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ABSTRACT: One of the greatest obstacles for the realization of the non-
aqueous Li−O2 battery is finding a solvent that is chemically and electro-
chemically stable under cell operating conditions. Dimethyl sulfoxide
(DMSO) is an attractive candidate for rechargeable Li−O2 battery studies;
however, there is still significant controversy regarding its stability on the
Li−O2 cathode surface. We performed multiple experiments (in situ XPS,
FTIR, Raman, and XRD) which assess the stability of the DMSO−Li2O2 inter-
face and report perspectives on previously published studies. Our electro-
chemical experiments show long-term stable cycling of a DMSO-based
operating Li−O2 cell with a platinum@carbon nanotube core−shell cathode
fabricated via atomic layer deposition, specifically with >45 cycles of 40 h of discharge per cycle. This work is complemented by density
functional theory calculations of DMSO degradation pathways on Li2O2. Both experimental and theoretical evidence strongly suggests
that DMSO is chemically and electrochemically stable on the surface of Li2O2 under the reported operating conditions.

KEYWORDS: dimethyl sulfoxide (DMSO), lithium oxygen battery, density functional theory (DFT), lithium peroxide (Li2O2),
atomic layer deposition (ALD)

■ INTRODUCTION

Realization of the theoretical capacity of rechargeable, aprotic
Li−O2 batteries has the potential to transform electrochemical
energy storage, reaching gravimetric energy densities 3−5 times
higher than current secondary Li-ion chemistries.1,2 This
system involves the three phase reaction of Li+ and O2 on a
conductive porous scaffold immersed in an aprotic environ-
ment.3 During discharge, the oxygen reduction reaction (ORR)
on the positive electrode forms insoluble Li2O2 as Li+ from
the organic electrolyte reacts with reduced oxygen species
at a theoretical potential of 2.96 V vs Li/Li+.3 This reaction
challenges the chemical stability of the electrolyte and cathode
scaffold with highly oxidizing intermediates and products
(O2

−, O2
2−, and Li2O2). During charge, the lithium peroxide

should theoretically be dissociated via the oxygen evolution
reaction (OER) at potentials below 3.2 V vs Li/Li+.2−6 This
reverse reaction has been shown to require high overpotentials,
leading to possible anodic or chemical oxidation of the electrolyte
and cathode by the evolved species and dissolved O2 at high
potentials. The degradation of cell components at very early
stages of cell life complicates the realization of this system,
making it difficult to separate side reactions from the actual
ORR\OER.1,3−6 Thus, finding a sufficiently stable electrolyte is
considered the greatest challenge for realizing the Li−O2
rechargeable system both fundamentally and practically.7−13

Both experimental and theoretical works surveying various
solvent candidates for Li−O2 electrolytes have struggled to
find an appropriate solvent for the study and development of
rechargeable Li−O2 batteries. Carbonate-based electrolytes
used in early Li−O2 works were later found to be unstable
against ORR reaction intermediates and form Li-carbonate
species instead of the lithium peroxides or oxides expected for
healthy ORR.3,10,13,14 Polyether solvents were reported to
degrade in the presence of O2, Li

+, and reduced oxygen either
by auto-oxidation15 or electrooxidation.8,12,15 One of the other
widely used solvents for Li−O2 batteries is dimethyl sulfoxide
(DMSO); however, due to multiple contradicting reports on its
chemical stability on the surface of Li−O2 cathode, there is a
strong need to carefully assess its stability before continuing to
use it in Li−O2 R&D.

DMSO in Aprotic Li−O2 Batteries. Extensive research
has focused on the stability of DMSO as a medium for oxygen
electrochemistry. Laoire et al. examined DMSO for Li−O2
batteries, suggesting it as a promising solvent for stabilization of
reduced oxygen species during ORR.10 Various groups then
demonstrated cells operating with DMSO-based electrolytes,
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leading to improvements in cycle life10 and the stability of the
cathode;16 however, recent publications suggested a mechanism
for chemical or anodic oxidation of DMSO in Li−O2 operating
cells under certain conditions that can cause detectable solvent
decomposition.17,18 Furthermore, two separate reports sug-
gested either spontaneous chemical degradation of Li2O2 into
carbonate when in contact with DMSO (monitored by XPS)19

or complete decomposition of Li2O2 to LiOH conjugated with
extensive oxidation of DMSO to dimethyl sulfone (DMSO2
detected by FTIR),20 and concluded that DMSO is not an
appropriate solvent for studying Li−O2 batteries with long
discharge durations due to its chemical instability on the surface
of Li2O2, bringing into question the relevancy of earlier reports
involving more practical systems. We will further address
the conditions presented in these two reports and present con-
tradicting results under robust conditions for monitoring Li2O2
degradation or DMSO oxidation.
Indeed, concerns regarding DMSO stability in the presence

of superoxide ions goes back to reports published by Sawyer
and co-workers,21,22 suggesting possible oxidation of DMSO
to DMSO2 in a solution containing tetraethylammonium per-
chlorate (TEAP) salt. However, this oxidation was not sug-
gested to involve hydrogen abstraction from DMSO or a direct
nucleophilic attack by O2

− on the sulfur atom of the SO
bond but rather involved an initial hydrogen abstraction from
the alkylammonium ion and was tested in relatively high water
content (>500 ppm of H2O), which can also serve as a possible
source of protons. The nucleophilic attack suggested by Sawyer
and co-workers therefore occurs by hydroperoxy ions and not
O2

−. A summary of the suggested mechanisms is presented in
Scheme S1. Anodic oxidation of DMSO to DMSO2 was also
found possible by Krtil et al.23 using Li salts in DMSO but with
an extremely high concentration of water (∼0.04 M) compared
to properly dehydrated Li−O2 systems. This work was recently
validated in a more controlled environment by Calvo and co-
workers,18 reporting the appearance of DMSO2 at potentials
above 4.2 Vs Li\Li+ via processes also hypothesized to be
involved in consumption of trace water from the electrolyte.
All of the above work used FTIR for characterization, and

the peak of the symmetric SO2 stretch (νSSO2) at 1142 cm−1

was considered a marker for the presence of DMSO2. The limit
of detection (LOD) of the FTIR system for the presence of
DMSO2 in the solvent has not been reported in these works,
making it difficult to quantitatively evaluate the extent of the
reported oxidation. This calibration is critical to determine if
the observed peaks indicate continuous oxidation of the solvent
or only a minor parasitic reaction that may stop (i.e., after ppm
level H2O is fully consumed), having no significant effect on
cell performance and cyclability. Furthermore, the observed
peaks in the 1140−1145 cm−1 range are not exclusively indicative
of DMSO2, as shown in recent works done with in-operando
Raman spectroscopy24 and surface enhanced Raman9 (SERS),
which attribute the peak at ∼1140 cm−1 to the formation of LiO2
on the surface of the cathode rather than the oxidation of DMSO
to DMSO2. Indeed, these Raman experiments did not suggest
DMSO oxidation; however, the exposure time of DMSO to
Li2O2 and superoxide ions in these reports was relatively short.20

In order to deconvolute the question of DMSO stability on
the Li2O2 surface in operating a Li−O2 battery, we demon-
strate a computational exploration of the chemical stability of
the Li2O2/DMSO interface using density functional theory (DFT)
and propose a novel reaction pathway supported by calculated
activation energies. Furthermore, we carefully address the

previously reported conditions for chemical decomposition
of DMSO by using a specialized UHV integrated system for
sample preparation and transfer to XPS without exposure to air
or moisture for analysis of Li2O2 aged in DMSO. FTIR and
Raman spectra were collected for each chemical species in our
report and previous reports, in addition to the limit of detection
(LOD) of our FTIR and Raman systems for the detection of
DMSO2. We also investigate DMSO stability against oxida-
tion during ORR or anodic oxidation under operating Li−O2
battery conditions. The Li2O2 aged in DMSO showed no
definitive chemical changes with time, and DMSO2 could not
be detected with FTIR, even after 7 months. Furthermore,
mesoporous core−shell Pt@CNT cathodes synthesized via
atomic layer deposition enabled us to demonstrate the stability
of DMSO during cycling for over 4 months of cell operation,
with a round-trip cycle duration of 80 h and with more than 45
cycles before disassembling the cell for spectroscopic character-
ization.
We find that DMSO is highly stable on the surface of Li2O2,

both theoretically and experimentally. We also clearly demon-
strate that oxidation reported to occur in the presence of KO2
and detected by stretching spectroscopies can be attributed to
the presence of KO2.

■ EXPERIMENTAL STUDIES
DMSO2 as an Indicator of DMSO Oxidation. Previous

reports used FTIR for detection of SO2 stretching, suggesting
this stretching indicates the oxidation of DMSO. It has become
accepted to use KO2 as a source for superoxide in DMSO and
to chemically monitor the degree of oxidation of the solvent, as
indicated by the appearance of stretching peak at 1142 cm−1

using Raman or FTIR. However, as presented in Figure S1,
the Raman spectrum of pristine KO2 shows a strong peak at
1142 cm−1 (which can be attributed to OO stretching),
strongly implying that KO2 is not a suitable source of super-
oxide in a solution where DMSO2 is to be measured at any
concentration. This observation agrees well with FTIR reports
of pristine KO2, and the literature value of υOO = 1145 cm−1.9,24,25

It seems like the only appropriate way to use KO2 in order to
test oxidation of DMSO to DMSO2 by stretching spectroscopy
is to use K18O2 in which the υOO is shifted to 1118 cm−1.25

The decomposition of KO2 under the laser also manifested
additional peaks suggesting that the O−H peak previously
reported by others as LiOH2O could be attributed to
decomposition of KO2 to KOH and not necessarily to Li2O2
decomposition to LiOH (see Figure S1). We first calibrated the
FTIR to determine the limit of detection (LOD) for DMSO2 in
DMSO. Figure S2 shows that the SO2 peak will manifest itself
even at concentrations below 500 ppm, implying that FTIR
will sense the presence of SO2 at very low concentrations
(LOD < 7 mM). Figure S3 shows the same calibration process
performed with Raman, showing that the LOD of Raman is
higher at about 1% (140 mM), suggesting that Raman can
confirm or rule out extensive oxidation of DMSO to DMSO2.
To test the possible oxidation of DMSO in an operating

Li−O2 cell (in the presence of O2 reduced oxygen species), we
discharged a MWCNT cathode to 3000 mAhg−1 at 100 mAg−1,
let it rest for 14 days inside the glovebox, and opened the cell
inside the glovebox to collect a sample of the electrolyte for
Raman testing. As presented in Figure 1, there is no signal
for the symmetric SO2 stretch (1142 cm−1) in the electrolyte
despite an expected molar concentration >2% according to
degradation suggested in a previous report20 (please see the SI
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for more information). We tested the solubility of DMSO2 in
DMSO to confirm that this proposed decomposition product
should be detected in solution, if present, and found a satura-
tion limit of 20 mol % of DMSO2 in DMSO (see the SI).
Long-Term Stability of DMSO Against Oxidation in an

Operational Li−O2 Cell. In a practical Li−O2 cell the stability
needs to be tested very long-term, as pointed out by Shao-Horn
and co-workers.20 However, the majority of the cathodes
used in Li−O2 reports are either carbon cathodes which de-
monstrate high gravimetric capacity but limited cycle life26

(∼15 or fewer high capacity cycles due to chemical and
electrochemical instability of the carbon) or porous cathodes
made of gold or TiC that undergo discharge processes of
relatively short times16,27 (less than 2 h for the reports on the
porous gold electrodes by Bruce et al.). Additionally, the anodic
instability of DMSO at potential higher than 4−4.3 V17,18 vs Li
in the presence of O2 and H2O (even trace amounts)18 was
reported to manifest DMSO2 in the electrolyte upon cycling,
making it difficult to isolate whether detected oxidation took
place on the Li2O2/DMSO interface upon prolonged exposure
or by anodic oxidation of DMSO at high potentials. In order to
fabricate the Li−O2 cathode that will enable both long dis-
charge and extended cycle life, and will enable the testing
of DMSO stability in the presence of O2 and reduced oxygen
species in a Li−O2 cell, we synthesized the core−shell

Pt@CNT cathode by atomic layer deposition of Pt on self-
standing CNT. The structure of the Pt@CNT cathode is
presented in TEM and SEM images in Figure 2.
The details of the synthesis and more comprehensive

description of the electrochemical performances are beyond
the scope of this paper and will be discussed in more detail
elsewhere, but this cathode enabled us to test the long-term
stability of DMSO, toward oxidation, in operating a Li−O2 cell.
The cyclic voltammetry (CV) response of the bare sponge and
the Pt decorated MWCNT cathodes are presented in Figure S4
with a relevant discussion. The Pt shell enabled pronounced
catalytic activity for OER, hence a significant amount of the
discharge capacity could be recovered upon charge at voltages
below the reported value for anodic oxidation of DMSO.18,23

Long-term cycling stability of this system was tested via
galvanostatic cycling with currents of 50 mAg−1carbon with fixed
discharge capacities of 2,000 mAhg−1carbon. This translates to a
40 h discharge followed by a 4 V voltage-limited charge step for
more than 45 cycles. To our knowledge, this is one of the longest
individual cycle durations reported in a study of a rechargeable
Li−O2 cathode. After this duration of cycling the cell was purged
with Ar and disassembled inside the glovebox, and a sample of
electrolyte was taken for Raman and tested for the presence of
DMSO2. If DMSO oxidation had taken place on the Li2O2
surface as previously suggested, the expected concentration of
DMSO2 should exceed 35 mol % after 4 months of operation
(SI). Yet, as presented in Figure 3, no DMSO2 was detected even
after these extremely long cycle times, strongly suggesting that
the degree of oxidation of DMSO was below 1 mol % and had a
negligible effect on battery cycling performance. For a com-
parison, a Raman spectrum of 20 mol % DMSO2 in DMSO is
also presented. In addition to the standard marker (1142 cm−1),
three other peaks which are characteristic of DMSO2 were also
observed (465, 495, and 763 cm−1) in this comparison but are
absent from the Pt@CNT electrolyte.28

The lowest potential for ORR in this cell was above 2.65 V,
higher than the potential reported to decompose DMSO on a
microporous carbon cathode,17 and the Pt@CNT is hypothe-
sized to possess a significantly lower concentration of an acidic
functional group as compared to microporous carbon; hence, it
is less likely to induce formation of the hydroperoxy ion that
can oxidize DMSO through nucleophilic attack on sulfur in
DMSO.17,18,21

Li2O2 Decomposition. We have also examined the surface
chemistry of Li2O2 in contact with DMSO using XPS, which

Figure 1. Raman spectrum of electrolyte after 14 days of rest within a
discharged cell. No signal at 1142 cm−1 suggests oxidation of DMSO is
below detection limits or not present at all.

Figure 2. SEM (left) and TEM (right) images of ALD-Pt coated carbon nanotube sponge used as a cathode for extensive cycling to probe DMSO
stability over long cycles (80 h round trip).
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should detect solid decomposition products even from minor,
self-limiting surface reactions. A previous report showed the
development of carbonates at the Li2O2−DMSO interface after
2 days, although no reaction mechanism was suggested. We
soaked commercial Li2O2 powder in DMSO for over 2 months
inside a glovebox before removing a sample of powder, drying it
under vacuum, and transferring it without atmospheric ex-
posure to an integrated XPS (Figure S5) for analysis. Figure 4
compares the XPS signatures of the soaked powder and pristine
(as received) Li2O2 powder transferred in the same manner. In
general, the XPS results show no significant differences between
the pristine and soaked powders, in support of the chemical
stability of the Li2O2−DMSO interface. The C 1s spectrum of
the pristine powder (Figure 4a) shows the presence of a hydro-
carbon layer, as well as peaks associated with a small amount of

lithium carbonates (290 eV) and carboxylates (288.7 eV), likely
due to minor environmental exposure during manufacture or
transport.29 These features are almost completely unchanged
even after more than 2 months of exposure to DMSO except
for a slight increase in the carbonate peak intensity. The degree
of increase in carbonate intensity is barely at the threshold of
significance when fitting errors and sample-to-sample variability
are considered and does not support the idea of a facile reaction
between Li2O2 and DMSO as was previously reported. Another
possibility is the reaction of Li2O2 with minute amounts
of dissolved CO2 in the DMSO. The O 1s spectrum of both
samples (Figure 4c and 4d) are nearly identical and are con-
sistent with Li2O2, with a primary peak at 531.1 eV

30 and a high
binding energy tail containing contributions from various
surface bound carbon−oxygen species.
XPS is unable to differentiate Li2O2 and LiOH due to their

near-identical binding energies,30 though subsequent XRD
characterization of the soaked powder did not support the
presence of LiOH or Li2CO3 (Figure 5). Another important
element to examine for decomposition reactions is sulfur
(shown in Figure 4e and 4f insets). The as-received Li2O2

powder was contaminated with a small amount of soluble S
species (0.7 atomic percent). After 2 months, almost all of this
sulfur was removed by soaking in DMSO, and no new peaks
developed. In particular, we saw no evidence for the formation
of DMSO2, which would be expected to show a peak at
approximately 169 eV.31 Even if DMSO2 was dissolved in the
supporting DMSO, it would be expected to redeposit on the
Li2O2 surface during drying. Taken together, these XPS mea-
surements do not show any significant chemical changes which
can be attributed to a decomposition reaction. DMSO from the
same sample was also tested by FTIR and showed no oxidation
even after 7 months, as shown in Figure 6.
Additionally, the conversion of Li2O2 to LiOH is expected to

hinder the performance metrics of a Li−O2 cell by halving the

Figure 3. Raman spectrum of an electrolyte sample from Pt@CNT
showing no detectable levels of DMSO2 (νS, SO2

). Shown with 20 mol %
DMSO2 in DMSO for comparison.

Figure 4. XPS spectra of as-received Li2O2 powder (a,c,e) and Li2O2 powder immersed in DMSO for over 2 months at room temperature (b,d,f). (a)
and (b) compare the C 1s region with peak fitting, and (c) and (d) compare the O 1s region with peak fitting. (e) and (f) show a wide energy region
(0−600 eV) which contains the O 1s, C 1s, S 2p, and Li 1s peaks. The numbers next to each peak reflect the calculated atomic percent composition
of each sample. The insets show high resolution data from the S 2p regions. The y-scales of all graphs are normalized to approximately the same size
to highlight differences in peak shape, except for the insets in (e) and (f) which have the same y-scale to highlight changes in quantity.
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capacity and requiring a charge potential significantly higher
than expected for OER of Li2O2.

2,3,13 In an attempt to observe
these effects, we closed a Li−O2 cell with CNT cathode, dis-
charged to a capacity of 3,000 mAh g−1, and let it stand for 100 h
in DMSO before charging it. If the previously proposed
decomposition mechanisms17,20 were thermodynamically
favorable, a significant difference in the anodic linear scan
voltammetry of the cell with and without resting time should be
observed, yet the same OER capacity was recovered under 4 V,
as shown in Figure S6 and further discussed in the Supporting

Information. The two charging plots suggest no self-charging
by chemical decomposition of the Li2O2 to LiOH and recovery
of the same capacity by scanning anodically to 4 V. This is in
good agreement with the following DFT calculations and prior
experimental results, showing stability of Li2O2 in DMSO.

Stability of DMSO/Li2O2 Interface: DFT Study. In order to
further support our experimental findings regarding the stability
of the Li2O2/DMSO interface we have conducted a theoretical
study of this system and report herein thermodynamic and kinetic
aspects of DMSO oxidation on peroxide and superoxide-
terminated surfaces of Li2O2.
Figure 7 depicts DMSO physisorbed on the superoxide- (left)

and peroxide- (right) terminated surfaces. The Lisurface−ODMSO
distances are 1.95 and 2.11 Å on the peroxide-terminated surface
and are larger (2.06 and 2.12 Å) on the superoxide surfaces.
These bonds are shorter than Li−O bonds (2.16 Å) in bulk
Li2O2. We consider two low-energy terminations with different
oxidation states for the Li2O2 surface.

32 The (11−20) stoichiomet-
ric surface consists of only peroxides (O2

2−) moieties, and the
simulation cell has a total of 160 atoms. The other cell has
oxygen rich (11−20) Li2O2 surfaces decorated exclusively with
superoxide (O2

−) units (144 total atoms). These low energy
peroxide (O2

2−) and superoxide (O2
−) terminations of Li2O2

are selected to study the reactivity of different surface oxygen
oxidation states toward electrolyte decomposition.
The DMSO decomposition reaction pathway studied in this

work proceeds with the splitting of an O2 dimer on the Li2O2
surface near the physisorbed DMSO followed by abstraction of
an H atom from DMSO. The abstracted H is transferred to one
of the oxygen atoms with a broken bond, forming a hydroxyl on
the surface. The other oxygen atom bonds with the sulfur in
DMSO, forming a DMSO2−H complex. These steps appear to
occur simultaneously, and no stable reaction intermediate is
observed. Wannier orbital analysis33 finds that the DMSO2−H
is an anion. The Li2O2 slab has therefore gained an H+ and lost
an oxygen atom by the end of the reaction. The energy barrier
associated with decomposition determines the reaction kinetics,
hence it is calculated to evaluate the probability of DMSO de-
composition on Li2O2 by the suggested mechanism on the two
different Li2O2 surface terminations (peroxide and superoxide).
The DFT/PBE calculations suggest that the DMSO

decomposition barrier is lower on the peroxide-terminated
(0.75 eV) than on the superoxide-terminated (1.43 eV) Li2O2
surface (Figure 8). This indicates that the decomposition is
likely to occur on the peroxide-terminated surface. Also, the
product of the degradation reaction is more exothermic on
the peroxide (−2.08 eV) than on the superoxide-terminated
(−1.20 eV) Li2O2 surface. We repeated this barrier calculation

Figure 5. XRD of Li2O2 aged in DMSO for two months showing no
indication of decomposition to LioH or Li2CO3..

Figure 6. FTIR of Li2O2 aged in DMSO for seven months showing no
indication of oxidation to DMSO2.

Figure 7. DMSO adsorbed atop superoxide- (left) and peroxide- (right) terminated Li2O2 surfaces.
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for the peroxide-terminated surface using a more precise, but
computationally expensive, hybrid PBE0 functional. In general,
hybrid functionals are known to predict more accurate (and
typically larger) reaction barriers than PBE.34 PBE0 barrier
calculation results are shown in Figure 8(b). This clearly shows
that the barrier for DMSO decomposition on Li2O2 is around
double (1.42 eV) the barrier obtained from PBE (0.75 eV).
Moreover, the reaction is also found to be more exothermic
(−2.51 eV) than that obtained from the PBE calculation
(−2.08 eV). We have estimated the reaction rate assuming
Arrhenius behavior of the reactions with usual molecular
vibrational prefactor of 1012 /s at room temperature. A reaction
barrier of 1.42 eV translates into a 10−5 reaction/month time
frame (see the SI for calculation). Hence, the PBE0 barrier
suggests that the DMSO decomposition is unlikely to occur
even on the peroxide-terminated surface.
Note that our PBE0-predicted DMSO reaction barrier is much

higher than the DMSO (0.74 eV)35 and TEGMDE (1.1 eV)35

decomposition barriers on a different, high surface energy,
peroxide-terminated (1−100) facet of Li2O2, also predicted using
DFT/PBE0. Our attempt to calculate the surface energy of the
facet used in ref 35 to the best of our knowledge, yielded a
surface energy of (1.71 Jm−2), more than 3 times higher than the
surfaces considered in this work. We believe our calculations to
represent the more realistic case, as lower energy surfaces are more
likely to be present under the equilibrium or near-equilibrium
conditions associated with battery storage or slow cycling.
Assuming that DMSO would undergo degradation following

the reaction pathway studied in the present work under certain
chemical/electrochemical conditions, we have conducted
additional calculations to determine if the process would be
self-limiting. The presumably (though unlikely) decomposed
DMSO2−H fragment is expected to have a strong affinity to the
Li2O2 surface and affect subsequent decomposition reactions.
Hence, we have tested the reactivity of a DMSO molecule atop
a full monolayer of a broken DMSO2−H covered peroxide-
terminated Li2O2 surface. Figure 9 clearly shows that the
DMSO decomposition reaction is endothermic (0.73 eV) and

the barrier for the reaction is 0.76 eV when using the PBE
functional. The significant unfavorable reaction suggests it does
not occur to any appreciable extent. In addition, as mentioned
above, the more accurate PBE0 functional should predict an
even higher barrier for this reaction. This shows that even if
DMSO decomposes under some chemical/electrochemical
conditions, further degradation of the electrolyte is unlikely
to continue via the reaction pathway presented in this work.
Finally we considered the free energy change associated

with the reaction DMSO + LiO2 → DMSO-H−:Li+ + HO2 to
examine the possibility of proton abstraction from DMSO
by LiO2. This calculation addresses possible formation of
hydroperoxy radical/anion by O2

− and pure DMSO, as the
hydroperoxy ion was previously demonstrated to oxidize
DMSO to DMSO2. The reaction free energy is predicted to
be +1.655 eV (+38.08 kcal mol−1), an endothermic value that
strongly suggests this reaction is unlikely to happen. When an
explicit DMSO solvent molecule was included for LiO2 and
HO2, the free energy change is even more endothermic, and the
reaction is predicted to be even less likely to occur.
In summary, DMSO decompositions on superoxide, peroxide,

and decomposed DMSO fragment-covered Li2O2 surfaces are
predicted to either occur on time scales beyond battery life or
experimental durations or are thermodynamically unfavorable.

■ DISCUSSION
The search for a suitable solvent for rechargeable Li−O2 battery
research and development is challenging, and the time frame
for discovery and implementation of an optimized solvent is
unclear.9 However, fundamental and practical studies con-
ducted in electrolytes with metastability under controlled
operating conditions can provide insight regarding the desired
physicochemical properties of the electrolyte and will drive
progress in optimizing other components of the battery such as
the cathode scaffold, separator, and anode surface.
The theoretical work presented herein, supported by the

presented comprehensive experimental studies, strongly
suggests that oxidation of DMSO on Li2O2 is very unlikely to

Figure 8. NEB barrier for DMSO decomposition atop superoxide- (a) and peroxide- (b) terminated Li2O2 surfaces. The high precision PBE0
calculation (■ (red) in (b)) predicts a higher barrier and an exothermicity that is lowered by 0.29 eV.
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spontaneously occur and will take place only under certain
conditions and to a minor extent when operating at the voltages

between 2.65 and 4 V vs Li with an environment free of acidic
groups in the electrolyte or porous scaffold.
Though recent publications raised some concerns regarding

the stability of DMSO under an operating Li−O2 battery, we
believe that the results we present herein show beyond any
doubts that under appropriate conditions DMSO can be used
as solvent to study and to gain an important understanding of
rechargeable Li−O2 systems. We conjugate theoretical and
experimental techniques to address the stability of the DMSO/
Li2O2 interface, and we believe that this is a comprehensive
approach to fully understand possible mechanisms for electro-
lyte decomposition in electrochemical systems.
Previously suggested mechanisms for oxidation of DMSO are

presented in Scheme 1. The reaction appearing in Scheme 1a
suggests conjugated oxidation of DMSO and conversion of
Li2O2 to LiOH. However, the reaction is unbalanced with
respect to both atoms and charge, making it difficult to
interpret the suggested mechanism. We found no evidence for
the occurrence of this reaction in our system, and the use
of KO2 as an oxidant as suggested in the relevant work was
demonstrated herein to be inappropriate. Scheme 1b suggests a
mechanism that involves oxidation of DMSO by O2

− and the
simultaneous reduction of O2

− to O2
2−; however, the electro-

chemical potential difference between O2
− and O2

2− is reported
to be 1.3 V in DMSO,21,22 and it is therefore not clear how the
reaction is expected to be spontaneous.
The mechanisms presented in Scheme 1c involve the for-

mation of a hydroperoxy radical and its reduction to hydro-
peroxy anion. This is with good agreement with the reaction
reported by Sawyer and co-workers. However, we demon-
strated herein that the source of the proton is very unlikely to
be DMSO, and hence it must be abstracted from other, more

Figure 9. NEB barrier for DMSO decomposition atop a monolayer of
broken DMSO on the peroxide-terminated Li2O2 surface. The H that
is abstracted from DMSO and transferred to the broken DMSO
fragment is shown with the dashed circle in Image o (Frame (i).

Scheme 1. Suggested Mechanisms for Oxidation of DMSO: (A),20 (B),18 (C),17 and (D), the Mechanism Proposed/Studied in
This Work

ACS Applied Materials & Interfaces Research Article

DOI: 10.1021/acsami.5b01969
ACS Appl. Mater. Interfaces 2015, 7, 11402−11411

11408

http://dx.doi.org/10.1021/acsami.5b01969


acidic components in the system. As suggested by Sawyer and
co-workers, if a source of acidic hydrogen is available in any
of the cell components it may favor the oxidation of DMSO
once reduced oxygen species are produced on the cathode.
We suggest that the source of the proton can be in the salt,21,22

trace H2O,
18 or the use of activated carbon with acidic func-

tional groups.17,36 The pKa of all of those components are
significantly lower than the pKa of DMSO (>31),37 indicating
that these components may be a precursor to DMSO oxidation.
Abstraction of a proton by reduced oxygen will induce the

formation of a hydroperoxy anion. The strong Lewis acid (Li+)
can then coordinate with the sulfoxide oxygen of DMSO,
leading to nucleophilic attack by hydroperoxy-anion on the
sulfur atom of the sulfoxide and yielding a central tetrahedral
intermediate as previously suggested.17 The latter may collapse
to the corresponding dimethyl sulfone (DMSO2) and lithium
hydroxide. Again, our work suggests that the acidity of methyl
groups from DMSO itself is not strong enough to manifest
proton abstraction from the DMSO molecule by Li2O2,
suggesting that controlled exclusion of other proton sources
will provide sufficiently stable conditions to prevent oxidation
of DMSO on the cathode side in the potential window above
2.65 V and below the potential of anodic oxidation.
Indeed previous reports on oxidation of DMSO used water

containing electrolytes,21,23 alkyl-ammonium based electro-
lyte,22 a Li−O2 cell with self-reported leakage,

20 or microporous
carbon,17 all of which could contribute to the presence of acidic
functional groups. We demonstrate that avoiding cell leakage,
and hence any significant water content, together with the
use of the Pt@CNT cathode in which the low concentration
acidic functional groups were passivated by the ALD process,
established possible conditions for a rechargeable Li−O2 system
for over 4 months of operation without noticeable oxidation of
DMSO.
The operating potential is also hypothesized to affect the

concentration of the superoxide and peroxide formed under
ORR, with lower potentials leading to increased formation of
reduced oxygen species (O2

− or O2
2− strong bases) that can

abstract available weak acidic proton and facilitate the oxidation
of the solvent.18 Cell operation at potentials above 2.65 V vs Li
and below 4 V in the case of the cathodes presented herein will
prevent oxidation of the solvent during discharge and will
enable formation of rechargeable reduced oxygen species.
Although it is not the main focus of this work and may be

further addressed in following studies, the anodic stability of
DMSO during charge, in the presence of O2, is reported to be
dependent on the cathode material and will take place at
potentials above 4 V on amorphous microporous carbon17

or 4.2 V in the case of Au\Pt electrodes.17,18 In the cathodes
presented herein, anodic oxidation was not obtained by Raman
for a cell operated below 4 V.
The porosity of the cathode may also be of great significance,

since reduced oxygen in microporous cathodes (pore <2 nm)
may form a locally high concentration of O2

− with a relatively
low local concentration of DMSO.17 Our cathodes are
mesoporous, and the mobility of the solvent molecules and
reduced oxygen species is not anticipated to form this kind of
locally high ratio between O2

− and DMSO.

■ CONCLUSIONS
We have presented theoretical and experimental evidence for
the chemical and electrochemical stability of the DMSO/Li2O2
interface under storage and operational conditions of a Li−O2

battery. Our theoretical models predict that DMSO decom-
position on superoxide, peroxide, and decomposed DMSO
fragment-covered Li2O2 surfaces will either occur on time scales
beyond experimental durations or are thermodynamically
unfavorable. Experimentally, we demonstrated no surface
change of Li2O2 aged in DMSO and no oxidation of DMSO
even after 7 months of storage. We synthesized the core−shell
Pt@CNT Li−O2 cathode via ALD and used it to further
demonstrate long-term operation of a Li−O2 rechargeable
battery with DMSO as the solvent for more than 4 months of
continuous cycling, with a round trip cycle length of 80 h when
operated within a voltage range of 2.65−4 V vs Li/Li+. We
show that the presence of DMSO2 cannot be measured
effectively in the presence of K16O2/Li

16O2 by Raman/FTIR
due to the overlap between KO2 and DMSO2 in Raman and IR.
Our findings strongly suggest that DMSO is a stable solvent for
Li−O2 cathode testing within a potential window of 2.65−4 V,
implying that DMSO is suitable for fundamental studies of
Li−O2 cells.

■ EXPERIMENTAL METHODS
Materials. DMSO (Anhydrous, Sigma-Aldrich) was used without

further treatment. LiClO4 (Sigma-Aldrich) was thoroughly baked in a
vacuum oven before making the electrolyte solution. Electrolyte
was tested by Karl Fischer coulometer (899 Metrohm) before use and
found to have less than 20 ppm of H2O. Commercial high purity
anhydrous Li2O2, LiOH, Li2CO3, and KO2 (Sigma-Aldrich) were
opened and stored inside the glovebox.

Characterization. High resolution imaging of the cathodes was
captured with a Hitachi SU-70 scanning electron microscope (SEM)
and a JEOL JEM-2100 LaB6 transmission electron microscope (TEM).

XPS analysis of aged Li2O2 in DMSO was measured with a Kratos
AXIS Ultra DLD instrument using monochromated Al Kα X-rays as
the excitation source. It is important to note that the XPS presented
here was performed under rigorous air exclusion via direct transfer
from an M-Braun Ar-filled glovebox to the XPS with an integrated
high-vacuum transfer system, so the surface chemistry is believed to be
unaltered. The instrument was operated in hybrid (magnetic
immersion) mode using the slot aperture. Survey spectra were taken
with a step size of 1 eV and a pass energy of 160 eV. High resolution
spectra were collected using pass energy 20 eV and a 0.1 or 0.05 eV
step size. Charge compensation was provided with the Kratos charge
neutralization system in order to eliminate differential charging. Peak
fitting was performed using CasaXPS, using 50/50 Gaussian/
Lorentzian line shapes on a Shirley background. Quantification was
performed using peak area corrected for the photoionization cross
section of each element and the instrument geometry.

Fourier transform infrared spectroscopy was performed with a
Thermo Nicolet NEXUS 670 system using an attenuated total
reflectance (ATR) module. Raman spectroscopy was performed with a
Horiba Jobin Yvon LabRam ARAMIS system. A 633 nm HeNe laser
was used as the excitation source. The Li2O2 aged in DMSO was
prepared/stored in a glovebox with a concentration of ∼1:25 mol
Li2O2:DMSO.

Electrochemistry. All electrochemical measurements were per-
formed with a Biologic VSP or Arbin BT2000 with a Li−O2 custom
cell design utilized by a few of the leading Li−O2 research groups, as
shown in Figure S2. A 5/8” diameter disc of 0.03” thick lithium foil
(Alfa Aesar 99% trace metals basis) was pressed into the inset of the
anode current collector, wetted with 80 μL of electrolyte, and covered
with two 1” diameter Celgard 3400 polypropylene separators. The
cathode (∼0.4 mgMWCNT)was then centered on the separators and
wetted with another 80 μL of electrolyte. Finally, a stainless steel mesh
current collector was placed over the MWCNT sponge, and the cell
was closed. Once sealed, the cells were removed from the glovebox
and purged using O2 (Praxair 99.999%) at 15 psi (gauge) for 20 s
before resealing the handvalves.
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Calculations. Electrolyte degradation studies are done using 4 × 2
surface unit cells with 5-layer thick Li2O2 slabs. The dimensions of
these simulation cells are 10.95 × 15.38 × 24 Å. The two surfaces of
the Li2O2 slabs, with a DMSO molecule adsorbed, are separated by at
least 12 Å. The choice of (11-20) surface is motivated by the fact that
this termination has either exclusively peroxide-only or superoxide-
only surfaces. The more stable (0001) Li2O2 termination contains
a mixture of peroxide and superoxide on the surface, rendering it
difficult to isolate the effect of oxidation state against electrolyte
stability. Moreover, the reaction barriers for the DMSO decomposition
pathways obtained with the low-energy (11-20) termination, in the
present study, is expected to increase when a more stable32,38 (0001)
surface is employed.
Spin-polarized DFT calculations with dipole corrections are con-

ducted using the Vienna ab initio Simulation Package (VASP).39−41

Core−valence electrons interactions are treated with a frozen-core
projector-augmented wave (PAW) scheme.42,43 The PBE exchange-
correlation functional in combination with a fully self-consistent
technique for treating dispersion interactions (optB88-vdW)44−46 is
used in most cases. Some of the calculations use the more accurate but
computationally expensive hybrid DFT PBE047,48 functional contain-
ing 25% Hartree−Fock exchange, without vdW corrections. PBE0
generally gives more accurate and higher reaction barriers than PBE
because the latter exhibits a substantial delocalization error which
allows electrons to be unphysically delocalized on the two atoms
connected by the bond being severed.49 Whenever both PBE0 and
PBE results are reported, the former is taken to be the more accurate
prediction.
The wave functions of the valence electrons are expanded in a

400 eV plane wave basis set, and Γ-point k-space Brillouin zone
sampling is used. The bottom three layers of the slabs are held fixed,
while all other atoms are allowed to relax until the forces are less
than 0.05 eV/Å in vdW-augmented PBE calculations and less than
0.08 eV/Å for the computationally expensive PBE0 calculations,
respectively. Static, climbing-image nudge elastic band (NEB)
calculations50 are used to determine the reaction barriers.
It is also important to address the electrochemical conditions under

which DMSO decomposition calculations are conducted. Compre-
hensive calculations of the voltage in simulation cells require modeling
liquid DMSO-solid electrode interfaces and net surface charges,
as demonstrated with graphitic surfaces.51 This will be considered
in future work. Here we confine ourselves to computing “redox
potentials” associated with Li removal at the surfaces of these two
Li2O2 slabs, which should be adequate for this redox-active cathode
material. The equilibrium redox potential is defined as the difference
between the energy cost of Li removal and lithium metal cohesive
energy per Li atom. These calculations are conducted using the PBE
functional in the absence of DMSO (see the SI).
We also consider proton abstraction from DMSO by LiO2. The

reaction involved is DMSO + LiO2 → DMSO-H−:Li+ + HO2. Here
LiO2 is Li

+ bound to superoxide with a net spin, HO2 is H
+ bound to

superoxide (with net spin), and DMSO-H−:Li+ is a complex obtained
by removing a H+ from DMSO and adding a Li+ coordinated to the O
atom (no net spin). All four species are charge neutral. These calcula-
tions were conducted using the g09 suite of programs, a purely di-
electric continuum solvation approximation (“SMD”52 with epsilon_o=40),
the PBE0 functional, a 6-31+G(d,p) basis for geometry optimization, a
6-311++G(3df,2pd) basis for final single point energy, and harmonic
approximation of thermal effects.
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Lundqvist, B. I. Van Der Waals Density Functional for General
Geometries. Phys. Rev. Lett. 2004, 92, 246401−1.
(47) Perdew, J. P.; Ernzerhof, M.; Burke, K. Rationale for Mixing
Exact Exchange with Density Functional Approximations. J. Chem.
Phys. 1996, 105, 9982.
(48) Adamo, C.; Barone, V. Toward Reliable Density Functional
Methods without Adjustable Parameters: The PBE0Model. J. Chem.
Phys. 1999, 110, 6158.
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(50) Henkelman, G.; Jońsson, H. Improved Tangent Estimate in the
Nudged Elastic Band Method for Finding Minimum Energy Paths and
Saddle Points. J. Chem. Phys. 2000, 113, 9978−9985.
(51) Leung, K. Predicting the Voltage Dependence of Interfacial
Electrochemical Processes at Lithium-Intercalated Graphite Edge
Planes. Phys. Chem. Chem. Phys. 2015, 17, 1637−1643.
(52) Marenich, A. V.; Cramer, C. J.; Truhlar, D. G. Universal
Solvation Model Based on Solute Electron Density and on a
Continuum Model of the Solvent Defined by the Bulk Dielectric
Constant and Atomic Surface Tensions. J. Phys. Chem. B 2009, 113,
6378−6396.

ACS Applied Materials & Interfaces Research Article

DOI: 10.1021/acsami.5b01969
ACS Appl. Mater. Interfaces 2015, 7, 11402−11411

11411

http://dx.doi.org/10.1021/acsami.5b01969

