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The role of iodide in the formation of lithium
hydroxide in lithium–oxygen batteries†
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Lithium iodide has been studied extensively as a redox-mediator to reduce the charging overpotential of

Li–oxygen (Li–O2) batteries. Ambiguities exist regarding the influence of lithium iodide on the reaction

product chemistry and performance of lithium–oxygen batteries. In this work, we examined the role of

lithium iodide on the reduction product chemistry under two conditions: (i) mixing KO2 with lithium salts

and (ii) discharging Li–oxygen batteries at high and low overpotentials, in the presence of an ether-

based electrolyte with different ratios of H2O : LiI. The addition of iodide to electrolytes containing water

was found to promote the formation of LiOOH�H2O, LiOH�H2O and LiOH at the expense of Li2O2.

At low H2O : LiI ratios (lower than 5), LiOH instead of Li2O2 was formed, which was accompanied by the

oxidation of iodide to triodide while at high H2O : LiI ratios (12, 24, 134), a mixture of Li2O2, LiOOH�H2O

and LiOH�H2O was observed and no triiodide was detected. The reaction between peroxide Li2O2 and/

or superoxide LiO2 with H2O to form LiOH is facilitated by increased water acidity by strong I�–H2O

interactions as revealed by 1H NMR and FT-IR measurements. This mechanism of LiOH formation in the

presence of LiI and H2O was also found upon Li–O2 cell discharge, which is critical to consider when

developing LiI as a redox mediator for Li–O2 batteries.

Broader context
Lithium–air batteries can potentially offer three times the gravimetric energy of commercial Li-ion batteries. Unfortunately, the poor reversibility and kinetics
of lithium–oxygen (Li–O2) chemistry in aprotic electrolytes remains a critical challenge that limits their practical use. Redox mediators such as lithium iodide
(LiI) have been shown to lower the charging overpotential and improve cycle life. Ambiguities exist in terms of the effect of LiI on the reversibility of
electrochemical reduction of oxygen in the presence of lithium ions (Li+, O2 redox chemistry) and battery cyclability. Some studies have shown high reversibility
of Li–oxygen chemistry with LiI upon prolonged cycling while others report poor reversibility and efficiency due to the formation of LiOH. The role of iodide and
mechanistic details regarding the formation of LiOH are not understood, which is critical to assess if LiI can be used as a redox mediator to promote the
kinetics of Li–O2 batteries. We show that LiI can increase the acidity of H2O and facilitate the deprotonation of H2O by strong oxidants such as Li2O2 and/or
LiO2 formed from chemical disproportionation or lithium–oxygen battery discharge, which promotes the formation of LiOH instead of Li2O2 in an ether-based
electrolyte. Increasing the H2O : LiI ratios can decrease H2O acidity and change the products from LiOH to a mixture of Li2O2, LiOOH�H2O and LiOH�H2O.
Therefore, strategies to suppress the deprotonation of water and electrolyte solvents are needed to prevent LiOH formation in the presence of LiI and increase
the reversibility and performance of Li–O2 batteries.

Introduction

Lithium–oxygen (Li–O2) batteries have received much attention
during the past decade due to their high theoretical specific
energy (3500 W h kg�1 at the cell level)1 which is three times
higher than that of the current commercial Li-ion batteries
based on LiCoO2 active material (1000 W h kg�1). The mecha-
nism of Li–O2 batteries is based on a different principle than
Li-ion batteries; namely instead of intercalation of Li+ into a
metal oxide host, lithium ions react with reduced oxygen
species to form Li2O2 deposits inside a porous cathode matrix.2
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In practice, the specific energy is limited by the capability of the
cathode material to accommodate large quantities of Li2O2.
One of the main problems related to Li2O2 precipitation is its
insulating nature. The Li2O2 precipitate passivates the electrode
surface hindering further electron transfer.3,4 This obstacle can
be overcome, to some extent, by designing high surface area
structures of the carbon matrix,2,5 and modifying the surface
chemistry6 and the morphology of the deposited Li2O2.7–10

However, the insulating nature of Li2O2 brings further compli-
cations during the charge process. In particular, the sluggish
kinetics of charge transfer result in high charging over potentials,
low rate capability, low energy efficiency, numerous parasitic
reactions and poor cycle life.1,2,11,12

In addition to the use of solid-state catalysts13–15 such as
metal oxides,16,17 modified carbon,18–20 or metals8,21 and their
alloys22 to mitigate sluggish reaction kinetics, soluble redox
mediators have been shown recently to promote the kinetics of
charge transfer through chemical oxidation of Li2O2 rather than
direct electrochemical oxidation.23–34 In the electrochemical step,
the soluble redox mediator is oxidized (reaction (1)), following
which it chemically reacts with Li2O2 (reaction (2)).

RM " RM(soluble)
+ + e� (1)

Li2O2(solid) + 2RM(soluble)
+ " RM + O2 + 2Li+ (2)

Because of the solvation of the mediator, the second step does not
need to occur at the electrode surface; an oxidized mediator can
access the Li2O2 precipitate that is not in direct contact with an
electrode. Such mechanisms have already been shown to lower the
charging overpotentials and consequently, greatly improve the
energy efficiency of Li–O2 batteries.23–31,33,34 A variety of redox
mediators have been studied: tetrathiofulvalene (TTF),27,28 tris[4-
(diethylamino)phenyl]amine (TDPA),24 2,2,6,6-tetramethyl-
piperidinyloxyl (TEMPO),29,30 10-methylphenothiazine (MPT),31

phthalocyanine (FePc),23 iodide (I�)25,32,34,35 and bromide (Br�).33,36

LiI has been studied intensively to decrease charging over-
potential and improve the cycle life of Li–O2 batteries.25,32,34,35,37

Ambiguities exist in terms of its effect on the reversibility,
cyclability, and reaction mechanism of lithium–oxygen redox
chemistry.26,32,38–40 For example, Lim et al.34 reported an
oxidation plateau at 3.3 V up to 900 cycles using carbon
nanotubes and tetraethylene glycol dimethyl ether (TEGDME)
with 0.05 M LiI. Liu et al.35 have reported oxidation potentials
lower than 3.2 V for 3000 cycles using reduced graphene and
an electrolyte based on water-containing DME (45 000 ppm of
H2O) with 0.05 M LiI. This performance has been attributed to a
reaction mechanism involving the formation of LiOH via O2 +
4Li+ + 2H2O + 4e�" 4LiOH on discharging and consumption
of LiOH by triiodide formed at voltages lower than 3.2 VLi on
charging via 4LiOH + 2I3

�" 4Li+ + O2 + 2H2O + 6I�. However,
UV-Vis experiments by Shen et al.39 and the analysis of reaction
free energies by Viswanathan et al.40 show that the reversible
LiOH oxidation by triiodide is unlikely. Most recently, Zhu et al.32

have reported that a mixture of LiOOH�H2O and LiOH�H2O is
formed during discharge while on charging the LiOOH�H2O is
oxidized by I3

� and LiOH�H2O by I2 species in DME-based

electrolytes with high water content (4100 000 ppm) similar to
the results reported by Liu et al.35 These findings are different from
those of Burke et al.,38 where LiOH was formed upon Li–O2 battery
discharge with H2O (5000 ppm) and 0.2 M LiI in DME. In addition,
this work shows low efficiency of triiodide for the oxidation of
Li2O2 into oxygen in DME-based electrolytes38 in contrast to other
studies25,26,34,35,37 and neither I3

� nor I2 can oxidize LiOH from
DEMS and iodometric titration measurements. These authors
instead suggest that LiOH can react with I2 during charging to
form soluble LiIO3 (3I2 + 6LiOH " LiIO3 + 5LiI + 3H2O), which is
irreversible during subsequent cycles. These observations are
supported by Kwak et al.,26 where fast deterioration in the energy
efficiency of Li–O2 batteries cycled with 0.05 M LiI solution in
TEGDME (H2O o10 ppm) and carbon paper has been attributed
to the irreversible formation of LiOH from deprotonation of
TEGDME, rather than H2O, by Li2O2 which is mediated by iodide
ions. Therefore, further understanding the role of iodide in the
formation and oxidation of LiOH is much needed and critical to
assess if LiI can be used as a redox mediator to promote the
kinetics of Li–oxygen batteries.

In this study, we focus on examining the role of iodide in the
formation of LiOH under two experimental conditions: (i) reacting
KO2 with lithium salts in DME solution and (ii) the electrochemical
reduction of Li+–oxygen in lithium–oxygen batteries at high poten-
tials (B2.7 V), where Li2O2 is formed largely by disproportionation
of LiO2, and at low potentials (B2.2 V), where Li2O2 is formed
directly through electrochemical steps.41 In these experiments, the
addition of H2O to the DME-based electrolyte (typically containing
around 40 ppm of H2O) as a proton source for LiOH formation is
studied. The solid reaction products are probed by Raman spectro-
scopy, 1H NMR and X-ray diffraction while the liquid phase
is examined by UV-Vis and 1H NMR spectroscopy. The oxidation
of iodide to triiodide in these measurements is quantified using
UV-Vis spectroscopy and iodometric titration. In the absence of
substantial H2O (40 ppm H2O) in the electrolyte, chemical dis-
proportionation (in the presence of KO2 with lithium salts) and
electrochemical reduction of Li+–O2 at both high and low discharge
voltages result in the formation of mostly Li2O2, regardless of the
presence of LiI. On the other hand, the addition of LiI changed the
main product from Li2O2 to LiOH in electrolytes with low H2O : LiI
ratios (up to 5), which is accompanied by the oxidation of I� to I3

�

for chemical reactions and electrochemical reactions at low over-
potentials. The addition of LiI in the electrolytes with high H2O : LiI
molar ratios greater than 5 leads to a mixture of Li2O2, LiOOH�H2O
and LiOH�H2O. These different products observed can be explained
by the hypothesis that the reactions between peroxide Li2O2 and/or
superoxide LiO2 with H2O to form LiOH can be facilitated by
increased water acidity by strong I�–H2O interactions as revealed
by 1H NMR and FT-IR.

Experimental
Chemicals

High purity dimethyl sulfoxide was purchased from Sigma
Aldrich (99.9% pure anhydrous). DME was purchased from
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Acros and was degassed and dried using a Glass Contour Solvent
Purification System built by SG Water USA, LLC. The solvents were
further dried over molecular sieves for at least one week before
use. Lithium bis(trifluoromethanesulfonyl)imide (from Nippon
Shokubai) was dried at 160 1C under vacuum for 24 hours. High
purity LiI (99.999% pure), KI (99.998% pure), I2 (99.999% pure)
and Li2O2 (90%) chemicals were ordered from Alfa Aesar and were
used as received. The starting Li2O2 powder sample contains
LiOH and Li2CO3 impurities estimated at B13% and B1%,
respectively, from the XRD data.42 KO2 (99% pure) powder was
purchased from Sigma Aldrich and was used as received.
All chemicals were stored in an argon-filled glovebox with H2O
and O2 contents o0.1 ppm. The electrolytes were prepared by
dissolution of a desired amount of salts in the solvent. The total
H2O content in the solvents and electrolytes was checked using a
C30 compact Karl Fisher coulometer from Mettler Toledo and for
the dry solvent it was o10 ppm for B2 g of the test sample. The
solution containing lithium salts (0.2 M LiI plus 0.1 M LiTFSI) had
a slightly higher water content of 40 ppm, coming from residual
water in the salts. Electrolytes containing a high amount of water
(from 1000 to 146 000 ppm of H2O) were prepared by adding
deionized water (18.2 MO cm, Millipore) to the dry solvents
outside the glove box. Next, the obtained solvent was extensively
bubbled with argon gas inside the glovebox for 15 min in order to
remove all of the oxygen. The H2O content was confirmed using
the Karl Fisher coulometer.

The effect of iodide ions on lithium peroxide formation was
studied using a chemical route. KO2 powder was added to
solutions with varied H2O content (from 40 ppm to 146 000 ppm)
and type of Li salt (LiI or LiTFSI). The reaction between Li+ and KO2

(disproportionation reaction (3))2

2O2
� + 2Li+ - Li2O2 + O2 (3)

is very fast and results in O2 evolution and precipitation of a
white powder in all the studied samples. The molar ratio of KO2

to Li+ ions (1 : 3) was kept constant in all of the samples, while
the total concentration of Li+ in each solution was 0.3 M, unless
otherwise specified. Thus, assuming 100% efficiency, the total
possible amount of produced Li2O2 is 50 mM. If not otherwise
specified, the resultant precipitate was separated from the
liquid phase by centrifugation/decantation, and further washed
3 times with dry solvent in order to remove residual salt. The
duration of each reaction is indicated in the figure captions.
The precipitate was studied by Raman spectroscopy and 1H NMR
(using D2O as co-solvent), while the liquid phase was examined
by UV-Vis and 1H NMR (using deuterated DMSO as co-solvent)
spectroscopy.

The presence of H2O2-like species was detected by Quantofix
strips purchased from Sigma Aldrich. The strips are sensitive to
the presence of hydrogen peroxide, peracetic acid and different
organic/inorganic hydroxyperoxides. The detection mechanism
is based on the peroxidase compound and organic redox
indicators.43

Solutions with oxygen atmosphere were prepared by bubbling
the solution with O2 for 20 minutes and sealing the sample
afterwards.

Battery assembly

The Li–O2 cells consisted of a lithium metal anode and free-
standing vertically aligned few-walled CNTs (detailed prepara-
tion of the nanotubes has been previously reported44,45) as the
O2 electrode (B1 � 1 cm2

geo.). After weighing and vacuum-
drying at 100 1C for 8 hours, the electrodes were transferred to
a glove box (H2O o0.1 ppm, O2 o0.1 ppm, Mbraun, USA)
without exposure to ambient air. The carbon loadings were on
average 1.6 mg cm�2

geo.. The cells were assembled with a
lithium foil anode (Chemetall, Germany, 15 mm in diameter)
and soaked in 150 ml of electrolyte. A 316 stainless steel mesh
was used as the current collector. The cathode and anode were
separated by 2 Celgard 2325 separators. Following assembly,
the cells were transferred to a connected second argon glove
box (Mbraun, USA, H2O o1 ppm, O2 o1%) without exposure to
air and pressurized with dry O2 (99.994% pure O2, Airgas, H2O
o2 ppm) to 25 psi (gauge) to ensure that an adequate amount
of O2 was available. The oxygen pressure in the cell was
measured using a pressure gauge during the experiments to
confirm proper cell sealing. Electrochemical tests were conducted
using a Biologic VMP3. All discharge tests were performed by first
resting at open circuit (B2.9–3.2 VLi) for 6 hours. Three different
discharge conditions were used (i) potentiostatic discharge at
2.7 VLi, (ii) galvanostatic discharge at 12.5 mA g�1 and
(iii) potentiostatic discharge at 2.2 VLi.

Characterization

UV-Vis was performed using a Beckman Coulter DU 800 spectro-
photometer. The pure solvent (e.g. DME) was used as the blank
solution. Solutions were prepared in an argon glovebox and
sealed in a quartz cuvette used for data collection, preventing
air exposure. Due to the high molar absorptivity of I3

�, the
solutions with I3

� were diluted so that the intensity of the I3
�

absorption signals (at 293 nm and 364 nm) was within the
calibration range (Fig. S2, ESI†). The concentrations of triiodide
were calculated based on the absorption intensity of both the
293 and 364 nm signals by averaging the value, unless one
of the absorbance peaks was out of the calibration range,
in which case only one wavelength was used. The very high
molar absorptivity (52341 dm3 (mol cm)�1 at 293 nm and
27 054 dm3 (mol cm)�1 at 364 nm) of triiodide in DME allows
for the detection of I3

� concentrations as low as 0.002 mM. The
absorption spectra in the figures are rescaled (arbitrary units)
in order to visualize the difference in I3

� concentration for
different solutions. Thus, a high concentration of I3

� corre-
sponds to high absorption at wavelengths 293 nm and 364 nm
and vice versa. The scale factors and the calculation of I3

�

concentrations are summarized in Table S1 (ESI†). For solution
preparation and dilution, the same micropipettes were used
(1 ml, 0.1 ml and 0.02 ml), the pipette tips were first wetted
2 times with the desired solution by slowly aspirating and
dispensing it. In all cases the pipetted volumes were greater
than 50% of the maximum pipette volume in order to maximize
accuracy. The I3

� concentration measurement error comes
mostly from the pipetting procedure that varies depending on
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the number of dilutions and is estimated to be 1%, 2% and 3%
for 1, 2 and 3 dilutions, respectively.

Iodometric titration was performed with 0.01 M thiosulfate
(anhydrous 99.99% Sigma-Aldrich, stored in desiccator) using a
50 ml burette (Class A, graduation 0.10 ml, tolerance �0.05 ml
from VWR) and starch indicator (1% w/v of Amylodextrin) in
aqueous solution (Ricca Chemical). The thiosulfate solution
was first standardized with KIO3 (99.995% pure from Sigma
Aldrich) solution of a known concentration (2.3 mM) in three
separate probes. 10 ml of KOI3 solution was added to an
Erlenmeyer flask (250 ml), to which 100 mg of KI (Bioultra
499.5% TA from Sigma Aldrich) and 4 ml of 6 M H2SO4 were
added. The obtained I3

� solution was immediately titrated with
thiosulfate solution. Just before the end-point, indicated by a
light straw-like color, the starch solution was added, resulting
in a change of color to dark red/brown (this color change is due
to branched Amylodextrin rather than blue when using straight
chain amylose). The quantification of triiodide in the electrolyte
samples was done by mixing 1 ml of sample in 5 ml of H2O
containing 50 mg of KI, and titrating with standardized thio-
sulfate solution as described above. The thiosulfate solution
was prepared fresh the same day as the titration experiment.
Verification of the experimental procedure was done by titrating
known concentrations of triiodide in DME prepared by mixing
lithium iodide and iodine in DME (50.7 mM and 24.9 mM).
Averaged concentrations of 50.5 and 24.8 mM were found from
2 independent probes, confirming the accuracy of the titration
method. The estimated I3

� concentration error, based on the
burette tolerance of �0.05 ml, is �0.3 mM.

Raman spectroscopy was performed 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. An air-tight cell was used for powders, and all
sample preparation was done in an argon-filled glovebox.
Raman spectra were recorded in the range of 200–3800 cm�1

with laser power at 25% and an acquisition time of 30 s and
5 accumulations per run. The reference spectra of Li2O2, LiOH,
KO2, LiTFSI and LiI are available in the ESI,† Fig. S6.

Scanning electron microscopy was carried out on a Zeiss
Ultra 55, Zeiss Supra 55VP, and a Zeiss Merlin microscope (Carl
Zeiss, Germany). The samples were sealed in argon and quickly
placed in the vacuum chamber to minimize exposure to ambient
atmosphere (maximum 5 seconds). Imaging was performed at a
working voltage of 5 kV.

The XRD of discharged products was performed on a Rigaku
Smartlab diffractometer in Bragg–Brentano geometry. A domed
air tight XRD cell holder from Panalytical was used to prevent
exposing the electrodes to ambient atmosphere. The electrodes
were washed once in dry solvent before the XRD measurement.

1H NMR was performed on Bruker AVANCE and Bruker
AVANCE III-400 MHz nuclear magnetic resonance (NMR) spectro-
meters. The liquid part of the sample was placed inside the
capillary and closed with a Teflon cap. Next, the capillary was placed
inside an NMR tube that contained deuterated DMSO solvent.

In such a manner, we avoided direct mixing of the reference and
sample solutions, so that we could probe the species in the studied
solution in isolation. Solids were analysed by first dissolving them in
D2O solution with a known amount of DMSO (3 mM) for quanti-
fication purposes. The resulting solution was directly placed in an
NMR tube (no capillary).

The Fourier transform infrared (FT-IR) spectra of the materials
were obtained on an FT-IR Tensor II (Bruker) inside an argon-
filled glovebox with the H2O and O2 levels o1 ppm. The measure-
ments were done with a 2 cm�1 resolution in the 4000–500 cm�1

spectral range; 1000 scans were averaged. The FT-IR spectra were
recorded using a single reflection ATR accessory (Pike Vee-Max II,
Pike Technologies) with a KRS-5 prism (Pier optics) at an incident
angle of 50 degrees.

Results and discussion
Oxidation of I� to I3

� and LiOH formation from adding KO2

to DME-based solutions with low H2O : LiI molar ratios (o5)

Having KO2 in DME solutions with LiI could oxidize I� to I3
�, as

shown in Fig. 1a. Adding KO2 into the solution (40 ppm of H2O)
with LiTFSI without LiI led to spontaneous oxygen evolution
(confirmed by gas chromatography) and precipitation of a
white powder, while the solution remained colorless. This
observation can be attributed to the well-known disproportio-
nation reaction 2KO2 + 2Li+ - Li2O2 + 2K+ + O2.1,2 Interestingly,
adding KO2 to the solutions (40 ppm H2O – 2 mM) containing a
mixture of LiTFSI and LiI (H2O:LiI 0.01) induced an immediate
color change to visibly brownish yellow within a few minutes,
in addition to gas evolution and precipitation of a white powder
(Fig. 1a). It is worth noting that adding KO2 into solutions
containing LiI and 1000 ppm H2O (48 mM, H2O:LiI 0.24) led to
intensified color changes (Fig. 1a), while no color change was
noted for the solutions containing LiTFSI without LiI. Further
increasing the water content to 2000 ppm H2O (96 mM, H2O:LiI
0.48) and 3000 ppm H2O (144 mM, H2O:LiI 0.67) led to even
more intense colors (Fig. 1a). The change from colorless to
yellow/brown upon addition of KO2 to solutions containing LiI
can be attributed to the formation of triiodide (3I�" I3

�+ 2e�),
which is evidenced by the UV-Vis spectra in Fig. 1b. Two new
signals appeared at 293 nm and 364 nm, which are characteristic
of I3

�, upon addition of KO2 while the pristine solution with LiI
(colorless) had only I� adsorption at 230 nm independent of the
H2O content (Fig. S1, ESI†). The formation of I3

� during Li2O2

synthesis has not been reported in the literature during the
discharge of batteries26,34,38 (electrochemical formation of Li2O2)
as previous studies have shown that the oxidation of I� to I3

�

occurs during charging and subsequently I3
� can facilitate the

oxidation kinetics of insulating Li2O2 through the chemical reac-
tion Li2O2 + I3

� - 2Li+ + O2 + 3I�.
The concentrations of triiodide (I3

�), from oxidation of iodide
(I�) in the decanted liquid phase from Fig. 1a, were estimated
based on UV-Vis peak intensities at 293 and 364 nm (calibrated
with different concentration of I3

� in Fig. S2, ESI†) shown in
Fig. 2 and iodometric titration (Table S1, ESI†). With 40 ppm of

Paper Energy & Environmental Science

Pu
bl

is
he

d 
on

 1
7 

Ju
ly

 2
01

7.
 D

ow
nl

oa
de

d 
by

 U
ni

ve
rs

ity
 o

f 
C

hi
ca

go
 o

n 
4/

13
/2

02
0 

2:
29

:0
0 

A
M

. 
View Article Online



1832 | Energy Environ. Sci., 2017, 10, 1828--1842 This journal is©The Royal Society of Chemistry 2017

H2O (2 mM), the I3
� concentrations detected were low, which was

independent of initial LiI concentrations added (1.0 to 1.3 mM),
as shown in Fig. S3a (ESI†). In addition, the I3

� concentration
reduced with increasing reaction time, dropping from 1.2 mM
after 0.5 hour to 0.01 mM after 24 hours, as shown in Fig. S3b
(ESI†). The slow decay of I3

� concentration with time can be
related to the oxidation of Li2O2 obtained from the disproportio-
nation reaction, which is accompanied by reduction of I3

� to I�

(Li2O2 + I3
� - 2Li+ + O2 + 3I�). Increasing H2O from 40 to

1000 ppm (48 mM), the I3
� concentration was increased to

B25 mM, as shown in Fig. 2. The formation of I3
� occurred

rapidly, reaching 25 mM after 4 hours, and then decreased by a
minute amount over a long time (to 24 mM after 24 hours), as
shown in Fig. S4 (ESI†). The formation of I3

� can be explained by
the following mechanism with reactions (4)–(6) below, which
would yield half I3

� relative to H2O added in a molar ratio as
observed experimentally. This mechanism is supported by the
fact that increasing water levels to 2000 ppm (96 mM) doubled the
I3
� concentration to 49 mM. Further increasing to 3000 ppm

(142 mM) did not increase the I3
� concentration, as shown by

both UV-Vis and iodometric titration after 8 hours in Fig. 2.
Therefore, the concentrations of I3

� detected (50 mM) were no
longer limited by H2O available in the electrolyte when above
2000 ppm (96 mM). Instead they were limited by the amount of
KO2 added (0.1 M) in the experiments, where the maximum
amount of H2O2 (50 mM) available to oxidize I� is limited by
the maximum amount of Li2O2 potentially formed (50 mM) from
the disproportionation of 0.1 M KO2.

2LiO2 - Li2O2 + O2 (4)

Li2O2 + 2H2O - H2O2 + 2LiOH (5)

Fig. 2 The concentrations of I3
� estimated from UV-Vis spectroscopy

based on three sets of experiments (left from Fig. 1 and center and right
from Fig. 3). The error bars are indicated in red. The I3

� concentration
measurement errors came mostly from the solution preparation by pipetting,
which had 1% volume error (based on the pipette specifications) when
operated with volumes above 50% of its maximum value. Thus, it was
dependent on the number of dilutions and was estimated to be 1%, 2%
and 3% for dilution of 1, 2 and 3 times, respectively. The accuracy of the
UV-Vis experiment was confirmed by iodometric titration which gave almost
identical I3

� concentrations (Fig. S4 and Table S1, ESI†).

Fig. 1 (a) Changes of DME-based solutions with LiTFSI and LiI before (top)
and after (bottom) addition of 0.1 M KO2, where the concentration of Li+

was kept constant (0.3 M) and the experiments were performed in argon
atmosphere. The bottom images are taken after separation of the solid and
liquid phase. (b) The corresponding UV-Vis spectra of the liquid phase
obtained after KO2 addition: blue curves for electrolytes without LiI, dark
green for H2O:LiI 0.01, bright green for H2O:LiI 0.24, dark red for H2O:LiI
0.48, and bright red for H2O:LiI 0.67. (c) The Raman spectra of the
corresponding solid phase obtained after KO2 addition. Raman spectra
were recorded in the range of 200–3800 cm�1 with a laser power of 25%
and an acquisition time of 30 s and 5 accumulations. The reference spectra
of Li2O2, LiOH, KO2, LiTFSI and LiI are available in the ESI,† Fig. S6.
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H2O2 + 3I� + 2Li+ - 2LiOH + I3
� (6)

This mechanism is supported by the 1H NMR spectra of
the liquid phase (Fig. S5, ESI†), which revealed that H2O was
consumed completely for samples containing LiI and H2O levels
up to 2000 ppm (96 mM) but not for 3000 ppm (142 mM). The
sample with 1000 ppm H2O and LiTFSI (without LiI) showed
a strong signal from H2O, indicating that H2O remains intact
during the disproportionation reaction without LiI. Moreover, the
1H NMR spectra of the liquid phase revealed a lack of soluble
decomposition products of DME (Fig. S5, ESI†).

The Raman spectroscopy of the collected precipitates, obtained
from adding KO2 to DME solution containing LiTFSI and LiI
provided further support to the mechanism (reactions (4)–(6)).
Li2O2 was the major phase for the low H2O content of 40 ppm, as
evidenced by the appearance of peaks at 254 and 787 cm�1 (Fig. 1c),
in agreement with the Raman spectra of commercial Li2O2 powder
(Fig. S6, ESI†). Increasing the H2O content from 40 to 1000 ppm for
a mixture with LiTFSI only, led to the formation of a small amount
of LiOH, with the majority of the precipitate being identified as
Li2O2, which is in accordance with previous reports.46 In contrast,
the presence of LiI (and 1000 ppm H2O) produced a mixture of
LiOH and Li2O2, with high content of the former. Increasing the
H2O content from 1000 ppm to 2000 ppm in the presence of
LiI further produced more LiOH and less Li2O2. And finally, with
3000 ppm of H2O, a pure LiOH phase was obtained. Therefore,
disproportionation of KO2 in the solution with both high H2O
content and LiI led to the formation of LiOH, which is consistent
with previous studies.26,35 In this study, we propose that the
formation of LiOH can be attributed to deprotonation of H2O and,
by a much smaller extent, DME in the presence of strong oxidants
such as Li2O2 and LiO2, which will be discussed and examined below.
The deprotonation/degradation of DME is supported by the
1H NMR spectra of the solid phase (Fig. S7, ESI†), which revealed a
small amount of HCOO� and CH3COO� corresponding to about
0.1–0.2 mM of reacted DME. Although the decomposition of
DME is not significant, cycling can lead to the accumulation of
by-products and can shorten the cycle life of Li–O2 batteries.

It is worth noting that the greater the I3
� concentration in

the liquid phase from the mixture in Fig. 1a, the greater the
amount of LiOH relative to Li2O2 (Fig. 1c). It is proposed that I�

can be oxidized to I3
� by peroxy-like species such as hydrogen

peroxide43 or the hydroperoxyl anion (HO2
�).47 For example,

the reaction may proceed in two steps: H2O2 + I�- IO� + H2O
and IO� + 2I� + H2O - I3

� + 2OH�.43,47 There are a number of
reactants that can generate H2O2: KO2, O2, O2

�, HO2, LiO2 and
Li2O2, which can form upon adding KO2 into LiI-containing
DME solutions with H2O. We conducted additional experiments
to understand what reactions are most likely to be responsible
for the observed oxidation of I� to I3

� and the associated LiOH
formation found in Fig. 1.

Minimal influence of molecular oxygen on the oxidation from
I� to I3

�

We first examine the effect of molecular oxygen on the degree
of oxidation from I� to I3

�, which may occur by direct oxidation

of I� in the solution or by H2O2 formed from self-oxidation of
DME by molecular oxygen (RH + O2 - R* + HOO* and RH +
HOO* - R* + H2O2).48–50 The UV-Vis spectra of 0.3 M LiI
solution in DME (either 40 ppm or 1000 ppm of H2O) under
argon and oxygen are compared in Fig. 3a. Under argon, the
solution remained colorless after 1 week, having only signals
from I� (below 270 nm) with no trace of triiodide. In contrast,
under oxygen the solution became yellowish, and two triiodide
signals appeared on the UV-Vis spectra, but the triiodide
concentration was low (0.31 mM after 1 week, Fig. 2). We can
rule out the direct oxidation of iodide by molecular oxygen as
when replacing DME with DMSO as the solvent, we found
no triiodide formed in the presence of O2 (Fig. S8, ESI†).
In addition, we found that light can promote the oxidation
from I� to I3

�, as indicated by an observed doubling of the
concentration of I3

� relative to a solution aged in the dark as
shown in Fig. S8 (ESI†), which might be attributed to the
enhanced kinetics of self-oxidation of DME to form more
H2O2.48–50 Moreover, adding extra H2O to the solution
(1000 ppm) can further accelerate DME self-oxidation48–50 as
the amount of I3

� detected was three times higher as compared
to the 40 ppm solution. Nevertheless the amount still remained
low after 1 week (0.95 mM). Therefore, such small concentrations
of I3

� detected and slow kinetics (1 week to obtain 0.95 mM I3
�,

representing 1% conversion of iodide) cannot account for the
significant amount of I� oxidation found in the presence of KO2

and Li+, where a strong color change was observed in the first few
minutes and 25–50 mM of I3

� (37.5–75.0% conversion of iodide)
was detected after 8 hours.

We would like to note that the oxygen used in this study was
in its ground state (triplet). During the disproportionation
reaction, singlet oxygen can be produced that can easily react
with H2O or DME to form H2O2 according to recent studies
by Mahne et al.51 However, the amount of singlet oxygen
formation during the disproportionation reaction of LiO2 is
very low relative to the total amount of evolved oxygen, thus, it
cannot account for the equimolar formation of I3

�. This is
supported by the results of the disproportionation experiment
in the presence of only LiTFSI salt and 1000 ppm of H2O where
H2O2 at a concentration o0.5 mM was detected with Quantofix
strips (sigma Aldrich) in the liquid phase. The concentration
was further confirmed by adding LiI to the decanted liquid
phase and quantifying the amount of formed I3

� by UV-Vis
(0.43 mM). Therefore, the role of molecular oxygen in I3

�

formation is found to be minor in the time scale of a day.

Minimal role of superoxide O2
� and KO2 in the formation

of LiOH and oxidation from I� to I3
�

Here we examine the role of superoxide ions (O2
�) and KO2 in

forming LiOH via deprotonation of DME48/H2O46 and creation of
hydroperoxyl ions HO2

�,46,48,49,52 which can oxidize I� to I3
�

(detailed mechanism in ESI†). 300 mM KI was used to replace
LiI; adding 100 mM KO2 to the solution with 40 or 1000 ppm did
not lead to disproportionation, precipitation, or gas evolution. The
UV-Vis spectra of the solutions exhibited a broad signal between
200–400 nm (Fig. 3b), which can be attributed to O2

�,53 and weak
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signals of I3
�. Although increasing H2O from 40 to 1000 ppm

increased the intensity of I3
� signals, the concentrations were

found to be below 0.01 mM and the solution remained visibly
clear after addition of KO2 for 2 days. We further increased the
concentration of soluble KO2 in the solution by replacing DME
with DMSO41 (Fig. S9, ESI†). Nevertheless, the concentration of I3

�

was lower than 0.01 mM (similar to that found in DME). Therefore,
we conclude from these observations that O2

� and KO2 play a
negligible role in deprotonating DME or H2O to produce the
observed LiOH and detection of 25–50 mM for I3

� found in Fig. 1.

Minor role of commercial Li2O2 powder on the formation of
LiOH and oxidation from I� to I3

�

Commercial Li2O2 powder (Alfa Aesar, 500–1000 nm particle
size in Fig. S10a (ESI†), 100 mg) was added to solutions

containing 0.3 M LiI and 40 or 1000 ppm H2O in DME. No color
change was observed after 5 minutes while both solutions
became yellowish after 2 days, as shown in Fig. 3c. The UV-
Vis spectra (Fig. 3c) of solutions with 40 and 1000 ppm H2O
revealed I3

� at concentrations of 0.71 and 1.0 mM after 2 days,
respectively. I3

� concentrations increased further to 3.5 mM
when a solution with 5000 pm H2O was used (Fig. S11, ESI†).
The oxidation kinetics for this case (no color changes after
minutes and 1.0 mM, representing 1% oxidation, after 2 days)
is much slower than that observed when adding KO2 to Li+-
containing DME solution (strong color changes after few minutes
and 25–50 mM, representing 37.5–75.0% oxidation after 8 hours).
The slow reaction process is further supported by SEM images,
where no change in Li2O2 morphology was observed after 2 days
of reaction (Fig. S10a, ESI†). Therefore, commercial Li2O2 particles

Fig. 3 (a) The influence of O2 and H2O on the stability of I� in DME solution. UV-Vis spectra of 0.3 M LiI solutions in DME with either 40 ppm H2O
(H2O:LiI 0.007) or 1000 ppm H2O (H2O:LiI 0.16). The spectra are taken after 1 week of storage in defined conditions. (b) UV-Vis spectra of DME with either
40 ppm H2O (H2O:LiI 0.007) or 1000 ppm H2O (H2O:LiI 0.16) mixtures containing 0.1 M KO2 and 0.3 M KI after 2 days. The I3

� concentration from
absorption values at 293 nm and 364 nm was estimated after subtraction of the reference DME + KO2 spectra to avoid contribution from O2

� absorption.
(c) The UV-Vis spectra of 0.3 M LiI mixed with commercial Li2O2 powder (0.1 g) in DME with 40 ppm (H2O:LiI 0.007) or 1000 ppm of H2O (H2O:LiI 0.16)
after 2 days. The inset on the top right shows optical photographs of the mixture after 5 minutes and 2 days. (d) UV-Vis spectra of 0.2 M LiI + 0.3 M LiTFSI
solution in DME with either 40 ppm H2O (H2O:LiI 0.01) after 0.5 hour or 1000 ppm of H2O (H2O:LiI 0.24) after 24 hours. 0.2 M KO2 was added first to a
0.6 M LiTFSI solution leading to the formation of Li2O2–S-LiO2, and after 20 minutes, 0.4 M LiI solution was added. The inset on the bottom right shows
optical micrographs of the mixture after 1 minute and 4 hours.
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were found to play a minor role in deprotonating DME and H2O
and the observed oxidation in Fig. 1. However, commercial Li2O2

powder still led to a notably higher concentration of I3
� (41 mM

after 2 days) when compared with molecular oxygen (0.95 mM
after 1 week) and O2

� and KO2 (o0.01 mM after 2 days),
as shown in Fig. 2. The slow kinetics of I� oxidation and
LiOH formation in the presence of commercial Li2O2 shown in
Fig. 3c might be attributed to the possibility that Li2O2 particle
surfaces were covered by LiOH, as this commercial Li2O2 was
B86% phase with B13% LiOH.42 In the following section,
we performed comparable experiments to Fig. 3c using Li2O2

formed from disproportionation. As our previous X-ray absorp-
tion measurements10 have shown that Li2O2 formed from
disproportionation at high discharge voltages in Li–O2 cells
has more oxygen-rich containing LiO2-like species on the surface,
we denote such Li2O2 as Li2O2S-LiO2

.

Significant role of Li2O2S-LiO2
produced by disproportionation

in the formation of LiOH and oxidation from I� to I3
�

We first produced Li2O2S-LiO2
(200–1000 nm, Fig. S10b, ESI†)

from disproportionation by mixing 0.2 M KO2 and 0.6 M LiTFSI
in a DME solution containing either 40 or 1000 ppm of H2O for
20 min. A 0.4 M LiI solution was added subsequently to the
solution, so that the final concentration of the species was
0.3 M LiTFSI and 0.2 M LiI. A few seconds after adding LiI, the
color changed from clear to yellowish in both solutions. UV-Vis
measurements revealed small concentrations of I3

� (0.62 mM)
for the solution with 40 ppm H2O after 30 minutes (Fig. 3d),
that faded with time (0.31 mM after 16 hours). Remarkably, the
color of the solution with 1000 ppm of H2O became brownish
after 4 hours, indicating an increase in I3

� concentration with
time. Indeed, within the first 24 hours the I3

� concentration
increased, reaching a maximum value of 23 mM, as shown in
Fig. S12 (ESI†) and Fig. 2. After 24 hours, a small decrease in I3

�

concentration was observed. This trend is very similar to the
one found in Fig. S4 (ESI†), where KO2 was added directly to the
solution containing LiI. However, the kinetics of I3

� formation
is slower as the maximum concentration is reached after
24 hours in Fig. S12 (ESI†) as compared with 8 hours in
Fig. S4 (ESI†). The decomposition of Li2O2 and formation of
LiOH is further supported by SEM images, where after reaction
we observed transformation of small rough Li2O2 particles into
big particles (few mm in size) with smooth facades (Fig. S10b,
ESI†).

The faster kinetics and greater extent of oxidation of I� to I3
�

found for Li2O2S-LiO2
produced by disproportionation than for

commercial Li2O2 (Fig. 2) can be attributed to the possibilities
that (1) commercial Li2O2 particle surfaces might be passivated
by LiOH and (2) Li2O2S-LiO2

prepared from disproportionation
can have LiO2 on the surface,10 which could deprotonate H2O
more readily. On the other hand, the faster kinetics of I3

�

formation when KO2 is added directly to the solution contain-
ing LiI, can be related to either the presence of soluble LiO2

or small aggregates/clusters of Li2O2
54,55 during the O2

� dis-
proportionation reaction, which can be more reactive56 towards
the deprotonation of H2O/DME than Li2O2S-LiO2

particles

(200–1000 nm), which were produced by disproportionation
in advance, Fig. 3. Considering that soluble LiO2 most likely
disproportionates faster (second order55 k E 20 M�1 s�1, first
order41 k E 5 s�1) than deprotonating H2O (k E 10�3 M�1 s�1

in acetonitrile and dimethylformamide),52 reaction products of
LiO2 disproportionation may contribute to deprotonation of
H2O to a greater extent than soluble LiO2. Therefore, it is
proposed that the main oxidants responsible for the deproto-
nation of H2O to form LiOH and the oxidation of I� to I3

� are
small aggregates/clusters of LiO2-like and Li2O2-like species
formed during disproportionation. Finally, the following
mechanism is proposed: Li2O2 can react with H2O to produce
LiOH and H2O2 (Li2O2 + 2H2O 2 2LiOH + H2O2),46 the latter
H2O2 can then oxidize I� to I3

� 43 leading to high concentra-
tions of I3

� which strictly depend on the amount of Li2O2 and
H2O available. The consumption of H2O was indeed observed
from the 1H NMR spectra of the solution before and after
oxidation of I� (Fig. S5, ESI†), while the conversion of Li2O2

to LiOH was confirmed by Raman spectroscopy, Fig. 1c. More-
over, LiO2/Li2O2 or singlet oxygen can deprotonate DME26,51,57

to form HOO� and H2O2, which can oxidize I� to I3
� (Li2O2 +

CH3O � R1 2 CH3OLi + R2 + HOO�Li+), as suggested by the
1H NMR spectra of the solid phase, Fig. S7 (ESI†). Nevertheless,
the concentration of I3

� from this process is very small,
o1 mM, as judged by the amount of decomposition products.
It is worth noting that the decomposition of DME is indepen-
dent of the presence of LiI as similar by-products were found in
the mixture with only LiTFSI salt and previous studies of Li–O2

electrochemistry in DME.48,58 This point is in contrast to that of
Kwak et al.,26 who suggested that LiOH formation is mostly due
to decomposition of the TEGDME electrolyte when electrolytes
with high concentrations of LiI are used. In our case, the LiOH
and I3

� formation was independent of the LiI concentration
(Fig. S3b, ESI†). This difference might be either related to the
TEGDME solvent (DME was used here) or the uncontrolled
amount of water in LiI (Kwak et al.26 did not provide H2O
content in the electrolyte, while in this study, pure DME had
H2O of 6 ppm and the electrolyte had 40 ppm of H2O after
addition of high-purity salts). Deprotonation of both H2O and
DME could explain the I3

� concentration of 1.2 mM for the
electrolyte containing only 40 ppm (2 mM) of water as from
2 mM of H2O only 1 mM I3

� can be produced, indicating that
the remaining 0.2 mM comes from DME decomposition.

Lastly, our results indicate that in a DME-based system,
triiodide has sluggish kinetics towards Li2O2 oxidation from
Fig. S3, S4 and S12 (ESI†), where a decrease in I3

� concentration
due to reaction with Li2O2 takes hours and even days, which is
in agreement with Burke et al.38 More systematic studies are
needed to evaluate the effectiveness of the iodide in different
electrolytes for Li2O2 oxidation upon discharge and charge of
Li–O2 batteries.

The formation of LiOH facilitated by LiI at low H2O : LiI ratios
(up to 5)

The presence of 1000 ppm H2O without LiI is not sufficient to
produce LiOH as adding KO2 into LiTFSI containing solutions
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generates Li2O2 only (blue spectra in Fig. 1c), which is in
agreement with the literature.46 The greater the amount of
I3
� detected in Fig. 1, the greater the amount of LiOH relative

to Li2O2. This correlation (Fig. 2) suggests that the formation of
LiOH in these experiments needs to be facilitated by LiI. Below,
we discuss two processes by which LiI can promote the depro-
tonation of H2O and facilitate LiOH formation. Considering
that the free energy change for the reaction Li2O2 + 2H2O "

H2O2 + 2LiOH (DG1 = 41 kJ mol�1)59 is close to zero, where the
equilibrium amounts of H2O2 and LiOH produced are small.
First, the consumption of H2O2 by LiI (via H2O2 + I� - IO� +
H2O and IO� + 2I� + H2O - I3

� + 2OH�) can strongly drive the
reaction equilibrium to the right, consuming available Li2O2

and generating I3
� and LiOH. Second, the presence of LiI can

increase the activity of H2O in DME, which makes it easier to
deprotonate H2O. Kwabi et al.46 have shown that the pKa of H2O
in different solvents can influence the Li–O2 product chemistry:
H2O in pure DME has a high pKa, resulting in low H2O reactivity
and thus no LiOH formation in the presence of H2O, while
H2O in acetonitrile (MeCN) has a lower pKa, resulting in LiOH
formation, in addition to Li2O2, during discharge of Li–O2

cells.46 Similarly, Che et al.52 reported that the pKa of water
was modified by the surrounding solvent, which in turn affects
the mechanism of superoxide disproportionation. Adding LiI
to DME can lower the H2O pKa in DME due to the strong
interactions between iodide ions and H2O expected from
hydrogen/halogen bonding.60,61 This hypothesis is supported by
the following 1H NMR and FT-IR experiments discussed below.

The H2O peak in the 1H NMR spectra (Fig. 4a) was found to
shift from 2.4 ppm to 4.3 ppm upon the addition of LiI salt to
DME with 1000 ppm H2O (H2O:LiI 0.16) while the addition of
LiTFSI caused a shift from 2.4 to 3.4 ppm, as shown in Fig. 4a.
Following the trend established by Forsyth and Macfarlane
et al.,62 where the higher the shift of 1H NMR, the more acidic
the protons are, LiI addition in DME increased the acidity of
H2O. Further support comes from the FT-IR measurements
shown in Fig. 4b. The O–H stretching band (B3600 cm�1) of
H2O from DME-based solutions with 1000 ppm (H2O:LiI 0.16)
and 5000 ppm (H2O:LiI 0.80) was shifted to lower wavelengths
(B3400 cm�1) and was shown to have higher intensities upon
addition of LiI. These changes can be attributed to the formation
of hydrogen/halogen bonds that alter the strength of the O–H
bond resulting in weaker O–H bonding and stronger acidity of
H2O.63–65

The formation of LiOH�H2O at high H2O : LiI ratios (greater
than 5)

We further conducted similar disproportionation experiments
to those discussed above using electrolytes with exceptionally
high water levels,32,35 and more precisely high H2O : LiI ratios
(45). Lowering the acidity of H2O (increasing deprotonation
energy or pKa) was found to promote reaction products like
LiOH�H2O instead of LiOH from H2O and Li2O2. The acidity of
H2O was decreased by increasing the H2O : LiI ratio from 0.25
to 12, which was accompanied with increasing H2O : DME
ratios from 0.0078 to 0.86 in the electrolyte, as indicated by a

Fig. 4 (a) The 1H NMR spectra of DME solutions with 6 ppm of H2O –
black curve, 1000 ppm of H2O – blue curve, 0.3 M LiTFSI and 1000 ppm of
H2O – green curve, or 0.3 M LiI and 1000 ppm of H2O (H2O:LiI 0.16) – red
curve. The NMR experiment was performed with an internal capillary that
allows for separation of the studied sample from the deuterated solvent.
The 1H NMR signal of pure H2O at T = 298 K is 4.8 ppm. (b) The FT-IR
spectra of pure DME and 0.3 M LiI solution in DME with different H2O
content: 6 ppm (H2O:LiI 0.003), 1000 ppm (H2O:LiI 0.16), 5000 ppm
(H2O:LiI 0.80).
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systematic negative shift in the H2O 1H NMR signal (from 4.4 to
3.7 ppm) in Fig. 5a. In contrast, increasing H2O : DME ratios
without LiI in the electrolyte increased H2O acidity as shown
by a systematic positive shift in the H2O 1H NMR signal from
2.5 ppm for H2O:DME of 0.0078 to 3.8 ppm for H2O:DME of
0.86, as shown in Fig. 5b. These changes in H2O acidity can be
attributed to competing solvation of H2O among H2O, DME46

and LiI66 with increasing H2O : DME and H2O : LiI ratios.
As discussed previously, the large increase in the H2O acidity
in the presence of LiI can be attributed to strong interactions
between I� and protons in H2O solvated largely by DME at low
H2O : DME ratios. The difference in the H2O acidity between
electrolyte solutions with and without LiI decreased with
increasing H2O : DME and corresponding H2O : LiI ratios, and
became diminished at a H2O : DME ratio of 0.86, as shown in
Fig. 5c. The comparable H2O acidity with and without LiI at
high H2O : LiI and H2O : DME ratios can be attributed to weaker
interactions between I� and protons of H2O due to greater
solvation of H2O in H2O than DME,66 and fewer I� interacting
with H2O than solutions with low H2O : LiI ratios. These obser-
vations are further supported by FT-IR measurements (Fig. S13,
ESI†), where for H2O : LiI ratios lower than 5 the O–H stretching
band was blue shifted (centred at 3394 cm�1) as compared to
solutions without LiI (centred at 3540 cm�1), indicating greater
acidity. Additionally, we observed the appearance of the H2O
bending band at 1647 cm�1 (Fig. S14, ESI†) for H2O : LiI ratios
higher than 5, suggesting increased solvation of H2O by H2O.
Therefore, the H2O acidity in these H2O:LiI:DME solutions can
be tuned by two competing effects of greater H2O solvation
than DME to increase the H2O acidity and lower interaction
between I� and protons to reduce H2O acidity with increasing
H2O : DME ratio. Lastly, our solutions with H2O : LiI ratios of
12 and 24 without LiTFSI were found to have comparable H2O
acidity to that used previously32 (H2O:LiI of 134, H2O:DME of
0.57 and 0.5 M LiTFSI) in Fig. 5c. Adding LiTFSI into the
solution with H2O : LiI ratios of 12 and 24 increased the water
acidity, which was higher than that for H2O:LiI of 134.

With H2O : LiI ratios lower than 2, the amount of I3
� detected

from the disproportionation reaction by mixing 0.3 M LiI solution
with 0.1 M KO2 for 24 hours was close to B50 mM in Fig. 5c,
which is the maximum estimated from 0.1 M KO2 based on the
proposed mechanism (reactions (4)–(6)). Increasing H2O : LiI
ratios from 2 to 5 sharply reduced the amount of I3

�, which
became negligible for H2O : LiI ratios of 12 and 24. Such changes
were visible as the suspension changed from dark brown for
H2O : LiI molar ratios lower than 2 to light brown, yellow or
colorless for H2O : LiI molar ratios of 5, 12 and 24 after a few
minutes, respectively. Lower I3

� found for high H2O : LiI ratios
can be attributed to lowered acidity of H2O, which reduces
the reactivity of H2O towards Li2O2 or LiO2 to produce H2O2,
and thus decreases the amount of I3

� oxidized from I� by H2O2

(reactions (5) and (6)).
Raman spectroscopy showed that the solid reaction products

obtained from low H2O acidity at high H2O : LiI molar ratios of
24 (having 0.3 M LiI and H2O:DME of 0.86 and 0.5 M LiTFSI)
and 134 (having 0.03 M LiI and H2O:DME of 0.58 and 0.5 M

Fig. 5 (a) 1H NMR spectra of H2O:DME mixtures; the molar ratios of
H2O : DME are indicated on the right. The water peaks are assigned with a
star sign. (b) 1H NMR spectra of 0.3 M LiI in H2O:DME mixtures, with the
molar ratios of H2O : LiI and H2O : DME indicated on the right. The dashed
line represents the H2O signal shift of pure H2O. (c) The shift of the H2O
signal (left axis) as a function of H2O : DME ratio for the H2O : DME mixture
with LiI (black, the numbers near the data points indicate the H2O : LiI
molar ratio) and without LiI (navy). The stars indicate the H2O ppm shift for
electrolytes with 0.5 M LiTFSI, red and gray stars are for solutions with
0.3 M LiI and the red star is for a solution with 0.03 M LiI (same
composition as in ref. 32). The arrow indicates the relation between pKa

and H2O signal shift. The right axis shows the concentration of the I3
�

formed during the LiO2 disproportionation reaction (0.3 M LiI + 0.1 M KO2

for 24 h), where the optical images of suspensions after 24 hours are
shown. The calculation details of the error bars can be found in the
Experimental.
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LiTFSI – composition identical to ref. 32) for 1 hour consisted of
Li2O2, LiOOH�H2O and LiOH�H2O. LiOH�H2O was the major
phase for H2O:LiI of 24 while Li2O2 was the major phase from
solution for H2O:LiI of 134. Such a difference could result from
the lower acidity of H2O (3.8 ppm) for the H2O : LiI ratio of
134 and 0.5 M LiTFSI than that (3.9 ppm) for the solution with
the H2O : LiI ratio of 24 and 0.5 M LiTFSI as indicated by the
1H NMR spectra in Fig. S15 (ESI†) and shown in Fig. 5c.
In addition, extending the reaction time to 48 hours for the
H2O : LiI molar ratio of 134 yielded much less Li2O2 and signifi-
cantly more LiOH�H2O while the Raman peak intensities from
LiOOH�H2O did not change significantly relative to that obtained
from 1 hour. Reduction of Li2O2 with reaction time can be
explained by the reactivity between Li2O2 with H2O to form
LiOOH�H2O, which decomposes to LiOH�H2O according to
reactions (7) and (8). The formation of LiOOH�H2O (reaction
(7)) instead of H2O2 (reaction (5)) can be attributed to lower
H2O acidity and reactivity with Li2O2 at higher H2O : LiI molar
ratios. The formation of LiOOH�H2O and LiOH�H2O does not
generate H2O2, which is consistent with the absence of oxida-
tion of I� to I3

�. The disproportionation reaction mechanisms
for different H2O : LiI ratios are summarized in Fig. 7a.

Li2O2 + 3H2O - LiOOH�H2O + LiOH�H2O (7)

2LiOOH�H2O - 2LiOH�H2O + O2 (8)

We note that the detection of LiOOH�H2O and LiOH�H2O in the
reaction product solids was dependent on experimental conditions.
We found that the addition of LiTFSI to the H2O:LiI:DME solutions
promotes the formation of LiOOH�H2O relative to Li2O2. Conducting
the disproportionation reaction (0.3 M LiI + 0.1 M KO2 in Fig. 6)
without LiTFSI yielded no detectable LiOOH�H2O but Li2O2 as the
major phase with a small amount of LiOH�H2O after 1 hour, and
LiOH�H2O as the only phase after 24 hours, as shown in Fig. 6.
The formation of LiOOH�H2O instead of Li2O2 with the addition
of LiTFSI to the suspension with H2O:LiI of 24 (Fig. 6) is consistent
with the absence of I3

�, and LiOOH�H2O converted quickly to
LiOH�H2O by disproportionation within 1 hour. This observation
can be attributed to greater acidity of H2O, as indicated by positive
peak shifts for the H2O signal (Fig. 5c and Fig. S15, ESI†).
Moreover, washing reaction solid products with anhydrous DME
led to the formation of LiOH from the disproportionation reaction
with H2O : LiI ratios from 0.25 to 24 without LiTFSI for 24 hours,
presumably due to the dehydration of LiOH�H2O at low H2O : DME
ratios during washing with anhydrous DME (Fig. S16, ESI†).

The influence of LiI on the discharge product chemistry
in Li–O2 cells

In our studies of Li–O2 battery discharge, we will limit our
experiments to low H2O:LiI levels (o1) as results for high water
levels, and H2O : LiI ratios have been reported in the recent
studies of Zhu et al.32 CNT electrodes were discharged in Li–O2

cells with 0.3 M LiTFSI or 0.1 M LiI + 0.2 M LiTFSI under
potentiostatic (2.7 and 2.2 VLi) and galvanostatic (12.5 mA g�1

CNT)
conditions to capacities of B4000 mA h g�1 (Fig. 8). Adding
1000 ppm H2O (H2O:LiI 0.48) greatly increased the currents found

at 2.2 VLi for cells with LiI, but no significant changes were noted
for 2.7 VLi (Fig. 8a). For galvanostatic tests, higher discharge
voltages were found for electrodes in electrolytes with LiI and
1000 ppm H2O (Fig. 8b), which is in agreement with the observa-
tion of Burke et al.38 Here we propose that the higher discharge
voltage over the entire capacity came from the following
processes: (i) first a classical electrochemical 2e� O2 reduction
to form LiO2/Li2O2, (ii) followed by a chemical reaction with
water to form LiOH and H2O2, during which the iodide ions act
as a catalyst, (iii) oxidation of I� by H2O2 to form I3

� and
(iv) electrochemical reduction of I3

� to I� on the carbon
electrode as depicted in Fig. 7b. The higher discharge potential
in the presence of LiI and 1000 ppm H2O (H2O:LiI 0.48) can
come from the fact that the I�/I3

� redox potential is centred at
B3.0 VLi. The proposed mechanism could give rise to an
apparent 4-electron reduction of oxygen proposed by Burke
et al.38 Considering that 1000 ppm of H2O in 0.15 ml of
electrolyte accounted for 0.8 mmol of H2O and 4000 mA h g�1

corresponded to 0.4 mmol of Li2O2 in our experiments, all
produced Li2O2 can be converted to LiOH with 0.1 M LiI added
using the proposed mechanism (Li2O2 + 2H2O + 3I� + 2Li+ 2

I3
� + 4LiOH). The observation of a 2.8 VLi plateau (Fig. 8b)

might be assigned to the reduction of I3
� 26,35 resulting from I�

being oxidized upon exposure to CNTs having an open circuit
voltage of B3.2 VLi in the LiTFSI-only electrolyte, which is
higher than the equilibrium potential of I�/I3

� (B3.0 VLi). This
hypothesis is supported by the observation that upon addition

Fig. 6 Raman spectra of unwashed powders obtained from the dis-
proportionation reaction (0.3 M LiI + 0.1 M KO2): H2O : LiI of 24 with
0.5 M LiTFSI for a reaction time of 1 hour and without LiTFSI for 1 and
24 hours; H2O : LiI of 134 with 0.5 M LiTFSI after a reaction time of 1 and
48 hours. Some unidentified signals were labelled by a star sign. Two peaks
from the LiOH�H2O phase shifted (838 cm�1 shifted to 829 cm�1 and
3566 cm�1 shifted to 3691 cm�1), which could be related to the formation
of some intermediate states, which requires further studies.
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of the electrolyte over the CNT electrode, a bright yellow
coloration of the separator was observed, indicating the
presence of I3

� before discharge.
Adding 1000 ppm of H2O in the absence of LiI produced only

Li2O2 as revealed by XRD for electrodes discharged with galvano-
static and potentiostatic methods (Fig. 9), which is in agreement
with previous work.67 Under these conditions, large Li2O2 toroids
(0.5 mm) were observed (Fig. 10a and b), which is characteristic
for Li2O2 formed at high discharge potentials via disproportiona-
tion of soluble LiO2.2,10,41,45,55 In agreement with our findings in
Fig. 1–3, Li2O2 was formed instead of LiOH even in the presence
of strong oxidants such as LiO2 and Li2O2, suggesting insignifi-
cant deprotonation of H2O. With the addition of LiI, while only
Li2O2 was detected at 40 ppm H2O at both 2.7 and 2.2 VLi, while a
mixture of Li2O2 and LiOH was found with 1000 ppm H2O
(Fig. 9). It is worth noting that LiOH was found as the major
phase upon discharge at 2.7 VLi with 1000 ppm H2O while Li2O2

was the major phase with LiOH as the minor at 2.2 VLi, as shown
in Fig. 9. The morphologies of Li2O2 were found to change from
toroids to conformal coatings from 2.7 to 2.2 VLi for 40 ppm
H2O with LiI (Fig. 10c and d), consistent with similar changes
in 0.1 M LiClO4 solution in either DMSO or DME solvent
from our previous work.41 Star-shaped particles (41000 nm),
characteristic of LiOH,68 and thin-layer coatings over the CNT
surfaces were found for electrodes discharged with LiI and
1000 ppm H2O (Fig. 10e and f). Interestingly, less LiOH was

found at 2.2 VLi (1000 ppm and LiI) relative to 2.7 VLi. The
formation of LiOH results from the high reactivity of Li2O2

formed predominantly from disproportionation of LiO2 at
2.7 VLi, having small clusters of LiO2 and Li2O2

54,55 as well as
Li2O2 with superoxide-like surfaces.10 At 2.2 VLi there is a larger
driving force for Li2O2 formation from direct 2e� transfer to O2,
rather than LiO2 disproportion,41 resulting in Li2O2 with less
surface area and fewer LiO2 clusters and/or less superoxide-
like surfaces to deprotonate H2O. Furthermore, the discharge
time was much shorter at 2.2 V (B2 days) as compared to
samples discharged at slow rate (B10 days), giving less time
for Li2O2 to deprotonate H2O. Therefore, adding LiI in Li–O2

batteries would promote the formation of LiOH by irreversible
deprotonation of H2O and the electrolyte solvents.38 The for-
mation of LiOH instead of Li2O2 would lower the Faradaic and
voltage efficiency and shorten the Li–O2 battery cycle life, as
shown by increased overpotentials during cycling as reported by
Kwak et al.26

Upon washing the discharged electrodes with DME, we
observed coloration of the solution resulting from I3

� species,
which was confirmed by UV-Vis (Fig. S17, ESI†). Unfortunately,
the quantification of I�/I3

� concentration in the cell electrolyte
did not yield further information as the produced I3

� species
can be either electrochemically reduced during discharge or

Fig. 8 (a) Potentiostatic and (b) galvanostatic discharge (12.5 mA g�1) of
Li/O2 cells with CNTs (B1.6 mg) for the oxygen electrode, in 0.2/0.3 M
LiTFSI solution in DME with and without addition of 0.1 M LiI and 1000 ppm
H2O (H2O:LiI 0.48). The time of discharge varied from 2 to 14 days
depending on the applied overvoltage.

Fig. 7 The schematic of the Li–oxygen discharge process in the presence
of H2O and LiI in DME based electrolyte: (a) chemical route by mixing KO2

with electrolyte containing Li+ cations and (b) electrochemical route by
discharging the Li–O2 battery.
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reduced chemically with metallic lithium (negative electrode)
while the battery is discharging and/or resting.

Our results clearly indicate that in the presence of H2O and
LiI, the major discharge phase is either LiOH and I3

� or LiOH�
H2O. The formation of I3

� from oxidation of I� is not harmful
to the battery. However, the formation of LiOH is detrimental to
battery performance as it passivates the active surface for Li2O2

formation. Although some reports32,35 mention that LiOH/
LiOH�H2O can be oxidized by either I3

� or I2, ambiguity exists
on this aspect and needs further investigation, especially for
high water levels and H2O : LiI ratios. Nevertheless, at low water
levels and low H2O : LiI ratios, Burke et al.38 have shown that
LiOH oxidation is unlikely as it can react with I2 to form LiIO3,
which is not electroactive. Therefore, for aprotic electrolytes,
H2O contamination should be avoided or strategies to reduce
LiOH formation should be explored.

Conclusions

We show that the chemical disproportionation by mixing
lithium salts with KO2 in DME-based electrolytes with and
without added H2O results in the formation of mostly Li2O2

without LiI. On the other hand, adding LiI and H2O to the
DME-based electrolytes that have low H2O : LiI ratios (o5)
renders LiOH as the major product from the disproportiona-
tion, which is accompanied by oxidation of I� to I3

�. Similar
observations have been noted upon Li–O2 battery discharge at
high discharge voltages to those from the disproportionation
reaction. The formation of LiOH instead of Li2O2 with the
addition of LiI and H2O can be attributed to the greater acidity
of water associated with strong I�–H2O interactions at low
H2O : LiI ratios (o5), which promotes the formation of LiOH
and H2O2 from the reaction between H2O and Li2O2S-LiO2

Fig. 10 SEM images of the CNT discharged electrodes. 0.3 M LiTFSI in DME with 1000 ppm of H2O discharged at (a) 2.7 VLi and (b) 12.5 mA g�1; 0.2 M
LiTFSI + 0.1 M LiI in DME with 40 ppm of H2O (H2O : LiI 0.02) discharged at (c) 2.7 VLi and (d) 2.2 VLi; 0.2 M LiTFSI + 0.1 M LiI in DME with 1000 ppm of H2O
(H2O:LiI 0.48) discharged at (e) 2.7 VLi, (f) 12.5 mA g�1 and (g) 2.2 VLi.

Fig. 9 XRD patterns of the CNT discharged electrodes at different
conditions: 0.3 M LiTFSI in DME with 1000 ppm of H2O discharged at
2.7 VLi – dark blue and 12.5 mA g�1 – bright blue; 0.2 M LiTFSI + 0.1 M LiI in
DME with 40 ppm of H2O (H2O:LiI 0.02) discharged at 2.7 VLi – dark red
and 2.2 VLi – bright red; 0.2 M LiTFSI + 0.1 M LiI in DME with 1000 ppm of
H2O (H2O:LiI 0.48) discharged at 2.7 VLi – dark green, 12.5 mA g�1 – bright
green and 2.2 VLi – light green. Black dashed lines indicate the position of
Li2O2, LiOH and substrate (sub.) peaks.
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produced by disproportionation. In addition, shifting the
equilibrium for the reaction between Li2O2 and H2O (such as
Li2O2 + 2H2O " H2O2 + 2LiOH) to the right with continuous
consumption of H2O2 by lithium iodide (3LiI + H2O2 " LiI3 +
2LiOH) can lead to more LiOH. In contrast, at high H2O : LiI
ratios (12, 24 and 134), lower H2O acidity can lead to the
formation of LiOOH�H2O instead of LiOH and H2O2. LiOOH�
H2O can disproportionate to form LiOH�H2O without the
formation of H2O2 and corresponding oxidation of I� to I3

�.
These findings show that LiI mediates the deprotonation of
water by Li2O2 species in a DME-based electrolyte, resulting in
the formation of LiOH or LiOH�H2O, which can hamper the
cycle life of Li–air batteries. Therefore, these findings indicate
that LiI might not be a suitable redox mediator to promote the
reversibility and cycle life of lithium–air batteries. Further work
on redox mediators and electrolytes should therefore focus on
strategies to suppress parasitic pathways while still preserving
their kinetic advantages for Li–O2 electrochemistry.
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