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Abstract Layered, lithium-rich Li[Li0.2Co0.3Mn0.5]O2 cath-
ode material is synthesized by reactions under autogenic pres-
sure at elevated temperature (RAPET) method, and its
electrochemical behavior is studied in 2 M Li2SO4 aqueous
solution and compared with that in a non-aqueous electrolyte.
In cyclic voltammetry (CV), Li[Li0.2Co0.3Mn0.5]O2 electrode
exhibits a pair of reversible redox peaks corresponding to
lithium ion intercalation and deintercalation at the safe potential
window without causing the electrolysis of water. CV experi-
ments at various scan rates revealed a linear relationship
between the peak current and the square root of scan rate for
all peak pairs, indicating that the lithium ion intercalation–
deintercalation processes are diffusion controlled. The
corresponding diffusion coefficients are found to be in the order
of 10−8 cm2 s−1. A typical cell employing Li[Li0.2Co0.3Mn0.5]
O2 as cathode and LiTi2(PO4)3 as anode in 2MLi2SO4 solution
delivers a discharge capacity of 90 mA h g−1. Electrochemical
impedance spectral data measured at various discharge poten-
tials are analyzed to determine the kinetic parameters which
characterize intercalation–deintercalation of lithium ions in
Li[Li0.2Co0.3Mn0.5]O2 from 2 M Li2SO4 aqueous electrolyte.
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Introduction

Much interest has been placed on the layered LiMnO2 com-
pound for its prospects of providing not only a low-cost but also
an environmentally benign cathode material for rechargeable
lithium ion batteries [1, 2]. However, LiMnO2 is not thermody-
namically stable at elevated temperatures and thus cannot be
synthesized by the samemethods as those used for other layered
compounds. One of themethods to stabilize the layered structure
of LiMnO2 is to make the electronic properties of manganese to
be more cobalt-like by substitution of manganese with more
electron-rich elements. Successful substitution of manganese
by cobalt [3–5] and nickel [6–8] has been reported by many
research groups. Bruce et al. [4, 9, 10] investigated the synthe-
sis and electrochemical behavior of cobalt substituted
LiMn1−xCoxO2. The cycling behavior of these materials is much
improved over the cobalt-free compounds [11]. Work on these
cobalt substituted α-NaFeO2 structure materials, where manga-
nese is the redox active ion, has essentially ceased because of the
inability to maintain the structure relative to conversion to the
spinel structure under realistic cycling conditions.

Thackeray et al. [12] suggested that the lithium-rich com-
pounds with layered structure show quite interesting electro-
chemical properties to the electrode material by improving
structural stability by the formation of two component com-
posite material like xLi2MnO3(1−x)LiMO2 (M 0Mn, Ni, Co,
etc.) [12]. The solid solution series between Li2MnO3 (Li[Li1/
3Mn2/3]O2) and LiMO2 have received significant attention as
an alternative cathode material for LiCoO2 due to their high
discharge capacity. Li2MnO3 was considered electrochemical-
ly inactive because Mn4+ in Li2MnO3 normally could not be
oxidized beyond 4+ oxidation state in order to extract lithium
from its lattice. However, a substantial charge can be removed
from, and, to some extent, reinserted into the Li2MnO3 struc-
ture. Lu and Dahn [13] have analyzed the solid solution
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between Li2MnO3 and LiMO2 (M 0 Ni or Cr), which can be
regarded as Li[NixLi(1/3−2x/3)Mn(2/3−2x/3)]O2 and Li[CrxLi(1/3
−2x/3)Mn(2/3−2x/3)]O2. These oxides are derived from Li[Li1/
3Mn2/3]O2 by substitution of Li+ and Mn4+ by Ni2+ or Cr3+,
respectively. The promising lithium-rich compounds such as
Li[Li1/3−2x/3Mn2/3−x/3Mx]O2 can deliver very high discharge
capacity of 200–240 mA h g−1 between 2.0 and 4.8 V, and
exhibit excellent cycling performance [13]. Despite their ex-
ceptional high capacity and low cost, xLi2MnO3(1−x)LiMO2

materials suffer from two major disadvantages of low initial
coulombic efficiency and poor rate capability, which bring
about great difficulties for practical applications [14]. Al-
though there has been no definite evidence presented so far,
the large initial irreversible capacity loss is usually attributed
to an irreversible removal of partial lithium as Li2O along with
an elimination of the oxygen vacancies from the crystal lattice
produced during first charge, which lead to a reduction of the
effective sites for accommodating the lithium ions in subse-
quent cycles [15]. Similarly, several mechanisms, such as the
formation of a thick solid–electrolyte interface (SEI) on the
cathode surface and the frustrated diffusion of lithium ions in
the rearranged lattice formed during the first charge, have been
proposed to account for the low rate capability of the Li2M-
nO3LiMO2 materials, but the rapid capacity fading of the
materials with increased charge and discharge rate is not fully
understood [16–19].

On the other hand, lithium ion batteries, which offer out-
standing technical performances concerning the available
gravimetric energy density, are limited by several drawbacks
such as severe safety problems, as well as economic and
environmental problems [20, 21]. The flammable organic
electrolytes used in lithium ion batteries may cause smoke or
fire in the case of improper use such as overcharge or short
circuit. Moreover, lithium ion batteries are expensive, because
of the complicated cell designing, the necessity of a perfectly
dry environment during some manufacturing steps and the
costly non-aqueous electrolytes [22]. Overall, the economic
and ecologic problems, with which present-day lithium ion
batteries are concerned, continuously require the development
of less expensive and “green” energy storage materials and
devices. As an alternative, a new type of rechargeable lithium
ion battery with an aqueous electrolyte was announced in the
middle of 1990s [23–25]. This type of battery uses the lithium
intercalation compounds as electrode materials and an aque-
ous electrolyte solution. By this combination, the disadvan-
tages of the non-aqueous lithium battery, i.e., inflammability,
toxicity, high cost and safety problems, can be avoided. Due to
the aqueous electrolyte the cell voltage is restricted to about
1.3 V, the decomposition potential of water, in comparison to
3–4 V in organic electrolyte. As a consequence, only low
energy density can be expected from this kind of battery but
can be compared with that of Pb–acid and Ni–Cd batteries,
which use toxic metals.

Many attempts have been made to synthesize lithium rich
compounds through solid state process [26], sol–gel method
[27, 28], polymer–pyrolysis method [14], co-precipitation
method [29], combustion method [30], etc. Here, we report
the use of Li[Li0.2Co0.3Mn0.5]O2, a solid solution of Li2MnO3

and LiCoO2, obtained by Co substitution for Li and Mn in
Li2MnO3, synthesized by reactions under autogenic pressure at
elevated temperature (RAPET) method as cathode material in
combination with LiTi2(PO4)3 anode and 2M Li2SO4 aqueous
solution as electrolyte. RAPET method is a simple, one-stage,
efficient, economic and scalable approach for the synthesis of a
variety of materials. The process involves heating of precursors
in a closed stainless steel cell. The average particle size and
size distribution can be manipulated by controlling the tem-
perature and duration of heating. The electrochemical proper-
ties of Li[Li0.2Co0.3Mn0.5]O2 in an aqueous electrolyte is
studied and compared with that in an organic electrolyte.

Experimental

Stoichiometric amounts of LiOH, Co3O4 and MnO2 (all from
Sigma-Aldrich) are weighed to produce a 0.6-g product, and
then mixed and ground well. The resulting powder is intro-
duced into a 5-ml Swagelok. The Swagelok parts consist of a
small threaded stainless steel tube closed by two caps from
both sides. The filled Swagelok is closed tightly and then
placed inside an alumina pipe in the middle of the furnace.
The temperature is raised to 600 °C at a rate of 10 °C/min and
held at this temperature for 14 h. The chemical dissociation
and transformation reaction takes place under the autogenic
pressure of the precursor at the fixed temperature. The Swa-
gelok cell is allowed to cool gradually to room temperature,
opened, and the obtained product is used after grinding. Crys-
talline LiTi2(PO4)3 anode material was prepared in the same
manner by heating a mixture of TiO2, NH4H2PO4 and
LiH2PO4 in an appropriate molar ratio at 900 °C for 15 h
and by cooling it slowly to room temperature.

Powder X-ray diffraction (XRD) patterns of the samples
were recorded using a Philips X’pert Pro diffractometer with
CuKα (λ01.5418 Å) as the source. Electrodes were pre-
pared using stainless steel mesh as a current collector. The
mesh was cut into circular shape of about 1 cm2 area and
welded with stainless steel wire for electrical contact. The
mesh was sandblasted to remove the oxide layer, washed
with water, rinsed with acetone, dried and weighed. Cathode
and anode materials were prepared in the same way. Powder
mixture of the sample, carbon black and polyvinylidene
fluoride (PVdF) in the weight ratio of 75:20:5 were ground
in a mortar; a few drops of N-methyl-2-pyrrolidone (NMP)
were added to obtain a slurry. The slurry was coated onto the
pretreated mesh and dried in a vacuum oven at 110 °C
overnight.
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A three-electrode electrochemical cell was employed for
CV in aqueous 2 M Li2SO4 solution. A saturated calomel
electrode (SCE) and Pt foil were used as reference and
counter electrodes, respectively. Galvanostatic charge–dis-
charge measurements were carried out using coin-type cell
consisting of Li[Li0 .2Co0.3Mn0.5]O2 cathode and
LiTi2(PO4)3 anode. Electrochemical impedance measure-
ments were carried out potentiometrically using a three-
electrode system with an ac excitation signal of 10 mVover
the frequency range 100 kHz–5 MHz. All experiments
involving Li[Li0.2Co0.3Mn0.5]O2 in organic electrolyte were
carried out in the same way. The test cell was prepared with
Li metal foil as reference and counter electrodes, and a 1M
LiAsF6 dissolved in EC+DMC (1:1 v/v) as the electrolyte
solution. Celgard 2340 was used as the separator. Assem-
bling of the cell was carried out in a glove box filled with
argon gas. All electrochemical measurements were made
using a Biologic potentiostat–galvanostat instrument.

Results and discussion

Physical characterization

XRD technique was employed to evaluate the crystal struc-
ture of the synthesized materials obtained by RAPET meth-
od. Figure 1a shows the XRD pattern of Li[Li0.2Co0.3Mn0.5]
O2 compound prepared by RAPET method at 600 °C for
14 h. All strong diffraction lines can be indexed as a layered
oxide lattice based on a hexagonal α-NaFeO2 structure with
a space group R3m and show very sharp peaks, indicating a
high degree of crystallinity. The weak peaks between 20°
and 25° are reflected by a monoclinic unit cell with a C2/m
symmetry rather than a R3m lattice, due to a LiMn6 cation
arrangement that occurs in the transition metal layers of
Li2MnO3 regions [14]. Therefore, the layered Li1+xMO2

materials can be alternatively represented in a two compo-
nent “composite” notation as xLi2MnO3(1−x)LiMO2. The
appearance of small peaks is also attributed to the super
lattice ordering of Li and Mn in the transition-metal layers.
These superlattice peaks have been observed in XRD pat-
terns of Li2MnO3-based oxides [28]. When the Co content
of compound increases, these peaks become broad or disap-
pear because the 1:2 ordering of Li and Mn is destroyed by
Co substitution. The largest peak at about 2θ018° is
assigned to the diffraction at the (003) plane indicating the
layered structure of Li[Li0.2Co0.3Mn0.5]O2. As can also be
seen in Fig. 1a, both (006)/(102) and (108)/(110) peaks are
well split, suggesting a well-defined layered structure
formed in the lattice. The low values of R factor, R0(I102+
I006)/I101, relates to the integrated intensities of the
corresponding well resolved peaks of the material confirm
their hexagonal ordering. The lower the R factor, the better

is the hexagonal ordering. In general, the integrated intensity
ratio (R) of the (003) to (104) lines in the XRD patterns can
be used to denote the degree of cation mixing in the Li
layers of these materials. If the R value is >1.2, the cation
mixing could be considered to be negligible. In the XRD
pattern of Li[Li0.2Co0.3Mn0.5]O2 sample, the relative inten-
sity ratio of the (003) to (104) lines is about 1.7, indicating
no pronounced cation mixing and thereby the electrochem-
ical activity of these cathode materials in terms of capacity
and rates of lithium ion intercalation–deintercalation is to be
very good. We conclude from this XRD results that there are
no remarkable impurities in the material obtained and Co3+

and Mn4+ ions are compatible in the layered hexagonal
structure and pure phase solid solutions were obtained. We
can assume that Li is in the 3a sites, Co3+, Mn4+ and Li+, are
in the 3b sites, and oxygen is in the 6c sites. Since the radii
of Co3+ (0.54 Å) and Mn4+ (0.53 Å) are much smaller than
that of Li+ (0.76 Å), no Co3+, Mn4+ are expected to be in the
3a Li sites. From the Rietveld analysis, Park et al. [30] have
reported that both a and c parameters decreased linearly
with an increase in Co content. As the Co content increases,

Fig. 1 XRD pattern of a Li[Li0.2Co0.3Mn0.5]O2 b LiTi2(PO4)3 synthe-
sized by RAPET method
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Co3+ replaced the Li+ and Mn4+ ions in the 3b sites and
resulted in the decreased lattice parameter. The effect of
Mn4+ substitution by Co3+ is limited due to small dif-
ference of ionic radii between these ions. Hence the
decrease in the crystal parameter can be attributed to
the substitution of Li+ at 3b sites by Co3+ which is an
evidence for the existence of excess Li+ at 3b sites.
Figure 1b shows the XRD patterns of the LiTi2(PO4)3
material synthesized by RAPET method. The sample
prepared was phase pure according to the XRD pattern.
The XRD peaks can be indexed in the rhombohedral
crystal system (space group R3c).

Cyclic voltammetry

Before testing the given cathode material in an aqueous
electrolyte, the stability of the electrode in aqueous media
and the safe potential window has to be established. This
consideration is necessary, because there are possibilities of
oxygen and hydrogen evolution during deintercalation (an-
odic scan) and intercalation (cathodic scan), respectively.
Furthermore, the possibility of dissolution of the electrode
material in the aqueous electrolyte cannot be ignored. In the
present study, the stability and the safe potential range of
Li[Li0.2Co0.3Mn0.5]O2 electrode in aqueous media are eval-
uated based on the following assumptions [25]: (1) The
standard potential of Li+/Li in non-aqueous electrolyte is
the same as that in aqueous electrolytes. (2) The lithium ion
intercalation–deintercalation potential widow of Li[Li0.2-
Co0.3Mn0.5]O2 in aqueous solution can be deduced from
the CV curves of this compound in non-aqueous elec-
trolyte. CV of Li[Li0.2Co0.3Mn0.5]O2 in non-aqueous
electrolyte (discussed later) shows the potential ranges
of lithium intercalation and deintercalation are about
3.45−3.70 and 3.60−4.00 V vs. Li+/Li, respectively.
According to the above assumptions (1) and (2), the
corresponding voltage scale vs. SCE for lithium inter-
calation and deintercalation in aqueous electrolyte is in
the safe potential window without oxygen and hydrogen
evolution. Furthermore, the electrochemical behavior of
LiCoO2, the active component of Li[Li0.2Co0.3Mn0.5]O2,
in aqueous electrolyte is already reported [31]. On the
basis of the above evidences, we conclude that Li[Li0.2-
Co0.3Mn0.5]O2 is stable in the aqueous electrolyte within
the potential limits of our experiment.

Figure 2a shows the cyclic voltammogram of Li[Li0.2-
Co0.3Mn0.5]O2 prepared by RAPET method in 2 M Li2SO4

aqueous solution at a scan rate of 0.1 mV s−1 between 0.0
and 1.2 V. The CV indicate structural changes of Li[Li0.2-
Co0.3Mn0.5]O2 in the potential region 0.0–1.2 V. There are
three pairs of anodic and cathodic peaks located at 0.66/
0.63 V, 0.81/0.79 and 0.92/0.91 V, corresponding to dein-
tercalation and intercalation of lithium ions from/into

Li[Li0.2Co0.3Mn0.5]O2 electrode in accordance with the fol-
lowing equations.

Deintercalation : Li Li0:2Co0:3Mn0:5½ �O2

! Li1�x Li0:2Co0:3Mn0:5½ �O2 þ xLiþ þ xe� ð1Þ

Intercalation : Li1�x Li0:2Co0:3Mn0:5½ �O2 þ xLiþ þ x e�

! Li Li0:2Co0:3Mn0:5½ �O2

ð2Þ

Fig. 2 CV of Li[Li0.2Co0.3Mn0.5]O2 electrode in a 2 M Li2SO4 aque-
ous electrolyte; b 1 M LiAsF6/EC+DMC; c CV of LiTi2(PO4)3 elec-
trode in 2 M Li2SO4 (scan rate00.1 mV s−1)
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The anodic peaks appear due to the oxidation of cobalt
ions from Co3+ to Co4+ accompanied by the deintercalation
of equal number of lithium ions. The cathodic peaks are due
to the reduction of cobalt ions accompanied by the interca-
lation of lithium ions. As Li2MnO3 component in Li[Li1/3
−2x/3Mn2/3−x/3Cox]O2 is electrochemically inactive the oxi-
dation state of manganese remains as 4+ during intercala-
tion–deintercalation process. Hence, Li2MnO3 contains only
Mn4+ ions, and there are no crystallographic sites available
for additional lithium intercalation. The first redox couple at
0.66/0.63 V is related to the existence of a two-phase do-
main of Li[Li0.2Co0.3Mn0.5]O2; the two small pairs of
shoulder-like redox peaks at 0.81/0.79 and 0.92/0.91 V
correspond to the presence of a distortion due to an interslab
lithium/vacancy ordering. These measurements indicate a
sequence of three distinct phase changes occurring as the
amount of Li is electrochemically varied between 1 and 0.4
{Li[Li+0.2Co

3+
0.3Mn4+0.5]O2 → Li0.6[Li

+
0.2Co

4+
0.3Mn4+0.5]

O2+0.4Li}. The cyclic voltammogram in Fig. 2a does not
exhibit any current peak due to the oxygen evolution reac-
tion, it is inferred that the oxygen evolution does not seri-
ously occur, and at the same time its contribution to the
measured current transient is negligibly small. This shows
that it is possible to remove lithium ions from the material
before the evolution of oxygen. In other words, it is quite
reasonable to say that the reduction and oxidation of water
does not crucially influence the lithium transport kinetics
through the electrode. Thus, it is possible to use the prepared
Li[Li0.2Co0.3Mn0.5]O2 as cathode material in the aqueous
solution without much oxygen evolution.

The most important feature of the voltammetric peak in
our study is their relatively narrow width; the corresponding
half-height width is very close to 40 mV instead of 90 mV
for one-electron Nernstian reaction. These narrow peaks
may be understood if we take into account the possibility
of an attractive interaction between the inserted species at
their sites. The intercalated lithium ions tighten the Li[Li0.2-
Co0.3Mn0.5]O2 layers together, resulting in the formation of
clusters which can be considered as charge transfer between
lithium and the transition metal oxide layers. Hence the
intercalation process can be explained by taking into ac-
count the possible attractive interaction of the inserted spe-
cies in terms of the Frumkin-type intercalation isotherm as
well as non-equilibrium charging of both the Li|composite
and composite|solution interfaces, i.e., the isotherm which is
used to model the surface accumulation–consumption pro-
cess can also describe the intercalation process which occurs
in the bulk. The main difference between the intercalation
process and adsorption phenomena at interfaces is: for the
former case, the bulk concentration is multiplied by the
thickness of the layer for the current, whereas for the latter
case the current is simply proportional to the surface con-
centration of the adsorbate. Hence, the adsorption isotherm

can be used to describe intercalation phenomena and they
may be called intercalation isotherm [32].

Figure 2b shows the CV profile of Li[Li0.2Co0.3Mn0.5]O2

obtained in the organic electrolyte at a scan rate of
0.1 mV s−1 using lithium foil as counter and reference
electrodes. The cell was cycled in the range from 3.0 to
4.2 V (vs. Li/Li+). A pair of redox peaks at 3.85 and 3.55 V
which correspond to the lithium ion deintercalation–interca-
lation are observed. It can be seen clearly that in the non-
aqueous solution the current response of the redox reaction
is much lower than that in the aqueous electrolyte solution
due to the low ionic conductivity of organic-based solutions.
The solvation of lithium ions in the organic solvent with
high dipole moment and the resistance offered by the sur-
face layer for lithium ion migration will have a retardation
effect on the kinetics of lithium ion insertion. Furthermore,
it can be seen that the electrode polarization increases sig-
nificantly in the organic electrolyte so that the shoulder-like
peaks overlap with each other and are less pronounced. In
the aqueous solution the smaller peaks appear due to the low
electrode polarization.

Figure 2c shows the CV of LiTi2(PO4)3 anode in 2 M
Li2SO4 at a scan rate of 0.1 mV s−1. LiTi2(PO4)3 exhibits
lithium intercalation and deintercalation potentials of −0.42
and −0.39 V, respectively. Since hydrogen evolution was
observed at a more negative potential, it becomes clear that
LiTi2(PO4)3 can be used as anode in combination with
Li[Li0.2Co0.3Mn0.5]O2 cathode in aqueous electrolyte solu-
tions without much hydrogen evolution.

Effect of electrolyte

Aqueous electrolytes present many advantages over non-
aqueous systems. If the electrolyte is mainly absorbed in
the separators, and the quantity of electrolyte is suitably
adapted, aqueous electrolyte batteries may be operated in a
sealed, maintenance-free condition. During over charge,
oxygen produced at the positive electrode will then diffuse
through the separators and can be reduced to water at the
negative electrode. This so called oxygen-cycle renders the
battery tolerant to overcharge. Water is an ideal electrolyte
solvent, in that the decomposition products, hydrogen and
oxygen, will not contaminate the electrolyte. Figure 3a
shows the cyclic voltammograms of Li[Li0.2Co0.3Mn0.5]O2

electrode in various aqueous electrolyte solutions containing
different lithium salts with a scan rate of 0.1 mV s−1. Even
though, all these voltammograms are characterized by a pair
of redox peaks, there is a pronounced difference in the
behavior of Li[Li0.2Co0.3Mn0.5]O2 electrode with respect
to peak current and potential in different electrolytes. With
2 M Li2SO4 solution, the peaks are sharp and well defined,
indicating that the faradaic reaction involving the intercala-
tion–deintercalation of lithium ions is much more facile in
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Li2SO4 than in other electrolytes. In 5 M LiNO3 solution,
the peaks appear at a more positive potentials, providing a
wider potential window when combined with LiTi2(PO4)3,
but a poor current response. Both in LiOH and LiCl solu-
tions, the redox peaks are at more negative potentials with

lower peak currents, indicating unfavorable intercalation–
deintercalation kinetics of lithium ions with these electro-
lytes. The shift of the electrode potentials toward the nega-
tive direction indicates a decrease in the free energy for the
redox reaction. On the basis of above inferences, we con-
cluded that Li2SO4 is the best electrolyte to study the elec-
trochemical behavior of Li[Li0.2Co0.3Mn0.5]O2 electrode in
aqueous solution. The better performance of the system in a
particular electrolyte has many folds. The chemical stability
of anions of various lithium salts may have an effect on the
electrochemical behavior of the electrode. The kinetics of
lithium ion intercalation–deintercalation are also affected by
many other characteristics of the electrolyte such as pH,
viscosity, ionic conductivity, lithium ion transference num-
ber, dipole moment, solvation of ions, compatibility of the
electrolyte with other cell components. Further investiga-
tions are needed to elucidate the details.

Identification of cation

It is necessary to identify the cation, which deintercalate/
intercalate from/into Li[Li0.2Co0.3Mn0.5]O2 compound upon
the redox reaction. To solve this problem, we have recorded
the CVs of the electrode at different concentrations of Li2SO4

aqueous electrolytes. Figure 3b shows the cyclic voltammo-
grams of Li[Li0.2Co0.3Mn0.5]O2 electrode with a scan rate of
0.1 mV s−1 in various concentrations of Li2SO4 aqueous
electrolytes. If we suppose that the deintercalating–intercalat-
ing cation is lithium ion, then Eqs. (1) and (2) represent the
corresponding reactions. According to Nernst law, the oxida-
tion (1) and reduction (2) reactions should follow the depen-
dence of the formal potential, Ef0(Ep,a+Ep,c)/2 (where Ep,a
and Ep,c are the anodic and cathodic peak potentials, respec-
tively) on the activity of the lithium ion, aLi+:

Ef ¼ E� þ log aLiþ ð3Þ
i.e., the formal potential of the redox reaction should be

directly proportional to the logarithm of lithium ion activity
in the Li2SO4 electrolyte solution. Figure 3c shows the plot
of Ef vs. log [Li+] at various concentrations of alkali elec-
trolyte solutions. The straight line with a positive slope
confirms that, the redox peaks on the CVs of Li[Li0.2-
Co0.3Mn0.5]O2 in Li2SO4 aqueous electrolytes can be attrib-
uted to the deintercalation–intercalation of lithium ions.

Effect of scan rate

To investigate the influence of scan rate on the redox behav-
iors of Li[Li0.2Co0.3Mn0.5]O2 electrode in Li2SO4 aqueous
electrolyte, its CV curves at different scan rates were
recorded and are shown in Fig. 4a. Although the curved
shape of the anodic and cathodic peak was almost

Fig. 3 CV of Li[Li0.2Co0.3Mn0.5]O2 electrode in a different electro-
lytes and b different concentrations of Li2SO4 electrolyte. c Plot of
formal potential, Ef, vs. log[Li

+] in Li2SO4 electrolytes
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symmetrical, the peak potential difference (Ep,a−Ep,c) be-
tween the two peaks increased with scan rate as shown in
Table 1. A combination of Butler–Volmer equation with
non-Nernstain intercalation isotherms provides a basis for

performing numerical simulation of the voltammetric re-
sponse, thus taking into account non-equilibrium phenome-
na at the electrode–solution interface. It can be seen that the
electrode polarization increases as the scan rate increases,
and the three couples of redox peaks overlapped with each
other and are less pronounced at higher scan rates. The
voltammogrm reveals a quasi-equilibrium behavior which
is reflected by the separation of the corresponding cathodic
and anodic peak potentials. This separation between cathod-
ic and anodic peaks was observed at all scan rates, which
suggests that the peak separation during lithium ion interca-
lation–deintercalation is intrinsic. The slow conversion rate
between the solid-state phases for lithium intercalation com-
pounds should be the most probable reason for this obser-
vation [33].

The rate-determining steps of the electrochemical inter-
calation, on going from high potential scan rate (short ex-
perimental time) to low potential scan rate (long time) may
change in the following sequence: interfacial charge trans-
fer, planar semi-infinite and finite space solid-state diffusion
of the intercalated species and finally the accumulation of
these species in the bulk of the electrodes. The dependence
of the peak current (Ip) on the potential scan rate (ν) is a
major tool to distinguish between these different cases. In
the case of semi-infinite diffusion, the peak current, Ip for a
redox reaction may be expressed by the Randles–Sevcik
equation [34]:

Ip ¼ 2:69� 105An2=3CD1=2n1=2 at 25�Cð Þ: ð4Þ
where n is the number of electrons per reaction (one for Li),
A is the apparent surface area of the electrode, D is the
diffusion coefficient of lithium ion in the solid state and C
is the concentration of lithium ions.

It is well known that Eq. 4 was derived for the case of
semi-infinite diffusion of redox species whose bulk concen-
tration is not substantially changed during the time of the

Fig. 4 a CV of Li[Li0.2Co0.3Mn0.5]O2 electrode in 2 M Li2SO4 at
different scan rates. b Relationship between peak currents and square
root of scan rates. c Effect of scan rate on the peak separation

Table 1 Peak potential difference (Ep,a−Ep,c) and diffusion coeffi-
cient, D calculated from the anodic and cathodic peak currents of CV
profiles at different scan rates

Scan rate
(mV s−1)

(Ep,a−Ep,c) (V) D×10−8 (cm2 s−1)
(anodic)

D×10-8 (cm2 s−1)
(cathodic)

0.1 0.030 1.717 1.256

0.2 0.054 1.756 1.247

0.3 0.071 1.636 1.285

0.4 0.091 1.605 1.311

0.5 0.105 1.613 1.306

0.6 0.125 1.623 1.284

0.7 0.135 1.644 1.276

0.8 0.150 1.660 1.253

0.9 0.161 1.666 1.231
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experiments. This condition cannot be fulfilled during the
lithium intercalation process in Li[Li0.2Co0.3Mn0.5]O2 since
CV peaks in Fig. 4a relate to the changes in the bulk
concentration of lithium in the cathode material. However,
the CV peaks measured at the above mentioned scan rates
have a typical semi-infinite diffusion character (a linear
dependence of Ip on ν1/2 as seen in Fig. 4b). Thus, in this
case, Eq. 4 is applicable as an approximation because at the
scan rates used in this study, the amount of charge injected
at the peak potential is small compared with the charge
involved in the entire redox step, i.e., the concentration of
lithium ions at the peak potential is only slightly different
from that at the foot of the peak. It is seen that the peak
currents are proportional to the square root of the scan rates
indicating that the semi-infinite diffusion is valid for these
scan rates. The slope of Ip vs. ν

1/2 is proportional, according
to Eq. 4 to the amount of intercalated lithium ions. Com-
parison of Eq. 4 with the slopes of the curves in Fig. 4b
enables the calculation of effective values of the diffusion
coefficient for lithium ions in Li[Li0.2Co0.3Mn0.5]O2 elec-
trode. Table 1 lists these values for all scan rates. However,
Eq. 4 is valid only for Nernstian semi-infinite diffusion
process. The intercalation process under study is in fact
non–Nernstian for the following reasons: (1) there may be
a strong attractive interaction between the inserted lithium
ions at their sites; and (2) one should take into account the
influence of the slow charge transfer rate on the linear sweep
voltammetric response. Hence, calculating the diffusion
coefficients for lithium ion in Li[Li0.2Co0.3Mn0.5]O2 based
on Eq. 4, and Fig. 4b may provide only approximate values.
CV is usually used in the study of electrode kinetics only as
a qualitative tool which is a basis for designing more precise
experiments.

Figure 4c shows the scan rate dependency of the cathodic
and anodic peak separation obtained from cyclic voltammo-
grams of Li[Li0.2Co0.3Mn0.5]O2 electrode in 2 M Li2SO4 at
different scan rates. As expected, the peak separation
increases with increase in scan rate as the anodic peaks shift
towards a more positive potential and cathodic peaks shift to
the negative ones. This could be ascribed to the effect of
concentration polarization and may be due to slow electron
transfer. Further, at low scan rates, the system may yield
reversible waves, while at large scan rates, irreversible be-
havior is observed, which may make us assume that the
electrochemical lithium ion deintercalation–intercalation
process changes from being kinetically quasi-reversible to
irreversible when scan rate increases from low to high.

Galvanostatic charge–discharge cycling

To study the charge–discharge cycling behavior of the pre-
pared Li[Li0.2Co0.3Mn0.5]O2 electrode, a coin cell was made
using Li[Li0.2Co0.3Mn0.5]O2 as cathode and LiTi2(PO4)3 as

anode in 2 M Li2SO4 aqueous solution. The charging and
discharging of lithium ion batteries involves lithium ion
transfer from one insertion electrode to another one. This
transfer can be considered as a topotactic intercalation reac-
tion, meaning that the guest ions occupy the interstitial sites
of both crystalline host matrices and that their charging and
discharging result in a non uniform concentration profile in
the electrodes’ bulk, thus separating the coexisting phases
with different concentrations of guest ions. The typical
charge and discharge curves of LiTi2(PO4)3/2 M Li2SO4/
Li[Li0.2Co0.3Mn0.5]O2 cell in the first cycle at a current
density of 0.1 mA cm−2 are shown in Fig. 5a. The voltage
range was limited from 0.0 to 1.3 V. The clear cutoff voltage
provides a charge–discharge voltage range that can avoid
the decomposition of water. Obviously, during charging
process lithium ions deintercalate from Li[Li0.2Co0.3Mn0.5]
O2 and intercalate into LiTi2(PO4)3 and reverse process
occurs during discharge process in accordance with the
following equations:

Charge : Li Li0:2Co0:3Mn0:5½ �O2 þ LiTi2 PO4ð Þ3
! Lið1�xÞ Li0:2Co0:3Mn0:5½ �O2 þ Lið1þxÞTi2 PO4ð Þ3 ð5Þ

Discharge : Lið1�xÞ Li0:2Co0:3Mn0:5½ �O2 þ Lið1þxÞTi2 PO4ð Þ3
! Li Li0:2Co0:3Mn0:5½ �O2 þ LiTi2 PO4ð Þ3

ð6Þ
It is clear that their voltage curves are almost similar in

shape and both display a voltage plateau at about 0.8 V.
Moreover, the cycling behavior of LiTi2(PO4)3/2 M Li2SO4/
Li[Li0.2Co0.3Mn0.5]O2 cell shows that this kind of cell is good
in reversible intercalation and deintercalation of lithium ions.
The maximum discharge capacity is 90 mA h g−1. The vari-
ation of discharge capacity and coulombic efficiency with
cycle number is shown in Fig. 5b. After hundred cycles, the
charge–discharge efficiency, which is the ratio of the dis-
charge capacity to that of the charge capacity for a given
cycle, is about 99 %. This value indicates that almost no side
reaction, such as electrolysis of water occurs and that almost
the complete deintercalated amount of lithium ions can be
intercalated during the succeeding discharge process. This can
be ascribed to the good stability of the two electrodes during
cycling in the aqueous electrolyte. Because of these attractive
results, the influence of the current upon the capacity during
cycling was investigated. The results are shown in Fig. 5c. It
can be seen that the Li[Li0.2Co0.3Mn0.5]O2 electrode main-
tained reasonable capacity even at higher currents in these
aqueous electrolytic cell. If the capacities of the electrodes are
increased to the level in organic electrolytes, this system will
have great promise since this kind of battery is very safe for
large-scale energy storage. Figure 5c and d shows the charge–
discharge and cycling stability curves of Li/1M LiAsF6/EC
+DMC/Li[Li0.2Co0.3Mn0.5]O2 cell at the current density of
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0.1 mA cm−2 in the potential range 3–4.3 V. The curves are
similar to that in aqueous electrolyte except that the capacity in
the former is lower than that in the latter. This is due to the
lower potential window of aqueous electrolytes. These results
clearly show that the charge and discharge behavior in organic
electrolytes can be transferred into aqueous solution if the
intercalation and deintercalation voltages are within the stable
electrochemical window of water. If it is possible to charge the
battery cell to a higher voltage without causing the kinetic
electrolysis of the aqueous electrolyte, a significantly in-
creased capacity is expected. Nevertheless, this battery system
based on a neutral aqueous electrolyte is an interesting alter-
native in battery research, concerning its cost-effectiveness
(non-expensive materials, easy assembling), environmental
friendliness, and fundamental safety by avoiding the use of
poisonous metals as well as flammable, harmful, acidic or
alkaline electrolytes.

Electrochemical impedance studies

The kinetics of lithium ion intercalation process in Li[Li0.2-
Co0.3Mn0.5]O2 electrode was obtained by electrochemical
impedance spectroscopy (EIS). The characteristic imped-
ance spectra and its potential dependence provide important
kinetic information on the mechanism of intercalation pro-
cesses, which cannot be obtained from the CV plots. EIS
results obtained with Li[Li0.2Co0.3Mn0.5]O2 electrode in
2 M Li2SO4 solution at different potentials during the dis-
charge process in the potential range 0.80–0.50 Vare shown
in Fig. 6a–c. All Nyquist plots consist of three parts: an arc
in the high frequency range, a Warburg-type element in the
middle to low frequency range, and an inclining line in the
low frequency range. These impedance spectra reflect the
nature of overall lithium ion intercalation process. The high
frequency range generally corresponds to charge transfer

Fig. 5 a Charge–discharge
curves; b cycling behavior at a
current density of 0.1 mA cm−2;
c variation of discharge
capacity as a function of current
density for LiTi2(PO4)3/
Li[Li0.2Co0.3Mn0.5]O2 cell in
2 M Li2SO4 electrolyte; d
charge–discharge curves; e
cycling behavior at a current
density of 0.1 mA cm-2 of Li/
Li[Li0.2Co0.3Mn0.5]O2 cell in
non-aqueous electrolyte
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through the electrode/electrolyte interface, the Warburg re-
gion is assigned to the diffusion of lithium ions in Li[Li0.2-
Co0.3Mn0.5]O2 that is often described as finite space or
restricted diffusion, while the sloping line reflects a capac-
itive behavior of the electrode. In accordance with the
results obtained an equivalent circuit, as shown in Fig. 6d,
is proposed to fit the impedance spectra. In this equivalent
circuit, Rs represents the ohmic resistance of the electrolyte
solution which is related to the distance of the high frequen-
cy intercept with the real axis to the axis origin, Rct is the
resistance of the charge transfer reaction, Q is the capaci-
tance of the electrode–electrolyte double layer and Zw is the
Warburg impedance. To achieve better fitting results, pure
capacitor in the equivalent circuit is replaced by constant
phase element (CPE, Q). CPE is used when impedance
spectra exhibits low frequency dispersion. A Nyquist plot
of similar compounds in non aqueous electrolytes consists
of two semicircles: a potential independent semicircle in the
high frequency region and a strongly potential dependent
larger semicircle in the medium frequency region [35]. The
high-frequency semicircle reflects the resistance for lithium
ion migration through the surface film and film capacitance
of the electrode. The absence of this region may be due to
high rate performance (short diffusion path) and/or a small
resistance offered by the surface layer for the migration of

lithium ions which does not resist the diffusion of lithium
ions.

Figure 6a shows a family of Nyquist plots related to
lithium ion intercalation into the layered phase before the
CV peak potential. The main feature of this region is that it
exhibits semicircles (high frequency semicircle [HFS])
which are not complete towards the low frequencies; fol-
lowed by a sloping, low frequency capacitive line. In these
curves the length of capacitive line decreases with the de-
crease in potential, indicating that the interfacial capacitance
between the electrode and the electrolyte decreases with the
decrease in potential. Figure 6b shows the Nyquist plots in
the vicinity of CV peak potentials (i.e., during the course of
lithium ion intercalation). In this region, a semicircle rather
than an arc appears with a decrease in the sloping capacitive
behavior. The low frequency capacitive lines disappear and
the Warburg behavior dominates the low frequency region
of the spectra, as diffusion is the main process after high
frequency relaxation. In this figure, we see a curve with a
minimum at 0.63 V when all the points related to the −Z″
values at 5 MHz, i.e., the lowest frequency used in this study
are compared with each other. The potential of the above
minimum corresponds to the potential of the CV peak. Thus,
the low-frequency impedance measurements are in qualita-
tive agreement with the CV characterizations of the same

Fig. 6 a–c Nyquist plots of the
Li[Li0.2Co0.3Mn0.5]O2 electrode
in 2 M Li2SO4 at different
discharge voltages; d
corresponding equivalent
circuit
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electrode, i.e., intercalation capacitance (Cint) for lithium
intercalated hosts is inversely proportional to the imaginary

part of the impedance (−Z″) at very low frequencies (ω →
0), Cint0(−ωZ″)−1, where ω is the angular velocity of the ac

Fig. 7 Evaluated impedance
parameters according to the
equivalent circuit in Fig. 6d as a
function of electrode potential
during lithium intercalation
process

Table 2 Evaluated impedance
parameters according to the
equivalent circuit in Fig. 6d as a
function of electrode potential
during the lithium intercalation
process

E (V) Rs (Ω) Rct (Ω) Io×10
−3 (A) Cdl (mF) Zw (Ω) DLi+×10

−9 (cm2 s−1)

0.50 0.793 9.406 2.732 0.772 0.874 3.915

0.55 0.793 9.394 2.735 0.751 0.835 3.853

0.59 0.796 9.356 2.746 0.708 0.723 3.654

0.62 0.795 9.183 2.798 0.663 0.483 3.368

0.63 0.790 9.123 2.817 0.600 0.432 2.495

0.64 0.788 9.183 2.798 0.758 0.645 3.368

0.70 0.782 9.381 2.739 0.906 0.666 3.724

0.75 0.775 9.532 2.696 0.967 0.724 3.871

0.80 0.774 9.563 2.687 0.929 0.769 3.915
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response. Figure 6c shows the impedance spectra measured
at potentials after the CV peak, i.e., towards the end of
lithium intercalation process. In this region, the capacitive
line begins to appear indicating the end of lithium ion
intercalation.

Figure 7 shows the variation of kinetic parameters of the
equivalent circuit from the experimental impedance data of
the Li[Li0.2Co0.3Mn0.5]O2 electrode during lithium ion in-
tercalation. Solution resistance, Rs stays constant at about
0.8 Ω as expected because solution composition and thus
conductance do not change during intercalation process. Rct

decreases with the potential and reaches a minimum at
0.63 V, and then increases (Fig. 7a). From the CV curves,
it can be seen that at 0.63 V the reduction reaction shows a
peak implying favorable kinetic conditions for lithium in-
tercalation. The Butler–Volmer equation can be linearized
when the amplitude of the potential perturbation signal is
less than 10 mV. The exchange current I0 is related to Rct

according to the following equation:

I0 ¼ RT=nFRct ð7Þ
where R is the gas constant, T is the absolute temperature, n
is the number of the electrons and F is Faraday constant.
Figure 7b shows the variation of I0 with discharge voltage.
I0 increases with the potential and reaches a maximum at
0.63 V, when the charge transfer resistance is lowest, and
then decreases. Double layer capacitance, Cdl, decreases
slightly at first with the voltage, perhaps due to a conceiv-
able activation process since there is no passivating film on
the surface of the electrode, and then increases (Fig. 7c).
Since Cdl represents the double layer capacitance of the
electrode–solution interface, it is a function of electrode
potential and does not behave like a simple capacitor, whose
capacity is independent of the applied voltage. Figure 7d
shows that Warburg impedance, Zw decreases gradually
during the intercalation of lithium ions into Li[Li0.2-
Co0.3Mn0.5]O2 and then reaches to the minimum at 0.63 V.
Subsequently, the values of Zw increases gradually up to the
maximum.

The diffusion coefficient of lithium ion, DLi+ can be calcu-
lated from the impedance data by analyzing the low frequency
Warburg contribution according to the following equation:

D ¼ R2T22A2n4F4C2σ2 ð8Þ
where R is the gas constant, T is the absolute temperature, n is
the number of the electrons, A is the surface area, F is Faraday
constant,C is concentration and σ is theWarburg factor which
is related to the real part of impedance (Zre) as

Zre ¼ Rs þ Rct þ σw�1=2 ð9Þ

where ω is the angular frequency of the small-amplitude ac
voltage.

Figure 7e shows the variation of DLi+, calculated by
using Eq. 8, with applied potential. It can be seen that the
diffusion coefficient of lithium ion gradually decreases and
reaches a minimum at 0.63 V and then increases. One can
see that the potential of minima on the DLi+ vs. E correspond
well with the potential of cathodic CV peak, as expected. As
already reported, in accordance with the view on the influence
of short-range interactions on lithium ion diffusion,DLi+ vs. E
plots calculated from many lithium insertion electrodes have
sharp minima at the slow scan rate CV peak potentials [36].
The values of kinetic parameters measured from the imped-
ance data during the discharge process are summarized in
Table 2.

Conclusions

Li[Li0.2Co0.3Mn0.5]O2 cathode materials were synthesized
by a simple, time- and energy-saving method called RAPET.
CV measurements show that the electrode is stable in both
aqueous and non-aqueous electrolytes. An aqueous re-
chargeable lithium battery has been constructed with Li[L-
i0.2Co0.3Mn0.5]O2 as the positive electrode and LiTi2(PO4)3
as the negative electrode based on intercalation and dein-
tercalation of lithium ions during charge and discharge
process and is compared with that in a non aqueous solution.
It is an interesting alternative battery in light of its cost,
environmental friendliness, and fundamental safety by
avoiding the use of poisonous metals as well as flammable,
harmful electrolytes. Li[Li0.2Co0.3Mn0.5]O2 might be a can-
didate cathode material which can compete or even surpass
the performances of the materials in the common recharge-
able battery systems.
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