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Approved:
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Aqueous aerosol surfaces are an important platform for chemical reactions

through which gases are transported in the atmosphere. The chemical complexity of

aqueous aerosols is well-established, but many questions remain about the molecular

nature of their surfaces, particularly with respect to the uptake of gases. The pollutant

sulfur dioxide, SO2, has been implicated in environmental phenomena such as acid

rain, climate change, and cloud formation. SO2 is fundamentally interesting because

it forms spectroscopically identifiable complexes with water at aqueous surfaces.

This dissertation aims to understand how temperature and aqueous composition

impact the formation of surface complexes between water and SO2. Vibrational sum

frequency spectroscopy (VSFS), a surface specific technique, is used to probe the

vibrational modes of water and small organic molecules, investigating changes to the

overall orientation, bonding environment, and structure of interfaces when aqueous

surfaces are exposed to SO2.

SO2 adsorption to water at tropospherically relevant temperatures (0–23 ◦C) is

examined first. The results show enhanced SO2 surface affinity at colder temperatures,
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with most of the topmost water molecules showing evidence of binding to SO2 at 0
◦C

compared to a much lower fraction at room temperature. Surface adsorption results

in significant changes in water orientation at the surface but is reversible at the

temperatures examined.

The surface and vibrational specificity of these studies can be used to distinguish

between the effects of surface adsorption compared to bulk accommodation. This

distinction is utilized to demonstrate that SO2 complexation is independent of solution

acidity, confirming that bulk absorption is unnecessary for surface adsorption to occur.

Finally, the impact of the organic species succinic acid and formaldehyde on the

formation of surface SO2 complexes is examined. These experiments indicate that

SO2 surface complexation occurs primarily with water but that surface active organic

species may interact with gases under certain circumstances, namely when the organic

species are more chemically reactive towards the gas. These studies have important

implications for atmospheric chemistry and the uptake of gases, particularly in the

complex aqueous environments expected in the troposphere.
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CHAPTER I

INTRODUCTION

The importance of water on Earth is unrefuted. It is undeniably one of the

most important molecules for chemistry on both the ground and in the atmosphere.

We are continually learning more about the reactivity of atmospheric constituents

in the gas phase and in the chemical soup that is comprised within aqueous

aerosols. For example, ions such as salts and acids are commonly solvated in the

aqueous phase of aerosols, whereas organic species, including dicarboxylic acids,

aldehydes, and surfactants, are expected to accumulate closer to the surface.1,2

Atmospheric chemistry often involves both gaseous and solvated species, and studies

of heterogeneous reaction are the focus of many recent reviews.3–8 Yet a comprehensive

understanding of the role of the surface separating the gas and liquid phases in

the uptake process remains elusive.9 Does it operate as a barrier to reactivity, as

a free pathway for entry, or as a temptress that promotes gas uptake? And 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. In addition

to physical properties such as temperature, the chemical composition of aqueous

aerosols increases the complexity of these surface interactions. Do organic species act

to inhibit or enhance gas uptake, and how does the nature or the interaction, chemical

or physical, influence surface complexation? The answers to these types of questions

are important for accurately modeling gas uptake and reactivity in the atmosphere.
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Sulfur dioxide gas, SO2, is an atmospheric pollutant with both industrial and

terrestrial sources. Uptake of gases such as SO2 by aqueous 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 composition10–29.

The role of surface intermediates is relevant to understanding the results

of previous studies that measured the dependence of SO2 uptake rates on

pH, temperature, and aqueous composition.6,10,14,16,19,22,23,30–33 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 vibrational sum frequency

spectroscopy (VSFS) enables us to explore SO2 surface adsorption when it is coupled

to interactions with solvated species in solution.

The experiments described in this dissertation investigate the role of surface

complexes in the atmosphere through experiments that probe SO2 adsorption on

water and aqueous solution surfaces at temperatures ranging from 0 to 23 ◦C. In

particular, these studies were designed to answer three main questions: How does

temperature impact SO2 adsorption and complexation at the water surface? Are

surface complexes inhibited by the same chemistry that inhibits bulk reactivity? And

how do small surface active organic species impact surface adsorption of SO2?

Prior to a discussion of the experimental results, Chapter II provides an overview

of vibrational sum frequency spectroscopy, the technique utilized in this research.

2



Chapter III details the instrumentation and experimental parameters used in these

experiments, followed by a discussion of how the data is analyzed. Chapter IV gives

an overview of the vapor/water interface, followed by a discussion of how temperature

affects the interfacial water environment.

Chapter V describes the use of VSFS to examine how temperature affects SO2

complexation at water surfaces for six temperatures between 0 ◦C 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,34–36 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 subsequent set of studies, described in Chapter VI, the aqueous solution

pH is varied to explore the mechanistic questions raised by the observation of earlier

research that uptake enhancement varies with solution pH.16 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 both temperature and pH with

the addition of SO2 are analyzed in reference to the structure of the neat vapor/water

interface.

The experiments in Chapters VII and VIII are focussed on the question of how

surface complexation of SO2 to water changes if there are other molecules already

3



at the surface. The experiments in Chapter VIII examine the behavior of succinic

acid, (HOOCCH2)2, a dicarboxylic acid with both biological and industrial sources

that is commonly found in the atmosphere. Significantly, it is often a co-pollutant

of SO2, resulting from the combustion of fuels. However, it is not expected to react

with SO2, and can be used as a model system to study the surface adsorption of SO2

in the presence of other surface species without the added complexity of additional

chemical reactions. Chapter VII describes experiments examining the spectroscopic

response of the vapor/succinic acid (aq) interface both with and without exposure to

SO2.

The experiments described in Chapter VIII add another level of complexity,

probing interactions between SO2 and formaldehyde (CH2O), which is known to

react with HSO –
3 in solution. Both SO2 and CH2O have been detected at high

levels in the fog and cloud water of the polluted environments near industrial areas.

This has prompted numerous investigations into the importance of the reaction

between CH2O and HSO –
3 ions, which produces forms a stable S(IV) species in the

atmosphere.37–42 The results from the previous chapters will provide a context within

which to understand the spectral response from aqueous formaldehyde solutions. The

solutions will be probed with and without exposure to SO2 gas.

Chapter IX provides an overview of the results from these experiments. The

picture of aqueous surface complexes developed through these studies will be used to

evaluate the importance of SO2 surface adsorption in atmospheric chemistry. Finally,

these findings will be discussed within the context of their overall environmental

implications.
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CHAPTER II

AN OVERVIEW OF VIBRATIONAL SUM FREQUENCY SPECTROSCOPY

AND SPECTRAL FITTING

2.1 Introduction

This chapter provides a brief overview of vibrational sum frequency spectroscopy

(VSFS), followed by a discussion of the how sum frequency data is analyzed in this

research. Vibrational sum frequency spectroscopy (VSFS) is well suited to the study

of aqueous interfaces. 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.5,43–56,56–66 This

chapter will begin with a brief overview of how light interacts with matter, leading

to a discussion of the specifics regarding VSFS. This is followed by a description of

how the technique is implemented in this research, and a discussion of how the data

is analyzed and interpreted.

2.2 Vibrational Sum Frequency Spectroscopy

2.2.1 Interactions Between Light and Matter

Spectroscopy can be broadly defined as the study of how light interacts with

matter. When light impinges upon a medium, the electrons in that medium feel

a force exerted by the oscillating electric field ( �E) from the light, resulting in an

oscillating polarization (�P ) from the electrons in the medium. When the light

intensity is relatively small, the amplitude of the material response is proportional to

the amplitude of the impinging electric field.
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P = P(1) = χ(1)E (2.1.)

The linear spectroscopic regime gives rise to processes such as reflection and

refraction. When more intense coherent light such as that from a laser is used the

linear approximation is no longer sufficient and higher order terms must be considered.

The total polarization can be expressed as a series expansion using the electric dipole

approximation,

P = χ(1)E+ χ(2) : EE+ χ(3)...EEE . . .+ . . . (2.2.)

where the material properties are represented by the first, and higher order,

susceptibilities χ(n). When the incident light is composed of two laser beams with

different frequencies, ω1 and ω2, the surface E field can be expressed as

E = E1cos(ω1t) + E2cos(ω2t). (2.3.)

Thus, the second order polarizability term, P(2) can be expressed as

P(2) = χ(2)(E1cos(ω1t) + E2cos(ω2t))
2
, (2.4.)

which can be expanded to yield

P(2) = χ(2)(E2
1cos(2ω1t))+

1

2
χ(2)E1E2[cos(ω1+ω2)t+cos(ω1−ω2)t]+χ(2)(E2

2cos(2ω2t)).

(2.5.)

The first and last terms describe induced polarizations oscillating at twice the

incident frequency (second harmonic generation), while the middle two terms describe

the origins of sum and difference frequency generation. The non-linear oscillating

6



polarization emits coherent light propagating in a direction defined by conservation

of momentum; ideally different from that of the incident electric fields.

2.2.2 The Second Order Susceptibility

The second order susceptibility term, χ(2), is a rank three tensor containing

up to 27 different elements (χxxx,χxxy,χxxz . . .), but symmetry constraints can be

used to reduce the number of non-zero, contributing elements. In a centrosymmetric

environment, such as a bulk medium, all directions must be identical resulting in

the relationship χ(2)
ijk = χ(2)

−i−j−k. This reversal of the axis system is equivalent to

reversing the sign of the physical response, χ(2)
ijk = −χ(2)

−i−j−k. The only circumstance

under which both of these relationships can be true is if χ(2)
ijk = 0. Thus, VSFS is

forbidden in isotropic bulk media. However, this symmetry is necessarily broken at

the boundary between two centrosymmetric media, such as air and water, with the

result that such surfaces are VSF active. Liquid surfaces, such as that of water, are

isotropic about the surface normal, giving them a C∞ rotation axis, meaning that

z �= −z, but x = −x and y = −y (where the xy-plane is defined as the surface

normal) as illustrated in Fig. 2.1.. Under these symmetry conditions, and using

the same arguments made above, there are seven non-zero elements of χ(2), which

reduce to four unique elements because the x and y axes are interchangeable within

the interfacial plane. These elements are the only components of the second order

susceptibility that can contribute to VSF signal from a C∞ surface.

χ(2)
xxz = χ(2)

yyz, χ
(2)
xzx = χ(2)

yzy, χ
(2)
zxx = χ(2)

zyy, χ
(2)
zzz (2.6.)

The macroscopic second order susceptibility, χ(2), may contain both resonant and

nonresonant contributions, each of which must be considered for the data analysis.
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FIGURE 2.1. Schematic of laboratory frame and beam geometry for the sum
frequency experiment.

χ(2) = χ(2)
NR +

�

ν

χ(2)
R(ν) (2.7.)

2.3 Analyzing Vibrational Sum Frequency Spectra

In the VSFS experiment, a visible beam is spatially and temporally overlapped

with a tunable infrared beam at the interface, resulting in the generation of VSF

signal from the anisotropic surface region, as illustrated in Fig. 2.1.. The intensity of

the emitted sum frequency signal, ISF is proportional to the square of the induced

macroscopic polarizability, |P(2)
SF |2, which depends on the intensities of the incident

beams.

ISF ∝ |P(2)
SF |2 ∝ |χ(2)

sfg|
2
IvisIIR ∝ |χ(2)

NR +
�

ν

χ(2)
R(ν)|

2
IvisIIR (2.8.)

As a coherent spectroscopy, the VSF signal contains both amplitude and phase

information, and Eq. (2.8.) can be expressed as
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ISF ∝ |P(2)
SF |2 ∝ |ANRe

iψNR +
�

ν

ARνe
iφν |2IvisIIR (2.9.)

The amplitude of the nonresonant component is determined by the medium,

and does not vary with frequency. The resonant term is determined by the number of

contributing molecules and the orientationally averaged molecular hyperpolarizability,

�βν�.

χ(2)
R(ν) =

N

�0
�βν� (2.10.)

where

βν =
�

ν

MIJAK

ων − ωIR − iΓν
. (2.11.)

In this equation, AK is the IR transition moment, MIJ is the Raman transition

probability, ων is the resonant mode frequency, and Γν is the natural linewidth

of transition. The orientational average over β has important implications, as the

average molecular orientation for an isotropic medium is zero, meaning that molecules

must adopt a net orientation to contribute sum frequency intensity. Due to the

Lorentzian form of β, an enhancement in the sum frequency signal occurs when the

frequency of the IR radiation is resonant with a sum frequency active vibration. Thus,

by using a fixed frequency visible beam and a variable frequency IR beam, one can

tune the IR to generate a vibrational spectrum of surface molecules.

The VSFS experiment can be set up to selectively probe the four non-

zero susceptibility tensor elements by using different polarization schemes. The

experiments presented in this dissertation probe two of these tensor elements, χ(2)
xxz

and χ(2)
xzx, by using the ssp and sps polarization combinations, where the polarization

notations denote the sum-frequency, visible, and infrared polarizations, respectively.
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Electric fields oscillating in the plane of incidence are designated p, while those

normal to the plane of incidence are designated s. The ssp-polarization scheme

probes components of the transition dipole that are perpendicular to the plane of

the interface, while the sps- polarization scheme probes components of the transition

dipole that are parallel to the plane of the interface.

2.3.1 Spectral Fitting

The sum-frequency intensity is proportional to the square of the second order

susceptibility, χ(2), which has both resonant and non-resonant components. Spectra

must be fit to deconvolve the individual resonant modes, a non-trivial task. A fitting

routine implemented by Moore et al,67 allows us to account for both the homogeneous

and inhomogeneous line widths of the vibrational modes using the expression in

Eq. (2.12.), which was first proposed by Bain.68

χ(2) = χ(2)
NRe

iψ +
�

ν

� +∞

−∞

Aνe
iφνe

−[(ωL−ων/)Γν ]2

ωL − ωIR + iΓL
dωL (2.12.)

The first term in Eq. (2.12.) is the nonresonant second-order susceptibilty. The

second term is a sum over all resonant vibrational modes and is represented as χ(2)
R(ν).

The resonant susceptibility, χ(2)
R(ν), is proportional to N , the number of molecules

contributing to the sum frequency response, and �βν�, the orientationally averaged

molecular susceptibility:

χ(2)
R(ν) =

N

�0
�βν� (2.13.)

The second term in Eq. (2.12.), the resonant susceptibility (Eq. (2.13.)), is fit as

a convolution of the homogenous line widths of the individual molecular transitions
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(HWHM, ΓL) with inhomogeneous broadening (fwhm,
√
2 ln 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 intensity 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.

The parameters used to fit the neat vapor/water interface in ssp-polarization were

determined in previous isotopic dilution studies.34,35,69 Each resonant peak contains

5 variables (2.12.), thus there may be non-unique fitting solutions. To reduce the

number of variables associated with the fits: The phases are fixed at either π (for

peaks between 3200–3600 cm−1) or 0 (for peaks below 3200 or above 3600 cm−1);

lorentzian widths are fixed at 12 cm−1 (for the free OH), 5 cm−1 for the remaining

OH stretches, or 2 cm−1 for the CH stretches; and global fitting routines are employed

to constrain parameters where possible. The global fitting routine iteratively fits the

data while constraining peak positions, phases, and gaussian widths such that the only

variables for different samples are the peak amplitudes, lending higher confidence to

the results. To account for changes due to perturbation by gas flow, ions, or organic

solutes, 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. Detailed discussions spectral fits and their

interpretation are presented in conjunction with the pertinent experiments. The next

chapter focusses on the experimental considerations and instrumentation used for

these studies.
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CHAPTER III

EXPERIMENTAL CONSIDERATIONS

The previous chapter detailed the theory describing VSFS, enabling us to

understand why it is an appropriate technique for the investigation of surface

complexes at the vapor/water interface. The following discussion will address the

experimental considerations, beginning with an overview of the laser system used to

implement these experiments, and a description of the sum-frequency experiment,

including a discussions of how samples are prepared. This is followed by an overview

of the techniques used for calibration and normalization of the raw sum frequency

signal.

3.1 Introduction

As a second-order nonlinear process, the sum-frequency signal is proportional

to the intensities of the incoming light, as well as the square of the non-linear

susceptibility of the medium. The neat vapor/water interface has a small nonlinear

susceptibility; thus good signal to noise ratios are achieved by maximizing the

intensities without heating, and thus degrading, the sample. Pulsed lasers, such

as the one used in these experiments, generate high peak powers that can be used to

generate sum frequency without heating the surface.

3.2 The Picosecond Laser System

The laser system used for these experiments has been described in previous

publications, and was originally designed and implemented by Dr. Derek Gragson

and Dr. David Alavi in 199570,71 Since its original implementation, the laser system
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FIGURE 3.1. Schematic of the Picosecond Sum Frequency Laser System
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has undergone several upgrades; the first of which was the implementation of an

OPG/OPA stage to replace the original white-light generation cell and the use of a

ccd detector.72 Continual upgrades to the laser system have been made to improve

the power and stability of the visible light source, as well as to extend the tuning

range of the IR light.

3.2.1 Visible Light Source

A schematic of the laser system used to generate the visible light used in these

experiments is shown in Fig. 3.1. (top). Production of the 800 nm beam used for

both the IR generation and the sum-frequency experiments 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

527nm light (Spectra Physics Empower Laser), which produces a 2.6 ps beam at 800

nm (1 kHz 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 visible light source was upgraded in 2005 to take advantage of increases in

the stability and reliability of commercially available laser systems. Functionally,

the two Spectra Physics components used in the new configuration replace five

Quantronix laser components described in previous publications.70,72 A diode-pumped

Empower Nd:Ylf laser was incorporated to replace a flash-lamp pumped Quantronix

527 DP-H Nd:Ylf laser, leading to greater laser power and stability with much less

maintenance. The Spitfire Pro XP system encompasses both the stretcher/compressor

and regenerative amplification stages, which were previously housed separately. When
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the femtosecond pulse enters the stretcher portion of the Spitfire Pro it is spectrally

reflected off of a grating and aligned through a mask that is used to reduce the

bandwidth of the incoming beam, resulting in the desired 2.6 ps pulse. With the

improved efficiency afforded by this system, a second amplification stage (previously

a double-pass Ti:sapphire amplifier) is no longer needed to produce the ∼2.3 W of

power used in these experiments, reducing the time spent maintaining and aligning

the system.

3.2.2 Tunable Infrared Light Generation

The system used to generate the tunable IR light is depicted in Fig. 3.1.

(bottom). Generation of the IR light is accomplished using three stages (labeled as

lines one, two, and three), each of which use approximately 1/3 of the available 800 nm

light. The first stage follows line one and uses a combination of optical parametric

generation (OPG) and amplification (OPA). In this process, approximately 220 µJ

of the 800 nm light passes through a MgO doped LiNbO3 crystal, where it is split

into two lower energy beams. The lower energy light (1.0-1.2 µm) is amplified as it

reflects back through the crystal and is overlapped with the residual 800 nm light.

The resultant beam is spectrally dispersed using a grating(600 grooves/mm,

blazed at 1 µm) on a computer controlled rotation stage. The rotation angle of

the grating is tuned to select a portion of this light to be used as the seed for optical

parametric amplification in the second stage (OPA 1). In this second line, ∼160 µJ

of 800 nm light is combined with the seed from the grating in a potassium titanyl

phosphate (KTP) crystal using difference frequency generation. The grating and

crystal are rotated to generate idler wavelengths from 2.4–3.8 µm (4000–2650 cm−1).

A long-pass filter is used to remove the high energy photons, and this light is amplified
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FIGURE 3.2. IR Energy Profiles showing OPA output using KTP (black) versus
KTA (red).

by combining it with ∼250 µJ of 800 nm light in a second KTP crystal (OPA 2). To

compensate for beam walk-off, the second crystal is rotated in the opposite direction

to that of OPA 1. A dichroic mirror and long-pass filter are used to remove the

high energy photons from the resultant (4000-2650 cm−1) light, which is sent to the

interface. The rotation angles for the grating, OPA 1, and OPA 2 stages are calculated

based on the Sellmeier coefficients for KTP given by Vanherzeele et. al.73

One of the limitations of KTP as a nonlinear optical material is its increasing

optical opaqueness in the mid-IR region approaching 2900 cm−1. This is not a problem

when probing the water OH-stretch region, but can lead to strong reductions in IR

energy in the CH-stretch region. For this reason, we have implemented the use of

potassium titanyl arsenate (KTA), a crystallographic isomorph of KTP, in the OPA

for studies involving organic solutes. The OPA is tuned in the same manner as with

KTP, but the tuning angles are calculated using the Sellmeier coefficients published by

Fenimore et. al.74 Figure 3.2. shows representative IR energy profiles of the tunable IR

produced using KTP (black) versus that using KTA (red). From the energy profiles,
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FIGURE 3.3. Illustration of the Experimental Set-up used for Temperature-
Controlled VSFS Experiments

it is clear that the use of KTA can provide additional energy at the lower energy

wavelengths while maintaining a wide tuning range.

3.2.3 The Interface

A schematic of the beam path for the sum frequency experiment is shown in

Fig. 3.1.. Figure 3.3. shows a more detailed drawing of the sample configuration

and the cell used for the temperature-controlled experiments. Sum frequency light

is generated by overlapping and focussing ∼100 µJ of 800 nm light (∼2.6 ps, 1 kHz

repetition rate) and 4–14 µJ of tunable (2700–4000 cm−1) infrared light at the sample

surface. The polarizations of the incident and collected light are set to either p- or

s-polarization, representing light polarized in the plane of incidence (s) and normal to

the plane of incidence (p). All of the spectra presented and discussed here were taken
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using either the ssp- or sps-polarization schemes, which denote the sum-frequency,

visible, and infrared polarizations, respectively. The incident IR and visible beams are

co-propagated at 67◦ and 56◦ from the surface normal. Although the sum frequency

light is spatially separated from the reflected visible and infrared light, some scattering

does occur at the sample. An edge filter and a holographic notch filter are utilized

to prevent stray light from entering the detector. After filtering, the resultant sum

frequency light is collected with a thermoelectrically cooled CCD camera (Princeton

Instruments: PIXIS 512).

Sum frequency experiments are particularly sensitive to organic contaminants.

All surfaces making contact with experimental samples are cleaned by soaking in

concentrated sulfuric acid solution containing Nochromix for at least 24 hours. After

removal from the acid bath, materials are soaked overnight in ultrapure water from

Barnstead E-pure system (18 MΩ-cm) prior to being rinsed in copious amounts of

water and dried in an oven. To minimize contamination, samples are poured into

scrupulously clean glass dishes contained in a nitrogen purged Kel-f cell fitted with

CaF2 windows (Fig. 3.3.). The cell has three gas ports, two of which are used for

gases; the remaining port is vented via teflon tubing to a fume hood. A smaller port

in the cell lid accommodates the Teflon coated Type T thermocouple probe used to

monitor sample temperature. The base of the cell is made of non-reactive stainless

steel, which can undergo a rigorous cleaning process and is thermally conductive.

The stainless base fits into a custom-made cooling plate containing coils that can be

connected to a standard laboratory chiller. For low temperature studies, samples are

thermally equilibrated for approximately an hour prior to data collection.

The data collection process is facilitated using a customized LabView program

that controls the IR generation system while recording the CCD intensity and
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monitoring the temperature for each data point. Sum frequency intensities are

measured using a thermoelectrically cooled CCD camera with a 2 second exposure

time. Intensities are recorded in 3 cm−1 steps over the desired tuning range, which can

extend from 2650 to 3900 cm−1. Gas flow experiments are conducted at atmospheric

pressure with a constant SO2 gas flow rate of 10 standard cubic centimeters per

minute (sccm). Temperature is continuously monitored to ensure that the sample

variation is within 1 ◦C for each data point, and the temperature is recorded before

and after each scan.

3.3 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), HCl, Na2SO3 (98%), and Succinic acid (99%)

were purchased from Aldrich and used as received. D2O (double-distilled) and

(HOOC(CD2))2 (99% atom-D) were purchased from CDN Isotopes. Methanol-free

formaldehyde (16 % w/v) was purchased in 10 mL ampules from Fisher and diluted

as necessary with high purity water from a Barnstead E-pure system (18 MΩ-cm).

3.3.1 Calibration and Normalization of Sum Frequency Spectra

The sum frequency system must be calibrated in order to produce compare-able

experimental results. Every day sum frequency data is collected, three additional sets

of spectra are acquired: three spectra of uncoated amorphous gold, three spectra of

the neat vapor/water interface, and an IR spectrum of polystyrene. The gold and

polystyrene spectra are used to calibrate the IR wavelengths for the VSF spectra, and

the water spectra are used as a reference to compare the VSF intensities on different
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FIGURE 3.4. The tunable IR energy is calibrated daily using known IR polystyrene
absorbances, and calibrated dips in the VSFS response from an uncoated gold surface.

days. The IR wavelengths are calibrated using the IR spectrum of polystyrene

calibrated with an FTIR spectrometer and a VSF spectrum of gold calibrated with

a monochrometer. Figure 3.4. shows an example of a gold spectrum (right), a

polystyrene spectrum (left), and the FTIR spectrum of polystyrene (dotted) used

for the calibration. The numbers indicate the absorption wavelengths used for the

calibration (far right). The IR generation is typically not optimized in the polystyrene

region so overlaying the spectrum with the FTIR spectrum and rescaling the IR

spectrum helps to identify the calibration energies. (Points 5 and 10 represent the

end points from this rescaling). Depending on the the data acquisition range, one

or both of the calibration standards are used. The known absorption wavelengths

from gold and polystyrene are plotted against the uncalibrated points from the gold

and IR data. The calibrated IR wavelengths are then calculated using the slope and

intercept from a linear regression.
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All VSF spectra are normalized for variations in SF intensity caused by spatial

variation between the IR and visible beams, temporal lengthening of the IR pulses

by water vapor, frequency dependent variations in the IR energy, and the frequency

dependence of the optics used for filtering the sum-frequency signal. This is done

by dividing each samples VSF spectrum by the average of three spectra of the

nonresonant response from an unprotected gold surface obtained over the same

frequency range. Spectra presented are averages of 3 to 12 spectra taken over multiple

days to ensure reproducibility and to reduce the signal-to-noise ratio.
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CHAPTER IV

THE VAPOR/WATER INTERFACE

Aqueous surfaces are ubiquitous in the environment, and in the atmosphere in

particular. Aqueous aerosols are small (0.001 to 10,000 µm), and have relatively large

surface areas. These surfaces serve as platforms for both reactive and non-reactive

interactions, driving interest in interfacial chemistry in the atmosphere.1,2,75 The

specific goals of this research are to examine the impact perturbations to an aqueous

surface have on SO2 uptake, but interpreting the spectral changes resulting from these

perturbations requires us to first establish a baseline for understanding and fitting

spectra of the neat vapor/water interface. This chapter begins with an overview of

our current interpretation of the VSF response of the unperturbed (neat) vapor/water

interface. This followed by a discussion of the use of isotopic dilution studies to

establish appropriate fitting parameters when the water temperature is decreased.

This chapter culminates in a discussion of how lowering the water temperature

changes the interfacial response, setting the stage for studies of temperature and

the uptake of SO2 gas.

4.1 Introduction

To understand the role of interfacial chemistry and its implications for the

environment, one must consider the many factors that govern the structure of aqueous

aerosols and their surfaces. The current model of aerosols is an inverse micelle

structure, where ions are solvated in an aqueous core surrounded by a hydrophobic

organic exterior.76 Aqueous aerosol particles are composed of numerous compounds

including salts, sulfur compounds, and organics; the identification of specific organic
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compounds has only recently been attempted.3,77–79 The chemical composition of

aqueous aerosols influences environmental impact through radiative forcing, ozone

depletion, and/or the formation of pollutants, such as acid rain.27,80 The role of

interfacial chemistry in the atmosphere is the subject of much interest2, as the uptake

of potentially reactive compounds by aerosol particles is likely to be governed by the

composition and orientation of molecules at the surface.

Given that aqueous surfaces have a prominent role in the atmosphere, it is

important to have a solid molecular level understanding of the air/aqueous interfacial

region. However, to develop a picture of behavior that accounts for the complexities of

the aerosol surfaces, one must begin by looking at perturbations to the neat air/water

interface. To begin, an overview of interfacial water structure will be presented based

on current research in this field. This interpretation has mainly been developed from

research conducted at room temperature, and will be followed by the presentation of

isotopic dilution experiments conducted at 0 ◦C. These results will be discussed in

conjunction with a series of spectra taken at intermediate between 0 and 23 ◦C, leading

to a detailed discussion of vibrational assignments. The analysis and description of

the neat vapor/water interface presented in this chapter will provide an important

baseline for the experiments discussed in Chapters V–IX.

4.2 Interpreting VSF Spectra of the Vapor/Water Interface

It is difficult to give a simple molecular description of the vapor/water interface,

as is evident in the many studies of molecular structure and hydrogen bonding

at the water surface.34,69,81–107 Liquid surfaces are dynamic environments, and the

continuum nature of surface water bonding can lead to collective behavior due to

intermolecular coupling through hydrogen bonds. This makes the assignment of
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specific spectral features to particular water bonding geometries, coordinations, and

strengths difficult. However, the results from computational and experimental studies

by a number of groups indicate that there is a dominance of particular water species

in localized interfacial regions. In general, the vapor/water interface can be described

as a relatively narrow interfacial region, ∼6–9 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.34,87,88,107 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 (3500–3700 cm−1). The highest level

of coordination in the interfacial region is for the deeper tetrahedrally coordinated

molecules corresponding to lower frequency vibrations (3100–3500 cm−1).

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

experiments34,36,69 and MD simulation results from our laboratory,94,96 and additional

considerations from other studies.55,84–91,107–109 A representative fit to the neat

vapor/water interface at room temperature is shown in Fig. 4.1.b (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 cm−1, is attributed to unbound

OH oscillators with an average orientation away from the bulk. This mode protrudes
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(a)

(b)

FIGURE 4.1. 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).
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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 cm−1, a frequency consistent

with measurements of the OH of uncoupled HOD in liquid water.108 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 oxygen.86,94,96 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 cm−1, and primarily contribute to data taken in the sps-

polarization scheme.86,96 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 ∼3300 and ∼3200 cm−1. The assignment of the

intensity at 3200 cm−1 has recently been attributed to a Fermi resonance between

the overtone of the water bending mode at and the fundamental of the water

symmetric stretch mode, re-igniting the debate over peak assignments in the water

region.84,85,110,111 While discussion over the specific molecular origins of this intensity

continues, the consensus from isotopic dilution studies of the OD84,85 and OH34,36,69

stretching regions, and recent MD simulations96 is that the intensity of this mode

increases with stronger hydrogen bonding and increased intermolecular coupling.

The recent development112 and implementation of phase sensitive sum frequency

measurements by a number of groups has raised questions about how sum frequency

spectra, particularly of water, are fit.55,89–91,99,100,109 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
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FIGURE 4.2. Relative contributions from fitted OH stretching regions as a function
of temperature.

detect a phase change below 3200 cm−1 that was not previously included in fits to the

vapor/water interface.55,89–91,109 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 hydrogen bonding environments.99,100 Similarly, previous VSF studies of

strong acids113 and the vapor/ice interface114–116 attribute intensity at ∼3150 cm−1

to more coordination and stronger hydrogen bonding.

4.3 Isotopic Dilution Experiments

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 the water OH stretching region at room
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temperature.34,36,69 Adding D2O increases the HOD concentration, which simplifies

the sum frequency response by reducing the effects of intra- and inter-molecular

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 Fig. 4.1.a. The reported

concentrations were calculated using an equilibrium constant of 4, which does not

account for variations due to the zero point energies of the species present. Appendix

A presents further details regarding the concentrations used in these solutions. The

resultant fits to the data confirm that the 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 Fig. 4.1.b 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 4.2.

shows how the relative contributions from different OH stretching regions change with

temperature. The relative contributions were calculated based on 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 cm−1. 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
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most strongly coordinated molecular resonances somewhat deeper in the interface.96

By contrast, changes in the free OH region are a clear indication that the topmost

water layer is being perturbed.

4.4 Conclusions

From the results shown in Figs. 4.1. and 4.2. 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 cm−1. 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

Fig. 4.1.b are consistent with changes reported by earlier studies at 0 ◦C,114–116 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 are relatively small, but they provide us with the basic

parameters necessary to begin analyzing the effect of temperature on the SO2/water

system, which will be the focus of Chapter VI.
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CHAPTER V

THE EFFECTS OF TEMPERATURE ON THE UPTAKE OF SO2 TO WATER

SO2 is an important atmospheric pollutant with great significance in the

environment, particularly because of its propensity adsorb to and react with water.

This chapter will begin with an overview of relevant SO2 chemistry, as well as

a discussion of previous studies showing that SO2 forms surface complexes with

water. These experiments will examine the effects of temperature on the formation

of SO2:H2O surface complexes using isotopic dilution, and a series of temperature

dependent spectra similar to those used for the neat water system. In addition to

examining surface behavior during the gas uptake process, the surface is also examined

after removal of SO2 from the system. The analysis of these spectra will build on

the results of the previous chapter to developing a more complex understanding of

how aqueous surfaces are perturbed by gas uptake under atmospherically relevant

temperatures. The resulting picture of gas uptake to neat water surfaces will provide

a basis for understanding how other aqueous solutes impact interfacial activity, the

focus of Chapters VI–IX.

5.1 Introduction

The uptake of gases such as SO2 by aqueous 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 composition10–29. The

experiments described in this chapter will examine a system involving only water and
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SO2 to isolate the effect of temperature on interfacial water behavior. Nonetheless,

the chemistry of this simple system is complex, and the chemistry between absorbed

SO2 and water cannot be ignored.

SO2 reacts with water in a stepwise fashion1:

SO2(g) +H2O(l) ←→ SO2 ·H2O(aq) H = 1.242 M atm−1 (5.1.)

SO2 ·H2O(aq) ←→ HSO−
3 +H+

K1 = 1.32× 10−2 M (5.2.)

HSO−
3 ←→ SO2−

3 +H+
K2 = 6.42× 10−8 M (5.3.)

The dominant reaction product (SO2 (aq), HSO –
3 , or SO2−

3 ) depends on the

solution pH, but the Henry’s law solubility (H) presented in Eq. (5.1.) 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.16–18,30,32,33,72,117–121 In bulk water,

SO2 forms a gas hydrate structure with approximately seven water molecules122. This

number is expected to be lower at the surface, but the nature of the surface complexes

is not well understood.

5.2 SO2 at the Vapor/Water Interface: An Overview

Recent experiments confirmed that when SO2 gas comes into contact with liquid

water it forms a surface complex that has recently been detected spectroscopically

31



via an examination of the interfacial VSF spectrum of water.123,124 The data in

Fig. 5.1.a (top) displays evidence of this surface complex formation as was originally

measured at 23 ◦C by Tarbuck et al.124 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 cm−1 that occurs only in the presence of flowing SO2 (red). This

broadening has been attributed to enhanced coordination between water molecules at

the top most surface layer complexing to SO2.
123,124 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

(Fig. 5.1.a (blue)). Surface exposure is accompanied by an irreversible intensity

increase in the coordinated water region below ∼3400 cm−1, an effect that has been

attributed to solvated SO2 and its reaction with water (Eqs. (5.1.) to (5.3.)). 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 SO2 molecule interacting with 1-3 water molecules in the

topmost layer of the interfacial region.123–125

Using the experimental results in conjunction with MD and ab initio calculations,

Baer et al125 developed a picture of molecular structure that is consistent with

both previous sum frequency measurements of interactions between water and SO2

at the surface,123,124 and experimental31,126–130 and computational131–135 studies of

behavior in the bulk and at the surface.125,136 Their 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
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(a) (b)

FIGURE 5.1. 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). a. ssp-
polarization, b. sps-polarization

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 chemical properties such as pH? Do surface active organic species

change the way that SO2 complexes to the water surface? If so, does their potential

to react with SO2 alter the nature of these interactions? Answers to questions such

as these are essential to understanding the fate of SO2 in the atmosphere.
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5.3 SO2 at the Vapor/Water Interface

A preview of the interfacial behavior that will be examined in this chapter,

Fig. 5.1.a (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 cm−1 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 (Fig. 5.1.b) show similar trends, with increased intensity in the 3700 cm−1

region upon exposure to SO2 when the temperature is decreased.

Understanding the contributions to the spectral changes observed in Figs. 5.1.a

and 5.1.b requires more detailed studies as described below. Our approach is to

employ isotopic dilution studies for the neat vapor/water interface at 0 ◦C (Fig. 4.1.),

followed by identical studies conducted in the presence of SO2 (Fig. 5.2.). 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.

5.3.1 Isotopic Dilution and Global Fitting

The adsorption behavior of SO2 at the cold water surface (Fig. 5.1.) was

investigated using both isotopic dilution experiments and global fitting routines. An

analysis similar to that used for water in Fig. 4.1. 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 Fig. 5.2. (red), with corresponding water data (gray) for reference. From this

data, we observe two main spectral changes; a broadening of the mode at ∼3700 cm−1
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(a)

(b)

FIGURE 5.2. 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)
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and increased intensity below ∼3400 cm−1. 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 Figs. 5.1.a,

5.2. and 5.3.; a sharp peak attributed to surface complexes with molecular SO2 at

∼3650 cm−1, which will be referred to as the complexed free OH, and a small broad

peak at∼3150 cm−1 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 Fig. 5.3., which shows

how 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 cm−1, all of which lead to the same conclusion regarding

the free OH region. These approaches are: including peaks at ∼3650 cm−1 and

∼3700 cm−1 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 cm−1 peak and varying the frequency and width of the peak at ∼3650 cm−1.

For all three approaches, the net result is that the integrated intensity of this high

frequency region increases as the temperature decreases.

The first approach, holding the frequency and width constant, is used in this

analysis, as it provides the best fit to the data in Figs. 5.2. and 5.3. while limiting

the number of variable parameters and giving a measurable indicator of complex
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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 Fig. 5.2.b 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 Fig. 5.3.b as a function of temperature. The

companion OH, free OH, and complexed free OH peaks are at ∼3460, ∼3690, and

∼3650 cm−1, respectively. The tetrahedral OH region on this plot refers to the

combined contributions from the peaks at 3160, 3200, and 3335 cm−1.

As shown in Fig. 5.2.b, when the temperature reaches 0 ◦C, the contribution

from the peak at ∼3650 cm−1, which is attributed to water complexed to SO2,

increases significantly. Meanwhile, the contribution from the peak at 3700 cm−1

becomes almost negligible. The observed bonding of SO2 to essentially all 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 sps- polarization scheme, which probes vibrations with components

of the dipole in the plane of the interface (Fig. 5.1.b). Rigorous spectral fitting in the

sps polarization scheme is difficult due to the high non-resonant background relative

to the resonant signal for these experiments, but approximate fits were obtained

using similar parameters to those used for data obtained in the ssp-polarization

scheme. The main difference from the ssp-data is that loosely bound water molecules
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(a)

(b)

FIGURE 5.3. a. 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
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lying nearly parallel to the interface give rise to a peak at ∼3580 cm−1 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 cm−1

accompanies a corresponding intensity increase at ∼3650 cm−1, similar to that seen in

the ssp-data. 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.

The recent MD work by Baer et al suggests that SO2 adsorption induces both

reorientation and increased cooperation between surface water molecules.125 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 multi-water surface complexes are expected to extend

below the free OH region. The peak at ∼3460 cm−1 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.96 In both the ssp and

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

red-shift of intensity away from this peak.

Thus far, we have determined that cooler temperatures lead to increased surface

accumulation of SO2, but how do these changes affect the interfacial region once

the gas makes contact with the surface? How do the observed changes in behavior

manifest themselves deeper into the interface? The solubility of SO2 increases at
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lower temperatures, driving increased production of both HSO –
3 and H+ via the

reactions shown in Eqs. (5.1.) to (5.3.). The spectral increases exhibited in the lower

frequency tetrahedral region are consistent with increased ion concentrations, which

induce greater water coordination. Both HSO –
3

123 and H+36,137–139 are expected to

accumulate in the interfacial region, and elicit similar spectroscopic responses, namely,

an increase in the intensity below ∼3400 cm−1. HSO –
3 is a relatively large polarizable

anion capable of hydrogen bonding to water via strong ion-dipole interactions, and

protons are known to elicit strong electrostatic interactions. Figure 5.3.b shows that

the contribution from tetrahedrally coordinated OH oscillators increases when the

temperature is decreased. This is consistent with the increased coordination and

electric field expected at higher HSO –
3 and H+ concentrations. Spectra taken after

the removal of SO2 from the system support the assertion that these changes are due

to reactions between SO2 and water in the bulk, and not due to the flow of gas.

5.4 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. (5.2.)). A decrease in temperature corresponds to an increase

in SO2 solubility, shifting this reaction to produce higher levels of HSO –
3 . The

SO2−
3 concentration is expected to be negligible under these pH conditions.

Figure 5.1.a (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 cm−1, which is enhanced as the temperature decreases. The sps data supports

the reversibility of these surface interactions; the peak at ∼3580 cm−1 must be

included to fit the high energy spectral region in Fig. 5.1.b (blue). Interestingly,

this reversibility is observed for all the temperatures examined in these experiments.
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(a) (b)

FIGURE 5.4. 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).

FIGURE 5.5. Relative contributions from the fitted OH stretch region, after exposure
to SO2, as a function of temperature
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As confirmed by isotopic dilution (Fig. 5.4.a), 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 cm−1 that is attributed to water solvating interfacial protons and HSO –
3

(Fig. 5.4.b). 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.35,36,123

After the removal of SO2, the interfacial water structure reflects the water

composition dictated by SO2 solubility in the bulk. As displayed in Fig. 5.5., the

contribution from the 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.

5.5 Conclusions

The SO2:H2O surface complexation observed at room temperature in previous

studies123,124 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
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FIGURE 5.6. 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

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. 5.6. provides a simple depiction of

SO2:water surface complexation.

From these results, we conclude that low atmospheric temperatures will favor

the accumulation of SO2 on aqueous aerosol surfaces. However, the question remains

of whether surface adsorption is tied to bulk reactivity. Thus far, the results have

shown that under conditions of low temperature, where solubility is higher, surface

adsorption is also higher. The next chapter will address the question of what happens

when bulk absorption is inhibited by lowering the pH? These pH studies will also

confirm whether the lower energy intensity changes observed here are due to solvated

species, and not the surface complexes themselves.
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CHAPTER VI

UPTAKE OF SO2 TO THE VAPOR/WATER INTERFACE AT LOW PH

The experiments presented in this chapter examine the uptake of SO2 to acidic

water. The aqueous solution pH is varied to explore the mechanistic questions

raised by the previous observation that an enhancement in uptake occurs when the

temperature is lowered. 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 structure of the neat vapor/water interface. This chapter

culminates in an overview of pH effects on the SO2–water system and its relevance

to atmospheric systems and aerosol composition.

6.1 Introduction

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 compared to expected bulk reactivity,

indicating that surface complexes may be important;13,16 another study indicates

that surface reactions are insignificant at high H2SO4 concentrations.23 This chapter

presents spectra showing surface accommodation of SO2 to 2.5 M sulfuric acid

solutions. 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

44



FIGURE 6.1. 2.5 M H2SO4 at 23 ◦C (top) and 0 ◦C (bottom). ssp- spectra were
obtained before (light blue), during (red) and after (dark blue) exposure to SO2.
Acid-free water (black) is shown for comparison.

lowered, because the formation of HSO –
3 is unfavorable.21–23,118 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.

6.2 The Uptake of SO2 to Sulfuric Acid

Figure 6.1. shows VSF spectra of 2.5 M H2SO4 solutions obtained before

(light blue), during (red), and after (dark blue) exposure to SO2 at 23 ◦C (top)

and 0 ◦C (bottom). For reference, the vapor/water interface without added H2SO4

is shown in black for each of these systems. Visual inspection of the data in
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Fig. 6.1. 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 acid-free

water (Fig. 5.1.a), where the effects of interfacial HSO –
3 ions are observed in the

3200 cm−1 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 Fig. 6.1.. Figures 6.2.a and 6.2.b contain 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). Focussing first on

the H2SO4 solutions in the absence of SO2, Fig. 6.2.a, the 2.5 M H2SO4 differs from

the acid-free water spectrum by a larger VSFS response below ∼3400 cm−1 and a

slight decrease in the free OH contribution at both temperatures. These results are

consistent with previous VSF studies of H2SO4 solutions.140–146 When compared to

neutral water, the main differences found from the fitting analysis are that for the

acidic solution the peak at 3200 cm−1 is much larger, and there is an additional

peak at 3150 cm−1 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 towards

the water surface. At lower temperature, the amplitude increase at 3200 cm−1 is even

more pronounced, consistent with an even greater increase in water coordination.
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(a) (b)

FIGURE 6.2. 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 Figs. 6.2.a and 6.2.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 Fig. 5.2., namely

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 cm−1 in Figs. 6.2.a and 6.2.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
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in the topmost interfacial layer. The highly coordinated region below 3400 cm−1 is

where the spectra of the acidic and neutral solutions differ upon exposure to SO2.

The acidic 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 (Fig. 5.2.).

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.

These results demonstrate that 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 Fig. 6.1. 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.13,16,23 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 . 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.
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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 observed in the interfacial region is driven by

the same equilibrium behavior as the bulk solution.

6.3 Conclusions

The experiments presented in this chapter show clear evidence of surface

accumulation in the absence of bulk absorption, a phenomenon that has important

implications for the cool low pH conditions typical of the atmosphere. The potential

for surface complexation may be especially relevant to polluted environments where

there is an abundance of both SO2 and potentially reactive organic species. Under

such conditions, does aqueous surface affinity still lead to surface complexation? How

do organic species in the interfacial region change the propensity for surface complexes

to form? Does the surface enhancement found at lower temperatures extend to

surfaces containing other molecules? The next two chapters will detail experiments

aimed towards learning about how other types of pollutants, namely organics, impact

surface accumulation.

49



CHAPTER VII

UPTAKE OF SO2 TO AQUEOUS SUCCINIC ACID

Chapters V and VI illustrated the complex nature of the interactions between

SO2 and water at the interface, expanding the description of surface adsorption to

include environmentally relevant temperatures and pH. The experiments presented

in this chapter add an additional layer of complexity by examining how succinic acid

(HOOC(CH2)2COOH), a small surface active organic molecule perturbs interfacial

behavior. The first part of this chapter details experiments examining the effect

of succinic acid on the neat water surface. Isotopic substitution is used to isolate

and assign specific spectral modes. The resultant fitting parameters, as well as

those determined in Chapters IV-VI are then applied to understand spectral changes

observed when the system is exposed to SO2.

7.1 Introduction

The importance of organics in the atmosphere is well recognized and their effect

on aerosol growth and chemistry is commonly studied.76,77,147–154 However, the nature

of their influence on aerosol surface chemistry is still not well understood.3,79,155–157 In

fact, a recent perspective studying the transport of persistent organic compounds in

the atmosphere indicates that interfacial properties, such as adsorption probabilities

and reaction potentials, are the least understood of the factors determining the fate

of such species in the environment.158 Part of the difficulty in characterizing the

effects of organics on aqueous surface chemistry arises from the vast diversity of

atmospherically relevant species, and the correspondingly high number of relevant

behavioral pathways to explore. For example, long chain surfactants are expected
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to behave quite differently from small, semi-soluble organic acids, and the level of

surface coverage is likely to be important in determining whether, and how effectively,

molecules act as a barrier to absorption of gases.159 The varied functionality of

organics adds another level of complexity, which is further complicated by different

surface chemistry from that in solution. This makes it difficult to extrapolate

information from early measurements, which were often in the bulk. Thus, many of

the gaps in our understanding of aerosol surface chemistry are related to the behavior

and influence of organic constituents on interfacial behavior.

Measurements of aerosol components have pointed to a prevalence of dicarboxylic

acids, including succinic acid, in the troposphere.160–166 And there is substantial

evidence indicating that the organic molecules most likely to persist on atmospheric

surfaces tend to be short chain molecules with a relatively high oxygen:carbon ratio.166

This has led to a number of studies aimed towards better understanding how these

compounds, and their derivatives, behave in the atmosphere.167–175 In addition to

being produced from the photo-degradation of larger organics in the atmosphere,

succinic acid is a primary pollutant with both natural and industrial sources. The

main anthropogenic sources of succinic acid are the combustion of wood, coal, and

gasoline for heat and automobile fuel. Thus, it is a co-pollutant of SO2, which is

derived from many of the same sources.160–162,176

The molecular structure of succinic acid has been characterized in the solid

state using both IR and Raman spectroscopy177,178 and in aqueous solution using

IR178–180, Raman181 and NMR spectroscopy.182 These spectroscopic studies have

mainly focussed on the vibrational modes of the carbonyl and carboxylate groups, due

to difficulties in assigning and interpreting the spectral response from the carboxylic

OH and CH stretching modes. These modes are strongly dependent on the water
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environment, and are often hidden beneath the stronger spectral response from water,

a problem compounded by the low solubility of succinic acid. However, although

surface tension measurements show that succinic acid accumulates at the water

surface,171,183,184 and molecular dynamics simulations suggest that it has a higher

propensity to reside at aqueous surfaces than in the bulk,183 little is known about

how succinic acid changes the interfacial environment.

The primary focus of the experiments presented here is to understand what role,

if any, organic species play in the uptake of SO2 to water. Succinic acid was chosen

for these studies, because it is both surface active and chemically inert towards SO2.

This limits the number of new vibrational modes to those from aqueous succinic acid

and its interactions, if any, with SO2. The first set of experiments described here

is aimed at understanding the VSF spectroscopic response of succinic acid at the

vapor/water interface. This analysis will then be extended to examine changes to the

interfacial region when the succinic acid solutions are exposed to SO2.

7.2 Succinic Acid at the Vapor/Water Interface

The spectra presented in Figs. 7.1.a and 7.1.b were acquired using 0.25 M succinic

acid solutions at room temperature. These solutions are at the native pH, 2.4, and

succinic acid is expected to be fully protonated. At this concentration, succinic acid

is clearly present in the interfacial region, but remains solvated, and the spectral

response from water is still strong. Similar experiments were attempted at lower

temperatures, and with higher concentrations, but the low solubility of succinic acid

causes it to crystallize out of solution, resulting in irreproducible spectra. Therefore,

0.25 M solutions were used for all of the experiments presented in the following

discussion.
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(a) (b)

(c) (d)

FIGURE 7.1. VSF Spectra of 0.25 M Succinic Acid (green) overlaying water
(gray). a. ssp-polarization spectrum b. sps-polarization spectrum. c. Resonant
components (colored) of fit(green) to ssp-spectrum d. Resonant components of fit to
sps-polarization spectrum.
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Figure 7.1. shows representative spectra of 0.25 M succinic acid solutions taken

using the ssp- and sps-polarization schemes. Probing the spectral region between 2700

to 3900 cm−1 provides information about the water OH stretching modes, as well as

the succinic acid CH2 and OH stretching modes. Visual inspection of Figs. 7.1.a

and 7.1.b shows that succinic acid perturbs the interfacial water environment, as

seen in spectra taken using both the ssp- and sps- polarization schemes. The most

obvious spectral changes are a decrease in the intensity of the water coordinated OH

stretching region and a sharp feature at approximately 2900 cm−1. This peak is seen

in both polarization schemes, and is attributed to the succinic acid CH2 stretching

mode. However, as for the VSF spectra discussed in previous chapters, fitting these

spectra is non-trivial. Thus, additional experiments were conducted using isotopic

substitution to provide greater confidence in the spectral fits presented in Figs. 7.1.c

and 7.1.d. These experiments and the corresponding analysis are the focus of the

following discussion.

7.3 Isotopic Substitution Experiments

Deuterated analogs of succinic acid and water are chemically identical, but

vibrationally distinct from their fully hydrogenated counterparts. Substituting

hydrogen with the heavier deuterium atom results in lower energy vibrations,

removing the corresponding spectral features from the region being probed. Replacing

water with D2O removes intensity due to water OH stretching from the spectral

region, as the OD stretches are red-shifted by approximately 1000 cm−1. In addition,

exchange between the D2O solution and the dicarboxylic acid groups results in a

solution that contains mainly DOOC(CH2)2COOD (Fig. 7.2.).
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(a) (b)

FIGURE 7.2. Spectra of Succinic Acid in D2O. a. Spectra of succinic acid (green) and
D2O (gray) b. Resonant components of fits to D2O (top) and succinic acid (bottom)

Figures 7.2.a and 7.2.b show spectra of 0.25 M succinic acid in D2O (green)

overlaying a spectrum of the vapor/D2O interface taken in the ssp-polarization

scheme, and the corresponding fits. The intense peak at 2730 cm−1, which is present

in spectra of D2O as well as that of succinic acid, is attributed to the free OD

stretch, and is analogous to the free OH of H2O. The succinic acid spectra also

contains two other modes. A narrow peak at 2945 cm−1, which is assigned to the

CH2 stretching mode and a second, broader peak at ∼2695 cm−1, which is attributed

to D2O solvating ions. This assignment is consistent with the analogous ion solvation

peak at ∼3660 cm−1 identified in earlier studies,35,36,123 as well as the assignments

used in Chapters V and VI of this work.

The spectral response from the succinic acid OH groups was isolated in a similar

manner, using partially deuterated succinic acid of the form HOOC(CD2)2COOH in

water to remove the CH stretch response from the spectral region. In Fig. 7.3., spectra
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FIGURE 7.3. VSF Spectra of 0.25 M (CD2(COOH))2 (blue) and
0.25 M (CH2(COOH))2 (green) in water (gray)

of the partially deuterated (blue) and fully hydrogenated (green) analogs of succinic

acid overlay the spectrum of water (gray). The main difference between spectra of

the deuterated and protonated succinic acid is the sharp feature at 2945 cm−1, which

is assigned to the CH2 stretch. The relatively broad peak in that same region does

not change for the deuterated sample, but was absent from spectra taken in D2O,

indicating that it arises from the carboxyl OH stretching mode. In addition to the

standard four water peaks, both of these spectra are fit with two other peaks; a peak

at ∼3660 cm−1 that is attributed to ion solvation, and a peak at ∼3080 cm−1, which

is attributed to water in highly coordinated hydrogen bonding environments.

The succinic acid spectral assignments were determined by first fitting the

spectra for the deuterated analogs and applying the same fitting parameters to

peaks for the fully hydrogenated compound. The resultant peak positions and their
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corresponding gaussian widths are summarized in Table B.1.. Although previous

Raman and IR studies of aqueous succinic acid mainly focussed on the carbonyl and

carboxylate stretches, which are much lower in energy,126,180 the low frequency, and

broad nature of the peak at 2940 cm−1 are consistent with assignments from an IR

study of other aqueous dicarboxylic acids,179 which attributed the low frequency to

hydrogen bonding interactions between the carboxyl OH and water or neighboring

acid molecules. This assignment is also consistent with measurements and calculations

based on studies of crystalline succinic acid, where intermolecular hydrogen bonding

is expected to decrease the energy of this vibration. In the gas phase, carboxylic acid

OH stretches are seen at ∼3500 cm−1,185 but the closest spectral feature observed

here is the peak at ∼3660 cm−1, which is attributed to water molecules solvating

ions. It is possible that his peak arises from carboxyl OH groups pointing out of the

interface, in a similar manner to the water free OH, but this seems unlikely given its

higher frequency relative to the gas phase vibrations. In addition, the CH2-stretching

mode gives rise to a single peak, that is the same in both polarization schemes. If

one of the carbonyl groups were pointed out of the interface, one might expected the

two CH2 groups to appear in different environments. However this is not observed

here, and experiments investigating the orientation of the carbonyl mode are currently

underway in this laboratory, and may shed more light on the matter in the future.

The sharp peak assigned to the CH2 stretch mode is seen at 2945 cm−1 in both

the ssp and sps-polarization schemes. This indicates that the CH2 groups are angled

relative to the surface normal such that there are components of the transition dipole

along the interfacial plane, as well as directed out of it. The peak at ∼3080 cm−1,

which is assigned to highly coordinated and strongly hydrogen bound water, supports

an interfacial picture where water forms hydrogen bonds to succinic acid, thereby
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increasing the level of water coordination deeper into the interface. The presence

of succinic acid at the surface also explains the decrease in intensity in the spectral

region between ∼3200–3500 cm−1. Figures 7.1.c and 7.1.d show that the spectral

contributions from the tetrahedrally coordinated water molecules are still relatively

high for the succinic acid solutions. However, interference with the solvation peak

at ∼3660 cm−1 results in an apparent decrease in the intensity of this region. This

is supported by the sps-polarization spectra, which shows a large increase in the

peak due to weakly coordinated water molecules lying nearly parallel to the surface

when succinic acid is added to the water. These spectral results point to an interfacial

picture where the topmost region is populated by weakly coordinated water molecules

solvating hydronium ions, with larger succinic acid molecules hydrogen-bonding to

water slightly deeper in the interfacial region. The spectral assignments derived from

these experiments can now be applied to examine changes to the spectral region when

succinic acid solutions are exposed to SO2.

7.4 Uptake of SO2 to Succinic Acid

Figures 7.4.a and 7.4.b display VSF spectra of (COOH(CH2))2 (a) and

(COOH(CD2))2 (b) prior to (green) and during (red) exposure to SO2. The partially-

deuterated and undeuterated forms of succinic acid show a similar spectral response

to exposure to SO2. Flowing SO2 over the succinic acid solutions results in two main

spectral changes: increased broadening and red-shifting of the free OH, and increased

spectral intensity below 3400 cm−1.

Prior to exposure, the main difference between the spectral response for succinic

acid and water in this region is the succinic acid ion solvation peak at 3660 cm−1.

These spectra can be fit using an analysis similar to that used for water, as discussed
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(a) (b)

(c) (d)

FIGURE 7.4. a. VSF Spectra of Succinic Acid (green) with SO2 flowing (red) b. VSF
Spectra of D4-Succinic Acid (green) with SO2 flowing (red) c. VSF Spectra of Succinic
Acid(green) after SO2 Exposure (blue) d. VSF Spectra of Succinic Acid(green) after
SO2 Exposure (blue)

in Chapter V. Comparable fits to the free OH region can be achieved either by using a

single, broad, red-shifted peak or by adding a second peak to account for the increased

intensity below the free OH peak.

For consistency with the analysis in Chapters V & VI, two peaks were used to fit

the succinic acid spectra, and the intensity due to water solvating ions is incorporated

into the peak for the complexed free OH. This peak is broader and more intense than

the solvation peak alone, consistent with previously observed behavior for surface
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complexation between water and SO2 in the presence of H2SO4. The amplitudes of

the peaks at ∼3200 and ∼3080 cm−1 also increase, consistent with the production of

HSO –
3 and H+ from the reaction between SO2 and water(Eq. (5.2.)). However, the

frequencies and widths of the succinic acid peaks at 2940 and 2945 cm−1 do not exhibit

changes in either position or width upon exposure to SO2. Thus, it appears that

SO2 does adsorbs to the water surface via the formation of surface water complexes.

However, there is no evidence of an interaction between SO2 and succinic acid in the

interfacial region.

This interpretation is further supported by the spectra in Figs. 7.4.c and 7.4.d,

which show the interface after the removal of SO2 from the system (blue) overlaying

spectra of the unperturbed succinic acid solutions green. The spectra of the

unperturbed succinic acid solutions are very similar to those from solutions that

have been exposed to SO2. The free OH region returns to its initial, narrower, shape

showing that the reversibility of the SO2:H2O has not changed. There is, however,

a small increase in the amplitude of the peaks at ∼3200 and ∼3080 cm−1 compared

to the unperturbed surface, indicating that some of the SO2 has absorbed into, and

reacted with, water in the interfacial region. These resonant components used in these

fits are illustrated in Fig. B.1. and the fitting parameters are given in Table B.1. of

Appendix B.

7.5 Conclusions

Aqueous solutions of the C4 dicarboxylic acid, succinic acid, have been used

to study the uptake behavior of the atmospheric pollutant SO2 to water surfaces.

Succinic acid is abundant in the atmosphere, and has been shown here to be surface

active in aqueous solutions. Figure B.1. shows the spectral evolution of succinic acid,
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and the corresponding fits, prior to, during, and after exposure to SO2. Spectra of

the neat vapor/succinic acid (aq) interface indicate that succinic acid forms hydrogen

bonds to water in the interfacial region. However, the topmost surface layer appears

to be populated with weakly coordinated water molecules solvating hydronium ions.

Nonetheless, succinic acid does show a propensity for the interfacial region, inducing

an increase in water coordination and hydrogen bonding. However, although succinic

acid clearly perturbs the water surface, it does not appear to inhibit the uptake

of/or surface complexation of, SO2 to water. In fact, the interactions between SO2

and water appear to be entirely independent of those between succinic acid and

water. These results indicate that organic components can be present within aerosol

particles without significantly impacting gas adsorption or uptake. However, these

experiments raise the question of whether these gas adsorption interactions are related

to the potential for reaction with the surface species. The experiments presented in

the next chapter will examine the uptake of SO2 to aqueous solutions containing

formaldehyde, a molecule known to react with HSO –
3 in solution.
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CHAPTER VIII

THE UPTAKE OF SO2 TO AQUEOUS FORMALDEHYDE

The experiments described in Chapter VII demonstrated that succinic acid, a

small dicarboxylic acid, has a limited impact on the formation of surface SO2:H2O

complexes at aqueous surfaces. Although succinic acid does change the interfacial

water environment, its surface insensitivity to SO2 was apparent in its lack of

interaction with that compound. Given these results, one might wonder whether SO2

surface complexation is specific to water, or if other more reactive surface species have

the ability to form similar complexes. The experiments presented here examine this

question by studying the role of aqueous formaldehyde (CH2O) in the adsorption of

SO2 to water. These experiments are conducted at two temperatures, 0 ◦C and 23 ◦C,

and will begin with an examination of aqueous formaldehyde at room temperature.

The ensuing analysis will be applied to better understand spectral perturbations

introduced by flowing SO2 over the formaldehyde solutions.

8.1 Introduction

The importance of organic compounds in the atmosphere cannot be

overemphasized, and the experiments presented in Chapter VII probed a very small

subset of the many questions regarding their behavior. The experiments presented

here will examine the behavior of another oxygen-containing organic molecule, but

one with very different chemistry from that of the dicarboxylic acids; the simple

aldehyde, formaldehyde. Short chain aldehydes are found in both the gas phase and

as a component of aqueous particles in clouds and fog water. As such, they have

been identified as potential precursors in the formation of secondary organic aerosols
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in the atmosphere.186–190 Formaldehyde is a common pollutant in urban, industrial

areas, with high aqueous solubility, which is enhanced by its reaction with water to

form methylene glycol (MG).191

H2C−−O+H2O � HOCH2OH (8.1.)

At higher CH2O concentrations, methylene glycol can react to form oligomers as

follows:

HOCH2OH+HOCH2OH � H2O+HOCH2OHCH2OH (dimer) (8.2.)

HOCH2OH+HOCH2OHCH2OH � H2O+HOCH2OCH2OCH2OH (trimer) (8.3.)

HOCH2OH+HO(CH2O)n−1 � H2O+HO(CH2O)nH (n− oligomer) (8.4.)

but solutions with CH2O concentrations below 5 mol % contain primarily the diol

methylene glycol. For the ensuing discussion, CH2O(aq) will be used to refer to

all solvated forms of formaldehyde, including MG and other oligomers that may be

present. Due to its atmospheric importance, there have been many studies detailing

the equilibrium between formaldehyde and water. Raman spectroscopy is commonly

applied to probe the aqueous phase chemistry,113,191–195 while uptake studies, coupled

with theoretical models, have examined the probability of formaldehyde partitioning

to water and water ice surfaces.187,188,190,196–202

Most of the studies presented here examine solutions with a CH2O concentration

of 3.2 % w/v, (approximately 3 mole % CH2O), in order to reduce complications from

oligomer formation.
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In addition to its reaction with water, formaldehyde reacts with aqueous SO2 in

the following manner.1

CH2O+HSO−
3 � HOCH2SO

−
3 (HMS) (8.5.)

Measurements of hydroxymethanesulfonate (HMS) in the fog and cloud water

of polluted areas have shown a strong correlation between high HMS concentrations

and the high levels of formaldehyde and S(IV) species in the atmosphere.37,203 In

contrast to HSO –
3 and SO 2 –

3 , HMS is stable against oxidation by hydroxide and

hydrogen peroxide, the primary oxidants in aqueous aerosols.38 In addition, it has

been suggested that the formation of aldehyde-sulfite adducts in cloud and fog water

particles could account for up to a two fold increase in wet deposition of SO2,39

and that such particles may act as a vehicle for long-range transport of SO2 in the

atmosphere.37,42,204 The kinetics of Eq. (8.5.) are highly dependent on pH. Under

alkaline and slightly acid pH, the dehydration of methylene glycol is the rate limiting

step in HMS formation,189 whereas at low pH (less than 4), Eq. (8.5.) is believed to

proceed via nucleophilic addition of SO2−
3 to formaldehyde.38

In studies analogous to those for SO2,
6,10,14,16,19,22,23,30–33 uptake rates have been

measured for the mass accommodation of CH2O gas onto aqueous particles.196,197,201

These studies indicate that surface complexes between formaldehyde and water may

form at low pH,196 where earlier studies measuring uptake to aqueous SO 2 –
3 solutions

had found no indication of surface complexation.201 These studies primarily focussed

on the uptake of CH2O to aqueous surfaces at neutral or alkaline pH, and did not

examine the reverse interaction; the uptake of SO2 to aqueous formaldehyde. The

surface specificity of the VSFS experiments presented here can help to illuminate
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the details of surface interactions in the cooperative behavior of SO2 and CH2O at

aqueous surfaces.

The effects of formaldehyde on the structure of the neat vapor/water interface are

presented first, followed by an examination of SO2 uptake to 3.2 % w/v formaldehyde

at room temperature. This concentration was chosen to limit complications from the

formation of higher order oligomers, but spectra acquired using higher concentrations

of formaldehyde will also be used to aid the interpretation of the spectral response in

the presence of SO2. This analysis will also include a comparison with to spectra of

the aldehyde-bisulfite reaction product, HMS. The resultant spectral interpretation

will be applied to better understand spectra acquired at 0 ◦C to study the interfacial

behavior under more atmospherically relevant conditions. The chemistry of these

solutions is quite complex compared to the solutions examined in previous chapters,

which makes definite peaks assignments difficult. Thus, the analytical approach

here will be to discuss peak assignments for formaldehyde within the context of the

available literature, but to interpret the data as a function of the observed spectral

perturbations as the solutions evolve under exposure to SO2.

8.2 Formaldehyde at the Vapor/Water Interface

Figure 8.1. shows VSF spectra of 3.2 % w/v formaldehyde (green) using the

ssp (top) and sps (bottom) polarization schemes. For reference, the neat vapor/water

interface is shown in gray. As for previous analyses, peaks were added only if necessary

to achieve agreement between the fits and the data. For added confidence in the

fitting parameters, a global fit was performed for ssp-polarization spectra taken of a

range concentrations between 1.2–16 % w/v formaldehyde. Five peaks were used in

addition to the standard four water peaks: A broad peak at ∼3050 cm−1, an intense
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FIGURE 8.1. VSF Spectra of 3.2 % w/v formaldehyde (green). Water is shown in
gray for comparison. Solid lines are fits to the data

peak at ∼2910 cm−1, and three weaker peaks at 2785, 2870, and 2995 cm−1.The

resultant fit to the 3.2 % w/v formaldehyde solution is shown as a solid line in

Fig. 8.1., and the resonant components used in the fit are illustrated in Fig. 8.3..

For clarity, the lower frequency peaks are plotted alone in 8.3.a Visual inspection

of the data indicates that formaldehyde (aq) does partition to the aqueous surface,

and that the surface concentration increases with increasing bulk concentration. At

room temperature, the sps-polarization spectrum closely resembles that of the neat

vapor/water interface and the low signal to noise ratio, together with the relatively

high non-resonant background, makes fitting this data difficult. Nonetheless, three
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FIGURE 8.2. Global Fits to ssp-polarization spectra of the vapor/CH2O(aq) interface
taken as a function of concentration. Solid lines are fits to the data

low amplitude peaks were added to the CH-stretching region at 2850, 2920, and

2975 cm−1. These peak parameters were determined by using a global fit including

data taken at ∼0 ◦C, which will be discussed later, because the peaks were slightly

more distinct at the lower temperature.

The addition of formaldehyde to water results in two overall spectral changes: a

decrease in the contribution from loosely coordinated water molecules in the topmost

region, and the appearance of new peaks, which are attributed to CH2O(aq) in the CH

stretching region. At 3.2 % w/v, the aqueous solution contains primarily CH2(OH)2,

methylene glycol. But it is unknown whether surface concentrations or species are
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(a) (b)

FIGURE 8.3. Fit to ssp-polarization spectra of 3.2 % w/v formaldehyde (green) with
resonant components (color). a. Enlargement of CH region. b. Overall fits

different from those in the bulk, and it is likely that surface molecules are solvated

by fewer water molecules from those in the bulk. And although there have been

numerous Raman and IR studies of aqueous formaldehyde, spectral assignments vary

for different experiments.191–195,205,206

The broad peak at ∼3050 cm−1 can be attributed to either the methylene glycol

OH stretching mode, or an enhancement in the overall water binding environment.

Increased intensity in this region was observed for the succinic acid solutions, as

well. The four peaks below ∼3000 cm−1 are attributed to methylene glycol and

formaldehyde at the surface. The main contribution, a relatively sharp peak at

∼2910 cm−1, is assigned to the methylene glycol symmetric stretch mode, consistent

with Raman measurements of aqueous MG.191,193 The frequency of the peak at

∼2995 cm−1 matches that of the νa(HCH) mode assigned by Lebrun et. al.,191

but its phase, which matches that of the peak at ∼2910 cm−1 indicates that it

may be a Fermi resonance of the symmetric CH2 stretch. This assignment would be
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consistent with the symmetry arguments from a previous VSFS study of longer chain

diols by Le et al.207 The other two peaks, which are relatively small, can be attributed

to either molecular CH2O,194, non-fundamental methylene glycol peaks,191 or longer-

chain oligomers. The peak at 2785 cm−1 is similar in frequency to the symmetric

CH stretch of gas phase formaldehyde, an assignment that could be supported by the

peak at 2850 cm−1 in the sps-polarization scheme, which matches the frequency of

the asymmetric CH stretch. However, in aqueous solution these modes are expected

to blue-shift, and are predicted to be at ∼2820 and ∼2870 cm−1, respectively making

a definite assignment difficult.194,206. Clearly, the surface spectrum of formaldehyde

is quite complex, but these parameters provide a baseline for assessing the changes

to the spectral region when SO2 is flown over the surface. These perturbations are

the focus of the following discussion.

8.2.1 Uptake of SO2

The spectrum in Fig. 8.4.a shows that the addition of SO2 (red) significantly

perturbs the aqueous formaldehyde (green) surface. Similar to the analysis in

the previous section, a global fit was performed to determine fitting parameters

for the spectral perturbations due to SO2. The results of this fit are shown in

Fig. 8.4.b. The primary differences between this spectrum and the one for the neat

formaldehyde solution are the additional peak at ∼3650 cm−1, which indicates that

SO2:water surface complexes are forming, and a reduction in the number of peaks

necessary to fit the CH-stretching region. However, from these spectra alone, it is

difficult to understand the origin of these spectral changes. There are three plausible

explanations for these spectral changes: SO2 could complexing to CH2O(aq) at the

surface; the new peaks could be due to product of the reaction between CH2O and
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SO2, HMS; or a new surface complex could be forming between SO2 and another

species, such as HMS, at the interface.

Based on spectra taken after removing SO2 from the system, which are shown

in Fig. 8.4.c, it is unlikely that the peaks shown during SO2 exposure are due to

the reaction alone. The post SO2 spectra appear quite different from those of either

the fresh formaldehyde solutions, or those taken during exposure to SO2. However,

although their shapes are quite different, it is interesting to note the similarities

between the components of the fits to the spectra taken during and after exposure to

SO2.

To examine the question of whether complexes are forming between formaldehyde

and SO2 at the surface, the evolution of a more concentrated formaldehyde solution

was observed while exposing it to SO2. The spectra in Fig. 8.5. were obtained using

a 16 %w/v formaldehyde solution, with the assumption that the reaction between

SO2 and CH2O would take longer to reach equilibrium with the more concentrated

solution. The top spectrum was taken prior to exposure to SO2. As mentioned

earlier, the VSF response for the 16 %w/v formaldehyde solution can be fit using

the same peaks as for the 3.2 %w/v solution, indicating that the surface species for

the unexposed surfaces are the same. Spectra were obtained over the full spectral

region, but for simplicity, only the CH-stretching region is shown. Each spectrum

takes approximately 18 minutes to acquire, and spectra were taken continuously until

the response was constant for at least three consecutive acquisitions.

The main CH peaks for spectra taken during the first hour of SO2 exposure (light

red) lose intensity, but do not shift position. By contrast, the broadening observed in

the free OH region (not shown) occurs immediately upon exposure to SO2. However,

after an hour of exposure, the peaks do shift and remain shifted during subsequent
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(a) (b)

(c) (d)

FIGURE 8.4. a. ssp (top) and sps (bottom)-polarization spectra of 3.2 % w/v
formaldehyde with SO2 flowing (red) with the vapor/formaldehyde interface (green)
for reference. b. Resonant components of fit to data (red). c. ssp (top) and
ssp (bottom)-polarization spectra of 3.2 % w/v formaldehyde after exposure to
SO2 (blue). d. Resonant components (colored) of fit to the data (blue).
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FIGURE 8.5. ssp -polarization spectra of 16 % w/v formaldehyde. Spectra show
evolution of the CH stretching region during exposure to SO2 as a function of time,
and after removal of the gas.

exposure to SO2 (dark red). The peak positions and widths for this solution match

those for the 3.2 % w/v formaldehyde solutions shown in Fig. 8.4.b.

These results indicate that the reaction between HSO –
3 and H2CO occurs in

the bulk solution. The reaction reduces the amount of H2CO in solution so the VSF

intensity decreases. It is only after some of the formaldehyde has reacted that spectral

evidence of the new reaction is seen in the CH region, which indicates that the new

peaks could be due to HMS partitioning to the interface. Given the low pH of these

solutions, and the polar nature of the HMS ions, they are unlikely to be strongly

surface active. However, it is possible that the surface adsorbed SO2 is complexing

to HMS molecules, causing them to partition to the interfacial region.

To test this hypothesis, two solutions of HMS were made. The first solution was

made by diluting a 16 % w/v formaldehyde solution to 3.2 % w/v in concentrated

sulfurous acid (H2SO3). As the reaction is very similar to the one instigated by the
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absorption of SO2 into aqueous formaldehyde solutions, the results were also tested

using an HMS solution made by dissolving Na2SO3 in 3.2 % w/v CH2O(aq). The

resultant HMS solutions are at different pHs, thus the VSF response from water

was quite different for the two solutions. H2SO3 has a pH of less than 1, while the

Na2SO3 solutions start at pH 12, and their interfacial behavior is consistent with

the spectral response seen for previous pH studies.36 The low pH solution has strong

intensity in the coordinated water region, consistent with the accumulation of HMS

and hydronium ions in the interfacial region, while the OH stretching region for

alkaline solution is more similar to that of water. In addition, the spectral response

from Na2SO3 solution changes upon the absorption of SO2, while the spectrum of the

acidic solution returns to its initial shape after the removal of SO2. This difference

is attributed to the absorption, and subsequent reaction, between SO2 and water.

The low pH solution, which is already saturated in SO2 is unlikely to absorb more,

consistent with the earlier observation that SO2 does not absorb into the interfacial

region of acidic solutions. By contrast, SO2 absorbing into the alkaline solutions

reacts with water, bringing the pH down to about 4.

Although the spectrum of the acidic HMS solutions is quite different from that of

unexposed CH2O, the two surfaces respond very similarly when exposed to SO2, and

can be fit using the same peak parameters. For the HMS solution, this means a slight

red shift-and narrowing of the CH peaks, which is accompanied by and intensity

increase over time. Upon removal of SO2 the interface returns to its initial state,

as is indicated by the similarity between the green and blue spectra in Fig. 8.6.a,

which represent the interface before and after exposure to SO2, respectively. This

supports the picture that SO2 gas is forming complexes with HMS at the water

surface, consistent with the studies presented above. The evolution of the alkaline
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(a) (b)

FIGURE 8.6. ssp-polarization spectra of HMS before (green), during (red), and after
(blue) exposure to SO2. a. HMS solution made with CH2O(aq) and H2SO3(aq).
Darker red spectrum shows evolution over time with exposure to SO2. b. HMS
solution made with CH2O(aq) and Na2SO3

solutions is more difficult to interpret, as it is complicated the reactions between

water and SO2. However, the spectral shifts in the CH region are consistent with

SO2:HMS complexation at the surface; the two CH peaks become narrower and closer

together when the solution is exposed together, but return to their original shape upon

removal of SO2. The decrease in their intensities is attributed to changes in the water

hydrogen bonding environment as the result of the HSO –
3 and H+ ions introduced by

the reaction with newly solvated SO2.
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Based on the time dependance observed with the more concentrated

formaldehyde solutions, and the similarities between the HMS solutions and those

of CH2O during SO2 exposure, the picture that develops is as follows. SO2 adsorbs

to the vapor/CH2O(aq) interface via complexes with water molecules in the topmost

interfacial region. This is followed by absorption into the bulk, where the HSO –
3 ions

react with CH2O(aq) to form HMS. HMS in the interfacial region complexes to the

surface-adsorbed SO2, resulting the reversible accumulation of HMS to the interface.

With time, the surfaced absorbed HMS concentration increases, and becomes more

orientated, resulting in an increase in the intensity of the peaks in the CH region,

without a concurrent energy shift, as illustrated in Fig. 8.6.a (dark red). Upon removal

of SO2 the spectra in Fig. 8.6.a (blue) are almost identical to those taken before SO2

exposure (green). Similarly, both the free OH and CH peaks for the spectra in

Fig. 8.6.b return to their initial shape after exposure to SO2.

From these spectral changes, it appears that SO2 initially adsorbs to the interface

and binds to water. SO2 absorbing into the water reacts with CH2O to form HMS,

which can migrates to the surface and complex with SO2. The evolution of the

surface over time suggests that SO2 adsorption at the surface induces both surface

adsorption and orientation of HMS. In addition, both surface complexes are reversible:

upon removal of SO2 they are no longer observed. Now that we have a general

understanding of the surface chemistry between formaldehyde and SO2, these studies

can be expanded to more atmospherically relevant temperatures.

8.2.2 Temperature and the uptake of SO2

To study the role of temperature in the uptake of SO2 to formaldehyde, VSF

spectra were obtained at ∼0 ◦C. Figure 8.7. shows the spectral evolution of the
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3.2 %w/v formaldehyde solution in the ssp (a) and sps (b) polarization schemes

before (green), during (red), and after (blue) exposure to SO2.

(a) (b)

FIGURE 8.7. 3.2 % w/v formaldehyde before (green), during (red), and after (blue)
exposure to SO2. Data acquired at ∼0 ◦C. a. ssp-polarization spectra b. sps-
polarization spectra.

Lowering the temperature has very little impact on the surface of the

vapor/CH2O(aq) interface, and the ssp-spectrum taken at ∼0 ◦C is almost identical

to the spectrum at room temperature (Fig. 8.1.). In the sps-polarization scheme, the

CH peaks are slightly more intense, and the data were fit using a global fitting routine

to match the parameters to those at room temperature.

Similar to what was observed for the neat vapor/water interface in Chapter VI,

the perturbations due to the lower temperature are much more dramatic when the

solutions are exposed to SO2 gas (red). The ssp- and sps- polarization spectra show
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significant changes, both in comparison to the unexposed CH2O(aq) surfaces and

in comparison to the comparable spectra taken at room temperature. Figure 8.8.

highlights the CH stretching region with an overlay of the spectra taken in the

ssp (triangles) and sps (circles) polarization schemes. The solid lines act as a guide

to the eye.

FIGURE 8.8. Comparison of spectra taken in the ssp and sps polarization schemes
while SO2 is flowing at 0 ◦C.

The most obvious change in this spectral region is that the peaks are more

intense, and spectrally more resolved. An examination of the data in Fig. 8.8. shows

that the peak intensities at ∼2910 and ∼2970 cm−1 in the sps spectrum are blue-

shifted, coinciding with dips in the intensity, for the ssp spectrum. Chemically,

these surfaces are identical; thus the peaks in the sps-polarization are assigned to

asymmetric modes corresponding to the symmetric stretches observed in the ssp-

polarization. Accounting for these peaks in the fits to the ssp-spectra yields three

primary peaks in this region: a broader peak at ∼2880 cm−1, a sharp peak at

∼2920 cm−1, and a sharp peak of the opposite phase at ∼2940 cm−1. However,

it should be noted that this region can also be fit using a single peak at ∼2930 cm−1,

consistent with the fits at room temperature, that incorporates the two peaks at 2920
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and 2940 cm−1. That the distinct peaks are only observed at the lower temperature

indicates that the surface complexes is much more oriented with respect to the

interfacial plane, giving rise to symmetric and asymmetric stretches that are more

aligned with respect to the surface normal.

In both polarizations, the magnitude of the complexed free OH peak increases in

a manner similar to what was observed for water in Chapter IV. But the broadening

observed here is even more exaggerated. In the ssp-polarization scheme high energy

region can either be fit using a single broad peak at 3630 cm−1 or using two peaks; a

narrower peak at 3660 and a broad peak at 3580 cm−1. Interestingly, this increase is

accompanied by a loss of intensity in the coordinated water region, and the amplitudes

of the companion OH and tetrahedrally coordinated water peaks are negligible in the

presence of SO2. The changes to the high energy OH stretching region are also very

different in the sps-polarization scheme. At room temperature, as the water molecules

reoriented to complex with SO2 there was a concurrent decrease in the intensity of the

peak at ∼3580 cm−1. By contrast, at the colder temperature, the dominant feature

in this region is a broad peak at ∼3580 cm−1, which has very little contribution from

either the uncomplexed free OH or its companion mode at ∼3460 cm−1. As they

were at room temperature, these changes are reversible in both polarizations, and the

spectra taken after SO2 adsorption (blue) closely resemble those taken of the HMS

solution at room temperature.

Thus, the picture that arises is as follows. At cold temperature, SO2 complexes

to both water and HMS, but higher SO2 solubility leads to even greater surface

adsorption than is observed at room temperature.

The migration of HMS, and complexation with SO2 at the surface disrupts the

interfacial electric field caused by charge separation between the hydronium ions and
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solvated sulfur species, which results in less coordination and orientation of the water

molecules. This has two effects. First, it increases the number of loosely coordinated

waters in the topmost surface region, which increases the intensity of the high energy

peaks near 3500 cm−1. Second, reducing the charge separation between interfacial ions

causes the water molecules to reorient with less overall structure, as their dipoles no

longer align with the interfacial electrical field. In addition, water molecules solvating

HMS or formaldehyde in the interfacial region are not forming hydrogen bonds with

each other, further reducing the intensity in the OH stretching region.

This picture is supported by both the ssp and sps data, which show large increases

in the intensity due to loosely coordinated water molecules and more resolved CH

peaks. It is likely that this intensity increase is due to both an increase in the

surface population and the environmental restriction of being bound to SO2 at the

surface. As a relatively large, polarizable compound, HMS has the potential to

hydrogen bond with water or sulfite molecules in many different configurations in

solution. However, at the interface, these binding possibilities are much more limited,

an interpretation supported by the narrow peaks observed here, relative to those

measured after removing SO2, when the ions are once again solvated. For a summary

of the fitting parameters used in these experiments, please see Appendix C.

8.2.3 Conclusions

From these experiments, it is clear that the interfacial environment is sensitive

to the atmospherically relevant reaction between SO2 and CH2O. The surface

perturbations introduced by the flow of SO2 gas are quite complex, but the cartoon

in Fig. 8.9. provides a simple illustration of the overall interfacial behavior. The

aqueous formaldehyde shows evidence of surface-bound organic species, which are
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depicted as green ovals in Fig. 8.9.. Upon exposure to SO2, the surface water

molecules immediately form complexes with surface-bound SO2, and adsorbed SO2

reacts with water in the bulk. The subsequent reaction between CH2O and HSO –
3

occurs primarily in the bulk solution, depleting surface adsorbed formaldehyde

concentrations. This is followed by the migration of HMS to the interfacial region,

where it forms surface complexes with SO2. Like the complexes between water and

SO2, the HMS:SO2 complexes are reversible, and are only observed while the SO2 gas

is flowing over the surface.

Cooling the formaldehyde solution to an atmospherically relevant temperature

results in a significant enhancement of the observed SO2 absorption. In addition,

changes to the shape and intensity of the CH peaks are consistent with a structurally

more congested interface where the orientations of the surface complexes between SO2

and HMS are more constrained. This is consistent with the increased contribution

from loosely coordinated water molecules in the topmost surface region. The main

spectral contributions from water are from water molecules that are either involved

in complexes to SO2 or those with weak hydrogen bonding interactions with other

waters. This points to an interface that is mainly populated by surface-bound

organics, ions, and other species that are loosely solvated by water. These surface

species are short-lived, and the ions return to solution when the SO2 is removed

from the system. The resultant solution exhibits enhanced interfacial coordination

consistent with spectra of other low pH, ion-containing solutions.
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CHAPTER IX

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 elusive. 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 a

direct examination of surface SO2:H2O complexation as a function of temperature,

solution acidity, and organic composition under conditions relevant to tropospheric

surface reactions.

The results of the uptake studies presented in Chapter V illustrate the

importance of solvent temperature on the likelihood of SO2 surface complexation.

At low temperatures, the adsorption of SO2 was significantly enhanced, resulting in

the reorientation and complexation of nearly all of the water molecules in the topmost

surface region.

Important new insights into the adsorption and uptake of SO2 to acid solutions

were provided in the studies presented in Chapter VI. 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
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upon exposure of SO2 to neutral solutions is not observed in the presence of acid.

Hence the chemistry occurring in the interfacial region is appears to be driven by the

same equilibrium behavior as the bulk solution. Overall these results suggested that

the complexation behavior at the topmost layer of the surface was largely uncoupled

from the rest of the interfacial region and the bulk solution.

These studies were extended to investigate the behavior that might occur in more

polluted environments, where organic solutes are abundant. The results of Chapter

VII illustrate the persistence of SO2:H2O surface compounds, which continued to

form when interfacial region was populated with succinic acid. Further, there was no

evidence of any interaction between succinic acid and SO2 in the interfacial region.

These results raised the question of whether surface complexes were specific to water?

or whether formaldehyde, a more reactive organic pollutant, might demonstrate

different surface behavior when exposed to SO2? These questions were explored

in Chapter VIII. Formaldehyde itself demonstrated a similar insensitivity to SO2 at

the surface, and the reaction between SO2 and CH2O was found to occur primarily

in solution. However, as the droplet composition changed, a new compound was

observed at the surface. The new species was determined to be a reversible surface

complex between HMS and SO2. Similar to the behavior observed for the clean

water surface, the formation of these complexes was significantly enhanced at low

temperature. Interestingly, none of the surface complexes investigated in these studies

were observed after purging the cell of SO2. However, with the exception of the

highly acidic solutions, all of solutions examined showed evidence of SO2 absorption

and reaction with water, and the formaldehyde solutions showed evidence of HMS

formation. In summary, these experiments show that aqueous surfaces can act as as

reservoir for SO2 (or other gases) in the atmosphere by forming interfacial complexes
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even when the aqueous composition might otherwise impede uptake. The results

from these experiments point to the importance of understanding, and accounting

for, surface interactions in models of atmospheric behavior. As was demonstrated

with the formaldehyde system, all species, including the reaction products have the

potential to influence interfacial activity and gas 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. In addition, surface

adsorbed species are vulnerable to reactions with UV light in the atmosphere. These

potential surface interactions may be especially relevant to polluted environments

where there is an abundance of both SO2 and reactive organic species.
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APPENDIX A

CALCULATED CONCENTRATIONS FOR ISOTOPIC DILUTION STUDIES

The equilibrium concentrations of solutions containing H2O, D2O, and HOD

can be closely approximated using an equilibrium constant of 4, the value used for

the concentrations reported in Chapters IV and V. However, differences between

the zero point energies for the three species causes a slight dependence on the

initial solution concentrations. Experimental measurements, in conjunction with

calculations indicate that the actual equilibrium constant can vary between 3.4 and

4.4 depending on the experimental conditions and the theoretical models used208

Table A.1. shows calculated concentrations, given as mole fractions, for the solutions

presented in Chapters IV and V. These values were calculated using the equilibrium

relationship shown in Eq. (A.1.).

Keq =
[HOD]2

[H2O][D2O]
(A.1.)

For the solutions used in these experiments, the equilibrium constant is expected to

be close to 3.9 based on the results of previous measurements by Libnau et al.208

Based on these calculations, the zero point energies are expected to have very little

effect on the experimental concentrations of HOD, H2O, and D2O.
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TABLE A.1. Calculated Isotopic Dilution Concentrations

Solution 1 Solution 2 Solution 3
Keq HOD H2O D2O HOD H2O D2O HOD H2O D2O

4.4 0.340 0.617 0.043 0.512 0.247 0.242 0.227 0.015 0.757
4.3 0.339 0.618 0.043 0.509 0.248 0.243 0.227 0.016 0.758
4.2 0.338 0.619 0.044 0.506 0.249 0.244 0.226 0.016 0.758
4.1 0.336 0.619 0.045 0.503 0.251 0.246 0.225 0.016 0.758
4 0.335 0.620 0.045 0.500 0.252 0.248 0.225 0.017 0.759
3.9 0.333 0.621 0.046 0.497 0.254 0.249 0.224 0.017 0.759
3.8 0.332 0.621 0.047 0.494 0.256 0.251 0.223 0.017 0.759
3.7 0.330 0.622 0.047 0.490 0.257 0.252 0.223 0.018 0.760
3.6 0.329 0.623 0.048 0.487 0.259 0.254 0.222 0.018 0.760
3.5 0.327 0.624 0.049 0.483 0.261 0.256 0.221 0.018 0.760
3.4 0.325 0.625 0.050 0.480 0.263 0.258 0.220 0.019 0.761

average 0.333 0.621 0.046 0.496 0.254 0.249 0.224 0.017 0.759
std dev 0.005 0.002 0.002 0.011 0.005 0.005 0.002 0.001 0.001
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APPENDIX B

FITTING PARAMETERS FOR SUCCINIC ACID

FIGURE B.1. The evolution of the interfacial region when succinic acid is exposed
to SO2. Left. ssp-polarization data. Right. Corresponding fits and resonant
components.
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APPENDIX C

FITTING PARAMETERS FOR FORMALDEHYDE
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TABLE C.1. Fitting Parameters for Formaldehyde CH-stretch Region

Room Temperature (23 ◦C)

ssp-polarization sps-polarization

CH2O with SO2 after SO2 CH2O with SO2 after SO2

ων Γν ων Γν ων Γν ων Γν ων Γν ων Γν

2785 35 2786 45 – – – – – – – –
– – – – – – 2855 37 2855 25 2845 50
2870 45 2880 30 2875 40 – – – – – –
– – – – – – 2920 20 2920 30 2930 35
– – 2930 23 2930 18 – – – – – –
– – – – – – 2975 30 2970 20 2980 25
2994 20 3000 16 – – – – – – – –

Cold (0 ◦C)

ων Γν ων Γν ων Γν ων Γν ων Γν ων Γν

2785 35 2790 40 – – – – – – – –
– – – – – – 2853 37 2860 20 – –
2870 45 2880 40 2880 45 – – – – – –
2910 20 – – – – – – 2910 22 – –
– – 2920 13 – – 2920 20 – – 2935 20
– – 2945 10 2930 20 – – 2947 20 – –
– – – – – – 2975 30 2970 15 2980 15
2994 20 – – – – – – – – – –

HMS (acidic) HMS (alkaline)

HMS with SO2 after SO2 HMS with SO2 after SO2

ων Γν ων Γν ων Γν ων Γν ων Γν ων Γν

– – – – – – 2790 55 – – – –
– – – – – – 2845 30 – – -2844 20
2885 40 2880 23 2870 23 – – 2865 35 – –
– – 2930 25 2935 21 2935 50 2930 30 2940 45
– – – – – – 2990 65 – – – –

All values are given in wavenumbers. Energies are ± 5 cm−1

Gaussian widths are ± 10 cm−1
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