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ABSTRACT: Anion photoelectron imaging was used to
measure the photodetachment spectra of molecular complexes
formed between O2

− and a range of atmospherically relevant
polar molecules, including species with a carbonyl group
(acetone, formaldehyde) and alcohols (ethanol, propenol,
butenol). Experimental spectra are analyzed using a combina-
tion of Franck−Condon simulations and electronic structure
calculations. Strong charge−dipole interactions and H-bonding
stabilize the complex anions relative to the neutrals, resulting
in a ca. 1 eV increase in electron binding energy relative to bare
O2

−, an effect more pronounced in complexes with H-bonding.
In addition, broken degeneracy of the O2-local πg orbitals in the complexes results in the stabilization of the low-lying excited O2
(a 1Δg)·[polar VOC] state relative to the ground O2 (X

3Σg
−)·[polar VOC] state when compared to bare O2. The spectra of the

O2
−·[polar VOC] complexes exhibit less pronounced laser photoelectron angular distribution (PADs). The spectrum of O2

−·
formaldehyde is unique in terms of both spectral profile and PAD. On the basis of these experimental results in addition to
computational results, the complex anion cannot be described as a distinct O2

− anion partnered with an innocent solvent
molecule; the molecules are more strongly coupled through charge delocalization. Overall, the results underscore how the
symmetry of the O2 πg orbitals is broken by different polar partners, which may have implications for atmospheric
photochemistry and models of solar radiation absorption that include collision-induced absorption.

I. INTRODUCTION

The importance of molecular oxygen in the atmosphere cannot
be overstated. O2 participates in numerous atmospheric
chemical and physical processes when undergoing molecular
collisions, including collision-induced absorption1−10 and
photosensitization.11−15 We recently reported the results of a
study of neutral O2·VOC (VOC = hexane, isoprene, benzene,
and benzene-d6) collision complexes by photoelectron imaging
(PEI) spectroscopy of the anionic precursor.16 Photodetach-
ment of the anionic complex prepares the neutrals on a
repulsive region of the O2−VOC intermolecular potential
energy surface. Our results showed that the O2 (a

1Δg)·VOC
lifetimes and energy relative to the O2 (X

3Σg
−)·VOC ground

electronic state varied with VOC identity. The work presented
herein is an extension of the previous study16 to polar VOCs
containing an alcohol or a carbonyl substituent group.
We have selected a range of polar VOC collision partners

with relevance in atmospheric chemistry and to provide a point
of comparison to our previous study that included several
unsaturated nonpolar collision partners. Formaldehyde is an
atmospherically important carcinogen17 that is a common
byproduct of numerous VOC oxidation reactions,18 and
subsequently forms radicals19,20 that contribute to tropospheric
ozone formation.21,22 Acetone is primarily formed by terrestrial
vegetation and (anthropogenic) isoalkanes23−25 and offers a

methylated analog for comparison to formaldehyde. Ethanol
(EtOH) not only supplements the automobile fuel supply26−28

but also poses health threats,29 and its atmospheric sources and
sinks are not well-understood.30,31 Oxygenated VOCs such as
2-propenol (allyl alcohol), 3-buten-1-ol, and 3-buten-2-ol are
largely anthropogenic32,33 and lead to secondary aerosol
formation.34

A significant difference between the O2
−·[polar VOC]

complexes in the current study and the O2
−·[nonpolar VOC]

complexes studied previously16 arises from the strong charge−
dipole interactions and hydrogen bonding that favor a distinct
structural orientation between the O2

− anion and the neutral
VOC. In the case of nonpolar partners, the intermolecular
potential energy surface was inferred to be flat, on the basis of
the numerous close-lying structural minima separated by low
barriers found computationally. The anion PEI spectra of these
complexes therefore were assumed to reflect an ensemble of
intermolecular orientations that were nearly identical in energy.
In contrast, photodetachment of O2

−·[polar VOC] will have
Franck−Condon overlap with a specific orientation between
the resulting neutral molecules. The results of the current study
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shed light on the differences in interaction energy for systems
with a large dipole but weak C−H hydrogen bonding versus
alcohols with both O−H and C−H hydrogen bonding. We also
find that the broken degeneracy of the O2-local πg orbitals
results in a stabilization of the O2 (a

1Δg)·[polar VOC] excited
neutral state relative to the ground O2 (X

3Σg
−)·[polar VOC]

state. The PE spectrum of O2
−·formaldehyde is unique in both

profile and photoelectron angular distribution. The exper-
imental and computational results suggest interesting electronic
coupling between O2

− and formaldehyde.

II. METHODS
II.A. Experimental Details. The anion photoelectron

imaging apparatus has been described elsewhere;35 therefore,
a brief description follows. Mixtures of O2 and room
temperature polar VOC (formaldehyde, acetone, EtOH, 2-
propenol, 3-buten-1-ol, 3-buten-2-ol) (60 psig) were coex-
panded by using a pulsed molecular beam valve through a
needle electrical discharge.36 The gas mixture passed through a
skimmer, and the anions were accelerated to 1 keV. The ions
were re-referenced to ground potential in a high-voltage
switch37 before entering a time-of-flight mass spectrometer.38,39

Prior to colliding with a dual microchannel plate detector
assembly, the anions of interest were selectively photodetached
using the third harmonic (3.495 eV) output of a Nd:YAG laser
(Continuum Surelite, 30 Hz). Photoelectrons were extracted
using a velocity map imaging lens system,40 and images are
recorded on a dual microchannel plate-phosphor screen
detector with a CCD camera.41,42 Three-dimensional PE
velocity distributions are obtained using BASEX43 and then
converted to electron kinetic energy (e−KE). Photoelectron
spectra are plotted as a function of electron binding energy,
e−BE = hν − e−KE, which is independent of photon energy. A
Jacobian velocity to energy transformation was performed
[I(e−KE) ∝ I(v)/v, where v is the electron velocity,
proportional to the image radius] on all of the spectra
shown. Calibrations based on the well-known PE spectrum of
O2

− were performed for each complex.44 The pBASEX code45

was used to produce images with fewer artifacts on the
polarization axis line compared to BASEX.
II.B. Computational Details. Though open-shell species

are more appropriately treated with higher levels of theory,
more modest levels of theory are practical for the size of the
molecular complexes in this study. Multiple initial structures for
each anion and neutral O2·[polar VOC] complex were explored
by using the GAUSSIAN09 program suite for electronic
structure calculations.46 Optimized geometries were calculated
at the second-order Moller−Plesset perturbation (MP2) level
of theory with the cc-pVDZ basis set followed by MP2/aug-cc-
pVTZ single-point calculations.47 Diffuse functions were added
to all atomic centers (s and p functions) using an exponent
ratio of 0.3 to maintain even-tempered basis set behavior.48

Frequency calculations were performed to verify that global
minima were found. All of the relative optimized energies
reported are zero-point corrected. In addition, vertical detach-
ment transition energies were calculated by the difference in
energy between the optimized anion and single point
calculation on the neutral confined to the anion geometry.
We note here that basis set superposition error (BSSE)
corrections in comparable systems49,50 are on the order of
several millielectronvolts for neutrals. In our own calculations
on O2

−·isoprene along with the triplet and singlet neutrals
BSSE correction energies ranged from 0.02 eV for the triplet

neutral to 0.05 eV for the anion and singlet neutral. Because we
are interested in the relative energies of O2

−·[polar VOC] and
O2 (X

3Σg
− and a 1Δg)·[polar VOC] measured with fairly low

resolution (vide inf ra), we do not include BSSE corrections.

III. RESULTS AND ANALYSIS
III.A. O2

−·[polar VOC]; VOC = Acetone and Alcohols.
The PEI spectra of bare O2

− and O2
−·[polar VOC] (polar

VOC = acetone, EtOH, 2-propenol, 3-buten-1-ol, and 3-buten-
2-ol, and formaldehyde) measured using 3.493 eV photon
energy are shown in Figure 1. The raw and reconstructed

images are included in the Supporting Information. The O2
−

PE spectrum is well-known44 and exhibits transitions to the X
3Σg

−, a 1Δg, and b 1Σg
+ neutral electronic states from the X 2Πg

anion ground state, the origins of which are indicated in Figure
1. Spectra of the O2

−·[polar VOC] complexes all feature a
prominent band X comparable in overall profile to band X in
the bare O2

− spectrum, with the exception of O2
−·form-

aldehyde. The PE spectrum of bare O2
− shifted to higher

binding energy is superimposed as a dashed trace on the spectra
of O2

−·acetone and O2
−·formaldehyde to underscore the

different profile observed for band X of the O2
−·formaldehyde

compared to the other spectra. Additional spectral disparities
will be explained below.
All of the O2

−·[polar VOC] spectra are shifted to ca. 1 eV
higher e−BE values compared to the bare O2

− spectrum, which
is similar to what was observed in the PEI spectrum of the
simpler charge−dipole O2

−·H2O complex.51 The vertical
detachment energies for all spectra are summarized in Table
1. Assuming the charge is localized on O2

− and that the polar
VOC partner remains in its S0 ground electronic state, the
increase in binding energy is primarily due to the stabilization

Figure 1. PE spectra of O2
− and O2

−·[polar VOC] complexes
obtained using 3.49 eV photon energy. Raw and reconstructed
photoelectron images are included in the Supporting Information.
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of the anion by charge−dipole interactions and also may have
contributions from repulsion on the neutral potential, as
illustrated in Figure 2. On the basis of the size of this shift in
e−BE, as indicated in Figure 2, the PE spectra of the complexes
should exhibit transitions to the O2 (X

3Σg
−)·[S0] and O2 (a

1Δg)·[S0] neutral states, with the O2 (b 1Σg
+)·[S0] state

becoming energetically inaccessible with 3.493 eV photon
energy. As with previously reported spectra of O2

− com-
plexes,16,51−53 the O2 vibrational progression is not resolved
due to neutral dissociation, activation of low-frequency
intermolecular modes and low-frequency modes localized on
the complex partner.
In contrast to our previously reported spectra on complexes

formed between O2
− and nonpolar VOC’s,16 band a in the O2

−·
[polar VOC] spectra appears as a lower-intensity shoulder on
high-e−BE side of band X in the spectrum, or in the case of
O2

−·3-buten-2-ol, it is indistinguishable from band X. In an
effort to quantify this effect, spectral simulations were
performed on several of the spectra in the following manner.
First, we set our simulation code to reproduce the relative
intensities of the transitions observed in the PE spectrum of
bare O2

− measured with our experimental apparatus, using well-
known spectroscopic parameters,44 shown in Figure 3a. A low-
frequency mode was then introduced to the O2 vibrational
progression (in all cases, ω′ = 200 cm−1, ω″ = 170 cm−1, ΔQ =

1.5 Å·amu1/2) to broaden the peaks to approximate the
appearance of the bands in the O2

−·[polar VOC] spectra, and
the position and relative intensities of the broadened bands X
and a were adjusted so that their sum matched the general
profile of the O2

−·[polar VOC] spectra. We applied this
procedure to simulate the PE spectra of O2

−·acetone, O2
−·

EtOH, and O2
−·3-buten-2-ol, the results of which are shown in

Figure 3b−d. The origins of bands X and a used to generate the
simulations of these spectra are summarized in Table 1. For all
the simulations, we set the maximum intensity of band X at a
constant and then scaled band a relative to band a in the bare
O2

− spectrum. This scaling factor is also included in Table 1.
Though the intensities at every point in the PE spectra of the

O2
−·[polar VOC] spectra are not matched exactly (for example,

the slope of the low-e−BE edge of band X in the O2
−·3-buten-2-

ol), the qualitative profiles and partially resolved shoulder-like
O2 stretch progressions align with the experimental spectra in
all three simulations (Figure 3b−d). Included on the simulation
panels are the increase in binding energy (ΔEA) introduced to
match the simulated and experimental vertical detachment
energy of band X and the term energy of the O2 (a

1Δg) or O2
(a 1Δg)·[polar VOC] state used in the simulation of band a.
A general trend of increasing EA and lower-term energy of

the a 1Δg·[S0] state in the complexes evident from the
simulations is borne out to some extent in the results of
calculations on these complexes, summarized in Table 2.
Though all of the calculations underestimate the adiabatic EA
of bare O2 and its complexes, the increases in calculated
adiabatic EA of the complexes relative to bare O2 shadow the
observed shifts in the spectra. The EA of O2·acetone is
calculated to be 0.71 eV higher than the EA of O2, whereas
experimentally, the difference is approximated as 0.88 eV on the
basis of the simulated match to the band X maximum (note
that the manner in which the simulations were implemented
accounts for low Franck−Condon intensity near the origin due
to activation of low-frequency modes in the complex). For O2·
EtOH, the calculated EA is 0.93 eV higher, compared to the

Table 1. Summary of O2
− and O2

−·[polar VOC] Spectral
Band Positions (Figure 1), Asymmetry Parameters, and
Origins of Spectral Simulations Shown in Figures 3 and 4a

exptl
VDE
(eV) β

simulation origins
(eV)b

scaling
factor for
band a

O2
−

X 0.82 −0.8 0.448
a 1.78 −0.6 1.425 (T0 = 0.977) 1
b 2.40 2.075 (T0 = 1.627)

O2
−·acetone

X 1.76(3) −0.42 1.32
a 2.62(5) 2.15 (T0 = 0.83) 0.82

O2
−·EtOH

X 2.11(5) −0.39 1.55
a 2.8(1) 2.31 (T0 = 0.76) 0.75

O2
−·propenol

X 2.23 −0.44
a 2.9(1)

O2
−·3-buten-1-ol

X 2.23 −0.40
a 2.9(1)

O2
−·3-buten-2-ol

X 2.19(5) −0.34 1.68
a 2.9(1) 2.41 (T0 = 0.72) 0.62

O2
−·formaldehyde

X 2.1−2.7 +0.3 1.57
a 2.23 (T0 = 0.64) 1.2

aThe scaling factor for band a was set by assuming band X in the
complex spectra and the bare O2

− spectra had the same intensity and
then scaling band a in the complex spectra relative to band a in the
bare O2

− spectrum to achieve overall agreement between the
experimental and simulated spectra. bThe origins for the O2

− spectral
simulation are from the known neutral state term energies and
electron affinity summarized in ref 44. The origins for the remaining
spectral simulations were set to match the experimental vertical
detachment energy.

Figure 2. Energy level diagram showing how (i) the measured electron
binding energy increases for O2

−·[polar VOC] complex anions relative
to O2

− due to enhanced stability of anion in addition to Franck−
Condon overlap with a repulsive part of the neutral potential and (ii)
the neutral O2 (b 1Σg

+)·[polar VOC] becomes energetically
inaccessible via photodetachment of O2

−·[polar VOC] with 3.49 eV
photon energy.
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approximate experimental shift of 1.10 eV. The largest
calculated increase in EA for the complexes were found for
both the O2·3-butenol complexes, 1.03 eV (experimentally, a
shift of 1.24 eV was approximated from the spectrum of O2

−·3-
buten-2-ol). At the same time, the calculated term energies of
the O2 (a

1Δg)·[polar VOC] complexes were calculated to be
lower in energy than the calculated bare O2 a 1Δg state, by
approximately 0.1−0.15 eV.
The increases in EA do not track the magnitude of the

permanent dipole moments of the polar partners. Acetone has
the largest dipole moment of the molecules in this series, 2.91
D, whereas the alcohols have dipole moments ranging from 1.6
to 1.9 D, with formaldehyde having an intermediate dipole
moment of 2.33 D.54 The distance between the O2

− charge and
the acetone dipole is sterically limited by the methyl groups in
acetone in the O2

−·acetone complex, and the interaction lacks
the intimate proximity anticipated for the hydrogen bonding
available with the alcohols. Additional stabilization of the anion
may also be due to the polarizability of the partner molecules,
as is evident from the modest increase in EA with the larger
alcohols relative to EtOH.

Figure 4 shows representative structures that converged in
calculations on the O2·acetone complex anion and neutrals,
along with the most stable structures found for O2

−·EtOH and
O2

−·3-buten-2-ol. Structures from all calculations that con-
verged, along with calculated relative energies, are included in
the Supporting Information. O2

−·acetone is unique in that three
distinct but nearly isoenergetic minima converged in
calculations, all with O2

− situated at the positive end of the
acetone dipole moment. Hypothetical photodetachment
transitions from any of these three anion structures are
predicted to be at e−BE = 0.98−1.00 eV for the triplet neutral
and e−BE = 2.23−2.27 eV for the singlet neutral. In the case of
the O2

−·alcohol complexes, one distinct structure emerged as
the most stable and was generally 0.5 eV lower in energy than
the next most stable structure. As with the O2

−·ethanol and
O3

−·3-buten-2-ol structures shown in Figure 4, the O2
−

molecule forms a conventional H-bond with the hydroxyl
group, and a C−H hydrogen bond with an H-atom on the β-
carbon. The transition energies summarized in Table 2 are
based on transitions from the lowest energy isomer of the anion
to the neutral isomers that are most structurally similar. As in
previous studies, the neutral intermolecular surface is flat, with
numerous different isomers converging with very similar
energies.

III.B. O2
−·Formaldehyde. As noted above, the profile of

the O2
−·formaldehyde spectrum is qualitatively different from

the other complex spectra presented above. In addition, the
photoelectron angular distribution (PAD) observed in the PEI
collected for O2

−·formaldehyde is also qualitatively different.
For a randomly oriented species, the differential cross section is
given by55

σ σ
π

β θ∂
∂Ω

= + −⎜ ⎟
⎡
⎣⎢

⎛
⎝

⎞
⎠
⎤
⎦⎥E

4
1 ( )

3
2

cos
1
2

total 2

(1)

where σtotal is the total photodetachment cross section, and
β(E) is an electron kinetic energy-dependent asymmetry
parameter ranging from −1 for perpendicular transitions to
+2 for parallel transitions. Mabbs and co-workers56 have shown
β(E) ranges from −0.7 to −1 for the O2

− photodetachment
transitions in the range of e−KE values sampled in this study
[the molecular orbital associated with the detachment
transition has λ = ±1, resulting in interference between l = 0,
2 photoelectrons, with l = 0 becoming more predominant at
lower e−KE resulting in β(E) approaching zero].
Figure 5a shows the reconstructed PEIs obtained for O2

− and
O2

−·formaldehyde, along with a plot of the relative intensities
of the most intense portion of band X in all of the spectra,
shown in Figure 5b. Plots showing slices through the
reconstructed images at 10° increments are in the Supporting
Information (Figure S2). The PEI of O2

− shows the clear
perpendicular PAD (β = −0.8) in agreement with Mabbs et al.,
whereas the PAD of O2

−·formaldehyde is more parallel (β =
+0.3). The asymmetry parameters for all the spectra are
included in Table 1. Except for O2

−·formaldehyde, β ≈ −0.4 for
all of the complex spectra, whereas for bare O2

− at comparable
electron kinetic energy (e−KE ≈ 1 eV), Mabbs reported an
asymmetry parameter of −0.8.
An attempt to simulate the O2

−·formaldehyde spectrum
using the same approach applied to simulating the spectra
presented above is shown in Figure 5c. Although the unique
profile of the spectrum can be qualitatively reproduced by
assuming overlapping transitions to the X 3Σg

−·[S0] and a 1Δg·

Figure 3. Simulation of the (a) O2
− PE spectrum used in generating

the simulations of the O2
−·[polar VOC] complex spectra (b)−(d).

ΔEA is the energy difference between the origins of the bare O2
− and

O2
−·[polar VOC] complex simulations of band X. T0 (1Δg) is the

energy difference between the origins of the simulation of band a and
the simulation of band X.
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[S0] states, the simulation also highlights the fairly high
experimental electron signal intensity electron at very low e−KE
(high e−BE), which is another distinguishing feature of the O2

−·
formaldehyde complex. Overall, the experimental evidence
suggests that the complex cannot be described as a distinct O2

−

anion in a molecular complex with formaldehyde. Rather, the
constituent molecules are electronically coupled; formaldehyde
is not an innocent neutral partner.
This experimental result is also borne out in the computa-

tional results. Figure 6 contrasts the delocalized singly occupied
HOMO and doubly occupied HOMO−1 of the O2

−·form-
aldehyde complex with the O2

−-local molecular orbitals of the
O2

−·EtOH complex, the latter of which is typical of all of the
other complexes studied here. In addition, the charge on the
O2

− portion of O2
−·formaldehyde is less negative than in the

other complexes, and the calculated CO bond in form-
aldehyde is elongated by ca. 0.03 Å relative to the calculated
CO bond length in the neutral complex. The OO bond
length in the anion is also calculated to be shorter than the O
O bond length in all of the other complex anions, as
summarized in Table 2, reflecting lower occupancy of the O2-
local πg orbital. Additional structural details from the
calculations are included in the Supporting Information.
Optimized neutral structures do not show this special
delocalization, instead predicting weakly bound molecular
complexes. However, if the calculations are correct in predicting
delocalization of the charge in the anionic complex into the np
HOMO (b2) or π* (b1) LUMO of formaldehyde, the singlet

and triplet neutral electronic states accessed via photodetach-
ment will be different from the optimized neutral structures.
We also consider an alternative explanation for the unique

profile of the O2
−·formaldehyde spectrum. In our previous

study on O2
−·[nonpolar VOC] complexes,16 we reported an

anomalous feature in the spectrum of O2
−·benzene, the

apparent dramatic enhancement of the transition to the a
1Δg·[S0] neutral state, with a more isotropic PAD. The e−KE at
which this enhancement was observed coincided with the e−KE
of a similar intensity anomaly in the O4

−·benzene spectrum,
and also coincided with a temporary anion state of benzene.57

Formaldehyde has a temporary anion state at 0.86 eV, which
corresponds to an e−BE value of 2.63 eV with the photon
energy used in this study.58 Indeed, the area of enhanced signal
with disparate PAD is at or above ca. 2.5 eV. We therefore
measured the spectrum of O4

−·formaldehyde, along with
several other O4

−·[polar VOC], to determine whether a
broad feature would appear in the 0.5 to 1.2 eV e−KE range,
which would support the hypothesis of a temporary anion state
of formaldehyde affecting the appearance of the spectrum.
Figure 7 shows the PE spectra of O4

− and several O4
−·[polar

VOC] complexes. The direct detachment transitions, labeled X
in all of the spectra, have very similar profiles. The O4

−

spectrum has been shifted to higher binding energy and
superimposed onto the O4

−·formaldehyde spectrum (dotted
trace) to demonstrate the similarity of the two spectra.
The solvent shifts observed in the O4

−·[polar VOC]
complexes are in the range 0.6 eV for acetone to 0.9 eV for
3-buten-1-ol, lower than the solvent shifts observed in the O2

−·

Table 2. O2 Bond Lengths Determined from MP2/cc-pVDZ Optimized Structures, with the Relative Energies from MP2/aug-
cc-pVTZ Single-Point Calculations on the MP2/cc-pVDZ Optimized Structures, and Vertical Detachment Energiesb

calcd rel energy (eV) calcd T0 (a
1Δg, eV) r(O−O) (Å) calcd VDE (eV) exp VDE (eV)

O2 (
1Δg) 1.56 (1.425) 1.33 (0.9773) 1.259 (1.216) 1.62 1.78

O2 (
3Σg

−) 0.29 (0.448) 1.232 (1.208) 0.49 0.82
O2

− (2Πg) 0 1.373 (1.348)

O2 (
1Δg)·acetone 2.26 1.26 1.259 2.81 2.62

O2 (
3Σg

−)·acetone 1.00 1.233 1.78 1.76
O2

− (2Πg)·acetone 0 1.353

O2 (
1Δg)·EtOH 2.41 1.19 1.259 2.88 2.8

O2 (
3Σg

−)·EtOH 1.22 1.223 1.85 2.11
O2

− (2Πg)·EtOH 0 1.317

O2 (
1Δg)·propenol 2.55 1.28 1.258 3.04 2.9

O2 (
3Σg

−)·propenol 1.35 1.224 2.05 2.23
O2

− (2Πg)·propenol 0 1.317

O2 (
1Δg)·3-buten-1-ol 2.56 1.24 1.258 3.06 2.9

O2 (
3Σg

−)·3-buten-1-ol 1.32 1.224 a 2.23
O2

− (2Πg)·3-buten-1-ol 0 1.320

O2 (
1Δg)·3-buten-2-ol 2.54 1.22 1.258 3.03 2.90(5)

O2 (
3Σg

−)·3-buten-2-ol 1.32 1.225 2.04 2.20(3)
O2

− (2Πg)·3-buten-2-ol 0 1.317

O2 (
1Δg)·formaldehyde 2.37 1.23 1.260 3.14

O2 (
3Σg

−)·formaldehyde 1.14 1.229 2.25 2.1−2.7
O2

− (2Πg)·formaldehyde 0 1.301
aThe single-point calculation on the O2 (3Σg

−)·3-buten-1-ol VDE yielded a nonphysical value of 3.07 eV, which is not in line with the other
complexes studied here. bValues in parentheses are experimental values from ref 44.
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[polar VOC] spectra, which is consistent with charge being
more delocalized on O4

− than in O2
− (or, larger ionic radius),

resulting in weaker interactions in the complex. This effect is
analogous to the solvation energy dependence on ionic radius
in ionic solutions. We therefore suggest that the stronger O2

−·
formaldehyde interactions facilitate the orbital overlap leading
to charge delocalization from O2 into the molecular orbitals of
formaldehyde, an effect that is turned off in the more weakly
interacting O4

−·formaldehyde complex.
Finally, features in the O4

−·[polar VOC] spectra due to O2
−

autodetachment (O2
− AD) and direct detachment (O2

− DD)
indicate that some photodissociation of the O4

− moiety is
occurring, along with direct detachment of the O4

−·[polar
VOC] complex. In the case of O4

−·EtOH, signal from direct
detachment of O2

− is more prominent than in the other
complex spectra, indicating both a larger photodissociation
cross section and production of a larger proportion of the O2

−

photofragment with lower vibrational energy relative to O4
−·

[polar VOC] and O4
−·[nonpolar VOC]16 complexes. Because

the O4
−·[polar VOC] complexes are not a focus of this study,

we will not analyze this result further, and only comment on it
because the appearance of this spectrum is notably different
from the other O4

− complex spectra.

IV. DISCUSSION
The interesting photophysics of O2·X complexes can be largely
attributed to the broken symmetry of the homonuclear O2
molecular orbitals.11−15 This broken symmetry is reflected in

the PE spectra of and computational results on the O2
−·[polar

VOC] complexes in several ways.
First, PADs seen in the PEIs of the nonformaldehyde O2

−·
[polar VOC] complexes exhibit weaker polarization depend-
ence than bare O2

−, which can be interpreted as the result of
the loss of the well-defined |λ|= 1 orbital angular momentum of
the πg orbitals yielding l = 0, 2 angular momentum
photoelectrons. The interaction between O2

− and the VOC
will necessarily break the degeneracy of the πg orbital, and
results of calculations predict that the doubly occupied orbital
in the O2

− (2Πg)·[polar VOC] is the component pointing
toward the molecule. As an example, the doubly occupied
orbital predicted for the O2

−·EtOH complex shown in Figure 6
maximizes the electron density for closest proximity to the
dipole, allowing H-bonding (both via the conventional O---H−
O hydrogen bond and the weaker O---H−C hydrogen bond).
Detachment of the electron from the singly occupied orbital
results in the neutral a 1Δg·[polar VOC] with a structural
arrangement that maintains electron density on the O2
molecule closest to the hydroxyl hydrogen.

Figure 4. Structures of the O2
−·acetone and O2 (X

3Σg
−)·acetone and

O2 (a
1Δg)·acetone complexes that converged in the calculations. In

contrast to the several nearly isoenergetic structures found for O2
−·

acetone, alcohols are predicted to form a definitive structures in O2
−·

[polar VOC] complexes due to strong H-bonds with the hydroxyl
group and the less conventional C−H H-bond with a β hydrogen.

Figure 5. (a) Reconstructed PEIs of O2
− and O2

−·formaldehyde, (b)
intensities of band X at the vertical detachment energy as a function of
angle relative to the laser polarization, and (c) simulation of the O2

−·
formaldehyde PE spectrum. ΔEA is the energy difference between the
origins of band X in the bare O2

− simulation (Figure 3a) and the O2
−·

formaldehyde simulations. T0 (
1Δg) is the energy difference between

the origins of the simulation of band a and the simulation of band X.
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The calculated term energies of the various O2 (a
1Δg)·[polar

VOC] states, summarized in Table 2, range between 1.19 and
1.28 eV, compared to 1.33 eV for bare O2

− on the basis of
single-point calculations, whereas the simulations support a
larger stabilization of the O2 (a 1Δg)·[polar VOC] states

relative to the O2 (X
3Σg

−)·[polar VOC] states, ranging from
0.72 for O2 (a 1Δg)·3-buten-2-ol to 0.83 eV for O2 (a 1Δg)·
acetone (experimental T0 for bare O2 is 0.9773 eV).44 In
addition to the modest reduction of the term energy for the
singlet states in polar partner complexes, the structures of the
O2 (a

1Δg)·[polar VOC] states are more similar to the anion,
which would further decrease the energy difference between the
VDEs of transitions to the O2 (a

1Δg)·[polar VOC] and O2 (X
3Σg

−)·[polar VOC] states, due to a narrower Franck−Condon
manifold of the former. One remaining question that would be
addressed more appropriately with higher-level calculations is
whether the detachment cross section for the transition to the
O2 (a

1Δg)·[polar VOC] state is smaller than the cross section
to the O2 (X 3Σg

−)·[polar VOC] state. From a qualitative
standpoint, the latter is accessed via detachment of an electron
from the O2

− πg orbital oriented toward the H-bond and may
therefore be more delocalized than the πg perpendicular to the
H-bond. The spatial delocalization of this orbital could increase
the photodetachment cross section.
Finally, the O2

−·formaldehyde complex is unique among this
series: Though the shift in the electron binding energy is
commensurate with the other O2

−·[polar VOC] species in this
study, the spectral profile and PAD are different. In the case of
O2

−·formaldehyde, the πg orbitals are predicted to delocalize
into the C−O π* and np orbitals. The disparate PAD measured
for the O2

−·formaldehyde spectrum compared to the other
PADs suggests that the electronic structure of the anion cannot
be described qualitatively as O2

−−local molecular orbitals
weakly perturbed by the polar VOC partner. We note here that
O2

−·formaldehyde is isoelectronic with HO2·formaldehyde
complex,59,60 the latter of which forms a peroxy−hydroxy
complex. O2

− is not abundant in the troposphere, so the
findings here are not likely to have an impact on current models
of tropospheric formaldehyde chemistry, but it does underscore
the noninnocence of certain molecules in molecular clusters.

V. CONCLUSIONS

The PE spectra of O2
−·[polar VOC] (VOC = acetone, ethanol,

2-propenol, 3-buten-1-ol, 3-buten-2-ol, and formaldehyde)
were measured using photoelectron imaging and were analyzed
by a combination of spectral simulations and MP2 calculations.
The O2

−·[polar VOC] (VOC = acetone, ethanol, 2-propenol,
and 3-buten-1-ol) qualitatively resemble that of bare O2

−,
though shifted to higher e−BE due to the enhanced stability of
the anion relative to the neutral by the polar partner in the
complex. Although acetone has a significantly higher dipole
moment than the alcohols, the increase in e−BE of the O2

−·
acetone complex relative to bare O2

− is the smallest,
underscoring particularly strong stabilization arising from the
intimacy of hydrogen bonding in the complexes formed
between O2

− and the alcohols. On the basis of spectral
simulations, the splitting between the neutral ground O2 (X
3Σg

−)·[polar VOC] states and first excited O2 (a 1Δg)·[polar
VOC] states (i.e., the term energy, T0 of the singlet states) is
lower than that of bare O2 by 0.14−0.25 eV. This effect is
attributed to the stabilization of the component of the broken
degeneracy-πg orbitals involved in hydrogen bonding or
charge−dipole interactions in the anionic precursor. Band a
in these spectra are less intense than band a in the bare O2

−

spectrum, which may be due to differences in photodetachment
cross sections of no-longer-degenerate πg orbitals.

Figure 6. Depictions of the singly occupied HOMO and doubly
occupied HOMO−1 from calculations on the O2

−·formaldehyde
compared to the those from the O2

−·EtOH complex calculations, the
latter of which are typical of the other complexes.

Figure 7. PE spectra of O4
− and several O4

−·[polar VOC] complexes
obtained using 3.49 eV photon energy, illustrating that the O4

−·
formaldehyde complex spectrum does not exhibit the anomalous
profile exhibited in the O2

−·formaldehyde spectrum.

The Journal of Physical Chemistry A Article

DOI: 10.1021/acs.jpca.7b05124
J. Phys. Chem. A 2017, 121, 5459−5467

5465

http://dx.doi.org/10.1021/acs.jpca.7b05124


The spectrum of O2
−·formaldehyde is qualitatively very

different from the other complexes spectra in terms of both
spectral profile and PAD. Calculations predict delocalization of
charge from O2

− into the HOMO and LUMO of formaldehyde,
suggesting that formaldehyde is not an innocent polar partner
in these complexes.
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