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The complex dielectric permittivity of aqueous sodium chloride solutions has been determined in the frequency
range 0.2e ν(GHz) e 20 with a commercial dielectric measurement system based on a vector network
analyzer. NaCl solutions 0.1e m (mol kg-1) e 5 (mass fraction 0.005e w e 0.23) were investigated at 5,
20, 25, and 35°C. An improved calibration procedure of the dielectric measurement system for conducting
samples was developed. The complex permittivity spectra have been represented by a Cole-Cole relaxation
time distribution. Where possible, the obtained fitting parameters, static permittivityε and relaxation timeτ,
and distribution parameterR, are compared with literature data to assess the performance of the instrument,
which was found to be comparable to that of time domain and waveguide systems. Effective solvation numbers
were deduced from the effect of NaCl concentration onε. The data suggest that in addition to the irrotational
bonding of water molecules by Na+ ions, kinetic depolarization underslip boundary conditions determines
the solution permittivity. A three-state model is proposed to describe the concentration dependence ofτ.

1. Introduction

The dielectric relaxation behavior of electrolyte solutions
yields important information on ion solvation and complexation,
as well as on the impact of long-range ion-solvent interactions
on the cooperative solvent dynamics, especially for hydrogen-
bonding liquids.1-6 The dielectric properties of solutions have
important effects on charge transport,7,8 chemical speciation,1,9

and various thermodynamic properties of solutions.10 Dielectric
relaxation spectroscopy (DRS) also appears to be a promising
tool for the investigation of weak ion-pair complexes,11,12which
are important for understanding the properties of seawater,13

geological brines,14 and hydrometallurgical or other industrial
electrolyte solutions.15 An increasing need for dielectric data,
characterizing the interaction of materials with microwaves, also
arises from emerging technical applications, suchas dielectric
heating,16,17 moisture sensors,18,19 and process control.20

However, despite their obvious importance, the available
dielectric data even for aqueous solutions are rather limited and
not always reliable.21 A major reason for this is the technical
difficulty associated with the determination of the complex
(dielectric) permittivity spectrum of electrolyte solutions

ε̂(ν) is a measure of the amplitude and the time dependence of
the fluctuations of the total dipole moment of the sample,MB (t)
) ∑µbj, arising from the individual permanent molecular dipoles,
µbj, and the molecular polarizabilities,Rj. The dielectric disper-
sion curve,ε′(ν) (where the static permittivityε ) limνf0ε′-
(ν)), indicates how farMB(t) is able to keep pace with an external
electric field of frequencyν, and the connected dissipation of
electromagnetic energy is expressed by the dielectric loss,ε′′-
(ν).22 For electrolyte solutions around ambient temperature, the
frequencies for dielectric relaxation are in the microwave region,
which requires special instrumentation. Access to this spectral
range has become easier now with the commercial availability
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of dielectric measurement systems based on vector network
analyzers (VNAs). However, the reliable determination of the
dielectric loss is a major challenge due to the high specific
electric conductivity,κ, exhibited by many (and especially
aqueous) electrolytes, because only the total loss of the sample

is experimentally accessible;22 εo is the permittivity of the
vacuum. Obviously, the Ohmic loss,η′′κ, swampsε′′ below a
minimum frequency,νmin, fixed by κ and the precision of the
instrument, thus limiting the spectral range accessible to
experiments.

Recently, No¨rtemann et al. determined precise complex
permittivity spectra of dilute (w e 0.035) aqueous NaCl
solutions at 20°C.23 These data have been used to assess the
performance of our VNA-based dielectric measurement system
and to extend the measurements to molalitiesm e 5 mol kg-1

(w e 0.23) close to the saturation limit and temperatures 5e
ϑ (°C) e 35. The spectra have been fitted with a Cole-Cole
relaxation time distribution. The resulting parameters are
compared with the sparse literature data and discussed in terms
of ionic solvation and solvent dynamics. Figure 1.

2. Experiment and Data Analysis

Dielectric experiments were performed with a Hewlett-
Packard model HP 85070M Dielectric Probe System, consisting
of a HP 8720D vector network analyzer (nominal bandwidth
50 MHz to 20 GHz) and a HP 85070 dielectric probe kit (200
MHz to 20 GHz recommended bandwidth). The HP 85070
dielectric software was used for controlling the instrument and
for calculation of the dielectric permittivity,ε′(ν) and total loss,
η′′(ν) ) ε′′(ν) + η′′κ(ν), from the experimentally determined
relative complex reflection coefficient of the probehead/sample
interface at the frequencyν.

The probehead is mounted in a specially constructed stainless
steel cell top that can be hermetically sealed to a glass cell body
(30 mL sample volume) with a thermostating jacket. The cell
top has stainless steel cannulas that allow the cell to be flushed
with dry nitrogen during filling and dielectric measurement.
Temperature control is achieved by an external thermostat
(Julabo F33-SD, with an operating range- 30 to 200 °C
controlled to(0.01 °C) to an accuracy of(0.1 °C or better,
depending on the difference against ambient temperature.

Samples of 100 mL were prepared by weight from analytical
grade NaCl (Ajax Chemicals, Australia) and Millipore (Milli-Q
system) water. The density data required to convert solution
molalities,m, to molar concentrations,c, as well as the specific
conductivity,κ, necessary to calculateε′′(ν) from η′′(ν) were
interpolated from appropriate fits to selected literature data
provided by the ELDAR database.26

Dielectric experiments were performed for solution molalities
in the range 0.1-5 mol kg-1 at 20 °C, where the recent
investigation of No¨rtemann et al.23 allows the assessment of
our instrumentation, as well as at 5, 25, and 35°C. Excessive
conductivity at the highest temperature prevented investigations
above 4 mol kg-1. For each series of measurements, usually
comprising four to six samples, the VNA was calibrated with
three standards, air, a short circuit, and Millipore water,
thermostated to the desired measurement temperature. Each
solution was measured at least twice in different measurement
series andε′(ν) and η′′(ν) were generally recorded at 101
frequencies equidistant on a logarithmic scale betweenνmin and

νmax ) 20.05 GHz. The value ofνmin g 0.2 GHz was adapted
to the conductivity of the sample; see Figure 1.

In the frequency window of the VNA, 0.05e ν(GHz) e
20.05, the dielectric spectrum of the calibration standard water
can be modeled by a Debye equation. The static permittivity,
ε(ϑ), was interpolated with the help of the equation

derived by Ellison et al. from a comprehensive survey of
available literature data.25 The relaxation time,τ(ϑ), and the
high-frequency permittivity,ε∞(ϑ), were obtained as smoothed
parameters for the primary (low-frequency) relaxation process
of water obtained by fitting a superposition of two Debye
processes (2D model) to the experimentalε̂(ν) data of refs 21,
25, and 27-29. In the temperature range 0e ϑ (°C) e 55, the
parametersτ(ϑ) andε∞(ϑ) can be interpolated with the equations

and

The above parameters for the 2D model give an optimum
description of the water band shape in the frequency range of
the VNA. However, it should be noted that the same data yield
comparable relaxation times and only a minor shift of the
“infinite frequency permittivity”,ε∞

1D(ϑ) ) ε∞
2D(ϑ) - 0.22, if

a single Debye process (1D model) is fitted toε̂(ν) at ν e 40
GHz.

The first series of experiments at 20°C, performed with the
shorting block provided with the HP 85070 dielectric probe kit
as the short circuit standard, showed that the accuracy and the
reproducibility of the instrument (although well within the
specifications of the manufacturer) had to be improved for the
investigation of highly conducting samples. It was found that
the electrical contact of the probehead and the block was not
sufficiently reproducible to reach the 2.5% error limits required
for the unambiguous separation ofε′′(ν) from η′′(ν). A
comparative investigation with the shorting block and mercury

η′′(ν) ) ε′′(ν) + η′′κ ) ε′′(ν) + κ /(2πνεo) (2)

Figure 1. Dielectric dispersion,ε′(ν) , and loss spectrum,ε′′(ν) , of
NaCl solutions in water at 5°C: spectrum 1, pure water; spectrum 2,
c ) 0.400 mol dm-3; spectrum 3,c ) 0.990 mol dm-3; spectrum 4,c
) 4.643 mol dm-3. Experimental spectra 1-3 (symbols) are fitted to
a single Cole-Cole equation (lines); spectrum 4 is fitted to a
superposition of two Debye processes.

ε(ϑ) ) 87.85306 exp(-0.00456992ϑ);
-35 e ϑ (°C) e 100 (3)

τ(ϑ)-1

ps
) (5.631( 0.015)× 10-2 + (2.12( 0.03)×

10-3 ϑ

°C + (1.86( 0.09)× 10-5( ϑ

°C)2
(4)

ε∞(ϑ) ) (6.49( 0.08)- (0.025( 0.002)
ϑ

°C (5)
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as the short circuit standards revealed better overall performance
and higher reproducibility for the latter. Mercury was thus used
in all subsequent experiments.

After correction of the total loss of the sample,η′′(ν), for
the conductivity contribution,η′′κ(ν) ) κ/(2πνεo), the real,ε′-
(ν) , and imaginary,ε′′(ν), parts of the complex permittivity
spectrum were fitted simultaneously to a relaxation model of
the type

whereSj ) εj - εj∞ is the amplitude of the individual relaxation
processj from a superposition ofn dispersion steps and the
“static” permittivity of the solution is defined as

In the time scale of the experiment, the molecular polarizability
is always in equilibrium with the external field and can be
summarized in the “infinite frequency” permittivityε∞. The
relaxation functionsF̃j(ν) of the individual dispersion steps were
represented as Havriliak-Negami equations

or, as the special cases thereof, the Cole-Davidson relaxation
time distribution with 0< âj e 1 andRj ) 0, the Cole-Cole
equation withâj ) 1 and 0e Rj < 1, or the Debye relaxation
process withRj ) 0 andâj ) 1; τj is the relaxation time of
processj.22 Software based on the Gauss-Marquardt algorithm
was used to optimize the goodness of the fit and to obtain the
variances,s2, for comparison of the different relaxation models.31

Several plausible relaxation models were tested. In all cases,
it transpired thatκ had to be treated as an adjustable parameter
giving values between 93% and 110% of the ELDAR data
summarized in Tables 3S-6S of the Supporting Information.
This “effective” conductivity depends on the concentration and
on the temperature of the sample but is reproducible within 2%
and independent of the relaxation model. It seems likely that
the mathematical model for the probehead/sample interface
implemented in the HP 85070 dielectric software is inadequate
at high conductivities for the reasons discussed in ref 24.

All the spectra could be fitted with a single Cole-Cole
equation. At all temperatures,νmax is comparable to (2πτ)-1.
Therefore, the extrapolation ofε′(ν) to the infinite frequency
permittivity is very sensitive to experimental errors. The upper
frequency limit of 20 GHz also prevents the separation of the
small high-frequency relaxation process (τ2 ≈ 1 ps) reported
for pure water.27,28,30It was observed that the electrolyte results
obtained forε∞ scatter around the value of pure water if this
quantity is treated as an adjustable parameter in the fitting
procedure. Additionally, the values ofτ andR are comparable
to the data given below, but the variance of the fit is generally
increased. Therefore,ε∞ was preset in all fits of the electrolyte
spectra yielding the parametersε, Figure 2,τ, Figure 3, andR,
Figure 4, summarized in Tables 3S-6S of the Supporting
Information. At 5 and 25°C, the 1D model results of pure water,
ε∞(5 °C) ) 6.14 andε∞(25 °C) ) 5.65 were used, whereas at
35 °C the value of eq 5,ε∞(35 °C) ) 5.60, was preferred since
the dielectric loss peak lies outside the accessible frequency
window. However, it should be noted that the changes ofε, τ,
andR produced by settingε∞(35 °C) ) ε∞

1D are at least a factor

of 10 smaller than the scatter of these parameters between
different measurement series (calibrations). To allow a direct
comparison with the data of ref 23, their value ofε∞(20 °C) )
5.6 was used.

Although a reasonable fit to the experimental spectra was
achieved using the Cole-Cole equation, it should be noted that
the variance,s2, increases with concentration (see column 11

ε̂(ν) ) ∑
j)1

n

SjF̃j(ν) + ε∞ (6)

ε ) lim
νf0

ε′(ν) ) ∑
j)1

n

Sj + ε∞

F̃j(ν) ) [1 + (i2πντj)
1-Rj]-âj (7)

Figure 2. Experimental data (closed symbols) and fitted polynomials,
eq 8, of the solution permittivity,ε, of NaCl solutions in water as a
function of electrolyte concentration and temperature. Literature data
for ε are as follows: refs 32 (+), 33 (O), and 34 (0) at 25°C, and ref
23 (3) at 20°C.

Figure 3. Experimental data (closed symbols) and fits of the three-
state model (eq 21) of the solvent relaxation time,τ, of NaCl solutions
in water as a function of electrolyte concentration and temperature (data
with open symbols at 35°C not included in the fit). Literature data for
τ are as follows: refs 32 (+), 33 (O), and 34 (0) at 25°C, and ref 23
(3) at 20°C.

Figure 4. Experimental Cole-Cole relaxation time distribution
parameters,R, of NaCl solutions in water as a function of electrolyte
concentration and temperature: (/) 5 °C; (2) 20 °C; (b) 25 °C; ([)
35 °C. The line represents the best fit of the polynomialR(c) ) ∑aic1/2,
i ) 2-5, to the entire data set.
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of Tables 3S-6S) of the Supporting Information. This is due
in part to the appearance of oscillations on the spectra (Figure
1), which suggest calibration inadequacies due to the large
difference between the dielectric properties of the sample and
those of water. Nevertheless, the increasing deviation of the
overall band shape from a Cole-Cole relaxation time distribu-
tion at high concentrations appears to genuinely reflect the
relaxation behavior of the solutions. At 5°C andm g 1 mol
kg-1, the superposition of two Debye processes achieves a
considerably better fit; that is,s2 improves by a factor of 2-3
with reasonable relaxation parameters (Table 7S of the Sup-
porting Information). Although this observation should not be
overinterpreted, since the high-frequency process is centered
outside the accessible frequency window, it supports the three-
state model suggested in the discussion of the relaxation times
below.

3. Results

The permittivity of the solutions,ε(c), at each temperature
can be adequately fitted over the entire concentration range of
the experiments by the polynomial

with the parameters collected in Table 1. However, it should
be noted that, at 5 and 20°C (and also at 25°C albeit to a
lesser extent),ε(c) decreases linearily up to fairly high concen-
trations. It is therefore better to setâε ) 0 for fitting ε(c) at
low c. The resulting parameters are also given in Table 1.
Experimental data and fits are compared in Figure 2. In all cases,
the maximum deviation ofε(c) from the fit curve is less than
2%. As can be seen from a comparison of the parameterε(0)
in Table 1 with the permittivity of pure water given by Ellison
et al.,25 our data do not support the ion atmosphere polarization
effects8 discussed by No¨rtemann et al. at low concentrations.23

Interestingly, however, the data indicate a crossover in the
temperature depence ofε(c) around 3.5 mol dm-3 (Figure 2).

For all temperatures investigated, the relaxation times,τ(c),
decrease monotonically with increasing electrolyte concentration
(Figure 3). The data can be described either by eq 8, cf. Table
1, or by the three-state model suggested in Section 4.2. The
intercept,τ(0), is larger at 5°C and smaller at 25 and 35°C
compared to the calibration value of eq 4. Together with the
measurement series represented in Figure 3 by the open symbols
at 35°C, which reveals some problem with instrument calibra-
tion, this may indicate systematic shifts inτ(c). However, the

smooth and gentle concentration dependence of the Arrhenius
activation energyEa(τ) does not favor such an interpretation;
data indicate a maximum,Ea ) 21.7 ( 0.7 kJ mol-1, around
0.8 mol dm-3 compared toEa ) 19.6( 0.4 kJ mol-1 for pure
water and 19.7( 0.5 kJ mol-1 at c ) 4.5 mol dm-3.

As a result of the limited accessible frequency range, the
Cole-Cole relaxation time distribution parameters,R, show
considerable scatter (Figure 4). Nevertheless, the data indicate
that over the temperature range investigated the spectra are close
to Debye behavior up to approximately 1.5 mol dm-3. At higher
concentrations,R increases significantly and, eventually, a trend
with temperature becomes apparent.

Literature data can be used to assess the accuracy of the VNA.
Figure 2 shows that ourε(c) at 20°C agree well with the recent
data of Nörtemann et al.23 but show less scatter. At 25°C, our
results agree nicely with the data of refs 32-34. Similar
agreement with the quoted publications is observed forτ (Figure
3). Our results forδε are in good agreement with the initial
slopes of No¨rtemann et al.23 (δε ) 13.6 dm3 mol-1), Hasted35

(11.2 dm3 mol-1), Zasetskii et al.36 (15.2 dm3 mol-1), and
Strogyn37 (16.8 dm3 mol-1) at 20 °C, as well as the data of
Kaatze33 (11.2 dm3 mol-1) at 25°C. Fromδτ, a relative molar
shift of the solvent relaxation time may be calculated according
to

Using the data of Table 1, the valuesBc(5 °C) ) -0.080(
0.011 dm3 mol-1, Bc(20 °C) ) -0.117 ( 0.014 dm3 mol-1,
Bc(25 °C) ) -0.112 ( 0.014 dm3 mol-1, and Bc(35 °C) )
-0.17 ( 0.02 dm3 mol-1 were obtained. When the small
difference between molarity and molality for dilute aqueous
solutions is neglected, these data compare well with the molal
shifts given by No¨rtemann et al.,23 Bd(20 °C) ) -0.15( 0.06
kg mol-1 and Bd(25 °C) ) -0.08 ( 0.03 kg mol-1. This
suggests that around room temperature atc e 1 mol dm-3 we
can determine the static permittivity within about(1%, whereas
an accuracy on the order of(0.2 ps is estimated forτ.

At higher concentrations and at other temperatures, only
limited data are available for comparison. Since the scatter of
these data is very large, they are not included in the graphs for
clarity. At 25 °C the ε(c) values of Barthel et al.38 are
consistently smaller than our data. However, the increasing
difference, reaching 7.6 units atc ) 4 mol dm-3, certainly arises
from fitting a Debye equation to the few of frequencies

TABLE 1: Coefficients y(0), δ, and â of the Polynomial (8), Valid up to cmax, for the Solution Permittivity E(c) and for the
Relaxation Time τ(c) of Aqueous NaCl Solutions as a Function of Temperature,T, Standard Errors of the Fits, σfit (E) and
σfit (τ), Static Permittivity of Water, Elit , According to Ref 25, and Water Relaxation Time of eq 4,τcal

a

ϑ εlit ε(0) δε âε σfit(ε) cmax

5 85.87 86.46( 0.07 18.18( 0.14 3.81( 0.07 0.18 4.65
86.11( 0.06 14.29( 0.11 0.15 1.0

20 80.18 80.73( 0.18 16.8( 0.4 4.1( 0.2 0.45 4.55
80.42( 0.11 12.7( 0.3 0.24 0.8

25 78.37 78.14( 0.13 15.2( 0.3 3.64( 0.13 0.30 4.53
78.12( 0.16 12.8( 0.4 0.27 0.6

35 74.87 74.42( 0.18 13.9( 0.5 3.4( 0.2 0.37 3.70

ϑ τcal τ(0) δτ âτ σfit(τ) cmax

5 14.84 15.36( 0.08 1.2( 0.2 0.21( 0.08 0.22 4.65
20 9.42 9.41( 0.06 1.10( 0.13 0.33( 0.06 0.15 4.55
25 8.27 8.15( 0.06 0.91( 0.12 0.27( 0.06 0.14 4.53
35 6.52 6.34( 0.06 0.81( 0.14 0.29( 0.08 0.13 3.70

a Units: ϑ in °C, δε in dm-3 mol-1. âε in dm-9/2 mol-3/2. cmax in mol dm-3. τcal, τ(0), andσfit(τ) in 10-12 s; δε in 10-12 s dm-3 mol-1; âτ in 10-12

s dm-9/2 mol-3/2.

y(c) ) y(0) - δc + âc3/2; y ) ε, τ (8)

Bc ) 1
τ lim

cf0
(dτ
dc) )

δτ

τ
(9)
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investigated in that study. This probably also accounts for the
discrepancies inτ. In 1971, Strogyn fitted the available literature
data ofε(c,ϑ) andτ(c,ϑ).37 At his highest concentration,c ) 3
mol dm-3, the permittivity calculated from his equations is
considerably smaller than the present results at all temperatures,
reaching a deviation of 24% at 35°C. On the other hand,τ is
22% smaller at 5°C, comparable around room temperature, and
10% larger at 35°C. Again, the limited number of frequencies
covered in Strogyn’s sources offers a possible explanation. More
problematic are the discrepancies with the data of Pottel et al.,
who investigated the pressure dependence ofε̂(ν) in the range
1 e ν(GHz) e 2539 for a 5 mol dm-3 NaCl solution. At 25°C
they obtainedε ) 38.7 andτ ) 5.5 ps, i.e., values that are
approximately 8% and 15% smaller than our extrapolated data,
although they found a comparable Cole-Cole parameter. On
the other hand, at 5°C, ε andR are comparable with our data
but againτ is 20% smaller.

One reason for the deviations of the static permittivity is a
systematic error of the VNA. Measurements with water,
dimethylformamide, methanol, and dimethylsulfoxide as the
standard liquids (of permittivityεcal taken from ref 9) in the
calibration sequence air/mercury/standard liquid, performed with
samples (various organic liquids and ethanol-water mixtures)
covering the permittivity range 19.4e ε e 78.4 revealed a
deviation,∆VNA ) ε - εVNA, between the accepted permittivity
values,ε, and the VNA result,εVNA, given by the expression
∆VNA ) (0.021( 0.002)(ε - εcal). However, it should be noted
that∆VNA e 0.95 for the investigated NaCl solutions, which is
comparable to the scatter ofε at high concentrations (Tables
3S-6S of the Supporting Information). As the application of
the above result to conducting samples is not straightforward,
we have abstained from correctingε(c). Although the reliability
of the reference data is limited and even though our data of
ε(c,ϑ) andτ(c,ϑ) exhibit a smooth change with temperature and
concentration, which can be interpreted in a self-consistent way
(Section 4), it is clear from the above discussion that at present
a satisfactory assessment of the accuracy ofε̂(ν) is not possible
at c > 1 mol dm-3. Since DRS studies of technically relevant
concentrated electrolyte solutions are of increasing interest and
since adequate instrumentation is now commercially available,
the accurate determination of reference systems involving
different experimental techniques and laboratories seems highly
desirable.

4. Discussion

4.1. Solvent Dispersion Amplitude.The marked decrease
of the solvent permittivity,ε(c), or more exactly of the solvent
dispersion amplitude (relaxation strength),S(c) ) ε(c) - ε∞(c),
with increasing electrolyte concentration,c, is currently thought
to arise from two additive contributions4,6

The equilibrium term∆eqε(c) comprises the dilution of the
solvent dipole density by the nonpolar ions (εion ≈ 2) and the
connected change of the internal field. In addition, the strong
ion-solvent interactions induce a partial “freezing” (irrotational
bonding, IB) of solvent molecules in the vicinity of the ions,
which leads to a cancellation of dipole moments in the ionic
solvation shells. Hence, a comparison of the apparent water
concentration in the solution,cs

ap, calculated fromS(c), with
the analytical solvent concentration,cs, allows the determination
of the effective solvation number.

ZIB is the average number of water molecules per equivalent of
electrolyte that are (at a given time) unable to contribute to the
solvent relaxation process. But note that generally the residence
time of a water molecule in the hydration shell of an ion is on
the order of pico- to nanoseconds.

The kinetic depolarization (kd) term in eq 10,∆kdε(c), arises
from the relative motion of the ions and the surrounding solvent
molecules in the external field. According to the continuum
theory of Hubbard et al.,40,41 kd is proportional to the solution
conductivity,κ, with the slopeê determined by the dielectric
properties of the pure solvent. For a solvent with Debye-type
relaxation behavior, kinetic depolarization is given by

The factorp accounts for the hydrodynamic boundary conditions
of stick (p ) 1) or slip (p ) 2/3) ionic motion.

Several approaches, reviewed in refs 4 and 5 have been
suggested for the calculation ofcs

ap from the equilibrium
amplitude of the solvent dispersion

As shown in the comparative discussion of ref 30, the results
obtained for a given electrolyte are model dependent and no
particular model is yet favored so that a direct comparison of
ZIB data from different sources is not straightforward. Moreover,
some of the models are strictly valid only atc f 0.

To compare our data with those of refs 12 and 30, which
were obtained using a variant of Lestrade’s model,42 our analysis
also starts from the Kirkwood-Froehlich (KF) equation22

wherekB is the Boltzmann constant,µ is the gas-phase dipole
moment of water, andg is the Kirkwood correlation factor. By
normalizing to the data of pure water,c ) 0, to minimize
ambiguities in the choice of the infinite frequency permittivity
and in the treatment of the cavity and reaction fields,28 the
apparent solvent concentration is obtained as

with

Note that the infinite frequency permittivity is fixed atε∞(0) in
our data analysis and that only the productg(c)cs

bulk(c) is
accessible from eqs 14 and 15 instead of the concentration of
undisturbed bulk water,cs

bulk(c).
With ε(c) calculated from the parameters of Table 1, the

effective solvation numbersZIB(c) are obtained for NaCl (Figure
5). Included in the diagram are the results for negligible kinetic
depolarization,ê ) 0, and for eq 12 withslip boundary
conditions.ê ) êstick yields unrealistic values ofZIB(c) e 0.
Whereas the data forê ) 0 are constant at low concentration,
reflecting the linear decrease ofε(c) in this range (except for

∆ε(c) ) S(0) - S(c) ) ∆eqε(c) + ∆kdε(c) (10)

ZIB(c) ) (cs - cs
ap)/c (11)

∆kdε(c) ) êκ(c); ê ) p
ε(0) - ε∞(c)

ε(0)

τ(0)
εo

(12)

Seq(c) ) S(c) + ∆kdε(c) (13)

(ε - ε∞)(2ε + ε∞)

ε(ε∞ + 2)2
)

NAgµ2

9kBTεo
cs (14)

cs
ap(c) )

g(c)

g(0)
cs

bulk ) cs(0)FKF

2ε(c) + ε∞(0)

ε(c)
Seq(c) (15)

FKF )
ε(0)

(ε(0) - ε∞(0))(2ε(0) + ε∞(0))
(16)
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35 °C), the slight increase observed for theêslip is due to the
nonlinear variation ofκ(c). However, atc < 1 mol dm-3, these
changes are within the error limits of the data (essentially
determined byσfit(ε)/c), as is the dependence ofZIB on
temperature over the range investigated (5e ϑ(°C) e 35). From
the limit of ZIB at c f 0, approximated by

where

with F as the solution density, andMs and Me as the molar
masses of solvent and electrolyte, respectively, the limiting
effective solvation number ofZIB

ê)0 ) 8.6 ( 0.2 is obtained
for NaCl if kinetic depolarization is negligible (giving 1/7
relative weight to the 35°C value compared to 2/7 for the other
data).ZIB

slip(0) ) 4.2 ( 0.3 is obtained if eq 12 withp ) 2/3
is valid.

At c g 1 mol dm-3, the errors become small enough to reveal
a significant decrease of the effective solvation number with
increasing electrolyte concentration both forê ) 0 andê )
êslip. Also,ZIB decreases with rising temperature, which indicates
(as expected) that the competition of ion-solvent interactions
and thermal motion determines the degree of IB for a given
solvent at specifiedc.

ZIB is an effective solvation number that may be taken as a
measure of the relative strength of ion-solvent and solvent-
solvent interactions at a given temperature. UsuallyZIB is
different from the first-shell coordination number determined
by scattering techniques or MD simulation becausegcs

bulk

explicitly incorporates effects of the ionic fields on the bulk
structure. It should be noted that for a solvent withg(0) > 1,
like water, the expected breakdown of the bulk solvent structure
with increasing concentration, i.e., a decrease ofg(c), should
lead to an increase ofZIB if the first solvation shell remains
unchanged. Hence, a decreasing value ofZIB(c) with increasing
c reflects a release of bound solvent molecules in the sense that
the mobility of the water molecules in the solvation shell
increases and their residence time decreases. Steric crowding
and the decreasing number ratio of solvent molecules per ion
offer an obvious explanation; in aqueous NaCl, a minimum

distance ofd+-
min ) r+ + r- + 4rs ) 849 pm, (d++

min ) 776
pm,d- -

min ) 932 pm) is required for undisturbed first hydration
shells (thickness 2rs ) 285 pm44) of the ions (radiir+ ) 98
pm, r- ) 181 pm43). However, the average interionic distance
in these solutions decreases fromdhij ) 1180 pm atc ) 0.5 mol
dm-3 to 940 pm at 1 mol dm-3 to 750 pm at 4 mol dm-3, with
dhij ) d+-

min at 2.7 mol dm-3. Additionally, the water-to-ion
ratio of approximately 27:1 atc ) 1 mol dm-3 drops to 16:1 at
4 mol dm-3.

According to the data compiled by Ohtaki and Radnai,45

diffraction studies and computer simulations give average
coordination numbers (i.e., the number of water molecules in
the first hydration shell) for Na+ ranging from 4 to 8, with
growing evidence fornj+ ≈ 6.46-49 The dipole moments of these
water molecules prefer a radial orientation within a narrow
angular distribution. Cl- has an average coordination number
of nj- ) 6 with a broad distribution ranging from 1 to 8 (or
even 13).45,48-51 Although a large distribution of Cl‚‚‚H-O
angles is found, linear Cl--water hydrogen bonds predominate.
The sparse data on the hydration-shell dynamics of both ions
suggest that the reorientation of H2 O around the cation is slowed
compared to bulk water, essentially being reduced to rotation
around the axis defined by the dipole vector, whereas the water
mobility around the anion is slightly increased. Note, however,
that even for the anion, the rotation time of the solvent dipole
moment in its first hydration shell is reduced.52 The residence
times of water molecules in the solvation shell of Cl- and in
the bulk are comparable but larger around the cation. For
instance, Impey et al. giveτres(H2O) ≈ τres(Cl-) ≈ 4.5 ps and
τres(Na+) ≈ 9.9 ps.54 However, data from different sources show
considerable scatter.45-47,49,50,53 In summary, the above data
suggest a labile anionic solvation shell with, at most, limited
compensation of dipole moments but a highly symmetric and
rather stable arrangement of water molecules around Na+. It is
therefore plausible to assign the effective solvation number
determined with DRS entirely to the cation,ZIB(NaCl) ) ZIB-
(Na+).

We may now compare these limiting effective cation solvation
numbers,ZIB

ê)0(Na+,0) ) 8.6 ( 0.2 andZIB
slip(Na+,0) ) 4.2

( 0.3, with available literature data. Obviously, this is com-
plicated by the availability of two markedly different DRS
results. However,ZIB

ê)0 cannot simply be rejected because
recent computer simulations of Chandra and Patey suggestê )
0 for moderate to high electrolyte concentrations.55 Also, the
application of eq 12 is problematic. The equation is derived for
a vanishing ionic radius at infinite dilution and does not take
into account the observed dependence of∆ε(c), eq 10, onr i (i
) +, -), see Figure 3 of ref 23 and the accompanying
discussion. The molecular model of ref 41 tackles this problem.
However, the large normalized dielectric decrement predicted
by this theory for Na+ (see their Figure 2 for the data) results
in a depolarization factor ofê ≈ 0.9êstick, which givesZIB(c) e
0 at higher concentrations. On the other hand, the depolarization
factor predicted by the molecular theory for large ions ap-
proachesêslip. Since Na+ has a well defined solvation shell by
all accounts, it seems likely that the magnitude of the depolar-
ization factor is determined byr+ + 2rs and not the bare cation
radius. Thusê ≈ êslip. On the basis of considerations of residence
time and the self-diffusion coefficient, Kaatze draws the same
conclusion for Li+.4 Additional support comes from the large
effective Na+ radius found by Balbuena et al. in their simulation
study of ion transport in aqueous solution52 and from the Stokes
radius,rSt(Na+) ) 181 pm, deduced from conductivity data.56

It is important to emphasize that ourZIB(0) data cannot be

Figure 5. Effective solvation number,ZIB, of NaCl in water as a
function of electrolyte concentration and temperature. Broken lines are
under the assumption of kinetic depolarization (eq 12) withslip
boundary conditions, solid lines are without kinetic depolarization,ê
) 0. The error bars, determined fromσfit(ε) of Table 1, have the same
magnitude for both sets of curves.

lim
cf0

ZIB ≈ a1 + 2cs(0)FKFδε (17)

a1 ) lim
cf0

dcs(c)

dc
) Ms

-1 lim
cf0

[dF
dc

- Me] (18)
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directly compared with theZ values of ref 23 due to different
starting assumptions. However, the comparableδε (Section 3)
results in a similarZIB(0) value.

The average coordination number from scattering experiments
and computer simulations,nj+ ≈ 6, lies between theê ) 0 and
the ê ) êslip limits of ZIB(Na+,0). Arguments can be made to
reconcile either effective solvation number withnj+ but obviously
a direct comparison ofZIB with the coordination number is not
possible. The primary solvation number,nPSO, defined Bockris
and Reddy57 as the number of solvent molecules that lose their
independent translational freedom and move with the ion, seems
more appropriate. Indeed,ZIB

slip(Na+,0) ) 4.2 ( 0.3 compares
favorably with their value ofnPSO(Na+) ) 4 ( 1. Marcus
deducesnPSO(Na+) ) 3.9 from apparent molal isothermal
compressibilities but smaller values of activity coefficients and
hydration entropies.58 On the other hand, Bockris and Reddy
as well as Marcus givenPSO(Cl-) ) 2 ( 1 as the most probable
value for the chloride ion, which seems incompatible with our
definition ZIB

slip(Cl-,0) ) 0. However, the hydration entropy
result dominates this average value of the primary solvation
number. Compressibility and apparent molal volume also
suggest negligible anion hydration.

Barthel et al. also assumedZIB
slip(Cl-,0) ) 0 and found a

self-consistent series of ionicZIB(0) data for a series of 1:2,
2:1, and 2:2 electrolytes, when kinetic depolarization underslip
boundary conditions was assumed to apply. These data also
correlate favorably with primary solvation numbers of Bockris
and Reddy, whereas the assumptionsê ) 0 andê ) êstick yield
an inconsistent series of ionicZIB(0).30 From the sequence Cl-

f CdCl2 f CdSO4 f Na2SO4 and Cl- f MgCl2 f MgSO4

f Na2SO4 Barthel et al. deduce the average value ofZIB
slip-

(Na+,0) ) 4.5 which is in good agreement with our more direct
result. CombiningZIB

slip(Na+,0) ) 4.2 of this work with the
data given for NaF and KF in ref 12, values forZIB

slip(F-,0) )
5.3 andZIB

slip(K+,0) ) 1.3 can be determined, which are in
reasonable agreement with the primary solvation numbers of
these ions,nPSO(F-) ) 4 ( 1 and nPSO(K+) ) 3 ( 2.57 In
contrast,ê ) 0 would requireZIB

ê)0(K+,0) ) 7.8.
The above discussion strongly suggests that, for aqueous

electrolyte solutions, the dielectric properties of the solvent
exhibit kinetic depolarization withslip boundary conditions of
ionic motion. This implies that the impact of the solvated ions
on the structure of the bulk water is small. The apparent
superiority of the continuum theory of kd40,41 versus the

molecular model41 is understandable in the light that the latter
approches theêslip limit of eq 12 and that, within the limited
data currently available, the small and highly charged ions bear
effective solvation numbersZIB compatible with a well-defined
first hydration shell. Dielectric data for 1:1 electrolytes in
methanol are also compatible withslip kinetic depolarization,59

although the data for 1:1 electrolytes in acetonitrile suggestê
) 0.60

4.2. Solvent Relaxation Time.For pure waterτ-1(T) can be
interpreted as a rate constant characterizing the formation of
“mobile water”; that is,τ gives the dwelling time of a water
molecule as it passes from the ground state determined by
water’s average number of hydrogen bonds to the activated state,
where at most a single H-bond is left. Fast reorientation of this
molecule into a new equilibrium position will generally lead to
a major fluctuation of the macroscopic dipole momentMB (t) )
∑µbi.28 Following an approach similar to Giese’s theory of
weighted rotational correlation times61 but stressing the “chemi-
cal” interpretation ofτ, one may therefore assume that in the
case of aqueous electrolyte solutionsτ-1(c) reflects the weighted
average rate of this process for the subspeciesbulk water
(relaxation timeτ(0) of the pure solvent, fractionxbulk ) 1 -
x+ - x- of the analytical concentraton of water), water in the
solvation shell of the cation (τ+, x+) and of the anion (τ-, x-),
according to

Equation 19 requires that the envelope of the three superim-
posed contributions of comparable relaxation times, which
defines the experimental spectrum, is suffiently close to the
Cole-Cole distribution obtained in the fitting procedure. It
seems plausible that the upper limits ofτ+ and τ- should be
given by residence times of the water molecules in the solvation
shells of the cation and the anion. According to Ohtaki and
Radnai,45 the residence time of water in the first solvation shell
of Cl- is around 4 ps and “long” for Na+. One may therefore
assumeτ- < τ(0) < τ+. Although distributed over a large angle,
the orientation of water around the anion is dominated by linear
HO-H‚‚‚Cl- hydrogen bonds. So, even if the strength of this
bond exceeds that of the H-bond between water molecules, as
is sugested by the MD simulation results of Flanagin et al.,53

implying τ- > τ(0), rotation around O-H‚‚‚Cl- after breakage
of the H-bonds between solvation shell water and the bulk is
dielectrically active. In contrast, the dipole moments of the water
molecules in the first solvation shell of Na+ are oriented radially
and have a much smaller angular distribution. This leads to a
net cancellation of moments that pertains if the hydrogen bonds
between the bulk and a molecule in the first hydration shell are
broken. Hence, on average,ZIB water molecules per cation will
be inactive dielectrically but the release rate of those molecules
will nevertheless be proportional toZIBc.

Figure 6 shows that eq 19 yields a variety of curves that
ressemble experimental water relaxation times in electrolyte
solutions (see Figure 5 of ref 30), especially if concentration-
dependent solvation numbers are allowed. The problem is then
to find reasonable “guesses” for the parameters. From the above
arguments, we may identifyZIB(Na+,0) with the effective
solvation number of Na+, suggesting for the fractionsx+ )
(ZIBc)/cs andx- ) (n-c)cs; n-(c) is the a priori concentration-
dependent solvation number of the anion. Expressed in terms
of the apparent water concentration,cs

ap, obtained from the water
dispersion amplitude, this is

Figure 6. Experimental water relaxation times,τ, at 25°C (symbols)
and calculated values according to the rate constant model, eq 21 (lines).
Parameters are as follows: (curves 1-4) τ+ ) 20 ps,τ- ) 3 ps,τ(0)
) 8.3 ps; (curve 1)n+ ) n- ) ZIB

ê)0(0) ) 8.6; (curve 2)n+ ) ZIB
ê)0-

(c), n- ) 6, (curve 3)n+ ) ZIB
ê)0(c), n- ) 2, (curve 4)n+ ) n- )

ZIB
ê)0(c), (curve 5)τ+ ) 20 ps,τ- ) 3.7 ps,τ(0) ) 8.3 ps, andn+ )

n- ) ZIB
ê)0(c).

τ-1(c) ) x+τ+
-1 + x-τ-

-1 + (1 - x+ - x-)τ-1(0) (19)
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Curves 2 (n- ) 6) and 3 (n- ) 2) of Figure 6 show that a
constant anion solvation number is not compatible with the
experimental data, whereas the unlikely assumptionn- ) ZIB

produces the right curvature (curves 4 and 5).
If our interpretation that the decrease ofn+ ) ZIB(Na+, c) is

caused by an increasing competition of all ions for the
decreasing number of solvent molecules is correct, it seems
reasonable to assume a similar decrease ofn-(c) and identify
n-(0) ) nj-. Equation 20 may then be written as

which allows the determination of the sumk ) (τ-1 + nj-τ-
-1/

ZIB(0)) from the experimental data. The results, obtained with
τ(0) preset to the specified value, are summarized in Table 2
for ê ) 0 andê ) êslip. As can be seen from Figure 3, eq 21
yields a good description ofτ(c) at all investigated temperatures.
Both sets ofk exhibit similar values of the Arrhenius activation
energy,Ea(ê)0) ) 22 ( 1 kJ mol andEa(êslip) ) 22.7 ( 0.3
kJ mol, which are close toEa(τ) atc ) 0.8 mol dm-3. Therefore,
the value of k and/or the quality of the fit do not yield
independent information on the magnitude of kinetic depolar-
ization.

The structure of eq 21 permits the determinationk from the
experimental data, but does not provide a means to split it into
its ionic contributionsτ+ and τ-. Unfortunately, it is also
impossible to introduce a simplifying assumption comparable
to ZIB(Cl-,0) ) 0 (which would enable such a splitting when
more data become available in future). Solvation-shell residence
times may define the possible limits ofτ+ and τ-, but such
data are rare and they give a rough estimate at best. The increase
of the Cole-Cole distribution parameter atc > 2 mol dm-3 as
well as the observation that the spectra of the concentrated
solutions at 5°C are better fitted by a superposition of two
Debye processes provide a hint at the proposed three-state
model. It is indeed possible to model, e.g., the spectrum of the
4.64 mol dm-3 solution at 5°C, with parameters derived from
an assumed value ofτ-(25 °C) ) 3.9 ps (plausible as a lower
limit from available residence times45,54), Ea(k) andk at 25 and
5 °C; see Figure 7 forê ) 0. However, more information is
necessary to show whether the three-state model of eq 19 is a
valid approach for the understanding of the solvent relaxation
times of aqueous electrolyte solutions. Figure 7 suggests that
at high concentrationsε̂(ν) should deviate significantly enough
from a Cole-Cole distribution to extractτ(0), τ+, andτ- directly
from the experimental spectra, provided a sufficiently large
frequency range (preferably 0.5e ν (GHz) e 100) is covered
with at least twice our accuracy.

5. Conclusions

The present work shows that commercial VNA systems are
able to measure complex permittivity spectra of electrolyte
solutions up to unusually high concentrations and conductivities
over quite a large range of frequencies with a precision and
accuracy similar to that obtained by TDS and waveguide systems
provided a judicious calibration procedure is followed. Given
the simplicity of the VNA system, which lends itself to facile
extension to nonambient temperatures, such systems appear to
be a very attractive alternative for DRS measurements. However,
this work also reveals the urgent need of a joint effort by
different laboratories combining the various techniques of DRSto
define reliable complex permittivity standards for concentrated
electrolyte solutions.

Data obtained in the present study show that atc < 1 mol
dm-3 the effective solvation number of Na+ is constant and
(within the limits of error) independent of temperature, whereas
at higher concentration,ZIB decreases significantly. It is also
shown that kinetic depolarization underslip boundary conditions
of ionic motion is relevant for the dielectric properties of
aqueous NaCl. A three-state model has been proposed to
describe the dielectric relaxation time of aqueous electrolyte
solutions. The model is able to fitτ(c,ϑ) but requires independent
confirmation. This could be done by determining the precise
band shape of the complex permittivity spectra of concentrated

Figure 7. Experimental dielectric dispersion,ε′(ν) , and loss data,ε′′(ν),
of a 4.643 mol dm-3 NaCl solution in water at 5°C (symbols) and the
spectrum predicted by the three-state model forτ(c) (solid line). Also
indicated are the predicted loss contributions of the free water (τ(0))
and of the water surrounding the cations (τ+) and the anions (τ-). The
broken line represents the Cole-Cole fit to ε̂(ν).

τ-1(c) )
cs - cs

ap

cs
[τ+

-1 - τ-1(0)] +
n-(c)c

cs
[τ-

-1 -

τ-1(0)] + τ-1(0) (20)

τ-1(c) )
cs - cs

ap

cs [τ+
-1 +

nj-

ZIB(Na+,0)
τ-

-1 - τ-1(0)(1 +

nj-

ZIB(Na+,0))] + τ-1(0) (21)

TABLE 2: Relaxation Time of Pure Water, τ(0), Average Coordination Number of the Anion,nj- (Ref 45), Limiting Number of
Water Molecules Irrotationally Bound to Na+, ZIB(Na+,0), and Rate Constantsk ) (τ+

-1 + n-τ-
-1/ZIB(Na+,0)) of Eq 21 of

Aqueous NaCl Solutions as a Function of Temperature,T

ê ) 0 ê ) êslip

ϑ τ(0) nj- ZIB
ê)0(Na+,0) k ZIB

slip(Na+,0) k

5 15.50 0.146( 0.001 0.235( 0.002
20 9.43 0.247( 0.002 0.394( 0.004

6 8.6( 0.2 4.2( 0.3
25 8.15 0.287( 0.002 0.463( 0.004
35 6.34 0.366( 0.004 0.62( 0.01

a Units: ϑ in °C, τ(0) in 10-12 s, k in 1012 s-1. b Data are given for negligible kinetic depolarization,ê ) 0, and for kinetic depolarization under
slip conditions,ê ) êslip.
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electrolytes with improved accuracy over a larger frequency
range than is currently possible in our laboratory.
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