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ABSTRACT: Fully understanding the mechanism of lithium metal
deposition is critical for the development of rechargeable lithium
battery anodes. The heterogeneous electron transfer kinetics are an
important aspect of lithium electrodeposition, but they have been
diﬃcult to measure and understand. Here, we use transient
voltammetry with ultramicroelectrodes to explicitly investigate the
electron transfer kinetics of lithium electrodeposition. The results
deviate from the Butler−Volmer model of electrode kinetics; instead, a
Marcus model accurately describes the electron transfer. Measuring the
kinetics in a series of electrolytes shows the mechanism of lithium
deposition under electron transfer control is consistent with the general
framework of Marcus theory. Comparison of the transient voltammetry
results to electrochemical impedance spectra provides a strategy for
understanding how the interplay of the electron transfer and mass transport resistances aﬀect the morphology of lithium.

C

electrochemistry: (1) the electron transfer is described well by
the Butler−Volmer model of electrode kinetics, and (2) the
electron transfer resistance is negligible in electrochemical
impedance spectra.29 However, the Nernstian conditions of
previous measurements merit a reevaluation of the electron
transfer kinetics and these common assumptions.
In this study, we use transient CV with ultramicroelectrodes

ontemporary portable electronics and electric vehicles
continue to increase demand for high energy density
lithium batteries.1 Replacement of graphitic anodes
with metallic lithium anodes would improve the energy density
of Li-ion batteries, but lithium anodes face many challenges.2
For lithium metal to become a practical rechargeable battery
anode, several processes must be understood and controlled.
These processes include the formation of a passivation ﬁlm
called the solid electrolyte interphase (SEI),3,4 mass transport
through the SEI,5−7 nucleation of lithium on current
collectors,8−10 and interfacial electron transfer. Decades of
research have focused on how processes involving the SEI
impact the rechargeability of lithium;11 however, few studies

k

to explicitly measure the kinetics of the Li+ + e− → Li
electron transfer reaction with fresh lithium surfaces. We
discover that the kinetics deviate from the commonly assumed
Butler−Volmer model and are accurately described by Marcus
models of electrode kinetics. By exploring the electron transfer
kinetics in a series of electrolytes, we ﬁnd that the kinetics are
indeed consistent with the general framework of Marcus
theory. This ﬁnding opens a strategy for understanding how
the interplay of electron transfer and mass transport inﬂuence
the morphology of electrodeposited lithium via comparison of
the transient CV results and electrochemical impedance

k

have investigated the Li+ + e− → Li electron transfer
kinetics,12,13 which are predicted to inﬂuence the morphology
of electrodeposited metal.9,14−23
Understanding the electron transfer kinetics has historically
been challenging, because measurements are typically convoluted by Li-ion transport through the SEI. Earlier studies
showed that fast scan cyclic voltammetry (CV) minimizes the
eﬀects of SEI, but insuﬃciently fast scan rates placed the
measurements under Nernstianor mass transportcontrol,
as opposed to kineticor electron transfercontrol.20,21,24−28
These studies led to two common assumptions in lithium
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Figure 1. Ultramicroelectrodes can measure the electron transfer kinetics of lithium metal deposition and dissolution. (A) Schematic of the
ultramicroelectrode cell. (B) A representative potential proﬁle shows that the experiment is completed in less than one second. (C) A
representative full voltammogram for the transient CV in 1 M LiPF6 in EC:DEC. (D) The reverse sweep of the CV experiment with 1 M
LiPF6 in EC:DEC shows that there is a kinetically controlled region close to the formal potential of lithium. Forward sweeps are removed for
clarity. (E) The ip varies linearly with υ1/2, and (F) Ep varies linearly with ln(υ), which indicates that the CV experiment is fully irreversible−
or under kinetic control near the formal potential. Error bars represent the standard deviation of at least three experiments at each scan rate.

scale of the measurement (<1 s) is shorter than the time scale
of passivation by an SEI32 (Figure 1B), convoluting eﬀects of
SEI are minimized20 (Methods and Figure S1 in the
Supporting Information). Varying υ shows whether the
measurement is under kinetic control. If υ is too slow, then
i ∝ υ1/2 at all points, which indicates the experiment is
Nernstian, or mass transport controlled.30 If the measurement
is under kinetic control, then the peak current (ip) scales
linearly with υ1/2 , the peak potential (Ep) scales linearly with
the logarithm of υ, and the current is independent of υ near the
equilibrium potential (Eeq).30 Panels D−F of Figure 1 show the
eﬀect of υ on the forward sweep of the voltammogram. The
scaling of i p ∝ υ1/2 and Ep∝ ln(υ) for υ > 5 V/s (Figures 1E,F
and S3) veriﬁes that these measurements are controlled by
electron transfer. Additionally, the current is independent of υ
near Eeq (Figure 1D), further conﬁrming that the measurement
is under kinetic control and is not convoluted by eﬀects from
an SEI (Figure S1). All data reported below use υ ≥ 10 V/s,
because the requisite υ depends on the heterogeneous rate
constant of each electrolyte (details are provided in Methods
in the Supporting Information).

spectroscopy (EIS). Overall, the mechanism of lithium
electrodeposition developed herein can guide the engineering
of functional electrolytes and interphases for lithium anodes.
A transient experiment is required to accurately measure the
k

Li+ + e− → Li electron transfer kinetics. Ultramicroelectrodes
have a small cell time constant, so transient CV measurements
can be made without distortion of the voltammogram.30 Figure
1A shows a schematic of the electrochemical cell with a
tungsten ultramicroelectrode (r0 = 12.5 μm), lithium counter
electrode, and Li4Ti5O12 (LTO) reference electrode. Figure 1B
shows the potential proﬁle of the experiment with a transient
scan rate (υ) of υ = 10 V/s, and Figure 1C shows a
representative iRu-corrected voltammogram with 1 M LiPF6 in
1:1 v:v ethylene carbonate: diethyl carbonate (EC:DEC),
where the cathodic current is negative (details of iRu
compensation are presented in Methods and Figure S21 in
the Supporting Information). The scan starts at about 2.5 V
versus Li/Li+ and scans negatively to −1.2 V. Once the
nucleation overpotential is overcome, lithium deposits on the
ultramicroelectrode, and the curve displays a characteristic
nucleation loop for metal deposition onto a substrate.31 When
the potential reaches −1.2 V vs Li/Li+, the direction of the
scan is reversed to measure the kinetics.
The transient scan rate serves two purposes: (1) it
minimizes the inﬂuence of an SEI on the measurement;20
(2) it places the experiment under kinetic (electron transfer)
control at the lithium electrolyte interface, not mass transport
control through the electrolyte or an SEI. Because the time

k

The standard rate constant of the Li+ + e− → Li electron
transfer reaction can be calculated via a linear relationship
between ln(ip) and Ep, but the method assumes that the
Butler−Volmer model of electrode kinetics is valid (Figures S2
and S3).30,33 Alternatively, Reinmuth34 and Nicholson et al.35
showed that the region near Eeq where the current is <10% of
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Figure 2. Marcus models of charge transfer accurately describe the electron transfer kinetics of the Li/Li+ redox couple, while the Butler−
Volmer model fails when E − Eeq > |±50 mV|. (A) Schematic of the potential energy surface in the Butler−Volmer model. (B) Schematic of
the potential energy surface in the Marcus−Hush model. (C) Representative CV data from the box labeled “kinetically controlled region” in
Figure 1D. Only the data <10% of ip is included. The dashed orange line is the linear least-squares ﬁt to j = j0 f(E − Eeq). (D) Comparison of
the Butler−Volmer and Marcus−Hush model for 1 M LiPF6 in EC:DEC. CV data are the black dots; Butler−Volmer is the solid blue line,
and Marcus−Hush is the solid orange line.

that an SEI does not convolute the measurement,20 as EIS
spectra include impedance from the transport of Li ions
through an SEI.29 At higher overpotentials of E − Eeq > |±50
mV|, the data deviates from the symmetric Butler−Volmer
model, and a curved Tafel plot is observed (Figure 2D). Figure
S5 shows that arbitrary ﬁtting of the data to the Butler−Volmer
model gives unreliable and unphysical values of α and j0, so an
alternative description of electrode kinetics is required.
Marcus-based theories of electrode kinetics describe the
potential energy surface as two parabolas that represent the
collective coordinate of the solvent in the initial and ﬁnal states
(Figure 2B).36−38 The curvature of the potential energy surface
does not change the functional form of current density, j =
j0[e(1−α)f(E−Eeq) - e−αf(E−Eeq)], but makes α potential-dependent,

ip, labeled the kinetically controlled region in Figure 1D, can be
directly ﬁt to kinetic models with negligible error. This method
can conveniently test whether the Butler−Volmer model is
valid for the electrodeposition of lithium metal.
The commonly assumed Butler−Volmer model is the
electrochemical equivalent to the Arrhenius model of chemical
kinetics. Figure 2A shows a schematic of the potential energy
surface, where the intersection of two planes from the initial to
ﬁnal state is the transition state. When mass transfer eﬀects are
negligible, the model predicts a current density−potential (j−
E) relationship of j = j0[e(1−α)f(E−Eeq) − e−αf(E−Eeq)], where j0 is
the exchange current density, f the inverted thermal voltage

( RTF ),

E the potential, and α the transfer coeﬃcient. The

transfer coeﬃcient describes the strength of the dependence of
the rate on potential and is assumed to be constant. Panels C
and D of Figure 2 show that the Butler−Volmer model
captures only the data at low overpotentials where the model
collapses to the linear form of j = j0 f(E − Eeq). Averaging the
low overpotential slope of several experiments for LiPF6 in
EC:DEC gives j0 = 10.4 ± mA/cm2 (Figure 2C). This value of
j0 is 2 orders of magnitude greater than that from EIS
measurements (Figure S4). The larger j0 is further evidence

1

e(E − Eeq )

i.e. α = 2 +
, where λ is the reorganization energy and
4λ
e is the charge of an electron.39 The key parameter, λ,
corresponds to the energy required to reorganize the solvent in
response to diﬀerent distributions of charge in the initial and
ﬁnal states. Marcus models of charge transfer have been
successfully applied to the analysis of electrode kinetics;38 the
Marcus−Hush model used here is the low overpotential
approximation of the Marcus−Hush−Chidsey (MHC) formal703
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Table 1. Summary of UME Data and Contribution of Rc.t. to EIS Spectraa
electrolyte
LiAsF6 (EC:DEC)
LiPF6 (EC:DEC)
LiClO4 (EC:DEC)
LiI (EC:DEC)
LiTFSI (EC:DEC)
LiFSI (EC:DEC)
LiFSI (DME)
LiPF6 (EC:DEC 10% FEC)
LiPF6 (DEC)
LiPF6 (PC)

Λ (eV)

j0 (mA/cm2)
42.3
10.4
6.5
4.9
6.5
4.0
29.8
16.0
3.7
2.6

±
±
±
±
±
±
±
±
±
±

4.3
0.8
1.2
1.6
0.8
1.1
0.7
2.0
1.1
0.6

0.30
0.32
0.33
0.32
0.34

±
±
±
±
±

RUME
(Ω·cm2)
c.t.

0.02
0.01
0.01
0.01
0.02

0.28 ± 0.02
0.34 ± 0.01
0.34 ± 0.01

0.56
2.5
3.9
5.7
4.3
5.7
0.75
1.6
6.9
9.9

±
±
±
±
±
±
±
±
±
±

0.06
0.2
0.7
1.8
0.5
1.6
0.02
0.2
2.0
2.3

2
REIS
int. (Ω·cm )

449
133
32.6
22.2
71.9
37.7
140
165
32.8
827

±
±
±
±
±
±
±
±
±
±

23
6
0.6
4.2
3.5
8.3
39
21
0.4
175

EIS
RUME
c.t. /Rint. %

0.12%
1.9%
12%
26%
6.0%
15%
0.54%
1.0%
21%
1.1%

±
±
±
±
±
±
±
±
±
±

0.02%
0.2%
2%
10%
0.8%
5%
0.15%
0.2%
6%
0.3%

a

A graphical summary of the dimensionless Wagner number is included in Figure S15.

Figure 3. Ionic activity of Li ions dictates the rate of electron transfer in electrolytes with the same solvent. (A) Tafel plots of LiAsF6 (green,
υ = 20 V/s), LiPF6 (blue, υ = 10 V/s), and LiClO4 (red, υ = 10 V/s) in EC:DEC. The solid black lines show the corresponding Marcus ﬁts.
LiAsF6 is dashed because the experiment is not under total kinetic control. (B) Corresponding Nyquist plots of Li || Li symmetric cells in
each electrolyte. (C) 7Li NMR spectra. (D) Comparison of the binding free energies of Li ions and each anion in EC:DEC calculated by
molecular dynamics simulations. (E) Schematic of the eﬀect of ion pairing on the potential energy surface.

agreement between the data and Marcus−Hush model, and
the fact that most of the ﬁtted data is well below the value of λ
(i.e., 0.3 eV for LiPF6 in EC:DEC), suggests that neglecting the
Fermi distribution does not cause large errors in the calculated
λ (details are provided in Methods in the Supporting
Information). Furthermore, while application of the full
MHC integral may give slightly more accurate predictions of
λ, this comes at the cost of additional complexity, which could
make implementation of Marcus kinetics into battery models
more challenging.
The agreement between the data and the Marcus model is
consistent with the predictions of Cogswell,19 Fawcett,41 and
Pinto et al.42 that metal deposition has a potential-dependent
α. Fawcett proposed a model for ion transfer or desolvation of
Li ions through a double layer during lithium amalgamation
that uses two asymmetric parabolas as the potential energy
surface.41 The dependence of the rate on potential is similar to

ism, as it neglects the Fermi distribution of electronic states in
the metal. In the limit of large λ (typically λ > 1.0 eV) and/or
small overpotentials (typically |E − Eeq| < 50 mV), the Marcus
and symmetric Butler−Volmer models are indistinguishable.30
Once the electron transfer kinetics become facile, the free
energy of activation (ΔG‡) and λ decrease, so the

e(E − Eeq )
4λ

term

in α causes the Marcus model to deviate from Butler−Volmer
and predict curved Tafel plots.
Figure 2D shows that the Marcus−Hush model accurately
reproduces the data, whereas the Butler−Volmer model fails.
The calculated value of j0 is consistent with the linear ﬁt in
Figure 2C, and the calculated λ is 0.30 eV for 1 M LiPF6 in
EC:DEC. This value of λ, although reasonable, may deviate
from the true value, because the eﬀects of the Fermi
distribution of electrons in lithium38,40 and the electrical
double layer30 are neglected. We note that the strong
704
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follows the opposite trend, i.e., LiClO4 > LiPF6 (Figure 3A and
Table 1), suggesting that the rate of electron transfer is higher
with larger anions. LiI in EC:DEC electrolyte further slows the
kinetics of electron transfer (Figure S8), though the electrolyte
is chemically unstable.49 To further conﬁrm that the transient
CV is controlled by electron transfer, we compare the trend in
j0 to EIS spectra of Li || Li symmetric cells, which are primarily
controlled by ion transport through the SEI.29 The interfacial
resistance of Li from EIS measurements (Figure 3B) opposes
the trend of j0 from transient CV and veriﬁes that the transient
CV is controlled by electron transfer, not ion transport through
an SEI (Figure S7). Electrolytes with bis(ﬂuorosulfonyl)imide
(FSI−) and bis(triﬂuoromethanesulfonyl)imide (TFSI−) in
EC:DEC follow the same trends as the salts investigated above
(Table 1 and Figure S8). The j0 increases in the order LiFSI <
LiTFSI, and the value of λ increases in the order LiFSI >
LiTFSI.
An increase of j0 with increasing anion size is likely related to
a decrease in the degree of ion pairing. Ion pairing decreases
the activity coeﬃcient of Li ions, lowering the chemical
potential through μLi+ = μ0Li+ + ln(γc), where μ is the chemical
potential, μ0 the ideal chemical potential, γ the activity
coeﬃcient, and c the concentration of Li ions. 7Li nuclear
magnetic resonance (NMR) spectroscopy and molecular
dynamics simulations of LiClO4, LiPF6, and LiAsF6 in
EC:DEC conﬁrm that smaller anions cause more ion pairing
(Figures 3C,D and S8), which is consistent with previous
reports of the same electrolytes.50 Chemical shifts in the 7Li
NMR spectra reveal the variation in the solvation environment
of Li ions.51,52 Because the ClO4−, PF6−, and AsF6− anions
have similar coordination to the Li ion53 and the solvent is
unchanged, their relative chemical shifts indicate the relative
distribution of ion pairs and fully dissociated ions. The 7Li
signal is near −0.5 ppm and shifts upﬁeld in the order LiAsF6 <
LiPF6 < LiClO4 (Figure 3C), which is consistent with previous
studies.52 Shifts upﬁeld suggest more ion pairs are formed,52 as
the anion increases the electron density around the Li ion.
Molecular dynamics simulations also show that the anion
pairing energy to Li ions increases in the order LiPF6 < LiClO4
(Figures 3D and S9). The stronger anion pairing energy to Li
ions increases the relative amount of ion pairs and lowers the
relative chemical potential of Li ions (Figure S10).
By assuming that the trend in chemical potential is
applicable in the interfacial region, the eﬀect of the speciﬁc
anion on the kinetics can be explained and is consistent with
the proposed mechanism and Marcus theory (Figure S6).
Stronger attraction between Li ions and anions steepens the
curvature of the solvent coordinate, increasing λ and
decreasing j0 (Figure 3E and Table 1). The substantial
weakening of the Coulombic attraction between the Li ion and
anion once the Li ion is reduced to a Li metal adatom explains
how the speciﬁc anion aﬀects λ and j0. The dependence of j0 on
the chemical potential is consistent with early kinetic
measurements of lithium amalgamation12 and Bazant’s
prediction of the reorganization energy for charge transfer in
i γ y
concentrated solutions: λ ∝ 4kBT lnjjj ‡ 1/2 zzz, where kB is the
k (γ Li+) {
Boltzmann constant, T the temperature, γ‡ the activity
coeﬃcient of the transition state, and γLi+ the activity
coeﬃcient of Li ions.39 Notably, these results diﬀer from
previous reports of j0 for the same salts in propylene carbonate
(PC).15 This work used slow scan rates (υ = 20 mV/s), which

the Marcus−Hush model, but the Tafel plot would be
asymmetric.41 The symmetry of the data suggests that the
electron transfer is rate-limiting in our measurements, not ion
transport through the double layer or an SEI. Although
desolvation of Li ions from the bulk electrolyte into an SEI can
be rate-controlling during normal battery operation,43 this
process can also be ruled out, as desolvation energies are
generally larger than the calculated λ values in this work (about
0.5 eV43 versus 0.30 eV, respectively). A Tafel plot controlled
by desolvation into an SEI would not cause the observed
curvature of the Tafel plot. Recent theoretical work also
showed that Ag+, Li+, and Cu+ approach metal surfaces without
loss of solvation energy,42 further supporting the conclusion
that electron transfer is the rate-controlling process.
Because the experiment is controlled by electron transfer, we
can propose a mechanism for lithium deposition onto itself
under electron transfer control. Marcus theory was originally
formulated for outer sphere electron transfer reactions, which
would be equivalent to the reduction of a solvated Li ion in the
outer Helmholtz plane of the double layer. This type of
electron transfer is unlikely here, as the formation of an
isolated lithium atom in the double layer would be energetically unfavorable.42,44 Instead, we propose a mechanism similar
to that of Gileadi44 and Pinto et al.,42 where ion transfer is also
considered. The reaction site is at the inner Helmholtz plane,
and the electron transfer to a Li ion is coupled to ion transfer
from the reaction site to the metal surface. The parameter λ
corresponds to the energy required to reorganize the solvent in
response to the diﬀerent distributions of charge in the Li-ion
state and Li-metal adatom state (Figures 2B and S6). The
small value of λ is likely caused by the close proximity of the Li
ion within the inner Helmholtz plane to the lithium
electrode.42,45 Several electrolytes will be examined below to
further test the proposed mechanism.
The observation of Marcus kinetics could have practical
implications for lithium batteries. Although curved Tafel plots
have been reported for several electrode reactions in
batteries,40,46 almost all models of battery systems assume
the Butler−Volmer model is valid.47 Our data shows that the
Butler−Volmer model cannot accurately describe the electrodeposition of lithium. The diﬀerence between the Marcus and
Butler−Volmer models could cause errors in the predicted
behavior of lithium batteries, especially during high-rate
charging and discharging. This deviation may also explain
varying reports of α and j0.14,26,48 Marcus-based kinetics could
improve the predictive capabilities of battery models when
facile electron transfer processes are present. Values of λ, which
would be needed to apply the Marcus theory in battery
models,47 are measured and reported below for many
electrolytes (Table 1).
To test the proposed mechanism, we compare the kinetics of
a series of salts (Figure 3A) including LiAsF6(green), LiPF6
(blue), LiClO4 (red), each dissolved in EC:DEC. These
electrolytes serve as a model system to test the mechanism, as
the anions are highly symmetric, and the coordination number
of solvent to Li ions, dielectric constant, and viscosity are
similar. The Tafel plots for LiClO4, and LiPF6 are well
described by the Marcus−Hush model, shown as the black
lines in Figure 3A. The LiAsF6 data is not ﬁt to the Marcus−
Hush model, because the scan rate is likely too slow for total
kinetic control. However, a comparison of the limiting current
density j0 is still reasonable. The apparent j0 increases in the
order LiClO4 < LiPF6 < LiAsF6, and the value of λ expectedly
705
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Figure 4. Eﬀect of solvent on the charge transfer kinetics. (A) Tafel plots of LiPF6 in PC (golden, υ = 20 V/s), DEC (red, υ = 20 V/s),
EC:DEC (blue, υ = 10 V/s), EC:DEC + 10% FEC (orange, υ = 15 V/s), and DME (green, υ = 50 V/s). (B) Corresponding Nyquist plots of
Li || Li symmetric cells. (C) Dilute free energy of solvation for Li ions in each solvent calculated from molecular dynamics simulations. (D)
Comparison of the average coordination environment of Li ions in DEC and EC:DEC calculated by molecular dynamics simulations.

that λ is small and j0 is large when the binding strength of the
solvent to Li ions is weak. The calculated free energies of
solvation of Li ions directly quantify the chemical potential of
Li ions in the dilute limit. Figure 4C shows that the free
energies of solvation in cyclic carbonates are greater in
magnitude than that in DME by 96.41−120.18 kJ/mol. The
contribution of ion pairing to the chemical potential of Li ions
in 1 M LiFSI/DME does not lower the chemical potential
below that of LiPF6 in carbonates (Figure S12). Thus, we
attribute the larger j0 in 1 M LiFSI/DME (29.8 ± 0.7 mA/
cm2) to the weaker interaction between DME and Li ions,
which lowers the barrier to electron transfer.
The variation of the free energy of solvation between each
carbonate electrolyte is only between 15 and 41 kJ/mol, so the
eﬀect of counteranions must also be considered. A switch from
LiPF6 in EC:DEC to only DEC decreases the j0 from 10.4 ±
0.8 mA/cm2 to 3.7 ± 1.1 mA/cm2. The molecular dynamics
simulations show that the average coordination environment of
Li ions in DEC has 1.24 anions and 3.77 solvent molecules
within the ﬁrst solvation shell, whereas EC:DEC has 0.03
anions and 5.44 solvent molecules (Figure 4D). Ion pairing
decreases the chemical potential of Li ions in DEC relative to
EC:DEC, which consequently increases the barrier to electron
transfer. Additionally, individual DEC molecules reside in the
ﬁrst solvation shell for 49.6 ns compared to 5.9 and 30.6 ns for

cause the measurement to be controlled by mass transport; our
experiments explicitly measure the electron transfer kinetics.
To further test the proposed mechanism, we measured the
rates of electron transfer with LiPF6 in PC, DEC, EC:DEC,
EC:DEC with 10% (by volume) ﬂuoroethylene carbonate
(FEC), and LiFSI in dimethoxyethane (DME) (Figure 4A).
Each electrolyte is described well by the Marcus model. Similar
to the LiAsF6 electrolyte, the scan rate is likely too slow to put
the DME experiment under total kinetic control, but a
comparison of j0 can still be made. The j0 depends on the
solvent, which is similar to kinetic measurements of lithium
amalgamation,13 and increases in the order PC < DEC <
EC:DEC < EC:DEC + 10%FEC < DME (Figure 4A). The
interfacial impedance of Li from EIS increases in the order
DEC < EC:DEC < EC:DEC + 10%FEC < DME < PC (Figure
4B), which further veriﬁes that the measurement is not
inﬂuenced by an SEI, as the j0 and the total impedance do not
correlate directly. Here, 7Li NMR cannot explain the trend in
j0, as diﬀerent solvents have diﬀerent solvation structures,
dielectric constants, and Guttman donor numbers (Figure
S11). We use molecular dynamics simulations to analyze the
eﬀect of the solvent.
We ﬁrst examine the diﬀerence between the ether (DME)
electrolyte and electrolytes with cyclic carbonates (EC, PC,
FEC). Marcus theory and the proposed mechanism predict
706
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EC and DEC, respectively, in EC:DEC electrolyte (Figure
S13). The combination of these eﬀects eﬀectively increases λ
and lowers j0 in DEC.
The LiPF6 in PC electrolyte has the lowest j0, 2.6 ± 0.6 mA/
cm2. Analysis of the free energy of solvation for Li ions in PC
initially suggests that j0 would be larger in PC relative to
EC:DEC (Figures 4C and S12); however, this analysis ignores
the eﬀect of viscosity on the rate of charge transfer. All the
electrolytes considered above have similar viscosities, which
allowed us to focus on the eﬀect of the chemical potential.
Many studies have reported that the standard rate constant of
interfacial electron transfer depends the longitudinal relaxation
time of the solvent (τL), which is proportional to the viscosity
of the solution.30,54,55 As a result, the standard rate constant

(

can be written as k 0 = AτL−θ exp −

ΔG‡
RT

),

where A is a

prefactor that is independent of τL, θ a fraction between 0 and
1, and ΔG‡ the Gibbs free energy of activation.54 The τL is
V

then estimated as τL ≈ 3 RTm
volume,

( )η, where V
ϵo
ϵs

m

Figure 5. Transient CV can calculate the contribution of the
electron transfer resistance to the total impedance of lithium
anodes. EIS data of a symmetric Li || Li cell with LiPF6 in EC:DEC
electrolyte. The data is ﬁt to an equivalent circuit,58 shown as an
inset, where the ﬁrst R/C circuit represents the electron transfer
(calculated from transient CV), and the second to ﬁfth R/C
circuits represent the impedance of the SEI.5,7,29,58

is the molar

( ) the ratio of the optical and static dielectric
ϵo
ϵs

constants, and η the viscosity.54 The PC electrolyte has a
viscosity of η = 8−10 cP52 versus η = 3−4 cP56,57 for 1:1
mixtures of cyclic and linear carbonates. Because 3-fold
increases in viscosity can decrease the heterogeneous rate
constant by an order of magnitude,55 the large viscosity of PC
explains the lower j0. This result is consistent with the
proposed mechanism and the general framework of Marcus
theory, as λ corresponds to reorganization of the solvent.
Cosolvent additives also aﬀect the electron transfer kinetics.
Adding 10% (by volume) of the commonly used additive,
FEC,6 to the standard EC:DEC electrolyte increases the j0
from 10.4 ± 0.8 mA/cm2 to 16.0 ± 2.0 mA/cm2 and lowers
the solvation free energy by 2.35 kJ/mol (Figure 4A,C). The
slightly lower concentration of the 10% FEC solution weakens
the interaction between ions (Figure S14), which decreases the
extent of ion pairing and increases the j0 relative to EC:DEC.
This result suggests that FEC additives not only result in a
more functional SEI6,7 but also accelerate the electron transfer
kinetics.
Overall, the consistency of the kinetics with the general
framework of Marcus theory provides insight into how the
chemical and physical properties of the electrolyte, or SEI in a
practical anode, aﬀect the rate of electron transfer. If the
electrolyte, or SEI, binds strongly to Li ions, then the electron
transfer kinetics would be slow relative to electrolytes that bind
weakly.
In addition to the mechanistic insight provided by transient
CV results, a closer comparison of the transient CV and EIS
data can estimate the contribution of the electron transfer
resistance to the total interfacial impedance of Li anodes. Li ||
Li EIS measurements contain contributions from both electron
transfer and ion-transport through the SEI (Figure 5), but
reliable values of the electron transfer resistance were
unavailable. Using the transient CV, the measured j0 of each
electrolyte in Table 1 can be converted into an electron
RT
UME
= Fj .30 The total interfacial
transfer resistance via R c.t.

the highest frequency (ω) corresponds to the electron transfer
process, and we ﬁnd that the electron transfer resistance
contributes to 0.12%−26% of the total interfacial resistance
measured with EIS (Figure 5). Each contribution is tabulated
EIS
in Table 1 as RUME
c.t /Rint. . This ratio, a dimensionless Wagner
number, is predicted to inﬂuence the morphology of lithium
deposits.9,18,19 The transient CV method allows for future
investigations of the relationship between the Wagner number
and the morphology of lithium via explicit measurement of the
electron transfer resistance (Figure S19).
Overall, transient CV with ultramicroelectrodes can
k

explicitly measure the Li+ + e− → Li electron transfer kinetics
with fresh lithium surfaces, providing mechanistic insight into
lithium deposition. The kinetics deviate from the Butler−
Volmer model; a Marcus-based model accurately describes the
kinetics. Varying the electrolyte shows that the electron
transfer kinetics are consistent with the general framework of
Marcus theory. This consistency provides a molecular picture
of the Li/Li+ electron transfer and shows how the chemical and
physical properties of the electrolyte aﬀect the kinetics. In
general, the chemical potential of Li ionsor the strength of
interaction between the solvent/anions with the Li ionand
the viscosity of the electrolyte control the rate of electron
transfer. These results can serve as a basis for testing
theoretical models of electron transfer at the lithium/
electrolyte interface.59 Comparison of the transient CV data
to EIS data shows the electron transfer resistance contributes
to 0.12%−26% of the total interfacial resistance of lithium
anodes. These ﬁndings provide a speciﬁc strategy for
understanding how the interplay of electron transfer and
mass transfer inﬂuences the morphology of electrodeposited
lithium. Overall, the elucidation of the mechanism of lithium
deposition should accelerate the development of functional
electrolytes for lithium batteries.

■

0

resistance (REIS
int. ) can then be calculated from the EIS data by
ﬁtting to an equivalent circuit that captures both the electron
transfer and ion transport through the SEI5,7,29,58 (Figures 5
and S18 and Table S1). The ﬁrst R/C circuit that responds at
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