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ABSTRACT: Li−air (O2) batteries are promising because of their high theoretical energy
density. However, these batteries are plagued with numerous challenges, one of which
involves modulating the battery discharge process between a solution or surface-driven
formation of the desired lithium peroxide (Li2O2) discharge product, and the oxidation of
Li2O2 below 4 V (vs Li/Li+). In this work, we show that tetrabutylammonium (TBA) salts
dissolved in ether or dimethyl sulfoxide (with no lithium salt present) can be used as a Li−
O2 electrolyte with a lithium metal anode to support Li2O2 formation, lead to >500 mV
reduction in charging overpotentials at low current rates as compared to that with lithium
salt, and support the oxidation of Li2O2 during charge. Furthermore, on the basis of results
from several spectroscopic techniques, we propose a mechanism that involves
electrochemical-induced transformation of TBA to tributylamine at ∼3.55 V, and the
formation of a tributylamine oxide intermediate in the presence of O2 or Li2O2 that is
responsible for Li2O2 oxidation during charging. This mechanism can also be translated to other ionic liquid-based Li−O2
batteries where significantly low charging potentials are observed. This work showcases an additive that can be used for Li−O2
batteries to allow for finer control of the discharge process, and the ability of amine oxides to oxidize Li2O2.

■ INTRODUCTION

Energy storage media such as batteries and fuel cells are vital in
the drive to reduce fossil fuel use in transportation and
electricity generation.1−3 Newer energy-dense battery chem-
istries are being explored,1 and, of these, Li−air (O2) batteries
with a theoretical gravimetric energy density of 3500 Wh/
kgLi2O2

as compared to 200 Wh/kg for Li-ion have shown great
promise.1,2,4 Li−O2 chemistry is governed by oxygen reduction
and evolution during discharge and charge, respectively.5,6

During discharge, oxygen is reduced at the cathode to produce
superoxide (Scheme 1).5,7 Once formed, superoxide is a soft
base that according to hard soft acid base (HSAB) theory
prefers stabilization by a bulky cation (soft acid).8,9 However,
the presence of Li+ in the electrolyte leads to LiO2 (lithium
superoxide),10 a highly reactive and unstable intermediate.11

Disproportionation of LiO2 or a further electron transfer step
leads to Li2O2 (lithium peroxide).5,7 Charging of Li−O2 cells
involves decomposition of Li2O2 to release Li+ and O2.

6

Because Li2O2 is an insulator with high bandgap and low
electronic conductivity,12 high overpotentials are observed
during charging. Side reactions between LiO2 (or Li2O2) with
the electrolyte solvent,13 salt,14 and electrodes15 lead to
unwanted side products such as LiOH,13 Li2CO3,

16 and LiF11

among others that also require much higher charging
overpotentials to oxidize, leading to low energy efficiencies,
poor capacity retention with cycling, and limited cycle life.5,17

Several strategies have been pursued to mediate the discharge
and charge processes to improve discharge capacity and

capacity retention with cycling. For charging, metal/metal
oxide catalysts18 and redox mediators such as LiI19 and
tetrathiafulvalene (TTF)20 have been added to the electrode or
electrolyte to reduce the charging voltages below 4 V. Reducing
charging hysteresis is vital to improve energy efficiencies, but
also because the most stable family of solvents for Li−O2

batteries are glymes, which are electrochemically unstable above
4 V.21 For discharge, a solution-mediated formation of Li2O2

discharge product, where toroids are formed, leads to better
utilization of the cathode and higher discharge capacities,22,23

whereas a surface-driven formation leads to film growth on the
electrode. Because Li2O2 is an insulator, it blocks further O2

reduction and lowers the discharge capacity. However,
compared to toroids, Li2O2 films are easier to remove during
charge because of their proximity to the electrode.24,25 The
Li2O2 growth mechanism is typically rate-dependent with low
current rates favoring a solution-based mechanism, and high
current rates favoring surface formation, but other parameters
such as solvent type,24 salt anion,23 and additives (H2O, etc.)

22

have been explored to modulate Li2O2 growth.
The ability of a solvent to support the solution-mediated

formation of Li2O2 is correlated with its susceptibility to
nucleophilic attack.22,26 For example, as one increases the
solvent donor number (ability of solvent to donate electron
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density to an acceptor or Lewis acid)27 from acetonitrile, DME,
to DMSO, the vulnerability of the solvent to nucleophilic attack
increases.26 Therefore, it is important to modulate the solution-
based mechanism by varying additives in one solvent (instead
of changing solvents), preferably in glyme solvents.23 Burke et
al.23 varied anion (NO3

−) concentration in DME to improve
Li+ solvation and induce solution-mediated Li2O2 formation,
but solubility of LiNO3 in ethers is limited, and nitrate will be
irreversibly consumed in creating a solid electrolyte interface
(SEI) layer on the lithium metal anode.28,29 Other researchers
have shown that added H2O in the electrolyte directs toroidal
and crystalline Li2O2 growth through a solution-driven
process,22,30 but LiOH formation or other side reactions with
lithium metal limits the utility of added H2O. However, cation
type has not been evaluated because it has been widely assumed
(as expected) that a lithium salt was required for Li−O2

discharge. The larger a cation is, the “softer” it is, and the
more stable is the cation−superoxide complex, where cations
such as pyrrolidinium31 and ammonium32 can coordinate and
stabilize superoxide at longer time scales than lithium.33

Therefore, investigating the influence of the presence of bulkier
cations as an additional knob for controlling Li−O2 battery
chemistry is vital.
The oxygen reduction and evolution process in nonaqueous

systems has been heavily studied using ammonium-based salts
as supporting electrolytes.7,9,34 Tetrabutylammonium (TBA)
salts can form stable TBA−superoxide complexes32 during
oxygen reduction, and these complexes can be reversibly
oxidized without external catalysts.7 Although TBA-influenced
oxygen reduction and evolution has been investigated using
cyclic voltammetry,7,9 the influence of TBA on the electro-
chemical performance of actual Li−O2 batteries has not been
explored.
In this work, we study the ability of a non-lithium salt to

support a solution-driven formation of Li2O2 in Li−O2

batteries. We exploit the ability of TBA to sequester superoxide,
and fabricate Li−O2 cells using TBAClO4 (Figure 1a, inset) as
the only dissolved salt. Similar to the use of viologen35 and 2,5-
di-tert-butyl-1,4-benzoquinone,25 TBA supports a solution-
driven formation of Li2O2, a discharge product formed despite

Scheme 1. Li−O2 Cell Discharge Mechanismsa

aProposed discharge reaction mechanism when lithium salt is dissolved in the electrolyte as compared to when TBAClO4 salt is dissolved in the
electrolyte. The anion (e.g., ClO4

−) is omitted in the scheme for clarity. Anode and cathode are lithium metal and carbon paper, respectively. TBA =
tetrabutylammonium; “elec.” = electrolyte; “s” = solid; “g” = gas; “sol” = solution.

Figure 1. Discharge behavior using a TBAClO4-only electrolyte. (a) Discharge curve, (b) Raman, (c) XRD, and (d) SEM after discharge at 15.7 μA/
cm2 (geometric surface area) in oxygen using 0.1 M TBAClO4 in DME as the electrolyte. Inset in (a) is the chemical structure of
tetrabutylammonium perchlorate. Voltage (vs Li/Li+). Li−O2 cell setup for (a)−(c): Li metal|0.1 M TBAClO4 in DME|carbon paper. Li−O2 cell
setup for (d): Li metal|0.1 M TBAClO4 in DME|carbon nanotube.
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the lack of lithium salt present (Scheme 1). The influence of
current rate, TBA concentration, and solvent type on the ability
of TBA to support Li−O2 discharge and charge was also
explored. Interestingly, we observe that the presence of TBA in
the electrolyte leads to much lower charging overpotentials
(500 mV difference) than when a lithium salt is used. Using
Li2O2-preloaded cells, we further show that the presence of
TBA at potentials below 4 V is capable of oxidizing Li2O2,
unlike typically used lithium salts like LiClO4. Given the results
from several spectroscopic tools, we propose a mechanism that
involves the electrochemical-induced transformation of TBA to
tributylamine, and the formation of a tributylamine oxide
intermediate in the presence of O2 or Li2O2 that can oxidize
Li2O2 below 4 V. This work shows the evaluation of a Li−O2
cell with no added lithium salt present in the electrolyte, the
influence of ammonium salts on the discharge/charge behavior
of Li−O2 cells, and the use of amine oxides to oxidize Li2O2.
Knowledge gained should provide insight into a new class of
potential salts for metal-air use, and new pathways to oxidize
Li2O2 during charge.

■ METHODS
Materials. Tetrabutylammonium perchlorate (>99%), lith-

ium perchlorate, diethylene glycol dimethyl ether (diglyme),
1,2-dimethoxyethane (anhydrous), acetonitrile, dimethyl sulf-
oxide (anhydrous), lithium peroxide (90%), tributylamine, 1-
decene, trimethylamine oxide, and quinine were obtained from
Sigma-Aldrich. Carbon paper (TGP-H-60, not PTFE treated)
and lithium metal (0.75 mm thick, 99.9%) were obtained from
Alfa Aesar. Nafion was obtained as a 7.2 wt % lithiated Nafion
in isopropanol solution from Ion Power Inc. Celgard C480 was
obtained from Celgard. DMSO-d6 (with or without 0.03 v/v %
tetramethylsilane) was obtained from Cambridge Isotope.
Whatman GF/A separator was obtained from GE Life Sciences.
Vulcan carbon (Vulcan XC72, 100 m2/g) was obtained from
Premetek Inc.
The solvents (DME, diglyme, and DMSO) were stored with

molecular sieves (4 Å) in an argon glovebox (MBRAUN, H2O
< 0.1 ppm, O2 < 0.1 ppm), and the electrolyte (salt dissolved in
solvent) was made in the glovebox just before fabricating the
Li−O2 cell to limit exposure to water. Measured water content
of the electrolytes was less than 30 ppm (using Karl Fischer).
Electrode Fabrication. The carbon paper electrodes were

cut into 12.7 mm diameter disks and vacuumed-dried at 75 °C
overnight. The Li2O2 preloaded electrodes were fabricated in a
1:1:1 mass ratio of Vulcan carbon:Li2O2:lithiated Nafion, and
deposited on aluminum foil in the same manner as described in
ref 18. The electrodes were transferred to the glovebox without
ambient exposure. The carbon nanotube (CNT) carpets were
fabricated as previously reported by Gallant et al.,36 and
vacuum-dried at 75 °C overnight before being transferred and
stored in an argon glovebox (MBRAUN, H2O < 0.1 ppm, O2 <
0.1 ppm) without ambient exposure.
Electrochemical Testing. Lithium metal (15 mm diame-

ter) was used as the anode and carbon paper (12.7 mm
diameter) as the cathode. 120 μL of 0.1 M TBAClO4 or 0.1 M
LiClO4 in DME solution and 0.1 M TBAClO4 or 0.1 M LiClO4
in DMSO was used. For the 2:1 molar ratio TBAClO4/LiClO4
electrolyte mixture, the 0.1 M TBAClO4 in DME and the 0.1 M
LiClO4 in DME solutions were not premixed before making the
Li−O2 cell. 40 μL of the 0.1 M LiClO4 in DME solution was
first added to the Li−O2 cell before 80 μL of 0.1 M TBAClO4
in DME was added. Two Celgard C480 separators were used

for all DME Li−O2 cells, while one Whatman separator was
used for the DMSO Li−O2 cells. Li−O2 cells were fabricated in
an argon glovebox (MBRAUN, H2O < 0.1 ppm, O2 < 0.1
ppm). The cells were then transferred to another Argon
glovebox (MBRAUN, H2O < 0.1 ppm, O2 < 1%) without air
exposure and pressurized with either argon or oxygen gas. The
cells were allowed to rest at open circuit voltage (OCV) for at
least 4 h before electrochemical measurements were performed.
A VMP3 (BioLogic Inc.) was used for all electrochemical tests.
Cyclic voltammetry (two-electrode setup) was performed

using the same Li−O2 cell setup as above. Lithium metal (15
mm diameter) served as both reference and counter electrodes.
Carbon paper (12.7 mm diameter) served as the working
electrode. The cell was fabricated in an argon glovebox
(MBRAUN, H2O < 0.1 ppm, O2 < 0.1 ppm) and was
pressurized with either argon or oxygen (without air exposure)
in a manner similar to the paragraph above. The cell was
allowed to rest at OCV for at least 4 h before electrochemical
measurements were performed. A sweep rate of 0.1 mV/s was
used from 1.5 to 4.5 V.

Potentiostatic Li2O2 Preloaded Cells. The Li2O2
preloaded cells were fabricated in a manner similar to that of
the Li−O2 cells. A lithium metal anode (15 mm diameter) was
used as the negative electrode, and 90 μL of either LiClO4 or
TBAClO4 in diglyme or 120 μL of TBAClO4 in DMSO was
used as the electrolyte. The Vulcan carbon/Li2O2/Nafion
(1:1:1 mass ratio) on aluminum foil was used as the positive
electrode. For the cell without Li2O2 present, a Vulcan carbon/
Nafion (1:1 mass ratio) on Celgard electrode was used. The
cells were allowed to rest for at least 5 h at OCV, before the
potentiostatic tests were performed. For cells held at oxidizing
voltages (e.g., 3.7 and 3.9 V), the cell was held at 2.9 V for 30
min before continuing at the oxidizing voltage for the stated
time (100 or 200 h).

Chemical Mixtures with Li2O2 or KO2. All experiments
were performed in an inert glovebox atmosphere (argon or
nitrogen). Vials were stirred for 3 days.
(a) Tributylamine: In a 5 mL vial, 15 mg of Li2O2 and 0.3

mL of tributylamine.
(b) 1-Decene: In a 5 mL vial, 15 mg of Li2O2 and 0.3 mL of

1-decene.
(c) Trimethylamineoxide: 1:1 molar ratio of TMAO:Li2O2 in

acetonitrile.
(d) TBAClO4: In a 20 mL vial, a 10:10:1 molar ratio of

KO2:Li2O2:TBAClO4 was added to acetonitrile and stirred for 3
days.
The TBAClO4/KO2/Li2O2, tributylamine/Li2O2, and 1-

decene/Li2O2 mixtures were allowed to settle, and the
remaining Li2O2 was allowed to sediment. About 20 μL of
each supernatant was added to DMSO-d6 for

1H NMR analysis.
For the TMAO/Li2O2 mixture, acetonitrile was removed from
the vial, and DMSO-d6 was then added for 1H NMR.

Characterization Techniques. X-ray Diffraction (XRD).
XRD data were obtained using a Rigaku Smartlab (Rigaku,
Salem, NH) in the parallel beam configuration with a Cu Kα
radiation source. Electrochemically tested samples were opened
in an argon glovebox, and sealed in an airtight XRD sample
holder (Anton Paar, Austria) for XRD measurement. The
reference code (01-074-0115) was used for all of the Li2O2
references in the XRD spectra.

Raman Spectroscopy. Raman data were obtained using a
LabRAM Hr800 microscope (HORIBA) with an external 633
nm laser, with a 50× long working distance lens. A silicon wafer
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was used for calibration. A sealed custom-designed airtight
Raman cell was used for the electrochemically tested samples.
Scanning Electron Microscope (SEM). SEM images were

captured using a ZEISS Merlion (Carl Zeiss Microscopy
GmbH, Germany) with an in-lens detector at 10 kV and 127
pA. Samples were sealed in aluminum foil bags in an argon-
filled glovebox and rapidly transferred (< 5 s) into the SEM
chamber to minimize air exposure.
Ultraviolet−Visible (UV−Vis) Spectroscopy. UV−vis data

were collected using a Beckman Coulter DU 800 ultraviolet−
visible (UV−vis) spectrophotometer. In an argon glovebox, the
separator from the electrochemically tested Li−O2 cells was
removed and placed in a clean 20 mL vial. Next, 1.5 mL of
DMSO-d6 was added to the vial to dissolve the components in
the separator. One milliliter of the solution was then placed in a
sealed cuvette. The cuvette was removed from the glovebox,
and UV−vis measurement was performed rapidly. The pristine
solvent was used as a blank.
Nuclear Magnetic Resonance (NMR) Spectroscopy. NMR

experiments were performed on a Bruker AVANCE or
AVANCE III-400 MHz spectrometer. After the Li−O2 cells
were cycled, they were transferred into an argon glovebox
without air exposure (MBRAUN, H2O < 0.1 ppm, O2 < 0.1
ppm). The cells were then placed in the glovebox antechamber
(again without air exposure), and the cell was held under
vacuum for about 10 min to remove some of the solvent. The
separator and electrode were soaked in deuterated DMSO
(DMSO-d6 or DMSO-d6 with TMS). The obtained NMR
spectra were calibrated using the residual DMSO peak.

Quadrupole Time-of-Flight (Q-TOF) Mass Spectrometry.
After the electrochemical experiments were performed, the cells
were moved to an argon glovebox without ambient exposure.
The electrolyte-soaked separator was then removed from the
cell and placed in a 5 mL vial. The vial was vacuumed in the
glovebox antechamber to remove the DME solvent. Excess
methanol was added, and Q-TOF analysis was performed on
the supernatant. A Waters Q-TOF micro mass spectrometer
equipped with an electrospray ionization ion source and a time-
of-flight detector was used. The Q-TOF was run in ES+ mode
meaning a proton is added to the neutral molecule before it
enters the detector. Therefore, all of the reported m/z values
for neutral molecules are a proton larger than the actual
molecular weight of the molecule. The figures were calibrated
with respect to the internal standard (quinine, m/z value of
325.19 and molecular weight of 324.42 g/mol).

■ RESULTS AND DISCUSSION
Influence on Discharge. The influence of TBA on the Li−

O2 discharge chemistry was studied by fabricating Li−O2 cells
with 0.1 M TBAClO4 in 1,2-dimethoxyethane (DME) as the
electrolyte. Figure 1a shows that TBAClO4 in the electrolyte
can support oxygen reduction at reaction voltages similar to
those observed for Li−O2 cells with LiClO4 (∼2.5 VLi). Cyclic
voltammetry has shown TBA is capable of complexing oxygen
reduction products such as superoxide, and supporting the
oxygen reduction and evolution process.7,9 However, TBA has
not been incorporated and studied in conventional Li−O2 cells.
Although TBAClO4 is the only salt introduced into the Li−O2
cell, the discharge product obtained here appears to be Li2O2,

Figure 2. Effect of TBA and Li salt on Li−O2 cycling in DME and DMSO at different current rates. Cycling of a Li−O2 cell in oxygen in DME at
3.95 μA/cm2 to a 0.04 mAh/cm2 cutoff with (a) different electrolyte salt content and (b) different TBA concentration. The LiClO4/TBAClO4
electrolyte is a 2:1 molar ratio of TBAClO4:LiClO4 in DME. Cycling in oxygen at 100 μA/cm2 to a 1 mAh/cm2 cutoff with (c) DME and (d) DMSO
electrolytes. Concentrations are as shown in the figures in the respective solvents (a−c, DME; d, DMSO). (Bold lines) first cycle; (Dashed lines)
fifth cycle. Voltages are vs Li/Li+. Current rates and capacities are based on the geometric surface area of the carbon paper electrode. Li−O2 cell
setup: Li metal|(TBAClO4 or LiClO4) in DMSO or DME|carbon paper.
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the desired discharge product in conventional Li−O2 cells.
Raman spectroscopy data in Figure 1b show peroxide vibration
peaks at 250 and 790 cm−1 that are typically associated with
lithium peroxide.37 We hypothesize that TBA complexes the
superoxide intermediate (derived from oxygen reduction),
bringing the superoxide intermediate into solution before
allowing for coordination with lithium ions from the anode
(Scheme 1). We do not expect to see TBA−superoxide as the
final discharge product because lithium ions that originate from
lithium metal oxidation during discharge would lead to
disproportionation of the superoxide to peroxide (Scheme 1).
X-ray diffraction (XRD) spectrum (Figure 1c) shows that the
obtained Li2O2 discharge product is crystalline,38 and the
scanning electron microscope (SEM) image in Figure 1d
reveals toroidal features typically associated with Li2O2,
suggesting solution formation of Li2O2.

39 The effect of solvent
on TBA-supported discharge was also explored, and in Figure
S1, TBA can also support Li−O2 discharge in DMSO and lead
to Li2O2 formation. We cannot currently assign the XRD
diffraction peaks at 43.6° and 50.5° 2θ range, but they appear to
be a result of discharge as they are observed in DME and
DMSO. These results in Figure 1a−d and Figure S1 indicate
that a lithium salt added in the electrolyte is not required to
support Li−O2 discharge. Our finding was recently corrobo-
rated by Takechi et al.,40 where they confirm Li2O2 formation
in a lithium-salt free ionic liquid electrolyte. They show that an
ammonium-based ionic liquid, similar to TBA, was capable of
coordinating with superoxide, before Li+ released from a solid-
state ionic conductor can displace the bulky cation to form
Li2O2. In our work, the oxidation of lithium metal during
discharge provides the lithium ions that are needed for Li2O2
formation. Any salt (e.g., TBAClO4) capable of supporting
oxygen reduction in combination with lithium metal can be
utilized. Furthermore, the presence of TBAClO4 does not
appear to have a detrimental effect on the observed reaction
voltage, at least on the first discharge.
Influence on Cycling. The effect of cation type (TBAClO4

or LiClO4) and solvent type (DME or DMSO) on cycling was
also examined. Figure 2a shows the first and fifth cycles of three
different electrolyte configurations in DME at a low current rate
(3.95 μA/cm2). Current rates are based on geometric surface
area of the carbon paper electrode. When 0.1 M LiClO4 is used
as the electrolyte, a discharge voltage at ∼2.6 V is observed.
However, complete charging requires voltages greater than 4 V,
a behavior typically observed in the absence of catalysts18 or
redox-mediator additives.20 When 0.1 M TBAClO4 is used as
the electrolyte, the first discharge is similar to that obtained
with 0.1 M LiClO4, but a flat plateau at 3.55 V is observed
almost during the entire charge. Furthermore, the charging
profile for the 0.1 M TBA Li−O2 cell remains similar at the fifth
charge. When a mixture of TBAClO4:LiClO4 (2:1 molar ratio)
is used as the electrolyte, charging behavior similar to a
standard LiClO4 cell is observed at the first charge. However,
by the fifth cycle, charging occurs at 3.55 V (Figure 2a). The
TBAClO4:LiClO4 Li−O2 cell is certainly intermediate between
the behavior observed for a LiClO4-only cell and that for a
TBAClO4-only cell. The charging behavior in the presence of
0.1 M TBAClO4 is reminiscent of redox mediator-like charging
where iodide,19 TEMPO (2,2,6,6-tetramethylpiperidinyloxyl),41

or TTF20 can be oxidized during charge, and subsequent
chemical reaction with Li2O2 leads to Li2O2 oxidation and
reduction of the oxidized mediator. However, a redox-like
mechanism does not seem likely for TBA because the nitrogen

functionality is already fully oxidized (+1). Some researchers
have shown that when an ionic liquid such as Pyr14TFSI (1-
butyl-1-methylpyrrolidinium bis(trifluoromethanesulfonyl)-
imide) is used as part of the electrolyte, lower charging
potentials are observed when compared to other organic
electrolyte systems, despite the lack of catalysts or redox
mediators.42−44 Those findings are similar to that observed
here.
When the TBA concentration in the electrolyte is increased,

the charging plateau is reduced, and the charging behavior at
the fifth charge is improved when comparing 0.01 to 0.2 M
TBA in DME (Figure 2b). However, there are limits to this
surprising reduction in charging overpotentials in the presence
of TBAClO4. Figure 2c shows that as the current rate in DME
is increased to 100 μA/cm2, the ∼3.55 V plateau is absent, and
the charging curve resembles the LiClO4-containing cells.
In DMSO, a different phenomenon is observed. At low

current rates (3.95 μA/cm2), TBAClO4 can support discharge
and charge, but again the ∼3.55 V plateau is absent (Figure S2)
and it resembles the LiClO4 cell. The plateau absence is also
observed at 100 μA/cm2; however, the discharge capacities are
higher when TBAClO4 in DMSO is used as the electrolyte at
high current rates. The improvement in discharge performance
may be due to the ability of DMSO to stabilize superoxide
species and solubilize TBA,24 which is a superoxide complexing
agent.10 At high current rates, there is a reduction in discharge
capacity observed with cycling that may be due to the inability
to completely oxidize the discharge products. In summary, the
redox-like charging behavior induced by TBA appears rate- and
solvent-dependent.

Effect on Li2O2 Oxidation. Although a stable 3.55 V
charging plateau is observed when TBA is used as a salt in an
ether solvent, it is important to know whether its presence can
lead to Li2O2 oxidation. To study this, Li2O2-preloaded
electrodes were fabricated. These electrodes consisted of
Li2O2:Vulcan carbon:lithiated Nafion in a 1:1:1 mass ratio
with no added catalysts. Other researchers have used these
electrodes as a tool to study Li2O2 oxidation and eliminate the
influence of other side reaction products that may have formed
during cell discharge.18,45 Figure 3a shows current−time plots
of these Li2O2 preloaded electrodes subjected to potentiostatic
charging tests in different salt configurations in diglyme. Similar
to work reported by Yao et al.,18 when 0.1 M LiClO4 is used as
the electrolyte, no oxidation current is observed at 3.9 V for 100
h. As expected, XRD spectra in Figure 3b show that Li2O2 is
still present in the LiClO4-containing electrode. However, when
0.1 M TBAClO4 is used as the electrolyte at 3.7 or 3.9 V (above
∼3.55 V), an oxidation current is observed. Remarkably, this
corresponds to Li2O2 oxidation as Li2O2 is no longer observed
on the electrode (Figure 3b). In addition, the Li2O2 is not
converted to LiOH as LiOH is not observed on the electrode;
no (101) or (110) diffraction peaks are found at 32.5° and
35.7° 2θ range.13 A Li2O2-preloaded cell is also held at open
circuit with a 0.1 M TBAClO4 electrolyte, and crystalline Li2O2
peaks are still observed. This further supports the notion that
Li2O2 oxidation is not a result of chemical reaction with
TBAClO4, but the presence of an oxidizing voltage. Despite the
lack of a stable oxidation plateau at around 3.55 V in DMSO
(Figure S2), and the solvent-dependence of the charging
profile, the presence of 0.1 M TBAClO4 in DMSO also leads to
the removal of Li2O2 during charge as the XRD spectrum in
Figure S3 shows. Yao et al.18 showed that catalysts such as Ru
and Cr are capable of oxidizing Li2O2 only when present in the
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solid-state electrode, but not when the catalysts are in the
electrolyte. Here, TBA appears to act as a redox mediator
typically dissolved in the electrolyte (this hypothesis will be
evaluated and discussed later).
The same charged Li2O2 electrodes examined by XRD in

Figure 3 were studied using SEM. Figure 4 shows SEM images
that further confirm the observations made in Figure 3, and
show that the disappearance of the Li2O2 XRD peaks in Figure
3b is not due to a phase change between crystalline and
amorphous Li2O2, but Li2O2 oxidation. The large solid particles
seen in Figure 4a are the preloaded Li2O2, and they remain
even after seating in a TBAClO4 electrolyte at open-circuit
voltage (OCV) for 200 h. In addition, Figure 4b shows that
Li2O2 particles remain after the 3.9 V potentiostatic hold in 0.1
M LiClO4, corroborating the XRD spectra in Figure 3b. When
TBAClO4 is used as the electrolyte, holes are observed where
presumably Li2O2 particles used to befurther evidence of
Li2O2 oxidation. Yao et al.45 also used SEM to chronicle Li2O2
oxidation in the presence of perovskite and Cr nanoparticle-
catalyzed Li2O2 electrodes, and attributed the disappearance of
Li2O2 particles and appearance of these holes to be a result of
Li2O2 oxidation. Because the 3.9 V 0.1 M TBAClO4 cell was
held for only 100 h, remnant partially oxidized Li2O2 particles
can still be found (Figure S4), but their quantities are miniscule
as compared to the OCV and LiClO4-based cells. Furthermore,
because the 3.7 V 0.1 M TBAClO4-based preloaded cell was
held for 200 h, no Li2O2 particles were found on the electrode
after charging was completed.

Electrochemical Effect on TBA. TBA was examined in the
absence of oxygen to decouple the mechanism of Li2O2 and
TBA transformation. Figure 5a shows that because of the lack
of oxygen, no significant discharge plateau is observed (as
expected), but the ∼3.55 V charging plateau is still present.
However, the LiClO4-based cells cycled in argon show no
significant discharge or charge plateau (Figure S5). Further-
more, in Figure 3a, when the TBA electrolyte is held at 3.9 V
with no Li2O2 present, there is a significant oxidation current.
The cyclic voltammetry (CV) data in Figure 5b corroborate
this observation as an oxidation current beginning at 3.5 V is
observed when the TBAClO4-containing electrolyte is scanned
positively in argon. Again, no reduction current is observed in
argon even after the TBA decomposition product is formed,
indicating that TBA cannot act as a typical redox shuttle. The
electrochemical-induced transformation of TBA appears
irreversible, and reversibility is a requirement for any true
redox shuttle. Therefore, in argon or O2, TBA is electrochemi-
cally transformed during charge, and the TBA decomposition
product leads to the oxidation of Li2O2 (when present). The
mechanism that explains this behavior will be discussed in the
next section.

Proposed Mechanism. 1H NMR was used to determine
the changes in the TBA chemical structure during cycling. The
electrolyte-soaked separator from cycled Li−O2 cells using 0.1
M TBAClO4 or LiClO4 in DME-based cells was extracted and
soaked in deuterated DMSO for 1H NMR and UV−vis analysis.
In all TBA-based Li−O2 cells in DME or diglyme where
charging was performed, yellow coloration of the electrolyte
was observed. UV−vis spectra in Figure S6 chronicle the
presence of these light-absorbing species when cycling is
performed using a TBA-based electrolyte, and additional
species are formed when the cell is cycled in oxygen as
compared to argon. Figure 6 shows 1H NMR characterization
of cells cycled with 0.1 M TBAClO4 in argon and oxygen where
new peaks related to TBA decomposition are observed. TBA is
electrochemically transformed at 3.55 V (Figures 2 and 5) to
form tributylamine (Figure 6) and possibly an alkene (Scheme
2). We propose an electrochemically induced formation of a
base (from decomposition of carbon or electrolyte)46,47 at >3.5
V, which deprotonates TBA and allows TBA to undergo
Hofmann elimination that leads to tributylamine and butene.
The 1H NMR peaks of commercial tributylamine match the
newly observed TBA degradation peaks. Furthermore, quadru-
pole time-of-flight (Q-TOF) mass spectra in Figure 7 show a
peak at an m/z value of 186.2 that corresponds to tributylamine
(MW = 185.4 g/mol) and is formed after electrochemical-
induced degradation in either argon or O2. Finkelstein et al.48

have previously shown that a quarternary ammonium salt can
degrade to a tertiary amine and a hydrocarbon radical
intermediate through a one-electron pathway. Assuming a
one-electron decomposition pathway, Table S1 shows that
complete decomposition of TBA should occur before seven
charging steps, and Figure S7 shows evidence that the charging
voltage begins to increase at the seventh charge. However,
NMR data in Figure 6 show TBA is still present after 15 cycles
in O2. Therefore, it is possible that during charging, TBA
decomposition products can also be electrochemically oxidized
as well as some direct delithiation of Li2O2 that can occur below
4 V.49

The proposed TBA reaction pathway is shown in Scheme 2.
The alkene formed here would be butene, but the low boiling
point of butene (−6.5 °C) makes postcycling characterization

Figure 3. Li2O2 oxidation under potentiostatic hold. (a) Current
versus time from potentiostatic holds at 3.7 or 3.9 V with or without
Li2O2 preloaded in the electrode and with different salts in diglyme
(0.1 M salt concentration). (b) Corresponding X-ray diffraction
(XRD) spectra at the different voltages in (a). The “OCV” sample was
held at open-circuit voltage for 200 h. Dashed lines in (b) are the
(100), (101), (102), (004), and (103) Li2O2 diffraction peaks (left to
right). Li−O2 cell setup: Li metal|0.1 M LiClO4 or TBAClO4 salt in
diglyme|Vulcan carbon + Nafion + Li2O2 (when present) on
aluminum foil.

The Journal of Physical Chemistry C Article

DOI: 10.1021/acs.jpcc.7b05322
J. Phys. Chem. C 2017, 121, 17671−17681

17676



difficult. OCV experiments in Figure 3b and chemical
experiments involving a 10:10:1 molar rat io of
Li2O2:KO2:TBAClO4 in Figure S8 show that TBA does not
appear to chemically react with Li2O2 to oxidize Li2O2. Once
tributylamine and butene are formed, they can possibly
undergo reactions with Li2O2. To examine this, a Li2O2-
preloaded electrode is held at OCV in commercial tributyl-
amine or decene (chemically similar to butene but is a liquid at
room temperature) for 200 h, and XRD is performed after
(Figure S9). XRD shows that Li2O2 is still present; hence, the
oxidation of Li2O2 is not due to chemical reaction between
Li2O2 and tributylamine or butene alone. A stirred chemical

mixture of Li2O2 with tributylamine or decene also does not
reveal any changes in the 1H NMR spectra (Figures S10 and
S11), further confirming the XRD observation in Figure S9.
The lack of bulk reaction between tributylamine and Li2O2 is
surprising because it is known that tertiary amines can react
with H2O2 to form amine oxides;50,51 however, Hoh et al.51

noted that direct oxidation of tertiary amines with H2O2

proceeds slowly. The limited solubility of Li2O2 in tributyl-
amine would also diminish an already slow reaction with
tributylamine as compared to H2O2. Other researchers have
shown that oxygen can react with tertiary amines to form an
amine oxide, and the amine oxide is an intermediate that is

Figure 4. SEM micrographs chronicling the electrochemical changes in Figure 3. (a) Li2O2-preloaded electrode held at open-circuit voltage (OCV)
in 0.1 M TBAClO4 for 200 h, (b) at 3.9 V in 0.1 M LiClO4 for 100 h, (c) at 3.7 V in 0.1 M TBAClO4 for 200 h, and (d) at 3.9 V in 0.1 M TBAClO4
for 100 h. Solvent = diglyme. Li−O2 cell setup: Li metal|0.1 M LiClO4 or TBAClO4 salt in diglyme|Vulcan carbon + Nafion + Li2O2 on aluminum
foil (scale bar = 200 nm).

Figure 5. Electrochemical-induced transformation of TBA. (a) Cycling using 0.1 M TBAClO4 in DME at 3.95 μA/cm2 to 0.04 mAh/cm2 in argon.
(b) Cyclic voltammetry (two-electrode setup) in argon and O2 at 0.1 mV/s scan rate with a 0.1 M TBAClO4 in DME electrolyte. Li−O2 cell setup
for (a): Li metal|0.1 M TBAClO4 in DME|carbon paper. Setup for (b): working electrode, carbon paper; reference and counter electrode, lithium
metal. CV was performed by scanning first to 4.5 V before scanning to 1.5 V. The second cycle for both argon and O2 is shown in (b).
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difficult to characterize because it undergoes subsequent
reactions.52,53 Some of these possible reactions are shown in
Scheme 2. One reaction the tributylamine oxide can undergo is
Cope elimination,52,54 an intra- or intermolecular reaction that
involves the oxygen on the tertiary amine oxide abstracting a
hydrogen from a carbon that is β to the nitrogen to form an

olefin. In addition, alkyl radicals and nitroxide can also be
formed.52

Therefore, we hypothesize that tributylamine can react with
oxygen (or Li2O2) to form a tributylamine oxide intermediate.
The amine oxide, when formed, can react with Li2O2 to release
Li+ and O2. This reaction between the amine oxide
intermediate and Li2O2 is responsible for the Li2O2 oxidation
observed after charging in the XRD and SEM data (Figures 3
and 4). It is also possible that the generated nitroxide (from
alkyl radical loss) can react with Li2O2 to oxidize it as a similar
nitroxide, TEMPO, has been shown to oxidize Li2O2 during
charging.41 The mechanism shown in Scheme 2 explains our
observations, but cannot encompass all of the possible
decomposition products formed as tertiary amine oxides are
known to structurally rearrange to yield other products.52 The
extra 1H NMR peaks observed in O2 (not including the
tributylamine peaks) could be due to decomposition products
that result from the amine oxide reaction with Li2O2, Cope
elimination, etc. In argon (Figure 6b), only tributylamine is
present, because the lack of O2 or Li2O2 in the argon cells
precludes the formation of tributylamine oxide and the
presence of additional peaks. To test this hypothesis, we mix
trimethylamine oxide (as proxy for tributylamine oxide) with
Li2O2 in acetonitrile, and the characteristic yellow color was
observed, a color observed electrochemically (after cycling) in
our experiments and by Hoh et al.51 in the mixture of tertiary
amine with H2O2 at higher temperatures. New peaks also arise
in the NMR spectra (Figure S12). Therefore, next-generation
Li−O2 cells can be fabricated to include amine oxides as a tool
to reduce Li2O2 charging voltages. Unfortunately, the amine
oxide, once formed, cannot revert to the original TBA to make
this system an ideal redox mediator. We noted earlier that lower
charging overpotentials were observed for Pyr14TFSI-based Li−
O2 cells despite the lack of catalysts or redox mediators.42−44

However, no clear mechanistic explanation was provided in
those papers to explain the low overpotentials. Other
researchers have shown that Pyr14TFSI, like TBA, can undergo
Hofmann elimination.55,56 Therefore, the low charging
potentials observed in those works are due to a similar
mechanism observed in this work. At the low potential, instead
of bulk Li2O2 oxidation, pyrrolidinium undergoes Hofmann
elimination to form a tertiary amine and alkene.55 The amine
formed can then react with O2 to form an amine oxide and lead
to the decomposition of Li2O2.

Figure 6. 1H NMR after Li−O2 cycling in argon and oxygen. 1H NMR
(400 MHz; DMSO-d6; H-DMSO) spectrum of (a) TBAClO4, (b)
electrolyte of Li−O2 cell after five cycles in argon, (c) electrolyte of
Li−O2 cell after 15 cycles in oxygen, and (d) commercial
tributylamine. * = DMSO, Δ = HDO, ◊ = solvent. Spectra were
calibrated using the residual DMSO (“H-DMSO”) peak in DMSO-d6.
Integration values for peaks in (b) and (c) are in Table S2. Li−O2 cell
setup: Li metal|0.1 M TBAClO4 in DME|carbon paper. The actual
cycling profile for (b) is shown in Figure 2a, and for (c) it is shown in
Figure S7.

Scheme 2. Mechanism for TBA-Supported Li2O2 Oxidation
a

aProposed mechanism of electrochemical-induced transformation of tetrabutylammonium to form tributylamine, and the subsequent oxidation of
Li2O2 to release oxygen. The figure numbers in parentheses in the mechanism indicate the figure in this Article that provides evidence of the stated
pathway. ClO4

− anion is omitted in the mechanism scheme for clarity. Li−O2 cell setup: Li metal|0.1 M TBAClO4 in DME|carbon paper. *At > 3.5
V, electrochemical-induced base formation deprotonates TBA, allowing TBA to undergo Hofmann elimination.
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The electrochemical-induced decomposition of TBA is
irreversible, and as Mousavi et al.57 recently reported, changing
the chain length, size, and type of branching on the ammonium
cation may not improve the electrochemical stability.

■ CONCLUSIONS
We have shown that Li−O2 discharge and charge can occur in
the absence of lithium-based salts. Ammonium-based electro-
lytes in the presence of lithium metal can support the formation
of Li2O2 during discharge, where TBA can temporarily complex
superoxide in solution before Li ions from the oxidized lithium
metal anode combine to form Li2O2. During charge, TBA-based
electrolytes can lead to charging voltages below 4 V at low
current rates, leading to a 0.5 V improvement over LiClO4-
based electrolytes. TBA concentration and solvent type (ether
vs DMSO) were also studied and were shown to influence the
observed discharge and charge performance. Furthermore, we
proposed a mechanism to explain the ability of TBA to support
Li2O2 oxidation. Electrochemically induced degradation of TBA
occurs at 3.55 V to form a tertiary amine that can react with
oxygen (or Li2O2) to form an amine oxide; the amine oxide
reacts with Li2O2 in a faster reaction to release O2 and Li+.
Unfortunately, TBA decomposition is irreversible. The
decomposition mechanism developed here can also help
explain the unusually low charging overpotentials observed
when ionic liquids like Pyr14TFSI are used in a Li−O2 cell. We
have shown TBA can support discharge and charge in Li−O2
cells, and amine oxides can oxidize Li2O2 in Li−O2 cells.
Knowledge gained from this work should allow for the
development of newer salts, and broaden our understanding
of Li2O2 oxidation mechanisms.
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