) on
OH-processed salt does occur under laboratory conditions.
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