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ABSTRACT: SO2, an important atmospheric pollutant, has
been implicated in environmental phenomena such as acid rain,
climate change, and cloud formation. In addition, SO2 is
fundamentally interesting because it forms spectroscopically
identiﬁable complexes with water at aqueous surfaces. Vibrational sum frequency spectroscopy (VSFS) is used here to
further investigate the mechanism by which SO2 adsorbs to
water at tropospherically relevant temperatures (023 C).
The spectral results lead to two important conclusions. SO2
surface aﬃnity is enhanced at colder temperatures, with nearly all of the topmost water molecules showing evidence of binding to
SO2 at 0 C as compared to a much lower fraction at room temperature. This surface adsorption results in signiﬁcant changes in
water orientation at the surface, but is reversible at the temperatures examined here. Second, the SO2 complex formation at aqueous
surfaces is independent of aqueous solution acidity. One challenge in previous uptake studies was the ability to distinguish between
the eﬀects of surface adsorption as compared to bulk accommodation. The surface and vibrational speciﬁcity of these studies make
this distinction possible, allowing a selective study of how the aqueous properties temperature and pH inﬂuence SO2 surface aﬃnity.

’ INTRODUCTION
The importance of gas uptake to aqueous surfaces in the
atmosphere is widely recognized. The congested and often
chemically rich environment of aqueous aerosol particles provides a broader range of reactive possibilities than would occur in
the gas phase.110 For example, in the gas phase, the primary
reaction pathway for atmospheric SO2 is oxidation by various
radicals. Yet in aqueous aerosols the fate of SO2 depends more
on particle composition, which may include reactive species
such as aldehydes and ions, in addition to the potential oxidizing agents prevalent in the atmosphere. Other atmospheric
gases such as N2, O3, Cl2, HCl, HBr, CH2O, and NH3 show similar
behavior.911
We are increasingly learning about the reactivity of atmospheric constituents in gas-phase reactions and in the chemical
soup that is comprised within aqueous aerosols, but little is
known about the role of the surface separating the two phases.
Does it operate as a barrier to reactivity, as a free pathway for
entry, or as a temptress that promotes gas uptake? Also, how are
interfacial interactions aﬀected by the lower temperature of the
atmosphere, which can not only aﬀect surface condensation but
also bulk solubility and bulk reactivity? In the absence of reaction,
the solubility of most gases is inversely proportional to temperature, but it is unknown whether an increase in bulk solubility at
lower temperatures is accompanied by enhanced surface interactions as well. The answers to these types of questions are
important for accurately modeling gas uptake and reactivity in
the atmosphere.
The aim of this research is to understand the role of temperature and bulk reactivity in the adsorption of atmospherically
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important SO2 at a water surface. Uptake of gases such as SO2 by
aerosols depends on many factors including gas-phase diﬀusion,
bulk solubility, mass accommodation probability (the probability
of entering the bulk after striking the surface), and bulk reaction
rates. Additional complexity arises because all of these factors
may be dependent on additional factors such as temperature, pH,
and droplet composition.1231
SO2 reacts with water in a stepwise fashion:1
SO2ðgÞ þ H2 OðlÞ T SO2 3 H2 OðaqÞ
þ
SO2 3 H2 OðaqÞ T HSO
3 þH
2
þ
HSO
3 T SO3 þ H

H ¼ 1:242 M atm1 ð1Þ
K1 ¼ 1:32  102 M ð2Þ

K2 ¼ 6:42  108 M

ð3Þ

2
The dominant reaction product (SO2 (aq), HSO
3 , or SO3 )
depends on the solution pH, but the Henry’s law solubility (H)
presented in eq 1 does not account for further reaction equilibria.
Nor does it attempt to distinguish SO2 molecules at the surface
from those fully solvated in the bulk aqueous phase. Surface
species were ﬁrst invoked to explain discrepancies between mass
accommodation measurements and uptake rates calculated from
predicted SO2 solubility and bulk chemistry. Unpredictably high
measured SO2 uptake rates were attributed to surface intermediaries that facilitate gas uptake to water.1820,3240 In bulk
water, SO2 forms a gas hydrate structure with approximately
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seven water molecules.41 This number is expected to be lower at
the surface, but the nature of the surface complexes is not well
understood.
The role of surface intermediates is also relevant to understanding the results of previous studies that measured the
dependence of SO2 uptake rates on pH and temperature.12,18,25
These early studies initiated an important discussion regarding
whether the eﬀect of higher bulk solubility, via changes in either
temperature or pH, is to reduce or enhance surface adsorption
and complexation of SO2. They also highlight the importance of
experimental techniques that can investigate surface behavior
more directly. The ability to selectively probe surface complexes
with water using VSFS provides us the opportunity to begin
exploring how SO2 absorption is coupled to solvation and reaction
of the gas in solution.
Recent VSFS experiments conﬁrmed the formation of a shortlived interfacial complex when sulfur dioxide gas interacts with an
interfacial solution.42,43 Using the experimental results in conjunction with MD and ab initio calculations, Baer et al.44 developed a picture of molecular structure that is consistent with both
previous sum frequency measurements of interactions between
water and SO2 at the surface,42,43 and experimental4550 and
computational5155 studies of behavior in the bulk and at the
surface.44,56 This theoretical study supports the experimentally
derived conclusions that, at room temperature, SO2(g) has a
weak aﬃnity for the water surface, forming complexes with water
molecules in the topmost interfacial layer. With conﬁrmation of a
unique SO2:H2O surface complex, the primary question that
arises is whether the formation of a surface complex is a necessary
step in the uptake of SO2 to water? Or is it simply a dominant
pathway when solubility conditions are less favorable? If these
surface complexes are required for uptake, is surface aﬃnity
determined by the same factors that determine bulk solubility?
Or do physical properties, such as temperature, have diﬀerent
eﬀects on surface aﬃnity than do chemical properties such as
pH? Answers to questions such as these are essential to understanding the fate of SO2 in the atmosphere.
This study provides important answers to many of these
questions through experiments that probe SO2 adsorption on
water and aqueous sulfuric acid surfaces at temperatures ranging
from 0 to 23 C. In the ﬁrst set of experiments, VSFS is used to
examine how temperature aﬀects SO2 complexation at water
surfaces for six temperatures between 0 and 23 C. At each
temperature, the OH vibrational stretching region of surface
water is examined before, during, and after exposure to SO2 gas.
These VSFS experiments address the question of whether surface
aﬃnity increases with bulk solubility as a function of temperature.
Isotopic dilution experiments are conducted at 0 C and, as in
previous studies,5759 are used as a means of obtaining ﬁtting
parameters for the diﬀerent interfacial environments. Global
spectral ﬁtting routines are employed to understand the molecular phenomena reﬂected in the data, and the results are
discussed in the context of recent experimental and theoretical
studies, and their implications for the environment. In a second
set of studies, the aqueous solution pH is varied to explore the
mechanistic questions raised by the previous observation that
uptake enhancement varies with solution pH.18 These experiments are also used to distinguish spectral changes due to adsorption of SO2 to the water surface from changes due to SO2
solution reactivity. Changes to the molecular structure and bonding of surface water molecules upon variation of the temperature
and pH with the addition of SO2 are analyzed in reference to the
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structure of the neat vapor/water interface. This study culminates in an overview of temperature eﬀects on the SO2water
system and its relevance to atmospheric systems and aerosol
composition.

’ BACKGROUND
Vibrational sum frequency spectroscopy (VSFS) is well suited
to the study of aqueous interfaces, as it is surface speciﬁc and
forbidden in centrosymmetric media such as bulk water. As a
selective vibrational technique, VSFS provides insight into bond
strength, orientation, and intermolecular interactions at surfaces,
and there are many resources available on the general aspects of
the technique.6074,7484
The sum-frequency intensity is proportional to the square of
the second-order susceptibility, χ(2), which has both resonant
and nonresonant components (eq 4). Spectra must be ﬁt to
deconvolve the individual resonant modes, a nontrivial task.
Employing a ﬁtting routine ﬁrst proposed by Bain85 allows us to
account for both the homogeneous and the inhomogeneous line
widths of the vibrational modes.
2
Z þ¥
Aν eiφν e½ωL  ων =Γν 
ð2Þ
dωL
ð4Þ
χð2Þ ¼ χNR eiψ þ
ωL  ωIR þ iΓL
ν ¥

∑

The ﬁrst term in eq 4 is the nonresonant second-order
susceptibilty. The second term is a sum over all resonant vibra(2)
tional modes and is represented as χR(ν)
. The resonant suscepti(2)
bility, χR(ν), is proportional to N, the number of molecules
contributing to the sum frequency response, and Æβνæ, the
orientationally averaged molecular susceptibility:
ð2Þ

χRðνÞ ¼

N
Æβ æ
ε0 ν

ð5Þ

The second term in eq 4, the resonant susceptibility (eq 5), is
ﬁt as a convolution of the homogeneous line widths of the
individual molecular transitions (HWHM, ΓL) with inhomogeneous broadening (fwhm, (2 ln 2)1/2Γν). The transition strength
Aν is proportional to the product of the number of contributing
molecules and their orientationally averaged IR and Raman
transition probabilities. The frequencies of the IR, the Lorentzian, and the resonant modes are ωIR, ωL, and ων, respectively.
The phase of each resonant mode is φν. The intensities of sum
frequency spectra are complicated, and changes can arise from
changes in the number of contributing molecules, changes in
orientation, and/or a change in bond energies.

’ EXPERIMENTAL SECTION
Laser System. The laser system used in these experiments has been
described extensively in previous publications.40,86,87 Recent modifications to improve the stability and performance of the system will be
detailed here. Production of the 800 nm beam used for both the IR
generation and the experiment begins with a Ti:Sapphire (Coherent
Mira) passively mode-locked laser pumped with 5.5 W of a 532 nm laser
beam from a Coherent Verdi laser. The resultant ∼135 fs, 800 nm light is
used to seed a Ti:Sapphire amplifier (Spectra Physics Spitfire Pro XP)
pumped with 15 W of 527 nm light (Spectra Physics Empower Laser),
which produces a 2.6 ps beam at 800 nm (1kHz repetition rate). The
resultant 2.2 W is split by a 75/25 beam splitter; 25% is available for
direct use in the VSF experiments, and the remaining 75% is used to
generate the tunable IR. The IR generation system has not been
modified. Sum frequency light is generated by overlapping 800 nm
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(∼2.6 ps, 1 kHz repetition rate) and tunable (27004000 cm1)
infrared light in a copropagating geometry at 56 and 67 from the
surface normal, respectively. After filtering any reflected 800 nm light,
the resultant sum frequency light is collected with a thermoelectrically
cooled CCD camera (Princeton Instruments). All of the spectra
presented and discussed here were taken using either the ssp- or spspolarization schemes, which denote the sum-frequency, visible, and
infrared polarizations, respectively.
To minimize contamination, samples are poured into scrupulously
clean glass dishes contained in a nitrogen purged Kel-f cell ﬁtted with
CaF2 windows. The Kel-f cell has three gas ports, two of which are used
for gases, and the remaining port is vented via Teﬂon tubing to a fume
hood. There is an additional port to accommodate a clean Teﬂon-coated
Type T thermocouple probe, which is used to monitor sample temperature. Data collection is facilitated using a Lab View program that
records CCD intensity and monitors temperature for each data point.
Temperature is continuously monitored to ensure that the sample
variation is within 1 C for each data set, and the temperature is recorded
before and after each scan.
Sample Preparation and Analysis. Gases were purchased from
AirGas, argon (cylinder, 99.9%), nitrogen (cylinder), and Air Liquide,
SO2 (lecture bottle, 99.99%). H2SO4 (5 M volumetric solution), H2SO3
(reagent grade), and HCl were purchased from Aldrich and used as
received. High purity water was obtained from a Barnstead E-pure system
(18 MΩ cm). Sum frequency intensities were measured using a thermoelectrically cooled CCD camera with a 2 s exposure time. Intensities were
recorded in 3 cm1 steps over a range from 2800 to 3900 cm1. Gas flow
experiments were conducted at atmospheric pressure with a constant SO2
gas flow rate of 10 standard cubic centimeters per minute (sccm).
Sum frequency data are normalized to account for spatial variation
between the visible and IR while scanning the IR frequency, temporal
lengthening of IR pulses by water vapor, absorption of IR energy by SO2
and/or water vapor, and the frequency dependence of the optics used for
ﬁltering the SF light. In these experiments, SF spectra were divided by
the nonresonant response from an uncoated gold surface. Spectra
presented are averages of 312 spectra taken over multiple days to
ensure reproducibility and to reduce the signal-to-noise ratio.
The parameters used to ﬁt the neat vapor/water interface in ssppolarization were determined in previous isotopic dilution studies.57,88,58
Each resonant peak contains ﬁve variables (eq 4); thus there may be
nonunique ﬁtting solutions. To reduce the number of variables associated with the ﬁts, the phases are ﬁxed at either π (for peaks between
32003600 cm1) or 0 (for peaks below 3200 or above 3600 cm1);
Lorentzian widths are ﬁxed at either 12 cm1 (for the free OH) or
5 cm1 for the remaining OH stretches; and global ﬁtting routines are
employed to constrain parameters where possible. The global ﬁtting
routine iteratively ﬁts the data while constraining peak positions and
Gaussian widths such that the only variables for diﬀerent samples are the
peak amplitudes, lending higher conﬁdence to the results. Global ﬁts to
isotopic dilution data taken at 0 C were performed for each of the
solutions prior to, during, and after exposure to SO2 gas. To account for
changes due to perturbation by gas ﬂow or ions, spectra were ﬁrst ﬁt
using the same parameters used for the neat water system, allowing only
amplitudes to vary. Additional peaks were only added if they were both
phenomenologically reasonable and necessary to achieve good agreement between the ﬁts and the spectral response. Peak parameters
obtained through the isotopic dilution study are consistent with those
used by Tarbuck et al.43,59 and provide the initial values for subsequent
ﬁts to the data taken over a range of temperatures from 0 to 23 C. The
temperature dependent data are ﬁt twice: ﬁrst using a global ﬁtting
routine across the temperature series and then as individual data sets to
account for variations in peak positions and widths that might result
from changes in temperature. Details about the results and interpretation of these ﬁts are the focus of the ensuing discussion.
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Figure 1. The ssp-polarization spectra of the water OH stretching
region before (black), during (red), and after (blue) exposure to SO2 gas
at 23 C (top) and 0 C (bottom).

’ RESULTS AND DISCUSSION
Uptake of SO2: The Importance of Temperature. When
SO2 gas comes into contact with liquid water, it forms a surface
complex that has recently been detected spectroscopically via an
examination of the interfacial VSF spectrum of water.42,43 The
data in Figure 1 (top) provide the evidence for this surface complex formation as was originally measured at 23 C by Tarbuck
et al.42 These spectra correspond to the interfacial OH stretching
region of water before (black), during (red), and after (blue)
exposure to SO2 gas. One of the most distinct changes to these
spectra is the broadening of the sharp peak near 3700 cm1 that
occurs only in the presence of flowing SO2 (red). This broadening
has been attributed to enhanced coordination between water
molecules at the topmost surface layer complexing to SO2.42,43 In
these earlier studies, the surface complex between SO2 and
the “free-OH” mode of water was found to be short-lived at
room temperature, as it does not persist if the SO2(g) is
purged from the system (Figure 1 (blue)). Surface exposure is
accompanied by an irreversible intensity increase in the
coordinated water region below ∼3400 cm1, an effect that
has been attributed to solvated SO2 and its reaction with
water (eqs 13). These previous studies demonstrate that
SO2 forms reversible surface complexes with water, and these
complexes can be probed directly using VSFS. These surface
complexes are believed to involve a single SO 2 molecule
interacting with 13 water molecules in the topmost layer of
the interfacial region.4244
Figure 1 (bottom) shows recently acquired spectra for SO2
adsorption at a water surface maintained at 0 C. Visual inspection of data taken at 0 C shows more dramatic broadening of the
3700 cm1 peak upon exposure to SO2, indicative of enhanced
surface complexation at the lower temperature. However, as with
the higher temperature, this adsorption is reversible. Spectra
taken in the sps-polarization scheme (Figure 2) show similar
trends, with increased intensity in the 3700 cm1 region upon
exposure to SO2 when the temperature is decreased.
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Figure 2. The sps-polarization spectra of the water OH stretching
region before (black), during (red), and after (blue) SO2 exposure at
23 C (top) and 0 C (bottom).

Understanding the contributions to the spectral changes observed in Figures 1 and 2 requires more detailed studies as described below. Our approach is to employ isotopic dilution studies
for the neat vapor/water interface at 0 C (Figure 3), followed by
identical studies conducted in the presence of SO2 (Figure 5).
Any conclusions drawn from the spectral changes observed must
take into account that intensity increases can reﬂect changes in
orientation, population, and/or transition strength of the surface
species being measured.
Temperature and the Neat Vapor/Water Interface. It is
difficult to represent the molecular environment found at the
vapor/water interface in simple terms, and researchers continue
to modify and elaborate on the details of its molecular structure
and hydrogen bonding.57,88115 Assignment of particular water
bonding geometries, coordination, and strengths to a specific
spectral feature is fraught with difficulty because of the continuum nature of surface water bonding, as well as collective
behavior. Nevertheless, past experimental and computational
results by a number of groups point to a dominance of particular
species in localized interfacial regions. In general, the vapor/
water interface can be described as a relatively narrow interfacial
region, ∼69 Å, where the average coordination of water molecules increases from ∼2 bonds per molecule at the topmost surface layer to ∼3.6 bonds per molecule in the bulk.95,57,96,115
Molecules with less coordination and fewer hydrogen bonds
reside in the topmost water region, which is the easiest to
interpret, and vibrate at higher frequencies (35003700 cm1).
The highest level of coordination in the interfacial region is for
the deeper tetrahedrally coordinated molecules corresponding to
lower frequency vibrations (31003500 cm1).
We rely on a combination of spectral ﬁtting and MD calculations to develop an overall picture that allows us to categorize
interfacial response in terms of water orientation, coordination,
and hydrogen bonding. The neat vapor/water spectral assignments
used in this study are based on previous isotopic dilution experiments57,59,88 and MD simulation results from our laboratory,102,104
and additional considerations from other studies.73,9299,115117
A representative ﬁt to the neat vapor/water interface at room

Figure 3. (a) Isotopic dilution series of water at 0 C. Spectra are oﬀset
for clarity. Fits to the data (gray) are in black. (b) Overall ﬁts (black) to
the neat vapor/water interface (gray) and resonant components (colored),
at 23 C (top) and 0 C (bottom).

temperature is shown in Figure 3b (top), along with its component resonant features (colored). For simplicity, spectral contributions are described as arising from four dominant water
environments, but each mode is actually comprised by contributions from several types of OH stretching environments.
The description of the vapor/water interface that is referred
to throughout this study is as follows: (I) The free OH peak,
at ∼3700 cm1, is attributed to unbound OH oscillators with an
7500
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average orientation away from the bulk. This mode protrudes out
of the surface and is highly sensitive to weakly bound species at
the surface. (II) The mode opposite the free OH mode (the
companion OH) points into the bulk and gives rise to broad
spectral intensity at ∼3460 cm1, a frequency consistent with
measurements of the OH of uncoupled HOD in liquid water.116
MD calculations support this conclusion and go further to
indicate that such highly oriented water molecules interact
weakly with neighboring molecules via hydrogen bonds through
both the hydrogen and the oxygen.94,102,104 Small contributions
to this peak can also come from loosely coupled water molecules
in the more coordinated region of the interface. (III) Loosely
bound water molecules that are mostly parallel to the interface
are observed at ∼3580 cm1 and primarily contribute to data
taken in the sps-polarization scheme.94,104 (IV) Slightly deeper in
the interfacial region, one ﬁnds more coordinated water molecules, sometimes referred to as tetrahedrally bound water, which
give rise to two modes at ∼3335 and ∼3200 cm1. The assignment of the intensity at 3200 cm1 has recently been attributed
to a Fermi resonance between the overtone of the water bending
mode and the fundamental of the water symmetric stretch mode,
reigniting the debate over peak assignments in the water
region.92,93,118,119 While discussion over the speciﬁc molecular
origins of this intensity continues, the consensus from isotopic
dilution studies of the OD92,93 and OH57,59,88 stretching regions
and recent MD simulations104 is that the intensity of this mode
increases with more extensive hydrogen bonding and increased
intermolecular coupling.
The recent development120 and implementation of phasesensitive sum frequency measurements by a number of groups
has raised questions about how sum frequency spectra, particularly of water, are ﬁt.73,9799,107,108,117 The main discrepancy
between the recent phase measurements and the parameters we
use to ﬁt the water spectra is in the phase of the lower frequency
region. Measurements by the Shen group detect a phase change
below 3200 cm1 that was not previously included in ﬁts to the
vapor/water interface.73,9799,117 We ﬁnd that we can incorporate this phase change by adding an additional mode, but its
amplitude is negligible for the neat vapor/water interface. Upon
the addition of ions or gas to the interface, the intensity of this
peak increases and is taken into account when appropriate. This
interpretation is consistent with a recent MD study that indicates
the apparent phase change results from the anisotropic contribution to the polarizability, which increases in stronger hydrogenbonding environments.107,108 Similarly, previous VSF studies of
strong acids121 and the vapor/ice interface122124 attributed a
peak at ∼3150 cm1 to more water coordination and stronger
hydrogen bonding.
Isotopic Dilution. Prior to examining the influence of temperature on the uptake of sulfur dioxide to water, it is important
to establish a baseline and fitting parameters for the VSFS
response from the vapor/water interface at 0 C in the absence
of SO2. As mentioned previously, isotopic dilution experiments
have successfully been used in the past to isolate resonant components in the water OH stretching region at room temperature.57,59,88 Adding D2O increases the HOD concentration,
which simplifies the sum frequency response by reducing the
effects of intra- and intermolecular coupling. These solutions also
provide us with spectral constraints, because the OH stretching
region for each solution must be fit using the same parameters.
The isotopic dilution experiments for water at 0 C are presented
in Figure 3a. The resultant fits to the data confirm that the
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Figure 4. Relative contributions of ﬁtted OH stretching regions as a
function of temperature.

previously determined fitting parameters for the neat vapor/
water interface still apply at 0 C. The overall fits and the
component resonant modes for water are shown in Figure 3b
at 23 C (top) and 0 C (bottom).
In conjunction with the isotopic dilution series at 0 C, spectra
of the neat vapor/H2O interface were also obtained at 3, 8, 12, 16,
and 23 C. Figure 4 shows how the relative contributions from
diﬀerent OH stretching regions change with temperature. The
relative contributions were calculated on the basis of the peak
areas for the resonant components as a percentage of the area of
the overall ﬁt. The tetrahedral region reﬂects the combined area
of the peaks at 3200 and 3335 cm1. Percent errors were
estimated for each temperature based on standard deviations in
the ﬁtted amplitudes for multiple data sets. These percentages
(ranging from 5% to 30%) were applied to the peak areas
calculated for the averaged data sets. Characterizing the interfacial response in this manner allows us to investigate trends and
changes with respect to water coordination and orientation when
the temperature changes and/or gases or solutes are added. This
facilitates our ability to determine which spectral regions are
aﬀected by a surface perturbation. For example, through changes
in the tetrahedral region, we can infer information about how the
perturbation aﬀects the most strongly coordinated molecular
resonances somewhat deeper in the interface.104 By contrast,
changes in the free OH region are a clear indication that the
topmost water layer is being perturbed.
From the results in Figures 3 and 4, the behavior of the neat
vapor/water interface parallels that of bulk water, with increased
coordination as the temperature decreases. The most notable
diﬀerence as the temperature decreases is an increase in the
amplitudes of the peaks at 3200 and 3335 cm1. Their spectral
contribution grows when the temperature approaches that of ice,
while the contribution from the free and companion OH modes
is relatively constant over the temperature range studied. The small
changes to the water spectra shown in Figure 3b are consistent
with changes reported by earlier studies at 0 C,122124 which
showed a similar increase in the relative contribution from more
highly coordinated OH stretching. As there are no changes in
the overall electric ﬁeld or composition of these solutions, the
increased intensity of the tetrahedral mode is most likely due to
an increase in the net water orientation as the temperature
approaches that of ice. These interfacial changes seem small in
view of the large spectral changes we observe when SO2(g) is
introduced to the system (Figure 1), but they provide us with the
7501
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Figure 6. (a) The ssp-spectra of the water OH stretching region with
SO2 ﬂowing (color) and corresponding ﬁts (thin black) as a function of
temperature. The neat vapor/water interface at corresponding temperatures is in gray. (b) Relative contributions of ﬁtted OH stretching regions
as a function of temperature.

Figure 5. (a) Isotopic dilution series at 0 C with SO2 ﬂowing (red)
with corresponding water solutions (gray). (b) Fits (black) to the OH
stretching region with SO2 gas ﬂowing (dark red) and resonant components (color) at 23 C (top) and 0 C (bottom).

basic parameters necessary to begin analyzing the SO2/water
system.
SO2 at the Vapor/Water Interface: The Effects of Temperature. The adsorption behavior of SO2 at the cold water
surface (Figures 1 and 2) was investigated using isotopic dilution
experiments and global fitting routines. An analysis similar to that
used for water in Figure 3 was applied to analyze spectra taken
while flowing SO2 gas over the water surface. The isotopic
dilution series used to determine the fitting parameters for

spectra obtained with SO2 flowing at 0 C is shown in Figure 5
(red), with corresponding water data (gray) for reference. From
these data, we observe two main spectral changes: a broadening
of the mode at ∼3700 cm1 and increased intensity below
∼3400 cm1. Fits to spectra taken while SO2 gas is flowing
cannot be achieved using only the standard four water bands.
Two additional contributions are included to obtain an accurate
global fit to the data in Figures 1, 5, and 6; a sharp peak attributed
to surface complexes with molecular SO2 at ∼3650 cm1, which
will be referred to as the complexed free OH, and a small broad
peak at ∼3150 cm1 that is likely due to enhanced OH coordination. These two peaks, in combination with the four water
peaks, form the basis for the global fit used to interpret the
spectral changes observed as a function of temperature. Lowering
the temperature accentuates the spectral changes observed when
the water surface is exposed to SO2 at room temperature, proving
that more surface adsorption occurs at colder temperatures. This
surface enhancement can be seen in Figure 6, which shows how
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the OH stretching region of water (gray) evolves when SO2 is
flowing (color) at intermediate temperatures between 0 and
23 C.
In the initial analysis, three diﬀerent approaches were used to
ﬁt the high frequency region above ∼3600 cm1, all of which
lead to the same conclusion regarding the free OH region. These
approaches are as follows: including peaks at ∼3650 and
∼3700 cm1 and varying their amplitudes while holding their
frequencies and widths constant with temperature; treating the
peak as a single resonant peak that varies in both frequency and
width as the temperature decreases; or ﬁxing the frequency of the
∼3700 cm1 peak and varying the frequency and width of the
peak at ∼3650 cm1. For all three approaches, the net result is
that the integrated intensity of this high frequency region
increases as the temperature decreases.
For the analysis discussed below, we apply the ﬁrst approach,
holding the frequency and width constant, as it provides the best
ﬁt to the data in Figures 5 and 6 while limiting the number of
variable parameters and giving a measurable indicator of complex
formation. This approach is consistent with the picture that the
surface spectra in this region are comprised of an unbound free
OH peak and a lower energy peak corresponding to a SO2:H2O
surface complex. The lower energy peaks were ﬁt using the
parameters described above. The resultant ﬁts obtained using a
global ﬁtting analysis are shown in Figure 5b with the corresponding resonant contributions (color) for data taken at 23 C
(top) and 0 C (bottom). The relative contributions from the
resonant peaks are displayed in Figure 6b as a function of
temperature. The companion OH, free OH, and complexed free
OH peaks are at ∼3460, ∼3690, and ∼3650 cm1, respectively.
The tetrahedral OH region on this plot refers to the combined
contributions from the peaks at 3160, 3200, and 3335 cm1.
As shown in Figure 5b, when the temperature reaches 0 C, the
contribution from the peak at ∼3650 cm1, which is attributed to
water complexed to SO2, increases signiﬁcantly. Meanwhile, the
contribution from the peak at 3700 cm1 becomes almost negligible. The observed bonding of SO2 to essentially all of the free
OH bonds leads us to conclude that under low temperature conditions, the topmost surface region is fully involved in SO2
complexation. The shift in intensity from the uncomplexed to
the complexed free OH peak is attributed to an increase in surface SO2 adsorption in conjunction with a change in overall water
orientation as more water molecules bind to SO2. Support for
this interpretation comes from data obtained using the spspolarization scheme, which probes vibrations with components
of the dipole in the plane of the interface (Figure 2). Rigorous
spectral ﬁtting in the sps-polarization scheme is diﬃcult due to
the high nonresonant background relative to the resonant signal
for these experiments, but approximate ﬁts were obtained using
parameters similar to those used for data obtained in the ssppolarization scheme. The main diﬀerence from the ssp-data is
that loosely bound water molecules lying nearly parallel to the
interface give rise to a peak at ∼3580 cm1 for the neat interface
(black) that decreases signiﬁcantly upon addition of SO2 (red),
becoming negligible when the temperature reaches 0 C. The
intensity decrease at ∼3580 cm1 accompanies a corresponding
intensity increase at ∼3650 cm1, similar to that seen in the sspdata. These data indicate that the surface adsorption of SO2 acts
to reorient loosely coordinated water molecules in the topmost
interfacial layer such that their OH oscillators are tilted more out
of the plane of the interface, a change that is greatly enhanced at
lower temperature.
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The recent MD work by Baer et al. suggests that SO2
adsorption induces both reorientation and increased cooperation
between surface water molecules.44 Their simulations indicated
that SO2 forms complexes with multiple water molecules, with
multiple coordination geometries consistent with a red-shifted
free OH peak. The spectral implications of forming multiwater
surface complexes are expected to extend below the free OH
region. The peak at ∼3460 cm1 reﬂects contributions from the
companion OH bonds of the water molecules containing free
OH, as well as from loosely bound water molecules in the topmost surface layers.104 In both the ssp- and the sps-polarization
schemes, the integrated area of this peak decreases upon addition
of SO2 gas, and its overall spectral contribution decreases further
with increased SO2 bonding as the temperature decreases. The
complexation of SO2 to loosely bound water molecules in the
interfacial region and tighter water coordination results in a redshift of intensity away from this peak.
Thus far, we have determined that cooler temperatures lead to
increased surface accumulation of SO2, but do these changes
extend deeper into the interface, as well? The solubility of SO2
increases at lower temperatures, driving increased production
þ
of both HSO
3 and H via the reactions shown in eqs 13.
The spectral increases exhibited in the lower frequency tetrahedral region are consistent with increased ion concentrations,
and
which induce greater water coordination. Both HSO43
3
Hþ59,125127 are expected to accumulate in the interfacial region
and elicit similar spectroscopic responses, an increase in the
intensity below ∼3400 cm1. HSO
3 is a relatively large polarizable anion capable of hydrogen bonding to water via strong
iondipole interactions, and protons are known to elicit strong
electrostatic interactions. Figure 6b shows an increase in the
contribution from tetrahedrally coordinated OH oscillators when
the temperature is decreased. This is consistent with the increased
þ
coordination and electric ﬁeld expected at higher HSO
3 and H
concentrations. On the basis of these observations, the changes
to the deeper, more coordinated water layers are consistent with
the expected increase in SO2 solubility at lower temperature. To
conﬁrm that these lower energy intensity changes are due to
solvated species, and not the surface complexes themselves, we
examine the uptake of SO2 to acidic solutions.
Uptake of SO2 at Low pH. As discussed above, there is
considerable ambiguity regarding the nature of SO2 surface
complexation under the acidic conditions relevant to aerosol
chemistry. Some studies report unpredictably high uptake rates
as compared to expected bulk reactivity, indicating that surface
complexes may be important;15,18 another study indicates that
surface reactions are insignificant at high H2SO4 concentrations.25
The surface accommodation of SO2 to 2.5 M sulfuric acid
solutions was examined to provide insight into these issues. To
ensure that the results were not dependent on the type of acid
used, the experiments were repeated using HCl to adjust the
solution pH. Similar results were also obtained using aqueous
solutions that were made highly acidic with SO2. Under low pH
conditions, the uptake of SO2 into the bulk solution should be
significantly lowered, because the formation of HSO
3 is unfavorable.2325,34 Hence, these pH studies provide us with a
mechanism for removing the ambiguity of previous results, while
also elucidating the surface behavior upon inhibiting the reactive
channel following uptake.
Figure 7 shows VSF spectra of 2.5 M H2SO4 solutions
obtained before (light blue), during (red), and after (dark blue)
exposure to SO 2 at 23 C (top) and 0 C (bottom). For
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Figure 7. 2.5 M H2SO4 at 23 C (top) and 0 C (bottom). The sspspectra were obtained before (light blue), during (red), and after (dark
blue) exposure to SO2. Acid-free water (black) is shown for comparison.

reference, the vapor/water interface without added H2SO4 is
shown in black for each of these systems. Visual inspection of the
data in Figure 7 shows that at both temperatures, surface
complexation occurs even in the presence of high bulk concentrations of H2SO4, as manifested in the broadening of the free
OH upon exposure to SO2 (red), a broadening that is accentuated at lower temperature (bottom). Once the SO2 is removed,
the VSF spectra (dark blue), at both temperatures, are essentially
identical to those taken before adding SO2 (light blue). This
conﬁrms that the surface chemistry is diﬀerent from that of acidfree water (Figure 1), where the eﬀects of interfacial HSO
3 ions
are observed in the 3200 cm1 spectral region after removal of
SO2 from the system.
To obtain a more detailed picture of these eﬀects, spectral
ﬁtting analyses were performed for the H2SO4 data in Figure 7.
Figure 8a and b contains the ﬁtting results for the H2SO4
solutions prior to ﬂowing SO2 (light blue) and upon exposure
to SO2 (red), respectively, at 0 C (bottom) and 23 C (top).
Focusing ﬁrst on the H2SO4 solutions in the absence of SO2,
Figure 8a, the 2.5 M H2SO4 diﬀers from the acid-free water
spectrum by a larger VSFS response below ∼3400 cm1 and a
slight decrease in the free OH contribution at both temperatures.
These results are consistent with previous VSF studies of H2SO4
solutions.128134 When compared to neutral water, the main
diﬀerences found from the ﬁtting analysis are that for the acidic
solution the peak at 3200 cm1 is much larger, and there is an
additional peak at 3150 cm1 that is attributed to highly coordinated
water molecules with increased hydrogen-bonding interactions.
Overall, these spectral changes reﬂect that the H2SO4 containing
solution has a more structured water surface with orientation that
extends deeper into the interfacial region. This is consistent with a
molecular picture where solvated ions in the bulk induce an electric
ﬁeld that extends toward the water surface. At lower temperature,
the amplitude increase at 3200 cm1 is even more pronounced,
consistent with an even greater increase in water coordination.

Figure 8. (a) The overall ﬁt (thin black) and resonant components
(colored) for H2SO4 (light blue) at 23 C (top) and 0 C (bottom).
(b) The overall ﬁt (thin black) and resonant components (colored) for
H2SO4 with SO2 ﬂowing (red) at 23 C (top) and 0 C (bottom).

A similar analysis of the H2SO4 solution surface in the
presence of SO2 shows both similarities and diﬀerences when
compared to the analysis of SO2 at the acid-free water surface. A
comparison of the data in Figure 8a and b shows that the surface
complex on the acid solution is manifested in spectral changes in
the free OH peak similar to those observed for the neutral solution in Figure 5, increased broadening and red-shifting of this
peak when the temperature is lowered and complexation is increased. SO2 complexation on the H2SO4 surface is also demonstrated by the decrease in the nearby companion OH mode,
which is evident in the decreased contribution from the peak near
3500 cm1 in Figure 8a and b. As for the neutral solution, this
decrease upon exposure to SO2 is attributed to an increase in the
coordination and net orientation of loosely coordinated water
molecules in the topmost interfacial layer. The highly coordinated region below 3400 cm1 is where the spectra of the acidic
and neutral solutions diﬀer upon exposure to SO2. The acidic
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Figure 10. Relative contributions of the ﬁtted OH stretch region, after
exposure to SO2, as a function of temperature.

Figure 9. (a) Isotopic dilution series taken after purging SO2 from the
system (blue) with corresponding spectra taken before (gray) and
during (red) SO2 exposure. (b) Resonant modes and ﬁts to spectra of
the vapor/water interface after exposure to SO2 at room temperature
(top) and 0 C (bottom).

solution intensity appears to decrease slightly due to interference
with the diminishing companion OH peak, but the opposite
trend is observed for acid-free solutions where the intensity
increases with increased adsorption of SO2 (Figure 5). The
intensity increase for acid-free water is attributed to the reactive

production of HSO
3 ions. The contrasting behavior observed
here provides further evidence that, under acidic conditions, the
adsorption of SO2 is localized to the topmost water layer and the
level of solvated SO2 and HSO
3 in the interfacial region is
negligible. As a whole, these measurements provide a means of
distinguishing between surface water binding to SO2 and changes
due to solvated ions in the interfacial region.
On the basis of these results, the conditions that dictate
interactions between SO2 and H2O at the surface are uncoupled
from those that determine behavior in the bulk. As the data in
Figure 7 show, SO2:H2O surface complexes continue to form
under acidic conditions, clarifying the ambiguous results of
previous studies that could not distinguish between surface and
bulk interactions.15,18,25 Similar to the behavior at the neat water
surface, SO2 surface complexation is enhanced at lower temperatures and occurs regardless of bulk absorption behavior.
Further, the surface complexes are localized to the topmost
surface layer, with little inﬂuence on the deeper interfacial
region. The lower energy spectral region reﬂecting deeper
more coordinated water molecules is thus an ideal indicator of
solvated species such as HSO
3.
The Vapor/Water Interface after Exposure to SO2(g). As
noted earlier, after SO2 is absorbed by water it reacts to form
HSO
3 in solution (eq 2). A decrease in temperature corresponds
to an increase in SO2 solubility, shifting this reaction to produce
2
higher levels of HSO
3 . The SO3 concentration is expected to
be negligible under these pH conditions. Figure 1 (blue) shows
that when SO2 is removed the free OH mode returns to its
original narrow state, but there is a large increase in the intensity
below 3600 cm1, which is enhanced as the temperature
decreases. The sps data support the reversibility of these surface
interactions; the peak at ∼3580 cm1 must be included to fit the
high energy spectral region in Figure 2 (blue). As confirmed by
isotopic dilution (Figure 9a), the post-SO2 ssp-spectra can be fit
using six peaks: the same four parameters used for water with a
small peak at 3150, which is attributed to more coordination
between water molecules, and a small peak at 3660 cm1 that is
attributed to water solvating interfacial protons and HSO
3
(Figure 9b). The solvation mode is much broader than the
coordinated free OH peak due to complexation to SO2, and its
parameters are consistent with solvation modes seen in
previous studies of ion containing solutions.43,58,59
After the removal of SO2, the interfacial water structure
reﬂects the water composition dictated by SO2 solubility in the
bulk. As displayed in Figure 10, the contribution from the
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Figure 11. Cartoon representation of the SO2 (yellow and red):H2O (light blue and red) interface. When the temperature is cooled (right) from room
temperature (left), more SO2 accumulates.

tetrahedral region increases at lower temperature, consistent
with the expected increase in HSO
3 concentration. That the
free and companion OH peaks stay relatively constant with
temperature indicates that temperature has no eﬀect on the
structure of the topmost water layer in the absence of SO2.
The surface SO2 complex is reversible throughout the temperature region studied here and does not persist after the gas
is removed from the system.

’ CONCLUSIONS
The uptake of gases by aqueous aerosols is a primary step in
many atmospheric interactions, but details about the mechanisms that drive gas adsorption to water remain a mystery. While
surface complexes are known to form between SO2 and H2O,
previous studies have left many questions regarding the behavior
of these interfacial species unanswered. Many of the ambiguities
found in earlier studies resulted from indirect indicators of surface complexation. The studies presented here provide the ﬁrst
direct examination of surface SO2:H2O complexation as a function
of temperature and as a function of solution acidity, conditions
relevant to tropospheric surface reactions.
The SO2:H2O surface complexation observed at room temperature in previous studies42,43 is signiﬁcantly enhanced when
the temperature is lowered. Whereas at room temperature only a
fraction of topmost surface water molecules complex with SO2,
as the temperature is lowered to 0 C nearly all of the surface
water molecules with their free OH bonds protruding into the air
complex with SO2. Although it is known that bulk absorption of
SO2 increases with decreased temperature, this is the ﬁrst
evidence that the intermediate step to this uptake, surface complexation, is also enhanced. Complexation with water molecules
in the topmost layer is accompanied by changes in the orientation
of the SO2 bound water molecules prior to the eventual dissolution and reactivity in the bulk aqueous phase. However, even at
the lower temperatures, surface complex formation does not
necessarily lead to accommodation into the bulk solution as
evidenced by the reversible nature of the surface complex
formation when the ambient gas is removed. Figure 11 provides a simple depiction of SO2:water surface complexation.
Computational studies are in progress to provide further
details into the structure of these surface complexes as a
function of temperature.
Important new insights into the adsorption and uptake of
SO2 to acid solutions are also provided in these studies. It is

well-known that the uptake of SO2 is diminished as an aqueous
solution becomes more acidic. These studies show that even
though the acidic ions in a bulk H2SO4 solution are present in the
interfacial region, as manifested through their impact on the
hydrogen-bonding characteristics water molecules therein, the
presence of these ions has no eﬀect on the complexation of SO2
to the water surface at either room temperature or 0 C. Furthermore, the increased production of ions such as HSO
3 in the
interfacial region that is observed upon exposure of SO2 to
neutral solutions is not observed in the presence of acid.
Hence, the chemistry occurring in the interfacial region is
clearly driven by the same equilibrium behavior as the bulk
solution. This overall suggests that the complexation behavior
at the topmost layer of the surface is largely uncoupled from
the rest of the interfacial region and the bulk solution. Because
these are the ﬁrst studies that have been able to probe such
detail about surface complexation and its relationship to bulk
reactivity, it remains to be seen whether this behavior is unique
to surface water complex formation.
From these results, we conclude that low atmospheric
temperatures and the acidic conditions common in aqueous
aerosols favor surface accumulation of SO2. The aqueous surfaces can act as as reservoir for SO2 (or other gases) in the
atmosphere by forming interfacial complexes even when the
aqueous composition might otherwise impede uptake. This
study shows clear evidence of surface accumulation in the absence of bulk absorption, a phenomenon that has important
implications for atmospheric chemistry. Surfaces form a platform for potential reactions with either gas-phase or solvated
species. These potential surface interactions may be especially
relevant to polluted environments where there is an abundance of both SO2 and reactive organic species. Under such
conditions, aqueous surface aﬃnity may lead to surface complexation, increasing the probability of reactions between
otherwise noninteractive gases.
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