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ABSTRACT: In Li/S and Mg/S batteries, the charge and
discharge of the sulfur cathode proceeds through a cascade of
bivalent Sx

2− and radical Sy
•− polysulfide intermediates. The

presence of Li+ or Mg2+ cations in the electrolyte determines the
type of intermediates and the overpotentials of their formation in
a different manner. Based on systematic cyclic voltammetry
(CV) and UV/vis investigations, this work reveals how the
mutual interplay of the different cations, the electrolyte solvent,
and the polysulfide anions is reflected in the electrochemical
behavior of “Li2S8”/LiTFSI and “MgS8”/MgTFSI2 solutions with
dimethyl sulfoxide, dimethylformamide, acetonitrile, dimethoxy-
ethane, tetraethylene glycol dimethyl ether, or tetrahydrofuran as
solvent. It was observed that the disproportionation reactions of
the polysulfides are generally more pronounced and especially
the S3

•− radical is less stabilized in Mg2+ than in Li+ containing solutions. In contrast to their Li counterparts, the formation of
S4

2− polysulfides during the reduction of sulfur is not observed in glyme-based Mg polysulfide solutions. Quantum chemical
predictions of stability and disproportionation of the Mg/polysulfide/solvent clusters complemented the CV and UV/vis
investigations.

■ INTRODUCTION

Lithium/sulfur (Li/S) batteries are one of the most
investigated high-energy battery systems, because the high
theoretical specific capacity of the sulfur conversion cathode
(1675 mA h/g) drastically outranges any Li+ insertion cathode
material1 and the lithium metal anode possesses a very low
electrochemical potential (−3.04 V vs SHE) and a high
specific capacity (3862 mA h/g).2 In contrast to most other
cathode materials, sulfur is extremely cheap, highly abundant
and comparably eco-friendly.3,4 On the other hand, Li/S
batteries use Li metal for the anode that depending on purity
and shape, such as foil thickness can be a significant cost
factor.5 Furthermore, the low redox potential of Li metal
comes with a high reactivity towards the electrolyte. Although
it is slowed down by a solid electrolyte interphase, electrolyte
decomposition and correlated corrosion of the anode are
fundamental and yet unsolved challenges of Li/S bat-
teries.4,6−10 In addition, the heterogeneous dissolution and
deposition of Li leads to the formation of high surface area
lithium (HSAL),9,11 which intensifies its corrosion. Further-
more, needle-like Li dendrites may cause a short-circuit of the

cell, if they reach the cathode.6,8,9,12−15 As also the abundance
of Li is limited (only 18 mg/kg of the continental crust16 and
≈0.2 mg/L in sea water17,18) and the price is comparably
high,5,19 it is attractive to develop metal/sulfur batteries with
anodes that are safer, cheaper and more abundant than Li.
Other alkali metal anodes, like Na and K, have lower

specific capacities and are even more reactive towards the
electrolyte than Li. In contrast, multivalent Mg, Ca, and Al
metal anodes possess high theoretical specific capacities (Mg:
2205 mA h/g, 3833 mA h/cm3; Ca: 1340 mA h/g, 2077 mA
h/cm3; Al: 2980 mA h/g, 8046 mA h/cm3) and a lower
reactivity towards the electrolyte. Whereas rechargeable Al/S
batteries have been demonstrated recently,20,21 the develop-
ment of Ca-metal based batteries still struggles with the
insufficient Ca2+ conductivity in most of the Ca anode
passivation layers.22,23
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In case of Mg-based batteries, various electrolyte systems
that avoid the formation of such a passivating layer on the
anode while being also stable with the sulfur cathode could be
developed.24−30 Some of these allow the operation of Mg/S
cells for hundreds of cycles.24−36 In contrast to Li metal, Mg
can be deposited and dissolved with a Coulombic efficiency of
close to 100%37−39 and the tendency to form dendrites is
much lower. At the cathode, similar to Li/S batteries, sulfur is
reduced to magnesium sulfide (MgS) and re-oxidized to
sulfur:

↔ +

+ + ↔

+ −

+ −

Anode: Mg Mg 2e (1)

Cathode: S 8Mg 16e MgS (2)

0 2

8
2

Assuming 1672 mA h/g cathode capacity and a mean
discharge voltage of 1.77 V (vs 2.28 V for Li/S),40 these
reactions deliver high theoretical energy values of 1684 W h/
kg and 3221 W h/L (vs 2654 W h/kg, 2856 W h/L for Li/S).
As Mg is cheap41 and highly abundant (22 g/kg of the
continental crust16 and ≈1 g/L in sea water42), its
combination with a sulfur cathode could thus path the way
to safer, more sustainable and potentially also more economic
high-energy batteries.
Similar to Li/S cells, the reduction of sulfur at the cathode

proceeds through dissolved Mg polysulfide MgSx (x = 4−8)
intermediates until insoluble MgS2 is formed and is further
reduced to MgS. In this complex solid−liquid−solid
mechanism, practical Mg/S cells show lower capacities than
the theoretical value. As for the Li/S system, this difference is
commonly explained by the low accessibility of sulfur in the
C/S composite cathode and by an incomplete discharge
reaction (e.g., mixtures of MgS, MgS2 and MgSx polysulfides
as final products)24,26,29,31,32,35,36 due to an insufficient Mg
polysulfide solubility and kinetic limitations of the solid phase
magnesiation of MgS2. The additional capacity fading is
usually related (i) to the dissolution of sulfur26,29,32 and Mg
polysulfides24−29,31,32,36 into the electrolyte (despite their low
solubility29,36,43), (ii) to the resulting polysulfide-shut-
tle,24,27−29,31,32 and especially (iii) to the irreversibility of
the MgS/MgS2 phase transition.

26,31,36 Consequently, limiting
the discharge to the formation of MgS2 largely improves the
cycle life of Mg/S batteries.36

In addition, the overvoltages in Mg/S cells tend to be huge.
Most publications show mean discharge voltages between 1.1
and 1.3 V or lower, whereas the typical mean charge voltages
are at ≈2.0 V or higher.24−27,29,31−35 This voltage gap results
in poor energy efficiencies of current Mg/S cells. Whereas the
overvoltages during charge and discharge are usually
attributed to the overpotential of Mg deposition and
dissolution at the anode,27,29,35,36 also the processes at the S
cathode should be regarded: in three-electrode cells, the mean
discharge potential of the S cathode (1.4−1.5 V vs Mg/
Mg2+)29,36 differs significantly from the theoretical potential
(1.77 V vs Mg/Mg2+).40 The overpotentials at the cathode are
assigned to low electronic contact and/or insufficient pore
volume inside the C/S composite34−36 and to slow kinetics of
the transformation of amorphous MgS2 to crystalline MgS
during discharge.26,31,36

Despite their central role during discharge and charge of
Mg/S cells, the reduction and oxidation mechanism of Mg
polysulfides has not been systematically investigated, yet.
Concerning the discharge mechanism of Mg/S batteries

several discrepancies exist in literature.26,32,35,36 In total, four
stages are proposed:32

+ + →
+ −Stage 1: S Mg 2e MgS8

2
8 (3)

+ + →
+ −Stage 2: MgS Mg 2e 2MgS8

2
4 (4)

+ + →
+ −Stage 3: MgS Mg 2e 2MgS4

2
2 (5)

+ + →
+ −Stage 4: MgS Mg 2e 2MgS2

2
(6)

In the discharge of Mg/S cells with Mg(HMDS)2/AlCl3/
MgCl2 (HMDS = hexamethyldisilazide)-based electrolytes
two voltage plateaus are observed.28,31,34 According to their
capacities, Zhao-Karger et al. assigned them to the direct
reduction of S8 to S4

2− (stage 1 + 2) and its further reduction
to S2

2− (stage 3).26

Howeve r , i n MgTFSI 2/MgCl 2 [TFSI = b i s -
(trifluoromethanesulfonyl)imide] in tetraethylene glycol di-
methyl ether (TEGDME)/DOL (DOL = 1,3-dioxolane)
electrolyte, Robba et al. also observed two voltage plateaus,
but assigned them to the reduction of S8 (stage 1) and the
formation of MgS2 (stage 2 + 3).35 In quasi-equilibrium
galvanostatic intermittent titration technique measurements
with MgTFSI2 in dimethoxyethane (DME) electrolyte, also
Gao et al. distinguished between the initial voltage decrease
(stage 1) and a large voltage plateau (stage 2 + 3).36 However,
for higher S/C ratios, only one voltage plateau (stage 1−3) is
observed. For electrolytes of Mg(BOR(hfip)4)2 (BOR(hfip)4
= tetrakis(hexafluoroisopropyloxy)borate) in glymes, only one
voltage plateau is reported.28,33

In all Mg/S studies, the voltage plateaus (stage 1−3) are
followed by a steep slope of the voltage until the cut-off
voltage is reached.24−29,31−36 This final step of the discharge is
assigned to the slow solid phase transformation of previously
precipitated MgS2 to MgS (stage 4). In general, distinct
potential plateaus in the discharge profiles usually disappear
after several cycles and at higher discharge rates.29,31−33 As
intermediates remain in the electrolyte and on the cathode,
the reaction stages are difficult to distinguish.
As the overpotentials of Mg/S batteries substantially differ

from Li/S batteries, we aim for a better understanding of the
influence of the Li+ and Mg2+ cations in polysulfide reduction
and oxidation processes. In order to examine the mutual
interplay of the cation and the solvent, this study compares
the behavior of Mg and Li polysulfide solutions in a large
variety of solvents. Concerning the mechanistic discrepancies
in Mg/S literature, it is of special interest, in which solvents
the formation of S8

2− (stage 1) occurs. Similar to the behavior
of Li polysulfides, our previous study43 already revealed that
also Mg polysulfides form a complex system of disproportio-
nation and dissociation equilibria:
]

↔ +

↔ +

↔ +

↔

− −

− −

− −

− •−

Disportionation: S S 1/4S (7)

S S 1/2S (8)

S S 1/4S (9)

Dissociation: S 2S (10)

8
2

6
2

8

8
2

4
2

8

6
2

4
2

8

6
2

3

These equilibria were found to depend on the properties of
the solvent. Chemically prepared “MgS8” and “Li2S8”
disproportionates to S6

2−, which partly dissociates to S3
•− in

high-ε solvents, like dimethyl sulfoxide (DMSO), dimethyl-
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formamide (DMF), and acetonitrile (ACN). In contrast, in
low-ε solvents, like DME, TEGDME, and tetrahydrofuran
(THF), the equilibria are dominated by further disproportio-
nation to S4

2−.43 According to these two characteristics, S8
2−,

S6
2−, and S3

•− are grouped as “low charge density” polysulfides
in this study. Differing from the commonly used term “long-
chain” polysulfides, this group includes the short S3

•− radical.
S4

2− would thus refer to a “high charge density” polysulfide
species.
As the Mg polysulfide equilibria and the UV/vis absorbance

differ from the ones of Li polysulfides, differences in the
cation-coordination of the polysulfides were deduced.43 In
order to investigate how these are reflected in the electro-
chemical behavior of the polysulfides, solutions of “Li2S8” and
“MgS8” in DMSO, DMF, ACN, DME, TEGDME, and THF
were investigated via cyclic voltammetry (CV). As TFSI-based
electrolytes are standard for Li/S3,4 and increasingly
investigated in Mg/S batteries,25,29,35,36 LiTFSI and MgTFSI2,
respectively, were added as conducting salts.
In order to gain a deeper understanding of the stabilities of

Mg polysulfides in comparison with Li polysulfides, quantum
chemical calculations of the contact ion pair formation
energies and the disproportionation equilibria of the Li and
Mg polysulfide species in DMSO, DME, and THF were
conducted.

■ EXPERIMENTAL SECTION

Preparation of “MgS8”/MgTFSI2 and “Li2S8”/LiTFSI
Solutions. The preparation and electrochemical investigation
of all polysulfide solutions were conducted in an argon-filled
glove box (UNIlab by MBRAUN). Most solvents were used
as received (ACN, 99.8%, Sigma-Aldrich; DME, 99.5%,
Sigma-Aldrich; TEGDME, 99%, Sigma-Aldrich; N-methylimi-
dazole (N-MeIm), 99%, Alfa Aesar; DMSO, 99.9%, Sigma-
Aldrich; DMF, 99.8%, Sigma-Aldrich). THF (99.99%, Fisher
Scientific) was dried in a solvent purification system over
Al2O3 and degassed with argon inert gas. The “MgS8” and
“Li2S8” solutions were prepared as described in an earlier
study.43,44 Briefly, the “MgS8” solutions were prepared by
stirring [Mg(N-MeIm)6]S8 (1 mM) in the investigated
solvents. [Mg(N-MeIm)6]S8 was synthesized from Mg powder
(99.8%, Alfa Aesar) and sulfur (99.98%, Sigma-Aldrich) in N-
MeIm (60 mL, 99%, Alfa Aesar). The “Li2S8” solutions were
prepared from stoichiometric amounts of Li2S (99.98%,
Sigma-Aldrich) and sulfur (99.98%, Sigma-Aldrich) in the
investigated solvent. “Li2S8” stock solutions (10 mM) were
then diluted to 1 mM solutions. MgTFSI2 (99.5%, Solvionic)
was dried at 120 °C and 10−7 mbar for 72 h. LiTFSI (99.9%,
<20 ppm H2O, Solvionic) was used as received. MgTFSI2
(0.05 M) and LiTFSI (0.10 M) were dissolved in the “MgS8”
(1 mM) and “Li2S8” (1 mM) solutions, respectively.
UV/Vis Measurements. In parallel to the electrochemical

investigation of the “MgS8”/MgTFSI2 and “Li2S8”/LiTFSI
solutions, the influence of the additional MgTFSI2 and
LiTFSI, respectively, on the polysulfide species was inves-
tigated in UV/vis spectroscopy. As described more in detail in
our previous study,43 the UV/vis measurements were
conducted in a 2-channel spectrometer UV-2450 (Shimadzu)
using sealed quartz glass cuvettes (Hellma Analytics, QS115)
with a path length of 10 mm. Therefore, each sample solution
was measured against the pure solvent reference spectrum.
CV Measurements. The CV experiments were carried out

in flooded cells with two in PEEK embedded glassy carbon

(GC) electrodes [working electrode (WE) and counter
electrode (CE), 0.5 mm diameter] and an Ag/Ag+ reference
electrode (RE). A scheme of the electrochemical cell is
depicted in Figure S8. The RE was composed of an Ag wire
dipped in AgNO3 (0.01 M, 99.5% Grüssing) in ACN solution,
separated from the test solution by a polytetrafluoroethylene
tube with a porous Vycor plug (eDAQ). It was washed with
ethanol and ACN, dried and refilled with AgNO3 in ACN
solution before each measurement. After filling the cell with
test solution (2 mL), the OCV was observed until a constant
potential was reached (at least for 30 min). The CV of the
“Li2S8”/LiTFSI or “MgS8”/MgTFSI2 sample solutions were
recorded at 50 mV/s. Afterwards, ferrocene (5 mM, 0.01
mmol, 1.9 mg, 98%, Merck) was added to the sample solution
and the oxidation and reduction potentials of the Fc/Fc+

couple were detected against Ag/Ag+ RE. The mean potential
of the oxidation and the reduction peak was used to calibrate
the previously detected voltammograms of the polysulfide
solutions against ferrocene (Figure S9).

Computational Details. In addition to the experimental
analyses, quantum chemical (QC) calculations have been
performed to rationalize the solvation behavior and the trends
observed in the UV/vis spectra of the individual cation/
polysulfide species in the different solvents. Here, we focus on
DME, DMSO, and THF to include representatives of solvents
with low and high relative dielectric permittivities from the
experimental part, as well as to compare chelating and non-
chelating solvents.
All calculations have been performed with the Gaussian 09

package.45 In particular, we performed two types of
calculations: in the first step, we compared cation−polysulfide
and cation−solvent dimers for various density functional
theory (DFT) functionals and wave-function-based methods
(see Table S1). As reported previously,46,47 we found that the
results obtained by the computationally expedient PBE
functional48 with a 6-31+G(d,p) basis show good agreement
with the values from highly accurate but computationally
expensive G4MP2 calculations.49 In particular, the deviation
between both methods is below 0.4 kcal/mol for the Li+-
solvent dimer binding energy, while it is somewhat larger for
the Mg2+-solvent dimers (roughly 2 kcal/mol). For dimers
involving polysulfide anions, the deviations between PBE/6-
31+G(d,p) and G4MP2 become larger with increasing
polysulfide length (up to 13 kcal/mol for MgS8), likely due
to the fact that dispersion interactions are not fully captured
by the DFT calculations. Including an empirical dispersion
correction50 in the DFT calculations partially mitigates these
inaccuracies and reduces maximum deviations to 4 and 7
kcal/mol for Li2S8 and MgS8, respectively. Unfortunately,
addition of empirical dispersion in DFT PBE calculations
results in larger deviations from the benchmark G4MP2
results for the cation−solvent dimer binding energies. Other
DFT functional such as B3LYP or the use of different basis
sets also yield slightly better agreement with G4MP2 for the
cation−polysulfide interactions, whereas the prediction of the
cation−solvent interactions becomes worse. Therefore, we use
a correction obtained from dimer calculations to account for
the deviations between PBE/6-31+G(d,p) and G4MP2 in the
following (see below). An estimation of the counterpoise
correction51 revealed that the basis set superposition error is
roughly 1 kcal/mol (corresponding to a relative error on the
order of one percent), and was hence neglected.
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Motivated by the good agreement between PBE/6-31+G-
(d,p) and G4MP2, we performed calculations of larger
clusters resembling the real solvation shell in the electrolytes
at the PBE/6-31+G(d,p) level in a second step. In our
approach, the first solvation shell was modelled explicitly by
an appropriate number of coordinating solvent molecules (in
addition to the anions). Beyond the first coordination sphere,
we employ an implicit solvation model mimicking the
remainder of the electrolyte. This so-called cluster−continuum
approach (CCA) has recently been demonstrated to yield
accurate estimates of contact ion pair formation energies.46,47

For the implicit solvent, the SMD model52 has been utilized.
For DMSO and THF, the built-in parameters have been used,
while for DME, the solvent parameters for the implicit
solvation model have been approximated by those of diethyl
ether.
In order to determine the appropriate number of solvent

molecules for each cluster, we performed free energy
calculations based on the vibrational frequencies for clusters
containing different numbers of solvent molecules within the
SMD model. The resulting clusters with the lowest free energy
are shown in Figures S11−S14. Overall, the coordination
shells of the magnesium complexes tend to contain a larger
number of coordinating molecules. To account for the
deviations between PBE/6-31+G(d,p) and G4MP2 for the
cation−anion interactions (see above), we calculated the
energy/free energy difference between both methods for
dimers in the implicit solvent (as opposed to the values in
Table S1, which were calculated in vacuo), and used these
differences as correction for the contact ion pair-formation
energies and free energies. Typically, these corrections were in
the range of 1−5 kcal/mol.
Based on the CCA, we estimated the contact ion pair

formation energies relative to the fully solvated cations. In
particular, we compared ion pairs consisting of the cations
Li+/Mg2+ and the bivalent polysulfide species S2

2−, S4
2−, S6

2−,
S8

2−, the radical anion S3
•−, as well as TFSI−, for the solvents

mentioned above.

■ RESULTS AND DISCUSSION

DMSO, DMF, ACN. Due to their strong Mg salt
dissociation power, the high-ε solvents DMSO,53−56

DMF,57,58 and ACN,59−61 are frequently investigated as
electrolyte solvents for Mg-based battery systems. In addition,
DMSO62−66 and DMF66−69 are extensively studied in sulfur
electrochemistry. As the reduction and oxidation mechanism
of Li polysulfides in these high-ε solvents differs significantly
from their behavior in low-ε ethers,62,63 they are an attractive
reference system to study the influence of the solvent also in
Mg polysulfide solutions.
However, as DMSO,70 DMF,71 and ACN59 are not stable

against the Mg anode they are impractical for Mg/S
electrolytes. Nevertheless, an artificial interphase formed on
Mg could potentially enable the usage of these solvents.72

DMSO. “Li2S8” and “MgS8” solutions were prepared by
mixing stoichiometric amounts of Li2S and S8 or dissolving
[Mg(N-MeIm)6]S8, respectively, in the investigated solvents
(see Experimental Section). Afterwards, the corresponding
LiTFSI/MgTFSI2 salt was added. In order to produce
comparable results, the concentration of the monovalent Li+

was generally set twice as high as of the bivalent Mg2+,
whereas the concentration of “S8

2−
” polysulfides and TFSI−

anions was kept constant.

Figure 1a shows the UV/vis spectra of “Li2S8”/LiTFSI (1
mM/0.1 M) and “MgS8”/MgTFSI2 (1 mM/0.05 M) in

DMSO solutions and their 1:5 dilutions. According to
literature, the occurring absorbance peaks are assigned to
S8

2−, and to its disproportionation product S6
2−, which further

dissociates to S3
•−.43 As the disproportionation of “Li2S8” and

“MgS8” in DMSO is limited to the formation of S6
2−/S3

•− and
the UV/vis spectra of the Li/Mg polysulfide solutions are
similar, an almost negligible influence of the Li+ and Mg2+

cation on the polysulfides is deduced. This might be explained
by the strong dielectric shielding of the cations by DMSO,
which limits the interaction between Li+/Mg2+ and the
polysulfide anions.43 The poor attraction is reflected in the
comparatively low contact ion pair formation energies for the
Li2Sx and MgSx species in DMSO (see Figure 9 in the
Quantum Chemical Calculations section). In case of Mg2+, the
dissociation of S6

2− to S3
•− is less pronounced. A comparison

of the “Li2S8”/“MgS8” solutions with and without LiTFSI/
MgTFSI2 (Figure S1) indicates that higher Li+/Mg2+

concentrations suppress the formation of S3
•−.

Figure 1b depicts the CVs of “Li2S8”/LiTFSI and “MgS8”/
MgTFSI2 solutions. As the potential of Li metal is strongly
influenced by the solvent of the sample solution62 and we
observed the same for Mg metal, the CV experiments were
carried out with GC WE and CE, and a non-aqueous Ag/Ag+

RE. In this setup, also the reactivity of the metals with the
sample solutions can be excluded. However, the potential of
the Ag/Ag+ RE varies with the solvent of the sample
solution.62 In contrast, the redox potential of ferrocene (Fc/
Fc+) is considered to be relatively independent from the
solvent.73 Therefore, the voltammograms were calibrated
versus the potential of the Fc/Fc+ redox couple (see
Experimental Section).
The CVs of the solutions of “Li2S8”/LiTFSI and “MgS8”/

MgTFSI2 in DMSO show two main reduction processes
starting at ≈−0.9 V and at −1.5 V (vs Fc/Fc+). According to

Figure 1. (a) UV/vis spectra of “Li2S8”/LiTFSI (1 mM/0.1 M) and
“MgS8”/MgTFSI2 (1 mM/0.05 M) in DMSO solutions, and their 1:5
dilutions. (b) CVs of a GC electrode in these solutions at 50 mV/s,
calibrated vs Fc/Fc+.
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the literature about Li polysulfides,62−65 the first reduction
wave refers to the reduction of S8 to S8

2− (stage 1). The
formation of S8

2− is accompanied by its disproportionation to
S6

2− and further dissociation to S3
•−.63 These disproportiona-

tion and dissociation equilibria are confirmed in the UV/vis
spectra of the “Li2S8” and “MgS8” solutions (Figure 1a).43

During further reduction of the Li polysulfides, a pre-wave at
−1.4 V followed by a main reduction wave starting at −1.5 V
(vs Fc/Fc+) appears. In literature, the latter reduction wave is
related to the formation of S4

2−62 or also S3
2−.63,64 The pre-

wave at −1.4 V(vs Fc/Fc+) is not observed in all studies.62,66

It is either assigned to the direct formation of S3
•−68 or the

formation of S4
2− and its disproportionation to S3

•−.63 The
Mg polysulfide solution shows a reduction process below −1.5
V (vs Fc/Fc+), which is thus also referred to the formation of
S4

2− (stage 2) and/or S3
2−.

During oxidation, the Li and Mg polysulfide solutions
behave differently. In the CV of the Li polysulfide solution,
three oxidation waves are observed. In some studies, the first
and the second peak at −1.6 and −1.2 V are assigned to the
formation of S4

2−, S3
•−, and S6

2− and their subsequent
oxidation to S8

2−.63 In other studies, they are assigned to the
oxidation of S4

2− to S8
2− and the oxidation of S8

4− to S8
2−.62

However, the reduction of the low charge density (“long-
chain”) polysulfides S8

2−, S6
2−/S3

•− to the high charge density
(“short-chain”) polysulfides S4

2− and/or S3
2− appears to be

reversible in the presence of Li+ cations.
In the Mg polysulfide solutions, only one oxidation step can

be observed. The process above −1.0 V/−0.8 V (vs Fc/Fc+)
can be correlated to direct oxidation of all polysulfide species
to sulfur.62−64 The intermediate oxidation of high charge
density (S4

2−/S3
2−) to low charge density polysulfides (S8

2−,
S6

2−/S3
•−) is hardly observed.

DMF. The peaks of the UV/vis absorbance spectra of Li
and Mg polysulfide solutions in DMF are assigned to S8

2−,
S6

2−, and S3
•− (Figure 2a).43,68 In comparison with the

solutions in DMSO, the dissociation of S6
2− to S3

•− is
generally stronger in DMF, but also the restrictive effect of
LiTFSI/MgTFSI2 on this equilibrium is more pronounced
(Figure S2). As in DMSO, the S3

•− species are less stabilized
if Mg2+ instead of Li+ is the counter-cation.
The similarities to the DMSO solutions are also reflected in

the electrochemical behavior (Figure 2b). Also in DMF, the
voltammograms of the Li and Mg polysulfide solutions show a
first reduction wave below −1.0 V (vs Fc/Fc+), which is
related to the formation of S8

2− and its disproportionation to
S6

2−/S3
•− (compare Figure 2a).67−69 A small pre-wave at −1.5

V (vs Fc/Fc+), which Gaillard and Levillain assigned to the
electrochemical formation of S3

•−,68 is again only visible in the
Li polysulfide solution. It is followed by a reduction process
that is generally assigned to the formation of S4

2−69 or also
S3

2−.67 In the Mg polysulfide solution, this reduction wave
already starts at ≈−1.5 V (vs Fc/Fc+). During oxidation of the
Li polysulfide solution, peaks at −1.7 and −1.2 V (vs Fc/Fc+)
occur. According to literature, these correlate with an increase
of S3

•− and S8
2−, respectively.68 The previous reduction of

these species to S4
2−/S3

2− thus appears to be reversible. In the
Mg polysulfide in DMF solution the first oxidation step, which
is referred to the formation of S3

•− from S4
2−/S3

2−, is not
detected at all. Nevertheless, the formation of S8

2− is indicated
by a small oxidation wave at −1.2 V (vs Fc/Fc+). Above −0.9
V (vs Fc/Fc+) the formation of sulfur is observed in both, Li
and Mg polysulfide solutions. As in DMSO, the higher
currents occurring in the CV of the Mg polysulfide solution
might indicate also the direct re-oxidation of high charge
density polysulfides (S4

2−/S3
2−) to sulfur.

ACN. The electrochemical reduction of sulfur/polysulfide
solutions in ACN is barely studied in literature.66,74 Although
its high relative dielectric permittivity (ε = 38.0) is
comparable to DMSO (ε = 45.0) and DMF (ε = 36.1), the
Gutmann donor number of ACN (DN = 14.1) is much lower
than that of DMSO (DN = 29.8) or DMF (DN = 26.6).75

Therefore, the Li and Mg polysulfide solutions in ACN show
complex characteristics. On the one hand, the solubility of
[Mg(N-MeIm)6]S8 in ACN is below 1 mM, which might be
assigned to the low donor number.43 On the other hand,
“Li2S8” and “MgS8” solutions in ACN show both disproportio-
nation of S8

2− to S6
2− and further dissociation to S3

•− (Figure
S3).74 This similarity to the solutions in DMSO and in DMF
is related to the similar relative dielectric permittivity,63 which
might result in a more effective separation of Li+/Mg2+ and
the polysulfide anions and thus limits the influence of the
cations towards further disproportionation.43

Interestingly, the addition of LiTFSI and MgTFSI2 has a
very different effect on the presence of polysulfide species. In
the UV/vis spectra of the Li polysulfide solutions (Figure 3a),
the absorption band of S6

2− almost disappears and S3
•−

strongly decreases after addition of LiTFSI. Furthermore,
the spectra of “Li2S8”/LiTFSI in ACN shows a shoulder at
425 nm, which is assigned to S4

2−. With higher concentrations
of Li+, the disproportionation of “Li2S8” in ACN thus
resembles the typical behavior in low-ε solvents such as
DME, TEGDME, and THF (see below). This similarity
continues in the electrochemical behavior of the Li polysulfide
solutions (Figure 3b), which was also described by Jung et
al.66 In the cathodic scan, two reduction waves occur. The
peak at −1.0 V (vs Fc/Fc+) is referred to the formation of
S8

2− followed by disproportionation to S6
2−/S3

•−, whereas the
peak at −1.3 V (vs Fc/Fc+) is assigned to the formation of

Figure 2. (a) UV/vis spectra of “Li2S8”/LiTFSI (1 mM/0.1 M) and
“MgS8”/MgTFSI2 (1 mM/0.05 M) in DMF solutions, and their 1:5
dilutions. (b) CVs of a GC electrode in these solutions at 50 mV/s,
calibrated vs Fc/Fc+.
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S4
2−.74 In ACN, the second reduction wave is thus observed at

significantly higher potentials than in DMSO and DMF.
During the anodic scan, the shoulder at −1.2 V (vs Fc/Fc+)
indicates the end of the second reduction process, but no
reverse oxidation wave occurs. The formation of low charge
density polysulfides (S6

2−/S3
•−) through oxidation of high

charge density polysulfides (S4
2−) is thus not observed in

ACN. In contrast, the broad oxidation process starting at −1.0
V (vs Fc/Fc+) might include their direct oxidation to sulfur.
In the Mg polysulfide solutions, the addition of MgTFSI2,

surprisingly, leads to a higher solubility of [Mg(N-MeIm)6]S8.
Whereas its solubility in pure ACN is below 1 mM,43

[Mg(N-MeIm)6]S8 instantly dissolves at this concentration in
MgTFSI2 (0.05 M) in ACN solutions. However, UV/vis
spectra of these “MgS8”/MgTFSI2 solutions (Figure 3a)
indicate only very low concentrations of S6

2−/S3
•− and S4

2−. It
might be concluded that “MgS8” does not only dispropor-
tionate to S6

2−/S3
•−, as observed in the (supernatant) ACN

solutions without MgTFSI2 (Figure S3), but also forms
disproportionation products, like S2

2−, which are not
detectable in UV/vis.
The voltammogram of “MgS8”/MgTFSI2 in ACN solution

in Figure 3b shows only one reduction peak (−1.2 V vs Fc/
Fc+). This process already starts at −0.9 V versus Fc/Fc+, and
thus might include both, the formation of S8

2−, S6
2−/S3

•− and
the formation of S4

2−. However, as S8
2− and S6

2−/S3
•− are

barely stabilized in the “MgS8”/MgTFSI2 in ACN solution
(Figure 3a), the direct formation of S4

2− and further reduced
species are considered the main reduction process. In the
anodic scan, the oxidation process at ≈−0.7 V (vs Fc/Fc+),
which is assigned to the oxidation of Mg polysulfide species to
sulfur, shows low currents. As the UV/vis spectra reveal, these
might refer to the low availability of polysulfides in the
“MgS8”/MgTFSI2 in ACN solution (Figure 3a).
Ethers. As they are comparatively stable against the metal

anodes, ethers are the typical electrolyte solvents for Li/S and
Mg/S batteries. In Mg/S batteries, the electrolyte solvents are

usual ly based on DME,25 ,29 ,36 diglyme,25 ,26 ,33 ,34

TEGDME,26,31−33,35 or THF.24,27 In Li/S batteries, solutions
of LiTFSI in DOL/DME (1:1) are the standard electro-
lytes.3,4 Therefore, we studied the electrochemical behavior of
Li and Mg polysulfides in THF, DME, and TEGDME
solutions.
In general, the solubility of [Mg(N-MeIm)6]S8 in solutions

of MgTFSI2 (0.05 mM) in THF, DME, or TEGDME was
determined to be between 10 and 100 mM. A similar
solubility of Mg polysulfides have been described by others.36

Interestingly, the solubility of [Mg(N-MeIm)6]S8 in these
ethers without addition of MgTFSI2 is only between 1 and 10
mM.

DME and TEGDME. The UV/vis absorbance spectra of
“Li2S8” in DME or TEGDME show the absorption bands of
S4

2− and S3
•− (Figures S4 and S5). As S8

2− is not stabilized, it
disproportionates into sulfur and S6

2−, which either dissociates
to S3

•− or further disproportionates to S4
2−. Whereas a strong

interaction of the Li+ cation with the polysulfide species is
assumed to induce further disproportionation to polysulfides
with a higher charge density, like S4

2−, a “shielding” of the
cation by the solvent already stabilizes polysulfides with a
lower charge density, like S8

2−, S6
2−, and S3

•− (as in DMSO
and DMF). In DME, the strong attraction of the polysulfides
and Li+ is reflected in high contact ion pair formation energies
(see Figure 9 in the Quantum Chemical Calculations section).
The relative dielectric permittivity and donor number of DME
(ε = 7.2, DN = 18.6), TEGDME (ε = 7.7, DN = 16.6), and
THF (ε = 7.6, DN = 20.0), are similar, but as the solutions of
“Li2S8” in TEGDME shows higher concentrations of S3

•−, still
a stronger coordination of Li+ by TEGDME is deduced. This
stabilization is assumed to be due to the effective “caging” of
Li+ through the chelate effect of TEGDME.43 In DME and
TEGDME, the addition of LiTFSI does not significantly affect
the Li polysulfide species (Figures 4a and 5a).

Figure 3. (a) UV/vis spectra of “Li2S8”/LiTFSI (1 mM/0.1 M) and
“MgS8”/MgTFSI2 (1 mM/0.05 M) in ACN solutions, and their 1:5
dilutions. (b) CVs of a GC electrode in these solutions at 50 mV/s,
calibrated vs Fc/Fc+.

Figure 4. (a) UV/vis spectra of “Li2S8”/LiTFSI (1 mM/0.1 M) and
“MgS8”/MgTFSI2 (1 mM/0.05 M) in DME solutions, and their 1:5
dilutions. (b) CVs of a GC electrode in these solutions at 50 mV/s,
calibrated vs Fc/Fc+.
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During reduction, both “Li2S8”/LiTFSI solutions show
peaks at −1.2 and −1.5 V (vs Fc/Fc+) (Figures 4b and 5b).
For DME,66 and DOL/DME (1:1),62,63 similar profiles are
observed in literature. According to Zou and Lu, the first
reduction wave refers to the formation of S4

2− and the second
to further reduction to S2

2− and S2−.63 In a different set-up,
Barchasz et al. additionally observed the formation of S8

2− and
its further disproportionation to S6

2−/S3
•− at higher potentials

(2.4 V vs Li/Li+).76 However, although the S3
•− radical is

observed in the UV/vis spectra of the Li polysulfide solutions
in DME and TEGDME (Figures 4a and 5a), this process is
not observed in our CV experiments. According to the
observations in DMSO, DMF, and ACN (Figures 1b−3b), the
formation of S8

2− (and S6
2−/S3

•−) would have been expected
at ≈−1.0 V (vs Fc/Fc+).
In the anodic scan of the Li polysulfide solutions in

TEGDME, an oxidation process is detected at −1.1 V (vs Fc/
Fc+). As neither S8

2− nor S6
2− were found to be stable in

“Li2S8” in TEGDME solutions (Figure 5a), this process
indicates the formation of S3

•−. In DME, this oxidation
process is not observed, which correlates with a lower
presence of the radical in the “Li2S8” solutions (Figure 4a).
However, the Li polysulfide solutions in DME and TEGDME
both show the oxidation of all polysulfide species to sulfur
above ≈−1.0 V (vs Fc/Fc+).63

The Mg polysulfide solutions in DME and TEGDME differ
strongly from their Li counterparts. Already in the UV/vis
spectra of pure “MgS8” in DME, S4

2− and S3
•− are hardly

observed, and the addition of MgTFSI2 even lowers their
absorbance intensity (Figures 4a and S4). In TEGDME, both
species are detected with slightly higher intensities (Figures 5a
and S5). The disproportionation of the Mg polysulfides might
proceed further to UV/vis insensitive species, like S2

2−. In any
case, the strong interaction between Mg2+ and the polysulfide
anions can be deduced from the high contact ion pair
formation energies (see Figure 9 in the Quantum Chemical
Calculations section).

The lower stabilization of S4
2− and S3

•− strongly affects the
electrochemical behavior of the Mg polysulfide solutions
(Figures 4b and 5b). During reduction, only one peak is
observed in the “MgS8”/MgTFSI2 in DME and TEGDME
solutions. As neither S3

•− nor S4
2− show strong intensities in

the UV/vis spectra of the “MgS8” solutions, their formation is
not expected during the cathodic scan. According to the
potentials observed in the CVs of Li polysulfide solutions63

the reduction peak at ≈−1.5 V (vs Fc/Fc+) is referred to the
direct transformation of sulfur to S2

2−.36 The electrochemical
formation of the S4

2− intermediate is thus not observed in
Mg2+ containing solutions in DME and TEGDME. Figure S7
shows further reduction of the Li and Mg polysulfides in
DME. In accordance with Gao et al. the peak at −2.4 V is
consequently referred to the formation of S2−.36 As these
species cannot be re-oxidized in our experimental setup, the
reduction processes diminish during subsequent cycles.
In conclusion, the reduction pathway of sulfur in DME and

TEGDME solutions depends on the presence of either Li+ or
Mg2+ cations. Whereas the reduction proceeds through the
formation of the high charge density S4

2− intermediate in case
of Li, a direct conversion to S2

2− is observed in case of Mg. In
the following, the S2

2− species are considered to be further
reduced to S2− in both kinds of solutions. The different
mechanisms are illustrated in Figure 6.

During oxidation of the Mg polysulfide solutions, the
formation of sulfur occurs only above −0.5 V (vs Fc/Fc+). In
comparison with Li polysulfide in DME or TEGDME
solutions (Figures 4b and 5b), the overpotential is referred
to the coordination of the polysulfides by Mg2+. It might be
explained by the high contact ion pair formation energies/the
stabilization of all MgSx species observed in DFT calculations
(see Figure 9).
The low currents detected during oxidation are referred to

the low concentration of Mg polysulfides in the sample
solutions (Figures 4a and 5a). Ongoing experiments with
higher Mg polysulfide concentrations show higher intensities
for the formation of sulfur.

THF. The UV/vis absorption spectra of the “Li2S8” and
“MgS8” solutions in THF only show low intensities for S3

•−

and the peaks for S6
2− or S8

2− are not visible (Figures 7a and
S7). In the Li polysulfide solution, the shoulder at 425 nm
indicates that S8

2− disproportionates further than in the high-ε
solvents and thus only S4

2− is stabilized.77 Although this
shoulder is shifted to ≈380 nm in the Mg polysulfide solution,
it was also assigned to S4

2− in our previous work.43 We
concluded a strong electron withdrawing effect of the Mg2+

coordination on S4
2−. However, although a low solubility of

this species would be assumed, this shoulder might also refer

Figure 5. (a) UV/vis spectra of “Li2S8”/LiTFSI (1 mM/0.1 M) and
“MgS8”/MgTFSI2 (1 mM/0.05 M) in TEGDME solutions, and their
1:5 dilutions. (b) CVs of a GC electrode in these solutions at 50
mV/s, calibrated vs Fc/Fc+.

Figure 6. Scheme of the proposed sulfur reduction pathway in
glymes. In the CV of Li polysulfide solutions the formation of the
S4

2− intermediate occurs, whereas only a direct transformation of S8
to S2

2− is observed in the Mg polysulfide solutions. The formation of
low charge density polysulfides (S8

2−, S6
2−, S3

•−) is only observed in
the CV of the Li and Mg polysulfide solutions in DMSO and DMF.
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to S3
2−.77 This would indicate that Mg2+unlike Li+

coordination induces even further disproportionation of the
polysulfides in THF. However, as the disproportionation of
“Li2S8” and “MgS8” proceeds to the high charge density S4

2−/
S3

2− and the UV/vis spectra differ significantly between the
Li+ and Mg2+ containing solutions, a strong interaction
between the cations and the polysulfide anions is deduced.
Consequently, the high contact ion pair formation energies
(Figure 9 in the Quantum Chemical Calculations section)
indicate a strong attraction. Adding LiTFSI to “Li2S8” solution
does not significantly affect the Li polysulfide species (Figure
S7). In contrast, the addition of MgTFSI2 to the “MgS8”
solutions decreases the intensity of S4

2−/S3
2−. As in DME and

TEGDME they might further disproportionate into UV/vis
insensitive and/or insoluble species, like S2

2−.
The disproportionation of the “Li2S8” and “MgS8” solutions

in THF is reflected in the electrochemical behavior. As neither
S8

2− nor S6
2−/S3

•− are stabilized in the “Li2S8” and “MgS8”
solutions (Figure 7a), the peak at −1.0 V (vs Fc/Fc+), which
is assigned to the formation of S8

2− and S6
2−/S3

•− in DMSO,
DMF, and ACN, does not occur in THF (Figure 7b). In the
Li polysulfide solutions a reduction wave with two peaks at
−1.3 V and at −1.5 V (vs Fc/Fc+) occurs. According to the
potentials observed in DME and TEGDME, the first wave
would be assigned to the formation of S4

2− and the second to
further reduction to S2

2−. In the anodic scan, no
corresponding (re-)oxidation process is observed until S8
formation occurs (above −1.1 V vs Fc/Fc+).
The reduction of the Mg polysulfides in THF only starts at

≈−1.3 V (vs Fc/Fc+). However, the current of this process
increases slowly and a maximum is only reached at ≈−1.9 V
(vs Fc/Fc+). As S4

2− (or S3
2−) has been observed to be a

stable product of the disproportionation of “MgS8” in THF
(Figure 7a), it is expected that the electrochemical reduction
of sulfur also proceeds through this species. However,
according to the low potential of the correlated peak, this
reduction process might rather correspond to the direct

formation of S2
2−. During oxidation, the formation of sulfur is

only observed above −0.7 V (vs Fc/Fc+). The oxidation of the
polysulfides is thus also considered a slow reaction. According
to the UV/vis spectra (Figure 7a), the low currents of this re-
oxidation are assumed to reflect the low availability of Mg
polysulfides in the sample solution. The huge hysteresis
between the reduction and oxidation potential correlates with
the observations made in DME and TEGDME (Figures 4b
and 5b).

Quantum Chemical Calculations. In the UV/vis
investigations, we found several differences between the
disproportionation/dissociation equilibria in “Li2S8” and
“MgS8” solutions. In general, the disproportionation of S8

2−,
S6

2−/S3
•−, and S4

2− to sulfur and insoluble or UV/vis
insensitive species was observed to be intensified by Mg2+

instead of Li+ coordination. In order to provide a theoretical
basis for these findings, and to unravel the impact of the
cation species (i.e., Li+, Mg2+) on the polysulfide equilibria, we
examined the stability of the lithium and magnesium solvates
using quantum chemistry (QC) calculations. To this end, we
computed the relative stability of larger cation/polysulfide/
solvent clusters using a CCA, where the solvent in the first
solvation shell is explicitly included in calculations, while the
solvent in the second solvation shell and beyond is included
via an implicit solvent model developed by the Minnesota
group (SMD model). DFT calculations were performed using
PBE functional and a compact 6-31+G(d,p) basis set. The
Experimental Section provides computational details, while
Table S1 compares the solvate binding energies from the
computationally expedient DFT calculations with those
obtained from more reliable but also much more computa-
tionally expensive composite methods such as G4 and
G4MP2.78 In particular, we calculated the contact ion pair-
formation energies ΔECIP (i.e., at 0 K, including zero-point
correction) and free energies ΔGCIP (at 298 K) upon bringing
a fully solvated cation and an anion from an infinite distance
into contact via the CCA described above. For the sake of
simplicity, we mainly restrict ourselves to the bivalent
polysulfide species S2

2−, S4
2−, S6

2−, and S8
2−, and only

consider complexes without a net charge.
Figure 8 shows four representative optimized complex

structures for Li+ and Mg2+ in combination with S4
2− and S6

2−

surrounded by an explicit first coordination sphere consisting
of DME molecules (in addition to the implicit solvent). The
geometries of all clusters are shown in Figures S11−S14.
Overall, the small cations are buried inside the cluster and
avoid contact with the boundary region of the implicit solvent.
The results for the contact ion pair formation free energies

ΔGCIP are shown in Figure 9 as a function of the polysulfide
chain length n (see also Table S2 for the detailed values of
both ΔECIP and ΔGCIP, and Table S5 for the formal reaction
equations used to compute these energies). We note that all
contact ion pair formation free energies are significantly
negative, indicating pronounced ion pairing or clustering in
the electrolyte solutions. In all cases, ΔGCIP becomes more
negative for shorter polysulfide chains, while the associated
entropy change, reflected by the difference between ΔECIP and
ΔGCIP, is approximately constant (Table S2). Thus, the
comparison between ΔECIP and ΔGCIP reveals that the
decrease of ΔGCIP is mainly due to the increased charge
density of the anion, which tends to maximize the energetic
Coulomb attraction, as ΔECIP is mostly negative and displays
similar trends as ΔGCIP. The only exceptions, however, are the

Figure 7. (a) UV/vis spectra of “Li2S8”/LiTFSI (1 mM/0.1 M) and
“MgS8”/MgTFSI2 (1 mM/0.05 M) in THF solutions, and their 1:5
dilutions. (b) CVs of a GC electrode in these solutions at 50 mV/s,
calibrated vs Fc/Fc+.

The Journal of Physical Chemistry C Article

DOI: 10.1021/acs.jpcc.8b06560
J. Phys. Chem. C 2018, 122, 21770−21783

21777



polysulfides larger than S2
2− in DMSO, for which ΔECIP is

positive. This is in line with the good solubility of “Li2S8” and
“MgS8” in DMSO, as well as with the larger relative dielectric
permittivity and the large donor number of this solvent.
Therefore, in this case, the formation of ion pairs or clusters
apparently is entropically driven (see also below).
For DMSO and THF, the ΔGCIP values (see Table S2), are

significantly lower than the respective ΔECIP values, indicating
that the release of solvent molecules from the solvation shell
of the cations (at least two molecules, if the polysulfide anion
coordinates in a bidentate fashion) leads to an entropy gain.
In contrast, the entropic penalty arising from the complex-
ation of the polysulfide chain seems to play a minor role, even
though one would expect that especially for long-chain
polysulfide species, the conformational phase space of the
anion becomes somewhat reduced when engaged in an ion
cluster. For the chelating solvent DME, we observe for both
Li+ and Mg2+ that ΔECIP and ΔGCIP are basically identical,
demonstrating that in this case entropic effects are negligible.
This might be related to the fact that upon contact ion pair
formation, a bidentate solvent molecule is exchanged by a
bidentate polysulfide anion, which mainly constitutes a change

in the internal energy, but is rather invariant for the entropic
contribution.
When comparing Li+ and Mg2+, we note that in DMSO the

contact ion pair formation energies and free energies are
basically comparable, whereas ΔGCIP is substantially smaller
for the magnesium polysulfides in case of the ethers THF and
DME (Figure 9). The behavior in the former solvent can
again be rationalized by its good solvation properties, reflected
by the solvent characteristics, that is the large relative
dielectric permittivity and the high donor number of
DMSO. In the ether-based electrolytes, electrostatic inter-
actions are less screened by the solvent, resulting in lower
contact ion pair formation energies for the “MgS8” solutions
as compared to the “Li2S8” solutions. Therefore, due to the
bivalent charge of the cation, ion clustering is expected to be
more pronounced for Mg2+ than for Li+.
So far, we only considered the relative stability of the

cation−polysulfide clusters, but not of the polysulfide species
themselves, which may interconvert to each other by
disproportionation reactions. To assess this effect, we
additionally calculated the energies ΔED and free energies
ΔGD for the disproportionation reactions of the bare
polysulfide anions, that is S8

2−
→ S6

2− + 1/4S8 and S8
2−
→

S4
2− + 1/2S8, and S8

2−
→ S2

2− + 3/4S8, in DMSO, DME, and
THF at the G4MP2 level. Through the above formal
reactions, the main polysulfide species S6

2−, S4
2−, and S2

2−

are directly linked to the initially present anion S8
2−, thus

allowing us to estimate their relative stability, although the
detailed disproportionation mechanism may in principle be
highly complicated. The results are shown in Figure 10 (see

Table S3 for the detailed values). Overall, the values are in
qualitative agreement with previous QC calculations of
polysulfide reactions79 (albeit using different solvent param-
eters). We note that the free energies of the disproportiona-
tion reactions are significantly positive in all three solvents (at
least 3 kcal/mol for the formation of S6

2−, at least 10 kcal/mol
for the formation of S4

2−, far exceeded by at least 35 kcal/mol
for the formation of S2

2−). These observations can be
rationalized by electrostatic arguments, resulting in a
preferential formation of polysulfide species with low charge
densities. Therefore, the trends observed from Figure 10 (i.e.,
increase of both ΔED and ΔGD with decreasing chain length
of the bare polysulfide anion) counterbalance the respective
trends shown in Figure 9 (decrease of the contact ion pair
formation free energy ΔGCIP with decreasing polysulfide

Figure 8. Optimized geometries of four representative contact ion
pair clusters containing Li+ and Mg2+ in combination with S4

2− and
S6

2− in the solvent DME (modeled by both an explicit first
coordination sphere and the implicit SMD solvation model for the
remainder of the electrolyte). The calculations were performed at the
PBE/6-31+G(d,p) level. Further cluster structures are shown in
Figures S11−S14.

Figure 9. Contact ion pair formation free energies upon bringing a
fully solvated Li+/Mg2+ ion and a solvated polysulfide anion into
contact as a function of the polysulfide chain length n (i.e., in terms
of monomers) in different solvents. Blue curves show the free
energies for Li+, the red curves show the respective values for Mg2+.
The calculations were performed at the PBE/6-31+G(d,p) level of
theory using the implicit SMD solvation model.

Figure 10. Disproportionation energies and free energies of the bare
polysulfide anions in DMSO, THF, and DME (SMD solvation
model) as a function of the polysulfide chain length n (in terms of
monomers). The calculations have been performed at the G4MP2
level of theory.
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length). The presence of these two antagonistic driving forces
suggests that, as a net effect, polysulfide anions with an
intermediate charge density are preferentially formed (i.e.,
S6

2− or S4
2−, depending on the cation species and the solvent).

In order to assess the relative importance of these two
opposing trends, we estimate the overall stability of the
polysulfide−cation complex from both the values in Figures 9
and 10. To this end, we calculated the change in the contact
ion pair formation free energies from Figure 9 (e.g., the
difference between Li2S8/MgS8 and Li2S6/MgS6 for the
reaction S8

2−
→ S6

2− + 1/4S8), and added this value to the
disproportionation free energies from Figure 10 (e.g., S8

2−
→

S6
2− + 1/4S8). The results are shown in Figure 11 as a

function of the polysulfide chain length. For the sake of
convenience, all energies have been computed relative to the
energy values of S8

2−.

From Figure 11, we find that both S6
2− and S4

2− display
negative values for the total free energies in all cases, thus
rationalizing the disproportionation of the initially present
Li2S8 and MgS8 salts to shorter polysulfide salts observed
experimentally. Thus, unlike in the CV experiments, where
additional reduction processes yield shorter polysulfides, the
cation species and its detailed solvation structure is crucial for
the formation of those polysulfide species different than S8

2−.
When comparing the results for “Li2S8” and “MgS8”, we note
that S4

2− is more stabilized in the presence of Mg2+ than for
Li+. This finding can be rationalized by the enhanced
coordination of the bivalent magnesium cations to polysulfide
anions with high charge densities (Figure 9), in agreement
with the experimental data. Nevertheless, our calculations
suggest that the formation of the S2

2− is thermodynamically
unfavorable in the presence of both Li+ and Mg2+ despite its
strong stabilization by the cation. This is likely because only
contact ion pair formation of Li2S2 and MgS2, but no further
aggregation was considered in QC calculations. The formation
of extended aggregates is expected to stabilize Li2S2 and MgS2
solvates. The latter assumption is verified by calculating the
dimerization free energies ΔGdimer for the formal reactions
2Li2S2 → Li4(S2)2 and 2MgS2 → Mg2(S2)2 at the G4MP2
level (without explicit solvent, see also discussion below and

Table S4). Here, the Li2S2 and MgS2 appear to have a
stronger tendency to form aggregates than the S4

2− or S6
2−

species. In particular, we find −29, −23 and −26 kcal/mol for
the formation of Li4(S2)2 in DME, DMSO, and THF, whereas
the respective values for Mg2(S2)2 are even larger with ΔGdimer

= −54 kcal/mol (DME), −33 kcal/mol (DMSO), −45 kcal/
mol (THF). Of course, due to the absence of an explicit
solvation shell, these values likely overestimate the true
dimerization free energies.
So far, we limited ourselves to bivalent polysulfide species.

Experimentally, however, the S3
•− radical anion is another

relevant species. Table S2 also shows the contact ion pair
formation energies/free energies for S3

•−, and Table S3 also
lists the dissociation energies and free energies of the reaction
S6

2−
→ 2S3

•−. The respective dissociation free energies of −3
kcal/mol (DMSO), −10 kcal/mol (THF), and −17 kcal/mol
(DME) indicate that from a thermodynamic point of view,
free S6

2− should almost completely dissociate into S3
•− (Table

S3). On the other hand, however, the comparatively strong
stabilization of S6

2− by the cations would render dissociation
unfavorable, especially due to the fact that ion pairs involving
S3

•− are only stabilized by free energy differences in the range
of −13 to −4 kcal/mol for “Li2S8”, and by −27 kcal/mol
(DME) or −21 kcal/mol (THF) for “MgS8”, while no stable
ion pairs are predicted in DMSO for the latter cation (Table
S2). Thus, the monovalent charge of S3

•− leads to weaker ion
pairing for this species. For these reasons, S3

•− might be more
loosely solvated, although the UV/vis results clearly indicate
that both the employed cation species and solvation effects
still play an important role (especially in the ethers).
Such rather subtle solvation changes make also the

quantitative characterization of the relative polysulfide
populations based on the data presented in Figure 11 a
formidable task due to numerous assumptions such as neglect
of the large aggregates and consideration of only the contact
ion pair formation. Our CCA also could not explicitly take
into account salt concentration that was experimentally shown
to play an important role in shifting reaction equilibrium,
especially for the weakly solvating solvents. Here, especially
the difference between S6

2− and S4
2− is on the order of a few

kcal/mol only, which is on the order of accuracy of G4MP2
method that has the average error of ≈1 kcal/mol.49 The
presence of a distribution of solvation shell structureslikely
to be encountered in thermodynamic equilibriumtherefore
biases the delicate balance between these two dianions, in
agreement with the experimentally observed coexistence of
multiple species. Capturing these effects therefore rather
requires a molecular-dynamics approach, either relying on
well-parametrized force fields80 or first principles.81 Indeed, in
the latter publication, it was shown that long lithium
polysulfides may also exist as effective Li+−LiSn

− ion pairs
involving a strongly and a weakly coordinated lithium ion.81

Moreover, these simulations also revealed a significant
entropic stabilization of solvated S8 molecules (and presum-
ably also for fully solvated polysulfide anions), which is not
captured by the implicit SMD solvation model. Neglecting
these fine details of the polysulfide and polysulfide complex
solvation, our results clearly emphasize the importance of
polysulfide stabilization via both, the cation species and the
solvent, as well as the resulting impact on the disproportio-
nation reactions.
Apart from slight differences in the coordination sphere,

one might also imagine the formation of larger ion clusters, for

Figure 11. Sum of the change in the contact ion pair formation free
energy ΔGCIP (Figure 9) and the disproportionation free energies
ΔGD (Figure 10) for Li and Mg polysulfides in larger cation/
polysulfide/solvent clusters as a function of the polysulfide chain
length n (in terms of monomers). DMSO, THF, and DME have
been used as solvents. The reaction free energies of the bare
polysulfides were calculated at the G4MP2 level of theory, the
contact ion pair formation free energies were calculated at the PBE/
6-31+G(d,p) level of theory including a G4MP2 correction (see text
for further details).
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which, however, the calculations based on the CCA with
explicit solvent molecules rapidly become too costly. In order
to estimate the main impact of such a clustering on the
distribution of polysulfide species, we performed G4MP2
calculations (i.e., without explicit solvent molecules) for the
aggregation of an ion pair to a dimeric cluster, as described by
the formal reaction equations 2Li2S4 → Li4(S4)2, 2Li2S6 →
Li4(S6)2, 2MgS4 → Mg2(S4)2, and 2MgS6 → Mg2(S6)2. The
results for the dimerization free energies ΔGdimer are shown in
Table S4. Although the resulting free energies likely predict
too strong clustering of ion pairs due to the lack of an explicit
solvation shell, we note that clustering is expected to be more
pronounced for the magnesium salts. In particular, for both
Li2S4 and Li2S6, we find comparable dimerization free energies
in the range of −9 to −4 kcal/mol in all solvents, whereas
MgS4 shows a substantially larger tendency to aggregate in the
ethers than MgS6 (ΔGdimer = −22 kcal/mol vs ΔGdimer = −8
kcal/mol in DME, and ΔGdimer = −16 kcal/mol vs ΔGdimer =
−9 kcal/mol in THF). Conversely, in DMSO, only the
aggregation of MgS4 appears to be thermodynamically stable.
Therefore, these results suggest that the formation of larger
ion clusters shifts the polysulfide equilibrium towards S4

2−, as
observed experimentally.
Due to the delicate balance between cation stabilization and

disproportionation, the polysulfide equilibrium can be rather
easily shifted by other electrolyte components (especially
salts), such as LiTFSI/MgTFSI2 in the present case (see
above). For these reasons, we also computed the contact ion
pair formation energies for solvated LiTFSI and MgTFSI+

clusters (Table S2). (Here, we restricted ourselves to the
bidentate TFSI coordination.46) For LiTFSI, ΔGCIP is in the
range of −9 to −4 kcal/mol in the ether solvents THF and
DME, and ≈−3 kcal/mol in DMSO. Such an aggregation
behavior is consistent with the experimentally measured
ionicity values for LiTFSI82 and results of MD simulations
for DME−LiTFSI.83 For MgTFSI+, we find values of −23
kcal/mol (DME) and −24 kcal/mol (THF) for the ethers,
while in DMSO the complex is unstable, as indicated by a
positive value of ΔGCIP = 5 kcal/mol. In total, when
comparing these numbers with the respective values for the
bivalent polysulfide anions (Table S2), it is evident that the
interaction of the cations with TFSI is significantly smaller
than for the polysulfides. Therefore, the addition of TFSI salts
does not lead to the release of free polysulfide anions due to
competing interactions of TFSI and the polysulfides for the
cations themselves. Nevertheless, in the ethers, ΔGCIP is
negative, such that LiTFSI and Mg(TFSI)2 aggregates are
likely to form, which in principle may also participate in larger
MgSn(TFSI)m and (to a smaller extend) Li2Sn(TFSI)m
clusters. Furthermore, due to the increased overall ion
concentration, larger ionic aggregates are more likely to
form, which would also substantially affect the stability of the
individual polysulfide species. This is also due to the fact that
in the abundance of cations, both TFSI and the polysulfide
chains may coordinate to two cations simultaneously, bridging
them in this way. Such an ion clustering would lead to more
complicated reduction/oxidation processes and solvation/
desolvation mechanisms, while at the same time provide
additional control parameters for shifting redox reactions
towards specific potentials, and to tune the polysulfide
solubility. It is questionable in how far these results can be
generalized to salts with other anions. However, in case of
chloride anions, it is known that Mg2+ forms cationic MgxCly

+

species,84 which might also influence the redox processes and
solubility of Mg polysulfides.

■ CONCLUSIONS

In this study we demonstrated that the reduction and
oxidation processes, thus mechanisms, of Li and Mg
polysulfide solutions differ substantially. In the high-ε solvents
DMSO, DMF, and ACN, these differences are generally
related to a poorer stabilization of low charge density (“long-
chain”) polysulfides S8

2−, S6
2− and especially S3

•− in presence
of Mg2+ instead of Li+. Whereas in DMSO and DMF, only the
polysulfide oxidation mechanism is affected by these differ-
ences, they also determine the reduction pathway in ACN. In
the low-ε solvents DME and TEGDME, the reduction of
sulfur proceeds via S4

2− to S2
2−, when Li+ cations are present.

In contrast, in case of coordination by Mg2+, only the direct
reduction of sulfur to S2

2− is observed. A similar behavior is
shown in the Li and Mg polysulfide solutions in THF. In
addition, the oxidation of Mg polysulfides in DME,
TEGDME, THF, and ACN solutions was observed to occur
at substantially higher potentials than in their Li counterparts.
QC calculations indicate that ion pairing in Mg polysulfide

solutions is more pronounced than in their Li counterparts. As
short and highly charged polysulfides, like S4

2− and S2
2−, are

generally more stabilized by cation coordination, the
calculations explain why the disproportionation in the Mg
polysulfides in ethers is more pronounced than that of Li
polysulfides of the respective solutions. In addition, prelimi-
nary results confirm that the dissociation of S6

2− to S3
•− is less

favored in case of Mg2+ coordination.
In conclusion, this study sheds light on the different

discharge/charge mechanisms of the sulfur cathode in Li/S
and Mg/S batteries. Thereby, it gives an additional
explanation for the high overvoltages of current Mg/S cells.
The comparison of the apparently poor Mg polysulfide
electrochemistry in currently used ethers with the better
performance in solvents like DMSO and DMF emphasizes the
importance of the electrolyte solvent. Lowering the over-
potentials of the sulfur cathode in Mg/S batteries is a
fundamental challenge for achieving reasonable energy density
and efficiency. This challenge might be overcome by the use
of ionic liquids. In ongoing research, we found low
overpotentials of sulfur formation in both, Li and Mg
polysulfide solutions in Pyr14TFSI. In addition, ionic liquids
are considered to suppress polysulfide dissolution in Li/S85−88

and Mg/S26,27 batteries.
Besides clarifying the influence of the solvent, this study

gives an insight in the role of the cation in determining the
charge and discharge mechanism of the sulfur cathode. It is
demonstrated that the electrochemistry of the sulfur cathode
differs fundamentally with coordination by the monovalent Li+

or the bivalent Mg2+. Accordingly, Gao et al. observed that the
re-oxidation of MgS and MgS2 and thus the reversibility of
Mg/S cells is substantially improved by the addition of
LiTFSI.30 Such hybrid Li/Mg electrolytes might thus also path
the way to more efficient Mg/S batteries.
Furthermore, a deeper understanding of the cation

coordination by the solvent and its interaction with the
polysulfide species might also improve the electrolytes of Li/S
batteries and support the development of other multivalent
metal/sulfur battery systems.
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