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ABSTRACT: In this work we uncover a novel effect between concentration dependent
ion pair formation and anion stability at reducing potentials, e.g., at the metal anode.
Through comprehensive calculations using both first-principles as well as well-
benchmarked classical molecular dynamics over a matrix of electrolytes, covering solvents
and salt anions with a broad range in chemistry, we elucidate systematic correlations
between molecular level interactions and composite electrolyte properties, such as
electrochemical stability, solvation structure, and dynamics. We find that Mg electrolytes
are highly prone to ion pair formation, even at modest concentrations, for a wide range of
solvents with different dielectric constants, which have implications for dynamics as well as
charge transfer. Specifically, we observe that, at Mg metal potentials, the ion pair undergoes
partial reduction at the Mg cation center (Mg2+ → Mg+), which competes with the charge
transfer mechanism and can activate the anion to render it susceptible to decomposition.
Specifically, TFSI− exhibits a significant bond weakening while paired with the transient,
partially reduced Mg+. In contrast, BH4

− and BF4
− are shown to be chemically stable in a

reduced ion pair configuration. Furthermore, we observe that higher order glymes as well as DMSO improve the solubility of Mg
salts, but only the longer glyme chains reduce the dynamics of the ions in solution. This information provides critical design
metrics for future electrolytes as it elucidates a close connection between bulk solvation and cathodic stability as well as the
dynamics of the salt.

■ INTRODUCTION

To reduce the carbon imprint of our energy-dependent society it
is essential to look for alternatives to fossil fuel. However,
increasing the use of intermittent energy sources requires cheap,
reliable storage to support a future sustainable energy grid and
deployment. While the concept of Li-ion batteries was pioneered
byWhittingham in the 1970s,1,2 and demonstrated byMurphy et
al. in 1980s,3 it took almost 20 years to commercialize in the form
of the Sony LiCoO2/C rocking chair battery.4 The development
of Li-ion batteries enabled a breakthrough in electronic devices;
however, despite extensive research during the last three decades,
limited improvements have been achieved.5 Li-ion batteries are
still struggling with their limited performance, short lifetime and
safety concerns. Thus, the focus is turning toward alternative,
environmentally benign, higher energy density batteries such as
lithium−air, lithium−sulfur and multivalent batteries. An
approach to achieve energy density higher than the existing Li-
ion batteries is to replace monovalent Li-ion by multivalent ions
such as Mg, Ca. The ability of Mg batteries to provide much
higher volumetric capacity, particularly on the anode side where
the Mg metal can theoretically provide 3833 mA h/cc as
compared to the Li counterpart graphite (∼800 mA h/cc) at a
lower cost makes the technology an attractive candidate for
future batteries.6 Despite several advantages the commercializa-

tion of Mg batteries faces numerous hurdles. Most Mg salts are
incompatible with the traditional solvents used in Li-ion
batteries; hence, Mg batteries suffer from the formation of a
passive layer at the anode surface, blocking reversible Mg
transport. Compared to Li-ion batteries the development of Mg
batteries is still at a nascent stage and requires fundamental work
to enhance our understanding of both the behavior and
limitations of electrode materials as well as the electrolytes.
A future successfulMg battery requires an electrolyte with high

ionic conductivity, wide electrochemical stability window,
chemical compatibility with the electrode materials and low
cost. Early studies of Mg(ClO4)2, and Mg(BF4)2 salts with
organic solvents failed to enable reversible plating and striping of
the Mg metal anode due to formation of a passive layer blocking
the electrode interface.7−9 Through the seminal work of
Liebenow et al., it was established that Grignard-based ethereal
solvents enable successful plating/striping of magnesium,
however with a limited oxidative stability of ∼1.5 V.10 A series
of electrolytes based on compounds such as amidomagnesium
halides, organomagnesium compounds and magnesium organo-
borate in ethers such as tetrahydrofuran (THF) and primary
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amines were explored by researchers over the following years,
however with limited stability and coloumbic efficiency.10−13 In
2000 Aurbach demonstrated the first successful prototype
rechargeable Mg battery with ∼60 W h/kg energy density,
impressive cycle life (>3500 cycles) and negligible self-
discharge.14 However, the THF/Mg(AlCl2BuEt2) electrolyte
generation was limited by its ∼2.5 V electrochemical stability
window due to the relatively weak Al−C bond which breaks with
β−H elimination.15 Doe et al. developed a family of Grignard-
reagent free magnesium electrolytes (MACC) that demon-
strated reversible plating/striping with ∼99% Coulombic
efficiency and ∼3 V anodic stability on a platinum electrode.16

On the other hand, Muldoon et al. demonstrated non-
nucleophilic Hauser bases as electrolytes, hexamethyldisilazide
magnesium chloride HMDSMgCl/AlCl3 in THF and observed
an excellent capacity of ∼1200 mAh/g in the first cycle but
significant capacity fade in the second discharge.17,18 Shao et al.
studied the effect of the oxygen donor denticity of ethereal
solvents with Mg(BH4)2.

19 These glyme-based solvents are
chemically inert due to absence of functional groups and are
known to demonstrate promising performance in Li-ion batteries
as well as Mg batteries.8,20−22 Some recent studies also show
reversible Mg deposition and stripping in a electrolyte mixture of
Mg(BH4)2 and LiBH4 in glyme solvents and the effect of
solvation structure on the stability of electrolytes.19,23 An
electrolyte solution based on Mg(TFSI)2 in diglyme (G2) has
recently demonstrated reversible electrochemical behavior, albeit
with significant over potential, in a full cell configuration
including a working Mg electrode.24 Timothy et al. also reported
reversible cycling of a Bi vs Mg cell using Mg(TFSI)2 in
acetonitrile (AN) as electrolyte.25 However, the operation of this
electrolyte at low potential is controversial as previous studies

reports reduction of AN-based electrolytes at low potential.8 On
the other hand Tran et al. also observed reversible cycling and
oxidation stability of ∼2.8 V of Mg(TFSI)2 salt dissolved in AN.
However, they did not observe plating of Mg and pointed out
reduction of AN at ∼−0.2 V on stainless steel.26

In summary, despite several breakthroughs in the development
of novel Mg electrolytes, improvements in electrochemical
stability, compatibility with a variety of electrode materials, and
ionic conductivity is needed. More importantly, there is a need
for a comprehensive, fundamental understanding of the
molecular-level interactions that govern the properties of
multivalent electrolytes. Previous studies have shown that the
solution solvation structure in these electrolytes is critical for
reversible plating/stripping and formation of stable Mg
complexes during stripping improves the columbic effi-
ciency.19,27 Specifically, in the case of Mg(TFSI)2, which has
been considered as one of the “holy grails” of magnesium
batteries, there are several studies pointing to conflicting cathodic
stability at Mg metal reduction potentials; hence, intriguing
questions remain regarding the properties of Mg(TFSI)2.

25,26,28

For example, it has been observed experimentally that the
reduction peak shows strong dependence on the initial solute
concentration.29 However, very limited information is available
in the literature on the local environment, particularly the degree
of ion pairing, of these electrolytes. The concept of ion pair was
first proposed by Arrhenius about a century ago with the
definition of free ions-molecules or molecular fragments
endowed with some electric charge.30 Some previous studies
have shown formation of ion pairs in Mg(TFSI)2

31 and aqueous
solutions of Mg(OAc)2 and Mg(NO3)2.

32 This work aims to
increase our knowledge of Mg electrolyte solvation structures to

Figure 1. Solvent and salt anions of the electrolyte matrix. aDimethylamine. bAcetonitrile. cDimethyl sulfoxide. dTetrahydrofuran. eDimethoxyethane.
fDiglyme. gTetraglyme. hBis(trimethylsilyl)amide. IBis(malonato)borate. jBorohydride. kTricyanomethanide. lTetrafluoroborate. mBis-
(trifluoromethane)sulfonamide. nEthoxide. oTetraphenylborate.
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establish design metrics based on the intermolecular interactions
that govern properties such as transport and stability.

■ METHODOLOGY
We employ a systematic approach, using an electrolyte matrix (Figure 1)
consisting of 8 anions and 7 solvents to identify which chemical-
structural features that correlate with desirable properties. The matrix
was chosen to feature anions that have been previously applied in Mg
electrolyte studies,8,19,28,31 in addition to more uncommon
ones,17,18,33−35 to provide benchmarking as well as chemical breadth.
Similarly, the solvents exhibit a range of dielectric constants, as well as
cyclic and linear molecular structures. Using quantum mechanical
calculations coupled with classical molecular dynamics (MD)
simulations, the electrochemical stability window (ESW), solvation
energy and decomposition path of electrolytes and their correlation with
the intermolecular interactions and the resulting solvation structure
were studied. Study of solvation structure provides insights of solution
carrying ions, ion pairs and higher aggregates. While the concept of ion
pairing is well established, there is no stringent quantitative definition.
For example, an ion pair can be defined as the two oppositely charged
ions in a solution which does not contribute to conductance.36 In this
work we considered the solvates formed in the solution as solvent
separated ion pairs (SSIPs), contact ion pairs (CIPs) and aggregates
(AGGs) if the average coordination number between the cation−anion
is zero to one (SSIP), between one and two (CIP) or more than two
(AGG), respectively in the first solvation shell. The solvation structure
provides important insights with regards to the ion−ion and ion−
solvent interactions, which in turn governs physical properties such as
viscosity, conductivity, diffusion and vapor pressure.
Computational Details. Quantum Chemistry Calculations. To

study the electrochemical stability of different multivalent salts in
different solvents the electrochemical window as approximated by the
ionization potential (IP) and electron affinity (EA) were computed for
all combinations in the chosen electrolyte matrix (Figure 1). The IP and
EA were calculated in the adiabatic approximation,37 which takes into
account the effect of structure relaxation on the reduction/oxidation
potential, using the QChem software package38,39 at the B3LYP 6-31+
+G** level.40 The solvent effect was accounted for by an implicit solvent
model: IEF-PCM,41 where the solute−solvent interface was constructed
using a van der Waals (vdW) surface defined from the Universal Force
Field (UFF)42 radii scaled by 1.1. Our previous work shows the details of
workflow and benchmarked results using the same methodology.43,44

Selected decomposition pathways were computed using quantum
mechanical calculations for specific chosen electrolyte species. A
vibrational frequency analysis was performed for every species to ensure
that the relaxed molecular structure was obtained at the desirable
stationary point. A minimum should have no imaginary frequency while
a transition state should have one and only one imaginary frequency. By
improving the structures iteratively, all final reported structures exhibit
the desired number of imaginary frequencies. A counterpoise correction
is employed for bond dissociation energy calculations to correct the
basis set superposition error (BSSE).45 All calculations are automated
and carefully benchmarked by an in-house developed molecular high-
throughput infrastructure.44

Molecular Dynamics Simulations. Classical molecular dynamics
(MD) simulations were conducted on the electrolytes specified in
Figure 1 using the GROMACS MD simulation package version 4.5.3.46

General Amber force fields (GAFF) were used with the partial atomic
charges derived by fitting the electrostatic potential surface generated
from ab initio calculations for the optimized geometry.47 The force field
parameters were benchmarked against the experimental density and
diffusivity and found to reproduce the experimental values adequately,
the details of which are provided in the Supporting Information (SI),
Table S1. The initial configurations were obtained by randomly packing
the molecules in a cubic box with periodicity in the XYZ direction. We
considered 0.4 M concentration for all systems with a box size of 4× 4×
4 nm3. Long-range electrostatic interactions were handled by the
particle-mesh Ewald (PME)method with a cutoff distance of 1.2 nm and
a grid spacing of 0.1 nm. A cutoff of 1.0 nm was used for Lennard−Jones

interactions. An energy minimization was performed to relax the
strained contacts in the initial configuration in two steps, first using
steepest descent employing a convergence criterion of 1000 kcal/mol Å
and then conjugated-gradient energy minimization scheme employing a
convergence criterion of 10 kcal/mol Å. Isothermal−isobaric (NPT)
simulations were performed for 2 ns to obtain the correct density of the
systems using the Berendsen barostat.48 Afterward, simulations were
performed in the canonical ensemble (NVT) using the improved
velocity-rescaling algorithm to mimic the weak coupling at the desired
temperature with a time constant of 0.1 ps to equilibrate and sample
properties of interest.49,50 All systems were first melted at 400 K for 2 ns
and subsequently annealed from 400 to 298 K in three steps for 2 ns.
Structural and dynamical properties were obtained from a 10 ns MD
simulation run with an integration time step of 0.5 fs in NVT ensemble.
The simulation time was long enough to sample adequately the
Fickian(diffusive) regime of all systems and the results were averaged
over at least two independent realizations of the same system. We ran
additional representative simulations with a larger box size (8 × 8 × 8
nm3) and found no significant differences in the properties. Finally, the
Einstein relation was used to measure the diffusion coefficient from the
mean squared displacement of atoms. The resulting coefficient is fitted
from a least-squares minimization for a straight line for a time period in
the diffusion regime and then averaged over two independent
realizations of the same system.

Experimental Details. Materials and Electrolyte Preparation.
Magnesium bis(trifluoromethane sulfonyl)imide (99.5%, Solvionic,
France) was dried in a vacuum oven overnight before use. G2 (Aldrich,
anhydrous, 99.5%) solvent was pretreated with a molecular sieve
(Aldrich, 3 Å beads, 4−8mesh) and then added to the driedMg(TFSI)2.
The as prepared electrolyte was then stirred overnight before use.

Characterization of the Diffusion Coefficient. A three electrode
configuration composed of a Pt disk as working electrode (2 mm in
diameter, CH instruments, Austin, TX) and Mg ribbon as counter and
reference electrode (99.9% purity, Sigma-Aldrich) was applied to
determine the diffusion coefficient of Mg(TFSI)2 in G2. The
chronocoulometry (CC) method was used to measure the diffusion
coefficient of the Mg cations in the electrolyte. The potential at the
working electrode was held at−0.5 V for 300 s allowing reduction of the
Mg cations to reach at the electrode surface. The electrochemical
characterization was carried by amultichannel potentiostat (ParstatMC,
Princetion Applied Research, TN) under pure argon atmosphere in a
glovebox. Integration of current density over time was obtained and
plotted against the square root of time as shown in Figure S27. The
diffusion coefficient was determined by fitting Q versus t1/2 with eq 1
derived from the Cottrell equation;

π
= + +Q

nFAC D
t Q Q

2
dl

0
1/2

1/2
1/2

ads (1)

where n is the number of electrons for the reduction reaction occurred at
the working electrode (n = 2); F is the Faraday constant; A is the
electrode area (0.0314 cm2), Qdl is the capacitive charge and Qads is the
charge contributed from the absorbed species.

Cyclic Voltammetry and Linear Sweep Voltammetry. Cyclic
voltammetry (CV) and linear sweep voltammetry (LSV) was
characterized based on a three-electrode configuration, with working
electrode as a platinum disk (2mm in diameter, CH instruments, Austin,
TX), counter electrode and reference electrode as Mg ribbons (99.9%
purity, Sigma-Aldrich). Potential was swept from −1 to +3 V vs Mg/
Mg2+ with 25 mV/s as scan rate. Measurements were carried on a
multichannel potentiostat (Parstat MC, Princetion Applied Research,
TN) under pure argon atmosphere in a glovebox.

■ RESULTS AND DISCUSSION
1. Ionization Potential/Electron Affinity (ESW). Electro-

chemical stability is one of the key determinants of electrolytes;
hence a detailed exploration is essential. It is assumed that a good
candidate multivalent salt should contain an anion as well as a
solvent that is tolerant to the operating voltage of the battery. In
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this work we focused on the stability of the anion, which sets the
limit for many Mg battery electrolytes.8,22,51,52 To obtain a first
guide to the anion stability as a function of anion chemistry and
structure, we calculated the electrochemical window of all the
anions in the electrolyte matrix, within the implicit solvent
model. While an implicit solvent model may not provide accurate
quantitative results it has been found to provide the correct
trends as to the stability of the salt components when compared
within the same model.37 The results are shown in Figure 2, set
relative to the Mg2+/Mg redox pair at 0.0 V. The electrochemical
window is expressed by two properties: the IP and EA. The IP
represents the energy penalty to oxidize an anion, while the EA is
the energy gained for a reduced anion. In other words, the EA
must be lower than the cathodic limit (0 V in Figure 2), while IP
should be higher than the anodic limit (set by the operating

voltage of the cathode). In this paper, all the IP/EAs are
calculated by the energy gap between the final and initial state of
the fully relaxed molecule at each charge state, respectively. We
have also calculated the LUMOs of specific molecules of interest
to analyze the nature of reduction; however, it should be noted
that the LUMO is not used in the calculation of IP and EA. In
Figure 2a, all the solvated anions except BOB− have EA well
below 0 V (cathodic limit) and are hence tentatively predicted to
be stable against reduction, in their well-solvated form, at Mg
metal potentials. Furthermore, all solvated anions, except
HMDS− and OEt−, are predicted to be stable against oxidation
up to 2 V. The highest oxidation potentials are obtained for
TFSI− and BF4

−. To assess the reliability of the quantum
chemistry calculations within the class of one salt and several
different solvents, we compared the theoretical predictions of
electrochemical stability in various solvents for the TFSI− anion
with experimental measurements. Linear sweep voltammetry
(see Experimental Details section for details) was employed to
measure the anodic limit of the electrolyte, which correlates with
the predicted IP of the anion−assuming that other components
of the electrolyte (e.g., the solvent) are stable. The results are
shown in Figure S1 and Table S2. Across all five solvents, the
Mg(TFSI)2 solution exhibits an anodic limit between 3.6 and 4.1
V as shown by LSV, while the theoretical predictions of IP range
from 4.9−5.1 V depending on the solvent. The anodic stability of
Mg(BH4)2/THF is predicted ∼1.5 V lower than Mg(TFSI)2,
which should be compared to the corresponding 1.5−2 V lower
experimental anodic stability. Similarly, Mg(BF4)2/AN is
predicted to exhibit a ∼2.5 V higher oxidation potential than
Mg(TFSI)2 which correlates with the 1.5 V increase in
experimental anodic stability. Hence, we find a good correlation
between the theoretical predictions and experimental measures
which indicates that the computational procedure is adequate to
predict at least the fundamental trend of the anion anodic
stability.
Furthermore, we find that the solvent effect, approximated by

the PCM model, only contributes to a small scatter of the anion
IP/EA values. However, incorporation of explicit solvent
molecules to the model system can capture more details of the
solvent effects. For comparative purposes, we also calculated the
IP/EA of TFSI− coordinated by one solvent molecule, in
addition to the IEF-PCMmodel. This combined explicit-implicit
solvent model calculation was carried out for 4 representative
solvents: AN, G2, DMSO and THF. As shown in Table S2, the
combined explicit-implicit model predicts slightly narrower
electrochemical windows than the implicit solvent model,
indicating that the implicit solvent currently used in this work
is likely to overestimate the electrochemical stability of the salt
anion. The largest error is found for TFSI− in G2, where the
implicit solvent overestimates the IP by 0.55 eV while
underestimating the EA by 0.03 eV. However, it should be
noted that the trend of the implicit solvent model is qualitatively
correct. For example, both the implicit solvent model and
combined explicit-implicit solvent model predict TFSI− to be
stable at Mg metal potentials. Also, the relative trend among
different solvents is in good agreement between the two
methods. As the purpose of this paper is to study relative
chemical trends and correlations between electrolyte solvation
and properties, such as stability, rather than calculating the
absolute electrochemical windows, the implicit solvent model is
deemed appropriate to provide an efficient while reasonably
accurate approach.

Figure 2. Calculated electrochemical windows (IP/EA) of different salt
anions in different solvent dielectric media. All the values are reported
versusMg2+/Mg, and the solvent effect is taken into account by the IEF-
PCM model. All the solvents are listed in the legend and indicated by
different symbols. (a) IP/EA of the well-solvated anion where red dots
are EAs; blue dots are IPs. (b) IP/EA of the solvated [Mg−Anion]+ ion
pairs where orange dots are EAs; cyan dots are IPs and violet dots depict
the EAs of the anions, constrained to accept the electron, for the [Mg−
Anion]+ ion pair. (c) The LUMO of an [Mg2+−TFSI−]+ ion pair.
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Our calculation results are consistent with available trends
known from experimental observations showing BH4

−19 based
salts to be stable forMgmetal anode plating/stripping and TFSI−

salts28 at higher potentials. Similarly, our results indicate
electrochemical stability of BF4

− against direct reduction;
however, previous studies have shown that BF4

− is vulnerable
to chemical decomposition.8 However, interestingly, incon-
clusive evidence is reported on the stability of theMg(TFSI)2 salt
atMgmetal potentials.22 For example, while 0.3MMg(TFSI)2 in
G1/G2 was found to be compatible with Mg metal, a higher
concentration of 0.5 M Mg(TFSI)2 in G1/G2 demonstrated an
unstable potential profile associated with possible passive film
formation for the Mg stripping and deposition process.28 To
elucidate the reason for the change in stability with salt
concentration for Mg(TFSI)2, we turned our focus to the
solvation structure of the electrolyte. Some lithium salts such as
LiBPh4, LiCF3CO2, LiBr, LiNO3, LiCF3SO3 and LiBF4 have
demonstrated different degrees of ion pairing in solvents like
glymes and AN.53,54 Similar ion pairing has also been observed
for Mg−TFSI in ionic liquid electrolytes and also in PEO at high
concentrations.55,56 Aqueous solutions of Mg(ClO4)2, Mg-
(SO4)2, Mg(NO3)2, MgCl2 are also known to show ion pair
formation at high concentrations (>2 M); however, Mg(OAc)2
shows ion pair formation at lower concentrations (>1 M).57,58

Previous experimental studies using X-ray absorption fine
structures (XAFS) on Mg salts such as Mg(AlCl2EtBu)/THF
have observed the formation of complex salt-solvent structures
(Mg2Cl2THF4)

2+ in the solution.59 Furthermore, the all phenyl
complex (APC) type electrolytes exhibit a strong tendency for
Mg complex formation.60 Recently, it was shown that Mg-
(TFSI)2/G2 exhibits a significant degree of ion pairing even at
moderate concentrations such as 0.4 M.61 Hence, it is a
reasonable assumption that Mg salts are prone to ion pair
formation, even at moderate concentrations and particularly in
solvents such as ethers with low dielectric properties. While ion
pair formation is known to negatively impact charge transfer62,63

and conductivity,64,65 very little is known about the effect of ionic
association on the stability of multivalent electrolytes, partic-
ularly at Mg metal reduction potentials.
To investigate the impact of ion pair formation on the stability

of the electrolyte, we calculated the IP/EA of the all the
considered [Mg−Anion]+ ion pairs in different dielectric media
corresponding to different solvents. The results are shown in
Figure 2b where it is evident that both the IP and EA are
significantly elevated for the solvated ion pair compared to the
well-solvated anion. It is intuitive that a strong interaction
between the anion and the highly electropositive Mg2+ cation
increases the tendency toward reduction as well as the penalty to
oxidize the complex [Mg−Anion]+ ion pair as a whole. To
investigate the electronic structure of the reduced complex, we
performed a natural bond orbital (NBO)3 population analysis for
one of the reduced ion pairs; the Mg−TFSI ion pair. The NBO
result shows that the atomic charge and spin density on Mg is
0.88 and 0.89 respectively, for the reduced Mg−TFSI ion pair.
Hence, the changes in atomic charge as well as the spin density
clearly indicate that the electron-accepting component in the
Mg−TFSI ion pair is the Mg2+ cation rather the TFSI− anion.
This can be further elucidated from molecular orbital analysis.
Figure 2c shows the lowest unoccupied molecular orbital
(LUMO) of [Mg2+−TFSI−]+. The majority LUMO of
[Mg2+−TFSI−]+ is associated with Mg2+; therefore, Mg2+ is the
most likely to reduce if an electron is added to the complex. Since
the Mg+−TFSI− ion pair carries an unpaired electron, we

postulate that the complex is chemically active and transient. The
complex can either further accept one more electron from the
electrode (Mg metal in this case), corresponding to charge
transfer (Mg+→ Mg0), or undergo chemical decomposition. To
confirm that the reduction of the Mg2+ cation in the ion pair is
indeed the lowest reduced energy state of the complex, we
calculated the EA by constraining the reduction to the anion for
three anion pairs; [Mg2+−BH4

−]+, [Mg2+−BF4
−]+,

[Mg2+−TFSI−]+ (see Figure 2b), using the absolutely localized
molecular orbitals (ALMO)4 method. It was found that the anion
EA in the ion pair is also elevated by presence of the Mg2+ cation,
albeit not as much as the EA of the complex when allowing the
Mg cation to reduce. From Figure 2b, we observe that the anion
EAs for the three examined pairs are all very close to Mg metal
potentials; however, given the qualitative nature of the PCM
method, it is inconclusive whether the results indicate electro-
chemical instability or not. It is likely though, that there exist a
strong correlation between ion pair formation and increased
tendency toward reduction of the anion. This correlation
between ion pair formation, which is explicitly dependent on
the concentration and nature of the salt, and anion stability is a
possible explanation for the discrepant results reported on the
TFSI− stability in the literature. We emphasize that (1) the
results presented are obtained using approximate, implicit
solvent methods and some calculation error should be expected
(as discussed previously in this section) and that (2) the
reduction potential indicated by the EA may be preceded by a
chemical decomposition of [Mg1+-Anion] ion pair, which is
investigated in the following section.

2. Decomposition of the Mg−TFSI Ion Pair. Our work
indicates that an ion pair (e.g., [Mg2+−TFSI−]+) is significantly
easier to reduce than a well-solvated anion alone. There are two
possibilities for the fate of reduced, transient Mg−TFSI ion pair:
(1) Obtain one more electron from the electrode, which leads to
Mg reduction and charge transfer to the Mg0 state and leaves
TFSI− unchanged. In other words, the TFSI− anion is stable in
this situation. (2) Undergo chemical decomposition involving
either anion and/or solvent, which will lead to irreversible
reactions, electrolyte loss, and possible deposition of decom-
position products on theMg anode surface. To study the effect of
ion pair formation on chemical stability, we calculated the bond
dissociation energy (BDE) for the three anions, TFSI−, BH4

−

and BF4
− under different conditions corresponding to (1) a well-

solvated anion, (2) a solvated ion pair with Mg2+, and (3) a
solvated ion pair with a reduced, transient Mg+. While BH4

−/
BF4

− exhibits only one unique bond (B−X), in TFSI− we
examine all the noncyclic bonds: C−S, C−F and S−O. As shown
in Figure 3 it was found that the BDEs in all three configurations
for BH4

− and BF4
− exhibit similar trends. The ion pair association

of the anion with theMg+ decreases the bond dissociation energy
of B−H and B−F by 1.22 and 1.68 eV respectively. However,
they are still as high as 3.03 and 5.80 eV respectively. In contrast,
the cation-reduced Mg+TFSI− complex exhibits a dramatically
decreased dissociation energy of the C−S bond from 2.41 eV to
−0.85 eV. In other words, the association with Mg+ causes the
C−S bond breaking to change from an endothermic reaction to
an exothermic reaction. The transition state is also successfully
located and the barrier height is found to be as low as 0.02 eV.
The extremely low barrier height and exothermic reaction
enthalpy strongly indicate that theMg+TFSI− complex is likely to
rapidly decompose into the fragments CF3 and [CF3SO2NSO2]-
Mg0. As a precaution for the qualitative nature of implicit solvent
models, we also calculated the BDEs using the combined explicit-
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implicit solvent model. As shown in Figure S2, the trend of
implicit solvents model is well reproduced. Surprisingly, the
dissociation of C−S bond in TFSI− is found to be more
exothermic in combined explicit-implicit model than in implicit
solvent model with a BDE at −1.84 eV, indicating that the actual
decomposition tendency of the C−S bond in TFSI− could be
even stronger under ion paired charge transfer conditions. As
discussed above, this predicted chemical decomposition reaction
will compete with further electrochemical reduction of the Mg
cation followed by deposition (charge transfer) on the anode
electrode. Thus, we predict TFSI− to be inherently electro-
chemically stable in its solvated form for a wide potential range,
which is supported by its proposed use in Li systems.66−68

However, we also find that the electrochemical reduction of the
Mg2+TFSI− ion pair complex in solution activates TFSI− and
renders it liable toward rapid chemical decomposition. Even at
moderate concentrations such as 0.4M,Mg(TFSI)2 demonstrate
a significant degree of ion pairing.61 As a consequence, Mg+-
initiated decomposition is likely to affect the stability of
Mg(TFSI)2. Ha et al.28 speculated that the change in over
potential and film formation on the Mg metal anode with
Mg(TFSI)2 concentration was due to changes in conductivity
with higher concentration; however, they found the conductivity
higher for 0.5 M as compared to the 0.3 M solution. Hence, we
suggest that the experimentally observed instability of 0.5 M
Mg(TFSI)2/G1/G2 may instead be a result of the increased ion
pairing with higher concentrations, which in turn leads to a
higher number of TFSI− anions being exposed to the transient
Mg+ radical and subsequent decomposition.28 In agreement with
experimental result, BF4

− and BH4
− are found to be stable even as

ion pairs. Therefore, BH4
− and BF4

− are less prone to
decomposition as compared to TFSI− in the electrolyte. It
should be emphasized that the instability mechanism studied in
this paper is only one decomposition path among many
possibilities, particularly if impurities of the electrolyte are also
considered. For example, an electrolyte predicted to be stable in
one environment might be unstable due to water impurities and
hydrolysis-mediated decomposition mechanisms.69

3. Solvation Structure and Ionic Association. Given the
importance of solvation structure and possible ion pair formation
for the stability of the salt anion, we studied the solvation
structure of Mg salts for the various solvents considered in the
electrolyte matrix using classical MD simulations. To investigate
the local solvation structure, we computed the cation−anion,
cation−solvent and cation−cation radial distribution function
(RDF) for three representative systems Mg(TFSI)2, Mg(BH4)2
and Mg(BF4)2 in the seven solvents considered in the electrolyte
matrix (see Figure 1). For the sake of comparison we studied all
systems at 0.4 M concentration, even though, e.g., Mg(BH4)2 is
known to exhibit very low solubility (below 0.4 M) in many
solvents.19 The solvates formed in the electrolyte mixtures are
divided in to three categories: (1) solvent-separated ion pairs
(SSIPs), (2) contact ion pairs (CIPs) and (3) aggregates (AGGs)
for zero to one, one to two, and two or more than two anions
coordinated around Mg2+ respectively.53 The RDFs and
snapshots of the 21 systems studied are provided in the
Supporting Information (see Figure S3−S23). For Mg(TFSI)2
salt we computed RDF between Mg−O(TFSI), Mg−N(TFSI),
Mg−N(AN, DMA), Mg−O(G1, G2, G4, DMSO, THF) and
Mg−Mg (Figure S3−S9). We observed that the first peak in the
solvation shell originates from the oxygen atoms of TFSI and O
donor solvents G1, G2, G4, DMSO, THF at ∼2.1 Å, which
indicates a strong interaction between Mg2+ ions and the oxygen
of TFSI− and solvent molecules. For N chelating solvents, AN
and DMA, the Mg−N peak is observed at ∼2.2 Å. However, the
peak height of Mg−O (G1, G2, G4, DMSO) and Mg−N (AN,
DMA) varies for different solvent depending upon the strength
of the interaction with Mg2+. For example, the strong and sharp
peak of Mg−O(TFSI) as compared to Mg−N(AN, DMA)
indicates a stronger interaction of TFSI− with Mg2+ than the N
chelating solvents. For O chelating solvents (G1, G2, G4,
DMSO, THF) the Mg−O (solvent) peak is much smaller as
compared to the Mg−O(TFSI) peak in case of G1 and THF,
which results in formation of AGGs in G1 and THF. In G2, the
Mg−O(solvent) peak is slightly smaller than the Mg−O(TFSI)
peak which results in formation of CIPs in the solution, On the

Figure 3. Bond dissociation energy (BDE) of BH4
−, BF4

−, and TFSI− in
different chemical environments corresponding to well-solvated, Mg+

ion paired and Mg2+ ion paired configurations in a PCM model.
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other hand Mg−O(solvent) peak is larger than Mg−O(TFSI) in
G4 and DMSO resulting in SSIPs in the solution. The peak from
the Mg−N(TFSI) interaction is observed at a larger distance of
∼4.1 Å for all solvents due to steric hindrance from two large
sulfonyl groups of the TFSI− anion. The features of Mg−Mg
peaks vary significantly for different solvents. The Mg−Mg peak
is negligible in case of G2, G4 and DMSO indicating very weak
interactions between Mg2+ ions, which result in highly solvated
ions in the solution. The snapshots in Figure S3−S19 indicate
formation of clusters in AN, DMA, G1 and THF and more
solvated ions in G2, G4 and DMSO. For the Mg(BF4)2 salt we
computed RDF between Mg−F(BF4), Mg−B(BF4), Mg−
N(AN, DMA), Mg−O(G1, G2, G4, DMSO, THF) and Mg−
Mg (Figure S10−S16). In the Mg(BF4)2 electrolytes the first
peak in the solvation structure is observed from Mg−F(BF4) at
∼2.1 Å followed by a sharp peak from Mg−B(BF4) at ∼3.5 Å
with a small kink at 2.8 Å. Similar toMg(TFSI)2, the difference in
the height of peaks corresponding to the Mg−anion and Mg−
solvent interaction is significant for the N chelating solvents AN
and DMA, which results in the formation of AGGs in solution.
But unlike Mg(TFSI)2, among O chelating solvents, the
difference in peak height is large even for G1, G2, DMSO and
THF which also results in the formation of AGGs. Only the
higher order glymes, such as G4, can compete with BF4

− in the
interaction with Mg2+ which results in better dissociation of
Mg(BF4)2 in G4 as compared to other solvents. The snapshots
shown in Figure S10−S16 show significant cluster formation of
Mg(BF4)2 in AN, DMA, G1 and THF solvents. For the
Mg(BH4)2 salt we computed the RDF between Mg−H(BH4),
Mg−B(BH4), Mg−N(AN, DMA), Mg−O(G1, G2, G4, DMSO,
THF) andMg−Mg (Figure S17−S23). In the solvation structure
of Mg(BH4)2 the first peak is observed at 2 Å fromMg−H(BH4)
followed by a peak at 2.3 Å fromMg−B(BH4). The sharper peak
of Mg−H(BH4) as compared to Mg−B(BH4) indicates very
strong bonding between Mg and H atoms of BH4. Our previous
work on Mg(BH4)2 in glymes, using both simulations and
experiments, also suggests that Mg is covalently bonded with
BH4 anion throughMg−H bond.70 Among glymes, the solvation
improves with chain length from G1 to G4 which is also
confirmed from our previous experimental work.70 Similar to
Mg(TFSI)2 and Mg(BF4)2 the N chelating solvents show poor
solvation. Among the 7 studied solvents, DMSO exhibits the best
dissociating properties for Mg(BH4)2. For the three salts studied
we observed a minima close to zero between the first and second
solvation shells in RDF ofMg−anion andMg−solvent indicating
that Mg2+ forms a very well-defined and rigid first solvation shell.
Figure 4 shows the Mg−anion and Mg−solvent coordination

numbers, obtained by integrating the RDF curve for the first
solvation shell, for the seven solvents considered in this work.
The coordination number of anions aroundMg2+ is computed by
integrating the first peak of RDF of Mg−N(TFSI), Mg−B(BF4)
and Mg−B(BH4) in Mg(TFSI)2, Mg(BF4)2 and Mg(BH4)2
respectively. The coordination number for solvents around
Mg2+ is computed by integrating the first peak of RDF of Mg−
N(AN), Mg−N(DMA), Mg−O(G1), Mg−O(G2), Mg−O-
(G4), Mg−O(DMSO) and Mg−O(THF). For better solvation
it is desirable to have higher coordination of Mg2+ with the
solvent than the salt anion. The results shown in Figure 4 indicate
that Mg(TFSI)2 is most dissociated in DMSO and G4 and forms
CIPs in G2 solvents. In DMSO and G4 the Mg2+ ions are ca. 6-
fold coordinated by O-donors from DMSO, G4 and TFSI− is
well-solvated. We observed formation of CIPs of Mg−TFSI with
ca. 6-fold coordination by O-donors from G2 and one or more

oxygen atoms from TFSI−. It was observed that the flexibility of
glymes allows them to tightly wrap (chelate) around Mg2+ and
adopt different conformations permitting better solvation. On
the other hand, the high dielectric constant and small size of
DMSO provide even better solvation. The RDFs and
coordination number for Mg(TFSI)2 in G2 agree very well
with the experimental results obtained by X-ray scattering
measurements and MD simulations in our previous work.61

Mg(TFSI)2 tends to form AGGs solvates in DMA, AN, G1 and
THF. However, the protic nature of DMA allow it to provide
better coordination with the anion, hence resulting in better
solvation properties as compared to AN, G1 and THF. Figure
S24 shows the RDFs and coordination number of TFSI− in
different solvents. The coordination number of TFSI-DMA is
larger than TFSI-AN, TFSI-G1 and TFSI-THF, which shows
that even though DMA has a very low dielectric constant it can
exhibit better dissociation of Mg(TFSI)2 due to better
coordination with TFSI−. We observed very strong coordination
betweenMg2+ and BH4

− as well as BF4
−. Mg(BF4)2 tends to form

CIPs in G4 and AGGs in all other solvents. Similarly, Mg(BH4)2
participates to form CIPs in DMSO and G4 and AGGs in all
other solvents considered in this work, in agreement with the

Figure 4.Coordination Number of (a) Mg−TFSI, (b)Mg−BF4 and (c)
Mg−BH4 in 7 different solvents (shown on x-axis). The coordination
numbers of Mg−TFSI, Mg−BF4 and Mg−BH4 are computed by
integrating the first peak of RDF of Mg−N(TFSI), Mg−B(BF4) and
Mg−B(BH4) respectively. The coordination number of the solvents
around Mg2+ is computed by integrating the first peak of RDF of Mg−
N(TFSI), Mg−B(BF4), Mg−B(BH4), Mg−N(AN), Mg−N(DMA),
Mg−O(G1), Mg−O(G2), Mg−O(G4), Mg−O(DMSO) and Mg−
O(THF).
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observed poor solubility of this salt. From the obtained
information, we surmise that higher dissociation of Mg2+ and
TFSI− as compared to BF4

− and BH4
− is due to delocalization of

the negative charge, steric effect and large size of TFSI−. It should
be noted that DMSO performs very well in solvating Mg(TFSI)2
and Mg(BH4)2 as compared to other solvents but Mg(BF4)2 is
most dissociated in G4. Consistent with our predictions,
previous experimental studies have confirmed better dissolution
of Mg salts in DMSO as compared to AN and THF.71

Interestingly, despite its high dielectric constant, AN shows
poor solvation for most salts, which we speculate could be due to
its weak coordination with anions, as anion solvation is mainly
due to hydrogen bonding which is not observed in aprotic
solvents such as AN.54 Hence, the solvation structure depends on
the properties of the anion, the solvent as well as the chain length
and chelating properties of the solvating species. Finally,
specifically for Mg(TFSI)2 in G2, we performed a series of
concentration dependent MD simulations which showed that
CIPs are formed for salt concentrations at or above 0.4M (Figure
S25). We observed that the coordination number of Mg−TFSI
increases and that of Mg−G2 decreases monotonically as a
function of concentration. This could explain the experimental
observations of different cathodic stability behavior for this salt as
a function of concentration by Ha et al.28

In summary, from the solvation structures we observed a broad
consistent ion pairing between the Mg cation and the anionic
species indicating difficulty for most solvents to break the strong
interaction between the salt cation and anion. Furthermore, the
results show that, despite their low dielectric constant, glymes are
powerful solvents, providing better dissociation of the Mg salts,
due to the strong coordination between Mg and O of the glyme
chain. Our previous study of Mg(BH4)2 in glymes using nuclear
magnetic resonance (NMR), Fourier transform infrared spec-
troscopy (FTIR) and theoretical modeling show that the ionic
association ofMg−BH4 decreases with increase in chain length of
glymes which in turn enhances the electrochemical performance
of Mg batteries, adding further evidence to the importance of
solvation for the electrochemical performance of the battery.70

Finally, we emphasize that some of the low dielectric constant
solvents with no functional groups such as G2, G4 provide better
solvation to Mg salts as compared to high dielectric constant
solvents such as AN and that the dissociation increases with the
increase in O-donor denticity of glymes.
4. Dynamical Properties. Finally, we study the translational

dynamics, which provide fundamental understanding of mass
transport, conductivity and rheology of liquids, particularly
highlighting the correlation between dynamics and solvation
structure. Slow mass transport across the electrolyte at high
concentration significantly affects the performance of batteries.
Similar to the solvation structure, dynamics of ions also varies
with concentration, as well as solvent and counterion chemistry.
Previous experimental studies demonstrated the effect of salt
concentration and slow dynamics of Mg electrolytes on
electrochemical properties.72 In Figure 5, we present the self-
diffusion coefficient of Mg2+ and counteranion in (a) Mg-
(TFSI)2, (b) Mg(BF4)2 and (c) Mg(BH4)2 in the considered
solvents. We note that Mg2+ exhibit the slowest mobility in G4
and very fast mobility in high dielectric constant solvents such as
AN and DMSO. For Mg(TFSI)2 the dynamics of Mg2+ and
TFSI− is fastest in AN followed by G1 and DMSO. Even though
G1, G2 and G4 exhibit similar dielectric constants, Mg(TFSI)2
tends to form SSIPs in G4, CIPs in G2 and AGGs in G1 and the
mobility of Mg2+ ions is faster in G1 as compared to G4. Hence,

short chain ether solvents such as G1 could show better transport
properties of Mg2+ ions as compared to G4 due to weaker
solvation structure. The trends observed in glyme-based solvents
are similar for all three salts (Mg(TFSI)2, Mg(BF4)2 and
Mg(BH4)2). The interaction between Mg2+ and O-donors of
glymes is enhanced for longer-chain glymes, which improves the
solubility of Mg salts but decreases the mobility of cation and
anion in the solution. The results compliment the experimental
results, where G2 provides better dissociation for Mg(TFSI)2
and conversely, G1 provides better mobility of ions as compared
to G2.28 On the other hand, DMSO provides good solvating
property as well as better mobility for both Mg2+ and TFSI−.
Hence the mobility of ions in the solution is also a function of the
size of solvent molecules. For the range of salts considered, THF,
a widely used solvent for Mg batteries, exhibits inferior solvation
as well as moderate transport properties. Mobility of Mg2+ ions is
faster for the Mg(BH4)2 salt as compared to Mg(TFSI)2 and
Mg(BF4)2 in most solvents except G1, where Mg(BF4)2 exhibits
the fastest mobility. The bulky nature of TFSI− results in slower
dynamics as compared to BH4

− and BF4
−anions. Although the

large size and dispersed charge of TFSI− allows better solvation
of Mg2+, it also results in slower dynamics of Mg2+ in solution.
The weak coordination strength of AN with Mg2+ and the high
solvent dielectric constant help in improving the dynamics of

Figure 5. Self-diffusion coefficients of (a)Mg2+ and TFSI− (b)Mg2+ and
BF4

− and (c) Mg2+ and BH4
− in 7 different solvents (shown on x-axis)

displayed with error bars. An average error of ∼24% (with a maximum
error of ∼50%) was estimated based on the difference of the diffusion
coefficients obtained from fits over the two halves of the fit interval.
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both cation and anion. The calculated diffusion coefficients of
Mg2+ in Mg(TFSI)2/G2 are in good agreement with the
experimental results measured by the chronocoulometry method
(Figure S27). Figure S26 compares the self-diffusion coefficient
of Mg2+ in Mg(TFSI)2/G2, as a function of concentration, from
simulations and experiments. The slower dynamics from
simulations as compared to experiments is a common limitation
of nonpolarizable force fields particularly for high viscosity
liquids. However, previous work on carbonate electrolytes shows
that the nonpolarizable force fields used in this work adequately
reproduce the trends of diffusion coefficient as a function of
concentration observed from experiments.,73 as indeed is also
found to be the case here (see Figure S26).74

In all systems studied the mobility of anions (TFSI−, BF4
−,

BH4
−) is similar or faster thanMg2+, depending on the formation

of ion pairs. The large difference in the dynamics of the cation
and anion in the Mg(TFSI)2/DMSO and Mg(BH4)2/DMSO
solution is likely due to the strong interaction of DMSO with
Mg2+ ions and thus resulting well-solvated salt components.
Previous studies have shown that Mg electrolytes are found to
exhibit moderate ionic conductivity and low transference
number.72 The inferior diffusion properties of Mg electrolytes
observed in this work as compared to Li electrolytes (1−3× 10−6

cm2 s−1 in 1 M LiPF6) could be attributed to the strong
association of Mg2+ with anions found in the solvation structure
of Mg electrolytes and will hence also show a marked
dependence on the salt concentration and threshold for CIPs
formation.75

■ CONCLUSION
By examining a matrix of salt and solvent combinations for
potential Mg electrolytes, using combined MD and first-
principles simulations, we find that Mg salts show a high
tendency toward contact ion pair formation and aggregates in
most organic solvents. This solvation structure is shown to
impact not only the dynamics and charge transfer of the
electrolyte, but also the stability of some anions. At Mg metal
potentials, the ion pair undergoes reduction at the Mg cation
center, which can activate the anion and can render it susceptible
to decomposition. Under the operating conditions of electro-
chemical plating, this process will compete with the charge
transfer mechanism where the Mg cation obtains a second
electron and deposits on the Mg metal electrode surface. A few
anions, such as BH4

− and BF4
−, are shown to be stable against Mg

metal reduction, even in ion pair formation, in agreement with
available experimental results. Importantly, we find that the
TFSI− anion exhibits a rapid decomposition mechanism that is
strongly dependent on the ion pair formation, which provides a
possible explanation as to why Mg(TFSI)2/glyme/diglyme
shows conflicting evidence of stability against Mg metal
potentials, particularly at different concentrations. The solvation
ofMg electrolytes is better in oxygen donor solvents as compared
to nitrogen donor solvents considered in this work. Furthermore,
we observe that higher order glymes improves the solubility of
Mg salts but reduces the dynamics of the ions in solution. Some
widely used solvents such as tetrahydrofuran and acetonitrile
exhibit poor solvating properties resulting in the formation of
aggregates in solution, even at moderate concentrations. By
examining the trends in solvation vs dielectric properties we
confirm that the solvation of Mg salts is not directly correlated to
the dielectric constant of solvents, but through a more complex
dependence on the solvent molecular size, oxygen/nitrogen
denticity and chelation. We hope this study contributes to an

improved understanding of the impact of intermolecular
interactions inMg electrolytes on properties such as salt stability,
dynamics and charge transfer toward the goal of rational design
of multivalent electrolytes.
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