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The potential for generation of highly reactive chlorine and bromine atoms from sea salt particles in the
troposphere has been recognized for many years. This chemistry is of particular interest because of the complex
interactions of halogen atoms with ozone as well as with organics, which can lead to either the formation or
destruction of tropospheric ozone, depending on the conditions. While a variety of reactions of tropospherically
important gases with sea salt and its major components, NaCl and NaBr, have been identified, the chemical
and physical interactions are not well understood on a molecular scale. As a result, quantification of the
contribution of sea salt chemistry to the marine boundary layer, as well as in other circumstances where such
chemistry may be important, is not yet possible. We discuss here research from the authors’ laboratories
which is directed to understanding the chemistry of sea salt, NaCl, and NaBr on a molecular level in sufficient
detail to provide a firm basis for incorporating this heterogeneous chemistry into atmospheric models.
Implications for chemistry in the marine boundary layer and in the Arctic at polar sunrise are discussed, and
areas of particular uncertainty highlighted.

Introduction

Over the last few decades, there has been a dramatic increase
in research devoted to understanding the fundamental kinetics
and mechanisms of atmospheric reactions. It has become clear
that all of the traditional areas of chemistry, including physical,
organic, inorganic, analytical and biochemistry, are needed to
address various problems in this exciting and dynamic field.
Furthermore, it is evident that integration of experiments and
theory is critical to the development of a full understanding of
chemical and physical processes in the atmosphere.

In this article, we focus on one aspect of atmospheric
chemistry: reactions of sea salt particles and their components
relevant to the atmosphere. In the spirit of a Feature Article,
the intent is not an exhaustive review of the burgeoning literature
in this area, but rather a summary of recent research carried
out in the authors' laboratories. We show how a combination
of experimental approaches combined with theory provides new
insights into the atmospheric reactions of airborne sea salt
particles, and in particular how this integration highlights some
new and exciting areas for future research.

Background

Role of Halogens in the Overall Chemistry of the Lower
Atmosphere. The major initiators of chain processes in the
troposphere have been known for many years to be hydroxyl
radicals (OH) during the day, nitrate (NO3) free radicals at night,
and ozone both day and night. The hydroxyl radical is primarily
a daytime species because its sources are photolytic, e.g.,
photolysis of O3 to give O(1D) which reacts with water vapor

to generate OH, photolysis of HCHO and other aldehydes to
give HO2 which forms OH via the reaction with NO, and
photolysis of HONO to give OH directly. Nitrate radicals on
the other hand, formed by the reaction of NO2 with O3,
contribute to chemistry primarily at night because of the rapid
photolysis of NO3 at dawn.1 Ozone itself initiates chemistry
directly and indirectly through its reaction with alkenes; this
reaction not only forms free-radical precursors such as HCHO
but also generates OH directly through the decomposition of
excited Criegee intermediates.2-4

However, there is increasing evidence that halogen atoms,
particularly chlorine and bromine, may play significant roles
in the chemistry of certain regions of the lower atmosphere.
Field studies dating back approximately 50 years established
that sea salt particles exposed to anthropogenic air pollutants
were deficient in chloride and often in bromide as well.5,6 This
observation has since been confirmed many times in a variety
of locations around the world.7-13 The chemistry leading to this
halogen deficiency in sea salt particles has generally been
attributed to acid ion-exchange reactions, such as that with
H2SO4 or HNO3:

HCl does not absorb light withλ > 290 nm which reaches the
troposphere,1 but it does react with OH to generate highly
reactive chlorine atoms,

which can react further, ultimately generating Cl2 via HOCl.14

The rate constant for this reaction15 at 298 K is 8.0× 10-13

cm3 molecule-1 s-1; as a result, at an OH concentration of 1×
106 radicals cm-3, the estimated lifetime (τ ) 1/k[OH]) of HCl
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NaCl(s,aq)+ HNO3(g)f NaNO3(s,aq)+ HCl(g) (1)

HCl + OH f H2O + Cl (2)
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is quite long,∼14 days. Because of its solubility, HCl is also
efficiently removed by deposition, in competition with reaction
with OH.

While such reactions are undoubtedly significant, particularly
in the presence of acids, there are additional potential reactions
with gases such as N2O5, NO3, ClONO2, and NO2, which
directly form photochemically active gaseous halogen prod-
ucts:16-57

All of the stable gaseous products (and the corresponding
bromine species formed in the NaBr reactions) absorb light
above 290 nm and dissociate to highly reactive halogen atoms.
Once formed, Cl can react not only with O3 as in the stratosphere

but also with organics, which are plentiful in the troposphere:

A similar reaction of OH with organics occurs during the day,
generating H2O rather than HCl. The alkyl radical formed in
reactions such as (8) then reacts with O2 to generate a peroxy
alkyl radical (RO2), that can oxidize NO to NO2:

The subsequent photolysis of NO2 generates O3:

In short, the generation of chlorine atoms in the lower
atmosphere can lead either to ozone destruction or to ozone
formation, depending on the particular atmospheric conditions.

Bromine atoms also react with O3

but are less reactive than chlorine atoms toward many organics.
For example, the reactions with alkanes are sufficiently slow
that they are negligible in the atmosphere.58,59 However, the
reactions with some organics such as HCHO are sufficiently
fast15 to be important under atmospheric conditions:

For example, ozone destruction at the earth’s surface is well-
known to occur in the Arctic at polar sunrise.60-62 It is clear
that this loss is associated with gas phase bromine chemistry,
with recycling of bromine via heterogeneous reactions that are
not at present totally understood. Although chlorine chemistry
also occurs during these ozone depletion episodes,63-69 as
discussed in detail below, it is much less important than the
molar ratio of chlorine to bromine in unreacted sea salt
(∼650:1) would imply.

In short, if reactions of sea salt liberate chlorine and/or
bromine atoms, there is a potential for them to contribute to

the chemistry of the lower atmosphere, particularly the marine
boundary layer. Shaw70 reported the transport of sea salt particles
as much as 900 km inland in Alaska. There are also some
instances of transport of sea salt into the upper troposphere,71

and, during eruptions of alkaline volcanoes such as El Chichon,
into the stratosphere as well.72,73 In addition to sea salt, there
are some other situations where salt is found in high concentra-
tions in particles. For example, the plumes from burning of the
oil wells in Kuwait contained high salt concentrations due to
the saltwater mixed in with the oil.74-81 In addition, recent
observations of BrO near the Dead Sea suggest the importance
of salt chemistry in the vicinity of saline dry lake beds.82 Thus,
the chemistry which is the focus of this article is relevant to a
number of situations found in the atmosphere.

Sources and Forms of Particulate Halogens in the Lower
Atmosphere.Sea salt represents a very large source of halogens
in the lower atmosphere.12,83 Wave action generates small
airborne droplets of seawater in the marine boundary layer.84-88

As these droplets are transported, water can evaporate, leaving
either small concentrated aqueous solutions of seawater or, at
sufficiently low relative humidities, small crystalline particles.
The deliquescence point of NaCl and sea salt at 298 K is 75%
relative humidity.89-96 However, there is a hysteresis as the
particles are dried, so that the effluorescence points occur at
much smaller relative humidities. For NaCl, for example, it is
∼40%. This means that in the marine boundary layer where
the relative humidity is high, the particles will be aqueous.
However, when they are transported to higher altitudes or inland
where the relative humidities are lower, they can crystallize to
form solid particles.

Given this background, there are a number of questions
regarding the chemistry of salt particles which need to be
addressed in order to understand their contributions to atmo-
spheric processes:

1. What are the known gas-salt reactions and which are likely
to be most important in the atmosphere?

2. How does water affect these reactions? This includes both
water as a solvent when the particles are above their deliques-
cence points, as well as water adsorbed on the crystalline salts
at lower relative humidities. In addition, water can be trapped
in occlusions between particles and play a role in the uptake
and reactions of gases.

3. How do the reactions of concentrated aqueous sea salt
particles compare to those of the solid salts, particularly the
salts which hold surface-adsorbed water?

4. Why is bromine chemistry so enhanced relative to chlorine
chemistry under some conditions?

We shall address these issues in this article, in the context of
recent findings from the laboratories of the authors.

Reactions of Solid NaCl Relevant to the Troposphere

The reactions of solid powders of NaCl have been the most
extensively studied, particularly those with HNO3, N2O5, NO2/
N2O4, NO3, and ClONO2. Despite what might appear at first
glance to be relatively simple reactions, the reported kinetics
of these gas-solid reactions are often in disagreement by an
order of magnitude or more. Table 1, for example, summarizes
some of the reported reaction probabilities for these gases with
NaCl. Where multiple measurements have been made using
different techniques, disagreement by several orders of magni-
tude is the norm, rather than the exception.

The lack of agreement in the reaction kinetics for what appear,
at least stoichiometrically, to be quite straightforward reactions
highlights complexities at the molecular level. As discussed

NaCl + N2O5 f NaNO3 + ClNO2 (3)

NaCl + NO3 f NaNO3 + Cl (4)

NaCl + ClONO2 f NaNO3 + Cl2 (5)

NaCl + 2NO2 f NaNO3 + ClNO (6)

Cl + O3 f ClO + O2 (7)

Cl + C2H6 f HCl + C2H5 (8)

RO2 + NO f RO + NO2 (9)

NO2 + hν f NO + O(3P) (10)

O(3P) + O2 98
M

O3 (11)

Br + O3 f BrO + O2 (12)

Br + HCHO f HBr + CHO (13)
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below, much of this complexity comes from the effects of water
on the salt surface, and in some cases, trapped between particles.
In turn, the surface water is associated with steps, edges, and
defects on the salt surface. Thus, understanding the kinetics and
mechanisms and how to extrapolate to atmospheric conditions
requires a detailed knowledge of the molecular scale interactions
of both water and the gaseous reactant with the salt surface.

The relative importance of these reactions in the atmosphere
is determined by the concentrations of reactant gases, as well
as the reaction probabilities. Also shown in Table 1 are some
typical concentrations of HNO3, N2O5, NO3, NO2/N2O4, and
ClONO2 measured or calculated to be present in the troposphere
under polluted conditions which might be found in coastal urban
areas. While the large discrepancies in the reported reaction
probabilities preclude making definitive judgments, the com-

bination of the reaction probabilities and concentrations suggest
that the most important oxides of nitrogen reactants are expected
to be HNO3, N2O5, NO3, and possibly ClONO2. As discussed
earlier, the latter three have the potential to generate highly
reactive chlorine atoms more directly than the HNO3 reaction.

All of the reactions of oxides of nitrogen generate NaNO3,
which has been observed as a product by infrared spectroscopy
as well as by XPS, SEM-EDS (see below), and AFM.54 Figure
1, for example, shows a time progression of infrared spectra
obtained during the reaction of N2O5 with NaCl using diffuse
reflectance infrared spectrometry (DRIFTS), and for comparison,
one during the reaction of HNO3 with NaCl.38 Similar spectra
have been observed from the reactions of the other oxides of
nitrogen such as NO2.37 Bands due to nitrate at 1333 and 1460
cm-1, respectively, increase during the reaction. As seen in

TABLE 1: Reported Reaction Probabilities for the Reactions of Gaseous Oxides of Nitrogen with Solid NaCl at Room
Temperature, the Techniques Used, the Type of Salt Sample, and Typical Concentrationsa of the Gases in Polluted Coastal
Regions

HNO3 (5 ppb) N2O5 (1 ppb) NO3(100 ppt) NO2/N2O4 (50/6× 10-7 ppb) ClONO2 (5 ppt)

(1.3( 0.6)× 10-3

(XPS; single crystal,
zero product coverage
extrapolation)56

>2.5× 10-3

(flow system; powders)27
(4.6( 0.4)× 10-2

(Knudsen cell;
powders and
spray-deposited)168,169

(1.3( 0.6)× 10-4 c

(DRIFTS; powders37
(0.23( 0.06)

(Knudsen cell; powders,
spray-deposited and
single crystals)170

(1.3( 0.4)× 10-2

(flow tube; powders)126
(5 ( 2) × 10-4

(Knudsen cell; powders,
spray-deposited salt and
single crystal)42

(1.3( 0.3)× 10-6 c

(FTIR; single crystals)49
(4.6( 3.0)× 10-3

(flow system; powders)34

(1.4( 0.6)× 10-2

(Knudsen cell; powders)44
<1.0× 10-4

(flow tube; powders)126
∼10-7 d

(Knudsen cell; powders)171

(2.0( 0.1)× 10-2

(Knudsen cell; powders,
spray-deposited and
single crystals)40,42

1 × 10-3

(NaCl coated denuder)33

(0.9-9) × 10-4 b

(flow tube; powders,
thin films)55

a From ref 1 except for ClONO2 which is a model-calculated value from ref 135. The N2O4 is calculated from the NO2 concentration and the
equilibrium constant15 for the 2NO2 T N2O4 reaction.b Observed to depend on the concentration of HNO3 and water vapor; range cited is for
HNO3 from 7 × 1013 to 6 × 1011 cm-3 without added water.55 c Assuming N2O4 is the reactant; Peters and Ewing49 observed that the reaction
probability increased by up to several orders of magnitude in the presence of water vapor.d Preliminary value assuming NO2 is the reactant.170

Figure 1. DRIFTS spectra during the reaction of N2O5 (5 × 1013 molecules cm-3) with solid NaCl at room temperature. The dotted line is from
the reaction of HNO3 (1.3 × 1014 molecules cm-3 for 7 min) with NaCl, demonstrating that the same infrared bands are formed. Inset shows a
spectrum of a 0.1% mixture of NaNO3 and NaCl (adapted from Vogt et al., 1994).38
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Figure 1, initially there are two narrow bands in the region of
the strongν3 antisymmetric stretch; as the reaction proceeds,
these bands appear to broaden and new bands grow in between.
At long reaction times, the peak appears as a very broad band
very similar to that observed for bulk crystalline NaNO3 as
shown in the inset to Figure 1. That is, while at longer reaction
times the product absorptions are clearly due to bulk crystalline
NaNO3, the initial spectra observed at low extents of reaction
show substantial band splitting. Similar results have been
reported by Ewing and co-workers,49 by Junkermann and
Ibusuki29 and Yoshitake97 for the reaction of NaCl with oxides
of nitrogen. The splitting of the bands was initially assigned37

to nitrate ions in different environments on the crystal surface.
However, Devlin and co-workers98 suggest that the splitting is
due to the transverse and longitudinal modes of dipole active
stretching modes of a thin layer of nitrate ions, and Ewing and
co-workers49 propose that the two peaks are due to splitting of
the ν3 degeneracy.

The expected gas phase products of reactions 1 and 3-6 have
been observed by FTIR and mass spectrometry. For example,
Figure 2 shows the infrared spectrum of the gas phase products
from the reaction of N2O5 with NaCl. ClNO2 is clearly observed
as a product.27 The gaseous HNO3 seen in the spectrum may
be due to either hydrolysis of N2O5 on the surfaces of the
vacuum system and/or on the water on the salt surface itself
(see below).

Role of Surface-Adsorbed Water on the Reactions of
NaCl and Sea Salt

Reactions of Dry Nitric Acid on Defect-Free NaCl Sur-
faces.Before we discuss the more complex interaction of gas
phase reactants with realistic models of sea salt aerosols and

particles in the presence of water, it is useful to understand the
fundamental processes that occur on structurally well-defined
NaCl (single-crystal surfaces) under controlled conditions of
adsorbed water. To accomplish this, we have carried out X-ray
photoelectron spectroscopy (XPS) and transmission electron
microscopy (TEM) studies of the reaction of dry, gas phase
HNO3 with surfaces of single-crystal NaCl(100) samples.39,43,45,47

As indicated in reaction 1, the interaction of HNO3 with NaCl
leads to the formation of NaNO3 and HCl. The buildup of
NaNO3 on the NaCl(100) surface can be followed quantitatively
by measuring the XPS signal intensities for N, O and Cl. Figure
3a shows how the surface O, N, and Cl concentrations change
as a function of exposure to dry HNO3 from the gas phase. The
N(1s) and O(1s) binding energies measured in these experiments
are consistent with the formation of the NaNO3 product. Figure
3a shows that the amount of nitrate product formed on the
surface increases initially but then plateaus as the surface

Figure 2. Infrared spectrum of reactants and gas phase products of
N2O5 with NaCl. Cell had White cell optics with base path of 0.8 m
and total path length of 38 m. (a) Before reaction; (b) after 6 ppm
N2O5 in 1 atm of air had passed over NaCl into the long path cell.27

Figure 3. (a, top) O, N, and Cl surface concentrations (relative to Na)
as a function of dry HNO3 exposure time for the NaCl(100) surface;
the HNO3 flux at the surface was equivalent to a gas phase concentration
of HNO3 of 1 × 1011 molecules cm-3. (b, bottom) Plot of{-ln(1 -
[O]/[Omax])}versus the dry HNO3 exposure time, where [O] is the
oxygen surface concentration shown in Figure 3a, and [O]max is the
high exposure saturation value of the oxygen surface concentration
shown in Figure 3a. The solid line is a linear least-squares fit to the
data, indicating a good fit to a simple, one-site Langmuir adsorption
model.39,43,56

11466 J. Phys. Chem. A, Vol. 104, No. 49, 2000 Finlayson-Pitts and Hemminger



becomes covered and passivated with the NaNO3 reaction
product. The Langmuir adsorption model provides a simple
description of this surface reaction. In this model, it is assumed
that a well-defined number of reaction sites exist on the surface
prior to exposure to HNO3 and that as these sites are occupied
in a statistical manner, the reaction probability decreases until
all of the surface sites are occupied by the reaction product and
the reaction probability is zero. This leads to the following
relationship between the reaction probability and the surface
coverage of product:56,99,100

The surface coverage of the nitrate product is followed using
the oxygen surface concentration, [O], from the XPS experiment
and [O]max represents the saturation oxygen coverage.k can be
combined with the known HNO3 flux at the surface to calculate
the reaction probability at zero coverage. Figure 3b shows the
appropriate plot of the oxygen surface coverage as a function
of HNO3 exposure to a NaCl(100) surface from an experiment
in which the HNO3 flux was equivalent to a gas phase
concentration of 1× 1011 molecules cm-3. The reaction
probability at zero coverage obtained from the data shown in
Figure 3b isγ ) (1.3 ( 0.6) × 10-3.

Our XPS experiments demonstrate that the reaction ofdry
HNO3 with NaCl surfaces is self-limiting. The surface becomes
covered with the immobile product of reaction 1, i.e., NaNO3.
However, we have also shown that when a surface that has been

passivated by reaction with dry HNO3 is exposed to water vapor,
surface reactivity is restored.43 TEM experiments show that the
restoration of surface reactivity occurs because the water
exposure results in enhanced ionic mobility on the surface and
subsequent recrystallization and phase separation of the NaNO3

passivation layer. As the NaNO3 ultrathin film recrystallizes to
form 3-D crystallites, fresh areas of NaCl surface are exposed
for subsequent reaction. Figure 4 shows a series of TEM images
of a NaCl crystallite before exposure to HNO3 (Figure 4A),
after exposure to HNO3 (Figure 4B), and after subsequent
exposure to water vapor (Figure 4C). There is no apparent
change in surface morphology associated with the initial
exposure to HNO3 vapor. However, based on our previous XPS
experiments, we know that the surface is covered with a layer
of NaNO3. In contrast, the water vapor exposure has resulted
in substantial restructuring of the crystallite with the formation
of new small crystallites. X-ray fluorescence experiments have
allowed us to identify the newly formed crystallites shown in
Figure 4C as NaNO3.45 Our XPS experiments in combination
with TEM experiments show that in the absence of water the
reaction of HNO3 with NaCl surfaces is self-limiting. Water
can lead to enhanced surface ionic mobility, providing a
mechanism for continued steady-state reactivity of the surface.
These observations are consistent with the increased mobility
of surface ions observed by surface conductance101 and atomic
microscopy102-105 at relative humidities above∼45%.

Reactions of NaCl Powders.Experiments utilizing NaCl
powders to study the reaction with HNO3 also provide evidence
that the initial reaction product is an ultrathin film of NaNO3,

Figure 4. Transmission electron microscope images of a NaCl crystallite: (A) initial crystallite after growth on the TEM grid. (B) after exposure
of the sample from (a) to 1.2× 1015 molecules cm-3 HNO3 for 15 min; (C) after exposure of the sample from (B) to water vapor (<15 Torr); (D)
after exposure of the sample from (C) to another sequence of HNO3 followed by water vapor (adapted from Allen et al., 199645 and Hemminger99).

ln(1 -
[O]

[O]max
) ) -kt (I)
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which recrystallizes to form 3-D crystallites upon postreaction
exposure to water vapor. Figure 5a shows DRIFTS spectra in
theν3 region of NO3

- (1) after reaction with NO2 followed by
(2) exposure to water vapor and (3) heating and pumping. The
nitrate peaks at 1460 and 1333 cm-1 (Figure 1) have been
replaced by a broad peak between, which is similar to the
absorption for crystalline NaNO3 (see inset, Figure 1). This
suggests that the surface ions become mobile on exposure to
water vapor; upon pumping off the water, the mobile ions
recrystallize into small microcrystallites of NaNO3. As a result,
the spectrum now resembles that of the bulk crystalline NaNO3.
If this is the case, then a fresh surface of NaCl should also have
been generated so that additional reaction with NO2 should
generate two nitrate bands in this region, similar to an unreacted
NaCl crystal. Figure 5b shows that reacting the salt subsequently
with NO2 does indeed regenerate the 1460 and 1333 cm-1

surface nitrate bands. This effect of water exposure is consistent
with the results of the XPS and TEM studies previously
described.

Key insights regarding the presence of previously unrecog-
nized water on the surface of salt powders and its critical role
in determining the reactivity have come out of Knudsen cell
studies of the reaction of powders with nitric acid. This is
illustrated in Figure 6 which shows Knudsen cell data for the
reaction of DNO3 with NaCl which has been pumped on in the
vacuum system, but without prior heating. An interesting feature
of the data in Figure 6 is the more rapid initial uptake of DNO3

when the lid is first opened. There are several possible explan-
ations (or some combination of them) for this spike. One is
that there are two types of surface sites on the salt. The initial,
more rapid, uptake would then be due to reaction with the first
type of site. Once these sites have been completely reacted, the
slower reaction on a second type of site continues. For example,
small amounts of OH- have been observed on NaCl.106-110

Theoretical studies predict that dissociation of water on NaCl
to form OH- occurs at F centers, rather than on steps and edges
where molecular adsorption is predicted.111,112The initial uptake
of HNO3 would be expected to neutralize these sites. The
subsequent uptake may then be due to reaction with chloride.

Another possibility is the presence of water on the surface
of the NaCl; on opening the lid, there would be an initially

large uptake of nitric acid due to its solubility in the water layer.
This initial uptake would decrease as the aqueous layer
approached saturation. Although water is not strongly adsorbed
on the NaCl(100) surface under dry conditions at room
temperature,108,109,113-115 water uptake does occur as the relative
humidity is increased. For example, Hucher and co-workers101

measured the surface conductance of NaCl at increasing water
vapor concentrations. The conductance was small at relative
humidities (RH) less than∼30% and then increased significantly
to 40% RH. Under the latter conditions, there was hypothesized
to be a monolayer of physisorbed water on the surface, which
has been confirmed by measurements of isotherms for water
uptake.107,116-122 As the relative humidity was increased further,
the conductance continued to increase which was attributed to
hydration of the Na+ ions. At the deliquescence relative
humidity, dissolution of the surface occurred.

Shindo and co-workers104,105used atomic force microscopy
to observe the effects of water vapor on the surface of
NaCl(100). They reported that motion of the steps on the surface
occurred at relative humidities above∼50%. In addition, and
most relevant to the issue of reactions occurring in water on
the salt surface, they reported the presence of voids in the natural

Figure 5. (a) DRIFTS spectra after reaction of (1) 4.5× 1014 molecules cm-3 NO2 with NaCl for 16 min followed by (2) exposure to 17 mbar
water vapor for 2 min. and then (3) heating to 413 K for 1.5 h while pumping; (b) after (1) reaction with NO2 (5 × 1014 molecules cm-3), then
exposure to 7 mbar of H2O for 25 min. followed by heating at 413 K for 25 min and (2) further reaction with a second dose of gaseous NO2

(adapted from Vogt et al., 1994).37

Figure 6. Mass spectrometric signals due to reactant DNO3 and product
HCl in Knudsen cell studies of the reaction of DNO3 with NaCl powder
(1-10 µm) at room temperature. Salt was pumped on for 6 h but not
heated prior to reaction (adapted from Beichert and Finlayson-Pitts,
1996).44
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rock salt crystals used in their studies; these voids were
hypothesized to be filled with liquid water which was saturated
with salt.

Salmeron and co-workers102,103have applied scanning polar-
ization force microscopy to study water uptake on NaCl(100).
Between 15 and 35% RH, the apparent height of the step edge
peaked above that of adjacent terraces. They attributed this to
enhanced water at these step edges. However, as the relative
humidity increased above 35%, water was more evenly distrib-
uted over the entire surface, in agreement with the observation
of increased surface conductance and with previous evidence
for a monolayer of water at∼40% RH. Measurements of the
surface potential showed that up to∼40% RH preferential
dissolution of Na+ occurs. This is consistent with theoretical
studies which predict that adsorption of water at a monatomic
step occurs via the interaction of the oxygen with a sodium ion
on the edge and one on the terrace below.112 At higher water
vapor concentrations, both the anions and cations dissolve,103

and the surface ions become much more mobile. This mobility
was also seen in the tip carrying material from the step edges
as it scanned over them at these relative humidities. In agreement
with the work of Shindo and co-workers, motion of the steps
was observed at higher relative humidities and at the deliques-
cence point, all steps disappeared as dissolution of the surface
occurred.

In short, there is evidence both for the formation of OH- at
defects on NaCl surfaces as well as for the presence of water
adsorbed at steps and edges, as a 2-D layer on the surface and
as a 3-D material in voids on the salt surface. Given that the
Knudsen cell measurements were carried out under vacuum,
water present in voids on the salt surface and/or in occlusions
between salt particles57,93-95,120 appears most likely. In either
case, production of HCl would be expected to be delayed relative
to uptake of HNO3. Although the time resolution in these
experiments was not sufficient to observe this, a delay in the
production of HCl was reported in similar studies by Rossi and
co-workers.40

Evidence that there is water on the surface that plays a key
role in the uptake and reaction of DNO3 is seen in the products
of the reaction (Figure 6). While DCl is generated as expected,
substantial amounts of HCl are formed as well. This clearly
demonstrates that there must be water on the surface of the salt
and that it plays a controlling role in the reaction.

The evidence suggests, then, that there are sites on the NaCl
surface which hold water into which the HNO3 is taken up.
Figure 7 is a schematic diagram of the chemistry occurring in
the aqueous layer in such sites. It is assumed that the liquid is
initially saturated with Na+ and Cl-. When the salt is exposed

to gaseous HNO3, it is taken up into the liquid, rapidly reaching
saturation. This acidifies the aqueous layer to the point that HCl
degasses and is observed as a gas phase product. As HNO3

continues to be taken up, NaNO3 precipitates out. The thermo-
dynamics of HCl and HNO3 uptake into water have been
described in the literature.123-125 Application to this system
suggests that under typical conditions in these experiments, the
pH falls to ∼1.7, leading to a constant degassing of HCl and
continued uptake of HNO3.44

As we have pointed out previously, the experimentally
measured values in the literature for the reaction probability
for HNO3 reacting with NaCl (reaction 1) vary by 2 orders of
magnitude (see Table 1). In addition, Davies and Cox55 and
Leu et al.,126 both report the observation of a dependence of
the reaction probability on the HNO3 pressure. One could
explain such a pressure dependence of the reaction probability
by assuming a two-site requirement for the dissociative adsorp-
tion of HNO3.55 However, our XPS experiments (see Figure 3)
are more consistent with a simple single site Langmuir model
for the dissociative adsorption of HNO3 on NaCl. The pressure
dependence observed by Davies and Cox55 and Leu et al.126 is
easily explained if we take into account the fact that the steady-
state reaction conditions of their experiments require the water
induced recrystallization of the NaNO3 reaction product to avoid
passivation of the surface. This can be modeled with a two step
mechanism as follows:56

where NaCl site represents a surface site that is open for
reaction, and NO3-(ads) represents a surface nitrate species that
is immobile and has blocked the original reactive site. Reaction
15 represents regeneration of the original reactive site in the
presence of adsorbed water that acts to increase the nitrate
mobility. This simple model provides a description of the HNO3

pressure dependence that is also consistent with the three major
aspects we have learned about the reaction of HNO3 with solid
NaCl: (1) in the absence of water, the dissociative adsorption
of HNO3 on solid NaCl follows a single-site Langmuir model;
(2) the initial nitrate formed on the surface blocks subsequent
reactions; and (3) water enhances the surface ionic mobility,
allowing the recrystallization of the nitrate reaction product and
thus opening up sites for further reaction. Using this simple
steady state kinetic model, the rate of dissociative adsorption
of HNO3 on NaCl can be written as

wherecj is the molecular speed of gas phase HNO3, S is the
NaCl surface area, andV is the reaction cell volume. Similarly,
standard expressions can be written for the rate of reactions 14
and 15 as

wherek14 andk15 are the rate constants of reactions 14 and 15
respectively. Using eqns II-IV, one obtains the following

Figure 7. Schematic diagram of chemistry in surface-adsorbed water
on NaCl, e.g., in voids on surface.44
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expression for the reaction probability under steady state
conditions:

whereA is the total number of surface sites (open+ blocked),
andB ) 4k15/k14cj. Equation V indicates that for reactions run
under steady state conditions of constant water content, a plot
of γ versusC/([HNO3] + C) (with C constant at a given water
content) should be linear, with a slope equal tok14A. Figure 8
shows such a plot of the data from the Davies and Cox study.55

The fit between the model of reactions 14 and 15 and the
pressure-dependent data is quite good.

The maximum value of the reaction probability that can be
obtained from the model of reactions 14 and 15 occurs in the
limit of high H2O(ads) concentrations, when the overall steady-
state reaction is not limited by the site blocking of NO3

-(ads).
Under such conditions, the maximum value ofγ can be obtained
from the slope of the plot in Figure 8 asγmax ) 1.1 × 10-3.

This is in excellent agreement with the value we have
measured for the zero coverage reaction probability of dry HNO3

with NaCl(100) single crystals. This is reasonable since the zero
coverage value of the reaction probability should be unaffected
by the surface passivation due to the nitrate reaction product
and should therefore be comparable to the values ofγ measured
under steady state conditions when the water-assisted nitrate
reorganization is fast and not rate-limiting.

The maximum value ofγ just determined is however, still
substantially lower than the values reported by Fenter et al.,40,42

Leu et al.126 and Beichert and Finlayson-Pitts,44 which are in
good agreement with each other (Table 1). It is probably better
to view the reaction on small crystallites in these studies in terms
of the previously described picture involving uptake into a liquid
like aqueous phase, rather than reactive adsorption onto a solid
surface.

Uptake and Reactions of Gases with Synthetic Sea Salt.
NaCl is the major component of sea salt and, as a result, has
been used extensively in laboratory studies as a surrogate for
sea salt. However, sea salt is a complex mixture of inorganics,
including a variety of metals and hydrates such as MgCl2‚
6H2O127 which have the potential to influence the chemistry.
In a Knudsen cell, extensive outgassing of water is observed
when sea salt is first placed in the cell, and continues for many
hours. In light of the observations of the importance of water
on the NaCl powders, reactions of oxides of nitrogen with sea
salt should also be controlled by surface-adsorbed water (SAW).

Indeed, as discussed in more detail shortly, the results of both
Knudsen cell and DRIFTS studies are consistent with this model.

In order to probe water associated with sea salt powders,
uptake of SO2 on synthetic sea salt was studied. Sulfur dioxide
is readily taken up into water and dissolves to form SO2(aq),
HSO3

-, and SO3
2-.1 While a slow reaction of the dissolved

S(IV) with carbonates in the salt also occurs, the initial uptake
is expected to be controlled primarily by solubility consider-
ations. Figure 9a shows the loss of SO2, monitored using its
parent peak atm/e ) 64, when the lid of the Knudsen cell is
opened to expose the gas to the salt.128 A rapid initial uptake
of SO2 is observed, followed by a much slower uptake that
continues over time scales of hours. This behavior is qualita-
tively similar to that observed for the uptake of HNO3 where
fast reactions involving chloride in the liquid film may also
occur.

The uptake and reaction of gases with liquids is often
described by a resistance model.1,129,130Under conditions where
the uptake is not limited by gas or liquid phase diffusion, the
net uptake can be described by eq VI:

γnet is the measured net uptake coefficient,R is the mass
accommodation coefficient, andΓsol andΓrxn represent uptake
due to dissolution and reaction, respectively, normalized to the
rate of gas-surface collisions. If reaction is slow and mass

Figure 8. Plot of the reaction probability for HNO3 on NaCl particles
(∼0.5 mm diameter) measured by Davies and Cox55 as a function of
C/([HNO3] + C. The constantC ) 8.0 × 1011 was chosen to obtain
the best linear least-squares fit to the data. This functional form for
the behavior of the reaction probability as a function of the HNO3 gas
phase concentration is suggested by the model described in the text.

γ ) k14A{ B[H2O]

[HNO3] + B[H2O]} (V)

Figure 9. (a) Knudsen cell data of the uptake of SO2 by synthetic sea
salt which had not been heated; (b) plot of 1/γnet versust1/2 for uptake
of SO2 onto synthetic sea salt, and for HNO3 onto finely ground NaCl.
Both salts had been pumped on but not heated (adapted from Gebel et
al., 2000).128

1
γnet

) 1
R

+ 1
Γsol + Γrxn
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accommodation is not limiting, then solubility determines the
uptake of SO2. The solubility term is given by eq VII

whereH* is the effective Henry’s law constant which, in the
case of SO2, depends on the Henry’s law constant for physical
solubility (H) and on pH:

In eq VIII, K1 and K2 are the acid dissociation constants for
SO2(aq) and HSO3

-, respectively. Thus, 1/γnet should vary with
t1/2 if the uptake of SO2 onto synthetic sea salt can be described
as uptake into an aqueous solution.

Figure 9b shows a plot of 1/γnetversust1/2 for the initial stages
of the uptake of SO2 onto synthetic sea salt which had been
pumped on but not heated. The good agreement with the
behavior predicted by eqs VI and VII suggests that this initial
“spike” in the uptake can indeed be described as if it were uptake
into an aqueous solution. Figure 9b also shows a similar plot
for the initial uptake of HNO3 on finely ground NaCl during
experiments similar to those in Figure 6. The linearity of this
plot is consistent with an initial rapid uptake of HNO3 due to
dissolution into water on the surface.

The details of Knudsen cell studies of the uptake and reaction
of HNO3 with synthetic sea salt are reported elsewhere.131 In
brief, as expected from the increased amount of water associated
with the sea salt, uptake and reaction of HNO3 is even more
rapid than with NaCl. The reaction probability for HNO3 with
salt that had been pumped on but not heated was more than an
order of magnitude larger than for NaCl treated in a similar
manner. Reaction of DNO3 with synthetic sea salt which had
been heated while pumping for up to 6 h prior to reaction gave
HCl as the only significant gas phase product over a period of
hours, consistent with the much larger amounts of water
associated with sea salt.131

DRIFTS studies shed further light on the issue of water in
and on synthetic sea salt.132 Figure 10 shows a typical DRIFTS
spectrum for the reaction of NO2 with synthetic sea salt. Peaks
due to NO3

- at 815 and 1022 cm-1 and in the 1300-1500 cm-1

range are formed as expected. By comparison to the spectrum
from the reaction of NaCl, it can be seen that while nitrate is
formed, the peak positions and bandwidths are different for the

reaction of synthetic sea salt. Furthermore, new peaks appear
at 1635 and 3370 cm-1 which, by comparison to spectra
obtained by exposing the salt to water vapor, are assigned to
surface-adsorbed water. Negative bands at 1610 and 3670 cm-1

also appear. Since these are in the region of water absorptions,
they could be due to loss of the waters of hydration in the
hydrates such as MgCl2‚6H2O. Evidence supporting this as-
signment comes from experiments in which synthetic sea salt
was exposed to gas phase D2O; negative peaks were observed
in the same regions, while positive peaks in the 2500 cm-1

region and at 1208 cm-1 due to D2O appeared. This suggests
that the D2O not only physisorbed on the surface but also
exchanged with some of the water in the crystal structure of
the hydrates. Positive bands around 3400 and 1635 cm-1 were
formed in these experiments, suggesting that some of the water
displaced from the hydrates by D2O remained adsorbed to the
salt surfaces. MgCl2‚6H2O was shown to undergo similar
reactions as the synthetic sea salt with NO2, HNO3, and D2O.132

Weis and Ewing57 also reported infrared studies of NO2 with
sea salt, in this case suspended as an aerosol in N2. Formation
of particle nitrate as well as gaseous ClNO and HCl was
observed. The measured water content of the particles indicated
that not only was there water associated with the hydrates in
the salt, but water was also present as a liquid possibly trapped
in inclusions. Interestingly, the water content increased during
the course of the reaction as the product nitrate increased.

In short, synthetic sea salt behaves in some experiments as
if it were a saturated liquid salt solution, rather than a solid,
with respect to the uptake of gases. Much larger amounts of
water are available for this chemistry, compared to the case of
NaCl powders. The enhanced amount of water is likely a
consequence of the presence of hygroscopic components such
as the metal hydrates, as well as water trapped in occlusions
between crystals57,93 as has been observed even in the case of
NaCl aerosol particles.94,95,120

Reactions of Aqueous Solutions

In the marine boundary layer where sea salt particles are
generated, the relative humidity is above the deliquescence point.
As a result, sea salt particles consist of concentrated salt
solutions, rather than solid particles which would be found in
drier areas inland or at higher altitudes. Given the important
role of water in the reactions of salt powders discussed above,
an intriguing question is whether these concentrated aqueous
solutions react in a manner similar to the salts which have water
associated with the surface, or whether there is some unique
chemistry associated with such aqueous solutions. We briefly
describe the results of a combination of experiments, computer
kinetics modeling, and molecular dynamics simulations of
aqueous sea salt particles which suggest that there are indeed,
unique atmospheric reactions of deliquesced sea salt particles.

An aerosol chamber described in detail elsewhere133 was used
to probe the reaction of O3 as well as OH generated from the
photolysis of ozone with NaCl and synthetic sea salt particles.
Salt particles were generated using an atomizer, passed through
a diffusion drier to generate solid particles, and then flowed
into the chamber. Small amounts of CO2 (∼13 ppm) are also
present from the diffusion drier. The chamber was filled with
air with the desired relative humidity and O3 then added.
Photolysis of the O3 at 254 nm in this humid system generated
OH radicals, and through well-known secondary gas phase
chemistry, other species such as HO2 and H2O2 as well, e.g.

Figure 10. DRIFTS spectra of the reaction of synthetic sea salt with
gaseous NO2 (adapted from Langer et al., 1997).132
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Figure 11a shows the loss of O3 measured using differential
optical absorption spectrometry in a typical experiment. The
only gas phase product observed was Cl2, also shown in Figure
11a, measured using an atmospheric pressure ionization mass
spectrometer (API-MS); ionization occurs at atmospheric pres-
sure via electron transfer from O2

- formed by a corona discharge
in air. The parent ion is isolated in the first quadrupole and
then enters a gas collision cell where it is collisionally
fragmented. A second scanning quadrupole then identifies the
dissociation fragments.

The generation of Cl2 in this system can be anticipated due
to several reaction sequences. In the aqueous phase, oxidation
of Cl- by OH is well-known:134

The Cl2 is then released to the gas phase.
Another potential mechanism involves gas phase formation

of HOCl, followed by its uptake and reaction in the parti-
cles:14,135

In order to assess the contributions of such chemistry to the
observed Cl2 formation, a computational kinetics model was
developed which included the explicit chemical reactions and
diffusion in both the gas and aqueous phases as well as mass
accommodation at the particle air-solution interface.136 The gas
phase included 17 individual species and 52 reactions, and the
aqueous phase 32 species and 99 reactions. Figure 11b shows
the Cl2 predicted using the full suite of known gas and aqueous
phase reactions (note the much smaller concentration scale
compared to Figure 11a). The predicted concentrations are seen
to be several orders of magnitude smaller than observed. The
reason for the small predicted concentrations is that the particles
start out approximately neutral, and the CO2 also buffers the
particles: the known reactions summarized above which can
generate Cl2 require acid. As a result, generation of Cl2 is
predicted to be slow.

Molecular dynamics simulations were carried out in order to
investigate the possibility of reaction of OH at the particle
surface, rather than in the bulk.136 Figure 12 shows the results
of a molecular dynamics simulation of the surface of a cluster
of 96 NaCl and 864 water molecules, (the ratio found in a
saturated salt solution) using two-dimensional periodic boundary
conditions, i.e., an infinite open double surface. A polarizable
model137 was used with an interaction cutoff of 1.2 nm. Long-
range interactions were taken into account using the particle-
mesh Ewald method.138 Using a ball of radius 0.17 nm as
representative of OH and rolling it across the surface, it was
calculated that∼12% of the accessible surface is chloride ion.
This is consistent with theoretical studies by Stuart and
Berne139,140 of Cl-(H2O)n clusters (n ) 1-499), which show
the ready availability of chloride ion at both curved and planar
interfaces. Furthermore, quantum chemical calculations show
that the complexation energy in the gas phase between OH and
Cl- is ∼16.9 kcal mol-1 compared to 4.9 kcal mol-1 between
OH and a water molecule. Hence, not only is the chloride readily
available to incoming gases at the surface, but the attractive
forces are stronger between the anion and the OH than between

Figure 11. (a) Typical time-concentration profile of O3 loss and Cl2
formation. The solid line is the prediction of simulations assuming a
self-reaction of a surface OH‚‚‚Cl- complex as described in the text;
(b) predicted formation of Cl2 in the experimental system assuming
only known gas- and aqueous- phase chemistry; note expanded
concentration scale (adapted from Knipping et al., 2000).136

O3 + hν f O(1D,3P) + O2 (16)

O(1D) + H2O f 2OH (17)

OH + O3 f HO2 + O2 (18)

HO2 + HO2 (+M, H2O) f H2O2 (19)

aqueous phase:

OH + Cl- T HOCl- (20)

HOCl- + H+ f H2O+ Cl (21)

Cl + Cl- f Cl2
- (22)

2Cl2
- f Cl2 + 2Cl- (23)

gas phase:

OH + HCl f H2O + Cl (24)

Cl + O3 f ClO + O2 (25)

ClO + HO2 f HOCl + O2 (26)

HOCl(g) f HOCl(aq) (27)

Figure 12. Snapshot of molecular dynamics predictions of typical open
surface of a “slab” consisting of 96 NaCl and 864 water molecules.
The large medium gray balls are Cl-, the smaller black balls are Na+,
and the pale gray and white are water (adapted from Knipping et al.,
2000).136

aqueous phase:

HOCl(aq) + Cl- + H+ f Cl2 + H2O (28)

Cl2(aq)f Cl2(g) (29)
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water and OH. In short, on a molecular level, interaction of
OH with chloride at the surface of the particle is reasonable.

We therefore investigated the possibility that the reactions
of a surface complex of OH with chloride might lead to the
observed Cl2 production in our experimental system. While a
number of reactions analogous to those in the aqueous phase
are plausible, we investigated the self-reaction of an OH‚‚‚Cl-

complex at the surface as one possibility. This mechanism is
summarized in Figure 13. As seen from the solid line in Figure
12a, the experimental observations could be reasonably well
matched if it was assumed that the effective rate constant for
the self-reactions is the same as that for Cl2

- (1.8× 109 L mol-1

s-1)141 and that the surface complex decomposes with a rate
constant of 1× 104 s-1 in competition with its self-reaction.
Another possibility is the formation of Cl2

- from the OH‚‚‚Cl-

reaction with Cl-, followed by its self-reaction in the surface
layer. Preliminary molecular dynamics simulations142 show that
Cl2- in a concentrated NaCl-water cluster like that in Figure
12 may reside preferentially at the interface, increasing the
possibility that its self-reaction in this layer may also play a
role in the observed Cl2 formation.

In summary, it appears from a combination of experiments,
computational kinetics modeling, and molecular dynamics
simulations that large and polarizable anions may play a
significant role at the surfaces of aqueous particles. Not only
can their interactions with incoming gases be relatively strong
compared to water, but they may have unique chemistry at the
interface. Clearly, this is an area that needs much more
investigation both experimentally as well as theoretically.

Enhancement of Bromine Chemistry Relative to Chlorine

There is ample evidence that bromine chemistry is responsible
for the surface level ozone destruction observed in the Arctic
at polar sunrise, and the bulk of the evidence suggests that sea
salt is the bromine source. Thus, ozone depletion seems to be
associated with air masses advected over sea ice and snow, or
over leads (areas of open ocean).143 While there is evidence
that chlorine chemistry is occurring simultaneously,63 that of
bromine is greatly enhanced compared to the Br:Cl molar ratio
of 1:650 in seawater. For example, the ratio of integrated
bromine atom concentrations to that of bromine during ozone
depletion episodes has been estimated63-69 from the relative rates
of decay of selected organics to be∫[Br] dt/∫[Cl] dt ≈ 103-
104. A major focus of many field, laboratory, and modeling
studies has been directed to understanding this very large
enhancement of bromine chemistry.

Reaction of Seawater Ice with Ozone.In order to investigate
this further, reactions of frozen bulk solutions of the synthetic
seawater solution with ozone have also been studied. Solutions
with compositions from 28 to 167 g L-1 were frozen at
-80 °C and O3 in air passed over the frozen surface which
was located in a Teflon reaction chamber. The API-MS sampled
from the reaction chamber to probe for production of halogens.

In this case, a reaction was observed in the dark, but only
Br2 was generated. The steady-state Br2 concentration increased
with the initial ozone concentration, with a slight increase in
the presence of 254 nm radiation. However, no Cl2 production
was observed either in the dark or under irradiation, in contrast
to the reaction of synthetic seawater aerosol particles at room
temperature with O3 irradiated in air.

There are a number of possible contributing factors to the
selective production of Br2 compared to Cl2 at low temperatures.
Ozone is known to readily oxidize bromide in solution, in
contrast to chloride ions where the reaction is very slow:144-146

The pKa of HOBr is 8.8, so that even at a pH of∼8, typical of
seawater, the ratio of HOBr to BrO- is ∼6. Hence, production
of HOBr from the interaction of ozone with seawater is
anticipated.

When the temperature of seawater falls, selective crystalliza-
tion of various components is expected, leaving the remaining
liquid with higher concentrations of the remaining species. The
eutectic temperature of NaBr/H2O is 245 K compared to
251 K for NaCl/H2O and hence in a solution containing the
two salts, sodium chloride will crystallize out of solution first,
leaving the liquid concentrated in bromide. Molina and co-
workers96 have examined the phase transitions occurring in
mixtures of NaCl and water, as well as synthetic sea salt and
water. They have shown that when seawater is deposited on
the ice pack, the composition of the liquid during cooling favors
enhancement of bromide in this layer. Thus, as the solution
cools, ice forms first, followed by NaCl‚2H2O and then
MgCl2‚12H2O. Around 240 K, typical of the Arctic in the spring,
the chloride ion concentration remaining in the surface film has
increased by a factor of∼11 and the bromide by a factor of
∼38. It is noteworthy that their experiments suggest that the
surface films involved will remain liquid under the conditions
found in the Arctic spring.

A second major reason for enhancement of gas phase bromine
production compared to chlorine lies in the chemistry of bromine
and chlorine in solution. Gaseous HOBr is known to react with
bromide ion in the aqueous phase, as well as on ice or salt
surfaces:147-152

As discussed above, HOCl undergoes a similar acid-catalyzed
reaction with bromide, forming BrCl:46,148-152

The kinetics of these HOBr reactions, (32) with bromide ion
and (33) with chloride, on ice surfaces at lower tempera-
tures148,149and in solution at room temperature147,153are similar.
Thus, the loss process for HOBr formed in reactions (31) and
in the gas phase reaction of BrO with HO2 will depend on the

Figure 13. Schematic diagram of potential surface mechanism for
production of Cl2 from the reaction of gas phase OH with chloride
ions at the surface of concentrated salt solutions (adapted from Knipping
et al., 2000).136

O3 + Br- f BrO- + O2 (30)

BrO- + H2O T HOBr + O2 (31)

HOBr + H+ + Br-98
aqueous/ice

Br2 + H2O (32)

HOBr + H+ + Cl-98
aqueous/ice

BrCl + H2O (33)
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relative amounts of chloride and bromide ions available for
reaction. At molar ratios of Cl- to Br- of 650:1 in seawater,127

or ∼200:1 expected for sea salt deposited on the ice pack,96

the ratio of BrCl to Br2 might be expected to be in the range of
∼102-103.

The observation that Br2 is the only significant gas phase
product observed in the laboratory studies is consistent with
the fact that BrCl is more soluble than Br2, especially at lower
temperatures. The Henry’s law constants (H) for BrCl and Br2
at 298 K are 0.94 and 0.77 M atm-1, respectively;154 however,
using the values of∆H° and ∆S° reported by Bartlett and
Margerum,154 the value ofH for BrCl is calculated to increase
to 60 M atm-1 at 245 K while that for Br2 only increases to 13
M atm-1. This not only decreases the amount of BrCl released
to the gas phase relative to Br2, but also increases the opportunity
for further reaction of BrCl in the aqueous surface film. Bromine
chloride is known to react in solution at room temperature with
both Br- and Cl-:153

Because the surface of the seawater ice under these conditions
is thought to be liquid,96 similar reactions of BrCl might be
anticipated in the liquid surface film. If the equilibrium constant
K34 remains much larger thanK35 at the lower temperatures
(∼240 K) characteristic of the springtime Arctic, it more than
overcomes the smaller concentrations of bromide ion in seawater
which would otherwise favor reaction 35. The Br2Cl- formed
in reaction 34 decomposes to Br2 and Cl-, again favoring
bromine formation over chlorine:

In short, the relative amounts of BrCl and Br2 will be governed
by how much of the BrCl initially formed in reaction 33 is
emitted to the air and how much undergoes further reactions
such as (34) and (35). The fact that Br2 is the major gaseous
product in the laboratory experiments suggests that most of the
BrCl undergoes secondary reactions in the ice surface layer to
form Br2, in competition with its release to the gas phase.
However, recent ambient air measurements in the Arctic have
shown both Br2 and BrCl to be present, often at similar
concentrations.155 As a result, it appears that under atmospheric
conditions, significant quantities of BrCl are released to the gas
phase before undergoing secondary reactions in the ice film.

Another contributing factor to the enhancement of bromine
chemistry can be inferred from the molecular dynamics simula-
tions (Figure 12) which suggest that the major reason for
chloride being readily available at the surface of this large water
cluster is the size and polarizability of the anion. This means
that the even larger and more polarizable bromide ion should
have an even larger presence at the surface of liquids and hence
be readily available to react with incoming gases.

Bromine Surface Segregation in Solid Sea Salt Particles.
Based on arguments of ion size and polarizability, one might
expect Br- to segregate to the surface of a predominantly NaCl
lattice such as would be found in solid sea salt particles. Indeed,
using XPS and SEM we have been able to observe segregation
of Br to the surface of NaCl single crystals lightly doped with
bromide ions.167 Once again, water is important in this process
to provide the ionic mobility required to observe segregation.
These experiments involve a NaCl single crystal that was grown

from a melt (not from aqueous solution) and which had a bulk
Br/Cl ratio of ∼0.07. XPS interrogation of a freshly cleaved
sample from the single crystal initially shows a surface
composition identical to the bulk value, within experimental
error. However, following water vapor exposure the surface Br/
Cl ratio can be as high as 0.5, i.e., an order of magnitude increase
in the Br/Cl ratio at the surface compared to the bulk. Figure
14 shows an SEM image of the surface of a Br doped
NaCl(100) sample after water vapor exposure. The light
crystallites are NaBr (verified by X-ray fluorescence). The Br
has segregated substantially to the surface and has phase-
separated to form crystallites of NaBr at the surface.

Organic Films and Sea Salt Particles

As droplets of seawater are ejected from the ocean to form
airborne sea salt particles, they may carry with them some of
the organics found at the surface of the ocean. These organics
have been hypothesized to play an important role in the chemical
and physical processes involved in sea salt in the atmosphere.156

Such organic films may potentially reduce the rate of evapora-
tion from droplets, inhibit the transport of stable molecules and
highly reactive free radicals such as OH between the gas phase
and the droplet, and alter the scavenging efficiency with which
the particles are scavenged by larger cloud and rain drops.157

However, there are relatively few experimental studies address-
ing these issues. For example, some studies158,159reported that
the uptake of water by NaCl was reduced by an organic coating,
although the nature of the organic coating and how it exerts
this effect are complex.159,160 On the other hand, others161

reported that the addition of a high molecular weight alkane or
carboxylic acids to NaCl particles did not significantly alter
water absorption by the particles. Oxidation of these films will
generate polar moieties (aldehydes, ketones, carboxylic acids)
which can alter water uptake as well as radiative proper-
ties.156,162,163

The lifetime of such organic films on such particles may be
shorter than expected based on analogous gas phase reactions.
For example, the oxidation by O3 of monolayers on water of
phosphocholines containing one saturated palmitic fatty acid
residue (16:0, where the first number represents the number of
carbons and the second the number of double bonds) and one
oleic acid (18:1) residue, has been shown to be more than an
order of magnitude faster than expected from similar gas phase

BrCl + Br- T Br2Cl- K34(298 K) ) 1.8× 104 M-1 153

(34)

BrCl + Cl- T BrCl2
- K35(298 K) ) 6.0 M-1 153 (35)

Br2Cl- T Br2 + Cl- K36(298 K) ) 1.3 M153 (36)

Figure 14. SEM backscattering image of the surface of a bromine
doped NaCl(100) surface (bulk composition Br/Cl) 0.07) after
exposure to water vapor. The white crystallites are NaBr (confirmed
by X-ray fluorescence) that has segregated to the surface (adapted from
Ghosal et al., 2000).167
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reactions.164,165 Furthermore, their surface tension reducing
properties are significantly decreased upon oxidation.164 In a
similar vein, Moise and Rudich166 reported enhanced uptake of
gaseous O3 into liquid unsaturated hydrocarbons compared to
densely packed, solidlike monolayers chemisorbed on glass.

Clearly, this is an area in which further experimental studies
are needed.

Summary

The reactions of sea salt and its components NaCl and NaBr
clearly have the capacity to play a significant role in the
atmosphere by acting as precursors to highly reactive chlorine
and bromine atoms. Whether such chemistry leads to ozone
destruction or formation in the lower atmosphere depends on
the particular conditions, e.g., the concentrations of organics
and oxides of nitrogen present in the air mass. However, despite
what might appear to be relatively simple reactions, there is
substantial disagreement on the reaction kinetics and mecha-
nisms of even the simple alkali halide salts. The uncertainties
appear to be related in large part to defects, steps and edges on
the salt surfaces. These sites are expected to be not only quite
reactive, but they also readily take up water and, in the case of
surface defects, lead to the formation of OH- on the surface.
Interactions of gases with water on the surface then mimics to
a significant extent the uptake and reaction into an aqueous salt
solution. Such chemistry appears to be particularly characteristic
of finely ground powders. As a result, reactions on such salt
powders often do not show surface “saturation” effects, i.e.,
passivation of the surface after reaction of the top layer, unlike
single crystals, in the absence of water, where the reactions cease
after reaction of the surface. However, it is still not well
understood where on these powders the water is situated nor
how to parametrize either the availability of water or the
reactivity for a wide variety of NaCl and NaBr reactions.

The production of relatively large amounts of gaseous
bromine products compared to chlorine in the reaction of sea
salt may be due to a number of contributing factors, the details
of which are unfortunately not well understood. For example,
the kinetics and mechanisms of reaction of chlorine and bromine
compounds in aqueous solution at the low temperatures
characteristic of the Arctic at polar sunrise have not been
reported. Similarly, the detailed mechanism responsible for
surface segregation of bromide in doped NaCl crystals is not
well understood.

Clearly, there is a great deal more to be learned on a
molecular level regarding the chemistry as well as physical
phenomena such as surface segregation effects. Such under-
standing, however, is critical for quantification of the generation
of reactive halogens in the troposphere and the accurate
introduction of this chemistry into atmospheric models.
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