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present in DMSO solutions of lithium polysulfi des (neither S 4  ·−  
or S 2  ·−  were detected). This was also the only radical species 
observed by Barchasz et al. [ 12 ]  upon discharge of a sulfur elec-
trode in tetraethylene glycol dimethyl ether (TEGDME). None 
of these studies, however, gives a quantitative estimate of the 
free radical content in the electrolyte, as compared with the var-
ious S  n   2−  dianions. Is the S 3  ·−  radical prominent upon cycling 
in Li–S cells using dimethoxyethane (DME) and 1,3-dioxolane 
(DOL) solvents? In this event, could its reactivity be held 
responsible—through electrolyte decomposition—for capacity 
fading over extended cycling? If not, could the practical capacity 
of a Li–S cell be augmented by favoring free radicals by tuning 
the dielectric characteristics of the electrolyte? 

 Herein, we assess the effect of sulfur radical species formed 
upon cycling of Li–S cells; in particular S 3  ·− . Based on our une-
quivocal observation of sulfur radicals in a Li–S cell by X-ray 
absorption near edge structure (XANES)—for the fi rst time 
under operating conditions—using an EPD solvent (DMA), we 
show that radicals are not stabilized in glyme-based electrolytes. 
However, we do show that S 3  ·−  reacts with DOL at elevated tem-
peratures, while DME remains intact. In contrast, the much 
greater dissociation of the anion precursor, S 6  2− , to the trisulfur 
radical in donor solvents such as DMA and DMSO—where tri-
sulfur is in high concentration but nonreactive—surprisingly 
and importantly allows the full utilization of both sulfur and 
Li 2 S. The effective solvation of the latter results in the complete 
absence of an overpotential on charge. Chemical incompat-
ibility between the lithium metal negative electrode and EPD-
solvents can be overcome with anode protection, demonstrating 
their applicability as electrolytes for the Li–S or Li 2 S batteries in 
hybrid cells. 

 The nature of sulfur species in nonaqueous solutions of 
alkali polysulfi des has been well established since the 1970s, 
using UV–Visible or electron spin resonance spectroscopies in 
various solvents. [ 9,10,12 ]  It is not the scope of this work to repeat 
such experiments, and we accept that solvents with low donor 
number (DN), such as tetrahydrofuran (THF) contain exclu-
sively dianions, and in particular S 4  2−  and S 6  2−  that give rise 
to a yellow coloration ( Figure    1  a,e). In contrast, solvents with 
high DN give intensely colored blue solutions owing to the S 3  ·−  
radical (DMA, Figure  1 d), as observed in ultramarine pigments 
(Figure  1 f). [ 9,13 ]  Comparing DME (Figure  1 b) and TEGDME 
(Figure  1 c) that both exhibit a glyme structure, the small differ-
ences in dielectric constant and DN are not suffi cient to explain 
the evolution of coloration (hence distribution of lithium poly-
sulfi des and their solvate structure), whereas the increased 
number of solvating oxygen atoms in the solvent molecule has a 
larger impact. [ 14 ]  In fact, the deep green coloration of TEGDME 
solutions (Figure  1 c), has been assigned spectroscopically to the 
coexistence of free radicals and dianions in equilibrium. [ 12 ]  

  Sulfur electrochemistry is fundamentally different from the 
intercalation process that governs Li-ion cells; lithium incor-
poration via phase transformations promises a dramatic 
increase in energy density, [ 1 ]  yet it comes with several chal-
lenges. Lithium–Sulfur (Li–S) cells experience a large volu-
metric expansion upon formation of lithium sulfi de (Li 2 S); 
and the dissolution of lithium polysulfi de intermediate species 
(Li 2 S  n  , 2 ≤  n  ≤ 8) in commonly used liquid electrolytes triggers 
a polysulfi de shuttle process that results in low Coulombic effi -
ciency. [ 2 ]  Consequently, Li–S batteries have suffered from low 
sulfur utilization and poor long-term cycling in the past. More 
encouragingly, however, several recent academic studies have 
reported 1500+ cycles, [ 3 ]  and commercialization should soon 
be realized. Rather than a clear “quantum leap”, these achieve-
ments were made possible by holistic approaches and incre-
mental improvements of both the active (positive and negative 
electrodes, electrolyte) and inactive (binder, separator) constitu-
ents of the Li–S cell. [ 3 ]  

 The gap between synthesis efforts, electrochemistry, and fun-
damental understanding of the Li–S chemistry has not yet been 
closed. Nonetheless, it is believed that the complex interplay 
between electrochemical and chemical processes is an impedi-
ment to reaching full theoretical capacity (1675 mAh g −1 ). [ 4,5 ]  
Carbonate-based electrolytes undergo irreversible nucleophilic 
attack from polysulfi de intermediates, [ 6,7 ]  although the nature 
of the nucleophile (dianion S  n   2−  or radical S  n   /2  ·− ) has not been 
clearly determined. As of today, both linear and cyclic ether-
based electrolytes appear stable toward sulfur species. There is 
a natural parallel with Li–O 2  cells, where the reactivity of the 
aggressively nucleophilic superoxide radical results in hydrogen 
abstraction from glymes. [ 8 ]  It is well known that sulfur-free 
radicals can be stabilized in electron pair donor (EPD) solvents 
such as dimethylsulfoxide (DMSO), dimethylacetamide (DMA), 
and dimethylformamide (DMF), [ 9,10 ]  while a recent report by 
Vijayakumar et al. [ 11 ]  states that S 3  ·–  is the only free radical 
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  The study of solutions of known stoichiometry at rest, is, 
however, of little help to assess sulfur speciation upon operation 
of a Li–S cell. Indeed, disproportionation and dissociation equi-
libria between polysulfi de dianions and radicals are constantly 
competing with their respective electrochemical reduction (oxi-
dation) during discharge (charge). More realistically, for any 

state of (dis)charge, the distribution of sulfur species depends 
on the nature of the electrolyte (solvent, lithium salt); [ 15 ]  
the sulfur to electrolyte ratio ([S] tot ); [ 16 ]  the current density 
(expressed as a C rate, which refers to discharge/charge in 1 h), 
and also the sulfur electrode composition and architecture. [ 17 ]  

 In order to determine the importance of the S 3  ·− -free rad-
ical in the Li–S system, we carried out operando X-ray absorp-
tion spectroscopy (XAS) measurements at the sulfur K-edge 
on a Li–S cell using a DMA-based electrolyte ( Figure    2   and 
 Figure    3  ). The spectral signature of polysulfi de dianions S  n   2−  
were obtained previously, both individually in the solid state 
and at equilibria in DOL:DME solution under similar operando 
conditions. [ 4 ]  It was shown that the physical state (crystalline, 
amorphous, solute) does not affect the spectral signature in 
the near edge XAS region (XANES), so that data analysis can 
be carried throughout cycling using a single set of reference 
spectra. [ 4 ]  Our assignment of the low energy feature (2470.5 eV, 
Figure  2 a) to dianions S  n   2−  was later confi rmed both experi-
mentally, [ 18,19 ]  and by fi rst principle calculations, [ 19,20 ]  although 
it was speculated by others that this feature arises instead from 
S  n   /2  ·−  free radicals. [ 5 ]  First-principle calculations show that the 
low energy feature is ascribed to the terminal sulfur atoms of 
the S  n   2−  chains, [ 19 ]  with a relative intensity that scales inversely 
with the length of the chain (i.e., number of terminal atoms). 
Our experimental XANES fi ngerprint of S 3  ·−  from ultramarine 
pigment shown in Figure  2 a, in agreement with previously 
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 Figure 1.    Change in the distribution of colored sulfur species from Li 2 S 6  
(1 mg mL −1 ) with the solvent a–d), compared with Li 2 S 6  e) and ultrama-
rine Na 4.1 Ca 0.1 K 0.1 Al 3.5 Si 8.5 O 24 S 3  * (SO 4 ) 0.2  f) powders. Gutmann’s donor 
number (DN) and dielectric constant (ε) are given in each case. [ 31 ] 

 Figure 2.    Sulfur K-edge XANES studies: a) experimental spectra collected during discharge (around 340 mAh g −1 ) in Li–S cells using DMA or DOL:DME 
electrolytes compared with S 3  ·−  and S 6  2−  reference materials; b) linear combination fi t illustrating—among others—the contribution of S 3  ·−  and S 4  2−  to 
the electrode partially discharged in DMA; c) evolution of X-ray absorbance upon discharge in DOL:DME as compared with d) in DMA.
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reported data, [ 13 ]  provide further clarity on this question. The 
low energy feature characterizing the 1s-3p(π*) transition in the 
S 3  ·−  radical ion is observed at 2468.5 eV, i.e., 2 eV lower than 
in the dianions. Thus, we can we affi rm that the S 3  ·−  radical 
is not present in a measurable concentration (i.e., <<5%) in 
DOL:DME (Figures  2 a,c) at the timescale of our experiments 
(ca. 5 min), in accord with our original report. [ 4 ]  

   By contrast, as intuited by our preliminary colorimetric study 
(Figures  1 d,f), sulfur redox in the DMA-based electrolyte passes 
through the formation of S 3  ·−  free radicals to a large extent (up 
to 25%, see Figure  3 b below). The low energy feature of S 3  ·−  at 
2468.5 eV, (Figures  2 a,b,d)—identical to that observed in the 
ultramarine pigment—can be observed as soon as discharge 
starts; its intensity reaches a maximum around 340 mAh g −1  
(Figures  2 d and Figure  3 b) and persists up to 850 mAh g −1 . As 
illustrated in Figure  2 b and summarized in Figure  3 b, a linear 
combination fi t (LCF) of the experimental spectra reveals that 
dianions still constitute the major fraction of intermediate 
sulfur species. It should be noted that the LCF is realized here 
with only four components (α-S 8 , S 4  2− , S 3  ·− , and Li 2 S) so that 
S  n   2−  and their characteristic feature at 2470.5 eV (see above) 
are all accounted for as S 4  2−  to simplify the analysis. Based 
on the literature, the addition of a S 8  2−  component would be 
necessary to describe the sulfur species present in DMA more 
realistically; [ 10 ]  however, the sulfur K-edge of S 8  2−  is expected to 
strongly resemble that of α-S 8  (i.e., it would present an intense 
white-line and only a very weak low energy feature). [ 4,19,20 ]  Like-
wise, we do not claim that S 3  2−  can be discriminated from S 4  2−  
in the presence of longer and shorter polysulfi des; the notation 
S 3–4  2−  refers to secondary discharge products. 

 The electroreduction of sulfur in EPD solvents (DMF, 
DMSO, etc.) has been studied by several groups over the past 
40 years and is summarized below. [ 9,10 ]  

 Step 1: ≈2.7 V. The dissociation of S 8  2−  is always weak (in 
fact, S 4  ·−  has never been detected in DMA); however, its dis-
proportionation is moderate. The main difference with typical 
Li–S glyme electrolytes is that the product of S 8  2–  dispropor-
tionation (Equation  ( 2)  ) in EPD solvents is mostly the free rad-
ical S 3  ·−  since the dissociation of S 6  2–  is now quite substantial 
(Equation  ( 3)  ). [ 10 ] 

    + →− −S 2e S8 8
2

  
(1)

 

      ↔ +− −S S 1 4S8
2

6
2

8   
(2)

 

      ↔⋅− −2S S3 6
2
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   Step 2: ≤ 2.2 V. In our XANES experiment, the maximum 
S 3  ·−  concentration coincides with the voltage drop from 2.7 
to 2.2 V (Figure  3 a,b). The free radicals are further reduced 
(Equation  ( 4)   and Equation  ( 5)  ), and since the disproportiona-
tion reaction (Equation  ( 2)  ) is slow, S 8  2−  is simultaneously 
reduced (Equation  ( 6)  ). [ 10 ]  The combination of (Equation  ( 5)  ) 
and (Equation  ( 6)  ) explain the massive fraction of S 4  2–  in the 
second step of discharge (Figure  3 b).

     + →⋅− − −S e S3 3
2
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2
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   It is also reported that medium-length polysulfi de dianions 
S 4  2−  and S 3  2−  can be chemically reoxidized to the trisulfur rad-
ical by sulfur or S 8  2−  (Equation  ( 7)   is one example), [ 10 ]  so that 
the disappearance of S 3  ·−  in the course of discharge (Figure  3 b) 
must indicate the full consumption of elemental sulfur and 
long-chain polysulfi des (also implying that the electrolyte can 
access all the sulfur active mass in these electrodes). In agree-
ment, the contribution of α-S 8  to the sulfur K-edge reaches 
2% at the end of discharge, for a capacity of 1250 mAh g −1  
(Figure  3 b). After the exhaustion of primary discharge products 
(S 8  2−  and S 3  ·− ), the electrochemical reduction proceeds further 
to Li 2 S (Equation  ( 8)  ), so that the positive electrode in its dis-
charged state—as monitored by  operando  XANES (Figure  3 b)—
is composed of only short chain Li 2 S  n   and Li 2 S.

     + →− ⋅−S 1 4 S 2S4
2

8 3   (7) 

      + →− − −S 6e 4S4
2 2

  (8) 

      + →− −S 1 4 S S2
8 3

2

  (9) 

   The use of LiNO 3  as the electrolyte salt to prevent the chem-
ical reaction of DMA with metallic lithium prevents one from 
scanning low in voltage, [ 21 ]  so that the capacity limiting factor 
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 Figure 3.    a) Voltage profi le of a Li–S cell in DMA at D/10 (discharge) and 
then C/5 (charge) during the XANES measurements. The break in the 
discharge curve arises from a 2 h rest period during a synchrotron beam 
shutdown; b) LCF analysis of the XANES spectra showing the distribution 
of sulfur species upon cycling. S 4  2−  is used as the sole fi ngerprint for the 
presence of polysulfi de dianions.
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is not clear at this stage. Nonetheless, no elemental sulfur 
remains in the discharged positive electrode, so that the mecha-
nism discussed previously for DOL:DME—best summarized as 
electrode passivation by Li 2 S from polysulfi de reduction before 
elemental sulfur can be fully reacted—does not apply here. [ 4 ]  
Instead, we suspect that in EPD-solvents, even more so than 
in glymes, any sulfur species formed via electrochemical reduc-
tion (such as S 2  2–  or S 2− ) must equilibrate with leftover oxidized 
species (α-S 8  or S 8  2− ) to form more stable intermediates (S 3  ·−  or 
S 3–4  2− ; Equation  ( 9)   is an example). This not only drives the full 
consumption of α-S 8 , but also prevents the early precipitation 
of Li 2 S in the presence of long-chain polysulfi des. 

 Nonetheless, the overall performance of DMA-based Li–S 
cells is unsatisfactory: Coulombic effi ciency is low, and the 
cyclability is poor (see Figure S1, Supporting Information). To 
understand this further and in order to determine whether elec-
trolyte reactivity at the anode is the source of the problem, we 
isolated the lithium metal from the positive sulfur electrode. 
Our custom-made 2-compartment Swagelok-type cell incorpo-
rates an Ohara glass membrane, proven to be a single-ion 
 conductor. [ 22 ]  A comparison between TEGDME- and DMA-
based electrolytes (1  M  LiClO 4 ) in the positive electrode (i.e., 
sulfur) compartment is shown in  Figure    4  a. In both cases, the 
lithium compartment was fi lled with the TEGDME-based con-
trol electrolyte, and after dismantling of the cell, no coloration 
was observed on that side of the Ohara glass separator. 

  The reference experiment in TEGDME (Figure  4 a, black line) 
confi rms the sulfur redox mechanisms previously reported for 
glyme electrolytes. [ 4 ]  The voltage profi le and specifi c capacity 
(fi rst discharge at 1300 mAh g −1 ) correlate nicely with results 
obtained in coin cells, as expected from an electrolyte solution 
that is chemically stable versus metallic lithium. Since lithium 
passivation can be ruled out, the loss of capacity observed 
between the fi rst discharge and the fi rst charge is accounted for 
by polysulfi des trapped in the separator owing to the viscosity 
of TEGDME. This is visually supported by the strong green/
red coloration of the separator in the positive electrode com-
partment. When DMA in the positive electrode compartment 
is prevented from reacting with metallic lithium, the sulfur 
redox is very well defi ned in potential (Figure  4 a, blue line). In 
excellent agreement with the quantitative XANES analysis 
(Figure  3 b), the second electrochemical reduction step dis-
cussed above can now clearly be separated in two: 

   -      Reduction to S 3–4  2−  (Equation  ( 4)  – ( 6)  ) at 2.1 V  
  -      Reduction to Li 2 S (Equation  ( 8)  ) at 1.9 V    

 As discussed above, EPD solvents exacerbate the electro-
chemical equilibration among sulfur species so that  ideally , Li 2 S 
could be chemically reoxidized into soluble S  n   2− . This would 
prevent passivation of the positive electrode until the electro-
chemical reduction is complete; i.e., when no α-S 8  or S 8  2−  is 
left over. We demonstrate this experimentally, by achieving 
1575 mAh g  S  −1  capacity for the fi rst discharge in DMA. Hence, 
electrodes cut from the same fi lm and cycled under the same 
conditions can deliver 24% more capacity in an EPD-solvent 
than in TEGDME. Moreover, a reversibility of 95% is observed 
between the fi rst charge and the fi rst discharge, illustrating that 
not only Li 2 S is indeed fully reoxidized, but also that polysulfi de 
trapping in the electrolyte is very limited in DMA compared 
with TEGDME (5% and 18%, respectively). 

 As shown in Figures  2 d and Figure  3 b, S 3  ·−  is detected by 
XANES throughout charge (up to 25% of total sulfur) but it is 
absent in the recharged state. Its role as an internal redox medi-
ator is thus confi rmed, and the trisulfur radical is fi nally oxi-
dized at 2.8 V, only after all more reduced species have reacted. 
Along with the stabilization of S 3  ·−  in the electrolyte, the phase 
transfer from solid Li 2 S to soluble sulfi de and polysulfi des in 
EPD solvents opens up various lines of research. [ 23 ]  In particular, 
the electrochemical oxidation of Li 2 S-loaded electrodes is known 
to be diffi cult, owing to the insulating character of Li 2 S, [ 24 ]  and 
its negligible solubility in most common electrolytes. [ 1,2 ]  As 
shown in Figures  3 a and  4 a, the oxidation of Li 2 S occurs with 
virtually no initial overpotential in DMA. This is suggestive of 
a solution-based charge reaction, in contrast with the potential 
barrier typically observed in glymes. [ 25 ]  In comparison, the Li 2 S 
utilization rate and therefore the practical capacity of Li 2 S bat-
teries could be greatly improved via solvation in EPD solvents. 

 To confi rm this point, we assembled hybrid cells using Li 2 S 
as the positive electrode material. The comparison between 
TEGDME- and DMA-based electrolytes is presented in 
Figure  4 b. The C/10 rate is based on elemental sulfur loading 
(1.0 mg cm −2 ). As typically reported, an energy barrier must 
be overcome in order to initiate Li 2 S oxidation in TEGDME 
(here about 2.55 V). Although the charging voltage remains 
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 Figure 4.    First (solid lines) and second (dashed lines) galvanostatic 
cycles of a) sulfur and b) Li 2 S in TEGDME (black) and DMA (blue) elec-
trolytes at C/10 in the hybrid cell. The vertical dotted lines highlight the 
irreversible capacity loss observed during the fi rst cycle. The difference in 
polarization between the S/DMA and Li 2 S/DMA cells on the fi rst cycle is 
attributed to their different cathode fabrication methods (see Supporting 
Information); the profi les start to converge owing to improved wetting 
of the active material on cycling as noted by the decreased polarization 
exhibited for S/DMA on the second cycle.
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below 3.0 V owing to optimum material particle dimensions, 
the reversibility is only 78% on the fi rst cycle (Figure  4 b, black 
line), so that the practical capacity is limited to 1100 mAh g  S  −1 . 
In contrast, no overpotential is observed in DMA (Figure  4 b, 
blue line), while a reversibility of 99% and a capacity retention 
of 98% are achieved on the fi rst cycle and on the second cycle, 
respectively. Two main factors contribute to the unique behavior 
of Li 2 S in EPD solvents: fi rst, the partial solvation of Li 2 S in 
DMA alleviates the problem of electrochemically disconnected 
Li 2 S (because it can be accessed anywhere in the electrolyte, see 
Equation  ( 9)  . As illustrated in  Figure    5  , phase-transfer also alle-
viates the need for triple-phase boundaries to initiate and carry 
out electrochemical oxidation of Li 2 S. Second, the stabilization 
of the radical S 3  ·−  provides additional chemical pathways to 
assist the electrochemical processes (via Equations  ( 2)  , ( 5)  , ( 7)  ). 

  The question of reactivity of sulfur intermediates toward 
electrolyte solvents is well-founded, given the reported decom-
position of carbonates, and the analogy with Li–O 2  cell chem-
istry. Although many electrolytes were initially thought to be 
stable to the superoxide radical O 2  ·− , degradation of DME, [ 8,26 ]  
TEGDME, [ 27 ]  and later EPD-solvents were all demonstrated 
experimentally using NMR or FTIR spectroscopies, and the 
mechanisms were elucidated. [ 8,28 ]  The stabilization of S 3  ·–  in 
DMA, as evidenced by XANES (Figure  2 ), offers us the oppor-
tunity to assess its reactivity not only toward glymes, but also 
to EPD solvents. To probe this, Li 2 S 6  was synthesized in 
DMSO-d 6 , [ 11 ]  and then contacted in an equimolar ratio with DOL, 
DME, and diethyl carbonate (DEC) for 48 h at 40 °C. As shown 
in Figure S2 (Supporting Information), no decomposition prod-
ucts could be detected by  1 H NMR in DME. However, acetate 
was formed in DEC (as expected from previous studies), [ 7,29 ]  but 
also in DOL. This contrasts with experiments where polysulfi des 
were formed in situ in DOL (while also allowed to react for 
48 h at 40 °C). [ 7 ]  Therefore, only by promoting S 6  2−  dissociation 
into S 3  ·−  in an EPD solvent, are cyclic glymes found to undergo 
nucleophilic attack by sulfur radicals. Although the small con-
centration of S 3  ·−  in the DOL:DME-based electrolyte (Figure  2 b) 
limits the extent of DOL decomposition, it is likely that this 
reaction will occur over extended cycling. Meanwhile, stability 
of DMSO toward polysulfur radicals was confi rmed (Figure S2, 
Supporting Information), implying that EPD solvents could be 
used in Li–S batteries, providing the lithium metal electrode is 
protected from reactivity with the solvent, [ 30 ]  and polysulfi des. 

 We previously investigated nonsolvents 
for polysulfi des [ 15 ]  and showed that impeding 
chemical equilibria could allow the full 
reduction of sulfur into Li 2 S in a Li–S cell. 
It is interesting to observe that the opposite 
approach of exacerbating these chemical 
equilibria between polysulfi de intermediates 
can also lead to the same result. Whereas 
nonsolvents compromise the cell energy den-
sity due to a signifi cant increase in polariza-
tion, [ 15 ]  EPD solvents exacerbate solvation, 
and chemical equilibration between redox-
active sulfur species. This assisted phase-
transfer, from Li 2 S to soluble polysulfi des, 
translates into a decreased cell polarization 
and an improved rate capability. 

 For all the reasons detailed above, the use of low volatility 
EPD solvents would be benefi cial in a catholyte-type or redox-
fl ow type battery, where Li 2 S deposition is controlled by surface 
interactions; but detrimental when trying to limit diffusion by 
physically entrapping sulfur species in a mesoporous carbon 
matrix. Instead, we believe that the combination of highly 
adsorptive electrode material with a highly dissociative solvent 
could be extremely advantageous. Obviously, chemical interac-
tion and adsorption of polysulfi des onto polar host materials 
would need to be re-evaluated in EPD solvents, [ 17 ]  yet we foresee 
that this kind of concerted chemical approach will enable us to 
overcome the current 1200 mA h g  S  −1  capacity threshold in 
Li–S batteries today.  

  Experimental Section 
  Materials : Solid Li 2 S 6  was synthesized by reacting elemental sulfur 

and lithium superhydride (1  M  LiEt 3 BH in anhydrous THF, Sigma-
Aldrich) at room temperature for 1 h inside an Ar-fi lled glovebox. The 
THF and by-products were removed in vacuo as reported previously. [ 4 ]  
Ultramarine pigment of composition Na 4.1 Ca 0.1 K 0.1 Al 3.5 Si 8.5 O 24 S 3  * (SO 4 ) 0.2  
was purchased from Kama pigments and used as-received. Lithium 
perchlorate (LiClO 4 ) and lithium nitrate (LiNO 3 ) were dried at 120 °C 
under vacuum for 48 h, while DMA and TEGDME solvents were distilled 
and stored over 4 A molecular sieves prior use. 

  Sulfur Electrode Preparation : A 70 wt% sulfur containing composite 
was prepared by via a melt diffusion method in Vulcan carbon at 155 °C. 
The composite was dispersed with Super P into a 2-propanol and water 
mixture (1:2 volume) by ultrasonication. Next, PTFE was added (60 wt% 
dispersion in H 2 O, Sigma-Aldrich) such that the sulfur:carbon:PTFE 
mass ratio was 54:34:12, and mixed well. The fi lm was cast onto AvCarb 
P50 carbon paper (Fuel Cell Store) to reach a fi nal sulfur loading of 1.5 
mg cm −2  and dried at 60 °C overnight. 

  Li 2 S Electrode Preparation : Li 2 S was synthesized by reacting 
elemental sulfur and lithium superhydride and drying the mixture at 
300 °C under vacuum for 3 h. A 60 wt% Li 2 S-containing composite 
was prepared by ball-milling with Ketjenblack and titanium nitride 
nanoparticles. The composite was dispersed with Super P and PTFE 
binder (1 µm powder, Sigma-Aldrich) in anhydrous THF such that the 
Li 2 S:carbon:TiN:PTFE mass ratio was 50:25:15:10, and mixed well. 
The slurry was drop-cast onto AvCarb P50 carbon paper (Fuel Cell 
Store) to reach a fi nal sulfur loading of 1.5 mg cm −2  and dried at room 
temperature overnight. All of the above procedures were carried-out in 
an Ar-fi lled glovebox. 

  XANES Measurements : Spectra from sulfur K-edge X-ray absorption 
near edge spectroscopy (XANES) were acquired at sector 13-ID-E of the 
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 Figure 5.    Schematic representation of Li 2 S electro-oxidation: a) in the absence of any 
solubility—which is the case in glymes—triple-phase boundaries (conductive substrate/Li 2 S/
electrolyte) are required; b) in the case of EPD-solvent-assisted phase transfer, all electroactive 
species are in solution, hence only necessitating a good wetting of the conductive substrate 
by the electrolyte.
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Advanced Photon Source at Argonne National Laboratory by using an 
energy-dispersive, four-element Vortex detector in fl uorescence detection 
mode. The cell used to perform operando XANES was adapted from the 
2325 coin cell as described in ref.  [ 4 ]  In order to signifi cantly reduce self-
absorption, the working electrode was made of VC/S-15-wt%, %, Super 
P carbon and PTFE (10 wt% sulfur overall), and residual self-absorption 
was corrected prior to detailed, quantitative analysis of the spectra 
(ref.  [ 4 ] . Lithium metal was used as the counter-electrode, and the 
electrolyte consisted of 50 µL of a 2  M  LiNO 3  solution in DMA. 
Galvanostatic cycling was carried out on a Maccor instrument at D/10 
(167.5 mA g −1 ) for the fi rst discharge and C/5 (335 mA g −1 ) for the 
following charge. See Supporting Information section for additional 
experimental details. 

  Electrochemistry in the Two-Compartment Cell : Sulfur electrochemistry 
was investigated with a protected metallic lithium anode using a custom-
made 2-compartment Swagelok-type cell incorporating an Ohara glass 
membrane (LIC-GC, 1in. square, 150 µm thick). Each compartment 
held two layers of glass fi ber separator wetted by 100 µL of electrolyte. 
The negative electrode compartment contained 1M LiClO 4 , 2% LiNO 3  
in TEGDME to interface with metallic lithium. The positive electrode 
compartment contained 1  M  LiClO 4  in either DMA or TEGDME. Cells 
were cycled in an Ar-fi lled glovebox to minimize risks of moisture/oxygen 
contamination, at 167.5 mA g  S  −1  using a MacPile II instrument (Bio-Logic).  

  Supporting Information 
 Supporting Information (long-term cycling of a Li–S cell in DMA without 
lithium protection and  1 H NMR investigation of solvents stability vis a 
vis the S 3  ·−  radical) is available from the Wiley Online Library or from 
the author.  

  Acknowledgements 
 The research was supported by the BASF International Scientifi c Network 
for Electrochemistry and Batteries. XANES experiments were performed at 
GeoSoilEnviroCARS (Sector 13), Advanced Photon Source (APS), Argonne 
National Laboratory. GeoSoilEnviroCARS is supported by the National 
Science Foundation—Earth Sciences (EAR-1128799) and the Department 
of Energy—GeoSciences (DE-FG02–94ER14466). This research used 
resources of the Advanced Photon Source, a U.S. Department of Energy 
(DOE) Offi ce of Science User Facility operated for the DOE Offi ce of 
Science by the Argonne National Laboratory under Contract No. DE-AC02–
06CH11357. The authors thank Dr. M. Newville and Dr. A. Lanzirotti for 
helping with the acquisition of the XANES data at the APS.   

Received:  October 10, 2014 
Revised:  November 14, 2014 

Published online:     

[1]   a)   R. D.    Rauh  ,   K. M.    Abraham  ,   G. F.    Pearson  ,   J. K.    Surprenant  , 
  S. B.    Brummer  ,  J. Electrochem. Soc.    1979 ,  126 ,  523 ;    b)   E.    Peled  , 
  Y.    Sternberg  ,   A.    Gorenstein  ,   Y.    Lavi  ,  J. Electrochem. Soc.    1989 ,  136 , 
 1621 .  

[2]     Y. V.    Mikhaylik  ,   J. R.    Akridge  ,  J. Electrochem. Soc.    2004 ,  11 ,  151 .  
[3]   a)   M.-K.    Song  ,   Y.    Zhang  ,   E. J.    Cairns  ,  Nano Lett.    2013 ,  13 ,  5891 ;    

b)   J.-S.    Kim  ,   T. H.    Hwang  ,   B. G.    Kim  ,   J.    Min  ,   J. W.    Choi  ,  Adv. Funct. 
Mater.    2014 ,  24 ,  5359 ;    c)   Y.    Qiu  ,   W.    Li  ,   W.    Zhao  ,   G.    Li  ,   Y.    Hou  , 
  M.    Liu  ,   L.    Zhou  ,   F.    Ye  ,   H.    Li  ,   Z.    Wei  ,   S.    Yang  ,   W.    Duan  ,   Y.    Ye  ,   J.    Guo  , 
  Y.    Zhang  ,  Nano Lett.    2014 ,  14 ,  4821 ;    d)   Z. W.    Seh  ,   W.    Li  ,   J. J.    Cha  , 
  G.    Zheng  ,   Y.    Yang  ,   M. T.    McDowell  ,   P.-C.    Hsu  ,   Y.    Cui  ,  Nat. Commun.   
 2013 ,  4 ,  1331 .  

[4]     M.    Cuisinier  ,   P.-E.    Cabelguen  ,   S.    Evers  ,   G.    He  ,   M.    Kolbeck  , 
  A.    Garsuch  ,   T.    Bolin  ,   M.    Balasubramanian  ,   L. F.    Nazar  ,  J. Phys. 
Chem. Lett.    2013 ,  4 ,  3227 .  

[5]     M. A.    Lowe  ,   J.    Gao  ,   H. D.    Abruña  ,  RSC Adv.    2014 ,  4 ,  18347 .  
[6]     J.    Gao  ,   M. A.    Lowe  ,   Y.    Kiya  ,   H. D.    Abruña  ,  J. Phys. Chem. C    2011 , 

 115 ,  25132 .  
[7]     T.    Yim  ,   M.-S.    Park  ,   J.-S.    Yu  ,   K. J.    Kim  ,   K. Y.    Im  ,   J.-H.    Kim  ,   G.    Jeong  , 

  Y. N.    Jo  ,   S.-G.    Woo  ,   K. S.    Kang  ,   I.    Lee  ,   Y.-J.    Kim  ,  Electrochim. Acta   
 2013 ,  107 ,  454 .  

[8]     B. D.    Adams  ,   R.    Black  ,   Z.    Williams  ,   R.    Fernandes  ,   M.    Cuisinier  , 
  E.    Jaemstorp Berg  ,   P.    Novak  ,   G. K.    Murphy  ,   L. F.    Nazar  ,  Adv. Energy. 
Mater.    2014 , 10.1002/aenm.201400867.  

[9]   a)   R.    Bonnaterre  ,   G.    Cauquis  ,  Chem. Commun.    1972 ,  293 ;   
 b)   J.    Badoz-Lambling  ,   R.    Bonnaterre  ,   G.    Cauquis  ,   M.    Delamar  , 
  G.    Demange  ,  Electrochim. Acta    1976 ,  21 ,  119 ;    c)   F.    Seel  ,   
H. J.    Guttler  ,   G.    Simon  ,   A.    Wieckowski  ,  Pure Appl. Chem.    1977 ,  49 ,  46 .  

[10]     J.    Paris  ,   V.    Plichon  ,  Electrochim. Acta    1981 ,  26 ,  1823 .  
[11]     M.    Vijayakumar  ,   N.    Govind  ,   E.    Walter  ,   S. D.    Burton  ,   A.    Shukla  , 

  A.    Devaraj  ,   J.    Xiao  ,   J.    Liu  ,   C.    Wang  ,   A.    Karim  ,   S.    Thevuthasan  ,  Phys.
Chem.Chem.Phys.    2014 ,  16 ,  10923 .  

[12]     C.    Barchasz  ,   F.    Molton  ,   C.    Duboc  ,   J.-C.    Leprêtre  ,   S.    Patoux  , 
  F.    Alloin  ,  Anal. Chem.    2012 ,  84 ,  3973 .  

[13]     M. E.    Fleet  ,   X.    Liu  ,  Spectrochim. Acta B    2010 ,  65 ,  75 .  
[14]   a)   C.    Barchasz  ,   J.-C.    Leprêtre  ,   S.    Patoux  ,   F.    Alloin  ,  Electrochim. 

Acta    2013 ,  89 ,  737 ;    b)   C.    Zhang  ,   A.    Yamazaki  ,   J.    Murai  ,   J.-W.    Park  , 
  T.    Mandai  ,   K.    Ueno  ,   K.    Dokko  ,   M.    Watanabe  ,  J. Phys. Chem. C    2014 , 
 118 ,  17362 .  

[15]     M.    Cuisinier  ,   P.-E.    Cabelguen  ,   B.    Adams  ,   A.    Garsuch  , 
  M.    Balasubramanian  ,   L.    Nazar  ,  Energy Environ. Sci.    2014 ,  7 ,  2697 .  

[16]   a)   J.    Zheng  ,   D.    Lv  ,   M.    Gu  ,   C.    Wang  ,   J.-G.    Zhang  ,   J.    Liu  ,   J.    Xiao  , 
 J. Electrochem. Soc.    2013 ,  160 ,  A2288 ;    b)   S.    Urbonaite  ,   P.    Novák  , 
 J. Power Sources    2014 ,  249 ,  497 .  

[17]     Q.    Pang  ,   D.    Kundu  ,   M.    Cuisinier  ,   L.    Nazar  ,  Nat. Commun.    2014 ,  5 , 
 4759 .  
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