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Entropic Contributions to Sodium Solvation and Solvent Stabilization
upon Electrochemical Sodium Deposition from Diglyme and
Propylene Carbonate Electrolytes
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Abstract: The formation of an appropriate solid electro-
lyte interphase (SEI) at the anode of a sodium battery is
crucially dependent on the electrochemical stability of
solvent and electrolyte at the redox potential of Na/Na+

in the respective system. In order to determine entropic
contributions to the relative stability of the electrolyte
solution, we measure the reaction entropy of Na metal
deposition for diglyme (DG) and propylene carbonate
(PC) based electrolyte solutions by electrochemical
microcalorimetry at single electrodes. We found a large
positive reaction entropy for Na+ deposition in DG of
ΔRS DGð Þ � 234 Jmol� 1K� 1 (c.f.: ΔR
S PCð Þ � 83 Jmol� 1K� 1), which signals substantial en-
tropic destabilization of Na+ in DG by about 0.73 eV,
thus increasing the stability of solvent and electrolyte
relative to Na+ reduction. We attribute this strong
entropic destabilization to a highly negative solvation
entropy of Na+, due to the low dielectric constant and
high freezing entropy of DG.

Introduction

Triggered by the high demand for effective energy storage
and the natural abundance of sodium, Na batteries may
become an attractive alternative to Li-ion batteries. The use
of Na metal anodes is, however, usually hampered by low

reversibility of the Na plating/stripping processes as well as
by pronounced dendrite formation, due to the high reactivity
of metallic Na with the solvent.[1] Recently, Seh et al.
demonstrated that these obstacles can be circumvented by
the use of glyme-based (mono-, di-, and tetraglyme) NaPF6
electrolyte solutions.[2] These authors observed highly rever-
sible, non-dendritic Na-plating pointing to the formation of
a stable, compact solid electrolyte interphase (SEI). Usually
the SEI consists of a layer of organic and inorganic electro-
lyte and solvent decomposition products, which effectively
prevents ongoing decomposition, while sustaining Na depo-
sition/dissolution by its ionic conductivity.[2,3] In their semi-
nal study, Seh et al. compared the composition of the SEI in
glyme-based electrolytes with that of carbonate solutions
and attributed the excellent properties of the SEI to its high
inorganic content, which originates from the preferential
decomposition of the electrolyte compared to the reduction
of the glyme-based solvents.[2] In contrast, in carbonate
containing electrolytes, the SEI exhibits a higher content of
organic products. This was attributed to a rather negative
reduction potential of ether solvents, compared to the
carbonates, rendering ether solvents thermodynamically
stable at the redox potential of the Na metal electrode. This
relative stability of the solvent referred to the Na/Na+ redox
potential can be ascribed either to a more stable organic
solvent molecule, which would shift the reduction potential
of the solvent negatively, or conversely, it may be due to a
destabilized Na+-solvent complex in solution, which would
shift the redox potential of Na/Na+ positively.[4] In the latter
case, the solvation properties of Na+ in the glyme-based
solvents are of crucial importance for the proper formation
of the SEI.[4,5]

In the present work, we quantitatively study the entropic
contributions to the thermodynamic stability of Na+ com-
plexes in 1 M NaPF6/diglyme solution. We approach this
quantity by determining the entropy of reaction for the
sodium deposition in diglyme solutions by half-cell micro-
calorimetry (HCMC).[6,7] For this purpose, we measure the
heat reversibly exchanged at a single Na metal electrode,
which is directly correlated to the reaction entropy of the
Na+ reduction process.[8,9] The entropy values obtained in
diglyme solutions are compared with the reaction entropy in
a carbonate based electrolyte (1 M NaClO4/propylene
carbonate (PC)), which is a well-established electrolyte for
sodium ion batteries.[10] Within a simple model by Marcus,[11]

we discuss the contributions to the reaction entropy of
sodium deposition, calculate coordination numbers of the
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ions and derive implications on the influence of solvent
entropy on the half-cell potential of the Na metal electrode
and solvent stability.

Results and Discussion

Pretreatment of the Cu current collector and preparation of a
Na layer

Before the half-cell microcalorimetric measurements, we
performed a pretreatment of the pristine Cu foil by cyclic
voltammetry (for experimental details see Supporting In-
formation). Figure 1 shows a typical cyclic voltammogram
(CV) of the Cu surface in 1 M NaPF6/diglyme for an
electrochemical window from 3 V to 0 V recorded with
50 mVs� 1. While in the first cathodic scan only two broad
peaks at 0.8 V and 0.4 V are visible, the CV quickly
stabilizes showing essentially three pronounced cathodic
peaks at about 0.6 V, 1.2 V and 1.7 V, an anodic one at
1.9 V, and a wide anodic wave between about 2.1 V and 3 V.
Below about 1 V, the CVs exhibit a considerable negative
background current, which slightly decreases for higher
cycle numbers. In accordance with Wang et al.,[12] we ascribe
the negative background current to the irreversible decom-
position of electrolyte or solvent and SEI formation. This is
supported by EQCM measurements performed on Cu-
coated quartz crystals, where potential and frequency
variation were recorded during application of a reduction
current of � 1 mAcm-2. In Figure 2, the chronopotentiomet-
ric curve (a) starting at 2.2 V and the frequency variation (b)
are shown. Previous to the EQCM experiment, the Cu
surface was cycled between 3 V and 0 V, so that the surface
condition corresponds to that of the higher cycle numbers in
the CV of Figure 1. As can be clearly seen in Figure 2 (b),
after a few seconds, when the potential drops below about
1 V, the (negative) slope of the frequency curve increases,
signaling strong deposition of material onto the electrode.
The related mass change per moles of electrons was
determined from the Sauerbrey equation[13] analogously to

the procedure of Geng and co-workers,[14] resulting in about
60 gmol� 1. This is well above the expected value for Na
deposition (23 gmol� 1) and points to the deposition of a
reaction product with high molecular weight, which indicates
the ongoing formation of the SEI. Seh et al. showed by XPS
that the SEI in 1 M NaPF6 in diglyme mostly consists of
Na2O (from the reaction of Na with minor O2 contamina-
tions) and NaF (due to salt reduction) accompanied by a
smaller amount of sodium alkoxides as reduction products
of diglyme. They supposed that the NaPF6 solute has a more
positive reduction potential than diglyme and is therefore
preferably reduced.[2] This assumption also fits with the
results of Westman et al.[4] They calculated the reduction

Figure 1. CV of a pristine Cu-foil in 1 M NaPF6 in diglyme with a scan rate of 50 mVs� 1. The different cathodic and anodic peaks become stable
after about 5 cycles.

Figure 2. Chronopotentiometric EQCM measurement of a copper-
coated quartz crystal in 1 M NaPF6 in diglyme upon reduction with a
current of � 1 mAcm� 2, (a) potential vs. time, (b) change of resonance
frequency vs. time. The numbers in (b) indicate the mass per moles of
electrons of the deposited species according to the Sauerbrey equation.
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potentials of different glyme species in the electrolyte, all of
which were below 0 V vs. Na/Na+.

After the first cycles in the CV of Figure 1, anodic and
cathodic peaks appear above 1 V, which may at least partly
result from conversion reactions of the Cu surface or its
natural oxides. For example, Klein et al. discussed the
thermodynamic properties of different conversion electrodes
and compared them with results of XRD and electro-
chemical measurements.[15] They concluded that the con-
version of Na and CuO to Cu and Na2O proceeds via Cu2O
as an intermediate phase (at 1.36 V vs. Na/Na+). Later they
corroborated their investigation of the reaction mechanism
and surface film formation on sputtered CuO thin films with
cyclic voltammetry, scanning electron microscopy (SEM),
and X-ray photoelectron spectroscopy (XPS).[16] They found
that the conversion reaction between CuO and Na is only
partly reversible, i.e., Cu is not completely reoxidized to
CuO after the first discharging process. In the following
cycles, only the conversion between Cu2O and Cu remains
reversible with a theoretical redox potential of 1.18 V (vs.
Na/Na+). This fits perfectly to the cathodic peak, which
becomes stabilized at 1.2 V after the first few cycles of the
CV in Figure 1. The conversion of Na and copper oxide is
corroborated by our EQCM measurements, where the mass
change per mole of electrons at potentials around 1.2 V
amounted to 22 gmol� 1 (see Figure 2 during and shortly
after the small potential plateau at 1.2 V vs. Na/Na+). This
corresponds within experimental errors to the molar mass of
sodium (23 gmol� 1), indicating the incorporation of Na+

into copper oxides on the electrode surface. In contrast to
the peak at 1.2 V, we do not detect any mass changes for the
cathodic peak at 1.7 V. Note that this peak appears only
after the surface was polarized beyond ca. 2.2 V during the
positive potential scan. This rules out reduction of impurities
such as water in the bulk of the electrolyte but rather points
to a faradaic reaction at the (oxidized) Cu surface.

It should be noted that the pretreatment of the Cu foil
has strong impact on the stability of the deposited Na layer
and on the following HCMC measurements. In particular, if
we cathodically extended the electrochemical window to
� 0.3 V during the first CV cycle, we noticed spikes and
irregular jumps in the cathodic current for potentials <0 V.
Similar effects were reported, e.g., by Sun et al.[17] They
compared the plating and stripping behavior of Na from
NaPF6 in diglyme on planar and 3D porous Cu current
collectors and detected strong fluctuations in the voltage
profile for Na plating/stripping on the planar Cu surface.
They ascribed this behavior to the fracture of Na dendrites
and an ongoing SEI reformation. As a consequence of a
negative potential scan to � 0.3 V in the first CV cycle, the
deposition of a stable and active Na surface was impeded
also in subsequent scans, which was recognized by an
unstable open circuit potential (OCP). In addition to the
current fluctuations in the CV for potentials negative of 0 V,
we also detected random spikes in the temperature signal of
the HCMC. As mentioned in the experimental section, we
use a pyroelectric LiTaO3 sensor for temperature detection,
which exhibits also piezoelectric response. We thus attribute
these spikes on the temperature signal to charge pulses of

the piezoelectric sensor, originating from the release of
mechanical strain in the SEI-covered Na surface, e.g., by the
formation of cracks.

In NaClO4/PC solutions, we observed neither fluctua-
tions nor spikes on the cell potential or on the sensor signal,
indicating that the latter system is less sensitive to the
pretreatment of the electrode. However, to obtain reprodu-
cible Na surfaces for the HCMC experiments in both, PC
and diglyme based electrolytes, prior to Na deposition, we
always cycled the Cu current collector 10 times within a
potential window between 3 and 0 V, before we electro-
chemically plated Na with a current density of
� 1.25 mAcm� 2 for about 20 minutes. By the described
procedure, we received a thick, active and stable Na surface,
indicated by an OCP around 0 V, with a thickness of about
3.7 μm, assuming a homogeneous film (see Supporting
Information).

Determination of the entropy of Na deposition in diglyme and
PC solutions

Figure 3 shows typical potential, current, temperature, and
heat transients of HCMC experiments for Na deposition (a)
and dissolution (b) on a Na layer in 1 M NaPF6 in diglyme
by 10 ms potential pulses with � 100 mV and +100 mV
amplitudes. The experiments started by switching the cell to
OCP about 100 ms before recording the transients in
Figure 3. Thus, by avoiding any external current flow, the
adjustment of the Na/Na+ equilibrium potential was allowed
prior to the potential pulse. For the application of the
potential pulse, the cell was returned to potential control at
t ¼ 10 ms and a potential pulse was applied. At the end of
the pulse, at t ¼ 20 ms the cell was switched back to OCP,
avoiding again any external current flow after the pulse. The
corresponding current (black) parallels the potential tran-
sient. It stays constant during the pulse, indicating that no
concentration gradient has built up and that there were no
transport limitations during the 10 ms reaction. For the
experiments in Figure 3, the charge that flowed within the
short pulse corresponds to deposition of about 9% of a
complete monolayer, referenced to the topmost layer of a
densely packed Cu surface. During the negative potential
pulse (Figure 3 (a)), the temperature of the electrode
(orange) linearly drops and reaches its minimum shortly
after the end of the potential pulse. After the pulse, when
the external current flow ceased, the temperature slowly
relaxes towards its starting value by heat uptake from the
surrounding. As mentioned in the Supporting Information,
by deconvolution with the thermal response function of the
cell, the evolved total heat can be determined as a function
of time. The resulting heat transient (red) is shown in the
lowest trace of Figure 3 (a). After t ¼ 10 ms, with the
beginning of the potential pulse, the total evolved heat
linearly decreases signaling a constant negative heat flux,
i.e., cooling during the pulse. After the potential pulse, a
small, continuing, negative heat flux is observed, which
effectively ceases at about 60 ms. The heat evolved after the
pulse amounts to only about 10% of the heat evolved during
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current flow. It follows from the definition of the entropy,
dS ¼ dqrev=T, that for the quantitative determination of the
entropy change of the overall electrochemically driven
sodium deposition process the complete reversibly ex-
changed heat qrev has to be determined. Therefore, in the
following, we evaluate the heat at t ¼ 100 ms to securely
measure the total heat evolved by the electrochemically
driven processes. We attribute the heat flux after the 10 ms
current pulse to charge-neutral equilibration processes,
following the external current flow. Similar effects were
observed for Ag bulk deposition, where the delayed heat
flux could be quantitatively explained by ongoing Ag
deposition due to discharging of the double layer after the
current pulse.[7] In the present case, also equilibration
processes following the transport of Na+ through the SEI
might contribute.

Data for sodium dissolution with 100 mV positive
potential pulses is shown in Figure 3 (b). With positive
potential pulses, the electrode is warming up and all three,
current, temperature, and heat transients, possess the same
shape and reach about the same absolute values as in
Figure 3 (a), albeit with opposite sign. This already signals
that the Na deposition/dissolution process is highly rever-
sible and that the system stays close to thermodynamic
equilibrium during the short disturbance by the potential
pulse. For a quantitative evaluation of the reversibly
exchanged heat, we conducted several potential pulse
experiments with different amplitudes, i.e., overpotentials,
with positive and negative polarities ( hj j ¼ 0.05–0.2 V). The
measured heat (at t ¼ 100 ms) was then normalized to the
moles of elementary charges, which flowed through the cell
circuit during the reaction, to obtain the molar heat qmol. For
the determination of the reversible part of the exchanged
heat at the Na electrode (qrev), the so called Peltier heat P,
we plotted the different values of qmol versus the respective
overpotential and interpolated to h ¼ 0 V (Figure 4) (see,
e.g., ref. [7] for further details). By this procedure, from the
data in Figure 4, we obtained a value of 75 kJmol� 1 for the
reversibly exchanged heat of sodium deposition in 1 M

Figure 3. Potential E, current I, temperature ΔT and heat transients
resulting from 10 ms potential pulses (jη j =100 mV) with negative (a)
and positive (b) polarity on a Na plated Cu foil in 1 M NaPF6 in
diglyme. The pulses were applied at the equilibrium potential of about
0 V. After the pulses, at t=20 ms, the cell was switched to open circuit
conditions. The electrode cools down during Na-deposition and heats
up during Na-dissolution.

Figure 4. Molar heat for Na deposition obtained by potential pulses with varying overpotential and polarity ( hj j ¼ 0.05 V to 0.2 V) on a Na-plated
Cu foil in 1 M NaPF6 in diglyme. The value of the molar heat interpolated towards h ¼ 0 V corresponds to the reversibly exchanged heat during
the Na deposition/dissolution reaction.
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NaPF6 in diglyme on a Na surface. The average of in total 18
experiments on freshly prepared Na surfaces amounts to
75.2 kJmol� 1�2.9 kJmol� 1, where a positive Peltier heat
means cooling of the electrode upon the cathodic process
direction. The corresponding entropy change ΔS at the
single electrode is given by ΔS ¼ qrev

T and amounts to
252 Jmol� 1K� 1.

Analogous experiments were conducted for Na deposi-
tion and dissolution in 1 M NaClO4 in PC solutions.
Corresponding potential, current, temperature, and heat
transients as well as plots of the molar heat vs. overpotential
can be found in the Supporting Information (Figures S1 and
S2). Those experiments yielded a Peltier heat of
25.0 kJmol� 1�2.7 kJmol� 1, corresponding to an entropy
change of about 84 Jmol� 1K� 1 for Na deposition in 1 M
NaClO4 in PC.

It should be noted at this point that, since we measure
the reversibly exchanged heat of a half-cell, the determined
Peltier heat and thus also the entropy change ΔS contain
contributions from ion transport in solution.[9] These con-
tributions to the reversibly exchanged heat were estimated
using an approximation by Agar (see Supporting Informa-
tion, section 3, Tables S1 and S2) .[9] For the carbonate
system, transport contributes less than 1 kJmol� 1 to the
reversible molar heat, which is below the expected exper-
imental error. In the diglyme system, the contribution of
transport is slightly higher (TΔTS�� 5.2 kJmol� 1), which
results from the smaller permittivity of the diglyme solvent
compared to PC. After correcting for the heat of transport,
using equation S4 in the Supporting Information, we receive
a reaction entropy of the Na deposition process in the
NaPF6/diglyme electrolyte of ΔRS � 234 Jmol� 1K� 1 (TΔTS
�70 kJmol� 1). For Na deposition from PC, we obtained ΔR
S � 83 Jmol� 1K� 1 (T ·ΔRS � 25 kJmol� 1).

Estimation of the solvation number of Na+ in diglyme and PC
solutions

In both solvents, the entropy change during the Na
deposition process at the Na electrode is strongly positive.
Such a positive entropy change is not expected for pure
immobilization of Na+ ions on the electrode surface upon
deposition, but can be explained considering the influence
of the solvent. In the solution, diglyme or PC molecules are
fixed in the solvation shell of the Na+ ions and are released
during the deposition process. The corresponding gain of
entropy through the release of solvent molecules obviously
outweighs the entropy loss from the immobilization of the
Na+ ions, leading to a positive entropy change for the
overall process. In previous publications,[18,19] we employed a
simple model, proposed by Marcus,[11] to estimate the
entropy change due to immobilization of solvent molecules
in the first solvation shell for the Li+ solvation in 1 M LiPF6
in EC/DMC and to estimate the solvation number of the Li+

ions. In the following, we employ this model to the currently
studied systems. In brief, the reaction entropy can be split in
three contributions:

DRS ¼ DNaS � DBornS � DimmobS (1)

The entropic contribution of the electron in the metal
electrode is small (ca. 0.48 Jmol� 1K� 1[20]) and is therefore
neglected in this approximation. ΔNaS is the entropy change
due to the immobilization of Na+ ions on the surface of the
electrode. It can be estimated from the entropy of freezing
of sodium (7 Jmol� 1K� 1 at T ¼ 368 K),[21] which has to be
corrected for room temperature and the concentration of a
1 M Na+ solution. Following the procedure described in the
Supporting Information, we estimated ΔNa
S � � 37.5 Jmol� 1K� 1. The second contribution, the Born
entropy ΔBornS, reflects the impact of solvent molecules in
the 2nd and higher solvation shells on ΔRS upon desolvation
of the Na+ ions. By Born’s approximation, which is based
on the charging of an ion in a homogeneous dielectric, this
contribution can be calculated from the dielectric constant,
its temperature derivative, and the radius of the Na+-solvent
complex including its first solvation shell. The radius of the
first solvation shell of the diglyme complex was found to be
0.425 nm by DFT calculations.[22] For the radius of the Na+/
PC complex, we employed 0.636 nm,[11] obtained by summa-
tion of the Pauling radius of Na+ and the hard-sphere
diameter of PC. Together with dielectric constants of 7.36
and 65 for diglyme[23] and PC[24] and temperature derivatives
of � 0.027 K� 1[23] and � 0.23 K� 1,[24] we obtained ΔBorn
S � � 81 Jmol� 1K� 1 for diglyme and � 6 Jmol� 1K� 1 for PC
(see equation S7). Notably, the Born entropy in the diglyme
solution is considerably negative, which originates from the
small dielectric constant of diglyme and which signals the
weak screening of the ion charge by its 1st solvation shell.
The last term in equation (1), ΔimmobS, represents the entropy
loss from fixation of solvent molecules in the first solvation
shell of Na+ and is the only unknown quantity in this
equation. Analogously to ΔBornS, this entropy contribution is
set free upon desolvation of the ion. With the experimen-
tally determined reaction entropy, we can now solve
equation (1) for ΔimmobS and yield ΔimmobS � � 191 Jmol� 1K� 1

for Na+ in diglyme and ΔimmobS � � 119 Jmol� 1K� 1 in PC.
The solvent immobilization entropies may be compared with
the entropies of freezing of the respective solvents.[11] The
latter ones reflect a very similar process to the formation of
the first solvation shell, namely the transfer of solvent
molecules from the mobile liquid phase to a solid phase,
where solvent movement is effectively suppressed. From the
entropies of freezing of � 85 Jmol� 1K� 1 at T ¼ 209.1 K for
diglyme[25] and � 37 Jmol� 1K� 1 at T ¼ 224.9 K for PC[26] and
the respective heat capacities, we calculated the correspond-
ing values for the (hypothetical) entropies of freezing at
room temperature (� 115 Jmol� 1K� 1 and � 51 Jmol� 1K� 1),
following the approximation described in the Supporting
Information (see equation S8 and Table S3). Note that the
entropy of freezing refers to moles of solvent molecules,
while the entropy of immobilization is referenced to moles
of Na+ ions. Thus, the ratio of the two quantities provides
an estimate of the number of solvent molecules bound in the
first solvation shell of a Na+ ion, which corresponds to the
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coordination number of Na+ in the respective solvent. We
found values of 1.7 for Na+/diglyme and 2.3 for Na+/PC.

The coordination number for Na+ in diglyme compares
well with those proposed by other investigations. For
example, Tanwar et al.[27] found a coordination number of 2
of Na+ in diglyme by DFT calculations. Jensen et al.
investigated the structure of solvated Na+ in 1 M NaPF6 in
diglyme by neutron diffraction[28] and showed that the main
conformation is a Na+(diglyme)2 complex with a distorted
octahedral structure. In addition, a smaller fraction of the
complexes (18%) also formed contact ion pairs. It should be
mentioned that in the simple model applied above, we did
not consider formation of ion pairs and their influence on
the solvation entropy.

For Na+ in PC, we found a coordination number which
is slightly lower than common values known from literature.
For example, Kamath et al. investigated the interaction of
Na+ with several cyclic and linear carbonate solvents by
classical molecular dynamics. Their calculations suggest the
coordination of 3 to 3.5 PC molecules per Na+ ion via the
carbonyl oxygen.[29] Liu et al. compared the stepwise Na+

solvation reaction in different carbonate and ether solvents
based on density functional theory. By calculating the Gibbs
free energies, they obtained a coordination number of 4 for
Na+ in PC.[30] The deviation of our results may indicate that
PC molecules are relatively loosely bound in the 1st

coordination shell of the Na+ ion and that therefore the
freezing entropy of PC overestimates the contribution to
ΔimmobS upon the fixation of the PC molecules in the
solvation shell. It should be noted that there exist studies on
the entropy of solvation of Na+ in PC in literature. Marcus,
for example, used experimental values of the standard molar
entropy of hydration and the entropy change upon the
transfer of Na+ from water into PC to calculate the standard
molar entropy of solvation ΔsolS0.[11] Converted to absolute
scale, his calculations lead to ΔsolS0 � � 186 Jmol� 1K� 1,
which describes the entropy change upon transfer of Na+

from a hypothetical gas in its standard state into the solvent.
In our work, immobilization and Born entropies refer to the
entropy changes in the first and higher coordination shells
upon solvation of Na+ from an ideal 1 M solution. Thus, by
taking the sum of immobilization and Born entropies and
correcting for the change of the standard state from a gas
phase at standard conditions to a 1 M ideal solution, we can
directly calculate the standard entropy of solvation from our
data. The entropy difference between the standard states
was given by Marcus and amounts to � 26.7 Jmol� 1K� 1.[11]

From our data, we end up with a standard entropy of
solvation of Na+ in PC of ΔsolS0 � � 148 Jmol� 1K� 1, which
compares well with the results of Marcus,[11] considering the
involved approximations in both, Marcus’ and our calcu-
lations. Shakourian-Fard et al. used molecular dynamic
simulations to calculate the enthalpy, free enthalpy, and
entropy of solvation of Na+ in carbonate-based solvents.[31]

They found ΔsolH � � 426 kJmol� 1 and Δsol
G � � 290 kJmol� 1. This corresponds to a solvation entropy
of ΔsolS � � 450 Jmol� 1K� 1 for the transfer of a hypothetical
Na+ ion in the standard state in the gas phase into the
solvent. Thus, the theoretical solvation entropy seems

unexpectedly large and is neither compatible with our heat
measurements nor with the results of Marcus. Note,
however, that this deviation may also be caused by the
chosen standard state of Na+ in the calculations, which is
not explicitly stated in ref. [31]. Another theoretical study by
Kamath et al. calculated ΔsolG for Na+ in PC by the adaptive
biasing force method.[29] They received a value of around
� 52 kJmol� 1, which considerably differs from the value
given in ref. [31].

Entropic contributions to the half-cell potential for sodium
reduction and to the stability of the solvent

By HCMC, we directly determined the reaction entropy of
the half-cell reaction, Na+

sol+e
� ! Nam and thus the

entropic contribution � T ΔRS to the free enthalpy ΔRG of
this reaction. The latter is given by ΔRG=ΔRH� TΔRS,
where ΔRH is the reaction enthalpy. ΔRG is directly
correlated with the Galvani potential difference at the
interface �galv via ΔRG ¼ � F ne �galv, where F is the Faradaic
constant and ne gives the number of electrons involved in
the reduction reaction. For Na+ deposition in diglyme
solutions, the entropic part of the free enthalpy of the half-
cell reaction amounts to � 70 kJmol� 1 (corrected for the
heat of transport). Hence, the entropic contribution to the
free enthalpy of reaction strongly destabilizes the Na+

-diglyme complex and shifts the redox potential for Na+

reduction positively by about 0.73 V, referenced to its value
expected from purely enthalpic contributions to ΔRG. For
PC, the entropic potential shift amounts to only 0.26 V. In
other words, the entropy gain during desolvation of Na+ is
considerably higher in diglyme than in PC, which, following
the above discussion, has two origins: i) the highly negative
entropy of freezing of diglyme and ii) the highly negative
Born entropy in diglyme, which reflects the weak screening
of the ion charge by its first solvation shell in the weakly
polarizable diglyme solvent. The weak screening leads to
strong immobilization of solvent molecules also in higher
solvation shells. Unfortunately, a direct comparison between
the Galvani potentials for Na+ reduction in diglyme and PC
is not possible, since we found no quantitative data on the
solvation enthalpy of Na+ in diglyme.

Similar to its impact on the Na+ reduction potential, the
entropy of the solvent will also influence the reduction
potential of the solvent molecules. Higher entropy of the
solvent molecules in the liquid state, signaled by a highly
negative entropy of freezing, will stabilize the solvent and
will therefore shift the reduction potential for solvent
decomposition to more negative values. A quantitative
estimate would require the detailed consideration of the
reaction products, however, if those were essentially solid
products, the indicated trend will prevail. Thus, a high
solvent entropy, reflected by a highly negative entropy of
freezing, will basically have two effects. It will shift the
reduction potential of Na+ positively and that of the solvent
molecules negatively. In sum, both potential shifts reduce
the tendency of solvent decomposition upon Na metal
deposition. A low dielectric constant of the solvent will
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further promote this trend. This is in line with the results of
Seh et al. in their comparative study on SEI formation and
Na deposition from glyme- and carbonate-based
electrolytes.[2] In glyme-based electrolytes (with highly
negative entropy of freezing and low dielectric constant),
the inner part of the SEI predominately contained inorganic
compounds, which stemmed from salt decomposition rather
than from the reduction of the solvent. On the other hand,
the SEI in carbonate-based electrolytes contained mainly
organic constituents, signaling effective solvent reduction at
the Na+ reduction potential.

Conclusion

By measuring the reversibly exchanged heat upon Na
deposition from diglyme and PC based solutions, we found
positive reaction entropies for Na deposition of
234 Jmol� 1K� 1 in diglyme and 83 Jmol� 1K� 1 in PC, signaling
strong entropic contributions from desolvation of the ions
upon metal deposition. We attribute the unexpectedly high
entropy changes in diglyme solutions to the low dielectric
constant of diglyme and its high entropy of freezing. As a
direct consequence, such rather strong positive entropy
changes will lead to considerable cooling of the metal
electrode upon battery charging.[19] It is noteworthy, that at
the opposite electrode, where in a conventional sodium
battery Na+ ions will enter the solution from the cathode
material, an opposite entropic effect of about the same order
of magnitude is expected from liberation and solvation of
alkali ions. The observed high entropy changes considerably
contribute to the free enthalpy of the electrode reactions
and thus appreciably influence the (half-cell) equilibrium
potentials of both, the Na deposition process and the
decomposition of the electrolyte solution. We are aware that
our arguments remain rather qualitative as long as the
enthalpic contributions to the free enthalpy of reaction are
not considered. However, we think that our data show that
entropic contributions may lead to considerable shifts of the
redox potentials of the associated reactions, well of the
order of 0.5 eV to 1 eV.
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