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The heterogeneous reactions of oxides of nitrogen with NaCl as a model for sea salt particles have been the
focus of many studies, due to their potential to act as precursors to atomic halogens in the troposphere.
While a great deal has been learned about the kinetics and mechanisms of NaCl reactions, it is not clear how
well this extrapolates to the complex mixture of inorganics found in sea salt. We report here diffuse reflectance
infrared Fourier transform spectrometry (DRIFTS) studies in which nitrate formation on the salt surface is
followed with time during the reaction of gaseous NO2 with synthetic sea salt at 298 K in the presence of
either He or air as the carrier gas. The infrared bands due to surface nitrate formed during the reaction of
NO2 are shown to be similar to those from the reaction of MgCl2‚6H2O, a major hydrate in the mixture which
was used as a surrogate for all of the crystalline hydrates. Significant amounts of surface-adsorbed water are
generated in the reaction of synthetic sea salt with NO2 in air, which appears at least in part to be due to
liberation of bound water of hydration in the crystalline hydrates. The reaction order with respect to NO2 is
(1.8 ( 0.2) (2σ) when the reaction of the synthetic sea salt is carried out in He but only (1.2( 0.2) (2σ)
when air is used as the carrier gas. For comparison, the reaction order for the NO2-NaCl reaction was
reexamined and found to be (1.8( 0.3) (2σ) in He and (1.6( 0.3) (2σ) in air, in agreement with previous
work19 using this technique. It is assumed for slopesg 1.6 that N2O4 is the reacting species for the purpose
of expressing the kinetics in the usual form of reaction probabilities. For the N2O4-NaCl reactions in He
and air, and for the N2O4-synthetic sea salt reaction in He, the reaction probabilities are similar (∼10-4).
The reaction of synthetic sea salt with NO2 in the presence of air is treated in terms of a first-order reaction
with NO2 being the reactive species, which gives a reaction probability for the NO2-synthetic sea salt reaction
of ∼10-8. The atmospheric implications are discussed.

Introduction

The kinetics and mechanisms of the reactions of gases with
solids in the atmosphere is an area of current intense interest.
For example, reactions of sea salt particles and their components
have received increased attention as potential sources of chlorine
and bromine atoms in the troposphere.1-5 Airborne sea salt
particles are released to the atmosphere from spray formed by
wave action in the surface layer of seawater.6 These particles
are expected to exist primarily as concentrated salt solutions at
the high relative humidities found in the marine boundary layer.
However, as they are transported to drier areas such as inland
or to higher altitudes, the water will evaporate, leaving
suspended solid salt particles. These can react with various
gases, in particular various oxides of nitrogen, potentially
contributing to the chemistry of the troposphere.
Since NaCl is the major component of sea salt particles, it

has been used in many past studies as a model. This has the
additional advantage of allowing relevant reactions to be studied
in a well-defined system since NaCl of high purity is readily
available as small crystals, powders, and large single crystals
with exposed (100) or (111) faces. The reactions studied to
date7-30 include

Accurate measurements of the kinetics of reaction 1 compared
to reactions 2-4 and understanding what controls the kinetics
at a molecular level are important for assessing the atmospheric
importance of the reactions of sea salt particles. Reactions 2-4
all generate photochemically active chlorine compounds which
will dissociate to form highly reactive chlorine atoms. In the
troposphere where significant concentrations of organics are
present globally, atomic chlorine reacts to form alkyl (R)
radicals:

The alkyl radicals then add O2 to form RO2, which can oxidize
NO to NO2 and form O3 via the well-known31 cycle:

Alternatively, Cl can react with O3, leading to its destruction
in the troposphere. However, the reaction of chlorine atoms
with organics is essentially diffusion controlled for all but the
smallest (<C3) alkanes, and given the ubiquitous presence of
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NaCl(s)+ HNO3(g)f NaNO3(s)+ HCl(g) (1)

NaCl(s)+ 2NO2(g)f NaNO3(s)+ ClNO(g) (2)

NaCl(s)+ N2O5(g)f NaNO3(s)+ ClNO2(g) (3)

NaCl(s)+ ClONO2(g)f NaNO3(s)+ Cl2(g) (4)

Cl + RHf R+ HCl (5)

R+ O298
M
RO2 (6)

RO2 + NOf RO+ NO2 (7)

NO2 + hν f NO+ O(3P) (8)

O(3P)+ O298
M
O3 (9)
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organics in the troposphere, reactions 6-9 are the likely path
under most tropospheric conditions.
Reaction 1 produces HCl, which does not absorb light in the

troposphere. It can be recycled to atomic chlorine, but the
reaction is relatively slow. As a result, if reaction 1 predomi-
nates over reactions 2-4 in the troposphere, the role of atomic
chlorine in the troposphere is not expected to be very important.
The results of recent field studies3-5 suggest that chlorine

atoms do play a role in the oxidation of organics in the marine
boundary layer. Although they do not appear to be responsible
for a significant loss of organics such as tetrachloroethene on a
global scale,32,33 generation of chlorine atoms in the marine
boundary layer at concentrations as high as 104-105 atoms cm-3

has been predicted.34,35 Atomic chlorine at these concentrations
would certainly be expected to impact the chemistry in the
marine boundary layer as well as coastal regions, for example
by decreasing the amount of organics emitted by the ocean
which reach the free troposphere.
Although the kinetics of reactions 1-4 remain somewhat

controversial, there is increasing evidence that water adsorbed
on defects on the surface plays a key role. For example, the
HNO3 reaction with single crystals of NaCl(100) in an ultra
high vacuum (UHV) system, where there is no detectable
amount of surface water, is relatively slow, with a reaction
probability of (4( 2)× 10-4.20 On the other hand, the reaction
with NaCl powders is much faster,21,23,25,27with a reaction
probability of∼(1-2) × 10-2. Recent studies in this labora-
tory27 show that water adsorbed on defects on the powders is
the controlling factor in these reactions, consistent with the fact
that water-free single crystals react much more slowly. While
water does not adsorb to the (100) face of single-crystal NaCl
at room temperature,36-38 it does adsorb to surface defects37,49-52

and is not readily removed by pumping and heating at moderate
temperatures (∼400 K).27

Furthermore, water appears to play an important role in
altering both the chemistry and morphology of preexisting nitrate
layers on the crystal surface. For example, in recent studies29,30

single crystals of NaCl [with either the (100) or (111) faces
exposed] were treated with HNO3 to form a thin surface nitrate
layer. When these crystals were subsequently exposed to water
vapor at pressures well below the deliquescence point, micro-
crystallites of NaNO3 were formed and a fresh NaCl surface
was regenerated.29 In addition, some water dissociation occurs,
leaving hydroxide ions on the surface.30

While significant progress is being made on understanding
the interactions of gases with solid NaCl on a molecular level,
it is not clear how this will translate to the analogous reactions
with the mixture of salts found in sea salt particles which also
contain hydrated salts and trace amounts of transition metals.
Here we report studies of the reaction of gaseous NO2 with a
mixture of salts representing synthetic sea salt and, for direct
comparison, some additional studies of the NO2-NaCl reaction.
We show that hydrated salts play a key role in both the kinetics
and mechanism of reaction.

Experimental Section

The DRIFTS apparatus has been described previously in
detail.19 Briefly, the system consists of a Harrick Scientific
diffuse reflectance accessory (Model DRA-2CS) surrounded by
a vacuum reaction chamber (Model HVC-DR2) located in the
sampling compartment of a Mattson RS Fourier transform
infrared spectrometer equipped with an MCT detector. Spectra
were collected over the range 4000-700 cm-1 with a spectral
resolution of 1 cm-1. In most cases, an average of 64 scans
was used.

Three different salts were used in this study: Instant Ocean,
NaCl, and MgCl2‚6H2O. Each salt was first placed in a Wig-
L-Bug ball mill (Crescent Dental Manufacturing Co.) and
ground for 5 min. Weighed amounts (∼250 mg) of sample
were then packed into the sample cup (11 mm diameter, 2 mm
depth) of the reaction chamber using a packing device similar
to that described by TeVrucht and Griffiths.39 The sample could
be heated and the temperature of the sample measured by a
thermocouple placed directly underneath. The walls of the
reaction chamber were cooled by water flowing through a
surrounding jacket. The inside of the reaction chamber was
coated with a halocarbon wax (Halocarbon Products, Series
1500) to prevent corrosion of the chamber walls and uptake of
gases. The shape and size of the particles were evaluated using
scanning electron microscopy (SEM). Images of the salt
particles were recorded using a JEOL JSM 6300V scanning
electron microscope.
A regulated stream of carrier gas was pumped through the

reaction chamber and salt pellet via an outlet at the bottom of
the sample holder. NO2was added from calibrated storage bulbs
into the stream of carrier gas and its concentration calculated
from the measured pressure (MKS Baratron pressure gauge with
Type 670 readout) decrease in a known volume. The pressure
inside the chamber was measured by a capacitance manometer
(Edwards Model 600 AB pressure transducer and Model 1570
readout) and was in the range 5-10 Torr. The residence time
in the cell was approximately 1 s.
In a typical experiment, the sample was placed into the cup

and heated to 400 K for 4-5 h in a stream of dry carrier gas to
remove surface-adsorbed water. The water desorption was
followed by the decrease in the infrared absorption bands of
surface-adsorbed water at∼3400 and 1635 cm-1. When the
intensity of these bands stopped decreasing, the sample was
cooled to room temperature and a new background spectrum
taken. (It should be noted that, under these conditions, some
surface-adsorbed water still remains; as previously demonstrated,
treating the salt with D2O leads to a further decrease in the 3400
cm-1 band as the remaining surface water is replaced by D2O.19)
The salt was then exposed to measured concentrations of NO2,
and the formation of nitrate followed as a function of time by
DRIFTS. The NO2 concentrations were in the range (1.4-24.4)
× 1014 molecules cm-3. All experiments were conducted at
room temperature.
For volumetric BET (Brunauer, Emmett, and Teller model)

surface area determination,40 the entire pellet was placed inside
a glass tube of small diameter. The sample was heated under
vacuum overnight using an infrared lamp to remove adsorbed
gases. The surface area was calculated from the measured
amount of nitrogen adsorbed on the salt surface at 77 K. The
“dead volume” over the salt and between the particles them-
selves was determined in a similar manner using helium which
is not adsorbed at 77 K.
In order to calculate reaction probabilities, the absolute

number of nitrate ions formed must be known. To relate the
infrared absorption after reaction in the DRIFTS reaction
chamber to the absolute number of nitrate ions, the pellets were
chemically analyzed for nitrate using a colorimetric method
described by Greenberg et al.41 Each pellet was dissolved in
ultrapure water (NANOpure Analytical Deionization System,
Type D4700, Barnstead/Thermolyne) followed by reduction of
the nitrate to nitrite on an activated Cd column. Highly colored
azo dye was developed by diazotization with sulfanilamide and
coupling withN-(1-naphthyl)ethylenediamine. Absorbance of
the dye was measured at 540 nm, with a sensitivity of 2× 1016

ions per 250 mg pellet. A linear relationship was observed
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between the integrated infrared absorption due to nitrate ions
and their concentrations measured using the wet chemical
technique. The relationship was analyzed as integrated absor-
bance from 1300-1550 cm-1(ν3 region) ) S[NO3

-]. The
constantSwas calculated to be (3.6( 0.6)× 10-18 integrated
absorbance units per ion for nitrate in the synthetic sea salt and
(2.7( 0.4)× 10-17 integrated absorbance units per nitrate ion
in the NaCl reaction (errors are( 2σ). The different values of
S may be due to several factors. As discussed in detail
elsewhere,19 the absolute calibration of the infrared absorbances
using the average pellet nitrate determined by the wet chemical
technique is sensitive to the portion of the pellet interrogated
by the infrared beam, which depends in part on particle size. In
addition, as shown below, hydrates rather than NaCl appear to
be the major reacting species in the synthetic sea salt reaction,
so that the chemical form and environment of the nitrate may
be different in the two cases.
All salts used in this study were prepared by grinding

commercially available solids. The synthetic sea salt was
“Instant Ocean” (Aquarium Systems, Mentor, OH), the com-
position of which is given in Table 1. The sodium chloride
was from single-crystal cuttings (Harshaw), and the MgCl2‚
6H2O (Sigma) was ACS reagent grade. Nitrogen dioxide was
prepared by the reaction of nitric oxide (Matheson, CP grade,
>99.0%) with excess oxygen (UHP, Union Carbide,g99.993%).
NO2 was condensed as white crystals at 195 K and excess
oxygen pumped away. Dry gaseous nitric acid was obtained
from a 2:1 mixture (by volume) of concentrated sulfuric (Fisher,
ACS grade) and nitric acids (Spectrum, ACS grade). Some
experiments were carried out using D2O (99.9%, Cambridge
Isotope Laboratory). Helium (UHP,>99.999%, Liquid Car-
bonic) and air (Ultra-Zero air, Liquid Carbonic, impurities: H2O
<2 ppm, CO<1 ppm, CO2 <1 ppm, NO<0.1 ppm, total
hydrocarbons<0.1 ppm) were used as the carrier gases. In
several runs, nitrogen (UHP,>99.999% Liquid Carbonic) was
used as a carrier gas to test for diffusion effects.

Results and Discussion

1. Characterization of the Size of the Salt Particles.An
SEM image of the ground synthetic sea salt powder used in
these experiments is shown in Figure 1. The synthetic sea salt
particle size range is approximately 0.1-5 µm, with smaller
particles predominating. This is consistent with the measured
BET surface area of 2.35× 104 cm2 per 250 mg pellet, which
one would calculate for monodisperse nonporous cubes with
sides of length 0.3µm.

Figure 2 shows a similar image for the ground NaCl powders
which typically have sizes in the range∼1-10 µm. The BET
measurements gave a surface area of 2.9× 103 cm2 per 250
mg pellet, consistent with monodisperse, nonporous cubes with
sides of length 2.4µm.
2. Reaction of NO2 with Synthetic Sea Salt. The develop-

ment of the infrared bands with time was followed during the
course of the reaction of synthetic sea salt with NO2. A typical
DRIFTS spectrum from the reaction of NO2 in air with synthetic
sea salt after 2 min reaction time is shown in Figure 3a. Strong
infrared absorption bands are observed in the 1300-1550 cm-1

region. In addition, there are weaker bands at 1635, 1022, and
815 cm-1, and a broad absorption is at 3370 cm-1.
The bands at 3370 and 1635 cm-1 are identified as adsorbed

water by comparison to a spectrum of the synthetic sea salt
which had been exposed to gaseous water (Figure 3b). The
formation of adsorbed water is not observed in similar NaCl
experiments (inset to Figure 3a) and is generally much smaller
for the synthetic sea salt reaction carried out in He carrier gas.
As shown by experiments described below, negative peaks at
3670 and 1610 cm-1 are anticipated due to a decrease in the
bound water of hydration in the crystalline hydrates in the
mixture, which can be released during the reaction.
The free nitrate ion hasD3h point group symmetry and four

fundamental vibrations: theν3 antisymmetric stretch (1390
cm-1), the ν1 symmetric stretch (1050 cm-1), the ν2 out-of-
plane bend (831 cm-1), and theν4 in-plane bend (720 cm-1).42
By analogy to earlier studies of the NaCl-NO2 reaction,19 the
infrared bands in the 1300-1550 cm-1 region and at 1022 and
815 cm-1 are assigned to theν3, ν1, andν2 fundamentals of the
surface nitrate ions formed during the reaction. Theν4 band is

TABLE 1: Composition of Synthetic Sea Salt

element wt % element wt %

watera 13.88 nitrogen 8× 10-5-2× 10-3

chloride 47.53 zinc 1× 10-5-4× 10-5

sodium 26.45 lead 1× 10-5

sulfate 6.41 selenium 1× 10-5

magnesium 3.19 arsenic 8× 10-6-6× 10-5

calcium 1.00 copper 3× 10-6-2× 10-4

potassium 0.952 tin 8× 10-6

bicarbonate 0.356 iron 5.0× 10-6-5.0× 10-5

bromide 0.16 cesium ∼5× 10-6

strontium 0.033 manganese 3× 10-6

boron 0.012 phosphorus 3× 10-6-3× 10-4

fluoride 0.0035 thorium e1× 10-6

rubidium 5× 10-4 mercury 8× 10-7

aluminum 4× 10-4-5× 10-3 uranium 4× 10-7-4× 10-6

lithium 3× 10-4 cobalt 3× 10-7

barium 1× 10-4 nickel 3× 10-7-1× 10-6

iodide 1.3× 10-4 radium 2× 10-13

silicate 1× 10-4-0.02 titanium trace

a Associated primarily with hydrates (see text).

Figure 1. Scanning electron microscope image of a typical ground
synthetic sea salt sample. The bar is 10µm.

Figure 2. Scanning electron microscope image of a typical ground
NaCl sample. The bar is 10µm.
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too weak to be observed at the low extent of reaction used in
these studies.
Theν3 region shows two absorption bands at 1538 and 1312

cm-1. The positions of these two peaks are the same regardless
of whether the reaction is carried out with He or air as the carrier
gas. However, they exhibit different time dependencies in the
two carrier gases. The peaks were deconvoluted, and the ratio
of the peak heights at 1312 and 1538 cm-1, R1312/1538, was
calculated. When the reaction was carried out in air, the ratio
increased from∼0.9 at the beginning of the reaction to a value
of 1.3 at longer reaction times, whereas this ratio was ap-
proximately constant atR1312/1538) 1.3 for experiments carried
out in He as a carrier gas. The same behavior was observed
without peak deconvolution.
For the NO2-NaCl reaction, two bands were also observed

in this region but at different positions, 1333 and 1465 cm-1

(inset to Figure 3a), than those for the synthetic sea salt reaction.
Furthermore, the bands are much broader for the reaction of
the synthetic sea salt. Since the synthetic sea salt is a mixture
of salts, the different band positions and band shapes may be
due to reaction of different crystalline components in the
mixture. Preliminary X-ray diffraction analysis identified the
presence of MgCl2‚6H2O, consistent with the composition of
the synthetic sea salt provided by the manufacturer (Table 1)
and with the composition of recommended mixtures used to
mimic sea salt.43 Other hydrates commonly present43 in smaller

quantities are CaCl2‚2H2O and SrCl2‚6H2O. Therefore, to test
whether the infrared bands observed in the reaction of synthetic
sea salt are associated with hydrates in the mixture, we also
studied the reaction of NO2 with the dominant hydrate species,
MgCl2‚6H2O.
Figure 4 compares the spectrum from the synthetic sea salt

reaction with NO2 to that from the corresponding MgCl2‚6H2O
reaction. For comparison, a spectrum from the reaction of
synthetic sea salt with gaseous HNO3, where nitrate is also the
expected product, is shown. The infrared bands in the synthetic
sea salt-NO2 reaction are similar to the nitrate bands from the
HNO3 reaction with synthetic sea salt. In addition, they are
similar to those from the reaction of NO2 with MgCl2‚6H2O
rather than with NaCl (inset Figure 3a). This confirms that the
1312 and 1538 cm-1 bands in the synthetic sea salt reaction
with NO2 are due to surface nitrate. Furthermore, the similarity
in the positions of the peaks to those from the MgCl2‚6H2O
reaction with NO2 suggests that the surface nitrate in the reaction
of the synthetic sea salt is associated with hydrates in the
mixture.
It is important to note that MgCl2‚6H2O is not the only

crystalline hydrate present and others such as CaCl2‚2H2O and
SrCl2‚6H2O would be expected to react in a similar manner.
For the purposes of these initial studies of the mixture, MgCl2‚
6H2O was used as a surrogate for all of the hydrates.
The two bands at 1333 and 1465 cm-1 formed initially in

the NaCl reaction were previously assigned19 to nitrate ions in
different environments on the crystal surface; at longer reaction
times a number of overlapping bands also develop. An alternate

Figure 3. DRIFTS spectrum from (a) the reaction of synthetic sea
salt with NO2 (2.4 × 1015 molecules cm-3 for 2 min) in air as the
carrier gas at room temperature. The inset compares the spectrum to
that from the reaction of NaCl with NO2 (6.6× 1014 molecules cm-3

for 0.5 min); (b) water adsorbed on synthetic sea salt. Gaseous water
(<5.0× 1015molecules cm-3) was expanded into the reaction cell and
pumped out after several minutes. (The peak at∼2350 cm-1 is an
increase in CO2 in the sample compartment as the purge changed.)

Figure 4. DRIFTS spectra of (a) synthetic sea salt after reaction with
NO2 (2.4 × 1015 molecules cm-3 for 2 min), (b) MgCl2‚6H2O with
NO2 (9.1 × 1014 molecules cm-3 for 35 min), and (c) synthetic sea
salt with gaseous HNO3 (1.2× 1014 molecules cm-3 for 2 min).
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assignment for the two bands that are initially formed, proposed
by Rowland et al.,44 is that these bands are due to the transverse
optical (TO) and longitudinal optical (LO) modes associated
with the doubly degenerateν3 vibration. This is analogous to
the assignment of Peters and Ewing28 of two bands at 1360
and 1414 cm-1 to the splitting of the doubly degenerateν3 mode
in the NO2 reaction with the (100) face of NaCl(100) single
crystals. The current experiments on synthetic sea salt cannot
distinguish between these two interpretations, especially given
the large variety of reactive crystals in the mixture, as well as
different reactive sites in the form of defects.
The extent of surface coverage of nitrate at the longest

reaction time in Figure 5 (59 min) can be estimated from the
effective absorption coefficient determined for nitrate (S) (3.6
( 0.6) × 10-18 integrated absorbance units per ion), which
translates into 2.4× 1018 nitrate ions at 59 min. Using the
BET surface area of 2.35× 104 cm2 per pellet and 6.4× 1014

Cl- ions per cm2 of surface area for NaCl as a surrogate,45 the
total number of surface chloride ions in the pellet is 1.5× 1019.
Thus at the longest reaction times used in our kinetic studies,
the nitrate formed corresponds to about 16% of a monolayer.
However, it must be emphasized that this assumes that nitrate
is evenly distributed over the salt surface, which may not be
the case if reactions at surface defects dominate.
Figure 5 shows the time dependence of both the nitrate bands

in the ν3 region and the surface-adsorbed water band at 1635
cm-1 during a typical reaction of synthetic sea salt with NO2

in air. While the nitrate formation continues to increase with
reaction time, the water band increases initially, followed by a
slower rate of formation at longer reaction times. This nonlinear
increase in surface-adsorbed water may be due to its simulta-
neous removal by the carrier gas which is pumped through the
salt during the course of the reaction. The rate of such removal
would be expected to increase with reaction time once available
surface sorption sites become completely occupied.
There are at least two potential sources of water: that which

is bound in the crystal structure of the stable hydrates and that
which is trapped in occlusions between the crystals. Since the
infrared spectra indicate that the hydrates are clearly one of the
reacting species, the reaction of NO2 with hydrates may disrupt
the crystal lattice and release the bound water of hydration.
Crystal structures determined by neutron diffraction of MgCl2‚
6H2O,46 CaCl2‚6H2O,47 and SrCl2‚6H2O47 and by X-ray dif-
fraction of CaCl2‚2H2O48 on single crystals show one common
feature: each cation is surrounded by H2O in a characteristic
coordination for each compound, with water molecules hydrogen
bonded to the chloride ions and oxygen coordinated to the metal

ions. Removal of the chloride ion in the form of gaseous ClNO
disrupts this crystal structure, freeing the water of hydration.
Alternatively, or in addition, reaction with NO2 may disrupt
crystals which are clustered together, freeing water trapped
between them.
To test whether the bound water of hydration could be one

source of the surface-adsorbed water, several experiments were
carried out to replace the bound water of hydration in the
hydrates in the synthetic sea salt with D2O. Synthetic sea salt
was first dried by heating and pumping as described above and
was then exposed to gaseous D2O at a concentration of 2.0×
1017 molecules cm-3 for 10 min, followed by pumping. This
was repeated three times. As seen in Figure 6a, bands at 3400-
3410, 2400-2600, 1500-1700, 1435, and 1208 cm-1 increased
while bands at 3605 and 1617 cm-1 decreased simultaneously.
Adsorption of water molecules on alkali halide surfaces has

been extensively studied49-52 using infrared spectroscopy. On
the basis of the literature49-52 and the experiment shown in
Figure 3b, the broad bands at 3400-3410 cm-1 and in the
1500-1700 cm-1 region which increase are assigned to surface-
physisorbed H2O. Smart and Sheppard51 also studied D2O
adsorption on NaCl and reported bands at 2735, 2570, 2520,
and 1190 cm-1. The bands in the 2500-2700 cm-1 region were
assigned to hydrogen-bonded OD stretching vibrations and those
at 1190 cm-1 to bending vibrations of adsorbed D2O.51 Thus,
the bands at 2400-2600 and 1208 cm-1 in Figure 6a can be
attributed to adsorbed D2O.51 The band at 1435 cm-1 originates
from adsorbed HDO42 formed by isotope exchange between H2O
associated with the salt and the added D2O.

Figure 5. Time dependence of nitrate bands in theν3 region and of
the surface-adsorbed water band (peak height at 1635 cm-1) in the
reaction of NO2 (2.8× 1014 molecules cm-3) with synthetic sea salt in
air as the carrier gas. The nitrate absorbance is the sum of the peak
heights at 1312 and 1538 cm-1 obtained by deconvoluting the 1312,
1538, and 1635 cm-1 bands.

Figure 6. DRIFTS spectra of (a) synthetic sea salt after sequential
exposure to D2O (2.0× 1017 molecules cm-3 for 10 min) followed by
pumping and (b) MgCl2‚6H2O exposed to D2O (2.0× 1017 molecules
cm-3 for ∼10 min).
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As seen in Figure 6a, the increase in the infrared bands
assigned to surface-adsorbed H2O, D2O, and HDO is ac-
companied by a decrease in bands at 3605 and 1617 cm-1. Since
D2O should replace water in the salt, these bands are assigned
to bound water of hydration and decrease as the exchange
occurs.
To confirm this, a similar D2O replacement experiment was

carried out with MgCl2‚6H2O, the major hydrate present in
synthetic sea salt. As seen in Figure 6b, upon exposure of the
hydrate to D2O, bands at 3598 and 1629 cm-1 decrease, while
those due to surface-adsorbed H2O, D2O, and HDO increase.
In short, water of hydration both in MgCl2‚6H2O and in the
synthetic sea salt mixture can be replaced by D2O. This
replacement displaces the water from the crystal lattice onto
the salt surface where it can be detected as surface-adsorbed
water.
As seen in Figure 3a, the NO2 reaction with synthetic sea

salt, which results in an increase in the infrared bands assigned
to surface-adsorbed water, is also accompanied by a small
negative peak at 3670 cm-1 (and perhaps also at 1610 cm-1),
both of which are partially obscured by the simultaneous
increase in bands due to nitrate and surface-adsorbed water.
Although they are not at exactly the same positions as the
negative peaks observed in the D2O replacement experiments,
these negative peaks are most reasonably assigned to bound
water of hydration which is released during the reaction and
becomes physisorbed surface water. The increase in the area
of the broad 3400 cm-1 band is larger than the decrease in the
3670 cm-1 peak, although the true decrease in the latter may
be partially obscured by the band overlap. This suggests that
part of the increase in surface-adsorbed water may also be due
to release of water trapped between crystal clusters.
3. Kinetics and Mechanisms. The most general kinetic

equation for the formation of nitrate in this reaction is given by
the following rate law

where{NO3
-} and{X-} are surface concentrations of nitrate

and halogen anions (chloride or bromide) in ions cm-2 (please
note the braces are used to distinguish surface concentrations
from gas phase concentrations),k is an effective rate constant,
[NO2] is gas phase concentration in molecules cm-3, andmand
n are the reaction orders with respect to X- and NO2,
respectively. A plot of lnR against ln [NO2] should be linear
with a slope equal to the reaction order with respect to [NO2],
n, at smaller surface conversions where{X-} is constant.
DRIFTS can be used to study kinetics since the formation of

nitrate can be followed during the reaction. However, as
discussed in detail elsewhere,19 there are substantial uncertainties
in this application of DRIFTS which lead to larger uncertainties
than those given by the statistical errors. For example, the
measured absorbance is sensitive to particle size as well as to
reproducible packing of the sampling cup.39,53,54 Differences
in particle size due to differences in grinding times and
procedures may also affect the number of surface defects and
hence potential reactive sites. In addition, the formation of
nitrate does not occur evenly throughout the pellet; a trend of
decreasing nitrate with increasing depth in the pellet has been
observed in the reaction of NO2 with NaCl.19 Finally, infrared
absorbances must be calibrated using wet chemical measure-
ments of the average nitrate in the total pellet; as discussed
above, this calibration is sensitive to the portion of the pellet
interrogated by the infrared beam. These potential systematic
errors lead to overall uncertainties in the reaction probabilities
(see below) that are much larger than the statistical errors, as

illustrated below for the NaCl reaction with NO2. However,
the error introduced into the determination of the reaction order
is smaller since absolute calibration of the absorbance is not
required, and other systematic errors are in the same direction
for all experiments.
In these studies, the NO2 concentration is constant because a

continuous flow was used. In the earliest stages of the reaction,
the number of surface X- ions is large compared to that of the
nitrate ions formed so that this concentration is approximately
constant. Under these conditions, eq I can be integrated to eq
II:

A plot of the surface nitrate concentration, or alternatively the
total integrated absorbance in theν3 region, versus reaction time
is thus expected to be linear for small extents of reaction at the
surface. The integrated absorbances can be converted to the
absolute number of nitrate ions using the wet chemical analysis
for nitrate as discussed above.
In the reaction of both the synthetic sea salt and NaCl, the

amount of nitrate formed increased linearly at the beginning of
the reaction (Figure 5). At longer reaction times (not shown in
Figure 5), the increase leveled off as the surface became
saturated with nitrate ions. The initial linear portion of plots
of integrated absorbance versus reaction time was used to
determine the rate of nitrate formation,R, when the assumption
of constant{X-} is valid.
Figure 7 shows a ln-ln plot for the reaction of synthetic sea

salt with NO2 using either helium or air as a carrier gas. For
experiments in helium, the slope of the line, i.e. the reaction
ordern, is n) 1.8( 0.2 (2σ), while experiments performed in
air have a slopen ) 1.2( 0.2 (2σ).
Diffusion effects on the kinetics of the NO2 reaction with

NaCl were observed by Peters and Ewing28 in a static system
using single crystals of NaCl and higher NO2 concentrations.
Although their conditions are quite different than those in the
present DRIFTS flow system, several experiments were carried
out during the present studies on the reaction of NO2 with
synthetic sea salt in N2 compared to that in He as the carrier
gas to test for effects of diffusion. The measured rates of
formation of theν3 band (in integrated absorbance units min-1)
were 0.20 in N2 and 0.14 in He at NO2 concentrations of (2.1-
2.2)× 1014 molecules cm-3. At an NO2 concentration of 6.1

rate (R) ) d{NO3
-}/dt ) k{X-}m[NO2]

n (I)

Figure 7. ln-ln plot of the rate of NO3- formation as a function of
NO2 concentration for the reaction of synthetic sea salt with NO2 in
helium (open triangles) and air (filled triangles). The rate of nitrate
formation is in units of integrated absorbance min-1, and the NO2
concentration is in units of 1014molecules cm-3. Statistical errors (2σ)
are typically about the size of the points. See text for discussion of
systematic errors.

{NO3
-} ) k{X-}m[NO2]

nt (II)
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× 1014 molecules cm-3, the rate was 0.38 in He; in N2 at NO2
concentrations of 3.0 and 7.1× 1014 molecules cm-3 which
bracket the He run, the rates were 0.23 and 1.1, respectively.
(The absolute values of these rates should not be compared
directly to those in Tables 2-4 since they were not calibrated
using the wet chemical technique and there may also be
differences in particle size, etc.) Within the scatter of these
limited number of runs, there is no evidence of diffusion effects
which would be expected to give higher rates of nitrate
formation in He than in N2.
In prior studies of the NO2 reaction with NaCl in this

laboratory,19 the reaction order in NO2 was found to ben )
1.6( 0.2 (2σ; statistical error only) in either air or He. When
possible systematic errors are taken into account, we estimated
that the reaction ordern was within experimental error of 2.
For direct comparison to the synthetic sea salt studies, some

additional NaCl experiments were carried out. Figure 8 shows
a reaction order for NO2 in helium of 1.8( 0.3 (2σ) and in air
of 1.6( 0.3 (2σ), in agreement with the earlier work.19 This
is consistent with more recent studies of NO2 at higher
concentrations ((0.37-8.4) × 1016 molecules cm-3) with the
(100) face of NaCl where the reaction was found to be second
order in NO2.28

In short, the linear increase in the nitrate absorbance with
time and the linear plots of ln rate versus ln [NO2] at small
extents of reaction show that NO2 reacts with both NaCl and
with synthetic sea salt in a manner consistent with eqs I and II.
The reaction is approximately second order in NO2 for NaCl in
both He and air as well as for the reaction of synthetic sea salt
in He. The lower reaction order for the synthetic sea salt-
NO2 reaction in air suggests that in the latter case there may be
some contribution from a lower order process.

TABLE 2: Kinetics of the NaCl + NO2/N2O4 Reaction in Helium and in Air

expt no.
[NO2]

(1014molec cm-3)
[N2O4]a

(1010molec cm-3)
rateb

(int absorb. min-1)
RNO3-c

(1013 ions s-1)
Cd

(1017 collisions s-1) Φe (10-4)

In Helium
1 4.0 4.1 0.408 25.0 7.90 3.1
2 3.4 2.8 0.376 23.1 5.52 4.2
3 5.9 8.7 1.08 66.1 16.9 3.9
4 2.4 1.4 0.151 9.30 2.74 3.4
5 1.4 0.49 0.0812 4.99 0.953 5.2

Φav ) (4.0( 1.6)× 10-4 (2σ)

In Air
6 4.1 4.3 0.219 13.4 8.29 1.6
7 6.6 11.0 1.05 64.6 21.1 3.1
8 23.7 140 6.35 390 274 1.4
9 1.5 0.57 0.0833 5.11 1.10 4.6
10 1.7 0.73 0.0980 6.02 1.41 4.3

Φav ) (3.0( 2.9)× 10-4 (2σ)
aCalculated from the equilibrium constantK10 ) 2.5× 10-19 cm3 molecule-1. bObserved rate of nitrate formation obtained from the integrated

absorbance in theν3 region.c Absolute rate of nitrate formation obtained by calibrating the infrared absorbance using a wet chemical technique
described in the text.dCollision rate of N2O4 with the NaCl surface (A ) 2.9× 103 cm2 per pellet).eReaction probability for the gaseous N2O4

with the solid NaCl surface reaction.

TABLE 3: Kinetics of the Reaction of NO2/N2O4 in Helium with Synthetic Sea Salt

expt no.
[NO2]

(1014molec cm-3)
[N2O4]a

(1010molec cm-3)
rateb

(int absorb. min-1)
RNO3-c

(1013 ions s-1)
Cd

(1017 collisions s-1) Φe (10-4)

1 7.4 14 0.363 167 207 0.81
2 13.5 46 1.25 576 692 0.83
3 19.0 90 2.30 1060 1370 0.77
4 4.8 5.8 0.154 70.8 88.8 0.80
5 1.7 0.70 0.0231 10.5 10.6 0.99
6 2.5 1.6 0.0764 34.8 24.5 1.4
7 5.7 8.1 0.179 82.4 123 0.67

Φav ) (0.9( 0.5)× 10-4 (2σ)
aCalculated from the equilibrium constantK10 ) 2.5× 10-19 cm3 molecule-1. bObserved rate of nitrate formation obtained from the integrated

absorbance in theν3 region.c Absolute rate of nitrate formation obtained by calibrating the rate of infrared absorbance using a wet chemical
technique as described in the text.dCollision rate of N2O4 with the synthetic sea salt surface (A) 2.35× 104 cm2 per pellet).eReaction probability
for the gaseous N2O4 with the solid synthetic sea salt surface reaction.

TABLE 4: Kinetics of the Reaction of NO2 in Air with Synthetic Sea Salt

expt no. [NO2] (1014molec cm-3) ratea (int absorb. min-1) RNO3-b (1013 ions s-1) Cc (1022 collisions s-1) Φd (10-8)

1 24.4 1.60 751 52.6 1.4
2 11.8 0.515 240 25.5 0.94
3 9.6 0.503 235 20.7 1.1
4 3.4 0.145 67.6 7.41 0.91
5 6.5 0.357 167 14.1 1.2
6 2.8 0.0785 36.6 5.93 0.62
7 1.6 0.0799 37.3 3.39 1.1

Φav ) (1.0( 0.5)× 10-8 (2σ)
aObserved rate of nitrate formation obtained from the integrated absorbance in theν3 region.bRate of nitrate formation from calibration of the

integrated absorbance with the wet chemical technique.cCollision rate of NO2 with the synthetic sea salt surface (A ) 2.35× 104 cm2 per pellet).
dReaction probability for the gaseous NO2 reaction with synthetic sea salt.
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As discussed earlier,19 a reaction which is second order in
NO2 is consistent with the dimer of NO2, i.e. N2O4, being the
reactive species. In this case, the reaction mechanism involves
first the formation of the dimer

followed by reaction of the dimer with the salt

The rate law may then be expressed as

whereK10 is the equilibrium constant for the formation reaction
(10) of the dimer. The N2O4 concentration can be calculated
from the measured NO2 concentration and the well-known
equilibrium constant,55 K10 ) 2.5× 10-19 cm3 molecule-1 at
298 K.
The kinetics for gas-solid heterogeneous reactions are

normally described in terms of the reaction probability,Φ, which
is defined as the ratio of reactive gas-solid collisions to the
total number of gas collisions with the surface. The total
number of collisions per second can be calculated31 from the
gas kinetic expressionC ) A[G](RT/2πM)1/2 whereA is the
surface area of the salt, [G] is the concentration of N2O4, and
M is its molecular weight. The reaction probability can then
be calculated from the experimentally determined rate of the
nitrate formation (in ions/s) compared to the total number of
collisions/s:

Tables 2 and 3 summarize the results of the experiments for
NaCl in air and He and for synthetic salt in He, respectively. In
these experiments, the infrared absorbances were calibrated
using the wet chemical technique described above in order to
obtain reaction probabilities. The reaction probabilities are
calculated to be (4.0( 1.6)× 10-4 (2σ) for the N2O4-NaCl
reaction in He and (3.0( 2.9)× 10-4 (2σ) in air. These can
be compared to that reported in our earlier studies,19 (1.3 (
1.2) × 10-4 (2σ). The average particle size in our earlier
studies19 based on the BET measurements was 4µm, somewhat
larger than the 2.4µm measured here. Hence there may be

differences in the number of surface defects, steps, and edges
which can influence the reactivity.
There may also be a difference in the amount of surface

adsorbed water, which appears to play a role in the kinetics.
For example, Peters and Ewing28 have studied the reaction of
NO2 with the (100) face of NaCl and also find that this reaction
is second order. They report a reaction probability for N2O4 of
∼1× 10-6 for dry NaCl but∼1× 10-4 for NaCl in the presence
of water vapor at a concentration of 9.5 mbar. This observation
on the effect of water on the kinetics is consistent with the
observation that strongly bound water adsorbed to the surface
of NaCl powders plays a critical role in its chemistry. For
example, Knudsen cell experiments27 in this laboratory have
shown that the reaction of HNO3 is controlled by surface-
adsorbed water. Hence the discrepancies in the reported reaction
probabilities for the N2O4 reaction with NaCl may also reflect
differences in the amount of surface-adsorbed water. In
addition, the finely ground powder used here and in the earlier
studies19 undoubtedly have much larger numbers of surface
defects compared to the (100) face of single crystals, and these
would be expected to react more rapidly, even in the absence
of adsorbed water.
These differences of about a factor of 3 for the reaction

probability for the NaCl reaction illustrate the uncertainties in
the applications of DRIFTS to kinetic measurements discussed
earlier. However, such studies do provide at least an order of
magnitude estimate of the reaction probabilities for powders
that may be more representative of airborne sea salt particles
in the marine boundary layer than reactions of relatively defect-
free single crystals. In addition, comparison of the kinetics of
reaction of such powders with those of single crystals provides
insights into the mechanism and the factors which control the
reactivity on a molecular level, as illustrated by recent studies
of HNO3 with NaCl.20,21,23,25,27

Table 3 shows the results of the synthetic sea salt-NO2

experiments using He as a carrier gas where the reaction order
was observed to be 1.8( 0.2 (2σ). Again assuming that N2O4

is the reactive species, a reaction probability of (0.9( 0.5)×
10-4 (2σ) is obtained. Although this is slightly lower than the
reaction probability for the NaCl-N2O4 reaction, one cannot
readily distinguish between the two, given that the measured
values for the reaction of NaCl powders using DRIFTS are in
the range (1.3-4.0)× 10-4. If indeed the reaction probability
for synthetic sea salt is smaller than that for NaCl, it may be
related to differences in the number of surface defects. The
SEM of the ground NaCl (Figure 2) shows quite rounded
features rather than the sharp, cubic structure of freshly grown
crystals.29 The concentration of surface defects on these crystals
may be larger than for the synthetic sea salt, which would be
expected to increase its reactivity. The reaction probabilities
in Tables 2 and 3 are quite scattered but tend to show a
decreasing trend with increasing NO2/N2O4 concentration. This
may be due to a breakdown in the assumption that the
concentration of available surface halide ions remains constant
at the higher gas concentrations where the reaction is much
faster.
In short, the present results show that the reaction probabilities

for the reactions of N2O4 with NaCl in air or He as well as
with synthetic sea salt in He are all about 10-4.
The order of the reaction of synthetic sea salt with NO2 in

air is smaller than that in He, approaching unity. Although the
mechanistic source of this decrease is not clear (see below),
the reaction probability in this case is calculated assuming first-
order kinetics using NO2 rather than N2O4 as the reactant. As
seen in Table 4, the reaction probability is calculated to beΦ

Figure 8. ln-ln plot of the rate of NO3- formation as a function of
the NO2 concentration for the reaction of NaCl with NO2 in helium
(open circles) and air (filled circles). The rate of nitrate formation is
in units of integrated absorbance min-1, and the NO2 concentration is
in units of 1014 molecules cm-3. Statistical errors (2σ) are typically
about the size of the points. See text for discussion of systematic errors.

2NO2 T N2O4 (10)

N2O4 + NaClf ClNO+ NaNO3 (11)

d{NO3
-}/dt ) k11{X

-}m[N2O4] ) k11K10{X
-}m[NO2]

2

(III)

Φ ) R/C (IV)
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) (1.0( 0.5)× 10-8 (2σ). This can be compared to the results
of Sverdrup and Kuhlman56where reaction probabilities, based
on the loss of NO2 on an artificial sea salt surface, were
measured to be in the range 10-7-10-6 over a range of relative
humidities of 44-88%. This is not surprising, given the higher
water concentrations used in their studies. It should be noted
that if the predominant reacting species in the synthetic sea salt
are the hydrates, the reaction probability for the NO2 reaction
with the hydrates must be about 1 order of magnitude faster
since the hydrates typically comprise about 12 mol % of the
salt mixture.43

Because the generation of surface-adsorbed water, H2Oads,
is observed in the reaction of synthetic sea salt in air, it is
possible that during the course of the reaction, the uptake of
NO2 into surface-adsorbed water may become important, as
observed recently for the uptake of HNO3 by NaCl.27 For
example, the reaction of NO2 with surface-adsorbed water is
well-known57-62

and has been shown to be first order in NO2. The nitric acid
formed will react with the synthetic sea salt, which would also
form infrared active surface nitrate as well as gaseous HCl. We
are not able to observe gaseous products in the DRIFTS
experiment. However, the production of HONO and HCl was
investigated in a separate experiment by reacting the synthetic
sea salt with NO2 in air under conditions similar to those used
in the DRIFTS experiments. The mixture of gaseous products
and unreacted NO2 was expanded into a long path cell (25.6
m) located in the sampling compartment of an FTIR. ClNO
was observed as a product as expected, but HONO and HCl
were not. While the experimental system was somewhat
different, this suggests that reaction 12 followed by the reaction
of HNO3 with the salt is not contributing significantly to the
reaction of NO2 with synthetic sea salt in our studies.
An alternate mechanism involves the formation of an

intermediate,A, in the hydrate reaction which then reacts with
either NO2 or O2, e.g.

In the absence of O2, the mechanism consists of reactions 13
and 14, and if the back-reaction-13 is fast compared to reaction
14, the overall reaction is second order in NO2. However, if in
the presence of O2 reactions 15 and 16 are fast relative to
reaction-13, the reaction will be first order in NO2.
There is some evidence for the formation of unstable

intermediates in the NaCl reaction. An intermediate, tentatively
identified as a radical anion intermediate of the type [Cl‚‚‚NO2

-],63

has been observed recently by electron paramagnetic resonance
(EPR) in the reaction of NaCl with NO2. A similar intermediate
was observed in the NaBr-NO2 reaction.63 As discussed in
detail elsewhere,19,63 reactions 13 and 14 would also give
second-order kinetics in NO2, so that this mechanism cannot
be distinguished from reaction with N2O4. However, the
reaction probabilities in Tables 2 and 3 were calculated on the
basis of N2O4 being the reactant, since insufficient kinetic and

thermodynamic information is available for reactions 13 and
14 to be able to carry out such calculations using this
mechanism.
The nature of a possible second intermediate,B, is not known

but could be similar to a peroxynitrate, e.g. [Cl‚‚‚OONO2]-.
An analogous intermediate, the peroxonitrite ion (OONO-), has
been shown to be an important intermediate in the photolysis
of KNO3.64 However, if this is the case, it is surprising that
the same mechanism does not hold for the NaCl reaction. It is
possible that Mg2+ present in the synthetic sea salt stabilizes
the intermediate, while Na+ does not. For example, chelation
of the intermediate to the metal ion can be envisioned

In this case, the coordination between the oxygen in two of the
six waters of hydration surrounding the Mg2+ must be broken.
This, combined with the disruption to the hydrogen bonds to
the Cl- caused by the reaction, would release water of hydration,
consistent with our experimental observations.
4. Atmospheric Implications. These studies suggest that

hydrates in sea salts, although minor components, play a major
role in the chemistry of sea salt particles. As a result, NaCl
may not be an adequate model for such reactions. For example,
these studies suggest that the order of the reaction of NO2 with
synthetic sea salt in air approaches 1, rather than being
approximately second order as is the case for the NaCl reaction,
indicating a change in reaction mechanism.
The reaction of synthetic sea salt with NO2 in the presence

of air produces significant amounts of surface-physisorbed water.
Given the results of recent studies27-30 which demonstrate the
importance of water in the chemistry of NaCl, the role of the
hydrates in providing surface-adsorbed water during the reaction
of sea salt particles may be important, particularly in laboratory
studies of these reactions.
The reaction of NO2 with synthetic sea salt is sufficiently

slow that it is unlikely to be important in marine areas.
However, the differences in kinetics and mechanisms from the
corresponding reactions of NaCl indicate that the kinetics and
mechanisms of other potential reactants such as ClONO2, N2O5,
and HNO3 with synthetic sea salt also need to be investigated
in order to properly assess their contribution to tropospheric
chemistry.

Conclusions

In summary, the reaction of NO2 with synthetic sea salt in
air is consistent with crystalline hydrates being major contribu-
tors to the reaction. The reaction order in NO2 in air is lower
than that for the NaCl reaction and leads to the generation of
surface-adsorbed water. A possible explanation is that O2 reacts
with a radical anion intermediate similar to that observed in
the NO2-NaCl reaction.63 EPR experiments are planned to
further explore possible intermediates in these reactions. In
addition, the kinetics and mechanisms of reaction of NO2 and
HNO3 with hydrates found in sea salt are being explored in
detail. Finally, studies of HNO3, N2O5, and ClONO2 with
synthetic sea salt are underway.
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