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ABSTRACT: Using drop calorimetry, we measured enthalpy
increments of the LiF−KF, LiF−RbF, and LiF−CsF binary
systems at temperatures above the melting point. Ten samples
with different compositions (four compositions for LiF−KF,
one composition for LiF−RbF, and five compositions for LiF−
CsF) were prepared and measured between 884 K and 1382 K.
To protect the calorimeter from corrosive fluoride vapor at
high temperature, an encapsulating technique developed for
this purpose was used. The samples were filled in nickel con-
tainers that were sealed by laser welding and afterward used for
the measurements. From the obtained results, we derived the molar heat capacity functions of the respective samples. The heat
capacities of the samples, having different compositions of the same binary system, were compared with the values for ideal
behavior and the excess heat capacity function was determined for the entire composition range of the liquid solution. It was
found that the excess heat capacities clearly depend on the cation radius and increase in the following order: LiF−NaF < LiF−KF <
LiF−RbF < LiF−CsF.

■ INTRODUCTION

Fluoride salts are considered as efficient energy storage and
energy transfer materials in various fields ranging from nuclear1

to solar energy production.2 Pure fluoride salts, mostly alkali
and alkaline-earth fluorides, are under investigation, which have
advantageous properties for these applications, since they
possess a high thermodynamic stability up to high temperatures
(no dissociation) and low vapor pressures. This enhances the
safety features of the system. In addition, the thermodynamic
stability allows the process to reach high temperatures, which is
required, e.g., for hydrogen production.3

By composing a mixture of these salts, some characteristics
can be influenced very well. For example, the lowest melting
point of a mixture can be several hundred degrees lower than
those of the pure components. The density, viscosity, and heat
capacity also are affected, and these characteristics have a big
impact on the technical design of the system, affecting features
such as the flow rate of the salt or the pumping power.
Information about the molar heat capacity of liquid fluoride

salt mixtures is essential, since it determines the amount of
energy that can be stored until the salt system reaches its
maximum temperature. A high heat capacity has the advantage
that more energy can be stored or transported and thus, the
amount of salt can be reduced. Furthermore, the system will not
be very sensitive to energy fluctuations, providing additional time
to react in case of irregularities.
Therefore, in this work, we investigate the heat capacity of liquid

mixtures of KF, RbF, and CsF with LiF. The results were com-
pared with those of the LiF−NaF mixture, which were previously
published by Benes ̌ et al.;4 this information allows us to establish a
clear tendency that the heat capacity increases with increasing
differences of the cation radii of the salt present in the melt.

■ RESULTS

In our drop calorimetry measurements, the sample consists of
the salt encapsulated in a nickel capsule as described in the
section of this paper entitled “Encapsulating Technique”. For
this reason, the area of the measured sample peak must be
corrected for the contribution of the nickel. Therefore, enthalpy
increment measurement of empty nickel capsules were done in
a temperature range from 573 K to 1473 K. The obtained data
proved that, for the used capsules, the thermodynamic data of
nickel can be taken from Desai,5 who evaluated enthalpy incre-
ment data from the available literature. The relative high mass of
the nickel containers, 240 mg on average, compared to 70−
120 mg of the salt, has a big influence on the area of the peak,
which is between 30% and 60%, also depending on the salt
examined. The nickel contribution was subtracted from the total
value without uncertainty assigned to it. Hence, the average
enthalpy values of the salt have a relative large uncertainty, which
is the standard deviation of the enthalpy values at the given tem-
perature. For this reason, several drops were done at the same
temperature to reduce the uncertainty. Tables 1 and 2 list the
average enthalpy increment values (HTm − H298 K) with the
number of drops n for the different measurements. HTm denotes
the enthalpy of the sample at the measured temperature.
The enthalpy measurements are repeated at several temper-

atures, and the average enthalpy values for each temperature are
plotted versus the measured temperatures for the particular com-
position. An example is shown in Figure 1. Here, the uncertainty
of the enthalpies are obtained by calculating the standard devia-
tion of the measured data at the same temperature. According to
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eq 1, the heat capacity of the sample Cp(T) can be determined
as the derivative of the enthalpy increment, with respect to
temperature.

=C T
H
T

( )
d
dp (1)

All measured compositions indicated a linear behavior of the
enthalpy increments, with respect to temperature. Hence, the
data were fitted using a weighted least-squares linear fit. To
every data point, the factor wi = 1/σi

2 was assigned as weight,
where σi is the size of the error bar of data point i.
Once the heat capacities of the different compositions of a

particular system are determined, the excess heat capacities are
obtained by subtracting the values calculated according to the

Neumann−Kopp rule, representing ideal behavior. To calculate
the ideal values of a mixture, the heat capacities of the pure

Table 1. Enthalpy Increment Measurements of the
(LixK1−x)Fx and the (LixRb1−x)Fx Liquid Solutions Done in
This Study

T (K)
HTm − H298 K

(J mol−1) n T (K)
HTm−H298 K

(J mol−1) n

LiF−KF
KF (Li0.75K0.25)F

1157.7 82910 ± 4837 11 1157.9 72763 ± 4584 18
1169.5 86563 ± 3531 12 1169.9 72833 ± 4943 12
1182.3 87364 ± 8244 9 1182.8 73745 ± 2346 6
1194.1 82753 ± 6976 11 1194.8 76633 ± 3282 10
1206.9 82220 ± 11784 4 1207.9 76905 ± 6014 6
1218.9 88484 ± 5564 6 1219.6 75278 ± 4787 12
1231.2 90518 ± 4209 4 1232.7 78016 ± 3892 6
1243.4 87403 ± 6362 6 1244.7 79538 ± 5547 6
1255.9 88381 ± 5036 10 1257.4 79755 ± 5537 6
1268.2 91451 ± 3667 6 1269.6 81590 ± 5066 6
1280.6 96758 ± 2441 4 1282.5 81400 ± 2533 11
1292.3 96967 ± 3980 5 1294.5 84262 ± 4069 6
1305.1 96928 ± 8169 10 1307.2 81601 ± 3909 6
1317.2 93513 ± 4590 6 1319.4 83158 ± 4865 8
1329.8 96673 ± 9002 10 1332.4 84287 ± 4769 12
1341.6 94327 ± 3656 6 1344.2 84922 ± 5110 12

(Li0.50K0.50)F (Li0.25K0.75)F
884.5 55401 ± 1756 10 1157.5 78052 ± 3072 12
909.2 60204 ± 3273 8 1182.0 79374 ± 4301 16
934.1 61231 ± 3257 8 1206.8 80953 ± 3128 8
959.0 62609 ± 4320 8 1231.2 83734 ± 5048 16
983.9 64637 ± 4439 10 1256.0 83830 ± 3294 8
1008.8 63935 ± 3771 12 1280.5 87751 ± 2553 8
1033.6 70087 ± 6003 6 1305.1 89687 ± 4174 12
1058.5 70370 ± 4354 8 1329.6 89850 ± 3501 12
1083.2 71023 ± 2463 10

(Li0.50Rb0.50)F

985.6 64006 ± 2076 6
1010.6 65982 ± 2362 6
1035.6 68688 ± 4357 9
1060.6 67597 ± 3015 6
1085.6 69863 ± 3851 3
1110.6 73264 ± 3953 3
1135.5 76116 ± 3156 6
1160.7 76333 ± 1286 3
1185.7 78961 ± 2392 6
1210.7 80407 ± 3260 6
1235.7 84506 ± 2295 3
1260.8 85500 ± 4956 3
1286.0 88804 ± 3353 3

Table 2. Enthalpy Increment Measurements of the
(LixCs1−x)Fx Liquid Solution Done in This Study

T (K)
HTm − H298 K

(J mol−1) n T (K)
HTm − H298 K

(J mol−1) n

LiF−CsF
(Li0.20Cs0.80)F (Li0.40Cs0.60)F

984.1 66205 ± 8138 12 884.8 58228 ± 4686 4
1009.0 72499 ± 6094 12 909.6 61983 ± 4818 3
1034.0 69199 ± 4192 6 934.5 59030 ± 2963 4
1058.8 71637 ± 6035 12 959.3 65318 ± 5018 4
1083.5 75098 ± 5806 6 984.2 68132 ± 3577 8
1108.6 80350 ± 3196 6 1009.1 67254 ± 5423 4
1133.2 79924 ± 1834 6 1034.0 66951 ± 3952 4
1158.4 80687 ± 4100 6 1058.4 75751 ± 8126 7
1183.0 84513 ± 4064 6 1083.7 74524 ± 4552 4
1208.2 85871 ± 4814 6 1108.5 74010 ± 3654 4
1232.7 90543 ± 3861 6 1133.0 80189 ± 1904 9

(Li0.50Cs0.50)F (Li0.60Cs0.40)F
935.2 57647 ± 4374 5 934.2 58681 ± 5187 4
960.0 62907 ± 4530 10 959.3 66507 ± 2822 4
984.8 62563 ± 3332 4 984.1 67983 ± 2638 4
1009.4 64648 ± 2019 5 1009.0 68338 ± 4239 4
1034.1 67641 ± 3368 5 1034.0 68626 ± 1790 4
1058.8 67578 ± 3040 10 1058.7 75827 ± 6287 4
1083.4 73279 ± 4047 8 1083.6 70338 ± 6850 8
1108.2 73114 ± 5413 10 1108.4 78095 ± 4950 7
1132.8 75637 ± 4453 9 1133.3 82258 ± 9505 8
1157.5 78079 ± 2848 5 1158.1 87950 ± 6439 4
1182.0 83616 ± 5842 10

(Li0.80Cs0.20)F
1083.7 74503 ± 5787 4
1133.9 81012 ± 2170 4
1182.9 78646 ± 2660 4
1108.2 73677 ± 3411 3
1158.1 78247 ± 3546 4
1207.7 84118 ± 4918 4
1058.6 71666 ± 5234 4
1232.5 86680 ± 3418 4
1257.4 86219 ± 2584 4
1282.6 90798 ± 2710 4

Figure 1. Example of the enthalpy increment results of the Li0.25K0.75F
composition. The straight line is a weighted least-squares linear fit of
the data, giving Cp = (75.0 ± 5.5) J mol−1 K−1.
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compounds are weighted by their mole fractions, according to
Cp(AxB1−x) = xCp(A) + (1 − x)Cp(B), where A and B represent
the pure compounds LiF, NaF, KF, RbF, and CsF, respectively,
and x denotes the mole fraction. The excess heat capacities are
plotted afterward, versus the composition, and fitted mathematically,
using a one-parameter function for a regular solution. The formula is
shown in eq 2, where A is the parameter to be determined.

= −y Ax x(1 ) (2)

LiF−KF System. To determine the heat capacity function of
the (LixK1−x)Fx melt, enthalpy increments of KF and three
different compositions (x = 0.25, 0.50, and 0.75) were mea-
sured in the temperature range from 1158 K to 1344 K and from
884 K to 1083 K for the composition Li0.50K0.50F. As an example,
Figure 1 shows the average values of the enthalpy increments
of Li0.25K0.75F versus the temperature with the weighted least-
squares linear fit (red solid line). The plot of the heat capacity
values for the entire system is shown in Figure 2, where the straight

line indicates the values calculated by the Neumann−Kopp rule.
Here, the solid line considers the values of the end-members
measured in this study and the dashed line is related to the
literature values. Both results agree very well.
The molar heat capacities of the intermediate compositions

are found to be higher than the Neumann−Kopp value, in-
dicating an excess heat capacity of the (LixK1−x)Fx melt. The
insert graph in Figure 2 shows the difference between the
measured heat capacities and the ideal values (Neumann−
Kopp), which were calculated considering the heat-capacity
values of the end-members measured in this study for KF and
in our previous study for LiF.4 Equation 3 describes the excess
heat-capacity function of the system, obtained by fitting eq 2 to
the data.

= ±− −C x x(J mol K ) (30.6 4.3)p
xs 1 1

LiF KF (3)

Tables 1 and 3 specify the data of the enthalpy increments and
the molar heat capacities of the different compositions, respectively.

LiF−CsF System. The enthalpy increments of samples with
five different (LixCs1−x)Fx compositions (x = 0.20, 0.40, 0.50,
0.60, and 0.80) have been measured at temperatures higher than
the melting temperature of the respective samples, in order to
determine their high-temperature heat-capacity function. Togeth-
er with the measurements of LiF, which were taken from ref 4,
and the measurements of pure CsF, published in a recent study,7

the measured samples covered the full composition range of the
binary LiF−CsF system. The heat capacities of the samples were
obtained from the enthalpy increments using the same approach
as that already explained in the Results section. Subtracting the
ideal values, calculated with the Neumann−Kopp rule, from the
measured values, the excess heat-capacity contributions were
determined and are shown in the insert graph of Figure 3. By
fitting eq 2 to the obtained results, the molar excess heat-capacity

Figure 2. (◇) Heat capacity of the (LixK1−x)Fx liquid solution
measured in this study. The solid line indicates an ideal behavior based
on the heat capacity of KF, which was measured in this work, and the
heat capacity of LiF, which has been taken from ref 4. The dashed line
represents an ideal behavior considering the data from the literature.6

In the inset graph, the excess heat capacity of the (LixK1−x)Fx liquid
solution is plotted versus the composition; the solid line represents the
fit according to eq 3.

Table 3. Heat Capacities of Various Compositions Measured
in This Work

composition Cp (J mol−1 K−1) temperature range (K)

KF 70.6 ± 12.8 1158−1342
(Li0.75K0.25)F 69.1 ± 4.6 1158−1344
(Li0.50K0.50)F 77.1 ± 5.8 884−1083
(Li0.25K0.75)F 75.0 ± 5.5 1157−1330

(Li0.50Rb0.50)F 79.4 ± 3.4 985−1286

(Li0.20Cs0.80)F 91.1 ± 8.2 984−1233
(Li0.40Cs0.60)F 89.8 ± 7.7 884−1133
(Li0.50Cs0.50)F 91.0 ± 5.5 935−1182
(Li0.60Cs0.40)F 87.4 ± 16.9 934−1158
(Li0.80Cs0.20)F 76.2 ± 11.6 1059−1283

Figure 3. (◇) Heat capacity of the (LixCs1−x)Fx liquid solution
measured in this study. The solid line indicates an ideal behavior based
on the heat capacity of CsF, which was measured in our previous
work,7 and the heat capacity of LiF, which has been taken from ref 4.
The dashed line represents an ideal behavior, considering the data
from the literature.6 In the inset graph, the excess heat capacity of the
(LixCs1−x)Fx liquid solution is plotted versus the composition. The
solid line represents the fit according to eq 4.
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function of the (LixCs1−x)Fx liquid solution was determined and
is expressed by eq 4.

= ±− −C x x(J mol K ) (96.9 5.9)p
xs 1 1

LiF CsF (4)

The data of the enthalpy increments and the heat capacities
are listed in Tables 2 and 3.
LiF−RbF System. The enthalpy increments of the

Li0.50Rb0.50F composition were measured in the temperature
range from 986 K to 1286 K. The results of these measure-
ments are shown in Table 1. Using the same formalism as that
for the LiF−KF and LiF−CsF systems, the high-temperature
heat capacity of the measured composition was derived from
the obtained data. In order to calculate the excess heat capacity
of the Li0.50Rb0.50F mixture, the derived value was reduced
by the heat-capacity value, implying an ideal behavior of the
(LixRb1−x)Fx liquid solution, which was calculated according
to the Neumann−Kopp rule. Since the heat capacities of the
alkali-fluoride salts LiF,4 NaF,4 KF, and CsF,7 which were derived
from the enthalpy increment measurements with the present
equipment using the encapsulation approach, showed good
agreement with literature values as indicated in Figures 2, 3, and 5
(shown later in this study); the literature value of RbF6 was used in
this study.

The inset graph in Figure 4 indicates the excess heat capacity
of the Li0.50Rb0.50F composition and the fit of eq 2 to this data
point. It is evident that there was no uncertainty assigned to the
fitted parameter A of this equation, since it is fitted to only one
value at x = (1 − x) = 0.5. The investigation of the LiF−KF and
LiF−CsF systems showed that the respective fit of eq 2 to the
excess heat-capacity data agrees well with the data points at
x = 0.5, as shown in the inset graphs in Figures 2 and 3. We
took this result as verification that the applied procedure is also
applicable to calculate the excess heat-capacity function of the
(LixRb1−x)Fx liquid solution based only on one value. To assess

the uncertainty, we took the average value of the uncertainties,
expressed as a percentage, of eqs 3, 4, and 6, which was
calculated to be 5.8 J mol−1 K−1. The total excess heat capacity
is given by eq 5.

= ±− −C x x(J mol K ) (48.2 5.8)p
xs 1 1

LiF RbF (5)

LiF−NaF System. The data of the enthalpy increment mea-
surements and heat capacity determination of the (LixNa1−x)Fx
liquid solution were already published in an earlier article4 by
our group and is used in this study without any changes. LiF,
NaF, and four different compositions (x = 0.20, 0.40, 0.60, and
0.80) have been measured in the temperature range from 1230 K
to 1470 K and from 1320 K to 1540 K for pure NaF, because of
the higher melting point of this compound. From the heat
capacity determination of the liquid solution, a slight devia-
tion from the Neumann−Kopp rule was found, as can be seen in
Figure 5. The excess heat-capacity function of the (LixNa1−x)Fx
liquid solution is given by eq 6.

= ±− −C x x(J mol K ) (8.3 1.3)p
xs 1 1

LiF NaF (6)

■ DISCUSSION AND CONCLUSIONS
Pure Alkali-Fluoride Salts. To be able to understand the

results that we obtained in this study, it is necessary to have a
closer look at the molecular structure of molten alkali-fluoride
salts and salt mixtures, which was discussed in a recent review
by Rollet et al.8

In salts, the inner arrangement of the ions is dominated by
Coulomb attraction of unlike ions and repulsion of like ions.
Even in the melt, where the ions have a relative high kinetic
energy, this leads to a medium-range order structure in which a
cation is surrounded by anions and vice versa.
Monte Carlo calculations by Baranyai et al.9 showed that, in

the pure alkali-fluoride salts, the first nearest-neighbor

Figure 4. (◇) Heat capacity of the (LixRb1−x)Fx liquid solution
measured in this study. The solid line indicates an ideal behavior based
on the heat capacity of RbF, which was taken from the literature,6 and
the heat capacity of LiF taken from ref 4. The dashed line represents
an ideal behavior considering both data from the literature.6 In the
inset graph, the excess heat capacity of the (LixRb1−x)Fx liquid solution
is plotted versus the composition. The solid line represents the fit
according to eq 5.

Figure 5. (◇) Heat capacity of the (LixNa1−x)Fx liquid solution taken
from ref 4. The solid line indicates an ideal behavior based on the
measured heat capacities of LiF and NaF, using drop calorimetry.
The dashed line represents an ideal behavior considering the data from
the literature.6 In the inset graph, the excess heat capacity of the
(LixNa1−x)Fx liquid solution is plotted versus the composition. The
solid line represents the fit according to eq 6.
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coordination number increases from Li+ to Cs+. The reason for
this is most probably the difference in the cation size, which
also influences other properties, such as the polarizability.
Because of the cation size, the binding force characteristics
inside the melt are also changed. From Raman scattering mea-
surements of LiF, KF, and CsF, Dracopoulos et al.10 concluded
that, in LiF, the F− ions are almost in contact with each other,
whereas the small Li+ is kept in an anion shell. In this melt, the
repulsive anion−anion interaction dominates the spectrum.
Also, as the size of the cations increases, the distances between
neighboring F ions increase and the dipole−induced-dipole in-
teraction between cations and anions becomes more and more
important while going from LiF to KF and CsF.
The character of the chemical bond between different cations

and a common anion is also determined by the size and, thus,
the polarizability of the cations. Because of the small radius of
the Li+ ion in LiF, the attractive interaction between the atomic
core and the electrons is very strong and the high charge
density distorts the electronic cloud around F−, leading to a
slight covalent character of the bond in this ionic compound.
On the other hand, the radius of the Cs+ cation in CsF is so big
that the outer electrons are only weakly influenced by the field
of the atomic core. The two ions in CsF are more independent
from each other with a higher ionic character of the chemical
bond than in LiF. This is clearly shown in a study by Salanne
et al.,11 who evaluated the anion polarizabilities in the con-
densed phase of LiF, NaF, KF, and CsF. The ionic size of the
F− anion is increasing in parallel to the size of the cation and
approaches the value of the free F− anion in CsF. Another indica-
tion is evident from the fact that after francium, Cs has the lowest
electronegativity on the Pauling scale (0.79), whereas F has the
highest electronegativity value (4), leading to the most ionic
chemical compound, CsF.
The size of the cations, having a common anion, also in-

fluences the macroscopic properties of the melt. A good example
is the electrical conductivity, which is mainly determined by the
ion mobility, and this is strongly related to the size of the ions.

Dedyukhin et al.12 compared the electrical conductivity of the
alkali fluorides and showed a dependence on the molar volume
of the salts.
This is evident from the decrease of the electrical conduc-

tivity with an increase of the cation and, thus, also the anion
size, as shown in Figure 6. Together with data of the density of
the molten salts, which is rising from LiF to CsF,13 the behavior of
the electrical conductivity can be interpreted with a lower mobility
of large ions. The thermal conductivity (λ) follows the same trend.
This is shown in the empirical formula of Khoklov et al.14

λ = − + × +− T
M

0.34 0.5 10
32.03

(7)

where λ has units of W m−1 K−1, M is the molecular mass of the
salt (in g mol−1), and T is the temperature (in Kelvin). Here, it is
expected that next to ion diffusion in the melt, vibrations of short-
range order structures have a high influence. Figure 6 summarizes
the density and electrical conductivity of the alkali-fluoride melts.

Salt Mixtures. When mixing LiF with an alkali fluoride with
a cation of bigger size in the liquid state, the original internal
structure is disturbed and a reorganization of the melt takes
place. Experimental data from Holm et al.13 show that, for the
LiF−NaF, LiF−KF, and LiF−RbF mixtures, the enthalpy of
mixing becomes more negative with increasing size of the
cation. Unfortunately, because of the high vapor pressure, the
LiF−CsF system was investigated with a different experimental
procedure. Here, solid LiF was mixed with liquid CsF, whereas
the other mixtures were investigated using the liquid−liquid
method. This complicates the comparison of the different salt
systems; however, in total, the results of that study indicate a
strong interaction of the cations, which increases with the
difference of the cation radii. In a later publication, Macleod
et al.16 compared some of the results from Holm and Kleppa13

with their own and other literature data and found significant
differences in the values. These were attributed to difficulties
arising from the direct-reaction technique used by Holm
and Kleppa13 at high temperatures. However, besides the

Figure 6. (A) Plot of the densities of molten alkali-fluoride salts.15 [From top to bottom: CsF, RbF, NaF, KF, LiF.] (B) Plot of the logarithm of
specific conductivity of molten salts versus the reciprocal molar volume at 1400 K. The data are read from Figure 1 in the Dedyukhin et al.12

publication, using graphics analysis software. [Legend: (black circle, ●) LiF, (red square, ■) NaF, (green triangle, ▲) KF, (dark blue inverted
triangle, ▼) RbF, (light blue diamond, ◆) CsF.]
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differences in the absolute values, the trend of the data was
confirmed. Figure 7 shows the enthalpies of mixing between LiF
and the other alkali fluorides, according to ref 13.
The influence of the interaction forces inside the melt can be

seen in the LiF−KF system, where the mobility of Li+ as well as
K+ decrease upon mixing. Using molecular dynamics (MD)
calculations, Ribeiro17 attributed this effect to an intermediate
range order beyond the first-neighbor shell. In the LiCl−KCl
system, it is known that the mobility of Li+ decreases whereas
the mobility of K+ increases. For that system, the calculations
show a strengthening of the small cation−anion bonds, followed
by a weakening of the large cation−anion association. Thus, the
small cation is immobilized and the large cation has a higher
mobility. The calculations show similar effects also for the LiF−
KF couple but there are some structural relaxation differences in a
range beyond the first neighbors. A stronger intermediate range
order is expected in the LiF−KF melt, which is most probably the
cause for the different cation mobilities.
The theory that an intermediate range order develops in

fluoride melts is supported by Raman measurements of
Dracopoulos et al.10 They investigated the LiF−KF and LiF−
CsF systems and found next to a strengthening of the Li−F
bonds (short-range overlap) long-lived species in both melts.
These associations have a common structure of the type (LiFx)A
(where A = K, Cs). Around a Li+ cation, the first coordination
shell is occupied by F− ions, whereas, in the second coor-
dination sphere, there are A+ cations associated. The lifetimes
of these species were estimated to be 0.3 ps for the LiF−KF
system and 0.8 ps for the LiF−CsF system. This clearly
demonstrates the higher thermodynamic stability of complexes
formed in the system with a higher difference in the cation
radii.
In this context, it is understandable that Holm and Kleppa13

found a clear trend in the excess molar volumes of mixing. These
volumes are increasing in alkali-fluoride mixtures in the following
order: LiF−NaF < LiF−KF < LiF−RbF. An explanation could be
the formation of complex species in the melt with stabilities

according to the cation radii differences, which disturb the closely
packed structure of the ions and cause the excess volume.
The trend of the excess molar volumes of mixing is displayed in
Figure 7.
The results that we obtained in this study fit very well in this

context. For the heat capacity of a liquid, the main contribution
of storing the energy usually arises from vibration mechanisms
of short-range-ordered structures, if available. As described in
the previous paragraphs, there are several strong indications
that complex species are present in the melt of mixtures
between lithium fluoride (LiF) and other alkali fluorides. With
a higher stability and longer lifetime of these complexes, assum-
ing a similar formation rate within the alkali-metal series, their
concentration is higher and they can store more energy before
collapsing. This explains the trend and the significant values we
found in the excess heat capacity of alkali-fluoride mixtures.
Figure 8 shows a superposition of the functions valid for the
various systems with the respective excess heat-capacity data.
From this graph, it is evident that the excess heat capacity of the
liquid solution increases in the following order: LiF−NaF <
LiF−KF < LiF−RbF < LiF−CsF.
Our results compare nicely with the heat-capacity measure-

ments conducted at Oak Ridge National Laboratories. Values
for one composition from each of the LiF−NaF, LiF−KF, and
LiF−RbF systems are reported in ref 19. After conversion to
the same units, they agree well with the values calculated with
our fit, which is shown in detail in Table 4. Here, only the value
for the (Li0.60Na0.40)F composition shows a bigger discrepancy.
To have a better overview of how sensitive the heat capacity

is to the size mismatch of the cations, we plotted the A param-
eter of the regular solution fit of the investigated systems versus
the difference between the A+ cation radii (Na+ = 95 pm, K+ =
133 pm, Rb+ = 152 pm, Cs+ = 165 pm, all with octahedral co-
ordination, taken from ref 20) and the Li+ cation radius (r(Li+) =
60 pm). This value is necessarily found at a composition of
(Li0.50A0.50)F, because of the symmetry of the function used for
the fit. The graph is shown in Figure 9, from which it is evident

Figure 7. (A) Plot of the enthalpies of mixing versus the mole fraction of LiF (x(LiF)). [Legend: (solid black line, ) LiF−NaF, (red dashed line, - - -)
LiF−KF, and (green dash-dotted line, - · · -) LiF−RbF. The data are taken from ref 13.] (B) Plot of the excess molar volumes of mixing versus the mole
fraction of LiF at 1173 K. [Legend: (solid black line, ) LiF−NaF, (red dashed line, - - -) LiF−KF, and (green dash-dotted line, - · · -) LiF−RbF.
Experimental data: (black circle, ●) LiF−NaF, (red square, ■) LiF−KF, (green triangle, ▲) LiF−RbF. The data are taken from Figure 1 in the publication
by Holm,18 using graphics analysis software.]
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that the excess heat capacity (Cp
xs) is highly dependent on the

size difference of the cations in the mixture.
It is very interesting to get an idea about the order of

magnitude of the excess heat capacities. This can be

illustrated by calculating the percentage of Cp
xs,max from the

total value (Cp
xs,max plus ideal value at (Li0.50A0.50)F, with A =

Na, K, Rb, Cs, as per the Neumann−Kopp rule), using the
following formalism:

+
×

C

C C( )
100p

p p

xs,max

xs,max ideal
(8)

These values range from only 3% for LiF−NaF (11% for LiF−
KF and 18% LiF−RbF) to a considerable value of 39% for the
LiF−CsF liquid solution; needless to say, these are the
maximum values.
The clear trend of the excess heat capacity of alkali-fluoride

mixtures is extremely important when considering fluoride salts
for energy storage or energy transport systems and should be
taken into account for the various designs. Similar studies
considering also the effect of divalent, trivalent, and tetravalent
fluoride salts can be very useful for the purpose of predicting
the heat capacity of more-complex liquids.

■ EXPERIMENTAL SECTION
Encapsulating Technique. At high temperature, fluoride salts and

their vapor are known to be corrosive to many materials. Although
alkali fluorides are very stable compounds up to high temperatures and
have usually only low to moderate vapor pressures (6.8 × 10−4 bar for
LiF, 5.6 × 10−4 bar for NaF, 7.1 × 10−3 bar for KF, 2.1 × 10−2 bar for
RbF, 1.2 × 10−1 bar for CsF; all at 1300 K), fluoride vapor can cause
considerable damage to thin platinum/platinum−rhodium wires used
for the thermocouples (S-type) in the calorimeter, which was used in
this work. For high temperatures, see Table 3; for experiments with
long duration (3−5 h), it was necessary to encapsulate the samples
using a laser-welding-based encapsulation technique, as described in
detail by Benes ̌ et al.,4 with slight modifications.

Compared to the described procedure,4 the main difference is that,
in this work, the capsules were welded under vacuum (∼4 × 10−4 bar)
to generate less pressure inside the capsules at high temperatures. Es-
pecially without an argon atmosphere, it is necessary to prevent the
nickel capsuleand, thus, the salt insidefrom getting too hot during
the welding process, since, at high temperatures, the overpressure caused
by evaporation of the salt leads to leaking of the capsule. For this reason,
the weld was performed in several steps, 4−6 s each step, rather than in
one step. Another measure was to fill the nickel crucibles with salt pellets,
instead of salt powder, as explained in the following Sample Preparation
section, to reduce the contact area between the capsule and the salt.

Sample Preparation. The preparation of the salt samples was
done in an argon glovebox with a water content of <50 ppm. The pure
alkali-fluoride salts were purchased from Alfa Aesar with purities of
99.99% for LiF, 99.995% for NaF, 99.99% for KF, 99.9% for CsF, and
99.7% for RbF. Prior to the measurements and mixture preparation,
the pure salts were heated at 623 K for 3 h under argon/hydrogen
(3%) atmosphere to remove traces of possibly absorbed moisture.
Here, the H2 content in the protective gas prevents oxidation of the
salt. The melting temperatures of the dried compounds were measured
using differential scanning calorimetry (DSC) under the same conditions
described in an earlier publication,21 and the obtained temperatures were
compared to literature data. The melting temperatures of the used
fluoride salts are very sensitive to impurities caused by oxygen or mois-
ture and only differences between the measured and literature melting
temperatures of ±3 K were considered acceptable. For the heat-capacity
measurements of the pure compounds, pellets were pressed from the
dried salts and filled inside the nickel crucibles to be welded.

The salt mixtures were prepared by directly filling the respective
amounts of the individual salts in a container (stainless steel with
nickel liner), to avoid a large composition error. This container was
hermetically closed and heated for 2 h at a temperature of 100 K higher
than the melting temperature of the higher melting pure compound, to
ensure complete mixing in the liquid state. After being cooled, the steel
container was opened again and the salt mixture inside was milled in a

Table 4. Comparison of Heat-Capacity Values of
Li0.60Na0.40F, Li0.50K0.50F, and Li0.43Rb0.57F, Using
Measurements Done in This Work and Measurements
Conducted at Oak Ridge National Laboratories. The values
were converted to the same units

Cp (J mol
−1 K−1)

composition this work ref 19 ΔCp (J mol−1 K−1)

Li0.60Na0.40F 69.4 78.53 1.3
Li0.50K0.50F 77.1 77.35 5.8
Li0.43Rb0.57F 79.7 84.01 3.4

Figure 9. Plot of the A parameter of the regular solution fit (1:1 ratio
of Li+/A+) versus the difference in cation radii in the melt. (A+ = Li+,
Na+, K+, Rb+, Cs+; from left to right).

Figure 8. Superposition of the excess heat capacities with the respec-
tive regular solution fits. [Legend: (red open circles, ○) (LixCs1−x)Fx
liquid solution; (dark blue solid triangles, ▲) (LixRb1−x)Fx liquid
solution; (green open diamonds, ◇) (LixK1−x)Fx liquid solution; and
(light blue solid circles, ●) (LixNa1−x)Fx liquid solution.]
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mortar to a fine powder. With this powder, several pellets were pressed
and filled inside the nickel containers, to be closed by laser welding.
After the welding procedure, the weld of every nickel capsule was

visually investigated using a microscope to check for small cracks or
holes. The total mass of each capsule was measured and compared
with the mass before the welding. The crucible was accepted only if the
mass difference was within the range of ±0.2 mg. To test the tightness of
the crucibles under the conditions of the experiments, they were heated
under an argon atmosphere for 5 h at the highest temperature of the
respective calorimetric measurements (see Table 3). The masses of the
crucibles then were measured again, this time allowing only a maximum
mass difference of ±0.1 mg between the masses before and after the
heating.
Enthalpy Increment Measurements. The enthalpy increment

measurements were done using a multidetector high-temperature
calorimeter (Setaram, Type MHTC-96) that was operating in drop
mode to derive the high-temperature heat capacities of the (Lix Na1−x)Fx,
(Lix K1−x)Fx, (Lix Cs1−x)Fx, and (Lix Rb1−x)Fx liquid solutions. In total,
10 samples with different compositions were measured. Tables 1 and 2 list
the results of the measurements. The data of the (Lix Na1−x)Fx liquid
solution (LiF, NaF, and four compositions with x = 0.20, 0.40, 0.60, and
0.80) were taken from our previous publication.4 Also, the CsF data were
taken from an earlier publication by us.7

The temperature calibration of the calorimeter was done by measur-
ing several standard calibration metals with defined melting tempera-
tures at the 1990 international temperature scale (ITS-90)22 at different
heating rates (In, Sn, Pb,23 Zn, Al, Ag, and Au). A more-detailed
description of the calibration principle can be found elsewhere,24 and we
refer to that study.
Since drop calorimetry is an isothermal method, the furnace of the

calorimeter is heated and stabilized at the dedicated temperature prior
to the measurements, to establish a steady value of the heat flow signal
(ϕ). Then, a sample, having ambient temperature, is dropped into the
sample crucible of the calorimeter. The energy that is necessary to
increase the sample temperature to the furnace temperature is with-
drawn from the system and the equilibrium is disturbed. During re-
establishment of the equilibrium values, ϕ changes, resulting in a peak.
This peak has an area that is defined as ∫ ϕ dτ, which is proportional to
the total enthalpy increment of the sample material. Every 25 min,
another sample is dropped into the calorimeter, since experiments
have shown that this time is sufficient to restabilize the temperature
and heat flow signals.
Drop calorimetry is a relative method; therefore, it is necessary to

also measure reference materials with a known heat capacity. With
these reference materials, the sensitivity (SR) of the drop detector is
determined in situ. The sensitivity is the measured enthalpy increment
(the area of the measured heat flow peak, ∫ ϕR dτ, of the standard
material) divided by the literature value, according to eq 9:

∫
∫

ϕ τ
=S

C T T

M
m

d

( ) d
T

T
P

R
R

,R

R

R
m

a

(9)

Ta and Tm are, respectively, the ambient and detector temperatures, with
the latter being evaluated as an average from the stable values before and
after the drop. The literature value of the standard material is calculated
with its mass (mR), molar mass (MR), and the temperature function of
the molar heat capacity (CP, R(T) dT). For the measurements, solid
sapphire pieces (with masses of 60−120 mg) were used as reference
material and the molar heat capacity function was taken from ref 25.
With this sensitivity value SR, the area of the peak caused by the

sample (∫ ϕS dτ), and the mass and molar mass of the sample (mS and
MS, respectively), the molar enthalpy increment of the measured
sample (Hm) can be determined according to eq 10, which is the
energy needed to heat the sample from ambient temperature (Ta) to
the furnace temperature (Tm):
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