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Preface to ”Recent Advances in Post-Lithium

Ion Batteries”

Lithium batteries are efficient storage systems for portable electronic devices, electrical power

grids, and electrified transportation due to their high-energy density and low maintenance

requirements. After their launch into the market in 1990s, they immediately became the dominant

technology for portable systems. The development of lithium ion batteries (LiBs) for electric drive

vehicles has been, in contrast, rather incremental. There are several critical issues, such as an energy

density, system safety, cost, and environmental impact of the battery production processes, that

remain challenges, especially in the automotive field. All of these concerns bring into question the

suitability of the LiB to satisfy the ever-growing energy requirements of the long-term future. In

order to strengthen the LiB’s competitiveness and affordability in vehicle technology, the necessity

of game-changer batteries is urgent. Recently, a novel approach going beyond Li-ion batteries has

become rapidly established. Several new chemistries and strategies have been proposed, leading

to promising performances in terms of energy density, long-life storage capability, safety, and

sustainability. However, several challenges, such as a thorough understanding of mechanisms,

cell design, long-term durability, and safety issues, have not yet been fully addressed. This book

includes six high-quality papers reporting some recent developments and emerging trends in the

field of “post-lithium” batteries. The first article deals with the use of EIS in the investigation of

oxygen evolution reaction (OER) and oxygen reduction reaction (ORR) kinetics in Li-O2 batteries

using palladium-based catalysts. Two different families of Li-ion-conducting glass-forming polymer

electrolytes are also described as novel solid electrolytes for all-solid-state Li-ion batteries, discussing

the relationship between transport properties and polymer dynamics. Another paper reports on the

influence of heating temperature and time on the interfacial resistance between a ceramic electrolyte

and the Li metal electrode in order to evaluate the stability of lithium electrodeposition/dissolution.

The fifth article describes the synthesis and characterization of Na0.44MnO2 nanometric slabs,

showing improved capacities at higher rates due to a lower degree of anisotropy. Finally, microscopic

and macroscopic modelling methods are discussed in the case of metal–air batteries, with a focus on

continuum modelling derived from non-equilibrium thermodynamics. This book will be beneficial

for researchers and engineers involved in the field of material science and batteries.

Eliana Quartarone

Editor
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Mechanism of Ionic Impedance Growth for
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Contribution to Battery Failure
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Abstract: The electrochemical oxygen evolution reaction (OER) and oxygen reduction reaction (ORR)
and on CNT (carbon nanotube) cathode with a palladium catalyst, palladium-coated CNT (PC-CNT),
and palladium-filled CNT (PF-CNT) are assessed in an ether-based electrolyte solution in order to
fabricate a lithium-oxygen battery with high specific energy. The electrochemical properties of the
CNT cathodes were studied using electrochemical impedance spectroscopy (EIS). Palladium-filled
cathodes displayed better performance as compared to the palladium-coated ones due to the shielding
of the catalysts. The mechanism of the improvement was associated to the reduction of the rate of
resistances growth in the batteries, especially the ionic resistances in the electrolyte and electrodes.
The scanning electron microscopy (SEM) and spectroscopy were used to analyze the products of
the reaction that were adsorbed on the electrode surface of the battery, which was fabricated using
palladium-coated and palladium-filled CNTs as cathodes and an ether-based electrolyte.

Keywords: EIS; Fourier-Transform Infrared Spectroscopy; cycling; catalyst; carbon nanotubes;
Li-O2 battery

1. Introduction

Rechargeable batteries convert chemical energy to electrical energy by the reversible
electrochemical reactions of reduction and oxidation. Various types of secondary battery systems
that have been studied, developed, and used in the past, include nickel-metal hydride, lead-acid,
lithium-ion batteries, and redox-flow batteries [1–4]. Owning to their high specific energy, lithium-ion
batteries have found applications in various fields. Due to the growing demand for advanced energy
storage solutions for the smart grids, automotive industries, and other consumer applications, the
research for ultra-high theoretical specific energy has led to studies beyond lithium-ion batteries, where
metal-air batteries have been at the forefront of this research [5–7]. Metal-air batteries are unique
because the cathode material, i.e., oxygen gas, can be obtained from the atmosphere, instead of storing
it in the battery. Lithium–air batteries have a high theoretical specific energy density of 3500 Wh.kg−1

(considering the cathode), which is many folds higher than current lithium-ion batteries [8,9].
Abraham et al. first reported on a non-aqueous lithium-oxygen battery in 1996, which consisted

of a lithium anode, a polymer electrolyte, and a porous carbon-air cathode [9]. Since then, several
studies have been conducted to study the rechargeability of Li-O2 batteries. During the discharging of
a Li-O2 battery, Li+ migrates through the electrolyte to the cathode, where the incoming electrons from
the external circuit combine with oxygen from the atmosphere to form peroxide ions, O2

2–, which, in
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turn, reacts with the Li+ in an oxygen reduction reaction (ORR) to form the discharge product, Li2O2.
During charging, a reverse reaction, as well as an oxygen evolution reaction (OER) occurs, regenerating
the Li+ and O2. The reaction is represented as follows:

2Li+ +i O2 + 2e− Li2O2.

Many carbonaceous materials have been used as cathodes for Li-O2 batteries [10]. Some of
the cathode materials used have been carbon nanoparticles [11,12], carbon nanofibers [13,14],
carbon nanotubes [10,12,13,15–17], graphene platelets [18,19], and other forms of carbons [20,21].
Carbon nanotubes (CNTs) are known to have high electrical conductivity, a high specific area, more
numbers of accessible active sites for reactions, and better chemical stability. All these properties make
them a suitable choice for use as Li-O2 battery cathodes [10,17,22–24].

Several metal and metal-oxide catalysts have been used in and as cathodes of Li-O2 batteries in
order to improve the catalytic properties of the OER and ORR [25–29]. Some of the elements used
have been platinum [30], palladium [31], ruthenium [26,27,32–35], gold [30,36], and various metal
oxides [37–39]. The presence of a catalyst destabilizes the oxidizing species, which results in decreased
charging overpotential in Li-O2 batteries [40–42]. It also improves the cyclability [24–27,40], and thus
the overall battery performance. Gittleson et al. [43,44] have shown that palladium and platinum
catalysts promote Li2O2 oxidation at lower potentials. However, they also reported the occurrence of
electrolyte decomposition that resulted in the formation of lithium carbonates, which deactivated the
catalysts. The porous carbon cathode was passivated by a protective Al2O3 layer, applied using atomic
layer deposition by Khalil et al. [21] prior to coating Pd catalysts. Their approach led to the formation
of a nanocrystalline Li2O2 during discharge that helped improve the electronic transport properties,
thus reducing the charge over-potential to about 0.2 V [21]. According to Li et al., Ru nanocrystals,
when used as catalysts, decomposed Li2CO3 at 3.5 V, thus reducing the accumulation of Li2CO3 in in
the cathode during cycling.

In order to overcome the agglomeration of catalysts and deactivation of Li-O2 batteries, dispersing
catalysts were dispersed in polymeric membranes over the oxygen electrode, and an atomic layer
deposition was used to chemically bind the catalysts to the surface of carbon nanotubes, where the
CNTs were then filled with catalysts [10,35,45–48]. In our previous work, we filled the CNT annulus
with palladium nanocatalysts and reported increased stability of the electrolyte during the charge
and discharge process [10]. In addition, the full discharge of the battery to 2 V resulted in a six-fold
increase in the first discharge capacity compared to the pristine CNT cathodes, and over 35% for
their PC-cathodes.

In this paper, we investigate and report the electrochemical impedance performance of PC-and
PF-CNT cathodes during charge/discharge cycling to unveil the failure mechanism of the batteries.
We also investigate the chemical nature and morphology of deposits on the electrodes using FTIR
(Fourier Transform Infrared Spectroscopy) and scanning electron microscopy (SEM) to corroborate the
results from the electrochemical impedance spectroscopy (EIS) study.

2. Experimental

Materials: Bis (trifluoromethane) sulfonamide with a purity of >99.8% (LiTFSI), tetraethylene
glycol dimethyl ether of >99.00% purity (TEGDME), N-Methyl pyrrolidine of >97% purity, and
multi-walled carbon nanotubes (MWCNTs) with a diameter of 5–20 nm, length of 5 μm, and purity
>96% of carbon basis were purchased from Sigma Aldrich. Palladium (II) chloride was purchased
from ACROS organics. PVDF (Polyvinylidene fluoride) was procured from Alfa Aesar. Fuel Cell Earth
supplied the carbon cloth gas diffusion layer (CCGDL) with a thickness of ∼300 μm. Lithium chips
with a purity >99.90% and a Celgard polypropylene separator with a thickness of ∼25 μm were bought
from MTI Corp. Scheme 1 depicts the assembly of the batteries.
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Scheme 1. Schematic depiction of the assembled Li-O2 batteries.

Preparation of the Electrode: We have followed the procedure for PF-CNTs preparation as
described in our previous paper [10,49]. Briefly, nitric acid treatment was performed on the MWCNTs
to decap the ends. 100 mg of decapped multi-walled carbon nanotubes (MWCNTs) was blended
with 1 mM aqueous solution of PdCl2 until a slurry was formed. A similar procedure was followed
on the untreated capped MWCNTs to obtain PC-CNTs. Both slurries were preserved at 25 ◦C for
10 h and then calcinated in air at 350 ◦C for ~2 h. Calcination was followed by hydrogenation that
resulted in a yield of ∼5 wt.% palladium nanoparticles. Preparation of cathode was as mentioned in
the preceding paper [10]. Slurry of PVDF/PF and PC-CNT (10/90 wt.% in N-Methyl-2-pyrrolidone
or NMP) was used to coat the cathodes on carbon cloth with a 0.5” diameter. The cathodes were
dried for 12 hours at 120 ◦C and then stocked in an argon-filled glovebox. The loading of MWCNT
was 0.39 ± 0.01 mg.cm−2. All the capacities reported in this manuscript are per total mass of active
cathode including the catalyst and CNTs.

Electrolyte Preparation and Battery Test Assembly: 1 M LiTFSI in TEGDME solution was used to
prepare the electrolyte. Modified Swagelok-type cells were used for our battery assemblies. It consisted
of a stainless-steel tube on the cathode side and a stainless-steel rod on the anode side. Celgard 2400
separator which was soaked with the electrolyte was arranged on the lithium metal disc anode.
Then, the MWCNT-CCGDL was placed on it, followed by a stainless-steel mesh current collector.
The batteries were then placed inside an Ar-filled glove box (<1 ppm O2 and <0.1 ppm H2O) for resting
overnight before the electrochemical tests.

Electrochemical Characterizations: Before testing the batteries, they were rested under oxygen
for 5 h. Galvanostatic discharge/charge tests were performed on the Gamry 600TM Reference
electrochemical workstation. Charge/discharge tests were performed within 2.0–4.5 V voltage range
at a 250 mA·g−1 current density. The electrochemical characteristics of the cell were investigated
by Electrochemical Impedance Spectroscopy (EIS) performed using a Gamry 600TM electrochemical
workstation. Impedance data was collected in the frequency range of 106–0.01 Hz. The environment
was temperature-controlled at 25 ◦C for all charge/discharge and electrochemical tests. After cycling,
the oxygen cathodes were recovered, rinsed with dimethyl carbonate (DMC), and dried under vacuum
inside the Ar-filled glove box.

Infrared Characterizations: The cathodes were investigated by FTIR (Fourier transform infrared)
spectroscopy using JASCO FT-IR 4100 (company, city, country) for product characterization in the
500–4000 cm−1, mid-IR frequency region. A resolution of 4 cm−1 was used for each spectrum.
For pretreatment for FTIR, the samples were rinsed three times with DMC (dimethyl carbonate)
to remove the electrolyte salt from the cathode surface, and dried in vacuum to volatize the DMC.
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3. Results and Discussion

Li-O2 batteries with cathodes comprising PC and PF-CNTs showed full discharge capacities
of ~8200 mAh.g−1 and ~11,200 mAh.g−1, respectively [10]. The batteries were discharged to 2 V
under oxygen. Galvanostatic cycling was employed to characterize the electrochemical properties
on the cathodes during the OER and ORR processes. Cycle performance of the Li-O2 batteries with
PC-and PF-CNTs as cathodes were investigated at fixed capacities of 250 mAh.g−1, 500 mAh.g−1,
and 1000 mAh.g−1 at a 250 mA.g−1 current density between 2.0–4.5 V (Figure 1). At 250 mAh.g−1, 41
and 81 cycles were obtained using PC-and PF-CNTs, respectively. At 500 mAh.g−1, 44 and 58 cycles
were obtained using PC-and PF-CNTs, respectively. 16 and 25 cycles were obtained at 1000 mAh.g−1.
Figure 2 shows the terminal discharge voltages of the batteries.

Figure 1. Voltage profile of lithium-oxygen (Li−O2) batteries with (a,c,e) palladium-filled and
(b,d,f) palladium-coated carbon nanotubes (CNTs) at fixed capacities of 250 mAh.g−1, 500 mAh.g−1,
and 1000 mAh.g−1, respectively, at a 250 mA.g−1 current density between 2.0 to 4.5 V.

4



Batteries 2019, 5, 15

 

Figure 2. End charge/discharge voltages of (a,c,e) palladium-filled and (b,d,f) palladium-coated CNTs
after full cycles to 250 mAh.g−1, 500 mAh.g−1, and 1000 mAh.g−1, respectively.

EIS measurements were performed after discharge/charge cycles to investigate the
cathode/electrolyte behavior during discharging and charging processes. The Nyquist plot after
discharge shows a high-frequency intercept, Rb, which correlates to the resistance of cell, including
contributions from the electrolyte, electrodes, and contact resistances [16,50–56], as shown in
Figure 3g. Rb is the high-frequency intercept and is obtained from the real EIS spectra. The EIS
spectrum is followed by the semicircle that is associated with charge-transfer resistance at the

5
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cathode/O2/electrolyte interface [50–52], represented by Rint (interfacial resistance). Rint is obtained
from the diameter of the semicircle of EIS. This is generally attributed to the Li2O2 which forms on the
surface of the cathode after discharge, which hinders charge transfer and O2 diffusion through the
pores of the cathode [51]. Following Rint there is a linear rise which is known as the Warburg-like linear
region, which has also been reported in other metal-O2 battery EIS spectra at non-Faradaic conditions.
In order to determine the impedance behavior of the porous electrodes in lithium-ion and metal−O2

batteries, the TLM or transmission line model was used. It is assumed that the Warburg-like linear
region corresponds to the resistance of lithium-ion migration at the cathode, and is represented as
Rion. We used a TLM model and estimated the Rion by the projection of the Warburg-like line on the
impedance abscissa (Rion/3), as shown in Figure 3b [16,54].

In Figure 3, the Nyquist plot exhibits a semicircle with a smaller diameter for PF-CNT, and
a semicircle with a bigger diameter for the PC-CNTs after the first discharge to 250 mAh.g−1.
The semicircle diameter corresponds to the charge-transfer resistance [51]. Higher charge-transfer
resistance leads to slower charge-transfer kinetics [51]. From Figure 4, it is evident that the PC-cathode
has slower charge-transfer kinetics as compared to PF-CNTs, due to higher resistance. As the number of
cycles increase, we can see a shift of the high-frequency intercept, Rb, toward the right. From Figure 3a,b
and Figure 4a,b, the shift is clearly visible for both cathodes. Figure 4 shows the change in the
resistances after discharging the batteries to 250 mAh.g−1(a,b), 500 mAh.g−1(c,d), and 1000 mAh.g−1

(e,f). After the last discharging cycle up to 250 mAh.g−1, which is 41 cycles for PC-CNT and 81 cycles
of PF-CNT, respectively, Rb has shifted from 80 Ω to 2910 Ω for PC-CNT, whereas the shift of Rb for
PF-CNT is from 80 Ω to 300 Ω (Figure 4a,b). This shift in Rb is attributed to electrolyte decomposition
and formation of lithium carbonates over time. In Figure 4c, for PF-CNT discharged up to 500 mAh.g−1,
the Rb increases from 70 Ω for the first cycle, to 300 Ω for the last cycle. For PC-CNT (Figure 4d),
the Rb increases from 90 Ω to 1700 Ω. In Figure 4e, for PF-CNT discharged up to 1000 mAh.g−1,
the Rb increases from 70 Ω for the first cycle to 250 Ω for the 25th cycle. However, in the case of
PC-CNT (Figure 4f), the Rb increases from 80 Ω to 1200 Ω. The gradual increase in the value of
Rb is credited to the slow accumulation of the reaction products, Li2O2 and Li2O, within the pores
of the carbon electrode, whereas the steep increase is an indication of a complete blockage of the
carbon electrode that prevents further reduction of O2 [56]. This shift in Rb is attributed to electrolyte
decomposition and formation of lithium carbonate (Li2CO3) over time [51]. As seen in Figure 4,
Rint decreases minimally for the first 30 cycles of PF-CNTs and then increases. For PC-CNTs, Rint

decreases for the first 10 cycles after the first discharge and then keeps increasing. Rion was the
major resistance in both cathodes, and it keeps increasing with the number of cycles, as seen in the
figure. Anode/electrolyte interface initially governs the interfacial resistance of Li-O2 batteries [24,57].
The initial decrease in the value of Rint is mainly attributed to the dissolution of the passivation film on
the anode/electrolyte film’s interface [16]. Accumulation of irreversible discharge/charge by-products
on the anode/electrolyte [16] and cathode/electrolyte interfaces [16,57] results in an increased Rint

value during later cycles. Yi et al. [58,59] showed that an increased interfacial resistance on the
cathode/electrolyte interface in Li-O2 batteries could be the result of lithium carbonate by-product
formation during cycling. According to Shui et al. [60], deactivation of the cathode leads to Li-O2

battery death. Increase in Rion during cycling is an indication that the cathode pores have been clogged,
meaning that Li+ ion transport is hindered [16].

6
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Figure 3. Nyquist plots of (a) PF- and (b) PC-CNTs after different discharging cycles of 250 mAh.g−1

capacity; Nyquist plots of (c) PF- and (d) PC-CNTs after different discharging cycles of 500 mAh.g−1

capacity; and Nyquist plots of (e) PF- and (f) PC-CNTs after different discharging cycles of
1000 mAh.g−1 capacity. (g) Typical Nyquist plot. The batteries were cycled at 250 mA.g−1 with
a current density between 2 to 4.5 V.
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Figure 4. Change of resistances after the discharging (a,c,e) Palladium-filled CNT, and
(b,d,f) palladium-coated CNT cycles of 250 mAh.g−1, 500 mAh.g−1, and 1000 mAh.g−1

capacities, respectively.

For the cycles of 1000 mAh.g−1 as the fixed capacity, similar Nyquist plots were observed
(Figure 4c,d). In this case too, the PF-CNT was cycled for 25 cycles, as compared to 16 cycles
with PC-CNTs. After the last discharging cycle of up to 1000 mAh.g−1, Rb shifted from 80 to 1350
for PC-CNT, whereas the shift for PF-CNT was from 80 to 400. This indicates more electrolyte
decomposition in the case of PC-CNTs. Rion had the highest resistance for both cases. Hence, in this
case too, the battery failure was primarily due to pore-clogging.

8
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As shown by the EIS, the formation of Li2O2 hinders the charge transfer between the interfaces and
the decomposition of electrolyte [16]. Both reasons lead to the failure of Li-O2 batteries. To investigate
the composition of the deposits that clog the pores of the cathodes, we performed FTIR on PC
and PF-CNT cathodes after cycling for 15 and 45 cycles at fixed capacities of 1000 mAh.g−1 and
250 mAh.g−1. The peak at around 590 cm−1 is attributed to Li2O2, and Li2CO3 produces a peak
at 862 cm−1 [61]. From Figure 5, it can be observed that the peaks of Li2CO3 are higher in the
case of PC, rather than PF-CNTs. Better cycling was observed in PF-CNTs due to less undesirable
products. The improvement in the cycling stability of PF-CNTs over the PC-CNTs was a result of the
decrease in undesirable charge/discharge product formation, e.g., Li2CO3, caused by the encapsulation
approach [10].

Figure 6 shows a comparison between PC-and PF-CNTs at capacities of 500, 1000, 1500, 5000, and
8000 mAh.g−1. As observed from the figure, at 500 mAh.g−1, a Li2O2 peak is present in both cathodes.
A distinct Li2CO3 peak is observed for PC-CNT but is negligible in the case of PF-CNT. At all the
capacities, Li2O2 peaks are present for both PC-and PF-CNT cathodes. However, the Li2CO3 peak for
PF-CNT cathodes gradually increases as the capacity increases. Low Li2CO3 formation in the PF-CNT,
as compared to PC-CNT results in increased battery performance [61].

SEM proved the formation of Li2CO3 dendrites on the cathode surface after cycling, as shown in
Figure 7. When the batteries were cycled between 2.0 and 4.0 V, there is a constant accumulation of
lithium carbonate (Li2CO3) arising from the reactions involving the electrode and electrolyte [62], which
results in electrode passivation and capacity fading in cells with carbon electrodes. Lithium carbonates
are also produced as a result of the side-reaction of lithium peroxide with moisture and carbon dioxide
from the atmosphere. It is difficult to be decomposed, and considerably deteriorated the cycling
life [20,63]. The large over-charge potential can induce the side-reaction of oxidation decomposition of
the electrode and electrolyte during Li2O2 oxidation, which results in the formation of Li2CO3 [62].
The accumulation of Li2CO3 in the electrode led to electrode passivation and capacity-fading on
cycling. The PC-CNT cathode shown in Figure 7b presents platelet-shaped lithium peroxide (Li2O2)
covered by a thick conformal layer of lithium carbonates (Li2CO3), as shown in the FTIR measurements
whereas the PF-CNTs showed nano-thin platelets of Li2O2 canvasing the cathode (Figure 7a). Since the
Li2O2 platelets yield high surface porosity, they do not block access to the CNTs which in turn enhances
battery performance [10].

Figure 5. Fourier transform infrared (FTIR) spectra of PF- and PC-CNTs after cycling for (a) 45 cycles
to 250 mAh.g−1 and (b) 15 cycles to 1000 mAh.g−1.
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Figure 6. FTIR spectra after discharging to (a) 500 mAh.g−1, (b) 1000 mAh.g−1, (c) 1500 mAh.g−1,
(d) 5000 mAh.g−1, and (e) 8000 mAh.g−1. All batteries were discharged at 250 mA.g−1 between 2 to
4.5 V.

10



Batteries 2019, 5, 15

 

Figure 7. SEM images after cycling of (a) PF- and (b) PC-CNT cathodes.

As we demonstrated in our previous paper [10], the improvement in cycling stability of PF- CNTs
over the PC-CNTs was a result of the decrease in undesirable charge/discharge product formation,
e.g., Li2CO3, afforded by the encapsulation approach.

4. Conclusions

An EIS study was conducted in this paper on a Li-O2 battery utilizing PC-and PF- CNTs, and we
provided insight into kinetics operating the battery operation. From EIS results, it was shown that
Rion had the highest resistance, which indicates the failure of the batteries due to pore-clogging of the
cathodes. Increasing Rb resistamce indicates more electrolyte decomposition in the case of PC, rather
than PF-, CNT cathodes. FTIR and SEM further confirm that PF-CNTs have better capacity-retention
due to less Li2CO3 formation on the surface of the cathode, as compared to PC-CNTs.
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Abstract: The detailed study of the interplay between the physicochemical properties and the
long-range charge migration mechanism of polymer electrolytes able to carry lithium ions is
crucial in the development of next-generation lithium batteries. Glycerol exhibits a number of
features (e.g., glass-forming behavior, low glass transition temperature, high flexibility of the
backbone, and efficient coordination of lithium ions) that make it an appealing ion-conducting
medium and a challenging building block in the preparation of new inorganic–organic polymer
electrolytes. This work reports the preparation and the extensive investigation of a family of
11 electrolytes based on lithium glycerolate. The electrolytes have the formula C3H5(OH)3−x(OLi)x,
where 0 ≤ x ≤ 1. The elemental composition is evaluated by inductively coupled plasma atomic
emission spectroscopy. The structure and interactions are studied by vibrational spectroscopies
(FT-IR and micro-Raman). The thermal properties are gauged by modulated differential scanning
calorimetry and thermogravimetric analysis. Finally, insights on the long-range charge migration
mechanism and glycerol relaxation events are investigated via broadband electrical spectroscopy.
Results show that in these electrolytes, glycerolate acts as a large and flexible macro-anion, bestowing
to the material single-ion conductivity (1.99 × 10−4 at 30 ◦C and 1.55 × 10−2 S·cm−1 at 150 ◦C for
x = 0.250).

Keywords: polymer electrolyte; lithium glycerolate; lithium single-ion conductor

1. Introduction

The major challenge for the improvement of lithium secondary batteries is the development
of stable electrolytes capable of efficiently transferring Li ions in a wide range of temperatures.
Polymer Electrolytes (PEs) seem to be the right answer thanks to their mechanical, thermal, chemical,
and electrochemical stability, and good conductivity at room temperature [1,2]. Typically, with respect
to ceramic [3] and liquid electrolytes [4], PEs show lower conductivity values. Nevertheless, they
can be obtained as very-thin-layer systems, reducing the internal resistance of the device and thus
compensating for their lower conductivity. Furthermore, the mechanical properties—in particular,
their flexibility—allow the maintenance of electrode–electrolyte contact during the charge and
discharge of the battery, even if the device is subjected to mechanical stress [5]. Finally, PEs and
glasses have the advantage of no grain boundaries, unlike ceramics [6]. The key point to designing

Batteries 2018, 4, 41; doi:10.3390/batteries4030041 www.mdpi.com/journal/batteries15
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new and high-performing PEs is the understanding of ion dissociation phenomena, ion–ion and
ion–matrix interactions, and transport events characterizing the long-range charge migration within
the polymeric matrix.

Polymers that present suitable oxygen functionalities, such as polyethylene glycol (PEG) [7–10]
and polyvinyl alcohol (PVA) [11], (a) present a high capability to efficiently coordinate lithium
cations and (b) facilitate the ion migration events through inter- and intra-chain ion-exchange
processes [2]. Glycerol (propane-1,2,3-triol) is a cheap, colorless, odorless, viscous, and nontoxic
organic low-molecular-weight component endowed with (a) a glass transition (Tg) at −80 ◦C and (b)
a melting process at 18 ◦C [12]. Glycerol is also thermally stable up to 195 ◦C [13,14] and, with its
three hydroxyl groups, is able to (i) coordinate lithium ions and (ii) be easily lithiated, so giving rise to
the formation of lithium alkoxide functionalities within the same molecule. Furthermore, glycerol is
considered a “glass-forming” liquid, i.e., a material that, when it is supercooled, forms a liquid phase
and shows no long-range order like normal crystalline solids. Glass-forming liquids are a category
of materials that have been studied in several research areas, in particular (a) in low-temperature
electrochemistry as electrolytes [15] and (b) in liquid-state physics as soft materials with peculiar
molecular and ionic relaxation processes in the long-time domain [16]. These latter properties are
crucial to developing a high-performing lithium ion conductor and to understanding the transport
phenomena modulating the conductivity in these challenging materials.

In this work a family of 11 lithium glycerolate electrolytes with different Li contents is synthetized
and extensively characterized. The general formula of these electrolytes is C3H5(OH)3−x(OLi)x,
abbreviated as GlyLix (0 ≤ x ≤ 1). Vibrational studies, carried out by FT-IR and Raman, allow for
the clarification of the structure and interactions characterizing the GlyLix electrolytes as a function
of lithium concentration. The thermal stability and transitions are revealed by TGA and modulated
differential scanning calorimetry (MDSC) analyses. Broadband electrical spectroscopy (BES) is used to
investigate the electrical response of the electrolytes in terms of polarization and dielectric relaxations.
Merging together vibrational, thermal, and BES results, a reasonable conduction mechanism is
proposed for these electrolytes. Finally, the best GlyLix electrolyte demonstrates a conductivity
higher than 10−6 S·cm−1 at −10 ◦C, 1.99 × 10−4 S·cm−1 at 30 ◦C, and 1.55 × 10−2 S·cm−1 at 150 ◦C.

2. Results and Discussion

2.1. Chemical Composition of GlyLix Electrolytes

During the preparation process, each glycerol molecule exchanges one H+ with one Li+ (see
Reaction I and Section 3.1). Lithium glycerolate, C3H5-(OH)2(OLi), is thus obtained; this compound is
indicated as GlyLi. H2 is evolved during the reaction.

C3H5-(OH)3 + LiH → C3H5-(OH)2(OLi) + H2 (I)

GlyLi is subsequently diluted with different amounts of pristine glycerol (indicated as Gly),
yielding the GlyLix electrolytes described in this work. The latter can be indicated as follows
(see Equation (1)):

GlyLix = [(GlyLi)x(Gly)1−x]. (1)

The assay of Li is obtained by ICP-AES; a summary of the composition of the 11 GlyLix electrolytes
is provided in Table 1.
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Table 1. Composition of the obtained samples.

Sample Li/wt % nLi/mol·kg−1 nglycerol/mol·kg−1 r = nLi/no x = nLi/nglycerol y = nGly/nGlyLi

1 7.14 10.00 10.8 0.33 1.000 0
2 6.30 9.67 10.2 0.30 0.890 0.12
3 5.55 8.47 10.3 0.26 0.780 0.28
4 3.30 4.92 10.5 0.15 0.450 1.22
5 1.83 2.69 10.7 0.082 0.250 3.00
6 1.23 1.79 10.7 0.055 0.170 4.88
7 0.68 0.99 10.8 0.030 0.090 10.1
8 0.36 0.52 10.8 0.016 0.048 19.8
9 0.08 0.11 10.8 0.0033 0.010 99.0
10 0.04 0.06 10.8 0.0018 0.005 200
11 0 0 10.9 0 0 ∞

2.2. Vibrational Spectroscopy Studies

2.2.1. Glycerol Conformations

In accordance with results from other studies, glycerol consists of a blend of molecules with different
conformations. A brief description of the types of conformations exhibited by glycerol molecules is
provided below. It is reported that three structural arrangements of CH2OH and OH groups are possible,
namely, α, β, and γ [17]. These latter derive from the allowed rotations of the CH2OH and OH groups
around the C–C covalent bond in the backbone. In the α conformation, the C–C–O angle (ϕ) is equal to
71◦, and the terminal oxygen atom of the CH2OH group is in trans position with respect to the carbon
atom of the CHOH group. On the other hand, in the β conformation, the two oxygen atoms of CH2OH
and CHOH groups are in trans position. Finally, in the γ orientation, ϕ is equal to 71◦, and the terminal
oxygen atom of the CH2OH group is in trans position with respect to the hydrogen atom of the CHOH
group. The three different conformations are represented in Figure 1a.

 

Figure 1. (a) The α, β, and γ conformations of glycerol; (b) The most probable conformations assumed
by the glycerol molecule: αα and αγ. Color legend: C (grey), O (red), H (white), oxygen electron pair
(pink). Hydrogen bonds are highlighted with a dotted line; (c) Glycerol intermolecular structure in the
liquid phase.
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In the crystalline form of glycerol, only the αα conformer exists, while in the liquid both the
αα and αγ conformers are identified (Figure 1b) [18]. The γγ conformer might exist, but only with
a very low probability. Moreover, dynamic mechanical studies reveal that in glycerol the intra- and
inter-molecular H-bonds give rise to the formation of five-member atoms rings in the αα and αγ

conformers, while in the γγ conformer a six-atom ring coordination appears [19–21]. If we assume
that (a) Li+ cations exhibit a tetrahedral coordination geometry [22] and (b) each Li+ is coordinated
by one –O− and three electron pairs of different neutral oxygen atoms, then glycerol can assume four
different coordination geometries, as follows: (i) g1: glycerol assumes an αα conformation; one Li+ is
coordinated by four glycerol molecules through four monodentate bonds (Figure 2a); (ii) g2.1: glycerol
is characterized by an αα conformation; one glycerol molecule coordinates Li+ as a bidentate ligand
and two more glycerol molecules coordinate Li+ as monodentate ligands (Figure 2b); (iii) g2.2: glycerol
exhibits an αα conformation; two glycerol molecules coordinate Li+ as bidentate ligands (Figure 2c);
and (iv) g3: glycerol has a γγ conformation; one glycerol molecule coordinates Li+ as a monodentate
ligand, while another glycerol molecule coordinates Li+ as a tridentate ligand (Figure 2d). All of these
coordination geometries are present in the electrolytes described in this work. FT-IR and micro-Raman
studies allow us to understand which coordination geometry is predominant at each nLi/ngly ratio (x).

Figure 2. Coordination geometries assumed by glycerol molecules upon coordination of Li+ cations.
Color legend: C (grey), O (red), H (white), Li (violet). Li–O interactions are highlighted with a dotted line.
(a) g1 coordination geometry, with four monodentate glycerol ligands; (b) g2.1 coordination geometry, with
two monodentate glycerol ligands and one bidentate glycerol ligand; (c) g2.2 coordination geometry, with
two bidentate glycerol ligands; (d) g3 coordination geometry, with one monodentate glycerol ligand and
one tridentate glycerol ligand.

2.2.2. Fourier Transform Infrared Spectroscopy

Vibrational spectroscopies are a useful tool to identify which of the coordination geometries
represented in Figure 2 predominates at each concentration of Li+ in the different electrolytes.
FT-IR spectra are presented in Figure 3.

The vibrational spectra can be divided into three different regions: (i) at wavenumbers higher
than 3000 cm−1, the typical OH stretching vibrations (νOH) are observed [19,23,24]; (ii) in the
wavenumber range 2700–3000 cm−1, the CH stretching vibrations (νCH) of the glycerol backbone
are revealed [19,23,24]; (iii) finally, between 480 and 1500 cm−1, the CH2 scissoring (sr), OH in-plane
bending (δip), CO stretching (νCO), CO bending (δCO), CC internal rotations (ϕCC), and CO rocking
(�CO) vibrations are detected [19,23–26]. Table 2 reports a complete correlative assignment of all the
vibrational modes shown in Figure 3.

18



Batteries 2018, 4, 41

Figure 3. FT-IR spectra of GlyLix electrolytes.

Table 2. FT-IR and Raman correlational assignments of glycerol (Gly) and lithium glycerolate (GlyLi) samples.

Glycerol, Gly (x = 0) Lithium Glycerolate, GlyLi (x = 1.000)

ωIR
1/cm−1 ωRaman/cm−1 ωIR/cm−1 ωRaman/cm−1 Assignment 2 Ref.

3422 (s) − 3386 (s) − νf(OH) [19,23,24]
3286 (vs) 3350 (s) 3267 (vs) 3350 (s) νHy(OH) [19,23,24]

− − 3149 (m) − νg3Li(OH) [this work]
− − 3071 (w) − νg2Li(OH) [this work]
− 2966 (wv) − 2967 (w) νg2,a(CH) [this work]

2931 (m) 2945 (vs) 2929 (m) 2945 (vs) νg1,a(CH) [19,23,24]
− 2909 (w) − 2909 (s) νg2,s(CH) [this work]
− 2885 (vs) − 2885 (vs) νg1,s(CH) [19,23,24]

2879 (m) 2874 (m) 2878 (m) 2876 (m) νg3,a(CH) [19,23,24]
− − 2867 (m) − νg3,a(CH) [this work]

2844 (m) 2831 (s) 2842 (w) − νg3,s(CH) [this work]
2800 (w) − − − νg3,s(CH) [this work]

2754 (vw) 2741 (vw) 2695 (vw) 2736 (w) νs(CH of C2) [19,23,24]
2727 (vw) − − − νs(CH of C2) [this work]

− − 2504 (vw) − ν(CH) [this work]
− 1465 (s) − 1464 (s) sr(CH2) [19,23,24]

1416 (s) − 1435 (s) − δip(OH),ω(CH2) [19,23,24]
1323 (m) 1313 (vw) 1336 (m) 1313 (vw) δip(OH),ω(CH) [19,23,24]
1210 (w) 1253 (v) 1225 (vs) 1253 (v) δip(OH),ω(CH) [19,23,24]
1108 (vs) 1112 (s) 1111 (m) 1112 (s) νg3,sec(C–C–O) [19,23,24]
1088 (w) − 1091 (w) − νg1,sec(C–C–O) [this work]
1075 (w) − 1073 (w) − νg2,sec(C–C–O) [this work]
1054 (m) − 1054 (m) − νg3,pri(C–C–O) [this work]
1029 (vs) 1055 (s) 1034 (vs) 1055 (s) νg1,pri(C–C–O) [19,23,24]

995 (s) 975 (w) 998 (sh) 975 (w) νa(CO),T [19,23,24]
977 (s) − 980 (s) − νs(CO),T [this work]
924 (m) 922 (m) 925 (m) 922 (m) νa(CO),G [19,23,24]

908 (vw) − 909 (vw) − νs(CO),G [this work]
866 (w) − 867 (w) − νa,pri(C–C–C) [this work]
849 (m) 850 (s) 850 (m) 850 (s) νs,pri(C–C–C) [19,23,24]

819 (vw) 820 (m) 820 (vw) 820 (m) νpri(C–C–C) [19,23,24]
639 (m, sh) 673 (w) 630 (m, sh) 673 (w) δ(C–C–O) [19,23,24]

550 (s) 548 (w) 563 (w) 548 (w) ϕ(C–C) [19,25]
488 (s) 484 (m) 493 (m) 484 (m) �(C–C–O) [19,25]

413 (m) 413 (m) �(C–C–O) [19,25]
327 (vw) 327 (vw) ϕ(C–C), δ(C–C–O) [19]

1 Relative intensities are shown in parentheses: vs: very strong; s: strong; m: medium; w: weak; vw: very weak; sh:
shoulder. 2 ν: stretching; δ: bending; sr: scissoring; ω: wagging; ϕ: internal rotations; �: rocking a: antisymmetric mode;
s: symmetric mode; f: free; Hy: involved in a hydrogen bonding; Li: coordinate to lithium; g1: g1 coordination geometry;
g2: g2 coordination geometry; g3: g3 coordination geometry; ip: in-plane; pri: primary alcohol; sec: secondary alcohol; T:
trans; G: gauche.
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The OH stretching vibration centered at ca. 3300 cm−1 and the CO stretching vibrations of primary
and secondary alcohols peaking in the range 1000–1100 cm−1 are the most affected by the different
concentration of Li+. This is even more evident from the differential spectra reported in Figure S1 of
Supplementary Materials, where the spectrum of pristine glycerol is subtracted from the spectrum of
each sample to highlight the differences between Gly and the GlyLix electrolytes. It is observed that
the ν(OH) vibration shifts to lower wavenumbers as the concentration of Li+ is raised; the intensity
of the ν(OH) vibration is concurrently reduced. This trend is easily explained considering that the
OH stretching vibrations are involved in the formation of hydrogen bonds, whose number decreases
upon the addition of Li+ [27]. Furthermore, the downshift in wavenumber of ν(OH) is the result of a
weakening of the hydrogen–oxygen bond strength in glycerol [27]. The second FT-IR peaks that are
strongly affected by the concentration of Li+ are those centered at ca. 1034 and 1111 cm−1, which are
attributed to the CO stretching of the g1 and g3 conformation geometries, respectively. It is observed
that the intensities of both vibrations decrease as the Li+ content is raised. In particular, the latter
decreases with a lower magnitude with respect to the former, indicating that, probably, the increase
in the lithium content results in the stabilization of the g3 conformation geometry. These trends are
plotted in Figure S2 of Supplementary Materials. In summary, the presence of Li+ destabilizes the
typical conformation geometry of pristine glycerol, modifying the hydrogen–oxygen interactions.

Further insight into the glycerol conformation geometries at different concentrations of Li+ can be
obtained by the Gaussian decomposition of the peaks in the 2500–3700 and 770–1150 cm−1 regions.
For the sake of brevity, only the results obtained from pristine glycerol, Gly (x = 0), and lithium
glycerolate, GlyLi (x = 1.000), are reported in Figure 4.

With respect to the spectrum of pristine glycerol (Figure 4a), the spectra of both GlyLi (Figure 4b)
and GlyLix electrolytes with x ≥ 0.170 reveal two new peaks at ca. 3071 and 3149 cm−1. These latter
peaks are attributed to the OH stretching vibrations of the g2 (Figure 2b,c) and g3 (Figure 2d)
coordination geometries of the glycerol molecules, respectively. On the basis of the fitting results,
a semiquantitative analysis is carried out based on the areas of the peaks centered at ca. 3386, 3267,
3149, and 3071 cm−1. The areal percentages are calculated following Equation (2):

An% =
An

∑m
i = 1 Ai

·100, (2)

where An% is the areal percentage of the peak n, An is the calculated area of the peak n, and the sum
takes into consideration the areas of all the peaks centered at ca. 3386, 3267, 3149, and 3071 cm−1.
Results are reported in Figure 5a.
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Figure 4. Gaussian fitting of the FT-IR spectra of (a) pristine glycerol, Gly (x = 0), in the 2500–3700 cm−1

region; (b) lithium glycerolate, GlyLi (x = 1.000), in the 2500–3700 cm−1 region; (c) pure glycerol, Gly (x = 0),
in the 770–1150 cm−1 region; and (d) lithium glycerolate, GlyLi (x = 1.000), in the 770–1150 cm−1 region.

On the basis of these results, the proposed electrolytes can be divided into three groups, depending
on the concentration of Li+:

• Group A: At low concentrations of Li+ (0 ≤ x ≤ 0.090), the areal percentage of the peaks associated
to νf(OH) (3386 cm−1) and νHy(OH) (3267 cm−1) varies by no more than 5%. In this group of
electrolytes, A3149 and A3071, which are attributed respectively to the νg3Li(OH) and νg2Li(OH)
modes, are equal to 0. This suggests that at low values of x, a large number of intra- and
inter-molecular hydrogen bonds are present. The coordination geometry remains similar to that
of pristine glycerol, i.e., g1 (Figure 2a). Indeed, g1 allows for a higher number of hydrogen bonds
with respect to g2 and g3 coordination geometries.

• Group B: In the middle of the concentration range of Li+ (0.170 ≤ x ≤ 0.450), A3386 remains almost
constant while A3267 is decreased by ca. 63%, indicating a lower number of hydrogen bonds.
A3149 and A3071 appear in the spectra of these samples, reaching values of ca. 30%. The decrease
in the number of hydrogen bonds is attributed to the increased number of oxygen atoms involved
in the coordination of Li+, as confirmed by the increased intensities of the peaks attributed to
the νg3Li(OH) and νg2Li(OH). In samples with 0.170 ≤ x ≤ 0.450, the predominant coordination
geometries are g2.1 and g2.2 (Figure 2c,d) due to a lower number of hydrogen bonds and to the
formation of lithium coordination by oxygen functionalities.

• Group C: In the high Li+ concentration range (0.780 ≤ x ≤ 1.000), A3386 remains almost constant,
and A3267 goes back to medium values of areal percentage (up to 64%). Moreover, in this region
the areas of νg3Li(OH) and νg2Li(OH) peaks begin to become clearly different, with the former
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larger than the latter. This evidence is easily explained if we consider that at x ≥ 0.780 the
prevailing coordination geometry is g3. This allows for a higher number of hydrogen bonds with
respect to g2; at the same time, a significant number of oxygen atoms is coordinating Li+.

Figure 5. (a) Semiquantitative analysis of the peaks centered at ca. 3386, 3267, 3149, and 3071 cm−1 as a
function of x; (b) Semiquantitative analysis of the peaks in the range 770–1150 cm−1 as a function of x.

Equation (2) is used also to evaluate the behavior of peak areas at different Li+ concentrations in
the range 770–1150 cm−1; the results are reported in Figure 5b. The most interesting peaks to study
the different coordination geometries assumed by the glycerol molecules are those centered at ca.
1034, 1054, 1073, 1091, and 1111 cm−1, attributed to νg1,pri(C–C–O), νg3,pri(C–C–O), νg2,sec(C–C–O),
νg1,sec(C–C–O), and νg3,sec(C–C–O), respectively.

• Group A: At low concentrations of Li+ (0 ≤ x ≤ 0.090), the νg1,pri(C–C–O) vibration dominates the
spectra, indicating that the majority of Li+ is coordinated by the oxygen functionalities of primary
alcohols in the g1 coordination geometry.

• Group B: In the middle of the concentration range of Li+ (0.170 ≤ x ≤ 0.450), we observe a decrease
in the area of the peak attributed to νg1,pri(C–C–O) vibration, concurrently with a significant
increase of both A1073 (here the effect is significant) and A1111 (here the effect is visible, but less
pronounced). Indeed, in this region the main coordination geometries assumed by glycerol
molecules are g2.1 and g2.2, with secondary alcohol hydroxyl groups coordinating Li+.

• Group C: Finally, at a high concentration of Li+ (0.780 ≤ x ≤ 1.000), the areas of the peaks
attributed to νg1,pri(C–C–O), νg3,pri(C–C–O), and νg3,sec(C–C–O) increase. On the contrary,
the areas of the peaks associated to νg2,sec(C–C–O) and νg1,sec(C–C–O) show a minimum for
x = 1.000. This demonstrates that at a high concentration of Li+ the dominating coordination
geometry for glycerol molecules is g3.
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The results obtained from the fitting of the 2500–3700 cm−1 region are in accordance with those
obtained from the analysis of the spectra in the 770–1150 cm−1 range. Table 3 summarizes the different
coordination geometries assumed by the glycerol molecules as a function of x.

Table 3. Coordination geometries and thermal results of Gly and GlyLix electrolytes.

x Group Coordination Geometry 1 Tdec.
2/◦C Tg

3/◦C ΔHer
4/J·g−1

0 A g1 195.09 −78.51 −2.476
0.005 A g1 195.03 −78.22 −2.267
0.010 A g1 190.38 −78.53 −2.521
0.048 A g1 190.19 −76.18 −1.877
0.090 A g1 188.95 −76.17 −2.057
0.170 B g2.1 and g.2.2 172.77 −72.35 −2.096
0.250 B g2.1 and g.2.2 174.79 −69.07 −2.077
0.450 B g2.1 and g.2.2 170.14 −66.15 −1.84
0.780 C g3 191.34 −64.93 −1.637
0.890 C g3 177.09 −63.04 −3.483
1.000 C g3 185.42 −42.95 −3.29

1 Results obtained from the fitting of FT-IR and micro-Raman spectra. 2 Decomposition temperature obtained
from TGA measurements. 3 Glass transition temperatures are evaluated from modulated differential scanning
calorimetry (MDSC) measurements. 4 Relaxation enthalpies are calculated from MDSC measurements.

2.2.3. Micro-Raman Spectroscopy

With respect to FT-IR, micro-Raman spectroscopy measurements are more sensitive to CH
vibrational modes. Thus, the decomposition of the micro-Raman spectra reported in Figure 6
yields additional information on the coordination geometries taken by glycerol as a function of
the concentration of Li+.

Figure 6. Normalized micro-Raman spectra of GlyLix samples.

The Lorentzian fitting of the spectra of pristine glycerol in the 2600–3100 cm−1 range and the
areal behavior of the peaks as a function of x are reported in Figures S3 and S4 of the Supplementary
Materials. In accordance with FT-IR results, in micro-Raman spectra the electrolytes are clearly divided
into three different groups, depending on the concentration of Li+:

• Group A: At low concentrations of Li+ (0 ≤ x ≤ 0.090), A2945, attributed to the νg1,a(CH) vibration,
has the highest value among all the other peaks. Again, it is confirmed that at these concentrations
of Li+ the predominant coordination geometry taken by glycerol molecules is g1.

• Group B: In the middle of the concentration range of Li+ (0.170 ≤ x ≤ 0.450), it appears that the
area attributed to the CH stretching of g1 conformation decreases, while the highest increase is
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observed for A2966 and A2909. The latter are attributed to νg2,a(CH) and νg2,s(CH), respectively,
with a maximum at x = 0.250. In this concentration region, glycerol molecules prefer g2.1 and
g2.2 coordination geometries.

• Group C: Finally, at a high concentration of Li+ (0.780 ≤ x ≤ 1.000), a further decrease of the area
attributed to νg1,a(CH) vibration is observed. Differently from Group B, a significant increase of
A2831 is observed, attributed to νg3,s(CH). This indicates that in this concentration range of Li+,
the number of glycerol molecules taking g3 coordination geometry is increased.

In summary, FT-IR analysis is useful to studying how OH and CO stretching vibrations are affected
by the different concentrations of Li+. On the other hand, micro-Raman spectroscopy allows us to evaluate
the changes in coordination geometry, studying the CH stretching modifications. A clear division into
three groups of samples with a different concentrations of Li+ observed: at low Li+ content (x ≤ 0.090),
glycerol molecules prefer the g1 coordination geometry (Figure 2a), while at medium concentrations of Li+

(0.170 ≤ x ≤ 0.450), the prevalent coordination geometry is g2 (Figure 2b,c). Finally, at high lithium content
(x ≥ 0.780), g3 (Figure 2d) is the most probable conformation for glycerol molecules.

2.3. Thermal Studies

2.3.1. Thermo-Gravimetric Analysis (TGA)

Thermo-gravimetric analyses allow for the determination of the thermal stability of the proposed
GlyLix electrolytes, and for evaluation of the effects of the presence of Li+ on the decomposition
temperature. Results are reported in Figure 7a and Table 3.

Figure 7. (a) Thermo-gravimetric analyses of GlyLix. (b) MDSC profiles of GlyLix.

In accordance with the literature, pristine glycerol shows the highest thermal stability among
all the samples, with a decomposition temperature (Tdec.) of 195.09 ◦C and no residual weight [28].
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When lithium is added, a high-temperature residue appears, the magnitude of which increases as
the lithium content is raised. This evidence is interpreted as admitting that the high-temperature
residue consists of lithium oxide, which is formed at high temperatures. Li2O can be formed under
nitrogen atmosphere due to the decomposition of the glycerol matrix. The trend of the decomposition
temperatures as a function of x reflects the division into the three groups of electrolytes also revealed
by the vibrational spectroscopies (see Table 3). In Group A, all the samples are characterized by a
decomposition temperature that is similar to that of pristine glycerol. When x reaches 0.170, a drop
of more than 16 ◦C in the thermal stability is observed. In Group C, Tdec. increases again to high
values. On the basis of these results, it is deduced that (i) the introduction of Li+ lowers the thermal
stability of the electrolytes, promoting the decomposition of glycerol, and (ii) the thermal stability
of the electrolytes is correlated to the coordination geometry assumed by the glycerol molecules.
Indeed, a decrease in the decomposition temperature of GlyLix could be ascribed to the reduction of
the number of hydrogen bonds [29].

2.3.2. Modulated Differential Scanning Calorimetry (MDSC) Studies

Figure 7b shows the MDSC results of the synthetized materials. In all the samples, the presence
of two different contributions is observed; these are easily decoupled thanks to the modulated
option of the DSC instrument. The separation of reversible and nonreversible heat flow components
for pristine glycerol (x = 0) and GlyLi (x = 1.000) are reported in Figure S5 of the Supplementary
Materials. The reversible contribution is attributed to the glass transition (Tg) of the glycerol
matrix, while the nonreversible component is due to an enthalpic relaxation (ΔHer) associated to Tg.
MDSC measurements reveal that with increasing lithium content (x), the Tg of the materials increases
(see Table 3), with a difference of more than 35 ◦C between pristine glycerol (Tg = −78.51 ◦C, similar to
that reported in the literature [30]) and GlyLi (Tg = −42.95 ◦C). This indicates that Li+, coordinated by
glycerol molecules, is able to create a coordination network that increases the energy needed for the
structural reorganization of the electrolyte at Tg. The enthalpic relaxation value calculated for pristine
glycerol, −2.476 J·g−1, is in accordance with the literature [31]. All the electrolytes exhibit a negative
value of ΔHer (see Table 3), indicating that the transition is endothermic. It is also observed that the
coordination geometries assumed by the glycerol molecules influence the enthalpy associated with the
glass transition. In Group A, the high number of hydrogen bonds keeps the enthalpy low. As the content
of Li+ is increased (Group B), the number of hydrogen bonds is reduced. Correspondingly, ΔHer values
are raised. Finally, in Group C, the negative trend of ΔHer as x is raised is explained by the formation of
several tetrahedral coordination geometries due to the presence of a high concentration of Li+.

2.4. Broadband Electrical Spectroscopy

The electric response of the electrolytes in terms of polarization and relaxation phenomena is
investigated by BES. These measurements are useful to studying the interplay between the structure,
relaxations, and conduction mechanism of the proposed electrolytes as a function of the concentration
of Li+. Measurements are carried out between −130 and 150 ◦C, in the 10−1–107 Hz frequency range.
The spectra of the complex permittivity versus temperature and frequency are fitted with the following
empirical equation [32]:

ε∗(ω) = i
(

σ0

ε0ω

)N
+

n

∑
k = 1

σk(iωτk)
γk

iω[1 + (iωτk)
γk ]

+
m

∑
j = 1

Δεj

iω
[
1 +

(
iωτj

)αj
]βj

+ ε∞ (3)

where ε*(ω) = ε′(ω) − iε”(ω) (σ*(ω) = iωε*(ω)). The first term of Equation (3) is attributed to the
conductivity of the electrolyte at zero frequency (this is the residual conductivity of the sample). ε∞

accounts for the permittivity of the electrolyte at infinite frequency (electronic contribution). The second
term is associated with the electrode (k = 1) and interdomain (k ≥ 2) polarization phenomena. τk and
σk are the relaxation times and the conductivity, respectively, associated with the kth polarization.
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γk is a pre-exponential factor that varies from 0.5 to 1.0. The third term, attributed to the dielectric
relaxation, is described by the Havriliak–Negami theory [32,33]. Δε, τj, αj, and βj correspond to the
dielectric strength, relaxation time, and symmetric and antisymmetric shape parameters of the jth
relaxation event, respectively.

The 3D tanδ (tanδ = ε”/ε′) profiles are adopted to identify the polarization and relaxation
phenomena occurring in the electrolytes. The 3D tanδ profiles of four samples—GlyLix with x = 0, 0.010,
0.170, and 1.000, belonging to the three groups of electrolytes A, B, and C—are reported in Figure 8.
The 3D tanδ profiles of the other electrolytes are found in Figure S6 of Supplementary Materials.

Figure 8. 3D tanδ surfaces of GlyLix samples with x = 0, 0.010, 0.170, and 1.000.

2.4.1. Polarization Phenomena

Four different polarization phenomena are observed: (i) the electrode polarization event (σEP),
which is observed at temperatures higher than −60 ◦C and corresponds to the accumulation of charge
at the interface between the sample and the platinum blocking electrodes; and (ii) three different
interdomain polarizations at temperatures ranging between −70 and 10 ◦C (σIP,1), between 0 and
150 ◦C (σIP,2), and above 60 ◦C (σIP,3). These polarizations are attributed to the accumulation of
charge at the interface between domains with different permittivity. The presence of these latter
polarization phenomena (σIP) indicates that the electrolytes are heterogeneous at the mesoscale and
glycerol molecules tend to aggregate, forming nano-domains.

The conductivity values of each polarization, obtained from the fitting parameter associated
to all the observed events, are plotted versus T−1. Each curve is fitted with a suitable model, i.e.,
Vogel–Tammann–Fulcher (VTF) [34] or Arrhenius (A) equation [32]. Results are shown in Figure 9.
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Figure 9. Log σk vs T−1 curves of each polarization for every sample. Regions I and II are divided by
the Tg of the sample.

At temperatures lower than the Tg, i.e. ca. −60 ◦C (Region I), the only contribution to the overall
conductivity is provided by σ0 and follows an Arrhenius behavior. This evidence witnesses that in
this temperature region, charge migration occurs through hopping events between different domains.
At temperatures higher than Tg (Region II), all σk reveal a VTF-like behavior, indicating that the
conduction mechanism is assisted by the segmental motion of the cluster aggregates. The overall
conduction is the sum of the single conductivities of each polarization occurring in the electrolyte (see
Equation (4)) [8]:

σT = σ0 +
n

∑
k = 1

σk = σ0 + σEP + σIP,1 + σIP,2 + σIP,3. (4)

Figure 10 shows the logarithm of the overall conductivity as a function of T−1; the GlyLix samples
are divided into the three groups described in Section 2.2.2 on the basis of the concentration of Li+.

• Group A: Pristine glycerol and electrolytes with a low content of Li+ (x ≤ 0.090) show the lowest
values of overall conductivity. At low concentrations of Li+, glycerol molecules are in the αα

conformation and coordinate Li+ through the g1 geometry, where the highest number of intra- and
inter-molecular hydrogen bonds is achieved. Thus, the presence of these interactions gives rise to
glycerol structures that hinder the migration of Li+. Furthermore, a low concentration of charge
carriers decreases the overall conductivity. In Group A, a conductivity drop is observed at ca.
0 ◦C, even if MDSC measurements do not reveal any thermal transition. This phenomenon
can be explained by considering that, at these concentrations of Li+ and in this particular
temperature range (Tg ≤ T ≤ 0 ◦C), the structure assumed by the glycerol molecules facilitates
the σIP,1 polarization, making it the component providing the highest contribution to the overall
conductivity (Figure 9) and perturbing the log σT vs T−1 curve behavior. This effect decreases as
the content of Li+ is increased. At temperatures higher than 0 ◦C, the main contribution to the
overall conductivity is mostly provided by the electrode polarization.

• Group B: In this concentration region the highest values of overall conductivity are reached.
In particular, GlyLi0.250 shows the highest lithium single-ion room temperature conductivity
value, i.e., 1.99 × 10−4 at 30 ◦C. This value is in line with those present in the literature for
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lithium-ion-conducting polymer electrolytes. This makes the proposed electrolytes extremely
interesting for application in Li-ion batteries [19,35]. Furthermore, this electrolyte is characterized
by (i) an impressive high-temperature conductivity of 1.55 × 10−2 S·cm−1 at 150 ◦C; and
(ii) a significant low-temperature conductivity, that is higher than 10−6 S·cm−1 at −10 ◦C,
thanks to the glass-forming behavior of the glycerol matrix. In this concentration range of
Li+, the g2 conformation geometry assumed by glycerol molecules does not facilitate the σIP,1

polarization. Indeed, (i) the conductivity of this event strongly decreases; (ii) σEP becomes the
most contributing component to the overall conductivity at T > Tg; and (iii) the conductivity drop
at 0 ◦C is no longer detected.

• Group C: Similar to Group B, the electrolytes belonging to this concentration region demonstrate
high values of room temperature conductivity (σT > 10−4 S·cm−1). Nevertheless, GlyLi shows a
decrease in conductivity, especially in the Tg ≤ T ≤ 30 ◦C temperature range. This is probably
the result of three concurring effects: (i) as already demonstrated by MDSC measurements,
the introduction of a high number of Li+ ions makes the structure of the glycerol host more rigid,
hindering the migration process of Li+; (ii) the g3 conformation geometry, which is assumed
by glycerol molecules in this concentration region, strongly decreases the σIP,1 polarization
contribution and thus lowers the overall conductivity; and (iii) the presence of a huge number
of Li+ ions increases the probability to entrap lithium ions into the tetrahedral coordination
structures of the glycerol molecules.

 

Figure 10. Log σT vs T−1 curves for the various groups of GlyLix samples. Group A: x ≤ 0.090; Group B:
0.170 ≤ x ≤ 0.450; Group C: 0.780 ≤ x ≤ 1.000.

In summary, at temperatures lower than the Tg (i.e., ca. −60 ◦C), the only contribution to the
overall conductivity is provided by σ0, and Li+ are exchanged with a hopping process. At high
temperatures (T > 10 ◦C), σEP mainly contributes to the overall conductivity and the migration of
Li+ is assisted by the segmental motions of the glycerol aggregates. Finally, at medium temperatures
(Tg ≤ T ≤ 10 ◦C) and at a low concentration of Li+ (x ≤ 0.090), the main contribution to the overall
conductivity is given by σIP,1. The σIP,1 contribution decreases as the content of Li+ is raised, while σEP

becomes more and more intense, thus providing the largest contribution to the overall conductivity.

2.4.2. Relaxation Events

At temperatures lower than 10 ◦C, three different dielectric relaxation events are observed,
belonging to glycerol and GlyLix samples (Figure 8 and Figure S6): the relaxation that appears at high
frequency (>102 Hz) and at temperatures lower than −70 ◦C is attributed to a γ dielectric relaxation,
and it is associated to the rapid local fluctuations of the dipole moments of glycerol hydroxyl terminal
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functionalities (Figure S7 of the Supplementary Materials) [36]; at lower frequencies with respect to
γ, and in the temperature range between −100 and −20 ◦C, one β dielectric relaxation is observed.
This relaxation is attributed to an internal modification in the molecular conformation of glycerol,
and it is typically referred to as a “β mode of glass-forming materials” [37,38]. In particular, it is attributed
to the local fluctuations of the dipole moments of glycerol molecules that are coordinating protons
or lithium cations through the hydrogen bonds (see Figure S7 of the Supplementary Materials) [8].
Finally, the relaxation that is observed at the lowest values of the frequency and at temperatures up
to 30 ◦C is assigned to an α dielectric relaxation mode. This type of relaxation is a dynamic process
involving the diffusion of conformational states along the polymer chains and aggregates, and it is
known as a “segmental motion” (Figure S7) [37].

The dielectric relaxation frequency (fj) and dielectric strength (Δεj) values, obtained from the
fitting of the 3D surfaces of Figure 8 and Figure S6 using Equation (3), are plotted as a function
of temperature (T−1) and reported in Figure 11 and Figure S8 of the Supplementary Materials,
respectively. All the curves present in Figure 11 are fitted with Vogel–Tammann–Fulcher–Hesse
(VTFH) or Arrhenius-like equations.

Figure 11. Log fj vs T−1 curves of each dielectric relaxation event for every sample. Regions I and II
are divided by the Tg of the sample.

For all the samples, the α dielectric relaxation is observed in both Region I, where it follows
an Arrhenius-like behavior, and Region II, where a VTFH behavior is detected. Thus, only at high
temperatures (Region II) is this relaxation assisting the long-range migration of Li+ through the
segmental motions of the glycerol aggregates. It is also observed that, at temperatures higher than
the Tg, Δεα is the only dielectric strength that gets values higher than 10 (Figure S8), indicating a
lower interaction between α dipole moments [19]. As elsewhere described [32], β relaxation shows
an Arrhenius-like behavior in the whole temperature range, indicating that it is responsible for the
migration of Li+ through hopping events between different glycerol molecules. The dielectric strength
of the β relaxation is lower than that of the α event. Finally, the γ dielectric relaxation mode is present
only at T < Tg, and it shows an Arrhenius-like dependence on T−1, similarly to β. The corresponding
dielectric strength (Δεγ) reaches the lowest values among all the relaxations.
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2.4.3. Activation Energies

The activation energy (Ea) associated to each conduction pathway is calculated by fitting
the profiles of conductivity and dielectric relaxation frequency values vs T−1 shown in Figures 9
and 11, respectively. The obtained results are summarized in Figure 12 and Tables S1 and S2 of the
Supplementary Materials.

 

Figure 12. Activation energies calculated for each polarization phenomenon and relaxation event
of every sample. The plot is divided into a low-temperature region (Region I, T < Tg) and a
high-temperature region (Region II, T > Tg).

It is observed that at T < Tg (Region I) and at low concentrations of Li+ (0.005 ≤ x ≤ 0.090), Ea of
σ0 is very similar to the activation energy of the γ dielectric relaxation. Thus, for these samples and
in this temperature range, the local fluctuations of the dipole moments of glycerol terminal hydroxyl
functionalities are modulating the overall conductivity. As the content of Li+ in the electrolytes is
raised (x ≥ 0.170), there is not a clear correlation between the activation energy of σ0 and that of
any relaxation. This allows us to conclude that in Region I the glycerol relaxations are not assisting
the migration process of Li+. In Region II, Ea of σk, and, in particular, Ea of σEP, perfectly overlap
with the activation energy of α dielectric relaxation at all x values with a difference of no more than
4 kJ·mol−1. Hence, independently from which coordination geometry glycerol molecules are assuming,
the diffusion of conformational states between cluster aggregates is modulating the overall lithium ion
conduction mechanism. Moreover, the activation energy of this relaxation is very low, always lower
than 23 kJ·mol−1. This indicates that the formation and dissolution mechanism of hydrogen bonds in
clusters of glycerol molecules, required for the activation of α relaxation, is very efficient in long-range
charge migration events.

2.4.4. Diffusion Coefficients and Average Charge Migration Distance

Additional insights into the conduction mechanism and the charge transfer processes occurring
in the electrolytes are achieved by evaluating the temperature dependence of the diffusion coefficient
(D), and the average charge migration distance (<r>). D is calculated by means of the Nernst–Einstein
equation (Equation (5)) [39]:

Dσk,i =
RTiσk

Z2
kCkF2 (5)

where R is the gas constant, Ti is the temperature at which D is calculated, σk is the conductivity
of the kth polarization, Zk and Ck are the charge and concentration of the kth species exchanged
during the σk polarization, and F is the Faraday constant. The relationship between the diffusion
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coefficient D, associated with each polarization, and the dielectric relaxation events is derived from the
Stokes–Einstein equation. The result is Equation (6):

Dσk,i,j =
(kbTi)

2/3

6π2/3τ1/3
j η2/3

i

(6)

where kb is the Boltzmann constant, τj is the relaxation time of the jth dielectric relaxation, and η is
the viscosity of the system. The latter is approximated with the temperature-dependent viscosity of
glycerol found in the literature [40]. The analysis of Equation (6) reveals that there is a linear correlation
between the logarithm of the diffusion coefficient and the logarithm of the dielectric relaxation
frequency. Results are shown in Figure S9 of the Supplementary Materials. The correlation between
the diffusion coefficient and the relaxation frequencies at different temperatures and concentrations of
Li+ allows for the determination of the relationships between polarization phenomena and dielectric
relaxation events. A relationship occurs when a linear dependence of the logarithm of the diffusion
coefficient on the logarithm of the dielectric relaxation frequency is observed. Furthermore, this linear
dependence has to be superimposable to the ideal one. As can be observed, all the polarizations
are influenced by α dielectric relaxation, while β is correlated only to σEP and σIP,1. The γ dielectric
relaxation does not influence any migration process. Focusing on the dependence on the lithium
concentration it is observed that, at low Li+ content (Group A), experimental and ideal data fit very
well for both α and β dielectric relaxations. As the content of Li+ is increased (Group B), experimental
data overlap even better with the theoretical values, especially for the α relaxation, indicating that
a high migration efficiency is present. Hence, it is expected that these electrolytes exhibit a high
conductivity. Group C electrolytes present a good correlation between DσEP, DσIP1, DσIP2, and both α

and β dielectric relaxations, even if DσIP1 and DσIP2 are a few cm2·s−1 lower than the ideal values.
The temperature dependence of the average charge migration distance (<r>) of the different

percolation pathways is obtained from the Einstein–Smoluchowski equation (Equation (7)):

< r >k,i =
√

6Dk,iτk =

√
6RTiσkτk

Z2
kCkF2 (7)

where τk is the relaxation time of the σk polarization. Results are reported in Figure 13.

 

Figure 13. Average migration distance as a function of the temperature for σEP, σIP,1, σIP,2, and σIP,3.
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It is observed that the migration distance increases as the temperature is raised. In Region I
(below Tg), this migration is absent: Li+ are entrapped between glycerol molecules, and a huge amount
of energy is needed in order to activate the relaxation processes of the cluster aggregates and allow
lithium ions to migrate. In Region II (above the Tg), <r> is almost constant with the temperature for all
the polarizations. On the contrary, the migration distance is affected by the different concentrations
of Li+ in the electrolytes: a decrease of one order of magnitude is observed going from the samples
with x = 0.005 to x = 1.000. Indeed, when a high number of Li+ ions able to be exchanged is present
in the electrolyte, the dimension of the domains is smaller. The <rEP> values range from 102 to
101 nm; <rEP> is responsible for the long-range migration. On the contrary, <rIP,1> has the lowest
values among all the polarizations, indicating that this phenomenon is responsible for the short-range
migration. Moreover, this distance is equal to 1 nm, which is similar to the distance between two
neighboring glycerol molecules. Thus, interdomain polarization 1 is attributed to the exchange of
lithium ions between adjacent glycerol molecules. Similar to <rEP>, <rIP,2> and <rIP,3> account for the
long-range charge migration processes, and contribute with a higher intensity in electrolytes with a
low concentration of Li+. Furthermore, the average migration distances reflect the dimensions of the
domains among which lithium ions are exchanged: IP,2 and IP,3 domains are more distant with respect
to the domains involved in the IP,1 percolation pathways.

2.5. Conduction Mechanism

Broadband electrical spectroscopy measurements highlight (i) the presence of three different
interdomain polarizations, associated with three Li+ conduction pathways; and (ii) the existence
of three types of nanodomains with different permittivities (ε1, ε2, and ε3). Above the Tg, all the
polarizations follow a VTF trend, indicating that they are all assisted by the dielectric relaxation modes
of the glycerol aggregates, in particular the α relaxation. Each nanodomain is constituted by glycerol
molecules in several coordination geometries—g1, g2.1, g2.2, and g3—which influence its permittivity
value. Nanodomains 2 and 3 are predominantly present at high concentrations of Li+ (x ≥ 0.170),
where σIP,2 and σIP,3 provide an important contribution to the long-range migration.

The σIP,1 polarization phenomenon is detected at Tg ≤ T ≤ 10 ◦C; it is responsible for a migration
process IP,1 with a short range (ca. 1 nm). In this temperature range, the domains associated to
σIP,1 are predominant and are constituted by large aggregates of crystalline glycerol molecules (“Type
1 domains”) that (i) display the negatively charged −O− functionalities on their external surface
and (ii) assume an ordered structure that allows the exchange of Li+ between adjacent molecules.
The formation of Type 1 domains allows for the explanation of the short-range migration pathways of
Li+ and of the occurrence of this polarization at low temperatures and high frequencies. The structure
of Type 1 domains is rigid. Thus, the diffusion of conformational states along the glycerol aggregates
is hindered. Hence, the conductivity of the electrolyte is low. An illustration elucidating the σIP,1

polarization phenomenon is shown in Figure 14a.
The σIP,2 polarization phenomenon is observed at temperatures higher than 10 ◦C and at lower

frequencies with respect to σIP,1. σIP,2 is responsible for the long-range charge migration process of Li+,
reaching distances of ca. 1 μm. The domains associated with σIP,2 (“Type 2 domains”) are characterized
by the presence of a distribution of ordered aggregates with smaller dimensions in comparison with
those associated with Type 1 domains. Indeed, σIP,2 occurs at temperatures higher than σIP,1. In σIP,2

polarization, Li+ are exchanged between adjacent Type 2 domains; thus, a longer average charge
migration distance is obtained. Moreover, the structure of Type 2 domains is more flexible with
respect to that of Type 1 domains, improving the diffusion of conformational states within glycerol
aggregates and facilitating the Li+ migration process. The percolation of Li+ following σIP,2 is depicted
in Figure 14b.

The σIP,3 polarization appears at temperatures higher than 60 ◦C and at lower frequencies with
respect to σIP,1 and σIP,2. IP,3, similarly to IP,2, accounts for a long-range migration process (ca. 1 μm).
Nevertheless, it provides a lower contribution to the total conductivity if compared with IP,2. “Type
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3 domains”, which are associated with σIP,3, are composed of amorphous glycerol molecules with a
distribution of coordination geometries falling between those observed in Type 1 and Type 2 domains.
Indeed, this polarization is observed only at temperatures higher than 60 ◦C. The structure of Type
3 domains is very flexible. Thus, the migration of Li+ is assisted by the diffusion of conformational
states along glycerol molecules. The σIP,3 polarization mechanism is represented in Figure 14c.

Electrode polarization (σEP) starts to be the dominant polarization event at T > 10 ◦C in all the
electrolytes. The presence of domains facilitates the long-range Li+ transfer, which occurs via the
exchange between different delocalization bodies (DBs) of the material [41]. A DB is a portion of
the electrolyte with a defined volume that comprises Type 1, Type 2, and Type 3 domains. Since the
exchange of Li+ ions between the coordination sites present in each DB is very fast, Li+ ions can
be considered delocalized in each DB. Thus, in the proposed electrolytes, the long-range charge
migration occurs as Li+ ions are exchanged between different DBs as they come into contact, owing to
conformational changes caused by the diffusion of conformational states of the glycerol molecules.

The analysis of the polarization phenomena and dielectric relaxation events allows for the proposal
of the overall conduction mechanism shown in Figure 14d. In the overall conduction mechanism,
the electrode polarization and all the three interdomain polarizations contribute to the diffusion of the
Li+ ions through different percolation pathways within the proposed electrolytes.

 

Figure 14. Proposed conduction mechanism for (a) σIP,1, (b) σIP,2, and (c) σIP,3; (d) overall proposed
conduction mechanism. The delocalization body (DB) is highlighted with a red dotted line.

3. Materials and Methods

3.1. Materials

Glycerol (≥99%) was purchased from Carlo Erba, while lithium hydride (LiH, ≥99%) was obtained
from Sigma-Aldrich (Milan, Italy). Glycerol was dried under vacuum at 60 ◦C for 8 days before use,
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and then transferred inside an Argon-filled glove-box (MBraun, less than 1 ppm of O2 and H2O).
Then, 30 mL of dry glycerol were inserted into a 100 mL round flask, and 1.000 g of LiH were gradually
added to the solution. The solution was vigorously stirred under vacuum at 50 ◦C in order to promote the
reaction yielding lithium glycerolate, GlyLi (see Reaction I). GlyLi was diluted with different amounts of
pristine glycerol, yielding 11 electrolytes with the general formula GlyLix, 0 ≤ x ≤ 1.

3.2. Chemical and Structural Characterizations

The lithium content in all the electrolytes was determined via inductively coupled plasma atomic
emission spectroscopy (ICP-AES) measurements. The ICP-AES analysis was carried out by digesting
the samples in concentrated HNO3. The emission line used to evaluate the Li concentration was
670.700 nm. The FT-IR spectra were collected using a Thermo Scientific (Monza, Italy) model Nicolet
Nexus spectrometer, with a SPECAC Golden Gate single reflection diamond ATR cell. The spectrum
was obtained as the average of 500 scans and with a resolution of 2 cm−1. Micro-Raman analyses
were carried out with a confocal DXR-Micro Raman (Thermo Scientific, Monza, Italy) spectrometer
with an excitation laser operating at 532 nm. Samples were prepared inside an Ar-filled glove-box
(see above), and were maintained under an inert atmosphere during the measurements. Both FT-IR
and micro-Raman spectra were baseline subtracted and normalized with respect to the peaks centered
at 1323 cm−1 (FT-IR) and 1253 cm−1 (micro-Raman), attributed to the superposition of the in-plane
OH bending and CH wagging.

3.3. Thermal Characterizations

The thermal losses were evaluated by high-resolution thermogravimetric analyses (HR-TGA),
using a high-resolution microbalance from TA Instruments (Sesto San Giovanni (MI), Italy) (model
2950). Measurements were carried out in the temperature range between 30 and 950 ◦C, under an N2

atmosphere. The thermal transitions were studied via modulated differential scanning calorimetry
(MDSC); measurements were carried out from −150 to 165 ◦C with a heating ramp of 3 ◦C·min−1.

3.4. Electric Response

Broadband electrical spectroscopy (BES) measurements were performed using an Alpha-A
analyzer provided by Novocontrol Technologies (Montabaur, Germany). The complex conductivity
(σ*(ω)) and permittivity spectra (ε*(ω)) were measured in the −130 to 150 ◦C temperature range at
increments of 10 ± 0.5 ◦C. The measurements were carried out in the 10−1–107 Hz frequency range.
Samples were loaded in a hermetically sealed homemade Teflon cell assembled in an Ar glove-box,
and kept under a dry N2 atmosphere during the measurements.

4. Conclusions

In this work, a new family of Li+-conducting glass-forming polymer electrolytes is proposed.
Vibrational spectroscopies (i.e., FT-IR and micro-Raman) allow for the interpretation of the coordination
geometry assumed by glycerol molecules as a function of lithium concentration. High-resolution
thermogravimetric analyses demonstrate that the proposed electrolytes are thermally stable up to
170 ◦C, while modulated differential scanning calorimetry measurements highlight that, as the content
of Li+ is increased, the Tg shifts to higher temperatures (from −78.51 ◦C for pristine glycerol to
−42.95 ◦C for lithium glycerolate, GlyLi). Furthermore, the thermal behavior of the proposed
electrolytes can be explained considering that glycerol molecules assume the coordination geometries
hypothesized from vibrational results. Finally, broadband electrical spectroscopy results show that the
highest conductivity values are achieved by GlyLi0.25: 1.99 × 10−4 at 30 ◦C, higher than 10−6 S·cm−1

at −10 ◦C, and 1.55 × 10−2 S·cm−1 at 150 ◦C. Moreover, a detailed analysis of BES results allows us to
propose a reasonable conduction mechanism for Li+. In particular, it is shown that Li+ ions are able to
migrate between crystalline and amorphous domains thanks to the diffusion of conformational states
of glycerol molecule aggregates. At temperatures below the Tg, the conduction mechanism occurs
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through “hopping” processes between adjacent glycerol molecules. On increasing the temperature,
new polarization phenomena arise such as σIP,1, which is the principal event between Tg and
10 ◦C. At temperatures higher than 10 ◦C, the electrode polarization σEP becomes the dominant
contribution to the overall conductivity. σEP consists of an exchange of lithium ions between different
delocalization bodies (DBs), which results in a long-range migration of charge. In this temperature
range, the contribution of σIP,2 polarization becomes relevant, and the flexibility obtained from glycerol
molecules raises the conductivity of the proposed electrolytes. The best conductivity values obtained
by the proposed electrolytes are promising in comparison with state-of-the-art polymer electrolytes for
application in Li-ion batteries.

Supplementary Materials: The following are available online at http://www.mdpi.com/2313-0105/4/3/41/s1,
Figure S1: FT-IR differential spectra. Figure S2: Intensity and wavenumber behavior of ν(OH), νg3(C–C–O),
and νg1(C–C–O) FT-IR vibrations at different x (nLi/ngly) values. Figure S3: Lorentzian fitting of the micro-Raman
spectrum of pure glycerol. Figure S4: Areal behavior of the micro-Raman peaks as a function of x. Figure S5:
MDSC results of pristine glycerol, Gly (x = 0), and lithium glycerolate, GlyLi (x = 1.000), samples where the
reversible and nonreversible heat flow contributions are separated. Figure S6: 3D tanδ surfaces of GlyLix samples,
with x = 0.005, 0.048, 0.090, 0.250, 0.450, 0.780, and 0.890. Figure S7: Representation of glycerol α, β, and γ

dielectric relaxations. Figure S8: Δεj vs T−1 curves of each dielectric relaxation event for every sample. Figure S9:
Diffusion coefficient calculated for each polarization (σEP, σIP,1, and σIP,2 rows) as a function of the dielectric
relaxation frequencies (fγ, fβ, and fα, columns). Table S1: Activation energies calculated for each polarization
phenomenon. Table S2: Activation energies calculated for each relaxation event.
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Abstract: Solvent-free, single-ion conducting electrolytes are sought after for use in electrochemical
energy storage devices. Here, we investigate the ionic conductivity and how this property is
influenced by segmental mobility and conducting ion number in crosslinked single-ion conducting
polyether-based electrolytes with varying tethered anion and counter-cation types. Crosslinked
electrolytes are prepared by the polymerization of poly(ethylene glycol) diacrylate (PEGDA),
poly(ethylene glycol) methyl ether acrylate, and ionic monomers. The ionic conductivity of the
electrolytes is measured and interpreted in the context of differential scanning calorimetry and
Raman spectroscopy measurements. A lithiated crosslinked electrolyte prepared with PEG31DA and
(4-styrenesulfonyl)(trifluoromethanesulfonyl)imide (STFSI) monomers is found to have a lithium ion
conductivity of 3.2 × 10−6 and 1.8 × 10−5 S/cm at 55 and 100 ◦C, respectively. The percentage of
unpaired anions for this electrolyte was estimated at about 23% via Raman spectroscopy. Despite the
large variances in metal cation–STFSI binding energies as predicted via density functional theory
(DFT) and large variations in ionic conductivity, STFSI-based crosslinked electrolytes with the same
charge density and varying cations (Li, Na, K, Mg, and Ca) were estimated to all have unpaired anion
populations in the range of 19 to 29%.

Keywords: polymer electrolyte; single-ion conducting; ionic conductivity; Raman spectroscopy

1. Introduction

Advanced energy storage devices are desired to support next-generation consumer electronics and
defense technologies, facilitate widespread electric vehicle adoption, and increase the penetration of
renewably-generated electricity into the grid. Worldwide, research in battery materials and technology
seeks to address these needs. Post-lithium ion batteries, including those based on lithium metal and
other more abundant materials, are under active investigation. Next-generation battery electrolytes
that allow for improved safety, maintained or longer device lifetimes, and that support post-lithium
ion platforms are highly desired [1–6].

The most common Li-ion battery electrolytes that are used today are based on organic aprotic
solvents, such as organic carbonates, and used in conjunction with a microporous polymer separator
or imbibed in a polymer gel. These electrolytes exhibit high Li-ion conductivity and support an
adequate solid-electrolyte-interface (SEI) formation, but they present many practical disadvantages,
such as being volatile and flammable [1,5,7,8]. One class of electrolytes that are seen as a possible
alternative are polymer electrolytes (PE). PEs offer many advantages, including improved thermal
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and electrochemical stability [2,9,10]. Inorganic solid electrolytes typically have even better thermal
stability, but they do not offer the same flexibility as PEs, which may inhibit their use in large-format
devices [5,11].

A specific class of PEs of recent increased research interest is the single-ion conducting polymer
electrolyte (SIPE) [12]. The typical molecular structure of the SIPE for a lithium-ion battery is a lithiated
ionomer with poly(ethylene oxide) (PEO) functionality and tethered anions [13–21]. SIPEs can have
very high oxidative stabilities and support higher charge/discharge rates than polymer electrolytes
of similar conductivities and non-unity transference numbers [16,22]. The free anion in a traditional
polymer electrolyte with a mobile salt is usually the limiting factor for electrochemical stability with
the lowest oxidative stability in the electrolyte. In the SIPE, the anion is fixed to the polymer backbone
and does not migrate to the anode where it would otherwise degrade.

The ionic conductivity of SIPEs is heavily influenced by the chemical nature of their anion. Anions
with delocalized electron densities have been shown to enable high ionic conductivities, because the
delocalized charge promotes dissociation of the ion pair and increases free cation concentration in the
solvating polymer (such as the PEO chain) [13,18,23–26]. One such highly delocalized tethered anion is
(4-styrenesulfonyl)(trifluoromethanesulfonyl)imide (STFSI). An even more delocalized tethered anion,
4-styrenesulfonyl)(trifluoromethyl(S-trifluoromethylsulfonylimino)sulfonyl)imide] (SsTFSI), has been
shown to enable record ionic conductivity of a dry SIPE (1.35 × 10−4 S/cm), however, its synthesis is
complex [13].

Furthermore, the macromolecular architecture also has a large impact on the performance of
a SIPE. Longer amorphous chain segments allow fast segmental dynamics and, therefore, faster
cation mobility; however, if the PEO segments are too long, the chains will crystallize resulting in
drastically reduced cation mobility [15,18]. Electrolytes incorporating polymerized poly(ethylene
glycol) methyl ether acrylate (PEGMA) have been shown to support high ionic conductivities over a
wide temperature range. One such system is the random PEGMA-STFSI copolymer; unfortunately,
these polymers are sticky gels and not convenient for battery fabrication [17]. Previous work has
been done with poly(ethylene glycol) diacrylate (PEGDA) to create crosslinked, polymer electrolyte
films. An important potential advantage to these crosslinked polymer electrolytes is their ability to be
blade-coated directly on electrode sheets. However, PEGDA is available commercially at low cost only
for short chain lengths (Mn~700 g/mol), and crosslinked electrolytes based on this short PEGDA and
without liquid plasticizer exhibit quite low ionic conductivities. Potential solutions to this challenge
include the use of longer chain PEGDA and the copolymerization of PEGDA and PEGMA [27–31].

The most researched SIPE systems to date have been lithium-ion based SIPEs. Next-generation
batteries based on other metals, such as Na, Mg, and Al, however, are under increasing investigation
due to the increased widespread abundance of these elements. Lithium reserves are located in sporadic
locations around the globe [32–35]. In contrast, Mg, Na, and K can be harvested commercially from
ocean water [32–34,36]. The commercial availability of Mg, combined with its high energy capacity,
makes Mg a great candidate for an alternative platform to Li for high energy density batteries [36–38].
Other metals, including Na, have lower specific energy capacity, but are under active investigation for
grid-level energy storage platforms [39–48].

Herein, we report on the ion transport properties of solvent-free, crosslinked SIPEs for post-lithium
ion batteries. The use of longer chain PEGDA and the copolymerization of PEGDA and PEGMA are
investigated in tandem with tethered anion chemistry and counter-cation type. The specific effects
of segmental mobility and ion pairing on the conductivity are quantified via differential scanning
calorimetry, Raman spectroscopy, and density functional theory (DFT) binding energy calculations.

2. Results and Discussion

Crosslinked electrolytes were prepared as described in the methods by the polymerization
of PEGDA of varying molecular weights (Mn = 700, 1000, 1600, 2150, and 4700 g/mol), PEGMA
(Mn = 480 g/mol and 750 g/mol), and an ionic monomer, followed by ion-exchange and drying.
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The molecular structures of the electrolytes are shown in Figure 1. The ion content was held
constant at a ratio of 1:30 moles charge:moles ethylene oxide (EO) for all cases described here.
This ion content was chosen as we have found several poly(ethylene) glycol-based ionomers
to have an optimum conductivity in an intermediate temperature range at this ion content.
These include PEG31DA-x-STFSILi and PEG31DA-x-SSLi crosslinked ionomers as further studied
here for temperatures of 40–90 ◦C, as well as the bottlebrush copolymer PEG9MA-ran-STFSILi.

Figure 1. Chemical structures of (a) crosslinked ionomeric electrolytes, where A is the tethered anion
and X is the counter-cation, and (b) the tethered anions, referred to as follows: (1) SS, (2) APS, (3) VS,
(4) STFSI, and (5) APTFSI. A photograph of a typical crosslinked electrolyte is shown in (c).

Lithiated single-ion conducting electrolytes were prepared with five different common
tethered anions: styrene sulfonate (SS), vinyl sulfonate (VS), acrylate-propylsulfonate (APS),
(4-styrenesulfonyl)(trifluoromethanesulfonyl)imide (STFSI), and acrylate-propyl (trifluoromethanesulfonyl)
imide (APTFSI). The TFSI-derivatives have been shown to be more dissociable, resulting in higher ionic
conductivities than the sulfonates, but the chemical structure of the polymerizable group alters the rigidity
of the ionomer which also affects ionic conductivity. This experiment was undertaken so that the relative
effects of ion pair dissociation and segmental mobility on the ion transport could be compared over the
temperature range of −20 to 100 ◦C. Figure 2a displays the ionic conductivity of the electrolytes based
on the varying bound anions, while Figure 2b displays the measured glass transition temperatures
(Tgs) of the electrolytes and the DFT predicted dissociation energies of the bound anion-Li ion pairs.
Lower Tgs are correlated with higher chain segmental mobilities, and lower dissociation energies are
correlated with higher mobile cation concentrations. Comparison of Figure 2a,b suggests that the
degree of tethered anion dissociability most influenced the conductivity at high temperatures, whereas
segmental mobility has an increased influence at low temperatures. Notice that at high temperatures,
approaching 100 ◦C, the electrolytes containing TFSI-based anions exhibit ionic conductivities of over
one order of magnitude greater than that of the sulfonate-based electrolytes; this difference is much
diminished at low temperatures. This indicates that the ion pair dissociation and ion mobility have
different activation energies [19]. This effect is also made apparent when comparing styrenic and
non-styrenic monomers. The influence of higher glass transition temperatures and, therefore, reduced
segmental mobility for the styrene-based ionic monomers results in a more appreciable decrease in
conductivity (σ) at lower temperatures. Specifically, Tg,APTFSI < Tg,STFSI and Tg,VS < Tg,APS < Tg,SS;
at −20 ◦C, σAPTFSI > σSTFSI and σVS > σAPS > σSS. This same trend does not hold at higher temperatures.
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(a) (b)

Figure 2. (a) DC conductivity from −20 to 100 ◦C for electrolytes containing the five different anions,
and (b) corresponding experimental Tg values for these electrolytes and DFT calculated dissociation
energies for ion pairs ALi, where A is the anion on the y-axis.

Of the investigated tethered anion types, electrolytes containing APTFSI exhibited the highest
ionic conductivity over the measured temperature range with SFTSI electrolytes exhibiting just slightly
lower conductivities. The remaining investigations reported here employed electrolytes based on
STFSI, as despite the slightly reduced conductivities, we found that this monomer was easier to prepare
with high purity.

We also found that the differences in binding energies between the sulfonate and modified
anions resulted in different mesoscale structures, as observed with small angle and wide angle X-ray
scattering (SAXS-WAXS, Figure 3). Markedly less structure was observed in the intermediate angle
region, corresponding to nanometer length scales, for the crosslinked ionomers containing STFSI
than for those containing SS. The correlation at point qa, corresponding to a characteristic distance of
about 5 nm, is clearly present in PEG31DA-x-SSLi, but absent for PEG31DA-x-STFSILi, which instead
displays a minor shoulder at point qb, a real-space distance of about 2.5 nm. Likewise, PEG13DA-x-SSLi
clearly displays a correlation length at point qc, a characteristic distance of about 2 nm, which is again
much less prominent for PEG13DA-x-STFSILi. For these materials we hypothesize that evolution of a
correlation length is indicative of the formation of ionic aggregates, a process which is partly governed
by the degree of ion pair dissociation. With a low degree of dissociation, as is observed in the case of
the SS anion, ionic charges are screened due to anion-cation pairing. This allows for the micro-phase
separation of the polymers into PEGDA-rich and ionic unit-rich domains, a process which is subject
solely to the physical constraints of the network crosslinking. However, as the dissociation degree
increases, a greater number of unpaired anions exist in the crosslinked network. The tethered negative
charges of the unpaired anions mitigate aggregation via electrostatic repulsion, resulting in a more
uniform distribution of scatterers.

As the network crosslinker chain length increases, the ability of the polymer to accommodate
greater aggregation increases, which results in the longer characteristic distances between ionic
aggregates in the case of PEG31DA-x-SSLi relative to PEG13DA-x-SSLi. In addition, longer crosslinkers
facilitate aggregation in the case of the PEG31DA-x-STFSILi, as the enhanced conformational freedom of
the PEG31DA allows for the exclusion of unpaired anions while facilitating some degree of micro-phase
separation of paired ionic groups.
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Figure 3. Small and wide angle X-ray scattering data on select crosslinked electrolytes at room
temperature. Scattering vectors (q) corresponding with ionic aggregation are noted.

The influence of the network morphology of the lithiated crosslinked ionomers, namely the
crosslinker length and presence branching, on the ionic conductivity was also investigated (Figure 4).
Glass transition and melting transition temperatures, as well as ionic conductivity at 55 ◦C, as a function
of crosslinked ionomer composition, is summarized in Table A1 in Appendix A. Ionic conductivity was
found to be a strong function of PEGDA crosslinker length at ambient temperature, with PEG31DA
resulting in the highest ionic conductivity at temperatures up to 40 ◦C. For temperatures in the range
of 55 ◦C to 100 ◦C, the conductivity of the electrolytes prepared with crosslinkers in the range of
PEG20DA to PEG111DA was similar. These results are attributed to the competing effects of segmental
mobility, ion pairing, and crystallization. Glass transition temperatures decreased and, therefore,
segmental mobility increased, with increasing crosslinker length. Crosslinkers of PEG43DA and
longer were found to create networks that crystallized, resulting in a drop off in ionic conductivity at
temperatures below the amorphous-crystalline transition. Crosslinkers of PEG31DA and PEG20DA,
while semi-crystalline in the monomer form, produced crosslinked networks that remain amorphous
at all temperatures. Finally, we suspect that there is an effect of tethered anion proximity that results in
increased ion pairing for the long crosslinkers. On average, there are more adjacent tethered anions
with increased crosslinker length for materials with the same overall ion content. Anions adjacent
along the chain are more likely to have polarizability volume overlap, which results in a lower degree
of cation dissociation and therefore a lower effective mobile ion number [49,50]. These combined
effects explain the non-monotonic relationship of ionic conductivity and network crosslinker length at
various temperatures.

The addition of PEGMA combs was found to only modestly improve the ionic conductivity of the
electrolytes, if at all. Representative data is shown in Figure 4b, which shows the effect of varying the
ratio of PEG9MA to PEG13DA in the range of 0:1 to 4:1, where ionic conductivity is improved only in
limited cases. We also investigated the addition of PEG9MA combs to networks based on PEG20DA,
as well as the addition of PEG14MA to networks based on PEG31DA, and found similar results. Thus,
we conclude that greater enhancements in conductivity due to chain branching are likely only when
the networks approaches a loosely crosslinked bottlebrush, wherein there are nearly all PEGMA combs
and a limited number of PEGDA crosslinkers. With the network fabrication methods utilized here and
described in the experiment, we were unable to realize a soft solid of this morphology.

43



Batteries 2018, 4, 28

(a) (b)

Figure 4. DC ionic conductivity from −20 to 100 ◦C for crosslinked electrolytes with (a) varying PEG
crosslinker length and (b) varying ratios of crosslinker PEGDA and side-chain PEGMA.

The lithiated crosslinked electrolyte PEG31DA-x-PEG14MA-x-STFSILi was employed in a
symmetric lithium metal coin cell and galvanostatically cycled to confirm its ability to reversibly
strip and plate lithium metal. This electrolyte does effectively cycle lithium metal, as shown in Figure 5,
with a small, but observable, increase in resistance over 150 h.

Figure 5. Galvanostatic cycling of a Li/PEG31DA-x-PEG14MA-x-STFSILi/Li coin cell at 50 μA/cm2 at
70 ◦C: (a) time period of 0 to 150 h, with shaded areas displayed on a larger scale in (b,c).

With an eye toward post-lithium ion battery chemistries based on more abundant elements,
crosslinked electrolytes were exchanged to other metal cations using aqueous ion-exchange solutions
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of other metal chloride salts. The metal cation–STFSI binding energies were predicted using
DFT calculations and compared to the percentage of unpaired anions as measured using Raman
spectroscopy and the ionic conductivity. As shown in Figure 6, for electrolytes based on Li, Na,
K, Al, Mg, and Ca, the variation in the ionic conductivity due to cation type is about two orders
of magnitude at 100 ◦C and over three orders of magnitude at −20 ◦C. Across these temperatures,
lithiated electrolytes were the most conductive, while calcinated electrolytes were the least conductive.
Surprising, aluminated electrolytes were found to have lower ionic conductivity than those with alkali
(+1) cations, but higher ionic conductivity than the alkaline earth (+2) cations. Elemental analysis
revealed that these electrolytes contain 1.5 times the aluminum predicted based upon Al(STFSI)3

complexation, thus, there are chloride anions remaining. The resultant aluminum chloride complexes
(could include AlCl2+, AlCl4−, etc.) have faster transport rates in the polyether ionomer than the bare
divalent cations Mg2+ and Ca2+. The low ionic conductivity of the hard divalent cations Mg2+ and
Ca2+ in poly(ethylene oxide) has been documented in other works and is attributed to the divalent
cation acting as a crosslinking point, strongly linking adjacent chains [51,52]. The conductivity of the
Na and K containing electrolytes is close to that of the lithiated electrolyte at high temperatures, thus,
we suggest that these electrolytes be further considered for use in elevated temperature Na and K
battery systems.

Figure 6. DC ionic conductivity from −20 to 100 ◦C for crosslinked electrolytes with varying cations.

Raman spectroscopy was used to further characterize the electrolytes to evaluate the relative
influences of free cation number and cation mobility on ionic conductivity. First, theoretical Raman
spectra were generated using DFT in order to support the experimental Raman peak identification.
A directory summarizing the DFT inputs/outputs is available as Supplemental Materials. A DFT
prediction using the PBE method with a 6311++G(d,p) basis for the LiSTFSI molecule showed that the
vibrational mode that is associated with the S-N-S bonds expanding and contracting symmetrically
was significantly affected by coordination with a cation. The shift from the free to the paired state was
~18 wavenumbers for coordination with Li+; specifically, the free peak was predicted at 691 cm−1 while
the peak was predicted at 673 cm−1 for the lithiated anion. Furthermore, DFT predictions showed no
significant Raman modes within 80 cm−1 of this characteristic STFSI peak, indicating that this peak
would be relatively undisturbed by the surrounding signal from the STFSILi molecule. Shown in
Figure 7 is the experimental Raman spectra for PEG31DA-x-STFSILi, and Figure 8 displays an enlarged
view of the region of interest. The peak at ~732 cm−1 is attributed to the unpaired STFSI- population,
whereas the peak at ~746 cm−1 is attributed to the STFSILi ion pair. Note that these modes occur
at wavenumbers similar to that found for the common TFSI- anion, CF3SO2NSO2CF3

− [26,53,54].
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In no case could a peak be identified at a sufficient signal-to-noise ratio that corresponded to the
cationic triplet, STFSILi2+. Notably, the Raman spectra of the electrolytes with varying metal cations
appeared quite similar in this region in that two distinct peaks were apparent that we attribute to
free STFSI and paired STFSI. For divalent metal cations, non-negligible populations of the neutral
triplet are anticipated, i.e., STFSI2Mg. The peak associated with this neutral triplet is predicted
to occur close to that STFSIMg+, but could not be unambiguously identified at the level of noise
present. Thus, in the following estimations of free and paired STFSI populations for the Mg and
Ca-exchanged electrolytes, both the charged and neutral triplets are accounted for as part of the paired
STFSI population. Unfortunately, the Al-exchanged electrolyte PEG31DA-x-STFSIAl was opaque and,
thus, the collected signal intensity was not high enough to produce a meaningful Raman spectrum for
this composition.

Figure 7. Experimental Raman spectrum of PEG31DA-x-STFSILi.

Figure 8. Peak fitting of PEG31DA-x-STFSILi Raman spectrum to determine percentages of paired and
unpaired (free) anions. The spectra for films of other compositions appeared quite similar.

Raman spectra were fit to provide estimations of the percentage of unpaired anions, see Figure 9a.
For monovalent cations, the percentage of unpaired anions is exactly equivalent to the percentage
of unpaired cations. Increasing ion size at equivalent valency, corresponding to decreased charge
density, resulted in increased unpaired anion fractions. The highest unpaired fraction measured was
29 ± 2% for K-exchanged electrolytes, compared with the lowest unpaired fraction of about 19% for
Mg-exchanged electrolytes, a relative decrease of less than 35%. This was found surprising given the
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three-fold difference in STFSI-cation binding energies as predicted from DFT, shown in Figure 9b.
However, for divalent cations, this binding energy is that predicted for STFSI- and X2+; the binding
energy for STFSI− and STFSIX+ is expected to be considerably lower. Hence, for multivalent cations,
the percentage of unpaired anions is not equivalent to the percentage of unpaired anions. Thus,
with this analysis we are unable to unambiguously attribute the low divalent cation conductivity
observed in Figure 6 to low numbers of mobile cations or low conducting cation mobility in the matrix.

Figure 9. (a) Measured free ion percentages from Raman spectroscopy for PEG31DA-x-STFSIX
electrolytes where X is the variable cation, and (b) DFT predicted dissociation energies for STFSIX ion
pairs where X is the variable cation.

The number of free alkali cations, as determined from the total cation mass fraction and material
density, may be used in concert with the conductivity equation and the Nernst-Einstein equation to
provide an estimate of the conducting cation mobility for the case where the conducting species is the
free, monatomic cation. The ionic conductivity, σ, is the product of the conducting ion number (n),
ion charge (q), and ion mobility (μ):

σ = nqμ (1)

The ion mobility is related to the ion diffusivity, D, as follows:

D =
μkT

q
(2)

where k is the Boltzmann constant and T is the temperature. Using the unpaired cation fraction of −23%
for Li+ as determined from Raman spectroscopy and a measured density of 1.28 g/mL, we estimate
the Li+ diffusivity in PEG31DA-x-STFSILi as 6 × 10−24 cm2/s at 20 ◦C. Na+ and K+ diffusivities at
20 ◦C are estimated as 5 × 10−25 and 3 × 10−25 cm2/s, respectively, for PEG31DA-x-STFSINa and
PEG31DA-x-STFSIK.

The Li+ diffusivity value estimated here should in the future be compared to the 7Li
self-diffusion coefficient as measured via pulse-field gradient nuclear magnetic resonance spectroscopy
(PFG-NMR) [55]. While several other works have used Raman spectroscopy to estimate the degree of
TFSI anion coordination in electrolytes such as ionic liquids, we believe that this is the first effort to
apply this approach to single-ion conducting polymers with tethered STFSI anions. A prior work used
FTIR to estimate the degree of tethered sulfonate coordination in a different single-ion conducting
polymer [50]. Few simple methods exist for assessing the populations of free and coordinated cations,
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and diffusion coefficient measurements via PFG-NMR require more expensive instrumentation and
are limited to certain nuclei such as 7Li and 1H.

3. Conclusions

Several factors are found to influence the ionic conductivity of these PEGDA crosslinked single-ion
conducting electrolytes, including crosslinker chain length and side-chains, anionic monomer proximity
along the chain, tethered anion and counter-cation chemistry. We note that electrolytes prepared with
PEGDA crosslinkers of at least 1600 g/mol exhibit higher ionic conductivities over a wide temperature
range. The addition of PEGMA side-chains was found to improve conductivity in limited cases.
The tethered anion chemistry was found to strongly influence ionic conductivity, but more so at
elevated temperatures. Lithiated electrolytes were found to exhibit the highest ionic conductivities,
but the Na-exchanged and K-exchanged electrolytes exhibited conductivity as nearly as high at 100 ◦C.
The multivalent electrolytes were found to have significantly lower conductivities at all temperatures.
It was demonstrated that percentages of unpaired STFSI anions may be quantified through the use
of Raman spectroscopy measurements. This provides a measurement of the unpaired alkali cation
population, but the multivalent cation states were not able to be quantified. We, therefore, suggest that
future efforts in multivalent SIPEs be targeted toward characterization of cation states and solvation
that ultimately dictate ionic conductivity.

4. Materials and Methods

4.1. Materials

The majority of chemicals were obtained from Sigma-Aldrich (St. Louis, MO, USA), including:
poly(ethylene glycol) (PEG) of average molecular weights 1500, 2050, and 4600 g/mol, poly(ethylene
glycol) methyl ether acrylate of average molecular weights 480 and 750 g/mol, poly(ethylene
glycol) diacrylate of average molecular weight 700 g/mol, triethylamine, acryloyl chloride,
thionyl chloride, oxalyl chloride, dichloromethane (DCM), tetrahydrofuran (THF), diethyl ether,
anhydrous acetonitrile, dimethylformamide (DMF), methanol, pentane, 4-(dimethylamino)pyridine,
lithium chloride, magnesium chloride, sodium chloride, aluminum chloride hexahydrate,
calcium chloride, potassium carbonate, sodium bicarbonate, lithium hydride, hydrochloric acid,
and 2-hydroxy-4′-(2-hydroxyethoxy)-2-methylpropiophenone (photoinitiator). Poly(ethylene glycol)
diacrylate of average molecular weight 1000 g/mol was obtained from Polysciences (Warrington, PA,
USA). Trifluoromethanesulfonamide was obtained from TCI America (Portland, OR, USA). All reagents
were used as received.

4.2. Synthesis of Potassium 4-Styrenesulfonyl(trifluoromethylsulfonyl)imide (KSTFSI)

KSTFSI was synthesized via a previously reported procedure [18]. Oxalyl chloride (20 g,
157 mmol) and 0.55 mL DMF were added to 250 mL anhydrous acetonitrile and stirred for five
hours under a nitrogen atmosphere to form the yellow Vilsmeier-Haack complex. To this solution,
25 g (121 mmol) of 4-styrenesulfonate sodium salt were added and the mixture was stirred for one
day. The resultant NaCl salt was removed from the 4-styrene sulfonyl chloride solution via filtration.
Separately, 51 mL of triethylamine, 18.04 g trifluoromethylsulfonamide (121 mmol), and 9% by weight
4-(dimethylamino)pyridine were added to 188 mL of anhydrous acetonitrile and allowed to dissolve
under nitrogen. This solution was added dropwise to the 4-styrene sulfonyl chloride solution at 0 ◦C,
and then stirred for 16 h. The final solution was concentrated via rotary evaporation, and the resultant
solids were dissolved in 50 mL of dichloromethane. The dichloromethane solution was washed with
3 × 90 mL of 4% NaHCO3 followed by 2 × 125 mL of 1 M hydrochloric acid. The washed organic
solution was concentrated, with the acid monomer residue neutralized by the addition of one molar
excess of K2CO3 dissolved in deionized (DI) water. The KSTFSI monomer was obtained by subsequent
recrystallizations from DI water until confirmed pure via 1H and 13C NMR.
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4.3. Synthesis of Lithium 1-[3-(Acryloyloxy)propylsulfonyl]-1-(trifluoromethane-sulfonyl)imide (LiAPTFSI)

LiAPTFSI was synthesized via a previously reported procedure [56]. Briefly, the purchased
potassium 3-(acryloyloxy)propane-1-sulfonate was dried and then converted to 3-(chlorosulfonyl)propyl
acrylate via reaction with excess thionyl chloride. Then, 3-(chlorosulfonyl)propyl acrylate was converted
to triethyl ammonium 1-[3-(acryloyloxy)propylsulfonyl]-1-(trifluoromethane-sulfonyl)imide by reaction
with trifluoromethanesulfonamide in the presence of trimethylamine. The monomer was then lithiated
by reaction with lithium hydride (2.5 times excess) in THF. The product was recrystallized from
dichloromethane, washed with pentane, and dried under high vacuum. The structure was confirmed
via 1H and 13C NMR though the yield was low (21% for the final lithiation and purification steps).

4.4. Synthesis of Poly(ethylene glycol) Diacrylate (PEGDA)

PEGDA was synthesized in accordance with prior literature [57]. PEGs (Mn = 1500, 2050,
and 4600 g/mol) were dissolved in DCM and reacted with triethylamine and 2.2 equivalents of acryloyl
chloride in a dark environment at 0 ◦C (gradually increasing to room temperature) under a nitrogen
atmosphere. The solution was concentrated via rotary evaporation to roughly 25% of the original
volume, to which THF was added to precipitate triethylamine hydrochloride salts. The solution was
then further concentrated to an oily residue, dissolved in 5 mL dichloromethane, and precipitated in
chilled diethyl ether. The PEGDA monomer was collected via filtration and dried under vacuum for
24 h. Attachment of acrylate groups and purity was confirmed by 1H NMR.

4.5. Preparation of Crosslinked Electrolytes

PEGDA of the required molecular weight was dissolved in DMF. The ionic monomer was added in
the ratio of 30 PEGDA ethylene oxide units to one ionic monomer, and photoinitiator was added at the
molar ratio of 0.01 mol/mol monomer. The mixture was exposed to UV radiation (UVC 515 Ultraviolet
Multilinker, Ultra-Lum, Inc., Carson, CA, USA) and heated to 80 ◦C for the polymerization reaction.
The polymerized films were then washed and ion-exchanged to the form of interest. First, the films
were transferred to methanol, then to a 0.4 M aqueous ion exchange solution for 96 h with solution
changes every 24 h and, finally, a pure water bath. The films were dried in the open atmosphere for
24 h, and finally dried in a glovebox under vacuum at 80 ◦C for 16 h.

4.6. Ionic Conductivity

Film conductivity was measured using a Broadband Dielectric/Impedance Spectrometer model
Alpha A (Novocontrol Technologies, Montabaur, Germany) with symmetric brass electrodes.
Measurements were taken at 15 ◦C intervals from −20 ◦C to 100 ◦C. AC voltage was set to 0.1 V
and the frequency was swept from 107 Hz to 0.1 Hz.

4.7. Thermal Properties

The glass transition temperature (Tg) and melting temperature (Tm) were measured using
differential scanning calorimetry (Mettler Toledo, DSC 1, Columbus, OH, USA) at a heating rate
of 10 ◦C min−1 under a nitrogen atmosphere, on the second heating leg of a heat-cool-heat cycle.

4.8. DFT Calculations

Geometric optimizations and single point energy calculations of anion-cation systems were used
to calculate dissociation energies were performed in accordance with the widely-used three-parameter
Becke model with the Lee-Yang-Par modification (B3LYP) [58,59]. The basis set that was used for all of
the optimizations and single point energy calculations was 6-311++G(d,p), a large basis set containing
diffusive functions that help deal with the distributed charge in the system, especially the anions
in question. Dissociation energy correlations between different tethered anions in the system were
determined starting with an optimization of the geometry of a single anion and a single monatomic
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cation. The final geometry for the molecule was then used to obtain a structure for the anion of the
system. A single point energy calculation with the same method and basis was then performed on
the anion. Additionally, a single point energy of the monatomic cation was also calculated. The three
energies that had been calculated were then used to calculate a dissociation energy as shown in
Figures 2 and 9. Dissociation energies were also tested with a varying size of bases, and were shown to
converge to the reported values with increasing basis size. Furthermore, cations were placed in many
different positions for the start of optimization in order to ensure the finding of the global minimum in
calculations. It should also be noted that in the salt systems studied in this paper originally contained
a double bond that was used to polymerize the salt to the PEGDA system. This double bond was
altered to a fully-hydrogenated single bond in the DFT calculations in order to simulate a structure
more similar to the ones present in the studied polymers. Various starting geometries were tested in
order to ensure the global minimum of geometric optimization was found.

The method illustrated in Figure 10 was extended to many different anion-cation systems to
obtain relative dissociation energy predictions. For the dissociation energy calculations of lithium
3-sulfopropyl acrylate (LiAPS) and lithium 4-propylacrylatesulfonyl(trifluoromethylsulfonyl)imide
(LiAPTFSI), the oxygen atoms in the acrylate group were substituted with fully hydrogenated carbon
atoms. The effect of the acryl oxygen atoms to the dissociation energy of LiSPA and LiSPTFSI in the
real PEGDA-containing system is substantially diluted at the charge:EO ratio of 1:30, as used here.

Figure 10. Schematic to describe system states used in DFT calculations to determine a relative
dissociation energy for a lithium styrene sulfonate (LiSS) ion pair.

Theoretical Raman spectroscopy was also calculated using the 6-311++G(d,p) basis set and the
generalized gradient approximation (GGA) method proposed by Perdew, Burke, and Ernzhof [60].
This GGA method will be referred to as “PBE” throughout the rest of the paper. This method was
used because it is known to give similar results to B3LYP with a much smaller computational cost.
The specific peak shifts that were studied in this paper corresponded to the difference in anion’s
vibration when it was paired with a monatomic cation, as opposed to when it was in the unpaired,
“free”, state. These shifts were determined by optimizing the tethered anion and calculating a Raman
spectrum then optimizing the free anion and calculating Raman spectrum for comparison. Shifts of
interest, which contained the same vibrational modes, were determined by using the Avogadro
software to visualize the calculated vibrations [61]. All calculations were performed using the
Gaussian09 computational software [62].
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4.9. Raman Spectroscopy

Polymer films that were previously prepared in an argon box were then placed in a Teflon-sealed
quartz cuvette inside the same glove box. The samples were flush to the quartz glass when they
were taken out of the glove box. Raman Measurements were taken using a NRS-5000 Mirco-Raman
Spectrometer (Jasco, Inc., Easton, MD, USA) with the 20× objective magnification. A 532 nm excitation
laser was used as well as a resolution of 13.8 cm−1. It should be noted that peak shapes were not
significantly changed at a large range of resolutions (0.7 to 13.8 cm−1), so the lowest resolution was
used in order to increase the signal-to-noise ratio. The spectra were recorded every 1 cm−1.

Population analysis was done via Gaussian curve fitting of these Raman spectra in the range of
710 cm−1 to 770 cm−1. The peak at ~746 cm−1 corresponds to the paired STFSI anion, and the shoulder
occurring at a lower wavenumber corresponds to the free STFSI anion. Using this knowledge, the
Beer-Lambert law was applied to the area integrations for the two Gaussian curves that were fit to
the these modes, shown in Figure 8, in order to determine the fraction of free STFSI anions. It should
be noted that this calculation of free ions did not take into account any cation-anion configurations
other than a single anion bound to one monatomic cation. Other geometric possibilities that could
be present and have similar Raman activities. These geometries for monovalent cations include the
triplet (STFSILi2+), the negatively-charged coordination of two anions and one cation ([STFSI]2Li-).
For the divalent cations ([STFSI]2Mg) is also a possibility. With relatively low signal-to-noise ratios,
our analysis is somewhat restricted in determining which of these states are actually present in
the electrolytes.

The error analysis that was performed on the free ion percentage calculations, shown in Figure 9,
was done via Monte Carlo simulation. This was accomplished by taking a section of spectrum that was
known to not have any signal and extracting an average random error to the known zero point. This
random error was then introduced into the fitting Gaussian curves at random along the fitted curve.
This new noisy curve was then fit using the same Gaussian curve fitting algorithm as the original data.
The resulting two Gaussian curves were used to obtain a new population estimate. This population
was stored, and the process was repeated 1000 times. A standard deviation was taken of all of the
resulting population percentages, and a two standard deviation limit was placed on Figure 9 to depict
a 95% confidence interval.

4.10. Galvanostatic Cycling

Li/PEG31DA-x-PEG14MA-x-STFSILi/Li coin cells, size 2032, were assembled in an argon glovebox.
After a 24 h rest at room temperature and one hour rest at 70 ◦C, the coin cell was galavanostatically
cycled at a rate of 50 μA/cm2 for 2 h for each complete cycle at 70 ◦C using a BTS3000 battery tester
(Neware, Shenzhen, China) with wiring into a gravity oven (VWR, Radnor, PA, USA).

4.11. Small Angle and Wide Angle X-Ray Scattering (SAXS-WAXS)

SAXS-WAXS measurements were obtained using the Advanced Photon Source (beamline 12-ID-B,
operated by the Chemical and Materials Science Group) at Argonne National Lab, with an X-ray beam
wavelength of 0.9322 Å (photon energy of 13.3 keV). The q-range was calibrated using a silver behenate
standard, and the sample to detector distance was maintained at 2013 mm for the SAXS detector and
430.15 mm for the WAXS detector. Samples were prepared by loading the polymer films into glass or
quartz capillary tubes (Charles Supper Company, Natick, MA, USA) and which were then sealed with
wax under an argon atmosphere. Two-dimensional (2D) spectra were obtained with an exposure time
of one second, collected with a Pilatus 2M camera (Dectris, Baden-Dättwil, Switzerland) for SAXS and
Pilatus 300 for WAXS, and converted to 1D spectra via azimuthal integration. Spectra were corrected
for transmission and background, and analyzed using the Igor Pro-Irena SAS package to display an
arbitrary intensity vs scattering vector q, for:

q = 4π/λ ∗ sin(θ) (3)
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where λ is the X-ray wavelength and θ is half of the scattering angle, 2θ.

4.12. Elemental Analysis

Inductively coupled plasma optically emitting spectroscopy (ICP-OES) was completed using
a PerkinElmer Optima 8000 to quantify the amount of metal in the polymer films. Samples were
digested by refluxing for 16 h in concentrated nitric acid (70%), then diluted to 5% nitric acid using 18
MΩ water. Calibration standards were made from 1000 ppm standards in 2% nitric acid (TraceCERT
from Sigma Aldrich).

Supplementary Materials: The following are available online at http://www.mdpi.com/2313-0105/4/2/28/s1,
directory of DFT inputs/outputs.
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Appendix A

Table A1. Monomer ratios, thermal transition data, and DC ionic conductivity for crosslinked
electrolytes of select compositions.

Composition Ratio 1 Tg (◦C) 2 Tm (◦C) 4 σ, 5 55 ◦C (S/cm)

PEG13DA-x-SSLi 2.3/0/1 −28.4 n.d. 3.3 × 10−9

PEG13DA-x-PEG9MA-x-SSLi (80:20) 1.8/0.7/1 −37.5 n.d. 5.5 × 10−9

PEG13DA-x-PEG9MA-x-SSLi (60:40) 1.4/1.3/1 −46.9 n.d. 9.5 × 10−10

PEG13DA-x-STFSILi 2.3/0/1 −17.8 n.d. 1.7 × 10−7

PEG13DA-x-PEG9MA-x-STFSILi (80:20) 1.8/0.7/1 −23.4 n.d. 1.5 × 10−7

PEG13DA-x-PEG9MA-x-STFSILi (60:40) 1.4/1.3/1 −36.3 n.d. 4.3 × 10−7

PEG20DA-x-SSLi 1.5/0/1 −36.2 n.d. 2.6 × 10−8

PEG20DA-x-VSLi 1.5/0/1 −47.6 n.d. 5.5 × 10−8

PEG20DA-x-APSLi 1.5/0/1 −42.3 n.d. 1.7 × 10−7

PEG20DA-x-APTFSILi 1.5/0/1 −41.3 n.d. 1.6 × 10−6

PEG20DA-x-STFSILi 1.5/0/1 −34.4 n.d. 1.6 × 10−6

PEG31DA-x-STFSILi 1/0/1 −38.5 n.d. 3.2 × 10−6

PEG31DA-x-STFSINa 1/0/1 −36.9 n.d. 1.0 × 10−6

PEG31DA-x-STFSIK 1/0/1 −43.5 30.8 6.8 × 10−7

PEG31DA-x-STFSIMg 1/0/1 −35.4 n.d. 1.8 × 10−8

PEG31DA-x-STFSICa 1/0/1 −42.0 n.d. 1.6 × 10−8

PEG31DA-x-STFSIAl 1/0/1 −42.5 n.d. 2.8 × 10−8

PEG43DA-x-STFSILi 0.7/0/1 −45.6 28.4 1.2 × 10−6

PEG111DA-x-STFSILi 0.3/1/1 n.d. 3 41.8 5.7 × 10−6

1 PEGDA/PEGMA/Anion monomer number ratio; 2 glass transition temperature, accurate to ±1 ◦C; 3 n.d. = not
detectable; 4 melting temperature, accurate to ±1 ◦C; 5 DC ionic conductivity at 55 ◦C.
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Abstract: Garnet-type Li7-xLa3Zr2-xTaxO12 (LLZT) is considered a good candidate for the solid
electrolyte in all-solid-state lithium batteries because of its reasonably high conductivity around
10−3 S cm−1 at room temperature and stability against lithium (Li) metal with the lowest redox
potential. In this study, we synthesized LLZT with a tantalum (Ta) content of 0.45 via a conventional
solid-state reaction process and constructed a Li/LLZT/Li symmetric cell by attaching Li metal
foils on the polished top and bottom surfaces of an LLZT pellet. We investigated the influence of
heating temperatures and times on the interfacial charge-transfer resistance between LLZT and the Li
metal electrode. In addition, the effect of the interface resistance on the stability for Li deposition
and dissolution was examined using a galvanostatic cycling test. The lowest interfacial resistance
of 25 Ω cm2 at room temperature was obtained by heating at 175 ◦C (5 ◦C lower than the melting
point of Li) for three to five hours. We confirmed that the current density at which the short circuit
occurs in the Li/LLZT/Li cell via the propagation of Li dendrite into LLZT increases with decreasing
interfacial charge transfer resistance.

Keywords: garnet; solid electrolyte; lithium metal; interface; charge-transfer resistance

1. Introduction

A high performance electrical energy storage device is a key technology in the sustainable
development of a ubiquitous and clean energy society. Rechargeable lithium-ion batteries (LIBs), using
graphite as the anode and organic liquid electrolyte and lithium transition-metal oxide as the cathode,
were commercialized in 1991 and have since been widely used worldwide as a power source for mobile
electronic devices, such as cell phones and laptop computers because of their high-energy density and
reasonably good cycling performance. The development of middle- or large-scale LIBs has accelerated
for use in automotive propulsion and stationary load-leveling for intermittent power generation from
solar or wind energy [1–3]. However, a larger battery size creates more serious safety issues in LIBs;
one of the main reasons for this being the increased amount of flammable organic liquid electrolytes.

All-solid-state lithium-ion batteries with a non-flammable inorganic Li+ ion conductor as a solid
electrolyte (SE) are expected to be the next generation of energy storage devices because of their high
energy density, safety, and excellent cycle stability [4–6]. The SE materials should possess not only
high Li+ ion conductivity above one mS cm−1 at a room temperature but also chemical stability against
electrode materials, air, and moisture. Oxide-based SE materials have rather lower conductivity and
poor plasticity compared with sulfide-based materials, but they have other advantages such as their
chemical stability and ease of handling [7,8].
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Garnet-type Li+ ion conducting oxide, Li7La3Zr2O12 (LLZ), has been widely investigated because
of its good ionic conduction, excellent thermal performance, and wide electrochemical potential
window [9]. LLZ has two different crystal phases: the cubic phase [9,10] and the tetragonal phase [11,12].
However, high conductivity above 10−4 S cm−1 at a room temperature range is only obtained in the
former, densified by high temperature sintering. Partial substitution of the Zr4+ site in LLZ by other
higher valence cations, such as Nb5+ [13,14], Ta5+ [15–23], W6+ [24,25], and Mo6+ [26], is effective at
stabilizing the cubic phase, and the conductivity at room temperature is greatly improved to 1 mS cm−1

by controlling the dopants content and optimizing Li+ concentration in the garnet framework. Although
a solid-state battery with an Nb-doped LLZ as SE has already been demonstrated [13,27,28], a Ta-doped
LLZ showed much better chemical stability against a Li metal electrode than when Nb-doped [29,30].
The other dopants, such as W6+, Mo6+, or Nb5+ in LLZ, could potentially become a redox center at
relatively high potential against Li+/Li [31].

The use of Li metal with extremely large gravimetric specific capacity (3860 mAh g−1) with the
lowest redox potential as an anode leads to the high energy density of a battery, but the formation of
a solid-solid interface among garnet-type SE and Li metal electrodes is another challenging issue in
achieving better electrochemical performance in solid-state batteries [32–34]. Many approaches have
been introduced to reduce the interfacial charge-transfer resistance between garnet-type SE and Li,
including the introduction of thin film layers of Au [35], Si [36], Ge [37], Al2O3 [38], and ZnO [39],
or eliminating the secondary phases, such as LiOH and Li2CO3, by polishing the surface of SE and using
multiple thermal treatments at specific temperatures before and after contact with Li [40–42]. However,
a more simplified method to form the interface between garnet-type SE and the Li electrode would
be preferable and further study is required of the relationship between the interfacial charge-transfer
resistance and stability for Li deposition and dissolution reaction at the interface.

In this work, we synthesized a cubic garnet-type LLZT using a solid-state reaction process.
An Li/LLZT/Li symmetric cell, created by attaching Li metal foil on the top and bottom surfaces of an
LLZT pellet, was used to examine the influence of heating temperatures and times on the interfacial
charge-transfer resistance between LLZT and Li. Moreover, the effect of the interface resistance on
the stability of Li deposition and dissolution reactions at the Li/LLZT interface was systematically
investigated using a galvanostatic cycling test.

2. Materials and Methods

2.1. Synthesis and Characterization of LLZT

LLZT with a Ta content (x) of 0.45 was synthesized using a conventional solid-state reaction
process. Notably, we did not use an Al2O3 crucible for sample synthesis because Al3+ contamination
from the crucible into the LLZT lattice during high temperature sintering may influence the Li+ contents
and, generally, this contamination level cannot be precisely controlled. The following were obtained
from the Kojundo Chemical Laboratory (Saitama, Japan): stoichiometric amounts of LiOH·H2O (99%
with 10% excess was added to account for the evaporation of lithium at high temperatures), La(OH)3

(99.99%), ZrO2 (98%) and Ta2O5 (99.9%), which were then ground and mixed by planetary ball-milling
(Nagao System, Planet M2-3F, Kawasaki, Japan) with zirconia balls and ethanol for 3 h in a zirconia
pot, and then calcined at 900 ◦C for 6 h in air using a Pt-5% Au alloy crucible. The calcined powders
were ground again by planetary ball-milling for 1 h, and then pressed into pellets at 300 MPa by cold
isostatic pressing. Finally, the pellets were sintered at 1150 ◦C for 15 h in air using a Pt-5% Au alloy
crucible. To minimize Li loss and the formation of secondary phases during the sintering process,
the pellets were covered with the same mother powder.

The crystal phase of LLZT was evaluated by X-ray diffraction (XRD; Rigaku Multiflex, Tokyo,
Japan) using CuKα radiation (λ = 0.15418 nm), with a measurement range 2θ of 5–90◦ and a step interval
of 0.004◦. Scanning electron microscope (SEM) observation of the fractured surface microstructure of
the sintered LLZT was performed using a scanning electron microscope (SU8000 Type II, HITACHI,
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Tokyo, Japan).). The electrical conductivity of each LLZT was evaluated with alternating current
(A/C) impedance measurements using a chemical impedance meter (3532-80, HIOKI, Ueda, Japan) at
temperatures from 27 to 100 ◦C, frequencies from 5 Hz to 1 MHz, and an applied voltage amplitude of
0.1 V. Li+-blocking Au film electrodes were formed on both parallel surfaces of the pellet by sputtering
for the conductivity measurement.

2.2. Evaluation of Stability for LLZT/Li Interface

To evaluate interface stability between LLZT and Li metal, we constructed the Li/LLZT/Li
symmetric cell with a cell fixture (Figure 1) in an Ar-filled grove box by attaching Li metal foils on
the polished top and bottom surfaces of an LLZT pellet with a thickness between 1.90 and 1.95 mm.
Heat treatments at different temperatures (100–175 ◦C) and time (1–5 h) were applied to the cell after
cell construction. Interfacial charge-transfer resistance RLi-LLZT between LLZT and Li was evaluated
by A/C impedance measurements. The influence of RLi-LLZT on the stability of the Li deposition and
dissolution reaction was also investigated using galvanostatic cycling testing of a symmetric cell at
25 ◦C using a Battery Test System (TOSCAT-3100, TOYO SYSTEM, Iwaki, Japan). The microstructure
of the LLZT pellet after the galvanostatic testing was observed by SEM (SU8000 Type II, HITACHI,
Tokyo, Japan).

 

Figure 1. Illustration (left) and photo of cell fixture for composing a lithium-garnet-type
Li7-xLa3Zr2-xTaxO12-lithium (Li/LLZT/Li) symmetric cell.

3. Results and Discussion

3.1. Characterization of Sintered LLZT Pellets

The XRD pattern and SEM image of the fractured surface of sintered LLZT are shown in Figure 2.
The calculated pattern with the reported structural parameters for cubic LLZ is also plotted in
Figure 2a [7]. All the peaks for the LLZT sample were well indexed as cubic garnet-type structures
with a space group Ia3d; no other secondary phases were observed. Compared with the calculated
pattern for cubic LLZ, all peaks of LLZT shifted toward a higher angle 2θ. This was attributed to the
reduction in the lattice size by substitution of Zr4+ (72 pm) by smaller Ta5+ (64 pm) [15–23]. As shown
in Figure 2b, the average grain size in the sintered LLZT was around 5 μm and all grains were in good
contact with each other to form a dense structure. The density of the pellet was determined from their
weight and physical dimensions. The relative density (measured density normalized by the theoretical
density) of LLZT used in this work was around 92–93%.

The ionic conductivity of LLZT was examined by A/C impedance spectroscopy using a Li+ ion
blocking silver (Au) electrode. Figure 3a shows the Nyquist plots of A/C impedance measured at 27,
50, and 75 ◦C for LLZT. A part of the small semicircle and linear portion data were obtained in high
and low frequency regions, indicating that the conduction is primarily ionic in nature. The intercept
point of the linear tail in the low frequency range with a real axis corresponds to the sum of the bulk
and grain-boundary resistances. Total conductivity σ was calculated by the inverse of the total (bulk
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and grain boundary) resistance and geometrical parameters of the pellet, which was estimated to be
0.93 mS cm−1 at 27 ◦C. Notably, we prepared many LLZT pellets for stability testing described later,
and all pellets reproducibly showed σ = 0.9–1.0 mS cm−1 at 27 ◦C.

  
(a) (b) 

Figure 2. (a) X-ray diffraction (XRD) pattern and (b) scanning electron microscope (SEM) image of
fractured cross section for sintered LLZT.

  
(a) (b) 

Figure 3. (a) Nyquist plot of alternating current (A/C) impedance of LLZT at 27 ◦C. (b) Arrhenius plot
of the conductivity σ for LLZT plotted against the inverse of measurement temperature.

Figure 3b shows the variation in σ for an LLZT pellet as a function of an inverse of temperature
1000 T−1. σ increased monotonically as the temperature increased and reached 16 mS cm−1 at 100 ◦C.
In addition, the temperature dependence of σ was well-expressed by the Arrhenius equation as
σ = σ0 exp(−Ea/(kBT)), where σ0 is constant, Ea is the activation energy of conductivity, and kB is the
Boltzmann constant (1.381 × 10−23 J K−1). From the slope data of σT in Figure 3b, Ea of LLZT was
calculated as 0.40 eV, which is nearly the same as the Al-free LLZT reported in the literature [19,21,22].

3.2. Interfacial Charge Transfer Resistance between LLZT and Li Metal Electrode

To examine the effect of a heat treatment condition on RLi-LLZT between LLZT and Li, we measured
the A/C impedance of Li/LLZT/Li symmetric cells with various heat treatment conditions. Figure 4a
shows the Nyquist plots of A/C impedance at 27 ◦C for Li/LLZT/Li cell both before and after heat
treatment at different temperatures for one hour. The data in Figure 4a were obtained in a continuous
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experiment with one specific cell. Firstly, we measured the impedance for the cell before applying
heat treatment, then the cell was heat-treated at 100 ◦C for one hour, cooled down to 27 ◦C, and the
impedance measurements were recorded. After that, measurements for the cell heat-treated at 150 or
175 ◦C for one hour were recorded in sequence.

  
(a) (b) 

  
(c) (d) 

Figure 4. (a) Nyquist plots of AC impedance for Li/LLZT/Li symmetric cell at 27 ◦C before and after
heat treatment at 100, 150, and 175 ◦C for one hour. Different Li/LLZT/ Li cells heat treated at 175 ◦C
for (b) one, (c) three, and (d) five hours.

In the frequency range of 5 Hz to 105 Hz, one semi-circle was clearly visible in the Li/LLZT/Li cell
before and after applying heat treatment at different temperatures. This semi-circle was not observed
in the Au/LLZT/Au cell shown in Figure 3a. At the high frequency range from 105 to 106 Hz, the plots
almost overlap, suggesting that the data above 105 Hz are mainly attributed to the ionic conducting
property of LLZT pellet. The data below 105 Hz correspond to the charge-transfer characteristics at
the interface between LLZT and the two Li metal electrodes, and the diameter of the semicircle below
105 Hz corresponds to 2 × RLi-LLZT. As shown in Figure 4a, RLi-LLZT decreased gradually as the heat
treatment temperature increased. Before applying heat treatment, RLi-LLZT at 27 ◦C was 650 Ω cm2

and decreased to 350 Ω cm2, 200 Ω cm2, and 100 Ω cm2, after applying heat treatment at 100, 150,
and 175 ◦C for one hour, respectively.

For further reduction of RLi-LLZT, we investigated the influence of heat treatment time at 175 ◦C,
which is only 5 ◦C lower than the melting point of Li. Nyquist plots of A/C impedance at 27 ◦C
for Li/LLZT/Li cells heat-treated at 175 ◦C for one three, and five hours are shown in Figure 4b–d.
RLi-LLZT was reduced further by increasing the heat treatment time, but both the cells heat treated at
175 ◦C for three and five hours showed the same RLi-LLZT of 25 Ω cm2 at 27 ◦C, indicating that the effect
of heat treatment time on the reduction of RLi-LLZT was nearly saturated at three hours. We think that
the reduction in RLi-LLZT obtained by optimizing the heat treatment condition resulted from improved
wetting and contact between LLZT and Li.

Using the cell heat-treated at 175 ◦C for five hours, the temperature dependence of RLi-LLZT was
investigated and the results are shown in Figure 5. The measurements were recorded in both heating
and cooling processes at 27–100 ◦C. As shown in Figure 5a,b, the impedance data measured at a fixed
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temperature in heating and cooling processes were nearly identical, suggesting that the resistances of
LLZT, RLLZT, and RLi-LLZT were hardly affected by temperatures below 100 ◦C.

 

 

(a) 

 
(b) (c) 

Figure 5. A/C impedance measured at different temperatures for Li/LLZT/Li symmetric cells after
heat treatment at 175 ◦C for five hours: (a) during heating process from 27 to 100 ◦C and (b) cooling
process from 100 to 27 ◦C. (c) Interfacial charge transfer resistance RLi-LLZT as a function of temperature.

3.3. Stability against Li Deposition and Dissolution Reaction at the Interface

Next, we discuss the stability against Li deposition and dissolution reaction at the interface
between LLZT and Li. Figure 6 shows the results for galvanostatic cycling at 25 ◦C in Li/LLZT/Li
symmetric cells with different RLi-LLZT (27 ◦C) of 100 and 25 Ω cm2. In this work, “one cycle” is
defined as the process of passing a current in both directions, and then resting for 600 s during each
cycle. Cell voltage was determined as the product of current and cell resistance (= RLLZT + RLi-LLZT).
In both cells, Ohmic behavior was observed at low current densities followed by deviation from Ohmic
behavior at high current densities. Similar behavior has been confirmed in the literature [33,34,40–46].
Furthermore, the polarization was not symmetric against the current direction, which could have been
caused by an irreversibility in Li deposition and dissolution reaction at each interface between LLZT
and Li in a symmetric cell [43,46]. The cell with lower RLi-LLZT (Figure 6b) shows lesser polarization
than the cell with higher RLi-LLZT (Figure 6a) and maintained Ohmic behavior under higher current
densities around 0.1 mA cm−2. The cell voltage suddenly dropped to 0 V at 0.11 mA cm−2 for the
cell with an RLi-LLZT of 100 Ω cm2, whereas the voltage drop in the cell with a lower RLi-LLZT of
25 Ω cm2 occurred at 0.36 mA cm−2. This indicates that the short circuit occurred inside the cell and
the reduction of RLi-LLZT had a positive effect on enhancing the tolerance against the short circuit.
Reducing RLi-LLZT likely resulted in more uniform current density, thus the tolerance against the short
circuit improved. We also performed galvanostatic cycling for the symmetric cell at 100 ◦C. Increasing
temperature improved wetting and contact between Li and LLZT. The RLi-LLZT of the tested cell was
25 Ω cm2 at 27 ◦C and decreased to 0.5 Ω cm2 at 100 ◦C. As expected, the current density at which the
short circuit occurred increased to 1.2 mA cm−2 (Figure S1).
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(a) (b) 

Figure 6. Galvanostatic cycling at 25 ◦C for Li/LLZT/Li cells with different RLi-LLZT: (a) RLi-LLZT

(27 ◦C) = 100 Ω cm2 and (b) RLi-LLZT (27 ◦C) = 25 Ω cm2. The inset in each graph is a photo of an LLZT
pellet removed from each cell after a short circuit occurred.

The photos of the LLZT pellets removed from both cells after short circuits occurred are also shown
in the insets of both graphs. Some black spots and cracks were clearly confirmed on the pellet surface.
Moreover, some of the cracks penetrated along a thickness direction and reached the opposing pellet
surface, indicating that the short circuit locally occurred around these cracks due to the propagation of
Li dendrite into SE [33,47–49]. We also observed the microstructures of fractured cross sections of LLZT
pellets using SEM and the results are shown in Figure 7. SEM observation was performed around the
black spot. In Figure 7a, many fiber-like materials with submicron-sized diameters were confirmed
between the LLZT grains in the pellet removed from the cell with RLi-LLZT = 100 Ω cm2. However,
in Figure 7b, a whisker-like material two to three μm in diameter was confirmed to propagate into
the pellet removed from the cell with RLi-LLZT = 25 Ω cm2. We think that these materials observed in
LLZT pellets are Li dendrites that cause the short circuit during galvanostatic cycling test depicted in
Figure 5.

  
(a) (b) 

Figure 7. SEM images for cross sections of LLZT pellets removed from Li/LLZT/Li cells after a short
circuit occurred: (a) RLi-LLZT (27 ◦C) = 100 Ω cm2 and (b) RLi-LLZT (27 ◦C) = 25 Ω cm2.

We fabricated other symmetric cells with RLi-LLZT = 25 Ω cm2 and their cycle stabilities were
investigated at 25 ◦C and at current densities of 0.15 and 0.30 mA cm−2 for application times of one
and two hours. The results are summarized in Figure 8. Notably, the measurements at these four
different conditions were continuously performed in one specific cell. The cell was stably tested over
100 cycles without the occurrence of a short circuit at the conditions of 0.15 mA cm−2 for one hour,
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0.15 mA cm−2 for two hours, and 0.30 mA cm−2 for one hour, whereas the polarization and deviation
from Ohmic low become remarkable with increasing magnitude of current density and its application
time. However, at 0.30 mA cm−2 for two hours, cell voltage increased abnormally in the first half cycle,
and then a short circuit occurred during the second cycle. Under this condition, the cell could not be
cycled stably.

  
(a) (b) 

  
(c) (d) 

Figure 8. Galvanostatic cycling at 25 ◦C for Li/LLZT/Li cell with RLi-LLZT (27 ◦C) = 25 Ω cm2: (a) cycled
at 0.15 mA cm−2 for one hour, (b) cycled at 0.15 mA cm−2 for two hours, (c) cycled at 0.30 mA cm−2

for one hour, and (d) cycled at 0.30 mA cm−2 for two hours. The measurements were continuously
recorded from (a) to (d).

Before and after each galvanostatic cycling under different conditions, we also checked the cell
impedance at room temperature. The measurement results are shown in Figure 9. Before galvanostatic
cycling, the cell resistance was around 230 Ω cm2. After being cycled at 0.15 mA cm−2 for one hour,
0.15 mA cm−2 for two hours, and 0.30 mA cm−2 for one hour, the cell demonstrated similar results
and cell resistance ranging from 215 to 225 Ω cm2. This is consistent with the results for the stable
galvanostatic cycling shown in Figure 8a–c. However, after being cycled at 0.30 mA cm−2 for two
hours, the plot significantly deviated from the others and the cell resistance decreased to 65 Ω cm2.

Figure 9. A/C impedance measured at 27 ◦C for Li/LLZT/Li cell before and after galvanostatic cycling
with different conditions described in the caption of Figure 8.
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The conditions for the stable cycling of a symmetric cell were expected to be influenced not only by
the magnitude of the current density but also by the capacity for Li deposition at the interface between
LLZT and Li. Using the data for the first half cycle in Figure 8c,d, the change in cell voltage at 25 ◦C and
0.30 mA cm−2 are plotted as a function of area specific capacity for Li deposition (Figure 10). The plots
of the cell voltage tested at 0.30 mA cm−2 for one and two hours nearly overlapped at the capacity for
Li deposition below 0.30 mAh cm−2 and an abnormal increase in cell voltage was caused at a capacity
above 0.35 mAh cm−2. Similar behavior was confirmed when the cell was cycled at smaller current
density of 0.15 mA cm−2. As shown in Figure 8a,b, the cell was stably cycled at 0.15 mA cm−2 for one
and two hours, but a short circuit occurred at 0.15 mA cm−2 for three hours (Figure S2). The abnormal
increase in cell voltage was also confirmed at the capacity for Li deposition above 0.30 mAh cm−2

(Figure S3). Although our measurement conditions in this work were limited, the threshold of the area
for specific Li deposition capacity for stable was roughly expected to be around 0.30 mAh cm−2. When
we used the LLZT prepared in this work, the RLi-LLZT at room temperature decreased to 20–30 Ω cm2,
and the current density for galvanostatic cycling was set below 0.30 mA cm−2.

 

Figure 10. Cell voltage at 25 ◦C and 0.30 mA cm−2 for one or two hours in Li/LLZT/Li cell with
RLi-LLZT (27 ◦C) = 25 Ω cm2, as a function of area specific capacity for Li deposition. The plotted data
were calculated from the data from the first cycle in Figure 8c,d.

Together with further examination of the propagation mechanism of Li dendrite into garnet-type
SE, both the critical current density at which the short circuit occurs and the threshold in the capacity
for Li deposition for stable cycling must be enhanced further to realize a solid-state battery with
a garnet-type oxide SE and Li metal anode. We believe that this could be achieved by reducing
the interfacial charge-transfer resistance further and by structural improvement of the garnet-type
SE by decreasing the porosity [34,47,48], controlling grain size [41,44], and modifying the grain
boundary [45,50].

4. Conclusions

We investigated the influence of heating temperature and time on the interfacial resistance
between LLZT and a Li metal electrode using a Li/LLZT/Li symmetric cell. In addition, the effect of
the interfacial charge-transfer resistance RLi-LLZT on the stability of Li deposition and dissolution was
investigated using a galvanostatic cycling test. The lowest RLi-LLZT of 25 Ω cm2 at room temperature
was obtained by heating at 175 ◦C for three to five hours after contacting LLZT with Li. We confirmed
that reducing interfacial resistance is effective for enhancing the current density at which the short
circuit occurs by propagating the Li dendrite into LLZT. The conditions for stable cycling of a symmetric
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cell are influenced not only by the magnitude of the current density but also by the capacity for Li
deposition at the interface between LLZT and Li.

Supplementary Materials: The following are available online at http://www.mdpi.com/2313-0105/4/2/26/s1,
Figure S1: Galvanostatic cycling at 100 ◦C for Li/LLZT/Li cell with RLi-LLZT = 25 cm2 at 27 ◦C and 0.5 cm2 at
100 ◦C, Figure S2: Galvanostatic cycling at 25 ◦C for Li/LLZT/Li cell with RLi-LLZT (27 ◦C) = 28 cm2 tested at
0.15 mA cm−2 for 3 h, Figure S3: Cell voltage at 25 ◦C and 0.15 mA cm−2 for 1, 2 and 3 h in Li/LLZT/Li cells as a
function of area specific capacity for Li deposition.
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Abstract: One of the primary targets of current research in the field of energy storage and conversion
is the identification of easy, low-cost approaches for synthesizing cell active materials. Herein,
we present a novel method for preparing nanometric slabs of Na0.44MnO2, making use of the
eco-friendly urea within a solution synthesis approach. This kind of preparation greatly reduces the
time of reaction, decreases the thermal treatment temperature, and allows the obtaining of particles
with smaller dimensions compared with those obtained through conventional solid-state synthesis.
Such a decrease in particle size guarantees improved electrochemical performance, particularly at
high current densities, where kinetic limitations become relevant. Indeed, the materials produced
via solution synthesis outperform those prepared via solid-state synthesis both at 2 C, (95 mA h g−1

vs. 85 mA h g−1, respectively) and 5 C, (78 mA h g−1 vs. 68.5 mA h g−1, respectively). Additionally,
the former material is rather stable over 200 cycles, with a high capacity retention of 75.7%.

Keywords: sodium-ion battery; cathode; solution combustion synthesis; capacity retention; Na0.44MnO2

1. Introduction

Energy storage is a key challenge of the present time. Academic and industrial research is focusing
on the development of optimized materials and fabrication processes in order to meet stringent
requirements in terms of electrochemical characteristics, while concomitantly achieving the preparation
and commercialization of sustainable products, both from an economic and an environmental
perspective [1]. For this reason, attention is being devoted to the search for and optimization of
electrode compositions based on abundant and cheap chemical elements. In this context, research
in the field of Na-ion battery materials is acquiring increasing importance, mainly due to the fact
that, in line with the envisaged increasing demand of rechargeable batteries to implement electric
vehicles, as well as portable and stationary applications, concerns have arisen with regard to the cost
and availability of lithium in the near future [1,2]. The ability to replace or, better, to complement
Li-ion technology with different metal ion chemistry, in particular Na-ions, would lower costs and
alleviate such concerns [3,4]. In addition, the use of Na instead of Li metal allows the use of aluminum
as an anode current collector, providing a cost-effective alternative to copper [2].

Mn-based compounds are being widely investigated as cathode materials for rechargeable Na-ion
batteries and, in particular, sodium manganese oxides such as Na0.67MnO2, Na0.44MnO2 and other Na
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compounds (NaxMnyBzO2, B = transition metal) have been regarded as promising cathode materials
due to their high capacity, low cost and non-toxicity [5,6]. Among various cathode materials for
Na-ion batteries, Na0.44MnO2 has been identified as highly promising because of its large capacity
(theoretically 121 mAh g−1) and good stability [7], even in aqueous electrolyte [8,9].

Na0.44MnO2 (NMO) is characterized by a peculiar tunnel-like structure composed of Mn-based
octahedra and square-based pyramids connected through a vertex to form small, distorted hexagonal
channels and larger S-shaped tunnels running parallel to the c crystallographic axis (Figure 1).
Three partially occupied Na sites are present within the structure. The Na-cations of all sites can
be shuttled during the electrochemical redox process, but to different extents [10,11]. The high
reversibility of the insertion and de-insertion processes is only guaranteed in the compositional range
Na0.25MnO2–Na0.65MnO2; otherwise, the tunnel structure is not preserved [12].

Figure 1. Crystal structure of Na0.44MnO2 showing the partial site occupancy on the Na sites as
partially colored spheres.

NMO powders are conventionally prepared by solid-state reaction at 800 ◦C or higher for at
least 9 h [10,13–15]. More recently, NMO materials have also been prepared by other synthesis
procedures such as wet-chemistry techniques [12], including modified-Pechini methods [16–18], spray
pyrolysis [19], polyvinilpyrrolidone (PVP)-assisted gel combustion synthesis [20,21], and reverse
microemulsion methods [22,23]. However, even if a solution precursor is used, the NMO materials
are usually obtained at high temperatures between 800 ◦C [12,17,18] and 950 ◦C [16,20,21] after
several hours of annealing, typically ranging between 8 and 15 h. Notable exceptions are related
to hydrothermal preparation strategies, where typically an aqueous solution is heated at only
205 ◦C, but for 4 days, in an autoclave [24,25]. Quite surprisingly, NMO materials deliver similar
electrochemical performance and specific capacities at low current rates (i.e., approaching the
theoretical capacity of 121 mA h g−1), despite being synthesized via different methodologies.

In this work, we explore the possibility of reducing the temperature and duration of the
thermal treatment necessary to synthesize the environmental friendly NMO from abundant raw
materials through a solution combustion approach. This synthetic approach involves a self-sustained
reaction in an aqueous solution containing metal nitrates as oxidizers and urea as fuel and reducing
agent [26,27]. Indeed, we demonstrate that such an energy-saving synthesis yields a material with
high electrochemical performance, reduced energy cost, and lower environmental impact.
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2. Results and Discussion

2.1. Structural and Morphological Characterization of the as Prepared SC-Powder

Prior to the electrochemical characterization, all materials underwent a structural investigation to
identify the appropriate synthesis conditions. Figure 2a shows the X ray diffraction patterns, XRDP,
of the samples prepared with different Na/Mn ratios in the range 0.47–0.51, treated at 800 ◦C for 2 h.
Results show that the sample prepared with a nominal ratio of 0.50 is single-phase, with the desired
structure of Na0.44MnO2, i.e., an orthorhombic Pbam space space group isostructural to Na4Mn4Ti5O18

(JCPDS: 01-076-0785) [28]. Samples with a lower Na/Mn ratio (0.47 and 0.49) contain Mn2O3 impurities
(JCPDS: 01-71-0635), confirming a partial volatility of the alkali metal ions during the thermal treatment.
Instead, the sample prepared with a higher Na content (Na/Mn ratio = 0.51) shows impurity peaks
associated to the presence of α-NaMnO2 (JCPDS: 01-25-0845).

Accordingly, the study on the required minimum temperature and time of the thermal treatment
for obtaining single-phase Na0.44MnO2 was performed with a Na/Mn ratio of 0.50. Figure 2b reports
the evolution of the diffraction patterns at different annealing temperatures. The XRDP show that
at least 700 ◦C is required to achieve the preparation of phase-pure Na0.44MnO2 with the desired
structure. Indeed, the mixture treated at 500 ◦C shows peaks related to the presence of crystalline
Mn2O3 (JCPDS: 01-71-0635), weak peaks due to β-Na0.70MnO2 (JCPDS: 01-27-0752) and additional
broader peaks of unidentified phases. After the thermal treatments at 600 ◦C, the dominant phase
present is β-Na0.70MnO2, still partially detectable after the thermal treatment of 1 hour at 700 ◦C.
Only after being treated at 700 ◦C for 2 h is the sample single-phase and able to be indexed according
to the reflections of Na0.44MnO2, isostructural to Na4Mn4Ti5O18 (JCPDS: 01-76-0193).

Figure 2. (a) X-Ray Diffraction Pattern, XRPD, of the samples prepared using different Na/Mn ratios
in the precursor solution. Pink circles indicate the peaks of the Mn2O3 impurity while blue triangles
those of α-NaMnO2; (b) XRDP of the Na0.44MnO2 powders treated at increasing temperature. Pink
circles indicate the peaks of the Mn2O3 impurity, green triangles those of β-Na0.7MnO2 and yellow
squares are related to the Na0.44MnO2 phase.
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Figure 3 presents the SEM images of the sample prepared according to optimized solution
combustion synthesis conditions (SC-NMO) and, as comparison, of the sample prepared according
the solid state route (SS-NMO). The scanning electron microscopy (SEM) images show that SC-NMO
(Figure 3a,b) is mainly composed of sub-micrometric slabs of 100–400 nm width and 0.6–1.4 μm length.
Hence, the particle morphology of SC-NMO is similar to that of Na0.44MnO2 reported in our previous
work [29]. However, the dimensions of the SC-NMO slabs are smaller and surfaces of the slabs are
less defined as compared to SS-NMO (Figure 3c). Heat treated Na0.44MnO2 samples generally present
rod-like structures due to the preferential growth along the [0 0 1] direction [22]. The present finding is
therefore in agreement with the reduced time and temperature of the thermal treatment for SC-NMO
compared to SS-NMO. Indeed, as expected, the synthetic approach here proposed is a solution-based
approach. Wet-chemistry techniques are well known to produce even rather complex oxides at relative
low temperatures, compared to conventional solid-state synthesis, thanks to the homogeneous and
intimate mixing of the metal ions in the liquid phase and the formation of a porous matrix composed of
nanoparticles that can easily react at the solid state in subsequent thermal treatments [30]. In addition,
compared to other wet-chemistry techniques, the solution combustion approach takes advantage of
the exothermicity of the redox reaction involved in the precursor formation; the released heat of the
combustion reaction may fulfill, at least locally, the energy requirement for the formation of the oxide
matrix, thus allowing the preparation of single-phase materials at relatively lower temperatures and in
a shorter time [26].

Figure 3. Scanning Electron Microscopy, SEM, micrographs of the SC-NMO as synthesized powder.
The magnifications are: (a) 25.0 kx and (b) 100.0 kx; (c) Comparison of two micrographs acquired at the
same SEM mag. (50.0 kx): the upper image refers to SS-NMO sample; the lower one to SC-NMO sample.
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2.2. Electrochemical Tests

Figure 4 shows the cyclic voltammetry (CV) scans of the SC-NMO electrode between 2.0 V–3.8
V. The general shape of the voltammograms, including the position of the current peaks, is in very
good agreement with the literature. In detail, seven main anodic peaks (at 2.23, 2.49, 2.70, 3.00, 3.10,
3.23 and 3.45 V) and cathodic peaks (3.43, 3.22, 3.07, 2.97, 2.66, 2.43 and 2.19 V) are evident, confirming
the reversibility of the process. Furthermore, each current peak is correlated to the (de)insertion of
sodium from a particular crystallographic site [10,11]. Differently from what was observed with other
morphologies, such as in NMO nanofibers [31], SC-NMO does not need an activation cycle: in fact,
the current peaks of the first cyclic sweep are overlapping with those of the following cycles.

Figure 4. Cyclic Voltammetry, CV, of the SC-NMO tested for 10 cycles in the potential range 2.0 V–3.8
V with the electrolyte NaPF6 1M in PC.

Figure 5 reports the cycling performance of the SC-NMO at increasing C rates (C/10, C/5, C/2,
1 C, 2 C and 5 C) and during the long-term cycling test at 1 C. In addition, selected potential profiles
of SC-NMO, recorded at different C-rates and during the 1st and 2nd cycle at C/10 are also given.
The galvanostatic cycling data are compared with SS-NMO to reveal the impact of the modified
synthesis conditions [29]. The capacities at C/10 are approximately 115 mA h g−1, i.e., in very good
agreement with literature data and close to the theoretical capacity of 121 mA h g−1. For example,
at the same C rate, a reversible capacity of 110 mA h g−1 was reported for a sample prepared through
solid state reaction at 800 ◦C for 9 h [14] and 112 mA h g−1 for a sample prepared through a solution
synthesis approach followed by a thermal treatment at 800 ◦C for 10 h [32].

At low current densities, such as C/10 or C/5, the SS-NMO-based electrode delivers only a slightly
higher capacity of about 1–2 mAh g−1, both in charge and in discharge, which is within the margin
of experimental error of the battery cycles used. However, at C/2, both materials show the same
performance, and from 1 C on the SC-NMO outperforms SS-NMO in terms of delivered specific
capacity and coulombic efficiency. At 1 C the difference is still small but at 2 C the capacity difference
between the two materials increases to 10 mA h g−1, i.e., SC-NMO delivering 95 mA h g−1 and
SS-NMO only 85 mA h g−1. Both materials show a rather reversible behavior after the current rate test,
i.e., when reducing the cycling rate at C/10.

It should be noted that the improved performance of SC-NMO at high C rates is not related to
residual carbon coating, because the preparation of SC-NMO is performed in oxidizing atmosphere,
i.e., air, to avoid the material’s degradation. In fact, even in a slightly reducing atmosphere, such as
nitrogen, the material degrades to a mixture of Mn2O3 and Na2O, which readily transforms into NaCO3

under ambient conditions (see Figure S1, Electronic Supplementary Information (ESI)). Consistently,
the TGA traces (Figure S2, ESI) do not indicate for the presence of additional carbon. In fact, the degree
of weight loss for the SS-NMO sample, prepared in the absence of organic reagents, is even higher
than that pertaining to the SC-NMO sample during a first acquisition of the TGA curve.
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The potential profiles during discharge and charge for the 3rd cycle at each C rate are reported
in Figure 5b,c, respectively. The plateaus in the potential profiles correspond well with the current
peaks observed via cyclic voltammetry in Figure 4. SC-NMO and SS-NMO were also cycled at 1 C for
200 cycles (Figure 5e) and selected potential profiles of SC-NMO upon cycling are shown in Figure 5f.
After 100 cycles, 2 cycles at C/10 were performed to evaluate material degradation. As can be clearly
seen in Figure 5e, the capacity of the SC-NMO material is always higher than the one of the SS. After
200 cycles the discharge capacity of SC-NMO is 73.8 mA h g−1 with a coulombic efficiency of 99.72%
and a capacity retention of 75.7%. Interestingly, the SC-NMO capacity is completely retained (around
108 mA h g−1) when current is changed to C/10 after the long-term cycling at 1 C. This suggests
that the fading performance during long-term cycling is correlated with the composite electrode
degradation rather than the irreversible structural degradation of the active material.

Figure 5. (a) Comparison of the C rate tests performed on the SS-NMO-based electrode [29] and the
SC-NMO-based electrode presented in this work: the tested C rates are: C/10, C/5, C/2, 1 C, 2 C, 5 C;
(b,c) show the potential profiles of SC-NMO, respectively, during the 3rd discharge and charge cycle at
each C rate; (d) “Potential vs. x Na in NaxMnO2” graph reported for the 1st and 2nd cycles at C/10.
The arrows show if the material is increasing or decreasing its sodium content while cycling; (e) 1 C
long-term cycling comparison between SC-NMO-based electrode (200 cycles) and SS-NMO-based
electrode (150 cycles—reported in our previous work [29]); (f) selected potential profiles of SC-NMO
upon cycling (panel e).
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The high coulombic efficiency registered for the SC-NMO again suggests a highly reversible
insertion of Na+ ions. Indeed, as reported in Figure 5d, the amount of Na+ equivalents in SC-NMO
is between 0.63 eq. Na+ and 0.26 eq. Na+, i.e., well within the range where high reversibility is
observed [13]. As a matter of fact, the potential profiles of the first and second charge plotted vs. Na+

equivalents (Figure 5d) almost overlap.

3. Materials and Methods

3.1. Solution Combustion Synthesis of Na0.44MnO2

The powder sample of nominal composition Na0.44MnO2 (solution combustion synthesis
Na0.44MnO2, SC-NMO) was prepared starting from appropriate amounts of NaNO3, Mn(NO3)2.4H2O
and urea, CO(NH2)2 (Sigma-Aldrich S.r.l, Milano, Italy). The chemicals were dissolved in deionized
water in the appropriate stoichiometric ratio and heated at 80 ◦C under continuous stirring for 30 min.
The temperature was then increased to 100 ◦C to achieve complete evaporation of the solvent until
a viscous light pink resin was obtained, which spontaneously ignited to produce a black precursor.
This latter was subsequently treated in a furnace at a temperature between 500 ◦C and 700 ◦C for
maximum 2 h. The Na/Mn ratio was modified between 0.47–0.51 to identify the Na excess suitable to
compensate for the loss of alkali metal during the high temperature synthesis steps.

For comparison, a sample of the same nominal composition (solid-state synthesis Na0.44MnO2,

SS-NMO) was prepared according to the solid-state synthesis procedure reported by Sauvage et al. [13],
which foresees a 10 wt.% excess of Na precursor, corresponding to a starting stoichiometry of
Na0.49MnO2, to compensate for the Na ion volatility at high temperature. The characterization
of this sample was already described in our previous work [29].

3.2. Morphological and Structural Characterization of SC-NMO

SC-NMO powder was sputter-coated with Au and analyzed through Scanning Electron
Microscopy (SEM, Mira 3, Tescan, Brno, Czech Republic), using a beam acceleration voltage of
20 kV. The average dimensions of the slabs were calculated by measuring the width and length of at
least 75 single slabs through the ImageJ® free software. X-ray Diffraction Patterns (XRDP, BRUKER
diffractometer D8 Advance, Cu-Kα: λ = 0.154 nm, Bruker Italia S.r.l., Milano, Italy) were acquired
on the SC-NMO powder using an Al sample holder. The data were acquired in the 2θ range from
10◦ to 45◦ with scan step of 0.02 and a fixed counting time per step of 8 s. The powder underwent
a Thermo-Gravimetric Analysis (TGA, Q5000, TA Instruments, New Castle, DE, USA) under static air,
with a heating ramp of 10 ◦C/min from room temperature up to 800 ◦C.

3.3. Casting of the Electrodes

The NMO (both SC or SS) powders were mechanically sieved (mesh size ≤ 45 μm), after
hand-grinding to separate possible agglomerates of particles. The active material, the conductive
carbon (SuperC65®, IMERYS, Switzerland) and binder polyvinylidene fluoride (PVdF, Solef 6020, Solvay
Polymer specialties, Bruxelles, Belgium) were mixed via stirring overnight in N-methyl-2-pyrrolidone
(NMP, Sigma Aldrich) in the weight ratio 85:10:5, respectively. In detail, 1 mL of NMP was used
for 0.588 g of solid (solid content of 34.8%). Slurries with a wet thickness of 150 μm were cast on
aluminum foil (Hydro, 0.020 mm thick). The slurries were dried overnight in an oven at 60 ◦C, and then
round disc electrodes with a diameter of 12 mm-diameter were cut. The electrodes were dried under
vacuum in a glass oven (Büchi) for 3 h at room temperature, 3 h at 60 ◦C and finally for 12 h at 100 ◦C.
Subsequently, electrodes were pressed (8 ton for 10 s), weighed and dried again under vacuum for
3 h at room temperature and 8 h at 100 ◦C. The final electrodes had an average active material mass
loading of 2.7 to 3.2 mg cm−2.
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3.4. Cell Assembly and Electrochemical Tests

Three-electrode Swagelok cells were assembled inside an argon-filled glove-box (mBraun) with
water and oxygen content below 0.1 ppm. The cell configuration for all tests was: Na metal
(99.8%, ACROS ORGANICS, Geel, Belgium) as reference and counter electrode (RE, CE), 1M NaPF6

(sodium hexafluorophosphate, 99+%, FluoroChem, Glossop, UK) in PC (propylene carbonate, battery
grade, BASF, Ludwigshafen, Germany) as electrolyte with glass fiber disks (GF/D, Whatman,
Maidstone, UK) as separator and NMO as working electrode (WE). NaPF6 and PC were used without
further purification.

Electrodes (all possessing similar mass loading) were tested through cyclic voltammetry
(CV) with a scan rate of 0.1 mV s−1 in the potential range of 2.0 V–3.8 V vs. Na/Na+ (VMP3
multichannel potentiostat, BioLogic, Seyssinet-Pariset, France). The galvanostatic cycling was
performed between 2.0 V and 3.8 V at various current densities ranging from C/10 to 5 C
(1 C = 121 mA g−1) (Maccor battery tester 4300, Maccor Inc., OK, USA). All electrochemical tests
were carried out at 20 ± 1 ◦C.

4. Conclusions

For the first time, Na0.44MnO2 nanometric slabs were synthesized using an urea-based solution
combustion synthesis and a subsequent annealing process. This simple synthetic approach, which
makes use of the eco-friendly urea, enabled the preparation of Na0.44MnO2 cathode material in less
time (2 h) and at a lower annealing temperature (700 ◦C) compared to state-of-the-art synthesis routes
such as solid-state and sol-gel methods. SEM revealed smaller particle dimensions as a result of
the aforementioned synthesis conditions. Moreover, the final cathode material has shown superior
electrochemical performances, in terms of delivered capacities at high C rates of up to 5 C (i.e.,
105 mAh g−1 at 1 C and 80 mAh g−1 at 5 C).

The improved capacities at high rates can be ascribed to the different morphology, i.e., smaller
slabs characterized by a lower degree of anisotropy. Hence, the results suggest that reducing the
particle sizes may be a suitable strategy for improving the high rate performances of Na0.44MnO2

cathode materials.

Supplementary Materials: The following are available online at www.mdpi.com/2313-0105/4/1/8/s1, Figure
S1: XRDP of the NMO sample after a thermal treatment at 800 ◦C under N2 flux, Figure S2: Thermogravimetric
analysis of the SS- and SC-NMO powders.
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Abstract: The advent of large-scale renewable energy generation and electric mobility is driving
a growing need for new electrochemical energy storage systems. Metal-air batteries, particularly
zinc-air, are a promising technology that could help address this need. While experimental research
is essential, it can also be expensive and time consuming. The utilization of well-developed
theory-based models can improve researchers’ understanding of complex electrochemical systems,
guide development, and more efficiently utilize experimental resources. In this paper, we review the
current state of metal-air batteries and the modeling methods that can be implemented to advance
their development. Microscopic and macroscopic modeling methods are discussed with a focus
on continuum modeling derived from non-equilibrium thermodynamics. An applied example of
zinc-air battery engineering is presented.

Keywords: metal-air; zinc-air; modeling; simulation; computational chemistry

1. Introduction

In the ever-growing search for safe and high-performance energy storage technology, development
of metal-air batteries is taking on new importance [1]. The promise of these systems is clear: a significant
increase in energy density over Li-ion batteries, utilization of abundant materials, and improved
safety [2]. While great progress has been made in their development, challenges remain before
secondary metal-air batteries can become widely commercially viable.

Metal-air batteries comprise a metal electrode (e.g., Zn, Li, Mg, Al, etc.), electrolyte (aqueous
or non-aqueous), and a bi-functional air electrode (BAE). The basic operating principle is to
electrochemically reduce O2 from air and oxidize the metal electrode to reversibly form solid
metal-oxides. In this way, both the volume and the weight of the battery can be significantly reduced
compared to Li-ion systems. Figure 1 compares the theoretical energy density and specific energy
of metal-air systems. In some non-ideal cases the precipitation of the solid discharge product can
consume active electrolyte components, reducing the achievable energy density [3]. Research into
a variety of metal-air chemistries is ongoing. The homogeneous deposition of Mg metal makes Mg-air
systems appealing [4–6], but aqueous Mg-air batteries are severely limited by the corrosion of the Mg
electrode. Ionic liquid electrolytes have been proposed for Mg-air systems, but they also suffer from
electrochemical instability, particularly during charging, and the reversibility of the cell is limited [7].
Another interesting contender is Al-air. Al is an abundant and safe material, and Al-air batteries
have high theoretical energy density and specific energy values [8–10]. However theses systems are
susceptible to corrosion and have not demonstrated adequate cycling stability. The natural abundance
and safety of sodium combined with its comparable properties with lithium have driven research
into Na-air [11–13]. These systems are still in a very early stage of research. Si-air batteries have
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also attracted attention [14]. They have a high theoretical energy density and are stable in aqueous
electrolytes. Experimental studies of Si-air systems have been performed in both ionic liquid [15] and
alkaline electrolytes [16], but they currently face challenges with the reversibility of the solid discharge
product, precipitation, and pore blockage. Among the metal-air systems under development, Li-air
and Zn-air are the most promising [17–19].

Figure 1. Overview of the theoretical energy density and specific energy (including oxygen) of
commonly researched metal-air batteries. Values are calculated considering the specific mass and
volume of the discharge product with the OCV and charge transfered in the cell reaction.

Li-air batteries (LABs) have been researched for decades [20], but have only become
a widely-pursued topic since the early 2000s. The electrolyte has proved to be a limiting factor in LAB
development. The most common electrolyte configurations of Li-air systems are aprotic (non-aqueous)
and aqueous. Mixed electrolyte systems have also been proposed. The beginning of the LAB research
wave focused on aprotic electrolytes. The first work on the aprotic Li-air system (LiPF6 in ethylene
carbonate (EC)) was performed in 1996 by Abraham, et al. [21], who proposed an overall reaction
forming Li2O2 or Li2O. Early aprotic Li-air cells were based on a carbonate solvent, but it has since
been shown that carbonate solvents are unstable, producing lithium-carbonates during discharging
and evolving CO2 during charing [22–25]. These days, carbonate electrolytes have been abandoned in
favor of ether and ester solvents with lithium salts. A second challenge for LABs in aprotic electrolytes
relates to the precipitation of Li2O2. When this solid precipitates in the cathode, it can form a dense
layer over the carbon surface and inhibit the transfer of electrons. As precipitation continues, entire
pores in the cathode may become blocked, passivating the electrode and limiting the cell capacity.
Finally, it has been noted that oxygen transport in aprotic eletrolytes can be a challenging factor in
LAB performance, especially at higher current densities [26,27]. This has motivated researches to learn
from the success of the gas diffusion electrode in fuel cells and pursue investigations of LABs with
aqueous electrolytes.

It is well known that Li metal reacts violently with water, which had previously limited the use of
aqueous electrolytes for Li-air systems. Then in 2004, a glass ceramic layer over the Li electrode was
successfully proposed to protect the metal electrode while still allowing the electrochemical reaction to
proceed [28,29]. In alkaline aqueous electrolytes, the discharge product is LiOH ·H2O instead of Li2O2.
In these systems, LiOH ·H2O tends to precipitate at the separator-anode interface [30], which reduces
the risk of pore clogging in the cathode as observed in aprotic LABs. However, when aqueous alkaline
electrolytes are exposed to air, dissolved CO2 reacts with OH– to form carbonates, which slowly
reduces the conductivity of the electrolyte and limits the lifetime of the cell.

In the recent wave of interest in the development of Li-air batteries, many theoretical studies have
highlighted the impressive possibilities of these systems [30–36] and the company International
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Business Machines Corporation (IBM) pursued Li-air systems for commercial applications [17].
Although significant challenges remain [37–41], the future of Li-air batteries is promising.

Zn-air batteries (ZABs) stand alone as the only fully mature metal-air system and have been
successfully commercialized as primary cells for many years. They are particularly suitable for
low-current applications like hearing aids. However, their calendar life and electrical rechargeability is
limited [42]. One major advantage of Zn as an electrode material is that, unlike Li, it is stable in water.
In an effort to improve the rechargeability of ZABs, alternative near-neutral aqueous [43,44] and
ionic liquid electrolytes [45–47] have been proposed. Current research continues to focus on material
development to address the lifetime limitations and cell engineering to improve the performance of
these systems [48]. Although some hurdles remain, the development of secondary ZABs has progressed
to the point that they could become feasible for stationary storage applications and some Start-Ups like
Eos Energy Storage [49] and Fluidic Energy [50] have begun to commercialize the technology. Zn-air
systems offer perhaps the most immediate and reliable pathway to a viable secondary metal-air battery.

In this review, we examine model-based design tools that can be applied to advance development
of metal-air systems. The majority of existing models were developed for Zn-air cells, as they are the
oldest and most mature system. Therefore our review shall focus mainly on the application of models
to ZABs and highlight some important advances unique to LABs. Note that these methods are easily
translatable to other metal-air systems.

2. Zinc-Air Batteries

In this section, we present a summary of the working principle of ZABs and discuss the main
challenges hindering the development of electrically-rechargeable Zn-air systems.

2.1. Working Principle

In their most common configuration, Zn-air batteries contain a metallic Zn electrode, porous
separator, circa 30 wt % aqueous KOH electrolyte, and a bi-functional air electrode (BAE).
The BAE consists of a porous substrate and a bi-functional air catalyst (e.g., MnO2) to facilitate the
oxygen-reduction and oxygen-evolution reactions (ORR, OER) [51–53]. The design of the BAE is similar
to gas diffusion layers (GDL) from fuel cell applications. The porous BAE substrate contains carbon
fibers and binder with mixed hydrophilic and hydrophobic properties to promote the formation of the
so-called three phase boundary, while hindering the electrolyte from flooding out. The Zn electrode is
often a paste consisting of zinc metal powder, electrolyte, and binder [54]. The capacity of the cell is
determined by the Zn electrode, which is designed in such a way as to include as much active material
as possible while minimizing the effects of shape-change and electrolyte concentration gradients.
Aqueous KOH is the most common electrolyte for Zn-air batteries due to its high conductivity
(circa 600 mS · cm−1).

An operational schematic of a ZAB in alkaline electrolyte is shown in Figure 2. When the cell is
discharged, the Zn electrode is electrochemically oxidized to form Zn(OH) 2 –

4 (zincate) complexes,

Zn + 4OH− ⇀↽ Zn(OH) 2−
4 + 2 e−, E0 = −1.199 V v. RHE. (1)

Oxygen gas enters the cell through the BAE and dissolves into the electrolyte, where it is reduced
to form OH– ions,

0.5 O2(aq) + H2O + 2 e− ⇀↽ 2 OH−, E0 = 0.401 V v. RHE. (2)

When the saturation limit of zinc in the electrolyte is exceeded, solid ZnO precipitates mainly in
the anode and the battery achieves a stable working point,

Zn(OH) 2−
4

⇀↽ ZnO(s) + H2O + 2OH−. (3)
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When the cell is charged, ZnO dissolves, zinc is redeposited at the Zn electrode and oxygen gas is
evolved in the BAE. The overall cell reaction is given by

Zn + 0.5 O2(aq) ⇀↽ ZnO(s). (4)

The open-circuit voltage of a ZAB in 30 wt % KOH is 1.65 V. The high conductivity of the
electrolyte, high mobility of OH– , and reasonable kinetics of the ORR give the cell a nominal discharge
voltage of 1.2 V at current densities of circa 10 mA · cm−2 [55]. The molar volume of ZnO is 60%
larger than metallic Zn, which causes the cell to expand during discharge. Even so, ZAB button cells
demonstrate a practical energy density on the order of 1000 Wh · L−1 [55].

Figure 2. Operational schematic of an alkaline zinc-air battery. The various (electro)chemical reactions
are indicated by the colored ovals; white arrows indicated discharging and black arrows indicate
charging. Dashed lines show important transport paths.

2.2. Challenges, Progress, and Opportunities

While ZABs have been quite successful as primary cells, there are a number of hurdles that limit
their electrical rechargeability and provide opportunities for further research.

The most well-known challenges relate to the aqueous KOH electrolyte. When the ZAB is operated
in air, CO2 can dissolve in the electrolyte and react with OH– to form CO 2 –

3 [56]. This parasitic reaction
reduces the conductivity of the electrolyte, slows down the cell reactions, and eventually kills the
cell [55]. As such, the lifetime of alkaline ZABs is limited from the moment they are exposed to air.
A CO2 filter could be applied to scrub the air [57], but this adds cost and complexity to the system.
A second challenge for the electrolyte is the evolution of hydrogen gas. The potential of the Zn
electrode reaction is below the potential for hydrogen evolution, which causes the electrolyte to
be thermodynamically unstable [58]. However, H2 evolution on the Zn surface can be kinetically
suppressed with dopants, such as Hg, In, or Bi [19,59–61].

To address these challenges, current research is focused on the development of alternative
electrolytes. An ideal electrolyte for Zn-air batteries should be stable in the electrochemical window
of the cell, stable in air, conductive, non-corrosive, and thermodynamically favor the reversible
precipitation of the desired final discharge product. Alternatives include aqueous alkaline with
additives [62], which were recently evaluated by Schröder et al. [63] and Mainar, et al. [64,65]. Near-neutral
chloride-based electrolytes have been experimentally evaluated by Zong and co-workers [43,44] with
promising initial results. Chloride-based electrolytes address the carbonation issue and could improve
the quality of Zn deposition, but they struggle with the precipitation of zinc-chlorides and the strongly
oxidative nature of chlorine. Non-aqueous ionic liquid electrolytes [45,46,66–68] have been proposed
with promising results [69], but the rate of these systems is limited and much work remains to be done.

Metal electrodes offer the possibility of achieving very high energy density. However,
the formation of mossy or dendritic metal structures during charging can cause the electrode to
change shape [70] and lead to an internal short-circuit [71], killing the cell. With its low surface
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diffusion characteristics and fast deposition kinetics [72], Zn is specifically vulnerable to electrode
shape change. Achieving homogeneous Zn deposition is essential to the development of a secondary
ZAB. Electrolyte additives and alternative electrode designs have been proposed to address this
challenge [43,73–77], with mixed results.

A further challenge in Zn electrode design is the passivation of the electrode surface due to ZnO
precipitation [78]. To achieve a high energy density, the precipitation of ZnO is required. However,
when ZnO precipitates on the active surface of the Zn metal, it limits the transport of species to/from
the electrolyte. When this ZnO barrier becomes too large, the electrochemical reaction can no longer
proceed and the electrode is passivated [62,79]. ZnO passivation can take on two forms [54,80]. Type I
ZnO has a porous white morphology. It precipitates near the surface of the Zn particle, but does not
block it completely. The formation of type I ZnO is reversible. Type II ZnO forms a black dense layer
directly on the surface of the the Zn particle. It is thought that type II ZnO forms on the active sites of
the Zn metal, permanently blocking them and creating a passivating avalanche effect [81].

Finally, the development of an active, stable, and cheap bi-functional air catalyst is a hotly pursued
topic in material science [44,51,82–84]. It is difficult to find a catalyst that is suitable for both the ORR
and the OER. The alternating oxidative and reductive environments present in the BAE during cycling
further complicates this challenge, and tends to accelerate the degradation of both the BAE carbon
substrate and the catalyst. This difficultly is compounded for near-neutral electrolytes, in which the
pH of the electrolyte may vary within the buffering range. From a material science perspective,
research into new catalyst combinations and non-carbon BAE substrates is on-going. Alternative
3-electrode cell designs have also been proposed [19].

On a system level, the challenges described above have led to creative engineering solutions
including mechanically rechargeable Zn-air fuel cells with some niche applications [69]. However, the
logistical challenges of these designs prevented them from being adopted on a wide scale. The goal is
to develop a high-performance electrically rechargeable Zn-air battery. To achieve this, new ideas and
novel designs are needed on every level from material science up through system engineering. In the
following section we discuss how numerical modeling and simulation can help in this pursuit and
give an overview of recent progress.

3. Numerical Modeling and Simulation

Experimentally-based research can be expensive and time consuming. The development of
theory-based models can help guide researchers down the most promising paths, provide a framework
for interpreting experimental results, and lead to new breakthroughs in battery design.

Numerical modeling and simulation serve many purposes in metal-air battery research and
can span a wide range of space and time-scales [30,85,86]. In the following sections, we review
modeling methods commonly used in development of metal-air batteries. We begin on the material
level, highlighting methods for studying the electronic properties of catalysts and metal electrodes
as well as electrolyte thermodynamics and composition. We then move up to the electrode level,
and discuss numerical studies of electrode architecture and what considerations are important in the
design process. Finally, we give an overview of cell-level continuum modeling and discuss recent
contributions to the literature.

3.1. Material Development

The first step in designing a feasible battery must be the selection of appropriate materials.
Anode, cathode, and electrolytes all have their own, sometimes conflicting, requirements for activity
and stability. Applied modeling methods can help screen potential materials, identify promising paths
for development, and reduce the reliance on trial-and-error approaches.
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3.1.1. Electrode Materials

Catalyst development is one of the most expensive and time consuming aspects of material
research in metal-air systems. Bi-functional air catalysts can take on a wide range of compositions,
often include expensive or toxic metals (e.g., Pt, Ag, Co, etc.), and are labor intensive to produce and test.
Atomic-scale modeling methods can be applied early in the design process to screen potential catalysts.

Density functional theory (DFT) uses quantum mechanical calculations to make predictions about
the electronic structure of multi-atom systems [87]. This method allows researchers to investigate the
properties of materials considering the influence of things like surface structures and local coordination
of atoms. The basic approach of DFT is to analyze a multi-atom system as the movement of electrons
through a fixed array of atomic nuclei. Using the Born-Oppenheimer approximation, the state of
the nuclei and the electrons can be split into separate mathematical expressions [88]. In this way
the adiabatic potential energy surface of the atoms can be calculated and used to investigate the
characteristics of the material [87]. Due to the complexity of the calculations involved, the method is
confined to considering a limited number of atoms. Nonetheless it has been shown to be effective at
screening the properties of metal alloys for a variety of applications [89].

Beginning with the work of Norskov, et al. [90], there have been a wealth of DFT studies
investigating the reaction pathway, activity, and stability of materials in metal-air systems. Viswanathan
et al. have utilized DFT to predict the activity of different pure and alloyed metals [91,92]. This group
has also applied DFT calculations to investigate a range of phenomena in Li-air batteries [93,94].
In 2010, Keith and Jacob clarified a multi-pathway electrochemical mechanism for the ORR, which
showed good agreement with experimental data. Eberle and Horstmann correlated the change in
reaction pathway to an observed change in the Tafel slope [95]. In 2017, Tripkovic and Vegge elucidated
the mechanism of the ORR on Pt (111), and used their results to investigate the high activity of
Pt-alloys [96]. Non-metallic catalysts, such as nitrogen-doped graphene, are desirable due to their
safety and low cost. A multi-scale model featuring DFT of such systems was recently presented
by Vazquez-Arenas, et al. [97], and used to investigate the rate-determining step for the ORR in
KOH electrolyte

DFT simulations can also be applied to investigate metal electrode materials and solid precipitants.
Siahrostami, et al., modeled the effect of surface structure on zinc dissolution [98]. They applied their
model to simulate the dissolution of a Zn kink atom, highlighting the potential steps of the dissolution
process and predicting the overpotential of the reaction. For electro-deposition, Jäckle and Groß
propose that surface diffusion processes are key to understanding the formation of metallic surface
structures [99]. They utilized a DFT model to evaluate a range of metal anode materials for their
tendency to form dendrites. In the case of non-aqueous Li-air batteries, the precipitation of Li2O2 can
electrically isolate the cathode. DFT simulations have been applied to investigate the growth and
electronic structure of Li2O2 [31,100–103], in an attempt to mitigate the risk of passivation.

3.1.2. Electrolytes

The behavior of liquid electrolytes in electrochemical systems can be quite complex and have
a deciding influence on overall cell performance. The first step in determining the suitability of
an electrolyte for a given system is to examine its equilibrium thermodynamics.

The speciation of ions, solubility of solids, and equilibrium potential of electrodes in an electrolyte
is strongly dependent on pH and solute concentration [80,104,105]. For some systems, such as
KOH−ZnO, this behavior is rather straightforward and well-documented [80,106], while for others,
such as ZnCl2−NH4Cl, it is very complex and sensitive [3,107]. Figure 3a shows the speciation of
the Zn2+ ion in ZnCl2−NH4Cl. Understanding this behavior can be helpful in interpreting battery
performance and optimizing system design.
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Figure 3. (a) Zn speciation plot for 0.51 M ZnCl2−2.34MNH4Cl with pH adjusted by NH4OH
reproduced from Clark, et al. [3] with permission from Wiley-VCH and (b) simplified Pourbaix diagram
for [Zn]T = 0.5 M.

According to the law of mass action, for a system at equilibrium with a constant temperature,
the value of the reaction quotient is constant. For a generic reaction, this concept is expressed as,

aA + bB ⇀↽ cC + dD,
[A]a[B]b

[C]c[D]d
= β. (5)

The value of the constant, β, is referred to as the thermodynamic stability constant (sometimes
also called the formation or equilibrium constant). In the 1970s, Smith and co-workers assembled
an exhaustive compilation of thermodynamic stability constants of metal-ligand complexes, pKa values
of acids, and solubility products of solids for a myriad of both inorganic and organic molecules [108–111].
By incorporating these equilibrium expressions for every electrolyte reaction into simple equations
for the conservation of mass and charge, the equilibrium composition of the electrolyte and the
solubility of solids can be predicted as a function of pH and solute concentration. A framework
for such a model [112,113] was presented by Limpo, et al., in the 1990s, and was expanded upon
in more recent research [106,114]. Clark, et al., recently presented a framework for predicting the
discharge characteristics of a Zn-air cell with an aqueous near-neutral electrolyte based on equilibrium
thermodynamic considerations [3], and showed how they can be incorporated into a dynamic model.

Models of equilibrium thermodynamics can also be used to generate potential-pH, or Pourbaix,
diagrams [115]. Figure 3b shows a simplified example for the aqueous Zn system. The Nernst equation
describes the connection between solute concentration and the equilibrium electrode potential [116].
The equilibrium potentials for the electrochemical reactions in Zn-air systems [80] can be expressed as:

EZn/Zn2+ = −0.762 +
RT
2F

ln([Zn2+]), (6)

EH2/H2O = 0 − 2.303
RT
F

pH, (7)

EO2/H2O = 1.229 − 2.303
RT
F

pH. (8)

Taking this into consideration, researchers can predict the influence of shifts in pH or solute
concentration on electrode potential. Aside from describing the voltage of the cell, this is also useful
for identifying possible parasitic reactions, such as H2 evolution or redox shuttles.

In addition to thermodynamic models, DFT can be used to screen properties of electrolytes
and their suitability for metal-air applications. One of the major challenges in aprotic LABs is the
development of a solvent that is stable and facilitates oxygen solubility and transport. In 2015,
Husch and Korth presented a study of non-aqueous LAB electrolytes [117]. In a wide-ranging
work requiring about 2 million hours of process time, they integrated DFT calculations into a larger
framework to screen 927,000 potential electrolyte solvents for high Li+ and O2 solubilities and low
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viscosity. An illustration of their work is shown in Figure 4. By strategically applying modeling methods,
Husch, et al., were able to by pass the trial-and-error approach and directly highlight electrolyte solvents
with the highest chances of success.

Figure 4. Chemical potentials for Li+ vs. chemical potentials for O2 in the bulk candidate compound are
plotted for all 927,000 compounds. Black dots indicate compounds with a viscosity below 3 cP, grey dots
indicate compounds with a viscosity below 6 cP. Reproduced from Husch, et al. [117]—Published by
the Physical Chemistry Chemical Physics (PCCP) Owner Societies.

3.2. Electrode Design

The development of active and stable materials is essential to battery design. However, care must
be taken to appropriately scale-up materials to the electrode level. In this section, we discuss modeling
tools which can help fashion suitable materials into high-performance electrodes.

3.2.1. Bi-Functional Air Electrode (BAE)

The BAE in Zn-air batteries is comprised of a porous structure (usually carbon fibers and binder)
with mixed hydrophilic and hydrophobic properties. The idea is to encourage the formation of
the so-called three-phase boundary without either over-saturating (flooding) or under-saturating
(drying out) the pores. When the cell is cycled, pressure gradients are induced in the battery due
to the precipitation and dissolution of solid products, which can change the saturation of the BAE.
To simulate this behavior, a method of predicting the pressure-saturation characteristics of the BAE
structure is needed.

The Lattice Boltzmann Method (LBM) is useful for simulating multi-phase flow in porous media.
This approach uses the Boltzmann equation to simulate the flow of fluids as a combination of collision
and streaming events of particles on a discrete lattice [118,119]. Particle positions are confined to the
nodes of the lattice and it is assumed that they can move between their current position and adjacent
nodes in discrete lattice directions. The probability to find particles at a lattice node with a velocity
component in any of the discrete directions is described by a distribution function [120]. If solid
boundaries are present in the system, no-slip boundary conditions can be introduced by a simple
bounce back scheme. Implementation of the basic LBM equations is straightforward, and there are
a variety of open-source codes available [121].

In electrochemical research [122], Lattice Boltzmann models have been applied to investigate
the transport of water in the GDL of PEM fuel cells [123–126]. One significant benefit of LBM is the
ability to simulate flow in complex geometries. Using X-ray tomography [127] or focus ion beam
scanning electron microscope (FIB-SEM) images [128], real electrode structures can be modeled in 3D
and their transport properties evaluated. Recently, Danner, et al., presented a LBM model to predict the
pressure-saturation parameters of BAEs in metal-air batteries [128]. Figure 5 shows pressure-saturation
curves calculated with LBM for both 2D and 3D simulations of real BAE structures. Their simulations
show that the pressure-saturation characteristics of air electrode substrates vary according to whether
the electrolyte is draining from the structure (configuration I) or imbibing the structure (configuration
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II). They proposed this is because the structure contains some pores that can be filled with electrolyte,
but are not easily emptied.

Figure 5. Pressure-saturation curves for real air electrode structures simulated with 2D and 3D
Lattice-Boltzmann models for (a) draining (configuration I) and (b) imbibition (configuration II).
Reproduced from Journal of Power Sources, 324, T. Danner, S. Eswara, V.P. Schulz, A. Latz, Characterization
of gas diffusion electrodes for metal-air batteries, 646–656, Copyright 2016, with permission from
Elsevier [128].

3.2.2. Metal Electrode

The design of the metal electrode is determined mostly by effects linked to passivation and shape
change. For Zn-air batteries, the precipitation of ZnO on the electrode surface can isolate it from the
electrolyte and slow down the reaction kinetics, eventually killing the electrode. It has been shown that
ZnO can take on a porous white morphology (type I) that is reversible, or a dense black morphology
(type II) that is irreversible. To model the effects of these precipitants on electrode performance,
various models have been developed.

As discussed in Section 2.2, type I ZnO is formed when the dissolved zinc concentration in the
electrolyte exceeds the saturation limit, and it precipitates near the electrode surface. This layer of
porous ZnO is generally modeled as an additional mass transport barrier [55], slowing diffusion and
migration of OH– to the electrode surface. Early models determined the passivation characteristics
using the so-called Sand equation, an empirical expression linking current density, i, and passivation
time, t, with constants, k and ie:

i = kt0.5 + ie. (9)

In 1981, Liu, et al., expanded this concept taking into account the mechanism for
type I ZnO precipitation. They proposed that the passivation due to type I ZnO occurs via
a dissolution-saturation-precipitation mechanism. Put simply, the Zn electrode dissolves until the
concentration of Zn(OH) 2 –

4 exceeds the saturation limit for nucleation, and the ZnO phase grows as
the precipitation reaction proceeds. In their model, they calculate the time required to saturate the
electrolyte with Zn(OH) 2 –

4 (ta), the time to precipitate type I ZnO (tb), and the time to precipitate type
II ZnO (tc), and define the passivation time as t = ta + tb + tc [78]. The resulting 0D model is a helpful
predictor of Zn electrode performance, but is not suitable for use in continuum modeling.

In the continuum model of Zn electrodes developed by Sunu and Bennion in 1980 [129],
they considered passivation by assuming that the precipitation of ZnO reduced the active surface area
available for the Zn dissolution reaction. More recently in 2017, Stamm, et al., implemented the effect
of type I ZnO passivation in a continuum model by calculating the thickness of the ZnO shell and
numerically solving for the species concentration at the surface [55], assuming Nernst-Planck transport
across the barrier. These values were then used to calculate the Nernst potential and exchange current
density of the Zn dissolution reaction.

While models for passivation due to type I ZnO are rather well developed, there are fewer
models for type II ZnO passivation. In 1991, Prentice, et al. [81] proposed that type II ZnO forms
directly on the surface of the Zn electrode, and does not follow the dissolution-saturation-precipitation
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mechanism of type I. By calculating the fractional surface coverage of various zinc-hydroxides as
a function of concentration and electrode potential, they were able to simulate rotating disk experiments.
Their simulations agreed well with experimental measurements. The model was recreated and the
results are shown in Figure 6.

Figure 6. (a) Fractional surface coverage of species on the Zn electrode surface, and (b) simulated LSV
measurement of type II ZnO passivation. Recreated from the model described by Prentice, et al. [81].

While much progress has been made in understanding the mechanisms of Zn passivation,
work remains to be done. A more unified theory of type I and type II passivation, along with
implementation in a continuum model, could be an area for future research. A dedicated review of
experimental and modeling studies of Zn electrode passivation was presented by Bockelman, et al.,
in 2017 [130].

3.3. Cell Modeling

The modeling methods described above are very useful for evaluating the properties of individual
materials or components, but researchers often need to know how these components will interact with
each other in a real electrochemical cell.

Continuum models are among the most useful and widely-applied methods for studying the
cell-level performance of metal-air batteries. This approach applies the mass and charge continuity
equations to describe the transient characteristics of spatially discretized systems [85,131]. A list of
important continuum models for metal-air systems from the literature is presented in Table 1. For most
applications, a 1D model is sufficient to describe the system. However, 2D and 3D [132,133] finite
volume models of batteries can give more in-depth information for detailed analysis. The mass and
charge continuity equations can be expressed in generic terms as,

Mass Continuity: ∂(ciεe)
∂t = −�∇ · �ND,M

i − �∇ · �NC
i︸ ︷︷ ︸

transport

+

source︷︸︸︷
ṡi , (10)

Charge Continuity: 0 = −�∇ ·�j︸ ︷︷ ︸
transport

+

source︷ ︸︸ ︷
∑

i
zi ṡi, (11)

where ci is the concentration of solute i, εe is the electrolyte volume fraction, �ND,M
i is the

diffusion-migration flux, �NC
i is the convective flux, ṡi is the reaction source term,�j is the electrolyte

current density and zi is the solute charge number. A detailed derivation of these terms based on
non-equilibrium thermodynamics and their applicability to metal-air systems can be found in existing
works [3,30,55,134]. In their most general form, the continuity equations describe the local conservation
of mass and charge due to transport across the boundaries of a control volume and the presence of
a source/sink within the bulk of the control volume. To successfully implement these equations
physical models for electrolyte transport and (electro)chemical reactions are needed.
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Chemical reaction models feature a term describing the thermodynamic driving force and
an expression of the kinetics [143]. In the case of electrochemical reactions, the most widely-used
model is the Butler-Volmer approximation [144],

k = k0

(
exp

[
αRT
nF

η

]
− exp

[
− (1 − α)RT

nF
η

])
, (12)

where k0 is the rate constant (linked to the exchange current density), α is the symmetry factor, η is the
surface overpotential, and the other variables take on their usual meaning. While this approximation
is sufficient to describe simple electrodes, the precipitation of solid metal-oxides on the surface of
the metal electrode forms an insulating layer and can cause the kinetics of the electrode to deviate
from idealized models [62,79,145]. Special models of metal-electrode kinetics considering the effects of
passivation have been developed [78,81,130] and implemented [55] in continuum simulations.

The Marcus theory of charge transfer reaction kinetics is a more accurate alternative to the
Butler-Volmer approximation [146–148]. The Marcus model builds on an Arrhenius approach, in that
the pre-exponential factor is described by the electronic coupling element, Hab, and the reorganization
free energy, λ, and the exponential term containing the activation energy. In its quantum mechanical
form, the Marcus theory is expressed as

kct =
2π

h̄
| Hab |2√
4πkBTλ

exp
[
− (λ + ΔG0)2

4kBTλ

]
. (13)

Marcus theory results naturally from quantum mechanics, and can be more easily linked to
simulations like DFT [149]. While this approach has been applied in some continuum models, it is
difficult to parameterize.

Electrolyte transport is modeled using a combination of expressions for diffusion, migration and
convective mass flux [116], as well as a source term stemming from the chemical reactions described
above [150,151]. While the fundamental components of electrolyte transport models are universal,
their exact form can vary based on the ionic strength [116] and pH [3] of the electrolyte. For low ionic
strength electrolytes, a simplified dilute solution theory (DST) approach can be applied to model the
diffusion and migration transport of solutes [116].

Dilute Solution Theory: �ND
i = −Di�∇ci, �NM

i = Dicizi F
RT

�∇φe, (14)

Concentrated Solution Theory: �ND,M
i = −Di�∇ci − ti

zi F
�j, �j = −κ�∇φe +

κ
F ∑i

ti
zi

∂μi
∂ci

�∇ci. (15)

For high ionic strength electrolytes, a more complete concentrated solution theory (CST) is needed.
In this case, a coupled expression for diffusion-migration flux can be derived from non-equilibrium
thermodynamics [134,152,153]. For strongly acidic or alkaline electrolytes, the concentrations of H+ or
OH– are usually so high that concentration gradients do not affect the thermodynamic stability of the
solutes. However, for electrolytes in the weakly acidic to weakly alkaline range, the concentrations of
solutes in electrolytes can swing by orders of magnitude as pH gradients develop in the cell [80,112,113]
and can affect the performance of the cell [3]. A new method for modeling electrolyte transport in
near-neutral systems was recently proposed by Clark, et al. [3].

When metal-air batteries are operated, the precipitation and dissolution of solids and the
conversion of H2O by the ORR/OER can induce a convective flux of electrolyte in the cell [30].
In general terms, the convective flux can be expressed as

�Ni
C
= ci�ve, (16)

where �ve is the center-of-mass velocity of the electrolyte. This adds an additional level of complexity to
metal-air battery models over closed systems, such as Li-ion, which often apply a simpler Nernst-Planck
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model. A method for considering multi-phase convective flow in continuum models was presented by
Horstmann, et al. [30] and is discussed in detail later in the text.

Continuum models of ZABs have been developed intermittently since the 1980s. The first
1D continuum model of a Zn electrode in an alkaline ZAB was developed in 1980 by Sunu and
Bennion [129]. It was based on the general 1D model for concentrated transport in porous electrodes
outlined by Newman [116]. Their simulations showed the inhomogeneous precipitation of ZnO and
investigated the shape change of the Zn electrode during cycling. In 1992, Mao and White [135]
developed an extended model that also resolved the separator and air electrode. They found
that K2Zn(OH)4 does not precipitate and compared simulated cell voltages with experimental
measurements. Ten years later, Deiss, et al. [136] performed ZAB cycling simulations with a 1D model
of the Zn electrode and separator based on dilute solution theory. They studied the redistribution of
Zn and the development of concentration gradients in the cell.

In recent years, there has been a boom in continuum modeling frameworks for both Zn-air
and Li-air systems, with some areas of overlap. In 2012, Neidhardt, et al., presented a flexible
continuum modeling framework for multi-phase management, with direct application to a variety of
electrochemical systems [131]. In their work, they applied this framework to simulate a range of fuel
cells and batteries to demonstrate the versatility of the approach. In their simulations of non-aqueous
Li−O2 batteries, they noted that the system is limited by a combination of slow oxygen transport and
blockage of cathode pores with Li2O2.

To address the oxygen transport and passivation challenges associated with aprotic LABs,
Horstmann, et al., were motivated to examine precipitation in alkaline aqueous LABs [30]. Their model
featured two important developments. The first was the introduction of pressure-saturation expression
to simulate the electrolyte flooding and drying-out of the BAE. The saturation of porous structures was
described with a so-called Leverett approach, which had previously been applied in models of fuel
cells. The Leverett function, J(s), uses empirical constants to approximate the saturation of a porous
structure as a function of the capillary pressure, (pe − pg):

J(s) =

√
Be

ε0σ2 (pe − pg) = A + BeC(s−0.5) − De−E(s−0.5). (17)

In this expression, Be is the electrolyte permeability, ε0 is the porosity of the electrode, σ is the
surface tension, and pe and pg are the pressure in the electrolyte and gas phases, respectively. In the
expression for the Leverett function, s is the electrode saturation and the remaining variables are
constants. These constants can be determined experimentally or predicted numerically by combining
3D structure characterization with LBM simulations [128]. With the pressure of the electrolyte and
the saturation of the BAE known, the convective velocity of the electrolyte can be solved using
a Darcy model:

�ve = −Be

ηe
�∇pe, (18)

where ηe is the viscosity of the electrolyte. Their simulations found that the availability of gas
diffusion electrodes for aqueous systems reduces the oxygen transport limitations seen in non-aqueous
LAB systems.

The second development was the implementation of a model for LiOH ·H2O precipitation based
on the classical theory of nucleation and growth. By defining terms for the reaction enthalpy of
formation for both the bulk and surface of the nucleus, they identified the critical formation energy
and nucleus size. Considering a diffusion limited precipitation mechanism and the supersaturation of
Li+ as the driving force for nucleation and growth, they were able to simulate the spatially resolved
precipitation of LiOH ·H2O. The results, shown in Figure 7, indicate that LiOH ·H2O does not block
the cathode pores. Rather it precipitates mostly near the separator-anode interface, thereby addressing
the passivation challenge in aprotic LABs.
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Figure 7. Spatial profiles of salt concentration, volume fraction of LiOH ·H2O, and the specific
surface are of precipitation during galvanostatic cell discharge (i = 10 mA · cm−2). Li+ concentration
increases before LiOH ·H2O nucleates (A) As the discharge progresses, LiOH ·H2O nucleates (B) and
precipitates (C) until the cell fails due to a solid film forming at the separator-anode interface (D).
Precipitation occurs mainly close to the anode due to the small transference number of Li+. Reprinted
from Horstmann, et al. [30]—Reproduced by permission of The Royal Society of Chemistry.

In 2015, the model of Horstmann, et al., was extended by Grübl and Bessler to engineer
seven variants of aqueous alkaline LAB systems [141]. They identified improvements to the glass
separator and the development of lighter electrode materials as areas for further research. While
the potential advantages of aqueous LABs are clear, most recent modeling studies have focused on
non-aqueous systems.

One of the first continuum models for non-aqueous LABs was presented by Andrei, et al.,
in 2010 [137]. Their simulations considered the effects of cell architecture and operational conditions
on concentration profiles and cell voltage, and provided a solid foundation for further development.
Recent multi-scale modeling studies of non-aqueous LABs focus heavily on the nucleation and growth
of solids, and their affect on cell performance. A 1D continuum model of a LAB was developed by
Albertus, et al., in 2011 [26]. They found that although O2 transport can be limiting for high current
densities, the main limitation in LABs relates to the precipitation of solids. For carbonate solvents,
the dominant discharge product is Li2CO3, which, along with Li2O2, poses a strong passivation
risk to the cathode. The model was based on a CST approach for electrolyte transport. It did not
consider the effects of electrolyte convection or cathode saturation, which was identified as an area for
future development.

With the shift to non-carbonate electrolytes, the morphology of Li2O2 precipitated during
discharge became the subject of research. Knowing that pore blockage was a challenge in LAB
performance, Xue, et al., developed a continuum model to investigate Li2O2 precipitation considering
the pore size distributions of cathode materials [140]. They later extended their model to determine the
effect of both electrolyte solvent and applied current density on Li2O2 morphology [154]. A nano-scale
continuum model to study the rate-dependent growth of Li2O2 was presented by Horstmann, et al. [35].
They found that the morphology of Li2O2 shifts from discrete particles at low discharge rates to an
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electronically insulating film at high current densities. This line of research was then expanded to
consider the effects of Li2O2 precipitation on the charging process. Yin, et al., presented a continuum
model for non-aqueous LABs that links the size of the Li2O2 particles created during discharging
to the two-step voltage profile observed during charging [142]. The effect of the Li2O2 reaction
mechanism on the discharge/charge characteristics was investigated by Grübl, et al. [155]. They found
that the reaction mechanism is partially irreversible, and considered the effects of adding a redox
mediator to the electrolyte. Finally, some researchers have highlighted not only the effects of Li2O2
morphology, but also its electronic properties. Radin, et al. integrated a DFT simulation of Li2O2 with
charge carrying dopants into a simple Nernst-Planck continuum model to study ways to promote
the OER [103]. They found that dopants, such as Co and Ni could enhance the OER and improve the
rechargeability of non-aqueous LABs.

Applying continuum modeling methods to both aqueous and non-aqueous LAB development has
illuminated the challenges and the opportunities inherent to these systems. Further research is needed
into the effects of solid precipitation and oxygen transport in non-aqueous LABs and the long-term
electrolyte stability of aqueous LABs. However, the modeling studies highlighted above have shown
promising paths for further investigation.

Zn-air continuum modeling studies provide insight into challenges, such as electrolyte
carbonation, Zn electrode passivation, and improved cell design. In 2014, Schröder, et al. published a
framework for a 0D ZAB continuum model, which they utilized to study the effect of air composition
on cell performance [138]. Examining the effects of the relative humidity (RH) and carbon dioxide
content of air, they found that controlling the RH can help reduce electrolyte loss and that the presence
of CO2 can dramatically limit the lifetime of the cell. In a separate paper, they combined this model
with x-ray tomography measurements of a primary button cell to monitor the state-of-charge during
discharge [139].

Experimental tests of ZAB button cells have shown a voltage step in the middle of discharge,
particularly at high current densities [55]. In 2017, Stamm, et al., presented a model to clarify the
mechanism behind this observation. Concentration profiles from their model are shown in Figure 8.
The nucleation of ZnO requires an over-saturation of Zn(OH) 2 –

4 in the electrolyte. For high current
densities, the electrolyte concentration gradients that develop in the cell are strong enough that
Zn(OH) 2 –

4 does not reach the critical super-saturation for nucleation in the anode-separator interface
and ZnO does not nucleate. As a result, the surface concentration of OH– in this region is much higher
than in areas of the electrode covered by a ZnO film, as shown in Figure 8c. When the uninhibited
Zn near the separator is completely utilized, the overpotential of the dissolution reaction increases,
causing the observed drop in cell voltage. For this reason, they proposed that Zn electrodes should
contain a small amount of ZnO powder. In this way, the effects of inhomogeneous ZnO nucleation
can be avoided. Stamm, et al., also considered the effects of CO2 dissolution in the KOH electrolyte.
They found that after about 2 months, the carbonation of the electrolyte becomes so severe that the cell
can no longer function. To address this issue, they purpose employing either carbon dioxide filters or
neutral electrolytes.

ZABs with near-neutral chloride-based electrolytes could address the electrolyte carbonation
issue and have been experimentally investigated [43,44]. The initial results are promising, but the
composition and behavior of these electrolytes during cell operation is unclear. In 2017, Clark, et al.
presented a continuum framework for modeling pH buffered aqueous electrolytes, and applied it to
study ZABs with pH adjusted ZnCl2−NH4Cl electrolytes [3]. Utilizing a 0D thermodynamic model of
the electrolyte, they determined the pH stability and predicted the conditions under which a range
of solids would precipitate. Integrating this method into a 1D continuum model, they simulated the
performance of experimental near-neutral ZABs from the literature. Figure 9 shows concentration
profiles of in the cell proposed by Goh, et al. [43] during cycling. The Zn electrode is on the left
and the BAE is on the right of the domain. To maintain a neutral pH in the BAE, the buffer reaction
NH +

4 −−⇀↽−− NH3 + H+ counteracts the pH shifts inherent in the ORR/OER. As more NH3 is produced,
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it forms dominant complexes with Zn2+, shown in Figure 9a. Because there is an excess of NH +
4

in the electrolyte, the buffer reaction is uninhibited and the pH during discharging is relatively
stable (Figure 9e). During charging, the buffer reaction is reversed and NH3 is converted to NH +

4 .
As NH3 is depleted, zinc-chloride complexes dominate in the BAE (Figure 9b). Some of the NH3 that
was produced during discharge diffuses into the bulk electrolyte and cannot be quickly recovered.
When NH3 is locally depleted, the buffer reaction becomes limited and the pH in the BAE becomes
acidic (Figure 9f). Acidic pH values can accelerate catalyst degradation and limit the lifetime of the cell.
In their work, Clark, et al., discuss how cell architecture and electrolyte composition can be optimized
to avoid this effect and improve performance.

Continuum models can be invaluable for investigating a range of phenomena in electrochemical
cells, from the effects of discharge product precipitation to the electrolyte stability. Through the
development of theory-based models, side-by-side with experimental investigation and validation,
researchers can identify and pursue the most promising paths towards advanced metal-air batteries.

Figure 8. Various concentration profiles in an alkaline ZAB button cell during galvanostatic discharge
at 125 Am−2 at different times. (a) Before ZnO nucleates, the OH– concentration at the Zn surface
and electrolyte bulk are equal and zincate concentration reaches its maximum; (b) ZnO precipitates
inhomogeneously in the Zn-electrode, causing the OH– surface concentration to be higher near the
separator and fall as the ZnO barrier becomes thicker; (c) OH– concentration continues to fall as ZnO
passivation barrier grows; (d) OH– concentration at the Zn-electrode surface is small and limits the
further dissolution of Zn. Reproduced from Journal of Power Sources, 360, J. Stamm, A. Varzi, A. Latz,
B. Horstmann, Modeling nucleation and growth of zinc oxide during discharge of primary zinc-air
batteries, 136–149, Copyright 2017, with permission from Elsevier [55].
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Figure 9. Electrolyte composition of near-neutral ZAB in during discharging and charging. At the end
of discharging (a), zinc in the gas diffusion electrode (GDE) exists as Zn(NH3) 2+

4 . Once the capacity
of zinc to take up NH3 is completely utilized, NH3 accumulates in the GDE (c); As the NH +

4 /NH3
solution approaches its equivalence point, the pH value in the GDE becomes steadily more alkaline
(e); At the Zn electrode, the small amount of NH3 present is taken up by excess Zn2+ and the pH
value becomes slightly more acidic. When the cell is charged, the production of H+ in the GDE
pushes the equilibrium of the ammonium buffer back towards NH +

4 . The zinc–ammine complexes
release NH3 back to the solution as charging progresses, and at the end of charging, zinc in the GDE
exists exclusively as zinc–chloride complexes (b); To stabilize the pH value in the GDE, there must be
NH3 available for the conversion into NH +

4 . However, a considerable amount of the NH3 produced
during discharging diffuses into the bulk electrolyte and cannot be quickly recovered. This leads to a
depletion of NH3 in the GDE (d); At the Zn electrode, the concentration of NH3 increases because of
the redeposition of zinc. Without NH3 to stabilize the pH value, the electrolyte in the GDE becomes
acidic (f). At the Zn electrode, the loss of aqueous Zn2+ and the relative excess of NH3 cause the pH
value to increase. Reproduced from Clark, et al. [3] with permission from Wiley-VCH.
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4. Model-Based Battery Engineering

To provide an example of how modeling and simulation can be applied to advance zinc-air
battery development, we performed a series of cell-level continuum simulations using existing ZAB
models [3,55]. In this analysis, we optimize the thickness of the zinc electrode to maximize the
capacity of the cell while avoiding the unwanted effects of passivation. The initial composition of the
electrolyte is 7 M KOH, saturated with ZnO. The BAE and separator are both 0.5 mm in length and the
Zn-electrode is varied. The cell is galvanostatically discharged at current densities ranging from 0.1 to
50 mA · cm−2.

Figure 10a shows the magnitude of the KOH concentration drop across the cell at the end of
charging. As the thickness of the Zn electrode and the magnitude of the current density increase,
the long transport paths and large source terms induce significant concentration gradients in the cell.
This is important because KOH gradients can affect the solubility of ZnO and increase the risk of
passivation in the Zn electrode.

Zn Utilization  /  - Discharged Capacity  /  Magnitude of cKOH Gradient  /  

Figure 10. (a) Magnitude of the KOH concentration gradient across the cell at the end of discharge; (b) Zn
utilization; and (c) discharged capacity as a function of Zn electrode thickness and current density.

Figure 10b presents the utilization of zinc metal in the battery. The results show that for current
densities less than circa 20 mA · cm−2, the active Zn in the electrode is essentially completely utilized
(>90%) for all Zn electrode thicknesses. However, for higher current densities, passivation of the
electrode occurs due to two competing factors. The ZnO that precipitates in the electrode acts as a
barrier to mass transport. For thick Zn electrodes, this barrier to transport is so large that the bulk
concentration of KOH in the Zn electrode drops to the point that there is insufficient hydroxide present
to form Zn(OH) 2 –

4 complexes, and Zn utilization drops to circa 50%. For thin electrodes, the ZnO
transport barrier remains relatively small and the bulk KOH concentration remains in an acceptable
range. However, in these electrodes there is less active surface area available for the reaction, which
leads to a higher flux term at the surface of the Zn particles. For current densities over 30 mA · cm−2

and electrodes less than 2 mm, the magnitude of the flux term is large enough to locally deplete OH–

at the electrode surface and passivate the electrode. The Zn utilization drops to circa 80%.
Figure 10c shows the discharged capacity of the battery. Increasing the thickness of the Zn

electrode increases the amount of active material in the cell and the theoretically achievable capacity.
However, the passivation of thick electrodes at higher current densities limits the amount of Zn that
can be utilized, as shown in the previous figure. The result is that a battery with a 5 mm Zn electrode
discharged at 10 mA · cm−2 has roughly the same capacity as a battery with a 10 mm Zn electrode
discharged at 50 mA · cm−2.

When designing an alkaline ZAB, care should be taken to size the Zn electrode considering the
current requirement and the desired capacity. With this information, an informed decision can be taken
regarding how much Zn paste should be included in the battery to obtain the optimum performance.

Model-based engineering can also be applied in the testing phase of development to design
experiments with the highest chance of success. Because Zn electrodes have a high capacity and can
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only be discharged at limited rates, it takes a very long time to study their cycling characteristics.
Often, the solution is to perform “accelerated” tests with smaller electrodes or at higher current
densities, both of which increase the risk of irreversible passivation.

Consider the case in which a researcher wants to cycle a ZAB 200 times in less than 3 months.
One cycle is defined as moving between 70% and 30% state-of-charge (SOC), and the electrode
consists of a paste that is 50 vol % Zn and 50 vol % electrolyte. Figure 11a shows the time required
to complete 200 cycles under these conditions for different combinations of current density and Zn
electrode thickness.

Figure 11b shows the time required to passivate the Zn electrode. By comparing the passivation
time with the cycling time and applying an engineering safety factor of 1.3, we can mark the passivation
limitations of the system. This region is shaded in black in Figure 11c. Combinations in the red zone
of the figure exceed the time limitation, and we assume that electrodes smaller than 100 microns are
impractical to manufacture (orange). With these factors in mind, we define a region of combinations
(green) which could fit the researcher’s needs.

Passivation Time  /  h

Time 
Limited

Tolerance Limited

Passivation
Limited

Figure 11. (a) Time required to cycle a ZAB 200 times for various Zn electrode thickness and current
density combinations; (b) passivation time; and (c) operational window for a model ZAB.

When appropriately applied, model-based battery design can be of great value to scientists and
engineers. The tools we have reviewed and applied in this analysis give insight into every aspect of
battery performance, from the atomic structure of materials to the dynamic performance of whole cells.
Embracing an integrated approach to modeling and understanding battery performance can help
guide researchers towards achieving the goal of viable and high-performance metal-air batteries.

5. Conclusions

A variety of modeling and simulation methods can be applied to aid the development of zinc-air
and other metal-air battery systems. While many metal-air systems are currently under development,
Li-air batteries (LABs) and Zn-air batteries (ZABs) are the most promising systems.

On the material level, density functional theory (DFT) can be applied to investigate the electronic
properties of catalysts and metals. This could help to screen new catalysts for properties like activity,
stability, and selectivity and to elucidate the effect of surface structures on metal dissolution and
deposition. Furthermore, equilibrium thermodynamic models can be used to predict the speciation
of electrolytes and the solubility of precipitants. This can help determine not only the state of the
electrolyte for different pH and concentration mixtures, but also its stability within the electrochemical
window of the cell.

When it comes to electrode design, one challenge is to develop a bi-functional air electrode
(BAE) that maintains an optimum level of saturation (neither flooding nor drying out) during battery
operation. Lattice-Boltzmann-Methods (LBM) can be developed to investigate the pressure-saturation
characteristics of real BAE structures in 2D or 3D.

Physics-based continuum modeling is the most useful and widely-utilized method for simulating
the cell-level performance of metal-air batteries. Models constructed with this method are able to
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give researchers insight into a range of phenomena including the coupled effects of electrolyte
concentrations, precipitation of solids, electrode kinetics, and cell voltage. The versatility of continuum
modeling and the wide array of existing literature on the subject make it a good tool to advance the
development of metal-air batteries.

Numerical modeling and simulation studies have shown that the performance LABs with
non-aqueous electrolytes is encouraging but limited by slow oxygen transport and pore blockage
by Li2O2. DFT simulations have been applied to elucidate the electronic structure and reaction
mechanisms of Li2O2 and investigate possible alternative non-aqueous electrolyte solvents. Continuum
models have highlighted the cell-level effects of Li2O2 precipitation and O2 transport. The nucleation
and growth of Li2O2 particles and films and its effect on the reversibility and performance of
non-alkaline LABs is a major topic of research. Aqueous LABs improve oxygen transport in
the air electrode and facilitate more favorable precipitation, but the long-term stability of the
electrolyte is limited when exposed to CO2. Continuum models developed for aqueous LABs have
provided a framework for integrating the multi-phase flow in the air electrode into models of other
metal-air systems.

ZABs stand alone as the only successfully commercialized primary metal-air system so far.
Modeling studies of these systems highlight the performance of the alkaline electrolyte in air,
passivation and shape change of the Zn electrode, and cell-level engineering. Because of its historical
dominance, there is a long history of Zn-air continuum models, going back to the 1980s. Recent studies
have been provided a scheme for interpreting and understanding experimental results, and a new
framework developed to model ZABs with alternative near-neutral electrolytes could find wide
application in other electrochemical systems. Implementing these modeling tools in the design process
brings researchers closer to the goal of building high-performance and electrically rechargeable
zinc-air batteries.
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