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ABSTRACT: Although dimethyl sulfoxide (DMSO) has emerged as a promising solvent
for Li−air batteries, enabling reversible oxygen reduction and evolution (2Li + O2 ⇔
Li2O2), DMSO is well known to react with superoxide-like species, which are intermediates
in the Li−O2 reaction, and LiOH has been detected upon discharge in addition to Li2O2.
Here we show that toroidal Li2O2 particles formed upon discharge gradually convert into
flake-like LiOH particles upon prolonged exposure to a DMSO-based electrolyte, and the
amount of LiOH detectable increases with increasing rest time in the electrolyte. Such time-
dependent electrode changes upon and after discharge are not typically monitored and can
explain vastly different amounts of Li2O2 and LiOH reported in oxygen cathodes discharged
in DMSO-based electrolytes. The formation of LiOH is attributable to the chemical
reactivity of DMSO with Li2O2 and superoxide-like species, which is supported by our
findings that commercial Li2O2 powder can decompose DMSO to DMSO2, and that the
presence of KO2 accelerates both DMSO decomposition and conversion of Li2O2 into
LiOH.

SECTION: Physical Processes in Nanomaterials and Nanostructures

Rechargeable Li−O2 batteries have received much research
attention for their potential to provide higher gravimetric

energy than current Li-ion batteries.1−6 High gravimetric
energy gains up to about four times have been shown on the
positive electrode basis,7−10 and a system-level gain of about
two times has been projected with the use of metallic lithium
and an open system.3 Despite their promise, significant
challenges need to be overcome to make Li−O2 batteries
practical.1,2,4−6 One of the most prominent challenges is the
instability of aprotic electrolytes11−14 and oxygen electrodes
(e.g., carbon7,15−17) during the oxygen reduction reaction
(ORR) to form Li2O2 upon discharge, the oxidation of Li2O2 to
evolve oxygen upon charge and cycling, which contributes to
low round-trip efficiency, poor rate capability, and poor cycle
life. The use of dimethyl sulfoxide (DMSO) in Li−O2 batteries
has been shown to increase the solubility of reaction
intermediates at the oxygen electrode18−20 and provide
reversible formation of Li2O2 for up to ∼100 cycles when
combined with nanoporous Au15 or TiC17 for the oxygen
electrode. However, it is well known that DMSO is susceptible
to oxidation by superoxide anions21 such as in HO2

22 and
KO2

23,24 and by electrochemical oxidation24 to produce
dimethyl sulfone (DMSO2). Moreover, several recent studies
have reported the formation of LiOH in addition to Li2O2 with
carbon-based cathodes in DMSO-based electrolytes,19,25−27

where the ratio of Li2O2 to LiOH vastly varies among these
studies. Although it has been suggested that trace water in
aprotic electrolytes containing ether-based solvents can lead to
the formation of LiOH28 via a reaction between Li2O2 and

water (Li2O2 + 2H2O → 2LiOH + H2O2), a more plausible
explanation for the formation of considerable amounts of LiOH
upon Li−O2 cell discharge is the chemical reactivity between
species formed in the oxygen electrode upon discharge (e.g.,
Li2O2, solid-state

29−31 and soluble32 superoxide species) and
DMSO. While Sharon et al.27 have suggested that both Li2O2

and superoxide-like species can react with DMSO to form
DMSO2 and LiOH, Fourier transform infrared spectroscopy
(FT-IR) detects no DMSO2 after 2 months of prolonged
exposure of Li2O2 to DMSO,24 and factors that can influence
relative amounts of LiOH and Li2O2 formed upon discharge of
Li−O2 cells and conditions under which commercial Li2O2

powder can react with DMSO to form DMSO2 and LiOH are
not completely understood.
In this study, we examine the chemical stability of DMSO

upon exposure to electrochemically formed Li2O2 on carbon
nanotube (CNT) oxygen electrodes and commercial Li2O2

with and without KO2, which acts as source of superoxide
anions. We find that toroidal Li2O2 particles formed
immediately after discharge gradually convert to LiOH upon
exposure to the electrolyte, and only LiOH was found upon
prolonged exposure (380 h). In addition, gas chromotagraphy
with mass spectroscopy (GC−MS) with greater sensitivity than
FT-IR measurements clearly revealed the formation of DMSO2
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and thus the chemical instability of DMSO upon prolonged
exposure to commercial Li2O2 powder. Moreover, the addition
of KO2 to the mixture of DMSO and Li2O2 accelerates the
formation of LiOH and DMSO2.
We first show that only Li2O2 was formed in lab-scale Li−O2

cells after discharge, which was converted to LiOH in DMSO
over time. Figure 1a shows X-ray diffraction (XRD) patterns of
CNT-based electrodes discharged at 100 mA/gC (i.e., 100 mA
per gram of CNTs) to ∼3000 mAh/gC and exposed to 0.1 M
LiClO4 in DMSO for different amounts of time. While only
Li2O2 was detected immediately after discharge (i.e., aged 0.5
h), only LiOH was found after 380 h of aging in contact with
the electrolyte. It is likely that different resting/aging times for
the discharged electrodes between the end of discharge and
XRD measurements in previous studies,19,25−27 which is not
reported and not typically monitored, influence the relative
amounts of LiOH and Li2O2 reported for electrodes discharged
in DMSO-based electrolytes.
The conversion of Li2O2 to LiOH was accompanied by

considerable morphological changes. Toroidal or disc-like
Li2O2 particles (Figure 2a, marked by small circles) on the

order of ∼500 nm were found as the majority feature together
with a few flake-like particles (Figure 2a, marked by large
circles) immediately after discharge in 0.1 M LiClO4 in DMSO.
Similar toroidal morphologies have been reported for Li2O2
formed in ether-based electrolytes9,29,30,33−35 upon discharge at
low overpotentials (>2.7 V vs Li+/Li) and current densities.
The number of flake-like particles was found to increase
(Figure 2b,c) with increasing exposure to the DMSO
electrolyte after 12 and 24 h, finally becoming the dominant
feature after 576 h (Figure 2d). We attribute these flake-like
particles to LiOH based on (i) such particles not being present
in pristine CNTs soaked in 0.1 M LiClO4 in DMSO (Figure S1
in the Supporting Information) (ii) XRD results showing the
conversion from Li2O2 to LiOH with increasing exposure to
DMSO (Figure 1), and (iii) energy-dispersive X-ray (EDS)
spectroscopy of the flake-like particles, revealing that they were
not precipitates from the electrolyte salt (Figure S2 in the
Supporting Information). This hypothesis is also supported by
recent findings of Xu et al.,36 which show that the use of a
tetramethylene sulfone-based electrolyte suppresses both the
formation of flake-like particles and the appearance of LiOH as
compared with discharge in a DMSO-based electrolyte.
The formation of LiOH cannot result from the reactivity

between Li2O2 and H2O in the pristine electrolyte as previously
proposed28 as Karl Fischer titration on the pristine electrolyte
revealed a water content of 18 ppm, which is ∼500 times
smaller than the concentration required for direct conversion of
discharged Li2O2 to LiOH. (See the Supporting Informationfor
details of this calculation.) A similar conclusion was reached by
Trahan et al.19 The addition of H2O from ambient during
discharge is negligible because the cell has insignificant cell
leakage (∼0.5 psi per day), which is supported by the fact that
Li2O2 is formed invariably upon first discharge7,29,33 with no
LiOH peaks present in XRD (Figure S3 in the Supporting
Information) with an electrolyte comprised of 0.1 M LiClO4 in
1,2-dimethoxyethane (DME). This observation is in agreement
with previous studies of Li−O2 cathodes discharged in ether-
based electrolytes.9,11,35 Further support comes from the fact
that the Li metal anode in each cell exhibited no signs of
corrosion or discoloration after discharge. Therefore, it is
proposed that the observed conversion from Li2O2 to LiOH in
the DMSO-based electrolyte results from the chemical
reactivity between DMSO and ORR products. Although both

Figure 1. XRD patterns showing evolution of LiOH (red dashed lines) from (a) Li2O2 in a CNT electrode discharged at 100 mA/gC to ∼3000
mAh/gC in 0.1 M LiClO4 in DMSO after 0.5 and 380 h of aging in electrolyte following the completion of discharge. The gray asterisk denotes a
peak from the Al substrate. (b) Solid precipitates collected after centrifugation of suspensions containing commercial Li2O2, KO2, and DMSO and
Li2O2 and DMSO in mole ratios of 1:1:100 and 1:100, respectively, after 500 h of continuous stirring. The magnified section shows major peaks for
Li2O2 and LiOH.

Figure 2. Scanning electron microscopy (SEM) images of CNT
electrodes discharged at 25 mA/gC to ∼4000 mAh/gC in 0.1 M LiClO4
in DMSO imaged (a) 0.5, (b) 12, (c) 24, and (d) 576 h after
discharge. Examples of LiOH particles are marked by large circles and
examples of Li2O2 are marked discs by smaller circles.
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soluble superoxide species and Li2O2 have been previously
proposed27 to react with DMSO to form DMSO2 and LiOH,
no unique evidence is available to support the chemical
reactivity of Li2O2 with DMSO because the process of
discharging Li−O2 cells in the previous work27 can produce
both soluble superoxide species and Li2O2.
To assess the chemical reactivity of DMSO with Li2O2, we

examined commercial Li2O2 exposed to DMSO with and
without superoxide anions in KO2 present. Two suspensions
that contained commercial, ball-milled Li2O2 (300 nm to 1 μm)
and DMSO in a Li2O2/DMSO molar ratio of 1:100 and DMSO
with commercial Li2O2 and KO2 in a molar ratio of Li2O2/
KO2/DMSO of 1:1:100 were prepared, where KO2 was used as
a source of O2

− ions. After different amounts of time in the
suspension, the liquid components of each suspension were
analyzed by FT-IR spectroscopy and GC−MS to identify
soluble decomposition products of DMSO, while the solid
components were collected after centrifugation of the
suspensions, vacuum-dried, and then studied using XRD and
Raman spectroscopy.
The addition of KO2 led to significant conversion of Li2O2 to

LiOH, which is supported by the appearance of a peak at 3665
cm−1 (corresponding to the OH stretch of LiOH37) by Raman
spectroscopy (Figure 3a). In contrast, while no LiOH was
detected by XRD in the solid component from the suspension
of Li2O2 and DMSO after 500 h (Figure 1b), Raman

spectroscopy, which has greater sensitivity to particle surfaces
than XRD, revealed a minute amount of LiOH. It is important
to note that commercial, ball-milled Li2O2 particles were only
partially converted to LiOH in DMSO even with KO2 present
for 500 h, in contrast with the complete conversion noted for
electrochemically formed Li2O2 in the discharged electrodes in
DMSO after 380 h in the electrolyte (Figure 1a), indicating
greater reactivity of LiO2 species or electrochemically formed
Li2O2 than KO2 toward DMSO. This claim is supported by a
recent study in which the presence of a Li+ salt together with
KO2, causing the generation of LiO2, was found to promote
greater degradation of a number of candidate electrolyte
solvents than KO2 alone.

38 Because commercial Li2O2 particles
had comparable particle sizes (shown in Figure S4 in the
Supporting Information) to electrochemical Li2O2 (Figure 2a),
higher reactivity of electrochemically formed Li2O2 can also be
attributed to commercial, ball-milled Li2O2 particles having
larger crystallite sizes39 and lower surface concentrations of
superoxide40 than discharged Li2O2 toroidal particles, with
plate-like crystallites33 (having largely (001) terminations with
LiO2 surface chemistry29−31,41). A recent X-ray photoelectron
spectroscopy (XPS) study detected Li2CO3 as a byproduct of
Li2O2 reactivity with DMSO, in addition to LiOH.42 While
Li2CO3 was not observed as a decomposition product in this
study, it is possible to have Li2CO3 on the surface of LiOH
particles, such that Li2CO3 is not detected by XRD and Raman

Figure 3. (a) Raman spectra of solid precipitates collected after centrifugation of suspensions of Li2O2, KO2, and DMSO and Li2O2 and DMSO in
mole ratios of 1:1:100 and 1:100, respectively, after 500 h of continuous stirring. Spectra of commercial Li2O2 (ball-milled) and LiOH powders are
shown for comparison. Spectra between 3000 and 4000 cm−1 have been background-corrected. (See Figure S7 in the Supporting Information.) (b)
FT-IR spectra of neat DMSO and suspensions of Li2O2, KO2, and DMSO (with mole ratio of 1:1:100) and Li2O2 and DMSO (1:100) after 24 and
336 h of mixing. The peak at 1142 cm−1 indicates the symmetric stretch of the SO2 group in DMSO2. (c) Gas chromatograms showing evolution of
column pressure with time of analytes of neat DMSO and supernatants of suspensions of Li2O2, KO2, and DMSO and Li2O2 and DMSO in mole
ratios of 1:1:100 and 1:100, respectively, after 500 h of continuous mixing and (d) mass spectra of neat DMSO and after ∼6 min of analyte evolution
for supernatants of suspensions containing Li2O2 and DMSO and KO2, Li2O2, and DMSO.
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spectroscopy, which are much less surface-sensitive than XPS.
This hypothesis is supported by our previous work, where a
surface layer of Li2CO3 was found to exist on commercial LiOH
powder.43

FT-IR and mass spectrometry analysis shows that the
generation of LiOH from Li2O2 detected by Raman was
accompanied by an increase in DMSO2 in the solution phase.
FT-IR spectra of the suspension with KO2 after 24 h revealed
the appearance of a new peak at 1142 cm−1, which was absent
in pristine DMSO, as shown in Figure 3b. This peak
corresponds to the symmetric stretch of the SO2 group in
DMSO2, and this finding is in agreement with previous work by
Mozhzhukhina et al.24 In contrast, small intensities were found
for the DMSO2 peak from the suspension without KO2 even
after 336 h of aging. The presence of DMSO2 in the liquid
component from the suspension with KO2 was further
confirmed using GC−MS, which has greater sensitivity than
FT-IR and revealed the presence of DMSO2 in the suspension
without KO2 after 500 h of mixing (Figure 3c,d). Gas
chromatograms of the supernatants of the suspensions with
and without KO2 displayed a broadened peak, which
corresponds to an increase in column pressure, indicative of
the production of DMSO (Figure S5 in the Supporting
Information). A secondary uptick in pressure after ∼6 min was
found for the liquid components from both suspensions with
and without KO2 (Figure 3c), where the peak intensity was
much larger in the suspension with KO2 than the one without.
Mass spectra analysis of this peak (Figure 3d) reveals a parent
species at an m/z value of 94, which corresponds to the molar
mass of DMSO2 at 94.13 g/mol and a fragmentation pattern in
good agreement with that reported previously for DMSO2.

44

The detection of DMSO2 from the liquid component of the
suspension without KO2 and accompanying conversion to
LiOH (Figure 3a) shows, for the first time, that DMSO is not
stable against Li2O2. This finding is further supported by the
color change (from milky to yellowish, Figure S6a in the
Supporting Information) and FT-IR detection of DMSO2 in a
suspension without KO2 that was mixed with a much higher
ratio of Li2O2 to DMSO (1:3 molar ratio vs 1:100 previously
used) and after a longer time period (1440 h), as shown in
Figure S6b in the Supporting Information. This result contrasts
with that reported by Mozhzhukhina et al.,24 who observed no
DMSO decomposition when in contact with Li2O2 for a
comparable 2 month (1440 h) period but do not report the
Li2O2/DMSO molar ratio used. FT-IR characterization of the
higher Li2O2/DMSO molar ratio suspension showing the
presence of DMSO2 thus highlights the importance of relative
concentrations of electrolyte and active material analogues in
model chemical reactions to monitor electrolyte decomposi-
tion. The greater concentration of DMSO2 in the liquid
component from the suspension with KO2 addition supports
the high reactivity of superoxide anions (O2

−) with DMSO
reported previously23,24,45 and suggests greater reactivity of
KO2 than commercial Li2O2 particles with DMSO.
From XRD data showing complete conversion of Li2O2 in

the discharged CNT cathodes to LiOH, it is clear that the
electrochemical discharge product contains species that easily
react with DMSO. Controlled studies using suspensions of
Li2O2 and KO2 in DMSO suggest that although limited DMSO
decomposition occurs in the presence of Li2O2 alone, this
process is greatly accelerated by the presence of superoxide
species and is strongly correlated with the evolution of LiOH.
Although, as previously suggested by Mozhzhukhina et al.,24

nucleophilic attack of DMSO by superoxide can account for
DMSO2 evolution (Figure S8a in the Supporting Information),
it does not explain LiOH formation. Thus, we propose the
following mechanism (Figure S8b in the Supporting
Information) as the dominant pathway for LiOH formation
and DMSO decomposition: (i) the presence of superoxide
promotes proton abstraction from DMSO, resulting in the
formation of the dimsyl ion and a free proton and (ii) a Li+ ion
in Li2O2 couples strongly to the dimsyl ion and is replaced by
the free proton, forming LiOOH, which (iii) then attacks
DMSO and forms LiOH and DMSO2. We note that LiOH can
itself further decompose DMSO, resulting in the release of
water and the formation of lithium methylsulfonate and lithium
sulfite species.27 However, the analysis of solid-state decom-
position products by XRD and Raman spectroscopy yielded
LiOH only, and no secondary products related to LiOH
decomposition. Further studies are required to assess the
prominence of the reactivity between LiOH and DMSO.
This proposal is similar to that reported by Sharon et al.,27

with the important difference that proton abstraction is
facilitated by solid-state or near-surface superoxide-related
species af ter discharge, in addition to residual solution-based
superoxide-like intermediates that were formed during dis-
charge. This conclusion is obtained from the observation of
Li2O2 immediately after the end of discharge, before a
transformation to LiOH occurs, and is corroborated by the
fact that the presence of KO2 enhances decomposition of
commercial Li2O2 to LiOH, while Li2O2 alone remains
relatively stable against DMSO. While solution-based decom-
position of DMSO by LiO2 is possible during discharge, it is
important to note that LiO2 disproportionation (or electron
transfer at higher overpotentials) to form solid Li2O2 is a
competing process.32 This possibility is borne out by a recent
study by Zakharchenko et al.,46 where the evolution of Li2O2
was shown to follow upon the introduction of a Li salt to a
suspension of KO2 in DMSO. Decomposition of DMSO is
therefore more likely to proceed by virtue of the presence of
superoxide-like species on the surface of solid Li2O2, which
have been proposed by recent Density Functional Theory
(DFT),31 Raman,30 magnetic,41 and X-ray absorption29 studies
in addition to residual LiO2 species in solution from the ORR.
It is important to note that solid-state and soluble forms of
superoxide might have different reactivities toward DMSO,
which the present study does not distinguish, and further
studies will be required to elucidate. We note, however, that
recent DFT computations of the energetics of DME-Li2O2
cluster interactions suggest that the presence of unpaired spins
in Li2O2 can lead to hydrogen abstraction from and
decomposition of the solvent47 and that a related interaction
may exist between superoxide species and DMSO, whose
protons become acidic in the presence of strong bases48 such as
superoxide. Thus, although the very limited evolution of
DMSO2 from DMSO in the presence of ball-milled Li2O2 may
be caused by Li2O2 directly,49 it may also be caused by
superoxide-like moieties, which have been proposed to exist on
the surface of ball-milled Li2O2 particles,40 rather than Li2O2
itself.
An important implication of the time dependence of the

chemical instability of DMSO in the presence of superoxide or
Li2O2 is that short discharge times in lab-scale Li−O2 batteries
using DMSO-based electrolytes will likely result in insignificant
DMSO and Li2O2 decomposition and thus long cycle life. This
is likely the case in previous studies reporting highly reversible
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Li2O2 formation for ∼100 cycles using nanoporous Au15 and
TiC17 cathodes in DMSO-based electrolytes. On the basis of
electrode masses, gravimetric capacities, and current densities
provided in refs 15 and 17, we calculate discharge times of 40
min and 1 h 24 min per cycle for nanoporous Au and TiC
cathode, respectively. According to the results presented herein,
such short exposure times between Li2O2 or other discharge
intermediates and DMSO are unlikely to result in any
significant DMSO decomposition.
In summary, this work presents the time-dependent changes

in the discharge product chemistry and morphology of a
discharged carbon-based Li−O2 positive electrode in a DMSO-
based electrolyte. We show, for the first time, that Li2O2 is the
only species detected by XRD immediately after discharge but
gradually decomposes completely into LiOH upon prolonged
exposure to the electrolyte. Such time-dependent changes after
discharge are not typically monitored in Li−air battery research,
which can explain previous studies reporting different amounts
of Li2O2 and LiOH after discharge.19,25−,27,36 We further show
that commercial Li2O2 powder can decompose DMSO to
DMSO2 and that the presence of KO2 accelerates DMSO
decomposition and the conversion of Li2O2 powder into LiOH.
These experiments allow us to unambiguously probe the
chemical reactivity of DMSO with ORR products, without the
influence of carbon electrodes and other species formed during
discharge of Li−O2 cells. While both superoxide-like
species22−24,27 and Li2O2

27,49 have been proposed to react
and decompose DMSO to DMSO2 and form LiOH, this work
is the first to provide unique evidence of the chemical reactivity
between DMSO and Li2O2. Findings from the work suggest
that DMSO might not be suitable for the oxygen electrode in
the development of rechargeable Li−air batteries with long
cycle life.

■ EXPERIMENTAL METHODS

Electrochemical Measurements. Li−O2 cells consisted of a lithium
metal anode and freestanding vertically aligned few-walled
CNTs (detailed preparation of the nanotubes has been
previously reported7,33) as the O2 electrode (∼1 × 1 cm).
After weighing and vacuum-drying at 100 °C for 8 h, the
electrodes were transferred to a glovebox (H2O < 0.1 ppm, O2
< 0.1 ppm, Mbraun, USA) without exposure to ambient.
Carbon loadings were ∼1 mg/cm2, and all cells were assembled
with 0.1 M LiClO4 in DMSO (H2O < 30 ppm, BASF, USA).
Cells were assembled with a lithium foil anode (Chemetall,
Germany, 15 mm in diameter) and a Whatman GF/A separator
soaked in 120 μL of electrolyte. A stainless-steel mesh was used
as the current collector. Following assembly, cells were
transferred to a connected second argon glovebox (Mbraun,
USA, H2O < 1 ppm, O2 < 1%) without exposure to air and
purged for 5 min with dry O2 (99.994 pure O2, Airgas, H2O < 2
ppm). After purging, the cells were pressurized to 25 psi (gage)
to ensure that an adequate amount of O2 was available to cells.
Electrochemical tests were conducted using a Biologic VMP3.
Galvanostatic discharge tests were performed by first resting at
open circuit (∼2.9 to 3.2 V vs Li+/Li) for 4 h before applying
current.
Ball-Milling of Commercial Li2O2. Ball-milling of commercial

Li2O2 (Sigma-Aldrich, St. Louis, MO) was done in a zirconium
oxide milling crucible using a planetary ball mill (Pulverisette 6,
Fristch) at 500 rpm for 15 h, reversing every 30 min. Milling
reversal was preceded by a 15 min cooling phase. 1 mm zirconia

milling balls were dispersed in the Li2O2 powder prior to
milling.
Mixing of Suspensions Containing Li2O2 and KO2 in DMSO.

Mixing of Li2O2 (ball-milled) and commercial KO2 (Sigma-
Aldrich) in DMSO was performed in a nitrogen-filled glovebox
(H2O < 0.1 ppm, O2 < 5 ppm, Mbraun, USA). To obtain a
1:100 Li2O2/DMSO ratio, we added 40 mg of commercial
(ball-milled) Li2O2 to a 20 mL scintillation vial, followed by 6.2
mL of neat DMSO (4 ppm of H2O). For the experiment
involving KO2, an additional 63 mg of commercial KO2 was
added to another 1:100 Li2O2/DMSO mixture to obtain a
1:1:100 molar ratio of Li2O2/KO2/DMSO. The resulting
suspensions were stirred using a magnetic stir bar for the
duration of the experiment. After 500 h of mixing, each
suspension was centrifuged, and the resulting solids were
collected and dried under vacuum overnight for analysis by
XRD and Raman spectroscopy. The remaining liquid super-
natant was analyzed by GC−MS.
X-ray Dif f raction Characterization. XRD measurements on

electrochemically discharged electrodes were conducted using a
Rigaku Smartlab (Rigaku, Salem, NH) in the surface-sensitive
parallel beam configuration. For XRD measurements taken
immediately after discharge, the CNT electrode was extracted
from the Li−O2 cell immediately after discharge in an argon-
filled glovebox and sealed in an airtight XRD sample holder
(Anton Paar, Graz, Austria) with a dome that screwed on with a
rubber O-ring fitting before being taken to the X-ray
diffractometer to minimize exposure to atmospheric contam-
inants. CNT electrodes that were aged in the electrolyte for
extended periods were left in a capped vial together with the
separator in an argon-filled glovebox for the desired amount of
time before the XRD measurement. Solid precipitates extracted
from suspensions containing Li2O2 and KO2 in DMSO were
analyzed on a Bruker Advance II diffractometer (Bruker,
Billerica, MA) in the conventional Bragg−Brentano geometry.
Samples were sealed in an airtight holder (Bruker) with a dome
that screwed on with a rubber O-ring fitting to avoid exposure
to atmospheric contaminants.
Raman Spectroscopy Measurements. Raman spectroscopy was

performed on the solid components of suspensions containing
Li2O2 with and without KO2 in DMSO on a LabRAM HR800
microscope (Horiba Jobin Yvon) using an external 20 mW
He:Ne 633 nm laser (Horiba, Jobin Yvon), focused with a 50×
long working distance objective and a 10−0.3 neutral density
filter. A silicon substrate was used to calibrate the Raman shift.
FT-IR Measurements. FT-IR was used to analyze soluble

DMSO decomposition species in suspensions containing Li2O2
with and without KO2 in DMSO. To analyze the mixtures, we
deposited 10 μL of each suspension on a transparent KBr
Infrared card (International Crystal Laboratories, USA) and
removed it from the nitrogen glovebox. A JASCO 4100 Fourier
Transform Infrared spectrometer (JASCO Analytical Instru-
ments, USA) was then used at a resolution of 1 cm−1 and 100
accumulation scans to perform the measurements.
GC−MS Measurements. GC−MS was used to examine molar

masses of solution-based species related to DMSO decom-
position. This was carried out on an Agilent 5973 Network
Mass Selective detector (Agilent Technologies, Santa Clara,
CA). The supernatant obtained from centrifugation of
suspensions containing Li2O2 with and without KO2 in
DMSO was mixed in excess acetonitrile, which was used as
the carrier gas for GC−MS. 1 μL of analyte was injected into
the GC inlet, which was heated in progressive stages, beginning
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from 100 °C for 5 min to 250 °C for 3 min and, finally, 320 °C
for 8 min, ramping between temperature set points at 20 and
30 °C/min, respectively. Mass analysis was performed between
2 and 600 atomic mass units (a.m.u).
SEM Characterization. SEM images were taken using a Zeiss

Supra55VP and Ultra55 (Carl Zeiss AG, Germany). Images
were taken with an Inlens detector at 5 kV working voltage. To
minimize air exposure, we sealed and stored samples in argon
before being quickly placed into the SEM chamber. EDS was
carried out on the Zeiss Supra 55VP with an EDAX EDS
system (Ametek, USA).
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