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Synopsis 

Solvate ionic liquids are a new class of room-temperature ionic liquids (ILs) in which ligand 
molecules, as a third component of the liquids, strongly solvate the cations and/or anions of 
salts to form solvate complex ions. The lithium solvate ILs as lithium-conducting electrolytes 
exhibit many desirable properties. However, their compositions are considered to be very 
similar to common concentrated electrolyte solutions, thus it is quite required to establish a 
substantial criterion to distinguish these two mixtures. The studies were pursued with a view 
to getting a fundamental understanding of the lithium solvate ILs based on coordination 
chemistry and solution chemistry. The physicochemical properties of glyme-based non-
aqueous solvents and Li salt mixtures were investigated by certain parameters such as the 
ratio of diffusion coefficient (Dsol/DLi) and ionicity. In addition, those mixtures were applied 
as electrolytes for rechargeable lithium batteries. 

First, a series of binary systems, which consist of lithium bis(trifluoromethanesulfonyl)amide 
(Li[TFSA]) and different kinds of ether solvents with a continuous range of Li[TFSA] 
concentrations were prepared and characterized by multiple-techniques. Transport properties 
of the electrolytes indicated that the physicochemical properties of the binary systems 
strongly depend on the employed solvent. The concentration dependency of self-diffusion 
coefficient (D) of each chemical species in the electrolyte solutions revealed the diffusivity 
increases with decreasing of the concentration. Dsol in solvate ILs was equal to DLi, however, 
the Dsol/DLi is greater than unity in the mixtures with some kinds of solvent even in extreme 
concentrated solutions. The result suggested that stable solvate complex cations could not 
form in some mixtures, which thus cannot be classified as solvate ILs. Evaluation of the 
ionicity based on both the Walden plot and the pulsed-field gradient spin-echo (PGSE) NMR 
method revealed that the maximum ionicity appears at an [O]/[Li+] ratio of 4 or 5 in the 
mixtures. Two solvent effects in the glyme-based non-aqueous electrolyte, i.e., the solvating 
effect of the ligand and the dipolar effect, were considered to realize this intriguing behavior.  

Then, a comparative study of the electrolytes with an [O]/[Li+] ratio equal to 4 or 5 in order to 
gain an insight into the relationship between the physicochemical properties and structural 
chemistry was carried out. The chelate effect of the ligands is verified to be effective for 
obtaining a stable complex cation in the concentrated liquid regime. The solvent with high 
complex formation capability is able to form long-live solvate cations, and the properties of 
the electrolyte is close to typical ILs, whereas other solvents are poor one and can be 
cataloged as concentrated solutions. Finally, the thermal stability evaluated by 
thermogravimetric analyses (TGA) and electrochemical stability measured by linear sweep 
voltammograms (LSV) indicated that solvate ILs are promising electrolytes in terms of 
thermal and oxidative stabilities, superior to the concentrated solution, even if the latter one 
possesses the same [O]/[Li+] ratio with that of solvate ILs. 
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Further, the aforementioned mixtures were used as electrolytes for Li-ion and Li-S batteries. 
The capacity of Li-LiCoO2 cell with concentrated solution electrolyte was observed to 
dramatically decrease upon charge/discharge cycling, whereas solvate IL electrolyte showed a 
stable charge-discharge cycle with a high Coulombic efficiency (> 99% over 100 cycles). 
Corrosion on Al current collector of the cathode was also affected by the composition of 
electrolytes. The persistent Al corrosion indeed took place in the concentrated solution 
electrolytes, as expected; while it was significantly suppressed in solvate IL electrolytes. 
Furthermore, the solubility of lithium polysulfides, which is formed as reaction intermediate 
of the sulfur cathode, was found to be greatly depressed in the solvate IL electrolytes as 
compared to concentrated solutions. Therefore, a higher Coulombic efficiency and much more 
stable cycle ability were achieved in Li-S cells with solvate IL electrolyte. Based on the above 
discussions, it was concluded that the electrochemical properties in the batteries are 
dominated by the presence or absence of uncoordinating solvents in the electrolytes. In other 
words, the structural stability of the solvate cations in electrolytes played an important role in 
the performances of the rechargeable lithium batteries.  
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1.1. Lithium Secondary Batteries 

1.1.1 Rechargeable Li-ion batteries 

Nowadays the demand of portable electronic devices such as smart phones and tablet 
computers exponentially grows;� consequently enormous interest has been focused in 
compact and lightweight batteries with high energy density. Also, the scientific world faces 
multiple challenges such as environmental concerns and swift depletion of fossil fuels around 
the globe. The looming energy crisis has shifted the bias from conventional fuels and heat 
engine technology to high efficiency energy storage devices and drove the development of 
advance batteries for vehicles and on-site-use electricity/heat cogeneration system in urban 
environment. The next generation secondary batteries are considered as an alternative option 
to power automotive transportation and limit the release of greenhouse gas from consumption 
of the fossil petroleum.1 

Lithium is appealing for use in batteries because it is the most electropositive element, 
generating a large potential difference when paired with a positive electrode material. In 
addition to being the lightest electrical conductor, lithium is considered as a low-density 
electrode material. As a result, lithium batteries have higher gravimetric and volumetric 
energy densities compared to the other secondary battery systems such as lead-acid, nickel-
cadmium (Ni-Cd), and nickel-metal hydride (Ni-MH) shown in Figure 1-1.2� The increase in 
gravimetric energy density (horizontal axis) in lithium battery systems can be close to an 
order of magnitude larger than that of lead-acid systems, while volumetric energy density 
(vertical axis) can be around eight times greater. This means that lithium batteries can store 
more energy in smaller volumes with less mass. 

 

 

 

 

 

 

 

 

Figure 1-1. Comparison of different battery technologies in terms of volumetric and gravimetric energy density 2 
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The rechargeable lithium ion batteries have become to commercialize by SONY in the early 
1990s. A single cell consists of a positive electrode (cathode), a negative electrode (anode) 
and non-aqueous electrolyte. Figure 1-2 shows a schematic representation and operating 
principles of secondary Li-ion batteries and the reaction mechanism of Li-ion batteries.3 The 
lithium insertion/extraction process occurs with a flow of lithium ions through the electrolyte, 
which accompanied by a reduction/oxidation reaction of the host matrix assisted with electron 
transfer through the external circuit. � To fulfill this strategy, the selection of cathode and 
anode with the highest and lowest voltage respectively in order to maximize the cell voltage, 
as well as high ion-conductive electrolytes with good chemical stability is critically required.�
Typical electrode reactions of a Li-ion cell with LiCoO2 as the cathode and graphite as the 
anode is as: 

Cathode: LiCoO2�⇄� LixCoO2 + xLi+ + e– 

                                           Anode: C + xe–+ xLi+� ⇄� LixC  

 

 

 

 

 

 

 

 

 
Figure 1-2. Schematic representation and operating principles of rechargeable Li-ion batteries 3 

1.1.2.Cathode of Li-ion batteries 

The layered oxides materials (LiMO2, M = Co, Mn, Ni) have been the most widely used and 
commercialized cathode materials.4-8 LiCoO2 was first recognized as a cathode material by 
Goodenough in 1980.9 It exhibits the α-NaFeO2 type structure, which has space group R3m 
with lithium and cobalt ions located in octahedral 3a and 3b sites respectively, separated by 
layers of cubic close-packed oxygen ions (Figure 1-3a). The theoretical capacity of the 
cathode is ~270 mAh/g (LiCoO2 ↔ CoO2), and the average voltage is ~4 V (vs. Li/Li+). 
However, the commercialized cell has only a half of the theoretical capacity because only 
~0.5 Li can be reversibly cycled. After 50% extraction of the lithium from the structure, the 
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oxygen layers rearranged and structure transformed from hexagonal to monoclinic phase.10, 11 
Consequently the structural change slowed down the insertion/extraction rate of Li and leads 
to cathode instability. In recent years, various attempts have been made to improve the 
capacity of the LiCoO2-based electrodes, by modifying the surface with other oxides such as 
Al2O3 or ZrO2, improvement of reversible capacity and cyclability was achieved.12-16�

 Another approach to prepare binary or ternary materials was also extensively investigated in 
addition to the single transition metal element compounds, such as LiCoxNi1-xO2,17,18�

LiCoxMn1-xO2
19-21 � and LiCoxNi1-x-yMnyO2.22-24 � The composition with equal amounts of 

ternary metal ions, LiCo1/3Ni1/3Mn1/3O2, showed the best electrochemical performance with 
high operating voltages (~4.7 V). It shows high reversible capacity, ~160 mAh/g in the 
voltage range 2.5–4.4 V and 200 mAh/g in 2.8–4.6 V, which makes this material a very 
promising cathode for high power and high energy lithium ion battery.25� However, the 
presence of Li in the transition metal layer could not be avoided, and in fact short-range 
ordering between Li and Mn in the LiMn6� pattern was observed, during charging, Li 
extraction was preceded by the change in oxidation states of Ni+2/Ni+4 via Ni+2/Ni+3 and 
Co+3/Co+4, whereas Mn remained +4 during charge/discharge cycles. 

 

 

 

 

  

 
Figure 1-3. Crystal structures of  (a) LiCoO2, (b) LiMn2O4 and (c) LiFePO4 

6, 7 

Spinel oxides with the chemical formula LiMn2O4 were first proposed in the 1983 and 
developed in 1990s.26-28 Typical structure of LiMn2O4 is shown in Figure 1-3b. In the lattice 
the manganese� cations� occupy a quarter of the octahedral sites in the lithium layer and 
lithium cations occupy the tetrahedral sites. The unique framework in this structure provides a 
three dimensional pathway for lithium diffusion. However, capacity fade of this cathode 
material around 4 V (vs. Li/Li+) could be observed due to the dissolution of manganese and 
impact of the Jahn-Teller distortion associated with the Mn3+ ions.29, 30 Various dopants were 
used to suppress the formation of distorted Mn3+ ions and the Ni-doped material with 
composition LiNi0.5Mn1.5O4 exhibited the best electrochemical performance.31 In 
LiNi0.5Mn1.5O4 the redox couple Ni2+/Ni4+and Mn3+/Mn4+� broadened the operating voltage  3 

 
Figure 1-4  層状岩塩型構造の模
式図。LiCoO2、LiNiO2などが

これに相当する 

 
Figure 1-5  スピネル型構造
の模式図 

LiCoO2正極 
1980 年に Goodenough らによって見出された、代表的な正極材料で

ある、LiCoO2 は層状岩塩型構造であり、Figure 1-4 に示すように、
CoO6八面体からなる層間にリチウムイオンが存在する構造をとってい

る 1.6)。リチウムイオンは、層間の二次元平面内を移動し、電極と電解

質界面で脱離挿入が進行する。すなわち、CoO6で構成された結晶構造

が保たれたまま、リチウムイオンの脱離挿入がスムーズに起こるため、

充放電反応の進行に伴うホスト材料の劣化が起こりにくく、良好なサ

イクル特性を示す。リチウムイオンの固相内拡散という点では LiCoO2

は非常に優れており、作動電位が高い（3.8 ~ 4.0 V vs. Li / Li+）という

特長を有するが、充放電に伴い相変化を起こす問題を抱えている。リ

チウムイオンの脱離量が 0.5を超えると相転移を起こし、電位が 4.2 V
を超えて 4.8 V まで達する。このような状態になると、LiCoO2の構造

が不安定になるのに加え、電解液の酸化分解も起こりうることが考え

られるため、良好なサイクル特性を得るためにはリチウム量は 0.5 程
度付近に制限される。そのため、理論容量は 274 mA h g-1の充放電容量は得られず、その半分程度の 130 
mAh g-1程度の容量のみしか得られない。また LiCoO2表面を金属酸化物などにより表面被服し、その相

変化を抑制する方法が提案されている。ZrO2や Al2O3を LiCoO2に被覆し、カットオフ電位 4.2 V以上で
充放電を繰り返すと被覆していないものに比べ、サイクル特性、クーロン効率共に改善し高電位での作

動が可能となる報告がある 1.7-1.9)。この要因は表面被覆による物理的な相変化の抑制、電解質へのコバル

トイオンの溶出の抑制、界面抵抗増大の抑制などが考えられる。 
 
LiNiO2正極 

LiNiO2も代表的なカソード材料の一つである。そして、結晶構造も LiCoO2と同じ層状岩塩型構造を

有する。電極反応を以下に示す。 
 LiNiO2 = Li0.3NiO2 + 0.7Li+ + 0.7e- 
ニッケルを用いると、コバルトと比べて電位は若干低下するが、容量は 170 mA h g-1程度利用可能で

ある。更にコバルトと比較して埋蔵量も多く安価である点が特長である。しかし、合成法が難しく、実

用材料に向けての障害となっている。また充放電に伴い、カチオンミキシングを起こし、充放電特性が

悪いことが問題となっている。さらにおおきな問題は熱安定性である。LiNiO2は酸素発生温度が LiCoO2

よりも数 10 oC低く、これは、Ni3+が Co3+よりも簡単に還元されるためである 1.10)。LiNiO2は LiCoO2の

代替材料として長期に渡って研究が続けられているが、以上のような理由により、それは実現されてい

ない。ニッケルの一部をコバルトに置換した、LiNi0.8Co0.2O2が充放電での結晶構造の変化は観測されず、

安定なサイクル特性を示すという報告があり 1.11)、LiCoO2の節でも記述した、表面被覆に関しても研究

が行われている段階である。 
 
LiMn2O4正極 
 LiMn2O4（Figure 1-5）はスピネル構造を有する、立方晶系に属し、Mn3+とMn4+が混在している。電極

反応を以下に示す。 
 LiMn2O4 = Mn2O4 + Li+ + e- 
放電時には 4 V vs. Li / Li+と 3 V vs. Li / Li+にそれぞれ平坦領域が観測さ

れ、両平坦領域で放電が可能であれば、理論容量に近い 250 mA h g-1とい

う非常に高い容量を示すが、3 V領域では Li2Mn2O4が生成することによる

大きな体積膨張を伴い、3 V 領域での充放電のサイクル特性は非常に悪い
1.12)。一方、4 V 領域における充放電についてはスピネル構造を保持したま
まリチウムの脱離挿入が生じるため、サイクル特性は比較的良好である。

しかし、他の正極材料と比べて、容量が低く、4 V 領域でも容量劣化が大
きく実用レベルのサイクル特性は得られない。この原因としては、マンガ

ンイオンの電解質への溶出、リチウム脱離時構造が不安定であること、さ

らに MnO6八面体は Jahn Teller歪みが起こりやすいことが考えられている。このため、前節同様の Mnの
一部を他の金属元素で置換した電極材料の研究が進められている。 
 
LiNi1 /3Mn1 /3Co1 /3O2正極 
 LiCoO2の問題点の一つにレアメタルであるコバルトを使用しているということが挙げられる。その観

点から、LiNi1/3Mn1/3Co1/3O2はコバルトの使用量が抑えられ大変魅力的な正極材料である。またカットオ

フ電位を 4.6 Vにあげれば、200 mA h g-1という高容量での充放電サイクルが可能である。また熱安定性

(a) (b) (c) 

by LiCoO2, LiNi1-yCoyO2, and today LiNiyMnyCo1-2yO2.
The spinels may be considered as a special case
where the transition-metal cations are ordered in all
the layers. The materials in the second group have
more open structures, like many of the vanadium
oxides, the tunnel compounds of manganese dioxide,
and most recently the transition-metal phosphates,
such as the olivine LiFePO4. The first group, because
of their more compact lattices, will have an inherent
advantage in energy stored per unit of volume, but
some in the second group, such as LiFePO4, are
potentially much lower cost. The following discussion
will center predominantly on these two classes of
materials.

2. Origins of the Lithium Battery
2.1. Early Concepts

Some of the earliest concepts came from Japan,
where Matsuchita developed1 the Li/(CF)n battery
that was used, for example, in fishing floats. Lithium
fluoride and carbon are the final reaction products,
but the cell potential of 2.8-3.0 V suggests a different
electrochemical reaction. It was proposed that lithium
initially intercalates the carbon monofluoride lattice
and subsequently the lithium fluoride is formed:2 Li
+ (CF)nf Lix(CF)nf C + LiF. Although much work
has continued sporadically on the carbon fluorides,
by Exxon and others, the major challenge has been
to make this reaction reversible even when lower
fluoride levels were used. Sanyo, the largest manu-
facturer today of both lithium rechargeable and
nickel metal hydride batteries, developed3,4 one of the
earliest lithium batteries with the Li/MnO2 system
that they initially sold in solar rechargeable calcula-
tors.5 Some early work on ambient systems was also
underway in the United States by 1970, for example,
by Dey et al.6 on the lithium reactivity with a range
of metals, such as aluminum.

Many primary lithium batteries have been devel-
oped for use in the medical field starting with the

lithium iodine cell. The majority of the implantable
cardiac defribrillators use in the last 20 years have
used, as active cathode material, silver vanadium
oxide, Ag2V4O11.7-9 During discharge the silver is
reduced to silver metal, and in addition, more than
one lithium per vanadium can be reacted, giving it a
capacity over 300 mAh/g. The presence of metallic
silver greatly improves the electronic conductivity
and thus the rate capability. Future medical devices,
such as heart-assist devices, will require rechargeable
systems because the capacity of primary cells cannot
provide the power needed for active medical devices.
The copper analogue also reacts by exuding the
metal.

2.2. Molten Salt Systems at Argonne National
Laboratory and General Motors

Most of the early work10-12 on lithium rechargeable
batteries used a molten salt as electrolyte and oper-
ated at around 450 °C. The earliest cells used molten
lithium and molten sulfur as the two electrodes, but
the problems with electrode containment proved
insurmountable. The anode used in the final versions
was the lithium aluminum alloy, LiAl, and iron
sulfides, such as FeS and FeS2, which replaced the
molten sulfur of the early designs. Development
ceased around 1990 when corrosion, temperature,
and other issues overwhelmed the advantages of the
system, the sodium sulfur system appeared more
promising, and early results on ambient lithium
rechargeable systems began to show promise. These
low-cost iron sulfides were also considered in the
1970s in ambient temperature cells. Iron pyrite was
found13 to react with an initial constant potential of
1.5 V, allowing it to replace the more expensive Ag-
Zn button cells and later making it a drop-in replace-
ment for the Zn/MnO2 alkaline cell. It is presently
marketed by Eveready as a primary high-energy cell.
On recharge the structure changes and the subse-
quent discharge has a two-step profile with an initial
discharge of around 2 V.13

It is still the dream of battery researchers to
develop a cell based on the lithium/sulfur couple
which on paper has a simple chemistry, has a much
higher energy density than most of the cathode
materials to be discussed below, and should be
capable of high rates if the sulfur is in solution.
Recent work14 has achieved high capacities at 2 V
even at as low temperatures as -40 °C in electrolyte
solvents of dioxolane and dimethoxyethane. These
cells with their liquid polysufide cathode have gener-
ated specific power exceeding 750 W/kg at 25 °C.
However, such cells still have significant issues with
self-discharge on standing, lithium recharging, and
the highly resistive nature of the cathode. Whether
all these issues will be overcome is still much
debated. A recent concept15 to protect the lithium
anode from the reactive polysulfide medium is to coat
it with a single-ion conducting glass.

2.3. Concept of Mixed Conductors
In 1967 Yao and Kummer reported16 the remark-

able electrolytic behavior of the !-alumina class of

Figure 1. Layered structure of LiTiS2, LiVSe2, LiCoO2,
LiNiO2, and LiNiyMnyCo1-2yO2, showing the lithium ions
between the transition-metal oxide/sulfide sheets. The
actual stacking of the metal oxide sheets depends on the
transition metal and the anion.
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per million of elements such as niobium, which
increased the conductivity by 8 orders of magnitude.
This paper caused a surge of interest in this com-
pound and in an understanding of what causes the
conductivity changes; a recent paper by Nazar et
al.325 has shown that the conductivity increase is
related to the formation of a highly conductive iron
phosphide, Fe2P, surface film; this film is formed at
high temperature, particularly in the presence of a
reducing agent such as carbon.

The olivine structure is shown in Figure 22, and
on lithium removal the phase FePO4 is formed;
LiFePO4 and FePO4 have essentially the same struc-
ture. This FePO4 is isostructural with heterosite,
Fe0.65Mn0.35PO4. This is a two-phase system with
LiFePO4 being in equilibrium with FePO4 as shown
in the cycling plot in Figure 23a.198 This figure shows
that 100% capacity of the lithium is cyclable at 1 mA/
cm2 at 60 °C even at electrode loadings of 80 mg/cm2;
at room temperature, around 70% can be cycled at 1
mA/cm2 and 100% at 0.1 mA/cm2. Even at 10 mA/
cm2, almost 70% of the capacity is obtained at low
loadings, as shown in Figure 23b.

Critical to the use of LiFePO4 is its reactivity and
thermal stability and that of its charged product,
FePO4. Thomas reported317 that there were no ther-
mal excursions observed in cells or in a DSC experi-
ment in the range 25-85 °C. However, the olivine
structure is inherently unstable because of the edge
sharing between octahedra and tetrahedra, and
under pressure it converts to the spinel phase as
observed in the earth’s mantle. Recently, the trans-
formation of orthorhombic LiFePO4 to an olivine-like
LiFePO4 with the lithium in tetrahedral sites has
been reported;330 this form is electrochemically inac-
tive. In addition, more than two crystalline forms of
FePO4 are known: the orthorhombic form isostruc-
tural with LiFePO4 where the iron is found in FeO6

octahedra and the trigonal form in which the iron is
found in FeO4 tetrahedra. These are shown in Figure
22. The orthorhombic structure has been discussed
extensively.309 The trigonal form is composed of FeO4

and PO4 tetrahedra, each FeO4 tetrahedron shares
its four corners with four PO4 tetrahedra and vice
versa, giving a quartz-like structure. The all-tetra-
hedral form is electrochemically unreactive as Fe(II)
is not stable in tetrahedral configuration, and more-

over, surface glassy films tend to form at high
temperatures.49 Thus, care must be taken to ensure
that it is not formed during the synthesis of LiFePO4

Figure 22. Structures of orthorhombic LiFePO4 and trigonal quartz-like FePO4.

Figure 23. Electrochemical behavior of LiFePO4: (a)
cycling at 1 mA/cm2 at 21 and 60 °C (reprinted with
permission from ref 198, copyright 2003 Elsevier) and (b)
Ragone plot for LiFePO4 from four groups, Chen332 (8 mg/
cm2 loading and about 10 wt % carbon), Ngala219 (20-80
mg/cm2 and 10% carbon), Zane363 (10 mg/cm2 and 20%
carbon), and Huang320 (5 mg/cm2 and 20% carbon).

4294 Chemical Reviews, 2004, Vol. 104, No. 10 Whittingham
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window to 4.7 V during the charge/discharge cycles and obtained experimental capacity is�
~140 mAh/g.32, 33 

Olivine phase material LiFePO4 � was first reported in 1997 and has been� has been 
considered a promising cathode.34� This cathode material with low cost and plentiful also has 
many other merits, such as environmentally benign, low volume expansion and high safety. 
LiFePO4 demonstrated a flat discharge plateau at 3.4 V (vs. Li/Li+) and no obvious capacity 
fading was observed even after several hundred cycles. The structure of LiFePO4 is shown in 
Figure 1-3c, in which Li, Fe, and P atoms occupying octahedral 4a, 4c, and tetrahedral 4c 
sites respectively. In the lattice, an� octahedral FeO6� shares edges with two octahedral LiO6�

and one tetrahedral PO4. Because of low Li diffusion at the interface, this material has very 
low conductivity at room temperature, and it could achieve the theoretical capacity (~170 
mAh/g) at very low current density or under heating condition.35, 36� LiFePO4� particles can be 
synthesized by hydrothermal or sol-gel method and deliver high electrochemical activity.37, 38 

Except for the aforementioned cathode materials, new classes of intercalation compounds 
were profusely investigated. The silicate with the molecule formula Li2MSiO4 (M = Fe, Mn) 
was� reported in 2005.39 In this compound, silicates andtetrahedral transition metal layer 
shared edges and Li cations� was able to diffuse through a 2D zigzag pathway. The 
theoretical capacity of the Li2FeSiO4� was predicted as 166 mAh/g with one Li extraction and 
333 mAh/g for two. However, the experimental capacity was stabilized ~140 mAh/g. The 
borate LiMBO3 (M = Fe, Co, Mn) was another cathode material that showed high theoretical 
capacity of 220 mAh/g.40� It has been reported that LiFeBO3 had a practical capacity as 200 
mAh/g and the moisture on the surface was expected as the main reason for depleting 
capacity.41 

1.1.2. Anode of Li-ion batteries 

Although metallic lithium has one of the highest capacity among anode materials, the 
formation of dendrites upon continuous cycling can cause short-circuit and other safety 
concerns, whereas prevents the use of lithium as anode in the lithium battery.42� The state-of-
art for anode is represented definitely by graphite owing to its low working potential (vs. 
Li/Li+), low cost and high cyclability.43, 44� Graphite allows an interaction reaction with the 
product stoichiometry of LiC6 and  has a theoretical capacity of 372 mAh/g.� In recent years 
many investigation of novel anode materials has been done to improve the capacity and 
realize the fast diffusion of Li ions into the anode. Carbon-based materials have been 
recognized as appropriate anode, such as carbon nanotubes (CNTs), carbon nanofibers, 
mesoporous carbons and graphenes have been revealed improved capacity as well as great 
retard of surface degradation during charge/discharge cycles.45-49 
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Lithium alloy belongs to another promising class of anode materials, including Si, Ge, SiO, 
TiO2 and so on, which reacts with lithium according to an alloy/de-alloy electrochemical 
mechanism and shows satisfied theoretical capacity.45� The most interesting example is silicon, 
which has the highest gravimetric capacity (~4200 mAh/g) and the discharge potential of Si is 
similar to graphite. However, high volumetric expansion of the Si anode was detected during 
lithiation, resulting in the electrode pulverization and substantial capacity loss.50, 51� It has 
been proposed to overcome this issue and improve the electrode performance by preparing 
nanostructured Si and modifying its morphology with alternative fabrication methods.52-54 
Transition metal compounds such as oxides, phosphides or sulfphides have been considered 
as another class of anode materials by reacting with lithium in an electrochemical conversion 
reaction, nevertheless these materials are still far away from practical application due to poor 
capacity retention and large potential hysteresis.45, 55-58 

1.1.3. Electrolytes of Li-ion batteries 

Electrolyte is another important factor in a Li-ion cell that can offer high performance and 
long cycle life. Several criteria are crucial in designing a good electrolyte for Li-ion cells, for 
instant, high ionic conductivity is essential to achieve good rate capability, high Li ion 
diffusivity to minimize the polarizations of the electrode, and high chemical or 
electrochemical stability to avoid undergoing unfavorable side reaction with the electrodes. 
Nowadays, most compositions of electrolytes for Li-ion batteries are compounded of one 
lithium salt and mixtures of two or more solvents.3 The solvents with very different physical 
and chemical natures are often mixed together to obtain diverse functions simultaneously 
because the important features desired for battery application such as high fluidity and high 
dielectric constant could hardly meet in a single solvent. The ingredients of electrolyte for the 
overwhelming majority of commercialized Li-ion cells are apparently based on two 
indispensable components: ethylene carbonate (EC) as the solvent and lithium 
hexafluorophosphate (LiPF6) as the solute. In the vast majority of cases, one or several 
solvents are selected as the co-solvents to increase the fluidity and reduce the melting point of 
the electrolyte. The linear carbonates such as dimethyl carbonate (DMC), diethyl carbonate 
(DEC), or ethyl methyl carbonate (EMC) are often used as the additive reagent. 

However, it remains some severe problems. (1) The cell using these electrolytes can only be 
operated in a narrow temperature range (from −20 to 50 °C). At the temperature lower than 
−20 °C both the capacity and the charge-discharge rate are decimated due to the high melting 
point of cyclic carbonate solvent and the high liquid temperature it confers on the mixture 
electrolytes. Besides that, when the temperature over than 60 °C, the electrolytes is rather 
fragile because the irreversible reaction occurs between the lithium salts and solvents, thus the 
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cell performance deterioration is permanent. (2) The poor stability of the electrolytes under a 
wide variety of circumstances, which leads to the failure of the cell and relevant devices. For 
example, high rate charge-discharge, overcharge or short circuit will heat up the cell and 
improve the reactivity of the electrolyte components. Furthermore, the internal chemical 
reaction is accompanied by gas generation, results in hazardous pressure build-up and 
escalating failure within the cells.  

1.2. Next Generation Electrolytes 

Development of new lithium battery systems, such as Li-S and Li-O2 battery require for 
update of the conventional electrolytes. Additionally improvement of the electrolyte in order 
to meet current and future needs, for example, large-scale lithium cell, is rather important. 
Nonflammable, thermally stable electrolytes have been desired to improve the needed safety 
and reliability of Li batteries effectively. Polymer based electrolytes are expected to be 
effective in preventing the growth of lithium dendrite during cycling with several other 
advantages. On the other hand, ionic liquid electrolytes are promising for its outstanding 
properties such as high thermal or chemical stability.3 Recently, these two kinds of electrolyte 
have been wildly investigated and applied to the latest electrochemical devices.59-62 

1.2.1 Polymer Electrolytes  

Polymer electrolytes were proposed for batteries in 1970s after the discovery of ionic 
conductivity in alkali metal salt complexes of poly(ethylene oxide) (PEO).63, 64� Solid polymer 
electrolytes (SPEs) is solid state solutions of lithium salts in polymers with supramolecular 
architectures and has been considered that combine the advantages of excellent processability 
and flexibility with high thermal and dimensional stability, on the other hand, low ionic 
conductivity was an insurmountable barrier. Figure 1-4 shows the illustration of lithium ion 
transport in the PEO based polymer electrolytes. The mobility of the Li cations is decreased 
by the complexation with the ether oxygens of the PEO chain and the cation transport is 
described as the motion of the Li+ species between complexation sites assisted by the 
segmental motion of the PEO matrix.3, 65� Until now most reported SPEs have been shown an 
upper limit ionic conductivity ~0.1 mS cm-1 in ambient temperature.66-68� Although this 
electrolytes has acceptable mechanical strength, poor transport properties lead to them far 
from application and thus utilization at elevated-temperature environments may be feasible. 

 

 

 
Figure 1-4. Illustration of lithium ion transport in poly(ethylene oxide) 7 
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The second category of polymer electrolyte is gel polymer electrolyte (GPEs). GPEs possess 
both cohesive properties of solid and transport properties of liquid, and exhibits excellent 
ionic conductivity.69, 70� In the gels only a small portion of polymer is employed and forms 
networks by the cross-linking of mobile chains, which are then swollen by lithium salt 
solutions and thus the matrix in which the ion transport occurs is liquid-like. Other than PEO 
based GPEs, poly(acrylonitrile) (PAN), poly(methyl methacrylate) (PMMA), poly(vinyl 
chloride) (PVC) and poly(vinylidene fluoride) (PVDF) based polymer electrolytes have been 
wildly studied. Although GPEs technology has been used by several major manufactures of 
Li-ion batteries and known as so-called “PLion cells” (plastic lithium ion cells), the 
improvement of electrochemical stability and mechanical strength was necessarily 
required.71,72 

1.2.2 Ionic Liquid Electrolytes   

Room temperature ionic liquids (RTILs) are salts consisting of entirely ions with weak inter-
ionic interactions, which allow them to be liquid at room temperature (typically below 100°C). 
Figure 1-5 shows the various combinations of cations and anions following the order of 
Lewis acidity and basicity. It was found that four groups can be cataloged: a strongly Lewis-
acidic cation and a strongly Lewis-basic anion, a weakly Lewis-acidic cation and a strongly 
Lewis-basic anion, a strongly Lewis-acidic cation and a weakly Lewis-basic anion, and a 
weakly Lewis-acidic cation and a weakly Lewis-basic anion, which are represented as type 
I~IV respectively. However, ILs can only be classified as type IV, which indicates the ions in 
these mixtures behave like “solvated ions” and no solvent molecules participate to dissociate 
the ions by a strong coordination around them.73 Owing to their unique physicochemical 
properties, such as thermal and chemical stability, low melting point, negligible volatility, 
nonflammability, high ionic conductivity, moderate viscosity, high polarity, and solubility 
with many compounds, RTILs currently have offered a wide range of applications like energy 
generation, storage and so on.74-76 In particular, it is worth emphasizing that most of the 
success in their application, especially in the green chemistry area in which RTILs may 
replace volatile solvents of environmentally hostile features. In addition, the unlimited 
structural variations of RTILs as a “designable” material is an advantage for the development 
of multi-purpose materials for organic synthesis, extraction,�dissolution and so on.77, 78 

Electrochemical processes have been another important application area for RTILs because of 
their remarkable electrochemical stability such as wide electrochemical window.79, 80 Recently, 
IL research have extended for designing task-specific ILs with special functionalities, and ILs 
have been classified into four categories such as protic, aprotic, inorganic and solvate ILs.81 
Some of those ILs are ideal candidates of the next generation electrolytes for the 
electrochemical devices.82-85 
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Figure 1-5. Schematic representation of ionic liquids 73 

1.3. Fundamentals of Chemistry in Electrolytes 

1.3.1 Solvation 

Ion solvation is a phenomenon of fundamental interest in many aspects of chemistry and of 
importance in the process of dissolution. A dissolution process can be described as Figure 1-
6.86 In Process I, M+ and X− ions, which are bound by electrostatic force strongly in the crystal, 
are dissociated and converted to a gaseous state. In Process II, the M+ and X− ions in the gas 
phase dissolve into the solvent by solvation. In Process III, the crystal of MX directly 
dissolves into the solvent, forming the M+ and X− ions. If the Gibbs energy of crystal lattice 
MX is denoted by ΔGlat, ΔGI is equal to −ΔGlat. When MX is completely dissociated into free 
ions in the solution, ΔGII could be obtained as the sum of the solvation energies of M+ and X− 

ions ΔGSV. ΔGIII corresponds to the Gibbs energy of dissolution of MX, which is defined as 
ΔGS. The equation can be achieved as follow: 

ΔGS = ΔGSV − ΔGlat 
If the solubility constant of solute MX is expressed by Ksp(MX), the relation between ΔGS and 
Ksp(MX) is shown as: 

ΔGS = − RT In Ksp(MX) 

In general, the solvated ions also play a key role in electrochemical applications, where for 
instance the conductivity and degree of dissociation in non-aqueous electrolytes.Some 
fundamental aspects, such as ion-solvent (solute-solvent) interactions or ion-ion (solute-
solute) interactions, also affect ion solvation crucially. 
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Figure 1-6. Dissolution of crystalline MX into a solvent 86 

1.3.2 Ion-Solvent Interactions 

Ion-solvent interaction has been considered as an important aspect because it participates 
solvation process and further affects the properties of the solution. In principle, ion-solvent 
interactions can be split into electrostatic interactions, non-electrostatic interactions and 
chemical contributions. Based on modern conception of electrochemistry and reliable 
equations the electrostatic interactions gave major contributions of the ion-solvation in the 
conventional dilute electrolytes. Electron pair donor-acceptor interaction is another common 
ion-solvent interaction in the ionic electrolytes, in which the solvent molecules interact with 
the solute cations by their negative charge or with the solute anions by their positive charge. 
Therefore, the stability of the solvate cation is closely correlated with the electron pair donor 
capability (or Lewis basicity) of the solvents and tends to become higher with increasing 
donor ability. Moreover, it was revealed that the ion-solvent interaction related with the 
properties of solvent, and caused orientation of the neighboring inner solvent molecules and 
extended with greater or less attenuation into the bulk solution.� In most cases solvation 
shells are chosen as the basis of models and solvent mixtures introduce the possibility of 
preferential ion solvation.86-90  

The study of complexes formed between organic or inorganic ligands and transition metal has 
been well established by coordination chemistry.� In addition, the alkali cation complexes 
were obtained through forming strong and selective solvate complex cations with some 
special classis of organic ligands such as crown ethers or cryptands, thus a rich expertise of 
alkali complexes has been established, displaying a whole range of complexes with varied 
structural, thermodynamic and kinetic properties. The chelate effect of organic ligands was 
extended to the strong and selective complexation of complex alkali cation such as Li+, Na+,�

and K+� with various cyclic or acyclic ligands by characteristic� features, i.e. substrate 
inclusion, high stability, high selectivity and slow exchange rates.91 However, most of the 
study was performed with models in crystalline states or high dilute solutions. 

1.3.3 Ion-Ion Interactions 

MX. In Process I, M+ and X– ions, which are strongly bound electrostatically in
the crystal, are dissociated (separated from one another) and are brought into a
gaseous state. In Process II, the M+ and X– ions in the gas phase dissolve into the
solvent by being solvated. In Process III, the crystal of MX directly dissolves into
the solvent, forming the solvated M+ and X– ions. The Gibbs energies for the
three processes are related as follows:

!Go
III ! !Go

I " !Go
II

Here, the subscripts I, II and III denote the processes I, II and III, respectively. If
we denote the lattice Gibbs energy of crystal MX by !Go

lat, we get !Go
I =#!Go

lat.
2)

!Go
II is equal to the sum of the solvation energies of M+ and X–, and, if MX is

completely dissociated into free ions in the solution, it is equal to the solvation en-
ergy of MX, !Gsv

o . !GIII
o corresponds to the Gibbs energy of dissolution of electro-

lyte MX, !Gs
o· Thus, we get Eq. (2.1):

!Go
s ! !Go

sv # !Go
lat $2!1%

The values of the thermodynamic parameters for the dissolution of lithium and
sodium halides in water and in propylene carbonate (PC) are given in Table 2.1.

If the solubility product constant of electrolyte MX is expressed by Ksp (MX),
Eq. (2.2) is obtained as the relation between !Gs

o and Ksp (MX):

!Go
s ! #RT ln Ksp $MX% $2!2%

From this equation, the solubility of MX, s, is obtained to be 1, 10–2, 10–4 and 10–6 M
(M= mol dm–3) for !Gs

o of 0, 22.8, 45.7 and 68.5 kJ mol–1, respectively, at 25 !C
and using s= K sp

1/2. If !Gs
o has a negative value, the solubility is expected to exceed

1 M. Thus, from Eq. (2.1), the electrolyte is easily soluble if the sum of the solva-

2 Solvation and Complex Formation of Ions and Behavior of Electrolytes26

Fig. 2.1 Dissolution process of crystalline electrolyte MX into a
solvent (see text).

2) The term ‘lattice energy’ sometimes means lattice enthalpy, but it does not apply here.
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In ideal infinite dilute solution the dissociation of solute was assumed completely and only 
ion-solvent interaction was considered. However, the real situation of most non-aqueous 
electrolytes is more complex and the mutual interactions between ions exist. Indeed in high-
permittivity solvents (ε > 40),� the solute dissociate almost completely into ions in dilute 
solutions. Moreover, with the decrease in permittivity the complete dissociation becomes 
difficult and part of the dissolved electrolyte remains undissociated. In low-permittivity 
solvents, most of the ionic species exist as ion-pairs and ion-pairs is expected contribute 
neither ionic strength nor electric conductivity to the electrolyte. The formation process of 
ion-pairs and the present of ion-association constants� KA� for common solute MX are shown 
as� follow: 

M+ + X−� ⇄� M+X− (ion-pair) 

KA = [M+X−] / ([M+][X−]) 

Indeed, the real ion association may have several different types of ion-pairs, i.e. solvent-
separated ion-pairs (SSIP), contact ion-pairs (CIP) and aggregate solvate (AGG) types, in 
which the ions are coordinated to 0, 1, or more than one counterion depending on the strength 
of ion-solvent interactions.86-90, 92 In low-permittivity solvents, ions of opposite charges are 
inclined to form ion-pairs even in dilute solutions. With the increase of concentration, ions 
form triple ions and quadrupoles,� and the positive and negative triple ions can remain 
without being associated due to the large size of aggregate solvates. Because the aggregate 
ions are conductive, highly concentrated electrolyte solutions in low-permittivity solvents are 
possibly used as electrolyte solutions for lithium batteries. The formation of aggregate ions 
was also observed in high-permittivity aprotic solvents; for example, triple ions of lithium are 
formed in the solutions of acetonitrile (AN) and lithium salt such as lithium chloride (LiCl) or 
lithium acetate (LiAc).86 In such case, single ions is highly reactive due to the week ion 
solvation with the solvent molecules and thus prone to stabilize by the formation of triple ions. 
For an alkali salt such as LiX, the negative charge delocalization, size, and steric effects of the 
anion X− determine its ionic association strength. Generally, the salt with different anions 
could be classified as dissociated salts, intermediate salts, and associated salts. For instant, 
such as bis(trifluoromethanesulfonyl)amide ([TFSA]−)  and 
bis(pentafluoroethenesulfonyl)amide ([BETI]−) regard as dissociated type, tetrafluoroborate 
(BF4

−) and perchlorate (ClO4
−) belong to intermediate type, and nitrate (NO3

−) and 
trifluoromethanesulfonate ([OTf]−) belong to associated type.92 It has been reported that the 
physicochemical properties of the solutions with low-permittivity solvent and different salt 
are directly affected by the ionic association strength of the anion.93 

1.3.4 Transport Properties 
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The conductivity of an electrolyte solution is a result of the transport of ions, and generally 
between two plane electrodes it is expressed by κ=L/AR, where L is the distance between the 
two electrodes, A is the electrode area, and R is the electrical resistance of the solution. For 
dilute electrolyte solutions, the conductivity κ is proportional to the concentrations of the 
constituent ions, 

! = ! ! !"# = ! !! 

Herein u is the electric mobility of the ions, c is the molar concentration of the carrier ions, 
and λ is the molar conductivity of the ions. If a strong electrolyte consisting of ν+ species of 
cation and ν− species of anion is dissolved to obtain an infinite dilute solution, the molar 
conductivity can be expressed as: 

Λ∞ = κ/c = ν+λ∞+ + ν−λ∞− 

The molar conductivity decreases with increasing electrolyte concentration due to the 
influence of ion-ion interactions. In a solution of strong electrolytes Λ is related to 
concentration and could be presented as empirical Kohlrausch law: 

Λ = Λ∞ − kc1/2 

where k is a constant. According to Debye-Hückel-Onsager limiting law similar relation has 
been obtained theoretically: 

Λ = Λ∞ − (AΛ∞ + B) c1/2 

where A and B are parameters that depend on ionic charges, viscosity and relative permittivity 
of solvent, and temperature. In a solution of weak electrolytes the ion association is extensive 
and the concentration of free ions is low, the influence of interactions between free ions can 
be ignored and Λ is equal to αΛ∞ (α is the degree of dissociation of the ion-pair). In such case 
Arrhenius-Ostwald relation is valid: 

1
! =

1
!! +

!!!!
(!!)! 

where KA is the association constant and other semi-empirical equation is also available. For 
highly concentrated electrolyte solutions, it has been lack of theoretically well-founded 
equations for transport data. Such as molten salt approaches, empirical extensions of 
equations for dilute solutions, and empirical equations for fitting measured data could be 
found from literature to evaluate the transport properties with less accurate.90, 94 The 
temperature-dependence of molar conductivity of glass forming liquids and of fused salts can 
be interpreted by the modified Vogel-Fulcher-Tammann (VFT) equation: 

Λ = Λ0 exp[−B/(T−T0)] 
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where Λ0 and B are given transport properties and T0 ideal glass transition temperature. 
Investigations on various solutes in non-aqueous solvents showed that competition between 
ion-ion and ion-solvent interactions with increasing salt concentration leads to comparable 
states of the different solutions at their respective maximum conductance, i.e. the maximum 
specific conductance for every solution is obtained when the conductance-determining effects 
have established a critical energy barrier which depends almost exclusively on solvent or 
temperature and not on the solute. However, in extreme concentrated solutions the 
conductance is probably relation to the role of dynamical solvent properties and confused ion-
solvent interactions in despite of large ion association constant.88-90 Further study in details is 
also necessary to understand the features of concentrated electrolytes. 

1.4. High Energy Storage Lithium Batteries     

1.4.1 Brief Introduction    

After 20-year development of Li-ion batteries, lithium intercalation-based cathode materials 
have approached the theoretical energy density limit, and breakthroughs will probably come 
from the redox conversion reaction-based materials, similar to the evolution of anode 
materials from graphite to metal oxides and lithium alloys. Currently, two types of redox 
conversion cathodes, Li-S and Li-O2, have drawn much attention and are considered to be the 
most promising cathodes for future-generation rechargeable lithium batteries. They both have 
much higher theoretical capacities and energy densities than Li-ion batteries; however, both of 
them face significant challenges in order to realize practical devices.95  

1.4.2 Lithium-Sulfur Batteries 

The typical rechargeable Li–S cell is shown in Figure 1-7a, consisting of a sulfur cathode, a 
lithium anode and non-aqueous electrolyte, and operates by reduction of S at the cathode on 
discharge to form intermediate lithium polysulfide that combine with Li to produce Li2S. 
Figure 1-7c displays a typical discharge/charge profile of a Li–S cell: two discharge plateaus 
are identified at ~2.3 V and 2.0 V, and the first one is relevant to the gradual reduction of 
molecular S8 to polysulfide S8

4- ions in which exists a complicated equilibrium among several 
soluble intermediates such as S8

2-, S6
2- and S4

2-. Further reduction of these long-chain 
polysulfide species produces non-soluble Li2S2, corresponding to the lower plateau at ~2.0 V. 
Finally Li2S2 is converted into Li2S and this step is the most difficult due to the block 
impeded by sluggishness of solid-state diffusion.96 During charge, two plateaus are present in 
the curve, indicating the formation of Li2Sm (m>2) and elemental sulfur, respectively. It is 
worthy to note that the two charge plateaus usually merge into a continuous one especially 
when the cells are run at high current rates. 
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Li–S batteries have many attractive features, including: (1) the natural abundance and low 
cost of S; (2) non toxic and environmentally benign; and (3) high theoretical energy density 
(1672 mAh/g). However, several challenges must be faced and overcome before reaching 
mass commercialization, which are: (1) poor electrode recharge ability and limited rate 
capability owing to the insulating nature of sulfur and the its reduction products Li2S and 
Li2S2; (2) fast capacity fading owing to the generation of various soluble lithium polysulfide 
intermediates, which gives rise to an undesirable shuttle effect.97-100 Figure 1-7b shows the 
discharge capacity curves of a common Li–S cell, the poor retention of capacity in several ten 
cycles due to the redox shuttle effect, which arises by the soluble lithium polysulfides that are 
formed at the cathode are transported to the anode where they are reduced to lower 
polysulfides, then transported to the cathode and became to re-oxidize and then return to the 
anode. On the anode, reduction proceeds to form insoluble Li2S2 or Li2S and deposit on the 
surface. To resolve the above problems the most common strategy is preparing sulfur and 
carbon mixtures to improve the conductivity of the cathode. Various attempts have been made 
to fabricate C/S composites by introducing carbon materials, such as mesoporous carbon, 
carbon nanotubes, graphene or graphene oxide and so on.101-106 Designing and optimizing 
electrolytes is also important because the electrolytes play a crucial role in the performance of 
Li–S cell and are required to suppress the dissolution of the lithium polysulfides during 
charge/discharge cycling. Addition of LiNO3 in the electrolyte was proved as an effective 
method to prevent the corrosion of anodes by forming a protective layer on the lithium 
metal.107 Moreover, ionic liquid electrolyte, extreme concentrated electrolyte and gel polymer 
electrolyte has been invited to improve the cell performance that are capable of delivering 
electrons efficiently as well as restraining the lithium polysulfides disolve.108-112 

 

 

 

 

 

 
Figure 1-7. Schematic representation and operating principles of rechargeable Li-S batteries 95 

1.4.3 Lithium-Oxygen Batteries 

Li–O2 cell is especially attractive because it has the highest theoretical specific energy among 
all of the metal air type cells. The first Li–O2 cell based on nonaqueous electrolytes was 
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reported in 1996 and Figure 1-8a shows the schematic representation of this system.113 On 
discharge, the Li-metal anode is oxidized to release Li+ into the electrolyte, and the process is 
reversed on charge. At the positive electrode, O2 enters the porous cathode and dissolves into 
the electrolyte, then is reduced at the electrode surface on discharge. O2

2− is formed along with 
Li+ from the electrolyte, and Li2O2 as the final discharge product in a suitable non-aqueous 
electrolyte. On charging the peroxide is then decomposed and the reversible reaction is as 
2Li+ + O2 + 2e− ↔ Li2O2. Although some important progress was achieved recently, 
formidable challenges have been remained such as the fast capacity fading in the cycling 
shown in Figure 1-8b, and large voltage difference between the charge and discharge cycles 
illustrated in Figure 1-8c.  

The electrolyte is considered as a key component and one of the bottlenecks at present. The 
electrolyte is required to be stable both to O2 and its reduced species, and also need to meet 
sufficient Li+ conductivity, O2 solubility and diffusion to ensure satisfactory rate capability. 
Moreover, the electrolyte must possess low volatility to avoid evaporation at the cathode due 
to the safety concern.95 Conventional organic carbonate electrolytes have demonstrated 
degradation occurred on discharging process and the reaction at the cathode involves some 
by-products.114-117 This rules out that the remarkable capacity of Li–O2 cells with organic 
carbonate electrolytes to sustain cycling could be explained by reversible Li2O2 formation, 
whereas the ubiquitous capacity fading is due to the simultaneous electrolyte degradation as 
shown in Figure 1-8b. Despite reversible Li2O2 formation can occur in a cell by using 
appropriate electrolytes, the cell performance has not been satisfied and far from practical 
utilization up to now.118-120 Novel electrolytes with high electrochemical and thermal stability 
or new strategy is urgent require to reach the high capacity and cycling stability of Li–O2 
battery. 

 

 

 
 

 

Figure 1-8. Schematic representation and operating principles of rechargeable Li-O2 batteries 95 

1.5. Aim of this study 

Attempt has been made in this study to achieve the following goals: 
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! To establish a correlation between transport properties of solvents and Li[TFSA] 
mixtures with certain parameters such as ratio of diffusion coefficient and ionicity for 
obtaining the electrolytes with desirable chemistry. 

! To realize the unique behavior of ionicity in solvents and Li[TFSA] mixtures and 
maximum of  ionicity in a large concentration range.  

! To unveil the effect of various factors for the solvents and diverse properties of 
solvents and Li[TFSA] mixtures. 

! To elucidate the relation between ion-solvent interactions and stability of the complex 
cations to find out the criteria of solvent ionic liquids. 

! To demonstrate a suitable electrolytes with promising properties for lithium battery 
applications. 

1.6. Current Work 

The studies were pursued with a view to getting a fundamental understanding of the lithium 
solvate ILs based on coordination chemistry and solution chemistry. The physicochemical 
properties of glyme-based non-aqueous solvents and Li salt mixtures were investigated by 
certain parameters such as the ratio of diffusion coefficient (Dsol/DLi) and ionicity. In addition, 
those mixtures were applied as electrolytes for rechargeable lithium batteries. 

a) A series of binary systems, which consist of lithium bis(trifluoromethanesulfonyl)amide 
(Li[TFSA]) and different kinds of ether solvents with a continuous range of Li[TFSA] 
concentrations were prepared and characterized by multiple-techniques. 

b) Evaluation of the ionicity based on both the Walden plot and the pulsed-field gradient 
spin-echo (PGSE) NMR method revealed that the maximum iconicity occurs at an 
[O]/[Li+] ratio of 4 or 5 in the mixtures. Two solvent effects in the glyme-based non-
aqueous electrolyte, i.e., the solvating effect of the ligand and the dipolar effect, were 
considered to realize this intriguing behaviour. 

c) The chelate effect of the ligands is verified to be effective for obtaining a stable complex 
cation in the concentrated liquid regime. The solvent with high complex formation 
capability is able to form long-live solvate cations, and the properties of the electrolyte is 
close to typical ILs, whereas other solvents are poor one and can be catalogued as 
concentrated solutions. 

d) Further, the aforementioned mixtures were used as electrolytes for Li-ion and Li-S 
batteries. Corrosion on Al current collector of the cathode was also studied to explain the 
deterioration of the Li-ion cells with the concentrated solution electrolytes. 
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e) Finally it was concluded that the electrochemical properties in the batteries are dominated 
by the presence or absence of uncoordinating solvents in the electrolytes. In other words, 
the structural stability of the solvate cations in electrolytes played an important role in the 
performances of the rechargeable lithium batteries. 
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Chapter Two 

Physicochemical Properties of the Glyme Based Solvents and 
Li Salt Mixtures 
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Abstract 

A series of binary systems with ether solvents and Li salt mixtures were prepared. The effect 
of the solvent nature on the properties of [Li(glyme or THF)x][TFSA] mixtures were studied 
over a wide range of Li[TFSA] concentrations. The physicochemical properties of these 
mixtures, such as thermal properties, density (ρ), ionic conductivity (σ), viscosity (η), and 
self-diffusion coefficient (D) have been investigated in detail. More specifically, the 
concentration dependency of self-diffusion coefficient of each chemical species in the 
electrolyte solutions were measured to investigate the interaction among the mixtures, where 
the stability of complex cations formed between Li+ ions and solvents were evaluated by the 
ratio of diffusion coefficient (Dsol/DLi). The ionicity reaches a maximum in the concentration 
range of 1.7−3.1 mol dm−3, before decreasing again at more higher concentrations (>3 mol 
dm−3) for all [Li(glyme or THF)x][TFSA] mixtures. This behavior was further confirmed by 
means of Walden plot and Stokes-Einstein plot. It was established that the maximum ionicity 
occurs at an [O]/[Li+] ratio of 4 or 5, which agrees well with the favorable coordination 
number for Li+ ions in the electrolyte. The Raman spectra bands, where the active S-N 
stretching mode of [TFSA]− anion is sensitive to the association state, indicate that the number 
of either uncoordinated or SSIP-type [TFSA]− species increased upon dilution; and a 
significant break point was found at the [O]/[Li+] ratio equal 4 to 6, which is according with 
the variation of ionicity.  

 

 

Part of the work presented in this chapter has been published as: 
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2.1. Introduction 

Solvate ionic liquids are a new class of room-temperature ionic liquids (ILs) in which ligand 
molecules, as a third species of the liquids, strongly solvate the cations and/or anions of salts 
to form complex ions. The criteria for the formation of solvate ILs primarily depend on the 
formation of stable complex salts possessing a lower melting point. The basic concept of this 
new subclass of ILs was reported by Angell in 1965, who regarded the hydrated calcium 
cation as an independent cation in hydrated molten salts of Ca(NO3)2·4H2O.1 Following this 
discovery, Angell et al. named this category of low-melting molten complexes as solvate ILs 
in their latest review article.2 This concept is akin to that for common complex anions of ILs 
such as BF4

−, PF6
−, and AlCl4

−; these ions are corresponding adducts of a Lewis acid (BF3, 
PF5, and AlCl3) and a Lewis base (F− and Cl−) respectively, which are shown in Scheme 2-1.3 

 

 

 

 

 

Scheme 2-1. Concept of complex cations in solvate ILs 3 

We have previously reported that molten complexes consisting of 1:1 equimolar mixtures of 
lithium bis(trifluoromethanesulfonyl)amide (Li[TFSA]) and triglyme (G3) or tetraglyme (G4) 
behave like typical ILs through the formation of crown ether-like complex cations [Li(G3 or 
G4)1]+, and were thus judged as typical of solvate ILs.4-6 Likewise, the Li+ ions and the 
glymes represent as a Lewis acid and base, respectively, forming a complex [Li(glyme)1]+ 

cation (Scheme 2-1). The difference between these two examples is the glyme complexes are 
non-covalent compounds, whereas the former complexes like BF4

− are covalent compounds.3 

The lithium solvate ILs exhibit many desirable properties as a lithium-conducting electrolyte, 
including high lithium transference numbers, high Li+ ion concentration, and improved 
oxidative stability,6,7 in addition to commonly observed features of ILs such as low vapor 
pressure and high thermal stability. These characteristics allowed the successful operation of 
lithium ion batteries with various cathode and anode materials.8,9 Furthermore, the lithium 
solvate ILs proved to be effective electrolytes for the suppression of undesired polysulfide 
dissolution in lithium sulfur batteries, leading to a noteworthy discharge capacity of ca. 700 
mA h g−1 sulfur with high Coulombic efficiency (>98%),10-12 even after 400 charge/discharge 
cycles. These extraordinary properties, such as enhanced oxidative stability,13 the greatly 
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suppressed solubility of polysulfides14,15 have also been found in highly concentrated 
Li[TFSA] electrolytes in low-molecular weight organic solvents, commonly used in lithium-
ion battery electrolytes. 

Given that solvate ILs and classical concentrated electrolyte solutions are considered very 
similar in composition—the number of solvent molecules and ions is comparable or almost 
equal for both systems—the categorization of these liquids is still ambiguous. To develop a 
basic understanding of solvate ILs and their unique properties, more elaborate criteria to 
divide solvate ILs from common electrolyte solutions are essential. In a previous study,16 the 
anion-dependent properties of equimolar molten mixtures of different lithium salts (LiX) and 
G3/G4, [Li(G3 or G4)1]X, were studied. [Li(G3 or G4)1]X was classified as either a 
“concentrated solution” or a “solvate IL”, depending on the stability of the [Li(G3 or G4)1]+ 

cation. There was crucial competition between Coulombic interactions (Li+−X−) and ion-
dipole (induced dipole) interactions (Li+−glyme) in highly concentrated [Li(G3 or G4)1]X, 
and the stable complex cation were formed only when the former interaction overwhelmed the 
latter, in other words combined with weakly coordinating counter anions such as [TFSA]− 
(lower Li+−X− interactions).  

In coordination chemistry, the stability of complex ions is strongly dictated by the structure of 
ligand molecules. To investigate the insight or criteria for solvate ILs, ion-ion interaction and 
ion-solvent interaction are two fundamental and important aspects. In our recent perspective 
paper, we classified the solvate ILs composed of a series of LiX salts and ligand molecules; 
only a few combinations of Li salts and ligand molecules can be classified as solvate ILs or 
concentrated solutions. The schematic model is shown in Figure 2-1.3 

In this chapter, we will study the ion-solvent interaction in the mixtures of Li[TFSA] salts and 
various ligand molecules. We begin to investigate a structurally related series of concentrated 
mixtures of Li[TFSA] and oligoether solvents to clarify the effect of ion-dipole (or ion-
induced dipole) interactions on the formation of solvate ILs. Whereas G3 and G4 possess 4 
and 5 coordination sites, respectively, in each molecule to chelate the Li+ ion, the number of 
oxygen atoms per molecule becomes smaller for diglyme (G2), monoglyme (G1), and 
tetrahydrofuran (THF). In addition, the mixtures with different types of organic solvent, such 
as amide or carbonate were prepared to study the solvent effect of the electrolytes. The main 
purpose of this investigation was to reveal the reflection of ion-solvent interactions in their 
transport properties of these mixtures with a large range of concentration. 

 

 

!
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Figure 2-1. Schematic model of classification of solvate ionic liquids 3 

2.2. Experimental 

2.2.1 Chemicals 

Glymes with the chemical structure of CH3—O—(CH2—CH2—O)n—CH3 (n = 1~4) are 
abbreviated as G1~G4 respectively. Monoglyme (G1), diglyme (G2) and triethyl phosphate 
(TEP) were purchased from Kishida Chemical (battery grade reagents), and super dehydrated 
tetrahydrofuran (THF) ([H2O] <10 ppm) were purchased from Wako Pure Chemical. 
Triglyme (G3) and tetraglyme (G4) were obtained from Tokyo Chemical Industry and were 
distilled under reduced pressure over sodium metal. Dehydrated N-methyl-2-pyrrolidone 
(NMP) was purchased from Kanto Chemical. Li[TFSA] was obtained from Morita Chemical 
Industries and dried under vacuum at 120 °C before use.  

2.2.2 Preparation of mixtures 

The solutions were prepared by mixing the solvent and Li[TFSA] in different molar ratios and 
stirring overnight at room temperature to obtain homogeneous liquids. The mixtures were 
prepared, stored, and handled in an argon-filled glovebox (VAC, [H2O] <1 ppm). 

2.2.3.Methodology and Measurements 

Ionic conductivities of the electrolyte solutions were determined by the complex impedance 
method using an AC impedance analyzer (Princeton Applied Research, VMP2) in a frequency 
range of 1 Hz–500 kHz at an amplitude of10mV. A conductivity cell possessing two 
electrodes of platinized platinum (TOA Electronics, CG-511B, cell constant = approximately 
1 cm−1) was used for conductivity measurements. The cell constant for the conductivity 
measurements was determined by calibration with a 0.01M KCl standard solution (Kanto 
Chemical). The cell was placed in a temperature-controlled chamber to ensure thermal 
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because their characters are intermediate between the definitive
solvate ILs and concentrated solutions. Thus, a further classifica-
tion of solvate ILs might be necessary to more accurately identify
various types of concentrated electrolyte solution.

In the case of ILs (especially for protic ILs), they can be
categorized into three groups on the basis of deviation from the
Walden plots; good ILs, poor ILs, and super ILs.80 In these
categories, the physicochemical properties of poor ILs bear no
resemblance to those of good (typical) ILs.81 According to these
categories, the solvate ILs can also be subdivided into at least
two groups: ‘‘good’’ solvate ILs and ‘‘poor’’ ones. [Li(G3)1][TFSA]
is a representative of good solvate ILs, but the intermediate
systems, such as [Li(G1)m][TFSA] (m r 3), [Li(G2)l][TFSA] (l r 2),
and [Li(G3 or G4)1]X (X = NO3, [OTf], and BF4), can be classified
as poor solvate ILs. The differences between good and poor
solvate ILs emerge clearly in their structural and physicochemical
properties in the liquid state as described above.

Other mixtures including [Li(PC)n][TFSA] (n r 4) and [Li(G3
or G4)1][TFA] should be regarded as concentrated solutions
because their solvate compounds have not yet been identified,
and their behavior in the liquid state is significantly different to
that of solvate ILs, as it is rather similar to typical solution
behavior as can be seen in Fig. 5–9. However, the border
between poor solvate ILs and concentrated solutions remains
ambiguous. For example, the crystalline solvate phase of a 1 : 4
mixture of acetonitrile (AN) and Li[TFSA], [Li(AN)4][TFSA], is
known.82 It may be categorized as a poor solvate IL under the
subdivided criteria; however, at the same time it is considered
as an analog of [Li(PC)4][TFSA] (concentrated solution) with
reference to monodentate ligand-based mixtures.

[Li(12-crown-4)1][TFSA] and many other complexes of 12-crown-4
ether and Li salts do not melt at temperatures under 100 1C,26–29

and so they do not satisfy the definition of an IL. For the same
reason, the reported glyme–Li salt complexes, [Li(G3)1]AsF6 and
[Li(G3)1][BPh4],32 and a number of crown ether-based complexes
are not classified as ‘‘solvate ILs’’ but as ‘‘solid chelate com-
plexes’’ instead at ambient temperatures or as ‘‘molten solvate
complexes’’ above their melting temperatures even though they
satisfy the other criteria in the liquid state.

The classification of solvate ILs composed of a series of LiX
salts and ligand molecules is summarized in Fig. 11. As shown

in the figure, only limited combinations of Li salts and ligand
molecules can be classified as good solvate ILs.

6. Concluding remarks
An overview of glyme-based ‘‘solvate ILs’’ has been presented in
this article, and the criteria for defining whether or not a
selection of mixtures belong to the class of solvate ILs have
been discussed on the basis of their chemical nature and
various physicochemical properties. Comprehensive studies
on these complicated systems revealed that there are at least
three crucial factors influencing their intrinsic nature: (1) the
ratio of coordination sites to Li+ ions ([O]/[Li+]), (2) the complex
formation constant Kcomplex (that describes the chelate effect for
multidentate ligands), and (3) the ion–pair interaction energy
ELi+X! (Lewis basicity of anions). As the concentration ratio of
Li[TFSA] to triglyme (G3) or tetraglyme (G4) increases, the
thermal and electrochemical stability of the resulting binary
mixtures gradually improve. In particular, the 1 : 1 equimolar
mixtures possess outstandingly high stability.23 Furthermore,
the diffusion coefficients of the glyme and the Li+ ions for the
equimolar mixture exhibit identical values, implying the formation
of long-lived robust complex cations. The physicochemical properties
of the glyme–Li salt equimolar mixture can be simply tailored by
chemical modification of the ligand glyme molecules. Comparison
of G3– and G4–Li[TFSA] systems with binary mixtures consisting of
other low molecular ligands and Li[TFSA] revealed that the number
of coordination-sites within a single ligand molecule predominantly
affects the stability of the complexes that it forms (chelate effect). The
paired anion species also contribute strongly to the states of the
mixtures because of the respective interactions between the Li+ ions
and glymes, and between the Li+ ions and counter anions, compete
in the mixtures; these interactions are closely related to the Lewis
basicity of the anions. It is found that the formation of robust
[Li(glyme)]+ complex cations was accomplished only with soft anions
with low Lewis basicity such as ClO4

! and [TFSA]!. Thus, only
certain systems, such as [Li(G3)1][TFSA] and [Li(G4)1]ClO4, meet all of
the criteria for solvate ILs. Nevertheless, there are a number of
systems deviating only slightly from these criteria. To discriminate
these candidates from conventional electrolyte solutions, a subdivi-
sion of solvate ILs into poor and good solvate ILs might be possible.

Fig. 11 Schematic model of classification of solvate ionic liquids.
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equilibrium for at least 60 min. The relative uncertainty for conductivity values was < 1%. 
The temperature dependence of viscosity and density were measured using an SVM3000 
viscometer (Anton Paar). Uncertainty of density and viscosity values were ± 0.0005 gcm−3 
and ± 0.35% respectively. Raman spectra were measured using a 532 nm laser RMP-300 
Raman spectrometer (JASCO, Japan) at room temperature between 200−1700 cm−1. All 
spectra were recorded in the liquid state. Raman spectral bands were analyzed for different 
concentrations with baseline correction using a JASCO spectra manager program.  

Pulsed-field gradient spin echo (PGSE) NMR measurements were carried out to determine the 
self-diffusion coefficients of the components of the electrolyte solutions. A JEOL ECX-400 
NMR spectrometer with a 9.4 T narrow-bore superconducting magnet and a pulsed-field 
gradient probe was used for the measurements. 1H, 7Li, and 19F NMR spectra were recorded 
for the solvents, Li+, and [TFSA]−, respectively. The self-diffusion coefficients were measured 
via the use of a modified Hahn spin echo-based PGSE sequence incorporating a pulsed field 
gradient (PFG) in each τ period. The detailed measurement procedures for PGSE NMR are 
described elsewhere.17 The free diffusion echo signal attenuation E is related to the 
experimental parameters by the Stejskal equation with sinusoidal PFG:18 

  

 

where S is the spin echo signal intensity, δ is the duration of the field gradient with magnitude 
g, γ is the gyromagnetic ratio, and Δ is the interval between the two gradient pulses. The 
value of Δ (50 ms) and δ (1−10 ms) were set at constant value, whereas g (0−13 T/m) was 
varied for the diffusion measurements. Figure 2-2 shows the demonstration process of the 
diffusion measurements. All the results were well described by the Stejskal equation, and the 
standard deviations of the diffusion data were less than 5%. The PGSE NMR samples were 
inserted into a NMR micro-tube (BMS-005J, Shigemi) to a height of 3 mm to exclude 
convection. All measurements were performed at 30 °C. 

 

 

 

 

 

 

 

In(E) = In(S / Sδ=0 ) =
−γ 2g2Dδ 2 (4Δ−δ)

π 2
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Figure 2-2. The demonstration process of the Pulsed-field gradient spin echo (PGSE) NMR measurements 

2.3. Results and Discussions 

2.3.1.Transport properties 

Although our primary focus in this study concerned highly concentrated regions of the 
mixtures of Li[TFSA] and ether solvents, we first re-examined the transport properties of 
mixtures ranging from dilute (~0.01 mol 
dm−3) and intermediate (~0.5 mol dm−3) to 
extremely concentrated states (up to 3.7 mol 
dm−3). Figures 2-3 and 2-4 show the 
isothermal ionic conductivity and viscosity of 
[Li(glyme or THF)x][TFSA] mixtures at 30°C. 
Similar to studies reported elsewhere,19,20 the 
ionic conductivity increases as the 
concentration increases below 1 mol dm−3, 
reaching a maximum at ca.1 mol dm−3, and 
then decreases with further increases in the 
concentration. For [Li(G2)x][TFSA] mixtures, 
limited data are shown in the concentrated 
regime because only a few appropriate ratios 
(G2/Li[TFSA] = 1:1, 4:3 and 4:1) yielded liquid samples at 30°C. In the dilute regime, the 
conductivity increases in the order of the ether solvents G1 > THF > G2 > G3 > G4 at the 
same concentration. 

The dependency of viscosity on concentration for [Li(glyme or THF)x][TFSA] is shown in 
Figure 2-4, and is compared with the reported data for [Li(G3 or G4)x][TFSA].19 The 
viscosity is lower for the mixtures with shorter ethers (i.e., G1 and THF) at the same 

19 
 

 
 

Fig. 2-4 Pulse sequence of PGSE-NMR method 

数範囲 500 kHz から 1 Hz、印加電圧 10 mV とし、測定温度範囲を 10 ℃から 90 ℃とした。

測定サンプルはグローブボックス中で白金電極セルに導入、密封した。尚、白金電極セル

はあらかじめ標準 KCl 水溶液にてセル定数を算出した。温度制御は Tabai Espec SU-220 によ

って行った。 

 

2-2-6 PGSE-NMR 測定[10] 

 磁場勾配 NMR 法は(Pulsed-Field-Gradient Spin-Echo NMR : PGSE-NMR)による自己拡散係

数の測定は JEOL 社製 JNM-AL400 (9.4 T-narrow-bore SCM)分光器を用い TeeMag 社製 Galaxy

と MacNMR によって制御、JEOL 社製磁場勾配プローブと電流アンプを用いて測定した。 

 ここで磁場勾配 NMR 法の測定原理について述べる。磁場勾配 NMR 法は観測する核の拡

散係数を個別に決定できるので、本系のようなイオン伝導体中のイオン輸送挙動の解析に

おいて非常に有用である。自己拡散係数測定用の最も標準的なパルス系列をFig. 2-4に示す。 

NMR の基本的な Hahn のエコー･パルス系列に磁場の強さ g、照射時間Gの 2 つの傾斜磁場を

間隔'で照射したもので、g×Gの値を変化させながら、一連のエコーシグナルを測定し、シ

グナル強度を Stejeskal の式でプロットすることにより、勾配から自己拡散係数 D を算出す

Figure 2-3. Concentration dependence ofionic 

conductivity for [Li(glyme or THF)x][TFSA] mixtures 

at 30 °C. Lines in the figure are a guide to the eye. 
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concentration. The lower viscosity thus accounts for the higher ionic conductivity of 
[Li(G1)x][TFSA] compared to [Li(G3 or G4)x][TFSA]. As seen in Figure 2-3, however, the 
conductivity of [Li(THF)x][TFSA] is lower 
than those for [Li(G1)x][TFSA] despite the 
comparable viscosity for these solutions. 
Other factors such as the degree of 
dissociation or ionicity (correlation of ionic 
motion) may bring about differences in 
ionic conductivity among G1 and THF 
solutions (vide infra). 

The self-diffusion coefficients of the solvent, 
Li+, and [TFSA]− were measured by PGSE  
NMR spectroscopy, and their concentration 
dependence is shown in the appendix of this 
chapter. Each diffusion coefficient decreased 
monotonically with increasing concentration. 
In the concentration range 0−2.0 mol dm−3, the self-diffusion coefficients followed the order 
Dsol>DTFSA>DLi, which agrees well with the order of diffusion coefficients in conventional 
organic electrolytes, including the glymes.19,21,22 However, DLi became greater than DTFSA in 
highly concentrated mixtures, implying that the coordination of Li+ ions and their ionic 
diffusion differs from those in dilute systems. 

In a previous study, we reported that the self-diffusion coefficient ratio of Li+ ions and solvent 
molecules (Dsol/DLi) is an effective metric to evaluate the stability of complex cations formed 
between Li+ ions and the solvents G3 and G4.16 In typical solvate ILs such as [Li(G3)1][TFSA] 
and [Li(G4)1][TFSA], the Dsol/DLi ratio became unity, indicating that Li+ and the glyme diffuse 
together and is therefore a good probe for confirming the formation of the long-lived complex 
cations [Li(G3 or G4)1]+. Indeed, the PGSE NMR measurements were performed on the time 
scale of 10−2–10−3 s, and the resulting D is given as the averaged value of both free and 
coordinated solvent to Li+ ions on this time scale. Figure 2-5 shows the Dsol/DLi and DTFSA/DLi 

ratios of [Li(glyme or THF)x][TFSA] depending on the concentration. 

 

 

 

 

Figure 2-4. Concentration dependence of viscosity 

for [Li(glyme or THF)x][TFSA] solutions at 30 °C. 

Lines are a guide to the eye. 
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Figure 2-5. Concentration dependence of (a) Dsol/DLi ratio and (b) DTFSA/DLi ratio at 30°C for [Li(glyme or 

THF)x][TFSA] mixtures. Lines in the figure are a guide to the eye. 

At lower concentrations (< 2 mol dm−3), Dsol/DLi and DTFSA/DLi are always greater than unity 
in all solvents, which is common for aprotic organic electrolyte solutions as noted above. At 
higher concentrations (>3 mol dm−3), the Dsol/DLi ratio of [Li(G1 or THF)x][TFSA] levels off, 
but is still greater than unity, even if the molar concentration is as high as that of the solvate 
ILs [Li(G3 or G4)1][TFSA]. In sharp contrast, the Dsol/DLi ratios for [Li(G2)x][TFSA] reach 
Dsol/DLi~1 at higher concentration, similar to the previous results for [Li(G3 or 
G4)x][TFSA].19 As shown in Figure 2-5b, DTFSA/DLi becomes less than unity in the 
concentrated regime (>2 mol dm−3) for all the [Li(glyme or THF)x][TFSA] species studied in 
this work, indicating that Li+ ions diffuse faster than [TFSA]−. This suggests a different 
conduction mechanism in highly concentrated [Li(glyme or THF)x][TFSA]. In dilute aprotic 
polar solvent solutions, it is generally assumed that solvate cations [Li(glyme or THF)x]+ and 
naked [TFSA]− diffuse through continuous glyme or THF with a viscosity η, as rationalized 
by the Stokes-Einstein equation. In such cases, the apparent hydrodynamic radius of the 
solvated Li+ ion becomes larger than that of naked [TFSA]−, which is a reason for a lower Li+ 

transference number than 0.5 (DTFSA-/DLi+ >1). On the contrary, in highly concentrated 
electrolytes such as ILs, the Stokes-Einstein equation has no physicochemical meaning, even 
if the equation appears to hold. For instance, we have reported that for imidazolium-based ILs, 
the cationic transference number becomes greater than 0.5 even when the cation is larger than 
the anion.23 We observe that in highly concentrated [Li(glyme or THF)x][TFSA] (> 2 mol dm-

3), DTFSA-/DLi+ becomes less than unity (cationic transference number > 0.5). The lowest value 
of DTFSA-/DLi+ for [Li(G3)1][TFSA] (ca. 0.65) may not only be related to the compact solvate 
ion size, but also related to anomalies in the transport properties of ILs. We experimentally 
observe similar phenomena that cations move faster than the anion in conventional 
imidazolium-based ILs and in the concentrated [Li(glyme or THF)x][TFSA] system. 
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Unique diffusivity (Figure 2-5) observed in the highly concentrated regime may be ascribed 
to the fact that certain solvates are formed through complexation between the solvent 
molecules and the Li salts, such that there is almost no free solvent. The differences in the 
properties among [Li(glyme or THF)x][TFSA] were also more obvious in these concentrated 
mixtures. The solvate structure of the concentrated mixtures with specific [O]/[Li+] ratio well 
be discussed in the next chapter. 

2.3.2. Ionicity 

The effect of the stability of complex cations on the dynamics of ionic transport is also of 
interest. Ionicity—also known as the molar conductivity ratio (Λimp/ΛNMR)—has been used to 
estimate the degree of dissociation of lithium salts in dilute electrolytes,21 and can also be a 
useful metric for quantifying the dissociativity or degree of correlative motion of ions, even in 
extremely concentrated systems like ILs.24,25 Λimp is the molar conductivity measured by the 
AC impedance method, while ΛNMR can be calculated from the ionic self-diffusion 
coefficients DLi and DTFSA (measured by PGSE NMR) using the Nernst-Einstein equation: 

 

where F is the Faraday constant, R is the gas constant, and T is the absolute temperature. This 
equation postulates that all diffusing species 
detected by PGSE NMR contribute to the 
molar conductivity. In contrast, Λimp relies on 
the net migration of charged species in an 
electric field. Therefore, the ratio Λimp/ΛNMR 

accounts for the proportion of ions (charged 
species) that participate in ionic conduction 
from all diffusing species on the measurement 
timescale, enabling diagnosis of the correlation 
of ionic motion affected by ionic 
interactions.26,27 Λimp/ΛNMR is often represented 
as Λ/ΛNE in the literature,28 and is reciprocal of 
well-known Haven ratio.29,30   

In a previous study, we found that the ratio 
Λimp/ΛNMR exhibited its highest value at a 1:1 
equimolar composition of [Li(G3 or G4)x][TFSA] mixtures, which then decreased 
monotonically upon dilution. This phenomenon is opposite to that found in typical organic 
electrolytes—such as Li[TFSA] in propylene carbonate (PC)—in which the ionicity increased 
with decreasing salt concentration, as predicted by classical electrolyte theories.31,32 In this 

ΛNMR =
F 2

RT
DLi +DTFSA( )

Figure 2-6. Ionicity (Λimp/ΛNMR) at 30°C for 

[Li(glyme or THF)x][TFSA] mixtures as a 

function of  concentration. 
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section, we re-examine our findings for various oligoether-based mixtures—including shorter 
glymes and THF—over a wide range of Li[TFSA] concentrations. Figure 2-6 and 2-7 shows 
the ionicity of the [Li(glyme or THF)x][TFSA] mixtures as functions of concentration and the 
[O]/[Li+] ratio, respectively. Compared with 
other solvents (Figure 2-6), 
[Li(THF)x][TFSA] mixtures tend to show 
lower ionicity, explaining the lower ionic 
conductivities of [Li(THF)x][TFSA] than 
those of [Li(G1)x][TFSA] (Figure 2-3). 
Similarly to the results previously reported 
for [Li(G3 or G4)x][TFSA], Λimp/ΛNMR of 
[Li(G1, G2 or THF)x][TFSA] became lower 
upon dilution when the concentration was 
lower than 3 mol dm−3. More noteworthy is 
that the ionicity reached a maximum in the 
concentration range of 2−3.1 mol dm−3, 
before decreasing again at higher 
concentrations (> 3 mol dm−3) for all 
[Li(glyme or THF)x][TFSA] mixtures. It was 
established for the first time in this study that 
the maximum ionicity occurs at an [O]/[Li+] 
ratio of 4 or 5 (Figure 2-7). Although we do 
not have a clear rationale for this behavior, it 
should be noted that the [O]/[Li+] ratio for the maximum ionicity agrees well with the 
favorable coordination number for Li+ ions in the electrolyte. These results suggest that most 
uncorrelated cation-anion motions can be accomplished by the addition of a minimal amount 
of ether solvents that construct the first solvation shell of Li+ ions (i.e., [O]/[Li+] ~4 or 5). 

2.3.3. Walden plot 

Like ionicity obtained by the Nernst-Einstein equation, the Walden plot is another common 
method to investigate the dissociativity or degree of correlative motion of ions for ionic 
liquids or conventional solutions. Walden and his works provided valuable knowledge to us 
because in his earlier studies of aqueous solutions, he had formulated the Walden rule that 
relates the equivalent conductivity Λ of an ionically conducting liquid to its viscosity η.33 

                                                                  Λ η = const. 

Figure 2-7. Ionicity (Λimp/ΛNMR) at 30°C for 

[Li(glyme or THF)x][TFSA] mixtures as a function of  

[O]/[Li+] ratio. Lines in the figure are a guide to the 

eye. 
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The rule has provided the basis for a very useful parameter of ionic liquids. Although the 
above equation worked reliably for aqueous solutions, the study on low-melting silver salts 
has been found that the rule broke down seriously and needed to be replaced by the fractional 
Walden rule where γ is a constant 0 <γ < 1.34!

                                                                    Λ η γ  = const. 

The fractional Walden rule implied that the Arrhenius activation energy for conductivity was 
lower than that for viscosity, which was readily interpreted in terms of the smaller silver ion 
slipping through the quasi-lattice of the larger halide ions, this rule being particularly clear in 
the case of the silver iodide which was a good conductor even in its crystalline state at 
temperatures near the melting point.2! Such violations of the Walden rule are related to the 
unique transport properties of ILs. Angell et al. established a classification diagram of broad 
utility, now commonly referred to as a “Walden plot” based on Walden’s rule.35!Walden plot 
is a plot of logΛ vs. log(1/η) has been tested for ILs, in which data for a 0.01 M aqueous KCl 
solution were used as reference. Consequently, an “ideal” line represents the properties of an 
ideal electrolyte through the KCl point with slope of unity. The vertical distance from this 
ideal line at log(1/η) was utilized to classify ILs as super, good, poor, or non-ionic.35, 36!Super 
protic ILs represents that proton transport likely follow Grotthuss mechanism leading to the 
position of data point above the ideal line. Good ILs are defined as the data point resided near 
the ideal line, on the other hand, a strong cation-anion interactions or incomplete proton 
transfer resulted poor IL that show moderate deviation from ideal KCl line, as well as non-
ionic liquids that show largest deviation from ideal line.  

Walden plot can also be use to evaluate the transport properties of solution electrolytes, for 
instant, lithium salt solutions with low permittivity solvent exhibit larger deviation from idea 
line comparing with the solutions containing high permittivity solvent at the same molar 
concentration, indicates the high permittivity solvent contained solutions regulate lower 
degree of ion association and higher dissociativity of the lithium salt. Figure 2-8 shows the 
concentration dependent Walden plots for [Li(glyme or THF)x][TFSA], by which we invited 
to reappraise the aforementioned ionicity plots. From Figure 2-8 we could observe that none 
of the Walden plots showed linear behavior, and the variations of the slope in the Walden 
plots were very similar to those in the Stokes-Einstein plots of the ions. We could examine the 
consistency of the transport properties from dilute to extremely concentrated state. The break 
points also can be found in Figure 2-8 at [O]/[Li+] ratio of 4 or 5 in the [Li(glyme or 
THF)x][TFSA] mixtures, and the plots with  [O]/[Li+] ~4 or 5 is much near to the ideal lines 
than the others, these behaviors are in accordance with the concentration dependence of the 
ratio of diffusion coefficients. 



 Physicochemical Properties 
!

35!
! !

Figure 2-8. Concentration dependent Walden plots for [Li(glyme or THF)x][TFSA] at 30 °C. 

2.3.4. Raman spectroscopy 

To further understanding transport properties and confusing ionicity behavior as well as the 
dynamical solution properties at a molecular level, the knowledge of the solvation structure of 
the solutes in the solutions by some 
spectroscopy methods is required. Raman 
spectra have been demonstrated as an 
important tool to study the interaction of 
the ions in the solution electrolytes. It was 
reported that the Raman bands of of 740—
750 cm-1 wave number indicate the  
[TFSA]− anion; moreover,  the relative 
greater wave number (~750 cm-1) band is 
a measure of the concentration of Li+–
[TFSA]− associated species,  contact ion-pairs 
(CIP) or aggregation state (AGG), on the 
other hand, the band around 740 cm-1 wave 
number originates from the solvent-separated ion-pairs (SSIP).37!Figure 2-9 illustrates the 
assignment of the Raman band for SNS and C–S stretching modes resolved into Gaussian–

Figure 2-9. Raman spectra of [Li(G2)4/3][TFSA] for 

SNS and C–S stretching modes resolved into 

Gaussian–Lorentzian bands.!
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Lorentzian bands in [Li(G2)4/3][TFSA]. 

Figure 2-10 summarizes the [O]/[Li+] ratio of the 
[Li(glyme or THF)][TFSA] mixtures against the 
variation of the relative intensity of the SSIP or 
AGG+CIP bands from Raman spectra, and Figure 
2-11 presents the illustrations of concentration 
dependence of Raman bands recorded from 
[Li(glyme or THF)][TFSA] mixtures. The 
observed perturbations of the S–N stretching 
mode are mostly due to anion–cation association 
because the anion only interacts weakly with the 
solvent. The intense of the AGG+CIP band 
decreased with the increasing of [O]/[Li+] ratio in 
both THF and glyme systems. Brouillette et al. 
reported the change from CIP or AGG to SSIP 
state of the Li[TFSA]/ G1 and G2 mixtures by the 
Raman spectra and they observed the [O]/[Li+] 
ratio is around 4–6.37 Indeed at 30°C the [O]/[Li+] 
ratio of G2 system equal 5 or 6 ([Li(G2)5/3][TFSA] 
or [Li(G2)2][TFSA]) is solid state and cannot gain 
the ionicity value from the measurement of liquid 
state samples to compare with the other samples. 
The change of the S–N mode bands were 
discontinuous when the number of [O]/[Li+] was 
less than 4. According to these results, we assume that when [O]/[Li+] was less than 4 or 5, the 
major association state of [Li(glyme or THF)][TFSA] mixtures are AGGs or CIPs and ion-ion 
interaction are prevailing. Otherwise, the ion-solvent interaction, the SSIPs state, would be in 
the majority with increase of the solvent to make [O]/[Li+] greater than 4 or 5. 

2.3.5. The ionicity behavior 

The decrease in the ionicity upon dilution is likely common for ether-based [Li(glyme or 
THF)x][TFSA] mixtures, and independent of number of oxygen atoms in the molecules. This 
is reminiscent of our previous results found in aprotic ILs with the addition of solvents with 
relatively low polarity.38,39 It was assumed that self-dissociable IL cations and anions form a 
relatively long-lived aggregate when diluted with low-polar solvents; cation-anion attractive 
forces would be enhanced in the presence of low-polarity solvents, rather than in neat ILs 

Figure 2-10. Variation of the relative intensity of 

the SSIP or AGG+CIP bands with [O]/[Li+] for 

[Li(glyme or THF)][TFSA] mixtures.!
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with well-balanced ionic interactions. Given the maximum ionicity results from an [O]/[Li+] 
ratio of ~4 or 5, these ratios may be sufficient for the dissociation of the solvated Li+ and 
[TFSA]−. In a similar fashion to the mixtures of aprotic ILs and low-polarity solvents, further 
addition of glymes or THF with low permittivity (ε = 7~8)40 may bring about ionic association, 
where the excess solvent would serve as a low dielectric medium. As discussed above, Raman 
spectra of [TFSA]− in [Li(glyme or THF)x][TFSA] (Figure 2-10 and 2-11) indicate that the 
number of either uncoordinated or SSIP-type [TFSA]− species increased upon dilution. 
Therefore, Raman spectra and the lowered ionicity would suggest that loosely-bound ion-
pairs (or ionic aggregates) composed of solvated cations and [TFSA] (i.e., SSIPs) are formed 
in dilute [Li(glyme or THF)x][TFSA] mixtures.  

Such behavior is common for the oligoethers studied in this work. However, this is probably 
not the case for other non-aqueous aprotic solvents with higher permittivity—such as PC (ε 
~64)—where Coulombic attractions between the solvated cation and the counter anions are 
more shielded.41,42 In MD simulations by Borodin et al, a noticeable dynamic correlation of 
ionic motion was found in dilute Li[TFSA] solutions in less polar G1, while completely 
uncorrelated Li+ and [TFSA]− motion was observed in dilute Li[TFSA] solutions in polar 
EC.43,44 

The decrease in the ionicity at an [O]/[Li+] ratio lower than 4 (highly concentrated regime) is 
probably due to the strong association of Li+ with [TFSA]−. In these extremely concentrated 
conditions, [TFSA]− must participate in the solvation of Li+ to satisfy the lowest coordination 
number of 4 for Li+ ions. This gives rise to a long-lived CIP or AGG, as evidencedby the 
Raman band of [TFSA]− in the range of 730–760 cm−1 further shifting to high frequency at an 
[O]/[Li+] ratio less than 4 (Figure 2-10 and 2-11). Hence, Li+ and [TFSA]− migrate 
collectively in the form of a CIP and/or AGG, leading to a drastic decrease in the ionicity. 

Therefore, the ligands (the solvent or the anion) in the first coordination sphere of Li+ ions are 
responsible for the ionicity value in highly concentrated regimes, whereas the dipolar 
properties of the solvent dominate the ionicity in dilute regimes. 
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!
Figure 2-11. Raman spectra of (left) [Li(THF)x][TFSA] and (right) [Li(G4)x][TFSA]. 

2.3.6. The solvent effect on ionicity 

As described above, the ionicity behavior of the binary system consisting of Li[TFSA] and 
solvents will change dependent on the type of the solvent. For the high permittivity solvent 
such as EC or PC, the ionicity of the solutions increase with decrease of the concentration, on 
the other hand, the ionicity exhibits a maximum value at [O]/[Li+]~4 or 5 and further 
decreases by diluting in the ether (glymes or THF) contained solutions. It is well known that 
to the common organic solvent, the ion association constant decrease with dilution and 
ionicity should be increase due to the reducing of ion aggregation or cluster. Herein we 
prepared the mixtures of Li[TFSA] and different kinds of solvent to study the solvent effect 
on ionicity behaviour. Figure 2-12 shows the ionicity change as a function of concentration 
and [O]/[Li+] ratio for the [Li(solvent)x][TFSA] mixtures, and solvents with various properties, 
such as permittivity and donor number (DN) were selected and investigated. The transport 
properties such as density, viscosity and ionic conductivity of these mixtures are listed in the 
appendix and only the dissociativity evaluated by PGSE NMR or Walden plot are 
summarized.  

 

 

 

 

 

 

Figure 2-12. Ionicity (Λimp/ΛNMR or Λimp/Λideal) at 30 °C for [Li(solvent)x][TFSA] mixtures as a function of (Left) 

molar concentration c and (Right) [O]/[Li+] ratio. Lines in the figure are just guides for the eye.  

From Figure 2-12 we could observe the change of ionicity dependent on the type of solvent. 
The [Li(TEP)x][TFSA] mixtures exhibits an similar plot as the [Li(glyme or THF)x][TFSA], 
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and the ionicity of the mixtures with NMP solvent decreases unilaterally upon diluting. It is 
very interesting to found that on the [Li(DMSO)x][TFSA] mixtures the ionicity does not 
charge so much at the concentration range from 0.3 mol dm-3 to 3.3 mol dm-3. The mixtures 
with PC have an ionicity behavior as described before.41 The permittivity of the solvent for 
TEP, NMP, DMSO and PC is 13.1, 32, 46.7 and 64 respectively. It is worth to note that at 
[O]/[Li+] ~4 the ionicity values of the mixtures follows that consequence of the permittivity of 
the solvents. The analogous change of ionicity for TEP and ethers such as THF and G1 may 
attribute to the comparable properties of the solvents. However, the unique plot of NMP or 
DMSO is rather difficult to explain. Although NMP and DMSO belong to the high 
permittivity aprotic solvent as well as carbonate such as PC and EC, diverse dissociativity 
especially in dilute regime may due to the difference of the permittivity. As we know that the 
permittivity of media influences the electrostatic interactions between electric charges, and 
the permittivity of a solvent has a decisive influence on the electrostatic ion-ion and ion-
solvent interactions as well as on the dissolution and dissociation of the electrolytes. The 
difference of the ionicty behaviour would be determined by the different ion-solvent 
interactions, and the solvent effect may give a considerable affection on the solvation of the 
Li[TFSA]. Despite the ionicity behavior of the binary system consisting of Li[TFSA] and 
solvents is unclear, the solvent effect on ionicity of the solutions is observed and further study 
is requisite to reveal this phenomenon. 

2.4. Conclusions 

In conclusion, in order to understand type of solvent and ion-solvent interaction on the 
properties of [Li(glyme or THF)][TFSA] mixtures, a binary system consisting of Li[TFSA] 
and solvents (glyme or THF) covering a continuous range of Li[TFSA]  concentrations were 
prepared. The ionic conductivity of [Li(THF or glyme)][TFSA] solutions changed depending 
on the Li[TFSA] concentration and passed through a maximum at ca. 1 mol dm-3 and the 
viscosity of the solutions monotonically increased as the concentration of Li[TFSA] increased. 
The self-diffusion coefficient of each chemical species in the electrolyte solutions increased 
as the concentration decreased. Dsol in excess glyme solutions was higher than DLi and DTFSA. 
The maximum ionicity (Λimp/ΛNMR) of [Li(glyme or THF)x][TFSA] mixtures was found at a 
concentration range of [O]/[Li+] ~4 or 5, and the ionicity decreased both in the higher and 
lower concentration range. To understand this ionicity behaviour, two solvent effects were 
considered: the solvating effect of the ligands (the solvent and/or the anion) in the first 
coordination shell for the concentrated regime, and the dipolar effect of the solvent in the 
dilute regime. 
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Appendix 

Physicochemical properties of [Li(glyme or THF)x][TFSA] mixtures at 30 °C. 
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�  η d c σ 
Λimp Λimp/ΛNMR 

Diffusion coefficient/10−7cm2s−1 

�  /mPas /gcm−3 /mol dm−3 /mS cm−1 Dsol Dcation Danion 

[Li(G2)1][TFSA] 602.20  1.4680  3.48  0.25 0.07  0.53  0.22  0.21  0.16  

[Li(G2)4/3][TFSA] 176.90  1.4027  3.01  0.62 0.21  0.63  0.48  0.47  0.41  

[Li(G2)4][TFSA] 6.10  1.1734  1.42  7.84 5.52  0.56  23.66  12.67  14.13  

[Li(G2)6][TFSA] 3.16  1.1049  1.01  8.10 8.02  - - - - 

[Li(G2)8][TFSA] 2.33  1.0681  0.79  7.21 9.16  0.42  58.41  27.92  31.42  

[Li(G2)16][TFSA] 1.52  1.0075  0.42  5.24 12.61  0.41  81.42  40.58  43.73  

[Li(G2)20][TFSA] 1.37  0.9909  0.33  4.20 12.73  - - - - 
!

 
η d c σ 

Λimp Λimp/ΛNMR 
Diffusion coefficient/10−7cm2s−1 

 /mPas /gcm−3 /mol dm−3 /mS cm−1 Dsol Dcation Danion 

[Li(G1)3/2][TFSA] 87.70 1.4193 3.36 1.38 0.41 - - - - 

[Li(G1)9/5][TFSA] 47.11 1.3773 3.07 2.88 0.94 0.59 2.84 2.34 1.96 

[Li(G1)2][TFSA] 33.93 1.3523 2.89 3.69 1.27 0.57 4.08 3.25 2.81 

[Li(G1)5/2][TFSA] 17.67 1.2998 2.54 5.75 2.27 0.65 7.21 4.94 4.58 

[Li(G1)3][TFSA] 10.21 1.2561 2.25 6.82 3.03 0.53 13.12 7.98 7.58 

[Li(G1)4][TFSA] 4.65 1.1873 1.83 10.80 5.89 0.42 37.06 18.63 19.04 

[Li(G1)8][TFSA] 1.39 1.0510 1.04 14.13 13.55 0.36 113.80 51.31 51.15 

[Li(G1)16][TFSA] 0.78 0.9630 0.56 9.56 17.16 0.27 192.20 89.73 81.07 

[Li(G1)30][TFSA] 0.60 0.9165 0.31 - - - - - - 
!

�  η d c σ 
Λimp Λimp/ΛNMR 

Diffusion coefficient/10−7cm2s−1 

�  /mPa s /gcm−3 /mol dm−3 /mS cm−1 Dsol Dcation Danion 

[Li(THF)3/2][TFSA] 444.34  1.4697  3.72  0.20  0.05 0.29  0.42  0.26  0.24  

[Li(THF)2][TFSA] 40.18  1.3643  3.16  2.11  0.67  0.46  2.99  2.00  1.93  

[Li(THF)4][TFSA] 4.77  1.2066  2.09  7.23  3.45  0.49  17.10  9.37  9.54  

[Li(THF)6][TFSA] 2.95  1.1486  1.60  8.63 5.41  0.37  41.58  19.27  20.34  

[Li(THF)8][TFSA] 2.05  1.0932  1.27  10.74  8.49  0.30  89.51  36.85  39.95  

[Li(THF)16][TFSA] 0.96  0.9963  0.69  9.61 13.90  0.30  156.80  60.64  64.34  

[Li(THF)20][TFSA] 0.84  0.9751  0.55  7.91 14.03 - - - - 
!
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η d c σ 

Λimp Λimp/ΛNMR 
Diffusion coefficient/10−7cm2s−1 

�  /mPas /gcm−3 /mol dm−3 /mS cm−1 Dsol Dcation Danion 

[Li(G3)4/5][TFSA] 617.44  1.4736 3.43 0.39 0.11  0.71  0.28  0.26  0.17  

[Li(G3)1][TFSA] 187.68 1.4247 3.06  1.10 0.36  0.74  0.77  0.77  0.54  

[Li(G3)6/5][TFSA] 110.98 1.3871 2.77 - - - - - - 

[Li(G3)3/2][TFSA] 61.65 1.3414 2.42 - - - - - - 

[Li(G3)2][TFSA] 28.73  1.2860 2.00  2.31  1.16  0.46  4.28  3.25  3.57  

[Li(G3)4][TFSA] 6.92  1.1610 1.16 3.81 3.28  0.39 17.30 10.50 12.20 

[Li(G3)8][TFSA] 3.74  1.0800 0.63  3.71 5.88 0.41 33.40 18.30 21.00 

[Li(G3)30][TFSA] 2.27 1.0060 0.18 1.30 7.28 0.35 52.40 26.50 30.60 

!

!

!

!

!

!

!

!

!

!

!

!

!

!
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�  η d c σ 
Λimp Λimp/ΛNMR 

Diffusion coefficient/10−7cm2s−1 

 
/mPas /gcm−3 /mol dm−3 /mS cm−1 Dsol Dcation Danion 

[Li(G4)3/4][TFSA] 361.97 1.4534 3.20 0.16 0.05 0.41 0.17 0.18 0.15 

[Li(G4)4/5][TFSA] 297.10 1.4471 3.11 0.55 0.18 0.63 0.41 0.38 0.38 

[Li(G4)1][TFSA] 106.00 1.4000 2.75 1.60 0.58 0.64 1.26 1.26 1.22 

[Li(G4)3/2][TFSA] 47.92 1.3171 2.12 - - - - - - 

[Li(G4)2][TFSA] 27.46 1.2640 1.73 2.34 1.35 0.50 4.21 3.32 3.98 

[Li(G4)4][TFSA] 9.66 1.1550 0.98 3.22 3.28 0.45 13.80 9.18 10.70 

[Li(G4)8][TFSA] 4.83 1.0780 0.52 2.09 4.00 0.40 20.60 12.20 14.90 

[Li(G4)15][TFSA] 4.26 1.4080 0.29 1.33 4.60 - - - - 

   [Li(G4)30][TFSA] 3.50 1.0260 0.15 0.75 5.08 - - - - 

!

!

!

!

!

!
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�  η d M m σ 
Λimp Λimp/Λideal 

� � /mPa�s /gcm-3 /mol dm-3 /mol kg-1 /mS cm-1 

[Li(TEP)2][TFSA] 31.26 1.31  2.03  1.56  0.67  0.33  0.10  
[Li(TEP)4][TFSA] 11.9  1.21  1.21  0.99  3.51  2.91  0.35  
[Li(TEP)8][TFSA] 3.7  1.15  0.66  0.58  4.63  7.02  0.26  
[Li(TEP)16][TFSA] 2.2  1.11  0.35  0.31  3.54  10.23  0.23  

�  η d M m σ 
Λimp Λimp/Λideal 

� � /mPa�s /gcm-3 /mol dm-3 /mol kg-1 /mS cm-1 

[Li(DMSO)2][TFSA] 367.87 1.45  3.34  2.30  0.44  0.13  0.48  
[Li(DMSO)4][TFSA] 25.2  1.37  2.32  1.69  4.03  1.73  0.44  
[Li(DMSO)8][TFSA] 5.3  1.25  1.39  1.11  9.79  7.05  0.38  
[Li(DMSO)16][TFSA] 3.1  1.18  0.77  0.65  9.86  12.74  0.39  
[Li(DMSO)30][TFSA] 2.41  1.14  0.44  0.38  7.15  16.44  0.40  

 η d M m σ 
Λimp Λimp/Λideal 

� � /mPa�s /gcm-3 /mol dm-3 /mol kg-1 /mS cm-1 

[Li(NMP)2][TFSA] 451.82 1.42  2.98  2.10  0.34  0.11  0.52  
[Li(NMP)4][TFSA] 24.7  1.28  1.89  1.48  3.07  1.62  0.40  
[Li(NMP)8][TFSA] 5.3  1.17  1.09  0.93  6.37  5.83  0.31  
[Li(NMP)16][TFSA] 2.9  1.10  0.59  0.54  6.91  11.68  0.34  
[Li(NMP)30][TFSA] 1.79  1.04  0.32  0.31  2.44  7.65  0.14  

�  η d M m σ 
Λimp Λ���/Λideal 

� � /mPa�s /gcm-3 /mol dm-3 /mol kg-1 /mS cm-1 

[Li(DEC)2][TFSA] 24.9 1.33  2.58  1.94  1.07  0.41  0.10  
[Li(DEC)4][TFSA] 4.7  1.20  1.59  1.33  2.96  1.86  0.09  
[Li(DEC)8][TFSA] 1.9  1.10  0.90  0.82  2.30  2.57  0.05  
[Li(DEC)16][TFSA] 1.2  1.04  0.48  0.46  0.73  1.54  0.02  



 

 

 

 

 

 

 

 

 

 

Chapter Three 
Ion-Solvent Interaction and Solvate-Structure Stability of 

the Glyme Based Solvents and Li Salt Mixtures 
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Abstract 

In the concentrated regions where the [O]/[Li+] ratio was adjusted to be 4 or 5, the 
mixtures yielding the solvate ILs could be easily distinguished from the concentrated 
solutions by analyzing the self-diffusion coefficient ratio of Dsol/DLi. Dsol/DLi was always 
greater than 1 in concentrated solutions ([Li(G1 or THF)x][TFSA] mixtures) even when 
the molar concentration was higher than 3 mol dm−3, whereas the solvate ILs ([Li(G3 or 
G4)1][TFSA] and [Li(G2)4/3][TFSA]) showed a Dsol/DLi of ~1, indicating the presence of 
long-lived complex cations. The different stabilities of the complex cations of [Li(glyme 
or THF)x][TFSA] mixtures with an [O]/[Li+] ratio of ~4 or 5 could be explained by the 
chelate effect, where longer glymes are liable to form stable solvate cations, affording a 
high thermal and electrochemical stability. Interestingly, compared to the fact that notable 
decomposition occurred in concentrated [Li(THF)4][TFSA] and [Li(G1)2][TFSA] 
solutions at lower potentials, the oxidative decomposition was greatly suppressed in the 
solvate ILs [Li(G3)1][TFSA] and [Li(G2)4/3][TFSA]. In addition, the solvent dependence 
of solvate-structure stability was studied by comparing the thermal stability and transport 
properties of a series of [Li(solvent)x][TFSA] mixtures with an [O]/[Li+] ratio of ~4. 

 

 

Part of the work presented in this chapter has been published as: 

Zhang, C.; Ueno, K.; Yamazaki, A.; Yoshida, K.; Moon, H.; Mandai, T.; Umebayashi, Y.; 
Dokko, K.; Watanabe, M. J. Phys. Chem. B 2014, 118, 5144-5153. 
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3.1. Introduction 

Understanding the physicochemical properties as well as the internal structure of liquid 
electrolyte has long been an important subject of research on solution chemistry.1-3 
Especially in extremely concentrated electrolytes, the internal forces such as ion-ion, ion-
solvent, and their mutual interactions are very complicated, thus currently no credible 
valid model can give a reasonable account for the experimental results.3,4 Although the 
theoretical works based on empirical extensions of equations for dilute solutions or the 
structure resembling a crystal lattice can be applied to the concentrated solutions, 
numerous limitation and enormous gulf between the conceivable model and practical 
variants still remain. Furthermore, the importance of the highly dense electrolyte systems 
has been becoming a compelling topic in recent year. In particular concerning the high 
energy-density storage devices, in which the high ionic conductive electrolyte with other 
extraordinary properties such as high electrochemical stability, non-volatility, and non-
flammability is considered as an important factor.5-8 

Ionic liquids (ILs) are promising as alternative electrolytes to conventional organic 
solvents for future power sources and other applications owing to their outstanding 
physicochemical properties.9,10 Owing to their remarkable features such as high thermal 
and chemical stability, negligible vapour pressure, and high ionic conductivity, ILs have 
attracted much attention as a new class of electrolyte candidates used in electrochemical 
devices including batteries and electrochemical capacitors.11-13 What’s more, the 
significance of ILs appears on both theoretical and practical aspect. For the theoretical 
study, these solvent-free ILs can be regarded as the extreme case, so that much effort has 
been devoted to cognition of the fundamental electrolyte properties and internal 
interaction.14-19 In more practical topic, lithium-conducting, IL-based electrolyte has great 
potential for the substitution of hazardous electrolytes in order to address recent glowing 
demand for the safety of lithium-ion batteries.  

We have previously found that certain equimolar mixtures of oligoethers (glymes) and 
certain Li salts (LiX) yielded a low-melting (or glass-forming) complex abbreviated as 
[Li(glyme)1]X,20,21 in which strong complexation occurred between all glyme molecules 
and Li+ cations involved, being in form of [Li(glyem)1]+ that behaves like organic cations 
in typical ILs. In recent review paper by Angell et al.,22 ILs have been classified into four 
groups: existing “aprotic”, “protic”, “inorganic” ILs, and a novel, “solvate (or chelate)” 
ILs. Out of these IL families, the “solvate” ILs, for which ligand molecules as a third 
component strongly coordinate the cation and/or anion of salts to form the complex ions, 
would be an important class of the ILs which contains metal cations. 

In coordination chemistry, the stability of complex ions is strongly dictated by the 
structure and property of ligand molecules. Table 3-1 shows the physical properties of 
some common organic solvents.23 As oppose to rich in expertise for a wide variety of 
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ligand-metal salts complexes based on coordination chemistry, little is known about the 
impact of solvent type or feature on the solvate formation and electrolyte properties in 
fused state.24 In this study, we investigate type of solvent and properties of a series of 
concentrated Li salt solutions to understand the ion-solvent interaction and criteria for 
characterizing the solvate ILs. The physicochemical properties of glymes or other solvent 
solutions containing Li[TFSA] are explored and especially the samples have similar 
[O]/[Li+] ratios in stoichiometry and the transport properties were systematically studied. 
Although the enhanced stability of complex ions with multidentate ligands is well known 
through the chelate effect, the studies have been generally performed in dilute solutions or 
in the crystalline state. The main purpose of this investigation was to study the dynamics 
of the chelate effect on the stability of lithium complex cations (i.e., the formation of 
solvate ILs) in extremely concentrated liquid states. The physicochemical properties of the 
concentrated mixtures were explored at constant [O]/[Li+] ratios of 4 or 5, and compared 
with those for the previously reported solvate IL [Li(G3 or G4)1][TFSA]. The study 
demonstrates that the stabilities of complex cations are clearly reflected in their thermal 
and electrochemical properties, as well as the transport properties of these concentrated 
electrolytes. 

Table 3-1. Physical properties of some solvents23  
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3.2. Experimental 

3.2.1. Materials 

Glymes with the chemical structure of CH3—O—(CH2—CH2—O)n—CH3 (n = 1~5) are 
abbreviated as G1~G5 respectively. Monoglyme (G1) and diglyme (G2) were purchased 
from Kishida Chemical (battery grade reagents), and super dehydrated tetrahydrofuran 
(THF) ([H2O] <10 ppm) was purchased from Wako Pure Chemical. Triglyme (G3) and 
tetraglyme (G4) were obtained from Tokyo Chemical Industry and were distilled under 
reduced pressure over sodium metal. Purified pentaglyme (G5) was kindly supplied by 
Nippon Nyukazai and used as received. Dehydrated N-methyl-2-pyrrolidone (NMP) was 
purchased from Kanto Chemical. Li[TFSA] was obtained from Morita Chemical 
Industries and dried under vacuum at 120 °C before use.  

3.2.2 Preparation of mixtures 

The solutions were prepared by mixing the solvent and Li[TFSA] in different molar ratios 
and stirring overnight at room temperature to obtain homogeneous liquids. The mixtures 
were prepared, stored, and handled in an argon-filled glovebox (VAC, [H2O] <1 ppm). 

3.2.3. Methodology and measurements 
1H NMR spectra were recorded by an FT-NMR spectrometer (JEOL JNM-AL 400) at 
30 °C. Chemical shifts for the C-H proton of the pure solvent or the mixtures were 
determined using a double tube (inner: pure solvents or mixtures, outer: DMSO with TMS, 
Shigemi, Tokyo). Raman spectra were measured using a 532 nm laser RMP-300 Raman 
spectrometer (JASCO, Japan) at room temperature between 200−1700 cm−1. All spectra 
were recorded in the liquid state. Raman spectral bands were analyzed for different 
concentrations with baseline correction using a JASCO spectra manager program. 

Thermogravimetric analysis was performed using a TG/TDA 6200 apparatus (Hitachi 
High-tech Science) under a nitrogen atmosphere from room temperature to 550 °C at a 
heating rate of 10 °C min−1. In this study, the thermal decomposition temperature (Td) was 
defined as the temperature of a 5% mass loss in the thermogravimetric curves. Thermal 
properties such as melting were explored using differential scanning calorimetry (DSC) 
with a Seiko Instruments DSC 220C under N2 atmosphere. The samples were tightly 
sealed within aluminum pans in an argon-filled glovebox. The samples were first cooled to 
−150 °C and then heated to 30 °C at heating and cooling rates of 10 °C min-1. The DSC 
was recorded during the heating scans. 

The temperature dependence of viscosity and density were measured using an SVM3000 
viscometer (Anton Paar). Uncertainty of density and viscosity values were ± 0.0005 g 
cm−3 and ± 0.35% respectively. Ionic conductivities of the electrolyte solutions were 
determined by the complex impedance method using an AC impedance analyzer 
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(Princeton Applied Research, VMP2) in a frequency range of 1 Hz–500 kHz at an 
amplitude of 10mV. A conductivity cell possessing two electrodes of platinized platinum 
(TOA Electronics, CG-511B, cell constant = approximately 1 cm−1) was used for 
conductivity measurements. The cell constant for the conductivity measurements was 
determined by calibration with 0.01 M KCl standard solution (Kanto Chemical). The cell 
was placed in a temperature-controlled chamber to ensure thermal equilibrium for at least 
60 min. The relative uncertainty for conductivity values was < 1%. 

The PGSE-NMR measurements were carried out on a JEOL ECX-400 NMR spectrometer 
with a 9.4 T narrow-bore superconducting magnet and a pulsed-field gradient probe. The 
self-diffusion coefficients were measured via the use of a modified Hahn spin echo-based 
PGSE sequence incorporating a pulsed field gradient (PFG) in each τ period. The value of 
Δ (50 ms) and δ (1−10 ms) were set at constant value, whereas g (0−13 T/m) was varied 
for the diffusion measurements. All the results were well described by Stejskal equation, 
and the standard deviations of the diffusion data were less than 5%. The PGSE NMR 
samples were inserted into a NMR micro-tube (BMS-005J, Shigemi) to a height of 3 mm 
to exclude convection. All measurements were performed at 30 °C. 

The oxidative electrochemical stabilities of the binary Li[TFSA]/ether mixtures were 
studied using linear sweep voltammetry (LSV) at a scan rate of 1 mV s−1 in a three-
electrode cell, with Li metal foil as the counter electrode, and a platinum disk (diameter 1 
mm) encapsulated in a shrinkable fluorinated tube as the working electrode. The reference 
electrode was Li metal soaked in 1 mol dm–3 Li[TFSA]/G3 solution, confined in a glass 
tube equipped with a liquid junction (Vycor glass). 

3.3. Results and discussion 

3.3.1. Structures of molten crystalline solvates and relevant highly concentrated 
mixtures 

Mixtures of glymes or THF and Li[TFSA] form crystalline solvates in the concentrated 
regime. Longer glymes such as G3, G4, and G5 tend to form a stable solvate in a 1:1 ratio 
with Li[TFSA].25-27 Crystalline [Li(G3)1][TFSA] and [Li(G5)1][TFSA] possess melting 
points of 20 °C and 67 °C, respectively (Figure 3-1). However, [Li(G4)1][TFSA] did not 
exhibit any thermal events other than a glass transition, which may be due to crystallinity 
gap behavior as reported in related PEO-Li[TFSA] systems.28 The mixtures with the 
shorter G1 and G2 involve a series of intermediate crystalline solvates. The previous 
reports suggested the formation of stable solvates in a 3:1 (Tm = 29 °C), 2:1 (Tm = 20 °C), 
and 1:1 ratio (Tm = 56 °C) for G1-Li[TFSA] mixtures; and a 2:1 (Tm = 83 °C), 1:1 (Tm = 
22 °C), and 1:2 ratio (Tm: not reported) for G2-Li[TFSA] mixtures.29,30 In crystalline 
solvates with THF reported in the literature,31,32 Li+ ions are mostly solvated by four THF 
molecules (four-fold coordination) in the form of [Li(THF)4]+ complex cations. 
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Figure 3-1. DSC thermogram of [Li(G5)1][TFSA] and [Li(G3)1][TFSA] 

Whereas a favorable coordination number for Li+ ions is known to be 4-5 in solution,33 
complexes with six-fold coordination via the oxygen atoms of ether solvents, as observed 
in [Li(G1)3][TFSA], [Li(G2)2][TFSA], and [Li(G5)1][TFSA], seem to be more stable in 
the crystalline state. Indeed, they generally possess a higher melting point than other 
solvates that exhibit four- or five-fold coordination. Because the solvates with four- or 
five-fold coordination possess low melting points, they are appropriate for the prime focus 
of this study. Table 3-2 summarizes the electrolyte properties (viscosity η, density ρ, 
molar concentration, and ionic conductivity σ) of [Li(glyme or THF)x][TFSA] for which 
the ratio of Li+ ions and oxygen atoms of the solvent ([O]/[Li+]) is 4 or 5. 
[Li(THF)4][TFSA], [Li(G1)2][TFSA], and [Li(G2)4/3][TFSA] possess the same [O]/[Li+] 
ratio as that of [Li(G3)1][TFSA]. [Li(G1)5/2][TFSA] can be considered an analog of 
[Li(G4)1][TFSA]. The density and molar concentration are in the order of 
[Li(G3)1]>[Li(G2)4/3]>[Li(G1)2]>[Li(THF)4], which is in accordance with the number of 
the oxygen atoms in each ligand molecule. [Li(G2)4/3][TFSA] shows the lowest ionic 
conductivity, even with a comparable viscosity to that of [Li(G3)1][TFSA]. 

 

 

 

 

 

Figure 3-2. Solvate structures of [Li(G3)1][BETI] (left), [Li(G3)1][TFSA] (center) and [Li(G4)1][TFSA] 

(right). H atoms are omitted for clarity. Pink, Li; red, O; gray, C; blue, N; yellow, S; green, F.8 
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Table 3-2. Viscosity (η), density (ρ), molar concentration (c), ionic conductivity (σ), and Dsol/DLi of the 

[Li(glyme or THF)x][TFSA] mixtures at 30 °C.  

The crystal structures of [Li(G3 or G4)1][TFSA] have not been revealed because of their 
low melting and glass forming character. While strong evidence for the complexation and 
the relevant remarkable properties has been demonstrated as mentioned above. As shown 
in Figure 3-2, the crystal structure of [Li(G3)1][BETI] is available in literature, which is 
considered as an analog of [Li(G3)1][TFSA].34 In the crystalline [Li(G3)1][BETI] all of the 
oxygen atoms in ligand was coordinated to Li+ cation to form a 12-crown-4 ether like 
coordination geometry35 and one oxygen atom from [BETI]− anion was also coordinated to 
Li+ cation, which is defined as contact ion pair (CIP). On the other hand, the coordination 
structures of [Li(G3 or G4)1][TFSA] optimized by ab initio molecular orbital calculation 
indicates that the glyme donates lone pairs of oxygen atoms to Li+ cation, and the ligand 
wraps around the Li+ cation to form a crown ether-like, one-to-one complex cation 
[Li(glyme)1]+.21 The calculated structure of [Li(G3)1]+ complex cation is very similar to the 
crystalline [Li(G3)1][BETI], and [TFSA]− anion is assumed that possesses the same 
chemical configuration with [BETI]− anion. In the light of the above we can speculate that 
the formation of complex cation [Li(glyme)1]+ is available in the equimolar mixture of G3 
or G4 glyme and Li[TFSA].8 

Meanwhile, in the reported single crystal structures of both [Li(THF)4]X31,32 and 
[Li(G1)2]X36,37 with different counter anions X, all the oxygen atoms of the solvent bind to 
the Li+ ion to form the solvated cations [Li(THF)4]+ and [Li(G1)2]+. [Li(THF)4][TFSA] and 
[Li(G1)2][TFSA] would also possess a structurally similar complex cation to each analog 
in their crystalline states, although the actual crystal structure is unknown for these 
solvates. However, as shown in Table 3-2, the Dsol/DLi ratios are greater than 1 for the 

mixtures 
[O]/[Li] 

(-) 

η 

(mPa s) 

ρ 

(g cm−3) 

c 

(mol dm−3) 

σ 

(mS 
cm−1) 

Dsol/DLi 

(-) 

[Li(THF)4][TFSA] 4 5 1.21 2.10 7.2 1.82 

[Li(G1)2][TFSA] 4 34 1.35 2.89 3.7 1.26 

[Li(G2)4/3][TFSA] 4 177 1.40 3.01 0.62 1.02 

[Li(G3)1][TFSA] 4 188 1.42 3.06 1.1 1.00 

[Li(G1)5/2][TFSA] 5 18 1.30 2.54 5.8 1.46 

[Li(G4)1][TFSA] 5 106 1.40 2.75 1.6 1.00 



 Ion-solvent Interaction 
 

53 
 

molten complexes [Li(THF)4][TFSA] and [Li(G1)2][TFSA], as well as the non-
stoichiometric [Li(G1)5/2][TFSA]. These results suggest that the complex cations are 
unstable in the melt, and they possess either uncoordinated solvents or short-lived 
complex cations where ligand exchange takes place rapidly between the solvent and the 
anion in the liquid state. In this respect, the molten state of stable THF and G1 solvates 
such as [Li(THF)4][TFSA] and [Li(G1)2][TFSA] may not be classified as solvate ILs. The 
coordinating or weakly coordinating (highly exchangeable) solvents can screen the strong 
interaction between the ions, thereby reducing the viscosity even in dense electrolytes such 
as [Li(THF)4][TFSA] and [Li(G1)2][TFSA] (see Table 3-2). 

For [Li(G2)4/3][TFSA] (in which the mixed ratio is not stoichiometric to form the isolated 
solvates), the molten mixture of the stable complexes [Li(G2)2][TFSA] and 
[Li(G2)1][TFSA] may account for the almost equivalent diffusivity of the solvents and Li+ 

ions. Because uncoordinated solvents with a long lifetime are scarcely present in the non-
stoichiometric [Li(G2)4/3][TFSA], this molten mixture can be regarded as a solvate IL. In 
the [Li(G2)2][TFSA] crystal structure reported by Henderson et al,27 the Li+ ion is six-
coordinate (by the two G2 molecules), while the [TFSA]− counter anion remains 
uncoordinated in the form of a solvent separated ion pair (SSIP). The crystal structure of 
[Li(G2)1][TFSA] was postulated based on the analogous single crystal structure 
[Li(G2)1][CF3SO3] consisting of binuclear [Li2(G2)2] complexes cross-linked by the two 
anions; each five-coordinate Li+ ion is coordinated by one G2 molecule and by two 
oxygen atoms from the two anions (one each from two anions).38 This dimeric form may 
partially form in the liquid state, and would be responsible for the lower ionic conductivity 
(Table 3-2) and diffusion coefficients of the components in [Li(G2)4/3][TFSA], despite a 
comparable viscosity to that of [Li(G3)1][TFSA].  

From the Dsol/DLi results discussed above, [Li(glyme or THF)x][TFSA] mixtures with an 
[O]/[Li+] ratio of 4 or 5 can be classified into two liquids: concentrated solutions or solvate 
ILs. [Li(THF)4]+ and [Li(G1)2]+ solvate cations were not adequately stable in their molten 
states, and thus [Li(THF)4][TFSA] and [Li(G1)2][TFSA] showed ordinal electrolyte 
solution behavior. In contrast, [Li(G3 or G4)1]+ complex cations adopting crown ether-like 
coordination geometries are long-lived, and behave like an independent cation in [Li(G3 
or G4)1][TFSA] solvate ILs.39 Judging by the thermal stability of [Li(G3 or G4)1][TFSA] 
solvate ILs,4,5 there is no free glyme activity, and the lifetime of the solvates are long 
enough to call them solvate ILs. [Li(G2)4/3][TFSA] behaved as a solvate IL although it is 
not an isolated solvate. It is suggested that solvate ionic liquids are formed when 
Li[TFSA] is mixed with oligoethers possessing ethylene oxide units longer than G2 for the 
[Li(glyme)x][TFSA] mixtures at an [O]/[Li+] ratio of 4 or 5. 
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3.3.2. Chelate effect 

It is clear that the Dsol/DLi ratio correlates to the lifetime of the [Li(glyme or THF)]+ 

complex cations in the liquid state. As mentioned in the previous chapter, the longer 
glymes yield more robust complex cations with Li+, even at the same [O]/[Li] ratio. In this 
part of the study we verified that the chelate effect is effective for [Li(glyme or THF)]+ 
complex cations in the concentrated liquid regime.  

The complex formation constant K is an important parameter quantifying the chelate effect 
and the stability of complexes. Although there are no reports addressing these constants in 
concentrated [Li(glyme or THF)x][TFSA] mixtures, some studies have reported K in dilute 
solutions. The K values for the systems involving lithium picrate (as a spectroscopic probe 
of lithium salts) and the glymes or THF (as a ligand) in 1,4-dioxane solutions have been 
studied by Tsvetanov et al., and the K values were found to be 0.95, 2.1, 8.5, 17.0, and 
24.5 M−1 for THF, G1, G2, G3, and G4, respectively.40 Using fluorenyl lithium as another 
lithium salt probe, the K values of the glymes in 1,4-dioxane solutions were reported to be 
0.055, 3.1, 130, and 240 M−1 for G1, G2, G3, and G4, respectively.41,42 The K likely 
depends on various factors such as the lithium salt probe used, the solvent, and the Li salt 
concentration. Nevertheless, the Dsol/DLi ratios in the concentrated regime and the K 
values studied in dilute solutions correlate well in terms of the number of oxygen atoms in 
the single ligands; significantly lower K values for THF and G1 may be the cause of the 
Dsol/DLi ratio higher than 1, indicating the lower stability of the solvated Li+ ions. This is 
supported by the stabilization energies (ΔEform) studied by computational methods; ΔEform 

for the formation of [Li(glyme)1]+ complexes with the glymes were in the same order: G4 > 
G3 > G2 > G1.43 Molecular dynamics (MD) simulations have also shown that the solvent 
residence time near Li+ ions was more than one order of magnitude longer for pentaglyme 
(G5) than for bidentate G1 and monodentate ethylene carbonate (EC) in dilute Li[TFSA] 
solutions.44 

In a previous study, we estimated the ligand exchange time (τb) between the [Li(G3 or 
G4)1]+ complex and the free glymes in [Li(G3 or G4)2][TFSA] mixtures from 1H NMR 
spectra, where [Li(G3 or G4)2][TFSA] were assumed to be 1:1 mixtures of [Li(G3 or 
G4)1][TFSA] complexes and free glymes. The τb value can be estimated by the following 
equation in limited situations (τb<< (2πδν)−1):45 

 

 

Where W0 and W are the full width at half-maximum (fwhm) of the NMR signals of the 
terminal glyme methoxy proton and [Li(G3 or G4)2][TFSA], respectively. δν is the 
difference in the chemical shift of the end methoxy proton of [Li(G3 or G4)1][TFSA] and 
pure glyme. The τb value for the G3 or G4 systems are 1.9 × 10−4 and 3.6 × 10−4 s 
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respectively.39 We applied the same procedure to the concentrated mixtures of the shorter 
glymes, and the NMR results are shown in Figure 3-3. However, the above equation may 
be invalid for [Li(G2)4/3][TFSA] because of its non-stoichiometric composition. 
Furthermore, we encountered experimental difficulties in NMR measurements of 
[Li(G2)x][TFSA] because the concentrated mixtures were prone to solidification at room 
temperature. For [Li(G1)2][TFSA], τb can be approximated to a timescale of 10−5–10−6 s 
using the above equation, which is much shorter than those reported for [Li(G3 or 
G4)1][TFSA]. It is known that water exchange timescale on Li+ is extremely fast (τb ~10−9 
s).46 Likewise, it can be assumed that τb for the mixtures with monodentate THF is even 
shorter than that for the mixtures with G1 although it is impossible to follow the exchange 
for THF on Li+ by NMR. Thus, we can conclude the order of the lifetimes is G4 > G3 >> 
G1 >> THF. 

 

Figure 3-3.1H NMR spectra for [Li(G1)x][TFSA] at 30 °C. The terminal methoxy protons (-OCH3) of the 

glymes were used for the calculation of τb. W0: full width at half-maximum (fwhm) of the NMR signal for 

pure G1, W: the fwhm of the NMR signal for [Li(G1)x][TFSA] (x = 3–8), δν: the difference in the chemical 

shift of the end methyl proton of [Li(G1)2][TFSA] and pure G1. 

The different ion-solvent interactions based on the chelate effect would also be reflected in 
ion-ion interactions in concentrated mixtures, because there is competition between the 
solvent and [TFSA]− for the interaction with Li+ ions. Figure 3-4 presents Raman spectra 
ranging from 730 to 760 cm−1 for [Li(glyme or THF)x][TFSA] at an [O]/[Li+] ratio of 4. 
The peaks at this frequency range have been assigned to the CF3 bending vibration 
coupled with the S-N stretching vibration of [TFSA]−, and is very sensitive to the Li+–
[TFSA]− interaction.47 The band corresponding toa SSIP or an uncoordinated [TFSA]− 
anion appears at 739–742 cm−1, whereas the band between 745–755 cm−1 originates from 
[TFSA]− bound directly to Li+ ions in the form of a contact ion pair (CIP) or aggregate 
coordination (AGG).30,48 As shown in Figure 3-4, the peak shifted to higher frequency in 
the sequence [Li(THF)4] < [Li(G3)1] < [Li(G2)4/3] < [Li(G1)2]. Except for 
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[Li(THF)4][TFSA], this order correlates with the number of ethylene oxide units in the 
glyme, suggesting that the association of [TFSA]− with Li+ ions is more predominant in 
[Li(G1)2][TFSA] than in [Li(G3)1][TFSA], even at the same [O]/[Li+] ratio. This is 
corroborated by weaker ion-solvent interactions for the shorter G1, as discussed in the 
studies on Dsol/DLi and K. The lowest peak frequency for [Li(THF)4][TFSA] was probably 
due to its lower concentration (2.09 mol dm−3) compared to the other mixtures (~3 mol 
dm−3). The steric hindrance of [Li(THF)4]+—being less crowded than the glyme-based 
complex cations when interacting with [TFSA]−—was also reflected by the lowest peak 
frequency. When the Raman spectra were compared at commensurate concentrations of 
~3 mol dm−3, the peak shifted to higher frequency with decreasing number of oxygen 
atoms in the solvent: [Li(G3)1] < [Li(G2)4/3] < [Li(G1)2] < [Li(THF)2]. 

 

 

 

 

 

 

 

Figure 3-4. Raman spectra of [Li(glyme or THF)x][TFSA] mixtures at an [O]/[Li+] ratio of 4. 

3.3.3. The chelate effect on physicochemical properties 

In this section, we demonstrate how the stability of the complex cation arising from the 
chelate effect correlates with the properties of the concentrated [Li(glyme or 
THF)x][TFSA] mixtures. Generally, solvate ILs should possess high thermal stability—as 
is typical for ILs— owing to the strong complexation between Li+ ions and the ligands. 
The thermal decomposition temperature (Td) and its difference (ΔTd) from Td of the pure 
solvents of the [Li(glyme or THF)x][TFSA] mixtures at [O]/[Li+] ratio of 4 or 5 were 
studied by thermogravimetric analysis, and are shown in Figure 3-5. It is apparent that the 
relatively low Td and ΔTd values for [Li(THF)x][TFSA] and [Li(G1)x][TFSA]—which are 
not solvate ILs—are attributed to the high volatility of the uncoordinated or weakly 
interacting solvents found in these solution-like mixtures. However, for the other mixtures 
exhibiting Dsol/DLi ~1, ΔTd is more pronounced, and the thermal stability is dramatically 
improved by the strong complexation between Li+ ions and the longer glymes such as G2, 
G3, and G4, yielding solvate ILs. The ΔTd of [Li(G3)1][TFSA] ([O]/[Li+] = 4) was slightly 
higher than that of [Li(G4)1][TFSA] ([O]/[Li+] = 5), implying that the coordination 
number of 4 offers the most thermally stable conditions. 
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Figure 3-5. The thermal decomposition temperature (Td) and its difference (ΔTd) from Td of the pure 

solvents of [Li(glyme or THF)x][TFSA] mixtures. 

Figure 3-6 illustrates linear sweep voltammograms at a Pt electrode for the [Li(glyme or 
THF)x][TFSA] concentrated mixtures. Interestingly, almost no current is detected below 
4.5 V vs. Li/Li+ for the solvate ILs [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA], whereas 
obvious current flow can be seen at potentials higher than 4 V vs. Li/Li+ for 
[Li(THF)4][TFSA] and [Li(G1)2][TFSA]. The ether solvents oxidatively decomposed at 
lower potentials in the solution-like [Li(THF)4][TFSA] and [Li(G1)2][TFSA]. However, 
the formation of the stable complex cation in the lithium solvate ILs [Li(G2)4/3][TFSA] 
and [Li(G3)1][TFSA] lowers the HOMO energy level of the oligoether solvents, and thus 
effectively suppresses the oxidative decomposition.5 

 

 

 

 

 

 

 

 

Figure 3-6. Linear sweep voltammograms of [Li(glyme or THF)x][TFSA] at scan rate 1 mV s−1 at 30 °C. 

The properties of [Li(G2)4/3][TFSA] and [Li(G3 or G4)1][TFSA] discussed above are all 
ascribed to the formation of stable complex cations. Therefore, the present lithium solvate 
ILs have many desirable properties such as high thermal and electrochemical stability, and 
high Li+ concentration; they are therefore promising electrolytes for not only lithium ion 
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batteries, but also high-energy density batteries such as lithium-sulfur and lithium-air 
batteries. 

3.3.4. The physicochemical properties of other mixtures 

Because some solvents such as THF have high electron pair donor ability, the mixture of 
alkali metal salts and these solvent molecules with/without some ligands often construct a 
characteristic complex.49-51 Regarding these circumstances on the basis of coordination 
chemistry, it can be anticipated that other solvent with high donor ability also coordinate 
to Li+ cation resulting in formation of a complex, and a system involving solvated Li+ 

cations and dissociated anions may be able to count as a kind of solvate ionic liquid. 
Table 3-1 in the introduction section lists the physical properties of some common 
solvents for electrolyte and most of them exhibit high donor ability. 

The mixtures of solvent and Li[TFSA] are prepared with [O]/[Li+] ~4, and transport 
properties of these samples are shown in Table 3-3. Comparing with typical solvate ILs, 
these mixtures show low lithium concentration, low viscosity and high ionic conductivity. 
As well as we know there is no report addressing the ionic nature of these extremely 
condensed electrolyte solutions with such solvent compounds minutely and systemically. 
Herein we discussed the binary mixtures of Li[TFSA] and various kinds of solvent as an 
archetype of extremely concentrated carbonate-Li salt electrolyte systems from the 
viewpoint of coordination chemistry. The practical solvent, such as NMP shows higher 
donor capability than glymes and THF, from which one may expect that the concentrated 
NMP-Li salt solutions may has stable complex cations like solvate ILs. 

Table 3-3. Viscosity (η), density (ρ), molar concentration (c), ionic conductivity (σ) and ionicity (Λimp/ΛNMR 

or Λimp/Λideal) of the [Li(solvent)x][TFSA] mixtures at 30 °C.  

We selected the thermal properties of the mixtures to exam the stability of the solvate 
cations, which has been demonstrated in the aforementioned section. The thermal stability 
studied by thermogravimetric analysis are summarized and shown in Figure 3-7. The 

mixtures 
[O]/[Li] 

(-) 

η 

(mPa s) 

ρ 

(g cm−3) 

c 

(mol dm−3) 

σ 

(mScm−1) 

Λimp/ΛNMR 

(-) 

[Li(DEC)4][TFSA] 4 4.7 1.20 1.59 1.07 0.09 

[Li(THF)4][TFSA] 4 4.77 1.21 2.09 7.23 0.49 

[Li(G1)2][TFSA] 4 34 1.35 2.89 3.7 0.58 

[Li(NMP)4][TFSA] 4 24.7 1.28 1.89 3.1 0.40 

[Li(PC)4][TFSA] 4 60.4 1.43 2.05 2.34 0.61 
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difference of the thermal decomposition temperature (ΔTd) for [Li(solvent)x][TFSA] 
mixtures versus the donor number (DN) of the solvent has been revealed. It is interesting 
to find that there is a correlation for donor ability of the solvent and improvement of the 
thermal stability of the solvent contained mixtures, and thus the enhanced thermal stability 
of the mixture could be attribute to the formation of stable solvate in the mixtures. As we 
know, DN is a value come from an empirical semi-quantitative measure of the 
nucleophilic properties of the solvents and indicates the electron pair donor ability of the 
ligand in the formed complex. The formation of the solvent-Li solvation contributes to 
improving the solvate stability, and the solvate-structural stability is also corresponding to 
the ion-solvent interaction. It is noteworthy that in Figure 3-7 the plots of solvate ILs are 
upon the trend line, which means the chelate effect in solvate ILs reinforce the stability of 
the complex cation although the glymes have relative lower DN than some other solvents. 
In the cases of solvate ILs, Li+ solvation with glymes (i.e. G3 or G4) occurs 
intramolecularly and the activation energy was ca. 68 kJmol-1.52 The desolvation process 
of the solvate cations Li(G3 or G4)1]+ should be difficult that the desolvation reactions of 
the glymes occur step by step, and the last desolvation process between Li+ and an ether-
oxygen dipole appears to be the activation barrier for the reactions. 

 

 

 

 

 

 

 

 

Figure 3-7. (Left) Difference of the thermal decomposition temperature (ΔTd) for [Li(solvent)x][TFSA] 

mixtures versus the donor number (DN) of the solvent. (Right) Ionicity (Λimp/ΛNMR or Λimp/Λideal) of the 

[Li(solvent)x][TFSA] mixtures versus the dielectric constant (ε) of the solvent. Lines in the figure are just 

guides for the eye. 

For the compare of the dissociativity, another trend line is drawn in the ionicity (Λimp/ΛNMR 
or Λimp/Λideal) of the [Li(solvent)x][TFSA] mixtures versus the dielectric constant (ε) of the 
solvent (Figure 3-7). High ionicity (> 0.6) can be achieved in solvate ILs with high molar 
concentration of lithium. On the other hand, the concentrated mixtures have a lower 
ionicity even including some high permittivity solvent such as PC or NMP. Indeed the 
ionicity is high related to the solvent in the dilute Li[TFSA] contained electrolytes.53 
However, in extreme concentrated electrolytes most of the solvent molecules was served 
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as ligands rather than solvents and took part in formation the complex cations. The stable 
complex cations in solvate ILs may reduce the degree of ion association, and the ligands 
(the solvent or the anion) in the first coordination sphere of Li+ are responsible for the 
ionicity value in these mixtures. Although we do not understand these unique behaviors of 
ionicity and dissociation mechanism clearly, high ionicity is beneficial in some aspect 
because it can cover the slower lithium transport caused by high viscosity and would be a 
favorable aspect for alternative lithium battery electrolytes to replace common non-
aqueous systems. 

3.4. Conclusions 

In this study, the effect of the solvent nature on the properties of [Li(glyme or 
THF)x][TFSA] mixtures were studied. In concentrated regions where the [O]/[Li+] ratio 
was adjusted to be 4 or 5, the mixtures yielding the solvate ILs could be distinguished 
from the concentrated solutions by analyzing the self-diffusion coefficient ratio Dsol/DLi; 
the ratio was always greater than 1 in concentrated solutions ([Li(G1 or THF)x][TFSA] 
mixtures) even when the molar concentration was higher than 3mol dm−3, whereas the 
solvate ILs ([Li(G3 or G4)1][TFSA] and [Li(G2)4/3][TFSA]) showed a Dsol/DLi of ~1, 
indicating long-lived complex cations. The chelate effect explained differences in the 
stability of the complex cations amongst [Li(glyme or THF)x][TFSA] mixtures with an 
[O]/[Li+] ratio of ~4 or 5. The stable solvate cations could be formed with longer glymes, 
and afforded high thermal and electrochemical stability. The solvate ILs [Li(G3)1][TFSA] 
and [Li(G2) 4/3][TFSA] significantly suppressed oxidative decomposition, whereas notable 
decomposition occurred in concentrated [Li(THF)4][TFSA] and [Li(G1)2][TFSA] 
solutions at lower potentials. It was also revealed that the effect of solvent (or ion-solvent 
interaction) on the stability of the solvate cations in the concentrated [Li(solvent)x][TFSA] 
mixtures. 
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Chapter Four 

Application of Glyme Based Solvents and Li Salt Mixtures for 
Rechargeable Lithium Batteries 
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Abstract 

The [Li(glyme or THF)x][TFSA] mixtures were then investigated as electrolytes for Li-ion 
and Li-S batteries. The oxidative stability of molten solvates of [Li(glyme or THF)x][TFSA] 
([O]/[Li+] ~ 4) changes depending on the structural stability of [Li(glyme or THF)x]+. For 
instance, comparing with [Li(G1)2]+ and [Li(THF)x]+, complex cation [Li(G3)1]+ with 
tetradentate ligands is rather stable owing to the chelate effect. The performance of Li-LiCoO2 
cell is affected significantly by the oxidative stability of the electrolytes. The cell with 
[Li(G3)1][TFSA] electrolyte showed a good cycle stability with a high Coulombic efficiency, 
while the degradation of performance due to the oxidative decomposition of the solvents was 
observed in the case of [Li(THF)4][TFSA] and [Li(G1)2][TFSA]. In addition to the oxidative 
stability, the corrosion of the Al current collector is also affected by the solvate cation 
stability of [Li(glyme or THF)x][TFSA]. The surface reactions at the Al current collector were 
investigated by cyclic voltammetry (CV) and scanning electron microscope (SEM). The result 
indicated that the corrosion process involves the electrochemical oxidation of the ether 
solvents on Al/Al2O3 and the dissolution of Al (III) compounds in the electrolyte. The rate of 
corrosion reaction in [Li(THF)4][TFSA] and [Li(G1)2][TFSA] is much faster than that in 
[Li(G3)1][TFSA]. Consequently, the corrosion of the Al current collector in Li-LiCoO2 cell 
causes the fade of discharge capacity and the low Coulombic efficiency of charge-discharge 
of the cell. The solubility of Li2Sm, which is a reaction intermediate of sulfur cathode of Li-S 
battery, changes dramatically depending on the stability of complex [Li(glyme or THF)x]+ 

cation in the electrolyte. The stable molten [Li(G3)1][TFSA] solvate has a very low solubility 
of Li2Sm, while the unstable molten solvates such as [Li(THF)4][TFSA] and [Li(G1)2][TFSA] 
can dissolve Li2Sm in high concentrations. The free or highly exchangeable solvent molecules 
in [Li(THF)4][TFSA] and [Li(G1)2][TFSA] are expected to contribute to the solvation of the 
Li2Sm. In contrast, the [Li(G3)1][TFSA] hardly contains free solvent to dissolve Li2Sm. The 
solubility of Li2Sm affects the charge-discharge efficiency of Li-S cell because the dissolved 
Li2Sm behaves as a redox shuttle between cathode and anode, leading to a low Coulombic 
efficiency and capacity decay during charge-discharge cycles. The suppressed solubility of 
Li2Sm in [Li(G3)1][TFSA] electrolyte is favorable for the stable operation of a Li-S battery. 

 

 

Part of the work presented in this chapter has been published as: 

Zhang, C.; Yamazaki, A.; Murai, J.; Park, J. –W.; Mandai, T.; Ueno, K.; Dokko, K.; 
Watanabe, M. J. Phys. Chem. C 2014, 118, 17362-17373. 
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4.1. Introduction 

Ethers have been widely used as non-aqueous solvents for electrolyte solutions of various 
metal salts because of their relatively strong solvation ability. In solutions, the lone pairs of 
ether oxygens are donated to the metal cation, forming solvate cations. Glymes are oligoethers 
with multiple ether-oxygens in a single molecular structure. They are chemically stable, less 
volatile, and capable of dissolving Li salts in high concentrations. Recently, glymes have 
attracted much attention as electrolyte solvents in Li-ion batteries1 and high energy density 
batteries such as Li-S2 and Li-O2.3 In these batteries, chemical stability to reactive 
intermediates and low volatility are essential properties for the electrolyte. Mixtures of glymes 
and Li salts have long been studied as a model of poly(ethyleneoxide) (PEO)-based polymer 
electrolytes.4-6 Interestingly, appropriate combinations of glymes and Li salts yield isolated 
solvates in certain molar ratios. Henderson et al. systematically studied the crystal structures 
of these solvates in the solid state,7-11 and they determined that the coordination number of Li+ 
in the glyme-Li salts binary mixtures is in the range of 4–6. 

Our group has focused on the solvates composed of glymes and alkali metal salts in a “molten” 
state.12-14 Glyme-based solvates tend to be low melting, and some mixtures are liquid at room 
temperature. This is significantly different from the properties of well-known crown ether 
complexes15-17 and allows us to apply these molten complexes to battery electrolytes.18 Among 
the molten complexes, the most representative is the equimolar mixture of triglyme (G3) and 
lithium bis(trifluoromethanesulfonyl)amide (Li[TFSA]), abbreviated as [Li(G3)1][TFSA] 
(melting point Tm = 23 °C).19 G3 with four coordination sites per molecule adopts a crown 
ether-like conformation to form a 1:1 complex cation [Li(G3)1]+.As the long-lived [Li(G3)1]+ 
behaves as an independent cation in the molten state, [Li(G3)1][TFSA] showed properties 
similar to those of conventional ionic liquids (ILs), such as non-flammability, negligible 
vapor pressure (at lower than 100 °C), relatively high ionic conductivity, and a wide 
electrochemical window.13 These types of room-temperature molten complexes were recently 
named “solvate” ILs.20 We have demonstrated that the solvate ILs can be used as efficient 
electrolytes for Li-ion,21,22 Li-S,23,24 Li-O2

25 batteries, and other electrochemical devices. 

Understanding the structure-property relationships for solvate ILs is important in the 
development of more effective electrolytes for high-energy storage batteries, especially for 
Li-S and Li-O2 cells, where conventional carbonate-based organic electrolyte solutions cannot 
be used. To this end, a variety of concentrated mixtures with different Li salts and glymes 
have been investigated. The counter anion, X−, of Li salts has a crucial effect on the stability 
(lifetime) of the complex [Li(glyme)1]+ cation26 because the solvent and X− compete for 
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interactions with the Li+ ions. The complex cation became more stable (with longer lifetime) 
as the Lewis basicity of X− decreased.  

In addition to the anionic effect, the stability of the complex cations was also governed by 
ligand species (or solvents). In earlier work, we prepared a series of highly concentrated, 
binary mixtures of glymes (monoglyme (G1), diglyme (G2), triglyme (G3), tetraglyme (G4), 
or pentaglyme (G5)) and Li[TFSA].27 For comparison, tetrahydrofuran (THF)-Li[TFSA] 
binary mixtures were also studied. Owing to the chelate effect, the longer glymes formed 
more stable complex [Li(glyme)x]+ cations with longer lifetimes in the molten solvates. 
Although well-defined crystalline structures were reported in stoichiometric compositions 
with shorter glymes (such as G1),7 the complex cations were no longer stable in the melt. The 
structural stability of the complex cations was found to have a significant influence on the 
physicochemical properties such as thermal stability, oxidative stability, and transport 
properties of the binary mixtures.27 

However, to gain further insight into the effects of the structural stability of glyme-Li+ 
solvates in electrolytes on the electrochemical reactions in Li batteries, more detailed 
investigations are required. Herein, we report that the oxidative stability of [Li(glyme or 
THF)x][TFSA] has an effect on the charge-discharge cycle stability of the Li-LiCoO2 cell 
(LiCoO2 is a popular cathode material of Li-ion batteries). Furthermore, we found that a side 
reaction, corrosion of the Al current collector of the cathode, takes place depending on the 
composition of the electrolytes. The electrochemical reactions in Li-S cells were also 
investigated. The solubility of lithium polysulfides (Li2Sm, 2 ≤ m ≤ 8), which are intermediate 
products during discharge reactions in Li-S cells, is governed by the stability of the complex 
[Li(glyme)x]+ cation in the electrolytes, and this consequently affects the charge-discharge 
efficiency of the Li-S cell. This study demonstrates that the stability of complex [Li(glyme)x]+ 

cations in electrolytes has a significant impact on the performance of Li batteries. 

4.2. Experimental 

4.2.1. Electrolytes 

Purified glymes (G1, G2, and G3) were purchased from Kishida Chemical, and super 
dehydrated THF ([H2O] < 10 ppm) was purchased from Wako Pure Chemical. Li[TFSA] was 
purchased from Morita Chemical Industries and dried under high vacuum at 120 °C prior to 
use. The electrolytes were prepared by mixing the appropriate amount of solvent (glyme or 
THF) and Li[TFSA], and the mixtures were stirred overnight at room temperature to obtain 
homogeneous liquids. Hereafter, the electrolytes are abbreviated as [Li(glyme or 
THF)x][TFSA]. The electrolytes were prepared, stored, and handled in an argon-filled glove 
box (VAC, [H2O] < 1 ppm).  
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4.2.2. LiCoO2 Composite Electrode 

LiCoO2 powder was kindly supplied by AGC Seimi Chemical and used as received. 
Acetylene black (AB, Denki Kagaku Kogyo) and poly(vinylidene fluoride) (PVDF, Kureha 
Chemical) were used as an electrically conductive additive and a binder polymer, respectively. 
The preparation procedure for the composite electrode was described elsewhere.13 The mass 
ratio of LiCoO2/AB/PVDF was 85:9:6, and a LiCoO2–AB–PVDF composite slurry was 
spread on an Al foil current collector and dried completely. The prepared LiCoO2–AB–PVDF 
composite/Al sheet was cut into a circular shape (16 mm diameter) and subjected to a battery 
test. The thickness of the prepared electrode was ~17 µm, and the mass of the active material 
was ~5.9 mg. 

4.2.3. Carbon/Sulfur Composite Electrode 

Ketjen black (KB, Lion Corporation), a porous carbon with high specific surface area of 1270 
m2g−1, and elemental sulfur (Wako Pure Chemical Industries) were used to prepare the C/S 
porous composite electrode. Poly(vinyl alcohol) (PVA, average degree of polymerization 
3100–3900, saponification degree 86–90 mol%, Wako Pure Chemical Industries) was used as 
a binder polymer. The procedure for the electrode preparation was described in detail in our 
previous papers.28,29 The mass ratio of S/KB/PVA was 60:30:10, and an S–KB–PVA 
composite slurry was spread on an Al foil current collector and dried completely. The 
prepared composite sheet was cut into a circular shape (16 mm diameter) and compressed at 
100 kg f cm-2 using a hydraulic press. The thickness of the composite sheet on the Al was ~15 
µm, and the mass of S on the sheet electrode was ~1.2 mg.  

4.2.4. Battery Test 

Coin cells (2032 type) were fabricated in the Ar-filled glovebox. A cathode sheet, porous 
glass separator (GA 55, Advantec), Li foil anode, and an electrolyte were encapsulated in a 
coin cell. The electrolyte penetrated into the voids of the porous separator and porous 
composite cathode during cell fabrication. The total electrolyte volume is ca. 36µL in the 
cells. The galvanostatic charge-discharge measurements for Li-LiCoO2 and Li-S cells were 
conducted using electrochemical analyzers (VMP2, BioLogic and BTS-2004, Nagano) at 
30 °C. In the case of the Li-LiCoO2 cell, the cell was prepared in a fully discharged state. The 
specific capacity of the cell was calculated based on the mass of LiCoO2. Based on the mass 
of LiCoO2, the gravimetric current density of 137 mA g−1 was defined as a 1 C rate, which 
corresponds to a geometric current density of 0.4 mA cm−2. In the case of the Li-S cell, the 
cell was prepared in a fully charged state, and the charge-discharge cycle is defined as follows: 
first discharge → second charge → second discharge → third charge → third discharge, and 
so on. The Coulombic efficiency was defined as: (Nth discharge capacity) / (Nth charge 
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capacity). The specific capacity of the cell was calculated based on the mass of sulfur, and the 
gravimetric current density of 1672 mA g−1 was defined as the 1 C rate, which corresponds to 
a geometric current density of ~1 mA cm−2. The surface morphology change of the Al current 
collector by corrosion was observed using a scanning electron microscope (SEM) (S-2000, 
Hitachi High-Technologies). 

4.2.5. Estimation of Solubility of Lithium Polysulfide 

The solubility of S8and Li2Sm in the electrolytes were determined using a UV-Vis 
spectrophotometer (UV-2500PC, Shimadzu).28 The absorbance at 266 nm correlates linearly 
with the concentrations of S8. The electrolytes were saturated by mixing them with an 
excessive amount of S8 at 60 °C for 24 h with vigorous stirring and then maintaining them at 
30 °C for 48 h without stirring. The electrolytes saturated with Li2Sm were prepared as follows. 
Appropriate amounts of S8 and Li2S powder were placed in a vial containing an electrolyte 
and reacted at 60 °C for 100 h with stirring. Li2Sm was generated during the stirring owing to 
the direct reaction of Li2S with S8 (8Li2S + (m − 1) S8 → 8Li2Sm).30 After that, the electrolyte 
was maintained at 30 °C for 48 h without stirring, and the electrolytes were then assumed to 
be saturated with Li2Sm based on the precipitation observed at the vial bottom. The supernatant 
liquid was subjected to UV-Vis spectroscopic analysis. The solubility limit of Li2Sm was 
measured by the reported procedure with a two-compartment cell and electrochemical 
oxidation of Li2Sm to S8 followed by quantification of the converted S8 using UV-Vis 
spectroscopy.28 

4.3. Results and Discussion 

4.3.1. Electrolytes for Li-LiCoO2Cells 

To comparatively study electrochemical reactions in cells with different electrolytes, the ratio 
of ether-oxygen atoms and Li+ ([O]/[Li]) in the electrolytes was adjusted to four. A favorable 
coordination number for Li+ ions is known to be between four and five in solution.31,32 
Therefore, all the solvent molecules in the [Li(glyme or THF)x][TFSA] with [O]/[Li] = 4 were 
expected to be involved in the solvation of Li+ ion. In previous work, we reported the 
fundamental transport properties of [Li(glyme or THF)x][TFSA] with [O]/[Li] = 4.27 The ionic 
conductivities (30 °C) were 7.2, 3.7, 0.62, and 1.0 S cm−1 for [Li(THF)4]+, [Li(G1)2]+, 
[Li(G2)4/3]+, and [Li(G3)1]+, respectively. The higher conductivity of [Li(glyme or 
THF)x][TFSA] with shorter ethers arose from their lower viscosities: 4.8, 34, 177, and 184 
mPa s at 30 °C for [Li(THF)4]+, [Li(G1)2]+, [Li(G2)4/3]+, and [Li(G3)1]+, respectively. 

Figure 4-1 shows the galvanostatic charge/discharge curves of [Li anode |[Li(glyme or 
THF)x][TFSA] electrolytes | LiCoO2 cathode] cells measured in the cell voltage range from 
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3.0 V to 4.2 V. Because of its low conductivity, a cell test with [Li(G2)4/3][TFSA] was not 
performed. The theoretical capacity of LiCoO2 in this voltage range is 137 mA h g−1 based on 
the electrochemical reaction: 

LiCoO2 ⇄ Li0.5CoO2 + 0.5Li+ + e– 

Charge/discharge measurements were carried out at a gravimetric current density of 17 mA g-

1, which corresponds to a geometric current density of 50 µA cm–2. During the 
charge/discharge, the Li+ ions are reversibly 
extracted/inserted from/into the layered 
structure of the LiCoO2. The cells with 
[Li(G1)2][TFSA] and [Li(G3)1][TFSA] 
showed reversible and stable charge/discharge 
behaviors, and the charge and discharge 
capacities are close to the theoretical value, 
although the former cell exhibited rapid 
capacity decay. As can be seen in Figure 4-1, 
the charge and discharge voltage plateaus of 
the cell with [Li(G3)1][TFSA] are slightly 
higher and lower, respectively, than those of 
the cell with [Li(G1)2][TFSA]. This suggests 
that the internal resistance of the cell with 
[Li(G3)1][TFSA] is higher than that with 
[Li(G1)2][TFSA].This can be attributed to the 
lower ionic conductivity of [Li(G3)1][TFSA] 
compared to [Li(G1)2][TFSA].27 In contrast to 
the reversible charge/discharge behavior 
observed in cells with [Li(G1)2][TFSA] and 
[Li(G3)1][TFSA], cells with 
[Li(THF)4][TFSA] had capacities that rapidly 
decayed through repeated charge/discharge 
reactions (vide infra). 

 

 

 

 

(a) 

(b) 

(c) 

Figure 4-1. Charge/discharge curves of Li metal anode |[Li(glyme or 

THF)x][TFSA] electrolyte| LiCoO2 cathode cells with a constant 

current density of 50 µA cm-2 (1/8 Crate) at 30°C; (a) 

[Li(G3)1][TFSA], (b) [Li(G1)2][TFSA], (c) [Li(THF)4][TFSA]. 

!
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It is well known that ethers oxidatively decompose at ~4V versus Li/Li+.1 Therefore, ether-
based electrolytes have not been used for practical 4 V class Li ion batteries. However, the 
cells with [Li(G1)2][TFSA] and [Li(G3)1][TFSA] could be charged and discharged repeatedly 
for more than 100 cycles (Figure 4-1a and b). This suggests that undesirable oxidative 
decomposition was greatly suppressed in those cells. In the case of the equimolar complex of 
[Li(G3)1][TFSA], the strong electric field of the Li+ ion polarizes the glyme oxygens through 
complexation, and lowers the HOMO energy level of the glyme.13 Additionally, free (un-
coordinating) G3 scarcely exists in [Li(G3)1][TFSA] at a 1:1 composition. Therefore, 
[Li(G3)1][TFSA] does not decompose even at a high electrode potential of ~4.5 V versus 
Li/Li+, resulting in stable operation of the LiCoO2 cathode, but the cell with [Li(G3)4][TFSA] 
containing excess glymes cannot be operated because of the decomposition of the un-
coordinating G3, as shown before.13 Likewise, the oxidative stability of G1 can be enhanced 
in the form of [Li(G1)2]+. The anodic limit of [Li(G1)2][TFSA] was ~4.3 V,27 which is higher 
than the charging potential of the Li-LiCoO2 cell. However, the anodic limit of 
[Li(G1)2][TFSA] is lower than that of [Li(G3)1][TFSA]. This is due to the instability of the 
solvate structure of [Li(G1)2]+ compared to that of [Li(G3)1]+. The lower oxidative stability of 
the G1-based solvate leads to a lower Coulombic efficiency for the discharge/charge 
capacities of the Li-LiCoO2 cell (vide infra). 

As pointed out above, the charge and discharge capacities of the cell with [Li(THF)4][TFSA] 
faded rapidly as the cycle number increased, suggesting unfavorable side reactions took place 
in the cell (Figure 4-1c). One may expect that all of the THF molecules participate in the 
solvation of Li+, and no free THF exist in [Li(THF)4][TFSA]. However, as reported in our 
previous paper,27the lifetimes of [Li(G1)2]+ and [Li(G3)1]+ in solutions with an excess of 
glymes were estimated to be in the ranges of 10−6 ~ 10−5 s and 10−4 ~ 10−3 s, 
respectively.Clearly, the smaller the number of ether oxygens the solvent has, the faster the 
ligand exchange rate becomes. This implies that the lifetime of [Li(THF)4]+ with a 
monodentate ligand is much shorter than 10−6 s. Even in further concentrated 
[Li(THF)3][TFSA] and [Li(THF)2][TFSA] systems, the ligand exchange rate would be faster 
than that in [Li(G3)1][TFSA].27 This is attributed to the instability and short lifetime of the 
solvate structure of [Li(THF)x]+. During fast ligand exchange in [Li(THF)4][TFSA], free THF 
should be generated, and the free THF can be electrochemically oxidized at a lower electrode 
potential. The oxidative decomposition of [Li(THF)4][TFSA] started at an electrode potential 
of 4.0 V versus Li/Li+.27 As a result, the free THF cannot withstand the charging potential (4.2 
V) of the LiCoO2 cathode, and this is a possible reason for the cell performance degradation 
(Figure 4-1c). The Coulombic efficiencies of the charge/discharge capacity of Li-LiCoO2 
cells are shown in Figure 4-2. The cell with [Li(G3)1][TFSA] exhibited a Coulombic 
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efficiency higher than 99% throughout the 100 cycles. For the initial 50 cycles, the 
Coulombic efficiency of the cell with [Li(THF)4][TFSA] was lower than 97%, while that of 
the cell with [Li(G1)2][TFSA] was greater than 99%. This result clearly indicates that the 
stability of the solvate structure of [Li(glyme or THF)x]+ has an important impact on the 
oxidative stability of the electrolyte and charge/discharge cycle stability of the battery. After 
50 cycles, the Coulombic efficiency of the cell with [Li(G1)2][TFSA] also decreased 
gradually, indicating irreversible side reactions in the cell. This result can be attributed to poor 
anodic stability of [Li(G1)2][TFSA] on LiCoO2 or LixCoO2, which is well-known in 
conventional electrolytes for Li-ion batteries.1,33 

 

 

 

 

 

 

 

Figure 4-2.Coulombic efficiency of Li metal anode |[Li(glyme or THF)x][TFSA] electrolyte| LiCoO2 cathode 

cells with a constant current density of 50 µA cm-2 (1/8 Crate) at 30°C. 

4.3.2. Corrosion of Al Current Collector 

In addition to the irreversible decomposition of the electrolytes, the corrosion of the Al 
current collector in the cathode may take place in Li-LiCoO2 cells. It is well known that Al 
electrode corrodes at ~3.8 V versus Li/Li+ in Li[TFSA]-containing electrolytes,34-36 which 
prevents the practical use of Li[TFSA]-containing electrolytes for lithium ion batteries. 
Nevertheless, as shown in Figure 4-1a, the Li-LiCoO2 cell can operate with the solvate IL, 
[Li(G3)1][TFSA], for more than 100 cycles. The severe Al corrosion was inhibited in this 
electrolyte. This fact prompted us to investigate whether Al corrosion can be suppressed in the 
electrolyte containing [TFSA]– and if the corrosion rate may be affected by the electrolyte 
composition. 

To examine Al corrosion, cyclic voltammetry of Al foil was carried out using a cell with 
[Li(glyme or THF)x][TFSA] electrolyte, as shown in Figure 4-3. Almost no current was 
detected below 5.5 V versus Li/Li+ for [Li(G3)1][TFSA], whereas obvious onsets of anodic 
reaction can be seen at 4.2 V and 4.7 V versus Li/Li+ for [Li(THF)4][TFSA] 
and[Li(G1)2][TFSA], respectively. The anodic limit of Al in each electrolyte was higher than 
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that with a Pt electrode.27 The Al surface was covered with the natural passivation film of 
Al2O3, whereas no passivation films exist on the Pt surface because of its noble nature. The 
Al2O3 film makes the Al surface inert, and the oxidative decomposition of the electrolytes was 
suppressed. However, the anodic current at higher potentials suggests that the passivation film 
was destroyed, and the anodic dissolution of Al(III) compounds and oxidative decomposition 
of electrolytes on the fresh Al surface occur simultaneously.  

 

 

 

 

 

 

 

Figure 4-3. Cyclic voltammograms (1st cycle) in [Li(glyme or THF)x][TFSA] mixtures at [O]/[Li+] ratio of 4 at 

a scan rate of 5 mV sec−1 at 30°C. Al foil was used as working electrode, while Li metal was used as reference 

and counter electrode. 

 

 

 

 

 

 

 

 

Figure 4-4. Chronoamperograms of Al electrodes recorded during prolonged polarization at 4.8 V versus Li/Li+ 

in [Li(glyme or THF)x][TFSA] mixtures at 30 °C. Li foil was used as the reference and counter electrode. 

Figure 4-4 illustrates the chronoamperograms for an Al electrode measured at a constant cell 
voltage of 4.8 V. The anodic current for [Li(G3)1][TFSA] rapidly decayed, suggesting that the 
Al corrosion and decomposition of electrolyte were effectively suppressed. However, the 
anodic currents for [Li(THF)4][TFSA] and [Li(G1)2][TFSA] were continuously observed for 
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12 h. According to recent reports, the corrosion of Al is assumed to proceed in Li[TFSA] 
containing electrolytes as follows:37 (1) the passivation film Al2O3 is destroyed, (2) the 
oxidation of Al takes place to produce Al3+, and (3) Al3+ forms complexes with [TFSA]–. 
Then, the resulting Al[TFSA]3 or other Al-[TFSA]-based products dissolve in the electrolytes. 
In the case of [Li(THF)4][TFSA] and [Li(G1)2][TFSA], a certain amount of un-coordinating 
THF and G1 molecules can exist in the liquids (vide supra). These solvents are capable of 
dissolving Al-[TFSA] complexes. On the other hand, un-coordinating G3 is negligible in 
[Li(G3)1][TFSA], and thus, the dissolution of Al-[TFSA] complexes can be suppressed. When 
Al-[TFSA] complexes are insoluble, they may contribute to the formation of a stable 
protective layer, which prevents further Al corrosion.38 

Figure 4-5.SEM images of Al electrodes polarized for 12h at 4.8 V versus Li/Li+ in [Li(glyme or THF)x][TFSA] 

mixtures at 30 °C. (a) [Li(THF)4][TFSA], (b) [Li(G1)2][TFSA], (c) [Li(G3)1][TFSA]. Scale bar in each image is 

50 µm. 

To check the morphology changes of the Al foil from corrosion reactions, the surface was 
observed by SEM. Figure 4-5 shows SEM images of Al foils after the polarization at 4.8 V 
for 12 h. The pitting corrosion of Al was observed in [Li(THF)4][TFSA] and [Li(G1)2][TFSA], 
but the morphology change was not significant in [Li(G3)1][TFSA]. The anodic currents in 
[Li(THF)4][TFSA] and [Li(G1)2][TFSA] gradually increased as the polarization time 
increased (Figure 4-4), indicating that the Al corrosion and electrolyte oxidation were 
enhanced over the course of time. As can be seen in Figure 4-5, the surface roughness of Al 
was increased by corrosion, and this increment of the surface area accelerates the anodic 
dissolution of Al and electrolyte oxidation. 

Although the charge/discharge tests of Li-LiCoO2 cells were carried out in the potential range 
of 3.0–4.2 V, Al corrosion can gradually proceed even at 4.2 V. Therefore, the Al corrosion in 
[Li(THF)4][TFSA] and [Li(G1)2][TFSA] during charge-discharge tests of Li-LiCoO2 cells can 
account for the gradual decay of Coulombic efficiency (Figure 4-2). In addition, Al corrosion 
would destroy the current-collection path from LiCoO2 particles, leading to a decrease in the 
discharge capacity of the cells (Figure 4-1). A similar suppression of Al corrosion was 
reported for highly concentrated electrolytes of Li[TFSA] in ethylene carbonate (EC)/diethyl 
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carbonate (DEC) mixtures39 and in pure EC.40 In those works, the concentration (c) of 
Li[TFSA] was a key factor in determining the Al corrosion suppression. However, our results 
here demonstrate that the structural stability of complex cations also affects the Al corrosion 
even at similar Li[TFSA] concentrations: c ~2.9 and 3.1 mol dm−3 for [Li(G1)2][TFSA] and 
[Li(G3)1][TFSA], respectively.27 The absence of un-coordinating solvents, either in the 
solvate ILs or extremely highly concentrated Li[TFSA] electrolytes, hampers the dissolution 
of Al-[TFSA] complexes and explains the suppression of persistent Al corrosion. 

The trigger for Al corrosion is the breakdown of the passivation film of Al2O3. The details of 
the breakdown mechanism of Al2O3 film in organic electrolytes are not clear at present; 
however, this phenomenon may be correlated with the oxidation of solvent molecules on 
Al/Al2O3. The anodic limits of the Al electrode in different electrolytes have the same order 
of oxidative stability as the electrolytes do when using a Pt electrode: [Li(G3)1][TFSA] > 
[Li(G1)2][TFSA] > [Li(THF)4][TFSA]. Certain intermediates in the oxidative decomposition 
process may attack Al2O3 and cause the film to dissolve into the electrolyte. Further 
investigations may be needed to clarify a detailed corrosion mechanism. 

4.3.3. Solubility limits of sulfur and lithium ploysulfides 

The Li-S battery has attracted much attention as a next-generation energy storage device 
because of its high energy density.41,42 Elemental sulfur (S8) can be electrochemically reduced 
to Li2S in aprotic electrolytes, as shown by the following equation. 

S8 + 16Li+ + 16e– ⇄"8Li2S 

This electrochemical reaction is reversible, and the theoretical discharge capacity of sulfur is 
1672 mA h g−1, which is much larger than that of conventional cathode materials such as 
LiCoO2 and LiFePO4 used in current lithium ion batteries. However, Li-S batteries generally 
suffer from several problems such as low active material utilization in the cathode and 
dissolution of lithium polysulfides (Li2Sm) into the electrolyte during charge and discharge 
cycles. Lithium polysulfides are reaction intermediates of the S cathode, and the dissolution of 
Li2Sm causes a rapid capacity fade and poor charge/discharge cycle stability of the cell. In 
addition, the dissolved Li2Sm acts as a redox shuttle between the cathode and anode, resulting 
in low Coulombic efficiency for the discharge/charge of the cell.43-45 In previous work, we 
revealed that the compositions of G3- or G4-Li salt electrolytes have a great impact on the 
electrochemical reactions of the S cathode. As the molar ratio (x) of the glymes to Li[TFSA] 
in [Li(G3 or G4)x][TFSA] became smaller, the solubility of Li2Sm drastically decreased.24 
Furthermore, the counter anion, X−, of Li salt in [Li(G3 or G4)1]X also affected the solubility 
of Li2Sm and the reversibility of the electrochemical reaction at the S cathode.46 As a result, 
we found that the redox shuttle mechanism in a Li-S cell can be effectively inhibited by using 
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equimolar [Li(G3 or G4)1][TFSA] complex electrolytes. [Li(G3 or G4)1][TFSA] allowed for a 
stable charge-discharge cycle of a Li-S cell for over 400 cycles with a high Coulombic 
efficiency (> 98%) and discharge capacity of ~800 mA h g-1.24 

In this study, we report the effect of solvent (ligand) structures in [Li(glyme or THF)x][TFSA] 
on the charge-discharge properties of Li-S cells. As mentioned, the solubility of Li2Sm has a 
significant impact on the redox reaction at the S cathode in the cell. To elucidate how the 
structural stability of the complex [Li(glyme or THF)x]+ cation affects the solubility of the 
reaction intermediates, lithium polysulfides (m = 2, 4, 6, and 8) were chemically prepared in 
[Li(glyme or THF)x][TFSA] through the direct reaction between S8 and Li2S,30 as shown 
below, and analyzed.   

8Li2S + (m - 1) S8 → 8Li2Sm 

Figure 4-6 shows UV-Vis spectra of saturated S8 and Li2Sm in [Li(glyme or THF)x][TFSA]. 
The spectra of Li2Sm (except for Li2S6) in [Li(G3)1][TFSA] are reported elsewhere.24 The 
spectral shape, especially the overall absorbance of Li2Sm, changes greatly depending on the 
structure of the ligands. In addition, multiple peaks can be seen in each spectrum, suggesting 
that the solutions contain several polysulfide species with different chain lengths.47 According 
to the literature, the assignment of the UV-Vis absorption bands of Sm

2− in organic solvents is 
as follows: 490–500 nm for S8

2−, 450–470 nm for S6
2−, ~420 nm for S4

2−, 340 nm for S3
2−, and 

~280 nm for S2
2−.48,49 The Gibbs energies of formation for polysulfides with different chain 

lengths (Li2Sm, 2 ≤ m ≤ 8) are very close to each other.50 Therefore, the disproportionation of 
Sm

2− can easily occur in the electrolytes, and several polysulfide species coexist. It was 
reported that the polysulfide species and their proportion are strongly affected by electrolyte 
qualities such as solvents (including ILs),28,29,51,52 Li salt concentration,24 and anion structure of 
Li salts.46 

The total concentration of S8 and Li2Sm can be quantitatively evaluated, as reported previously 
in our paper, but it is difficult to determine the concentration of each polysulfide.24,28,29 Figure 
4-7 shows the solubility limits of S8 and Li2Sm in [Li(glyme or THF)x][TFSA]([O]/[Li] = 4). 
The solubility is represented as the total atomic S concentration. Li2S hardly dissolves in each 
electrolyte, and the concentration was less than 1 mM. The solubility of S8 is also relatively 
low. [Li(THF)4][TFSA] can dissolve at 30 mM, however, the solubility limits of pure sulfur in 
[Li(G1)2][TFSA], [Li(G2)4/3][TFSA], and [Li(G3)1][TFSA] are less than 10 mM. Compared to 
the low solubility of Li2S and S8, the solubility of Li2Sm is rather high. Especially, Li2Sm with a 
nominal composition of 4 ≤ m ≤ 8 is highly soluble. The negative charges of Sm

2− are more 
delocalized on longer polysulfides. Therefore, the interaction between Li+ and the polysulfide 
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becomes weaker as the chain length of Sm
2− increases. As a result, the longer Li2Sm easily 

dissociates to dissolve in the electrolytes. 

The solubility of Li2Sm changes greatly depending on the ligand structure in [Li(glyme or 
THF)x][TFSA]. Clearly, the solubility of Li2Sm tends to decrease as the ligand length increases, 
despite the same [O]/[Li] ratio in the electrolytes. Amazingly, the solubility limits of Li2Sm in 
[Li(THF)4][TFSA] and [Li(G1)2][TFSA] are 1–2 orders of magnitude higher than those in 
[Li(G2)4/3][TFSA] and [Li(G3)1][TFSA]. 

For the dissolution process, Li2Sm is presumed to dissociate into Li+ and Sm
2−,andthe generated 

Li+ ion should be stabilized by solvation. In the cases of [Li(THF)4][TFSA] and 
[Li(G1)2][TFSA] electrolytes, the lifetimes of [Li(THF)4]+ and [Li(G1)2]+ in the electrolytes 
are very short when compared to those of [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA] (vide 
supra). Therefore, a certain amount of free solvent is present in [Li(THF)4][TFSA] and 
[Li(G1)2][TFSA]. This can contribute to the solvation of Li2Sm, resulting in the high solubility 
of Li2Sm. In contrast, the lifetimes of [Li(G2)4/3]+ and [Li(G3)1]+ are rather long, and free G2 
and G3 molecules scarcely exist in the electrolyte, resulting in the relatively low solubility of 
Li2Sm.  

 

 

 

 

 

 

 

 

 

 

 

Figure 4-6. UV-vis spectra of saturated solutions of S8, Li2S8, Li2S6, Li2S4 and Li2S2 in [Li(glyme or 

THF)x][TFSA] mixtures. Li2Sm (m = 8, 6, 4, 2) is the nominal formula and the actual polysulfides in each 

electrolyte are mixtures of several species with different chain lengths. (a) [Li(THF)4][TFSA]; (b) 

[Li(G1)2][TFSA]; (c) [Li(G2)4/3][TFSA]; (d) [Li(G3)1][TFSA] (only for Li2S6).  
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In a previous paper, we reported that complex [Li(G3 or G4)1]+ cations became unstable when 
combined with strongly Lewis basic X–.26 Indeed, the dissolution of Li2Sm was more 
pronounced in [Li(G3 or G4)1]X with the strongly Lewis basic X– such as NO3

− and 
CF3SO3

−.46 Overall, the solubility of Li2Sm in the molten [Li(glyme or THF)x]X solvates is 
greatly affected by the structural stability of the complex cation, and the stable and unstable 
molten [Li(glyme or THF)x]X solvates poorly and highly solubilize Li2Sm, respectively. 

 

 

 

 

 

 

 

Figure 4-7. Saturation concentrations of S8, Li2S8, Li2S6, Li2S4 and Li2S2 represented in units of total atomic-S 

concentration in [Li(glyme or THF)x][TFSA] mixtures. Li2Sm (m = 8, 6, 4, 2) is the nominal formula and the 

actual polysulfides in each electrolyte are mixtures of several species with different chain lengths. 

 

To investigate the effects of physicochemical properties of electrolytes and solubility of Li2Sm 
on the electrochemical reaction at the S cathode, coin-type Li-S cells were fabricated. Figure 
4-8 shows galvanostatic charge-discharge curves of Li-S cells with [Li(THF)4][TFSA], 
[Li(G1)2][TFSA], [Li(G2)4/3][TFSA], and [Li(G3)1][TFSA] and a low current rate of 139 mA 
g−1-sulfur (1/12 C rate) was measured at 30 °C. Each cell shows reversible charge/discharge 
curves with two voltage regions, and the initial discharge capacity is within the range of 700–
1000 mA h g−1, corresponding to 40–60% of the theoretical capacity of elemental S. The 
voltage-sloping region of 2.4–2.0 V in the discharge curve is regarded as the reduction of S8 

into Li2Sm (m ≥ 4) through the formation of Li2S8, and the voltage plateau at ~2.0 V is ascribed 
to the reduction of Li2S4into Li2S.53,54 An increase in the overvoltage with the repeating 
charge-discharge cycles could be observed in the cells with [Li(THF)4][TFSA] and 
[Li(G1)2][TFSA] electrolytes (Figure 4-8). This can be attributed to side reactions on the 
electrodes accompanied by the dissolution of Li2Sm (vide infra). During the charge-discharge 
process, the electrochemically generated Li2Sm can dissolve in the electrolyte. The coin-type 
[Li| electrolyte with a glass separator| C/S] cells were used in this study, and the volume of 
electrolyte was limited to the void space of the porous separator and C/S composite cathode. 
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The concentration of Li2Sm in the electrolyte was limited to the solubility limit (Figure 4-7). 
In the cases of the cells with [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA], the maximum amount 
of dissolved Li2S8 was estimated to be 3 and 6% of the total amount of S originally loaded on 
the composite cathode respectively. This suggests that most of the Li2Sm remains in a solid 
state. On the other hand, 100 % of S on the cathode was expected to be dissolved in the cell 
with [Li(THF)4][TFSA]. Li2S8 can be moderately soluble in the cell with [Li(G1)2][TFSA] 
(19 % of total S on the cathode). The dissolved Li2Sm reacts with the metallic lithium anode 
and partially forms insoluble byproducts. Moreover, the dissolved Li2Sm can form 
electrochemically inactive precipitates on the cathode. These would be responsible for the 
increase in the cell resistance, leading to the observed over potential in the cell with 
[Li(THF)4][TFSA] and [Li(G1)2][TFSA]. 

4.3.4. Electrolytes for Li-S cells 

Figure 4-8a shows the charge-discharge cycle performance of Li-S cells. The discharge 
capacity of each cell decreased as the cycle number increased. This degradation is probably 
caused by a volume change in the cathode active material. The volume of the active material 
theoretically becomes 1.8 times larger during the conversion reaction of sulfur (S8 + 16Li+ + 
16e–→8Li2S). The repetition of the volume change of the active material during charge-
discharge cycles may bring about loosing electrical contact between the active material and 
carbon support. The electrically isolated active material cannot contribute to the redox 
reaction, and the capacity of the cathode gradually decreases. In addition, the dissolution of 
Li2Sm in the electrolyte may be partly responsible for the degradation, however, this factor 
would be minor for cells with [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA] because of the low 
solubility of Li2Sm. 

As shown in Figure 4-8a, the discharge capacities of cells with [Li(THF)4][TFSA] and 
[Li(G1)2][TFSA] are higher than those of cells with [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA]. 
This could be because of the differences in viscosity and ionic conductivity of the electrolytes. 
The viscosities and ionic conductivities of [Li(THF)4][TFSA] and [Li(G1)2][TFSA] are low 
and high, respectively, in comparison to those of [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA]. 
The mass transport resistance within the pores of the C/S composite cathode should increase 
as the depth of the discharge increases because the volume fraction of the electrolyte in the 
composite cathode decreases because of volume expansion of the active material. The low 
viscosity of [Li(THF)4][TFSA] and [Li(G1)2][TFSA] would facilitate ionic conduction in the 
narrowed pores and increase utilization of the active material. In addition to the low mass 
transport resistance, the dissolution of Li2Sm in [Li(THF)4][TFSA] and [Li(G1)2][TFSA] may 
enhance the kinetics of the redox reaction of sulfur (vide infra).  
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Figure 4-8b shows the Coulombic efficiency (discharge capacity/charge capacity) of the Li-S 
cells with different electrolytes. The Coulombic efficiency of the cells with [Li(THF)4][TFSA] 
(< 95%) and [Li(G1)2][TFSA] (~97%) is much lower than that of the cells with 
[Li(G2)4/3][TFSA] and [Li(G3)1][TFSA] (~99%). Clearly, the Coulombic efficiency is 
correlated to the solubility of Li2Sm in the electrolytes. The dissolved Li2Sm acts as a redox 
shuttle between the cathode and anode in cells. The electrochemically generated Li2Sm in the 
C/S composite dissolves in the electrolyte, and Li2Sm diffuses from the composite cathode to 
the Li metal anode. The Li2Sm can be further reduced to Li2Sl (l<m) on the Li surface, and 
Li2Sl can diffuse back toward the composite cathode to be further reduced when the cell is 
discharging and oxidized when the cell is charging. This redox shuttle mechanism during a 
charge-discharge cycle causes low Coulombic efficiency in the cell.55-57 In addition, the 
shuttle mechanism may cause a self-discharge of the cell. Therefore, inhibition of the shuttle 
is essential to achieve a high Coulombic efficiency and stable operation of Li-S cells. In the 
case of [Li(THF)4][TFSA] and [Li(G1)2][TFSA], the solubility of Li2Smis rather high.  

 

 

 

 

 

 

 

 

 

 

 

Figure 4-8. Galvanostatic charge/discharge curves of Li-S cells with [Li(glyme or THF)x][TFSA] measured at a 

current density of 139 mA g−1 -sulfur at 30 °C; (a) [Li(THF)4][TFSA], (b) [Li(G1)2][TFSA], (c) 

[Li(G2)4/3][TFSA], (d) [Li(G3)1][TFSA].  

 

As we demonstrated, the charge-discharge cycle stability of a Li-S cell is strongly affected by 
the physicochemical properties of the electrolyte and solubility of Li2Sm.24 The electrode 
kinetics of the S cathode can also be affected by electrolytes. To investigate the kinetics of the 
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C/S cathode, charge and discharge measurements of Li-S cells were carried out at various 
current densities (Figure 4-9). The discharge capacities of the cells decreased as the current 
density increased. The cells with [Li(THF)4][TFSA] and [Li(G1)2][TFSA] had better charge-
discharge rate capacities than cells with [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA]. This 
suggests that the rate capability of the Li-S cell is mainly dominated by the transport 
properties of the electrolyte, although the rate capability is affected by several factors. The 
relatively low ionic conductivity and high viscosity of [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA] 
would cause a high mass transport resistance within the porous C/S composite cathode. In the 
[Li(THF)4][TFSA] and [Li(G1)2][TFSA] systems, the mass transport resistance should be low 
because of their relatively high ionic conductivities and low viscosities. Furthermore, the 
dissolution of Li2Sm (4≤m≤8) probably accelerates the redox reaction rate of the composite 
cathode. The dissolved Li2Sm does not block the ionic conduction path within the composite 
cathode. Moreover, the charge transfer reaction at the active material/electrolyte interface is 
presumed to be assisted by the dissolution of Li2Sm because the Li+ ion can diffuse in the 
liquid and easily approach the surface of the active material. On the other hand, in the case of 
[Li(G2)4/3][TFSA] and [Li(G3)1][TFSA], Li2Sm (1≤m≤8) mainly remains in the solid state 
because of its low solubility (vide supra), and the Li+ ion should diffuse in the solid state to 
complete the redox reaction of the active material. This would lead to a relatively high 
resistance in the cells with [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA].  

Figure 4-9. Cycle performance of Li-S cells with [Li(glyme or THF)x][TFSA] measured at a current density of 

139 mA g−1 -sulfur at 30 °C; (a) Capacity, (b) Coulombic efficiency. Closed and open plots represent charge and 

discharge capacity, respectively. 

 

As shown in Figure 4-11, the discharge capacity of each cell in the voltage sloping region of 
2.4–2.0 V is nearly independent of the current density. This suggests that the electrochemical 
reactions (S8 → Li2S8 → 2Li2S4) in the voltage sloping region are relatively fast. However, 
the discharge capacity of the voltage plateau at 2.0 V rapidly decreased as the current density 
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increased, and the kinetics of reactions (2Li2S4 → 4Li2S2 → 8Li2S) at the voltage plateau is 
rather slow. The negative charge density of Sm

2− becomes higher as the ionic size of Sm
2− 

becomes smaller, resulting in low electron acceptability of Sm
2−. The electron acceptability of 

S8 and long Sm
2− (4<m≤8) is relatively high compared with that of short Sm

2− (2≤m≤4). The 
high electron acceptability of long Sm

2− (4<m≤8) would result in the relatively fast 
electrochemical reactions in the voltage sloping region of 2.4–2.0 V, while the reaction 
kinetics at the 2.0 V plateau is sluggish due to the low electron acceptability of short Sm

2− 
(2≤m≤4). Furthermore, the volume expansion of the active material takes place, and the mass 
transport resistance within the pores of the composite cathode is increased as the depth of the 
discharge increases (vide supra). Therefore, the discharge capacity of the voltage plateau at 
2.0 V was decreased as increasing the current density. 

 

 

 

 

 

 

 

Figure 4-10. Rate capabilities of Li-S cells with [Li(glyme or THF)x][TFSA] measured at various current density 

at 30 °C; (a) Discharge, (b) Charge. 

 

In Figure 4-10, there are differences in the rate capabilities of Li-S cells in charging and 
discharging processes. The difference may be originated from the different reaction kinetics 
of charging and discharging processes. As observed in Figure 4-8, the discharge profile of 
each cell shows a voltage sloping region (2.4–2.0 V) and a voltage plateau at 2 V, however, 
the charge profile of the cell shows onlyone voltage plateau at 2.3 V. As discussed above, the 
reaction rate of the 2 V plateau in discharge process is slower than that of the voltage sloping 
region (2.4–2.0 V). The slow kinetics of the low voltage region may induce the mixed high 
and lowvoltage reactions during the charging at the 2.3 V plateau. However, further 
investigation is needed to understand the kinetics of electrochemical reaction of sulfur 
cathode.  
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Figure 4-11. Discharge and charge curves of Li-S cells measured at various current densities with the (a) 

[Li(THF)4][TFSA], (b) [Li(G1)2][TFSA], (c)[Li(G2)4/3][TFSA], and (d) [Li(G3)1][TFSA] electrolytes at 30 °C. 

 

It has been reported that the high lithium concentration in the electrolytes could inhibit the 
dissolution of lithium polysulfides,58,59 which indicates that the solubility of Li2Smcould be 
suppressed by using concentrated electrolytes such as [Li(THF)x][TFSA] (x ≤ 3) and 
[Li(G1)x][TFSA] (x < 2). Figure 4-12 shows the Li-S cell performance byusing extreme 
concentrated [Li(THF)x][TFSA] electrolytes (1.5 ≤ x ≤ 3), reversible charge-discharge curves 
is achieved and the Coulombic efficiency of the Li-S cell can be increased comparing with 
[Li(THF)4][TFSA]. This is because free THF molecules scarcely exist in [Li(THF)x][TFSA] 
(1.5 ≤ x ≤ 2), and the solubility of Li2Sm is effectively suppressed. This is also true for the 
cases of [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA]. Indeed, we found some other factors, such 
as the anionic effects46 and the chelate effects in the electrolytes, as shown in this study, are 
also important factors for determining the solubility of Li2Sm. In our previous work we 
demonstrated that the stability of solvate cations of [Li(THF)x]+ is very low even in the 
extremely high concentration electrolyte (~3.7 mol/L), which is due to highly exchangeable 
property of THF solvent in the mixtures.27 Although [Li(THF)x][TFSA] (x = 1.5 or 2) 
electrolyte could show reversible charge-discharge cycles and high capacity retention in Li-S 
cell test, the Coulombic efficient is still lower (~97%) than typical solvate IL electrolytes. It is 
noteworthy that the chelate effect or stability of solvate cations is quite important for the 
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electrolyte of Li-S batteries. Unstable [Li(THF)x]+cations, which will dissolve polysulfides, 
are not desirable for practical applications. 

 

 

 

 

 

 

 

 

 

 

 

 

Figure 4-12. Galvanostatic charge-discharge curves of Li-S cells with [Li(THF)x][TFSA] (x = 1.5, 2 and 3) 

measured at a current density of 139 mA g-1 -sulfur at 30 °C; (a) 2nd charge-discharge curves, (b) 40th charge-

discharge curves, (c) Capacity, (d) Coulombic efficiency. Closed and open plots represent charge and discharge 

capacity, respectively. 

 

The solvent in the electrolyte has been expected as a key factor on the electrochemical 
performance of the Li-S cells. Such as carbonate-based solvents could react with the 
intermediate lithium polysulfides and almost no discharge capacity was observed by using the 
carbonate-based solvent such as EC or PC.60 To confirm this result we prepared the PC 
contained electrolytes [Li(PC)x][TFSA] (x = 2~4) to operate the Li-S cell. Figure 4-13 
presents the cell performance. It was interesting to find that reversible charge-discharge could 
be obtained and the cell with [Li(PC)2][TFSA] electrolyte held ~400 mAh g-1 discharge 
capacity even after 40 cycles, which implies in the extreme concentrated [Li(PC)x][TFSA] 
electrolytes the decomposition of the PC could be suppressed to some extent. However, side 
reaction was found that in the discharge curves the first discharge plateau around 2.2V 
disappeared and the second plateau degraded to 1.8 V, which may owe to the reaction 
between Li2Sm (4<m≤8) and uncoordinated PC solvent. Even in extreme concentrated 
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[Li(PC)x][TFSA] electrolytes, free solvent would be exist due to the unstable [Li(PC)]+ 
solvate.61 Other high permittivity solvent such as DMSO was demonstrated unsuitable as the 
electrolyte for Li-S battery because it would stabilize the polysulfides, which could lead to a 
poor rate capability.62 From what has been discussed above, the kinds of solvent and the 
stability of the solvate cation play an important role in the electrolyte of Li-S batteries. 

 

 

 

 

 

 

 

 

 

 

 

 

Figure 4-13. Galvanostatic charge-discharge curves of Li-S cells with [Li(PC)x][TFSA] (x = 2, 3 and 4) 

measured at a current density of 139 mA g-1 -sulfur at 30 °C; (a) 2nd charge-discharge curves, (b) 40th charge-

discharge curves, (c) Capacity, (d) Coulombic efficiency. Closed and open plots represent charge and discharge 

capacity, respectively. 

4.4. Concluding Remarks 

A series of mixtures of glyme- or THF-Li[TFSA] were investigated as electrolytes for Li-ion 
and Li-S batteries. The oxidative stability of molten solvates of [Li(glyme or THF)x][TFSA] 
([O]/[Li] = 4) changes depending on the structural stability of [Li(glyme or THF)x]+; for 
instance, a complex cation, [Li(G3)1]+, with tetradentate ligands is rather stable compared to 
[Li(G1)2]+ and [Li(THF)x]+ owing to the chelate effect. The performance of the Li-LiCoO2 cell 
is affected significantly by the oxidative stability of electrolytes. The cell with the 
[Li(G3)1][TFSA] electrolyte had a good cycle stability with a high Coulombic efficiency, but 
degradation of performance due to the oxidative decomposition of the solvents was observed 
for cells with [Li(THF)4][TFSA] and [Li(G1)2][TFSA]. In addition to the oxidative stability, 
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corrosion of the Al current collector was also affected by the structural stability of [Li(glyme 
or THF)x][TFSA]. Although a detailed corrosion mechanism of Al in the electrolytes is not 
clear, the results of cyclic voltammetry and SEM observation of the Al electrode indicated 
that the electrochemical oxidation of the ether solvents on Al/Al2O3 (Al2O3: natural 
passivation film of Al) and solubility of Al (III) compounds in the electrolyte are involved in 
the corrosion processes. The rate of the corrosion reaction in [Li(THF)4][TFSA] and 
[Li(G1)2][TFSA] is much faster than that in [Li(G3)1][TFSA], and consequently, the corrosion 
of the Al current collector in Li-LiCoO2 cells causes a reduction in discharge capacity and the 
low Coulombic efficiency of charge-discharge in the [Li(THF)4][TFSA] and [Li(G1)2][TFSA] 
cells.  

The charge-discharge properties of Li-S cells are strongly affected by the physicochemical 
properties of electrolytes. High ionic conductivity and low viscosity are favorable for 
achieving high rate capabilities, i.e., high power density in the Li-S cell. The electrolytes of 
the molten solvates with small ligands such as [Li(THF)4][TFSA] and [Li(G1)2][TFSA] 
possess high ionic conductivities and low viscosities and are favorable for high power Li-S 
cells. However, the solubility of Li2Sm, which is a reaction intermediate of the sulfur cathode 
in the Li-S battery, is high in these electrolytes. The high solubility causes a redox shuttle 
mechanism during operation of the Li-S cell, leading to poor cycle stability and low 
Coulombic efficiency. This is problematic for practical applications. In contrast, molten 
solvates with long ligands such as [Li(G2)4/3][TFSA] and [Li(G3)1][TFSA] possess low 
solubility for Li2Sm and are effective electrolytes to suppress the redox shuttle mechanism. 
Using this kind of electrolyte, good cycle stability and high Coulombic efficiency of the Li-S 
cell can be achieved. However, the low ionic conductivity and high viscosity of 
[Li(G2)4/3][TFSA] and [Li(G3)1][TFSA] cause a high resistance, resulting in a poor rate 
capability of the Li-S cell. This drawback can be solved by the addition of another solvent to 
[Li(G2)4/3][TFSA] and [Li(G3)1][TFSA]. Previously, we reported that the addition of a low 
polar solvent is effective in increasing the ionic conductivity and decreasing the viscosity of 
the electrolytes.24 The added low polar solvent, hydrofluoroether (HFE), does not participate 
in the solvation of the Li+ ion, and the coordination structure of [Li(glyme)1]+ is kept in the 
electrolyte. By using [Li(glyme)1][TFSA]/HFE electrolytes, a good cycle stability, high 
Coulombic efficiency, and high rate capability of Li-S cell can be achieved. 
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5.1. General Conclusions 

5.1.1. Chapter One 

The background and aim of this work have been described in the light of the previous studies 
and current trend in the fundamental and application perspectives. Enormous interest in the 
recent days has been attracted on the preparation and characterization of novel series of 
electrolytes with tunable physicochemical properties for their use in electrochemical devices 
such as next generation lithium batteries. However, some substantial issues had to be solved 
for designing next generation electrolytes with desirable chemistry such as high thermal 
stability compared to the conventional organic solutions, high ionic conductivity at room 
temperature and high ionicity and high lithium transference number. This study was 
undertaken with a view to getting a fundamental understanding of the lithium solvate ILs 
based on coordination chemistry and solution chemistry. 

5.1.2. Chapter Two 

In this chapter To develop a basic understanding of a new class of ionic liquids (ILs), “solvate” 
ILs, the transport properties of binary mixtures of lithium bis(trifluoromethanesulfonyl)amide 
(Li[TFSA]) and oligoethers 
(tetraglyme (G4), triglyme (G3), 
diglyme (G2), and monoglyme (G1)) 
or tetrahydrofuran (THF) were 
studied. The self-diffusion coefficient 
ratio of the solvents and Li+ ions 
(Dsol/DLi) was a good metric for 
evaluating the stability of the 
complex cations consisting of Li+ and 
the solvents. The maximum ionicity 
(Λimp/ΛNMR) of [Li(glyme or 
THF)x][TFSA] mixtures was found 
at a concentration range of [O]/[Li+] 
~4 or 5, and the ionicity decreased 
both in the higher and lower 
concentration range. To understand this ionicity behavior, two solvent effects were 
considered: the solvating effect of the ligands (the solvent and/or the anion) in the first 
coordination shell for the concentrated regime, and the dipolar effect of the solvent in the 
dilute regime. This study revealed the importance of ion-dipole (ion-induced dipole) 

Figure 5-1. Ionicity (Λimp/ΛNMR) at 30 °C for [Li(glyme 

or THF)x][TFSA] mixtures as a function of [O]/[Li+] 

ratio. Lines in the figure are a guide to the eye. 
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interactions and the chelate effect in the behavior of solvate ILs as distinguished from 
concentrated electrolyte solutions. 

5.1.3. Chapter Three 

A detail investigation was conducted for a series of binary mixtures of lithium 
bis(trifluoromethanesulfonyl)amide (Li[TFSA]) and oligoethers (tetraglyme (G4), triglyme 
(G3), diglyme (G2), and monoglyme (G1)) or tetrahydrofuran (THF) such as thermal 
properties, density, ionic conductivity, viscosity, self-diffusion coefficient, ionicity and ligand 
exchange lifetime. When the molar ratio 
of Li+ ions and solvent oxygen atoms 
([O]/[Li+]) was adjusted to 4 or 5, 
Dsol/DLi always exceeded unity for THF 
and G1-based mixtures even at the high 
concentrations, indicating the presence 
of uncoordinating or highly 
exchangeable solvents. In contrast, 
long-lived complex cations were 
evidenced by a Dsol/DLi ~1 for the 
longer G3 and G4. The binary mixtures 
studied were categorized into two 
different classes of liquids: concentrated 
solutions and solvate ILs, based on 
Dsol/DLi. Mixtures with G2 exhibited intermediate behavior, and is likely the borderline 
dividing the two categories. The effect of chelation on the formation of solvate ILs also 
strongly correlated with electrolyte properties; the solvate ILs showed improved thermal and 
electrochemical stability. 

5.1.4. Chapter Four 

Highly concentrated, molten mixtures of 
lithium bis(trifluoromethanesulfonyl)amide 
(Li[TFSA]) and ether solvents 
(tetrahydrofuran (THF), monoglyme (G1), 
diglyme (G2), and triglyme (G3)) were 
investigatedas electrolytes for Li batteries. 
To compare the electrochemical reactions 
in the electrolytes with different solvents, 
the ratio of ether-oxygen atoms and Li+ 

Figure 5-2. Νumber of oxygens in solvent 

dependencies of ratio of diffusion coefficient in the 

[Li(glyme or THF)x][TFSA] mixtures. 

Figure 5-3. Saturated concentration of Li2Sm in 

the [Li(glyme or THF)x][TFSA] mixtures. 
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([O]/[Li]) in the electrolytes was fixed at four. The capacity of a Li-LiCoO2 cell with 
[Li(THF)4][TFSA] dramatically decreased upon charge/discharge cycling, whereas 
[Li(G3)1][TFSA] allowed the cell to have a stable charge-discharge cycles and a Coulombic 
efficiency of greater than 99% over 100 cycles. Corrosion of the Al current collector of the 
cathode was also affected by the composition of the electrolytes. Persistent Al corrosion took 
place in [Li(THF)4][TFSA] and [Li(G1)2][TFSA], which contain shorter ethers, but the 
corrosion was effectively suppressed in [Li(G3)1][TFSA]. Furthermore, lithium polysulfides, 
which are formed as discharge intermediates at the sulfur cathode of Li-S cell, were much less 
soluble in electrolytes with longer ethers. Therefore, a higher Coulombic efficiency and more 
stable cycle ability were achieved in Li-S cells with [Li(G3)1][TFSA]. All the electrochemical 
properties in the batteries were dominated by the presence or absence of un-coordinating 
solvents in the concentrated electrolytes. This study demonstrates that the structural stability 
of [Li(glyme or THF)x]+ cations in electrolytes plays an important role in the performance of 
Li batteries. 

5.2. Future Directions 

Solvate ILs, as a sub-class of ILs is promising for widespread use in future. The 
physicochemical properties and correlations studied herein have the potential to optimize the 
future solvate ILs. It is anticipated that there will be strong growth in the field of solvate ILs 
as they become more widely known, which will lead to their use in many more applications 
due to its simple synthetic procedure and unique properties. However, there is still extensive 
research required before solvate ILs as electrolyte materials substituting the conventional 
organic electrolytes. The parameter provided the most attention in current research is the ionic 
conductivity, and indeed further improvements are still required to realize this phenomenon. 
This will be aided by a better understanding of the transport properties especially in extremely 
concentrated region. Thus, solvate ILs have an immense prospect from the standing point of 
both fundamental and diverse applications in multi-disciplinary areas and the door of ILs field 
is open for multiple directions for designing these next generation electrolytes with desirable 
properties. 
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