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Volatile acidic solutes were used to make dilute solutions, which were frozen by various methods. The
concentration of solutes and the pH of the samples were measured before and after being frozen. When the
sample solution is frozen from the bottom to the top, solutes are concentrated into the unfrozen solution (i.e.,
the upper part of the sample) due to the freeze concentration effect. Thereafter, concentrated anions combine
with protons to form acids, and the amount of acids in the unfrozen solution increase as the ice formation
progresses. At the end of freezing, the acid is saturated at the ice surface, and if the formed acid is volatile,
then evaporation occurs. Frozen solutions were allowed to stand below 0 °C, where evaporation rates were
obtained in the following order: formate > acetate > propionate > n-butyrate > chloride . nitrate. Except
for nitrate, evaporation rates were enough to take place in frozen water of the natural environment (e.g., ice
crystal, graupel, snow crystal, and frozen droplets). The relationship between the evaporation rate of volatile
acids and their physical properties demonstrate that the evaporation rates of weak acids are faster than those
of strong acids, and the evaporation rates among weak acids are the same as the volatility of weak acids.

Introduction

Freezing is commonly used to preserve substances in solution
because their compositions are believed not to change in a
freezing process. The main reasons for which chemical reactions
are inhibited in a solid phase is that collisions of molecules are
heavily suppressed. Some chemical reactions, however, are
known to accelerate in partially frozen aqueous solutions.1–19

Some possible mechanisms for acceleration by freezing have
been summarized in the literature.9,20 Fennema reported that the
freeze-concentration effect, the concentration of solutes caused
by exclusion from the tight bonding network of ice crystals, is
considered to be the most important.9 Our previous study also
suggested that the acceleration of the oxidative reaction rate
from nitrite to nitrate by freezing is induced by a rapid
confinement of reactants in a small pocket between ice crystals.14

On the other hand, several reports have explained that a
change in composition of some solutes during a freezing process
was the result of electrochemical reactions, caused by the
freezing potential, an electrical potential generating at the
interface between aqueous solution and ice due to charge
separation of ions in the two different phases. Lodge et al.
reported that the chloride ion concentration decreased when a
dilute sodium chloride aqueous solution was frozen and then
thawed.21 They explained that this decrease is associated with
the freezing potential. Finnegan et al. also reported that decreases
of various solutes including chloride ion associated with
electrochemical reactions are attributable to the freezing po-
tential.12 However, there are many uncertain points in their
suggesting electrochemical reactions. For example, most prod-
ucts of the reactions were not determined. In our previous study,
the contribution of electrochemical reactions, induced by
freezing, toward a change in composition was found to be
negligible if such reactions actually occur.14 Moreover, Lodge

et al.’s reported change in chloride ion concentration21 has not
been sufficiently explained.

Due to electrical imbalance in ice grown from an electrolyte
solution, the pH of the unfrozen solution was reported to
significantly change.19,22 If an unfrozen solution deviates from
its acid-base equilibrium state, a fraction of undissociated
volatile acid in the unfrozen solution may escape to the gas
phase. This study has demonstrated the freeze-concentration
effect of solutes, the decrease in the concentration of solutes in
a frozen-thawed sample due to the deviation of acid-base
equilibrium state, and evaporation into the gas phase when a
dilute aqueous solution was frozen by various methods.
Furthermore, the respective decreasing rates of the following
substances are discussed after the samples, doped with either
chloride, nitrate, formate, acetate, propionate, or n-butyrate, were
frozen and allowed to stand in a freezer. Nitrite is a compound
that probably escapes from the surface of ice, but nitrite reacts
rapidly with dissolved oxygen during a freezing process.14

Therefore, it is hard to quantitatively evaluate the decreasing
rate.

Finally, the possibility and implications of evaporative loss
of volatile acids in the environment is discussed. Freezing is
an ordinary occurrence in the environment that contributes
significantly to various precipitation processes.23,24 Recent
studies demonstrate the quasi-liquid layer, which forms between
ice and the gas phase, plays an important role on chemical
behaviors in the atmosphere.25 Taking into account its signifi-
cance in the environment, it should be noted that the change in
chemical composition of an aqueous solution in the freezing
process may affect chemical compositions of a suite of
substances, such as rain, fog, and snow.

Experimental Section

Experimental Procedure. A dilute acidic solution (typical
concentrations of solutes were 100 µM) of sodium chloride,
sodium nitrate, sodium formate, sodium acetate, sodium pro-
pionate, or sodium n-butyrate was frozen by various methods.
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After the samples were completely frozen, some samples were
thawed immediately. Other samples stood in a freezer at -6
°C to investigate a change in concentration with time. After
the frozen samples were completely thawed, concentrations of
solutes in the samples were measured. In the case of gas-phase
measurements, substances evaporating from the frozen sample
were collected by dissolving them into an alkaline solution. The
number of moles of each ion contained in the frozen-thawed
sample was compared to that in the original solution. When
the concentrations of ions in ice and solution were analyzed
separately, the solution part, which was open to the gas phase,
was separated by removing it with a syringe, and then the
remaining frozen part was thawed. Reproducibility could be
confirmed by three repetitive experimental runs, and time
profiles of ion concentrations in unfrozen solution, ice, and gas
phase were attained by a set of different experimental runs. pH
measurements for some of the ice or solution samples were
carried out at room temperature. Ice samples were completely
thawed prior to the pH measurement.

All reagent grade chemicals were obtained from Wako Pure
Chemical Industries, Ltd., Osaka, Japan and used without further
purification. Purified nitrogen gas (purity g 99.9999%), which
was used for collecting the evaporating substances, was obtained
from Taiyo Nippon Sanso. Aqueous solutions were prepared
with ultra pure water (Simpli Lab-UV; Japan Millipore Co.,
Tokyo, Japan; resistivity g 18.2 MΩ cm). The pH of solutions
was adjusted with sulfuric acid prior to freezing.

Inorganic anions were determined by an IC-7000-type ion
chromatographic analyzer (Yokogawa Analytical Systems, Inc.,
Tokyo, Japan; eluent solution, 1 mM NaHCO3 and 2.5 mM
Na2CO3; flow rate, 1 cm3 min-1) with an ICS-A23 column.
Organic anions were determined by an IC-7000E-type ion
chromatographic analyzer (Yokogawa Analytical Systems, Inc.;
eluent solution, 1 mM H2SO4; flow rate, 1 cm3 min-1) with a
CHA-E11 column. Sodium ions were determined by flame
photometry (208 atomic absorption spectrophotometer, Hitachi,
Ltd., Tokyo, Japan), and the pH of a sample solution was
measured with a pH meter (CP-1 digital desktop pH meter, COS,
Ltd., Kyoto, Japan; and SE-1700GC glass electrode, Fuji
Chemical Measurement Co., Ltd., Tokyo, Japan), which was
calibrated with pH 7 and 4 buffer solutions.

Freezing Methods. A sample solution was frozen by one of
the following five methods. The basic idea of these methods is
explained in detail in our previous work.14 Only the special
usage for this study is described below.

(i) Freezing from the surroundings: A 15 cm3 volume of a
sample solution was put in a Pyrex test tube, and the tube was
immersed in a coolant. In this method, the sample was frozen
from the surroundings to the center, and the interface of the
sample and the gas phase was frozen before the whole sample
was frozen. The sample was completely frozen within ap-
proximately 30 min.

(ii) Freezing from the bottom: A 15 cm3 volume of a sample
solution was put in a glass vessel of which the inner diameter
and height were 35 mm and 72 mm, respectively. To prevent
supercooling, the bottom of the vessel (5 mm height) was first
immersed in liquid nitrogen for 15 s, and a thin ice film was
formed before the freezing experiments. Subsequently, the
bottom of the vessel was immersed in a coolant (-6 °C). The
sample was frozen from the bottom to the top, and the interface
of the sample and the gas phase was finally frozen within
approximately 80 min.

(iii) Freezing from the bottom used for mass balance
confirmation: This manner of freezing was the same as method

ii. To investigate the amount of evaporated gas, the experimental
setup shown in Figure 1 was employed. Purified nitrogen gas
was introduced into the vessel, and the evaporated gas was
flushed and then trapped into an alkaline solution. Concentra-
tions of the substances trapped in the absorbent were analyzed
at several hour intervals, and the evaporation amount from the
sample was monitored.

(iv) Freezing from the bottom at a constant freezing speed:
The freezing rate was not well-controlled in method (ii). To
control the freezing rate, the sample was frozen using the
apparatus shown in Figure 2. This apparatus consisted of three
parts: the upper warmer zone, the middle window zone, and
the lower colder zone. The temperature of the warmer zone was
adjusted above the freezing point, and the colder zone was
adjusted below the freezing point. Before the freezing experi-
ment, 15 cm3 of the sample solution was put in a Pyrex test
tube of which the inner diameter and height were 15 mm and
180 mm, respectively. Then the bottom of the test tube was
immersed in liquid nitrogen for 15 s. The test tube was moved

Figure 1. Experimental setup for freezing method (iii). The temperature
of the coolant was adjusted to -6 °C, and the thermostatic bath was
adjusted to 4 °C. The flow rate of the suction pump was 200 cm3 min-1.

Figure 2. Freezing apparatus for freezing method (iv). The temperature
of the warmer water was adjusted to 5 °C, and the colder coolant was
adjusted to -5 or -10 °C. The flow rate of the suction pump was 200
cm3 min-1.
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down slowly at a constant rate (4.5-6.25 mm/h) with a
microfeeder in order to freeze the sample from the bottom. When
freezing was carried out in this way, the interface of the ice
and the solution appeared in the middle window zone. The
freezing rate was the same as the transfer rate of the microfeeder.
The gas-phase measurement apparatus was the same as that in
method iii.

(v) Freezing in vessels having various bottom areas: A 15
cm3 volume of the sample solution was put in glass beakers
with bottoms that varied in area (5.68-92.6 cm2), and the
bottoms of these beakers (several millimeters thickness) were
buried outdoors in the ground. The outdoor temperature ranged
from -3.2 to -8.5 °C during these experiments. The entire
sample was completely frozen in approximately 120 min after
the beakers were left outside, which were then kept outside for
13 h.

In freezing methods (i), (ii), and (v), an aluminum foil was
used to cover the mouth of the vessel in order to prevent external
contaminations. However, the mouth was not tightly sealed, and
thus the experimental system was possibly open to the gas phase.

Results and Discussion

Freeze-Concentration Effect and Evaporation Mechanism
of Volatile Solutes. To investigate the freeze-concentration
effect, 100.0 µM sodium acetate solution was frozen by method
(iv), and time variations of acetate concentration in ice and
unfrozen solution were measured. The results are shown in
Figure 3. The fitting curves shown hereinafter were depicted
by smooth fitting. Since the ice formed was polycrystalline,
small amounts of acetates were confined into grain boundaries
and thus detected in the ice. On the other hand, the majority of
acetates were excluded from the ice and concentrated in the
unfrozen solution, where the concentration of acetates in the
unfrozen solution increased with the progression of ice forma-
tion. When 90% of the sample was frozen, acetate ions were
concentrated by approximately 4 times compared to the initial
concentration. In method (iv), the concentration of acetate in
the unfrozen solution could not be measured just before the
sample was completely frozen. However, the results of Figure
3 clearly demonstrate that acetates were concentrated at the
surface of the sample (i.e., the acetate concentration at the
surface is expected to be very high).

The respective pH values of the ice and the solution parts
were also measured. Figure 4 shows time variations of the pH
of the ice and the solution parts. The pH of the solution dropped
below the initial value. When the sodium acetate solution was
frozen, both acetate and sodium ions were concentrated into
the unfrozen solution due to the freeze-concentration effect. In
this experimental system, sulfuric acid was used for pH
adjustment, and sulfates were also concentrated into the unfrozen
solution. The distribution coefficients of acetate and sulfate ions
in ice are both lower than that of sodium ions.26 Therefore, the
negative potential should generate in the unfrozen solution. This
generated freezing potential is then neutralized by the movement
of highly mobile protons from the ice to the unfrozen solution,
and the pH of the unfrozen part of the solution eventually drops
below the initial value. This result supports recent findings by
Robinson et al. that showed that the preferential segregation of
anions to the unfrozen solution of ice matrices will lower the
pH of the unfrozen solution after temperature equilibration and
charge neutralization.22 Because of deviation from the equilib-
rium state of acetic acid, it is assumed that the concentrated
acetates combine with the migrated protons to form CH3COOH
and that the undissociated acetic acid in the unfrozen solution
will increase as the ice formation progresses. At the end of the
freezing, the undissociated acetic acid will be saturated at the
surface.

If the freezing temperature is below the eutectic temperature
of the CH3COONa-H2SO4-H2O system, all components in the
frozen sample should solidify. In this case, evaporation of
substances induced by supersaturation in the frozen solution
should not occur. The eutectic point of the CH3COOH-H2O
system is -27 °C, and that of the H2SO4-H2O system is -73
°C.27,28 Those temperatures are much lower than the freezing
temperature (-6 °C). The eutectic points of the binary systems
of CH3COONa-H2O and Na2SO4-H2O and the ternary system
of CH3COONa-H2SO4-H2O are not available but are also
expected to be much lower than -6 °C. Consequently,
solidification in the eutectic system might not give a significant
effect on this experimental system. On the other hand, Boxe et
al. reported the presence of subeutectic microscopic solutions
during pure desorption experiments at temperatures as low as
-30 °C for ice samples containing micromolar amounts of
NaNO3 (Teutectic ) -18 °C)29 and also reported gases had been

Figure 3. Changes in acetate concentration in the ice and unfrozen
solution versus the progression of ice formation using the freezing
method (iv): b, ice; O, unfrozen solution. Additional conditions:
[CH3COONa]0, 100.0 µM; pH0, 4.25; sample volume, 15.0 cm3. The
broken line indicates the initial concentration. Weight percent (%) of
ice ) weight of the frozen part (g)/weight of the entire bulk sample
(g).

Figure 4. Changes in the pH of ice and unfrozen solution with the
progression of ice formation using freezing method (iv): b, ice; O,
unfrozen solution. Additional conditions: [CH3COONa]0, 100.0 µM;
pH0, 4.25; sample volume, 15.0 cm3. The pH measurements were carried
out at room temperature. The broken line indicates the initial pH. Weight
percent (%) of ice ) weight of the frozen part (g)/weight of the entire
bulk sample (g).
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detected below the eutectic temperature.29–31 Further investiga-
tion below the eutectic points will be necessary.

The number of moles of acetate ion in the ice, unfrozen
solution, and the gas phase can be calculated from the solute
concentrations shown in Figure 3 and weights of ice, solution,
and alkaline solution. Figure 5 shows time variations of the
number of moles of acetate ion in freezing method (iv). The
total amount of acetate in the ice and in the unfrozen solution
decreased, whereas that in the gas phase increased as the ice
formation progressed. When the whole sample was completely
frozen, the decrease in the number of moles of acetate in the
sample was 234 nmol, and that of acetate detected in the gas
phase was 171 nmol. The mass balance of acetate was not good.
Since the acetate concentration in the second alkaline trap which
was set behind the first trap in some cases was below the
detection limit (0.1 nmol), all evaporated acetates introduced
into the alkaline trap could be collected. The most probable
reason of this mass balance discrepancy is lost in the transfer
tube which was connected into the alkaline trap (Figure 2). On
the basis of the results from Figure 3 and Figure 5, it is assumed
that acetate was concentrated into the surface of the ice and
that the formed CH3COOH evaporated into the gas phase when
the sample had been frozen from the bottom.

The manner of the freeze concentration will be strongly
affected by the manner of ice formation based on the result of
Figure 3. To investigate how a particular method of freezing
affects the composition of a sample solution, 100 µM sodium
acetate or sodium chloride solution was frozen using methods
(i) and (ii) and then thawed immediately thereafter. As shown
in Table 1, when both samples were frozen from the surround-
ings (method (i)), acetates or chlorides were concentrated in
the center of the sample and confined there; thus, they were
difficult to escape into the gas phase. Consequently, a substantial
change of acetate or chloride ion concentration was not observed
after the sample was frozen and then thawed. On the other hand,
when both samples were frozen from the bottom (method (ii)),
acetates or chlorides were concentrated into the ice surface, and
the formed CH3COOH or HCl could evaporate from the surface
to the gas phase. Therefore, the concentrations of acetate and
chloride in the frozen-thawed samples decreased. Comparison
of the pH values of unfrozen sample (i.e., the initial pH of the
solution prior to freezing) and the frozen-thawed sample are
also shown in Table 1. In the case of freezing from the bottom,

the concentrations of anions decreased, and the pH of the sample
increased after freezing. On the other hand, in the case of
freezing from the surroundings, no changes in the concentrations
of anions and the pH value were observed. These results show
that CH3COOH or HCl, which is formed by bonding acid
constituents and protons, evaporates into the gas phase, and thus
the concentrations of acid constituent and proton decrease
simultaneously. As a result, the pH of the sample increases due
to the eventual evaporation of the acids.

In the case of chloride, the electrochemical reaction by the
freezing potential, that is,

2Cl-+ 2H+fCl2 v +H2v (1)

was reported.12,21 The value of the freezing potential is reported
to be -90 to +214 V.26 Such a high electrochemical potential
seems to be sufficient to allow most reactions to occur. However,
we previously noted that the amounts of the products produced
by the electrochemical reaction depend on a consumed electric
current, where the current obtained in the freezing process is
dominated by the number of ions separated into the bulk ice
and unfrozen solution.14 To achieve an efficient reaction, the
separated ions must react efficiently without relaxation by
another process, such as neutralization by transfer of protons.
Furthermore, the freezing potential is created by the freezing
process, rather than a frozen sample.26 In addition, there are
some ambiguous points in the reported electrochemical reactions
due to freezing. For example, the products detected in the
electrochemical reaction could not be clearly defined.12 Fur-
thermore, when 100 µM sodium chloride solution was kept in
a container which is the same type as Lodge et al. used21 for
24 h, 7.2% of chloride was adsorbed on the surface of the copper
plate. In our experiments, after thawing, the increase in pH of
the frozen sample and the decrease in the concentration of
chloride were primarily caused by the evaporation of volatile
acid, such as hydrochloric acid from the ice surface, and not
by the electrochemical reaction.

The results shown in Table 1 demonstrate the other important
feature. The loss amounts of acetates and chloride decreased
with increasing the initial pH. At lower pH region (pH < pKa),
weak acids such as acetic acid mainly exist as neutral com-
pounds. As pH value increases, the weak acids will dissociate
into ions, and the amount of the undissociated acids in the
sample will decrease. If an alkaline solution is frozen, all of
the acids will dissociate, and the evaporation cannot occur. In
the case of the strong acids such as hydrochloric acid, the weaker
dependence of the pH value on the amount of loss of solutes
was observed. In this case, most of the solutes exist as

Figure 5. Changes in the number of moles of acetate in ice, unfrozen
solution, and gas phase with the progress of ice formation in freezing
method (iv): b, ice; 2, ice + unfrozen solution; 0, gas phase. Additional
conditions:[CH3COONa]0, 100.0 µM; pH0, 4.25; sample volume, 15.0
cm3. The broken line indicates the initial number of moles of acetate
in the sample. Weight percent (%) of ice ) weight of the frozen part
(g)/weight of the entire bulk sample (g).

TABLE 1: Comparison of the Concentrations of Anions
after Freezing and the pH Values between Freezing Methods
(i) and (ii)a

anion
freezing
method

concentrations after
freezing (µM) initial pH

pH after
freezing

acetate (i) 98.1 3.00 3.00
100.7 4.75 4.75
101.3 5.35 5.35

(ii) 87.8 3.00 3.00
95.0 4.75 4.81

chloride (i) 100.7 3.50 3.50
(ii) 91.9 4.00 4.12

93.7 4.25 4.39
94.5 4.50 4.60
97.2 4.75 4.88

a Initial CH3COONa or NaCl concentration was 100.0 µM.
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dissociated ions in an acidic condition. Therefore, other factors
(e.g., the interaction of solute and H2O) may affect the amount
of evaporation. Chemical analysis of cloudwater collected by
aircraft over the Japan Sea and the northwestern Pacific Ocean
demonstrated that pH of cloudwater was within the range of
3.8-5.0.32 The result of Table 1 demonstrates that a decrease
in solute concentration is likely to take place in the pH region
of cloudwater.

Evaporation Rate from the Ice Surface. The sodium acetate
solution was frozen by method (ii) and allowed to stand at a
constant temperature at -6 °C. The time profile of the ion
concentration change was investigated. Figure 6 shows the time
variation of the acetate concentration change when 100.0 µM
sodium acetate solution was frozen and allowed to stand at -6
°C. As mentioned above, when a sodium acetate solution is
frozen from the bottom, most acetates are concentrated on the
ice surface in which acetic acid forms. This figure demonstrates
that the concentration of acetate decreased with the preserving
time in a freezer. The decrease of acetate concentration obeyed
first-order kinetics with respect to acetate concentration in the
bulk sample. The rate constant of the first-order decay was 8.38
× 10-3 h-1. This figure also demonstrates the time profile for
the unfrozen solution that stood at 5 °C showed no change in
acetate concentration. Therefore, the decrease at -6 °C was
not due to microorganisms or to evaporation from the solution.
Furthermore, it is apparent that the decrease from the frozen
sample was much more than that in the course of the freezing
process.

As mentioned previously, the quasi-liquid layer plays an
important role on chemical behaviors in the atmospheric
environment. Bluhm et al. investigated the relationship between
the thickness of the quasi-liquid layer and the temperature of
pure ice.33 The temperature of ice was higher; the quasi-liquid
layer was thicker. The quasi-liquid layer was not observed below
-25 °C. Therefore, the freezing temperature may affect the
amount of undissociated acids on the ice surface. We carried
out the following experiment; 100.0 µM sodium acetate solution
was frozen by method (ii), and then the frozen sample was
allowed to stand at various temperatures (-1, -3, -5, -7, -9,
-11, -13, and -15 °C) for 24 h. At higher than -3 °C, the
loss of acetates was only slight (<2.0 µM), while the loss of
acetates was more in the range of 4.0-6.0 µM from -5 to -15
°C. At higher ice temperature, the volume of the quasi-liquid

layer is larger, and thus the amount of undissociated acid to
the gas phase would be small. Although similar experiments
below -15 °C were not carried out, evaporation of volatile acids
will be hard to occur at low temperature because the quasi-
liquid layer does not exist at pure ice temperatures below -25
°C.

In addition to the above observation, the amount evaporated
to the gas phase was also measured using method iii. Figure 7
shows the time profile of the amount of the acetate detected in
the gas phase. This result demonstrates that the amount of
evaporated acetate increased sigmoidally with the standing time.
Although there is an inconsistency between the decrease pattern
in acetate concentration and the increase pattern in the evapora-
tion amount, the amount of acetate detected in the gas phase
was 226.0 nmol for 48 h, which was almost the same amount
of acetate decreased from the sample (220.8 nmol). This result
also supports the idea that the acetic acid formed on the ice
surface will gradually evaporate to the gas phase.

For other organic acids such as formic, propionic, and
n-butyric acids and inorganic acids such as hydrochloric and
nitric acids, the same experiments as those for acetate were
carried out. From those experiments, first-order decay profiles
in solute concentration similar to that for acetate were observed.
Figure 8 shows the time profiles of each anion concentration
change when a sodium formate, sodium propionate, sodium
n-butyrate, sodium chloride, or sodium nitrate solution was
frozen by method (ii) and allowed to stand at a constant
temperature (-6 °C). The first-order rate constants for formate,
propionate, n-butyrate, and chloride concentrations were 2.13
× 10-2, 5.20 × 10-3, 2.67 × 10-3, and 1.47 × 10-3 h-1,
respectively. No loss was observed for nitrate in this particular
experiment. The fact that almost the same profiles among the
investigated substances were obtained implies that the evapora-
tion mechanisms of the other acidic substances are the same as
that of acetate, namely, the concentrated anion combines with
the proton to form acid such as formic acid, propionic acid,
n-butyric acid, or hydrochloric acid. The amounts of undisso-
ciated acid in the unfrozen solution increase with the progression
of ice formation. At the end of each freezing period, the
undissociated acid is saturated at the ice surface. Thereafter,
acids will begin to evaporate if the acid formed is volatile.

If the acid formed at the surface of the frozen sample is
volatile, the ratio of surface area to sample volume may affect
the decrease of a solute from the frozen sample. A constant

Figure 6. Time profile of acetate concentration in frozen sample and
unfrozen solution: b, frozen sample (-6 °C); O, unfrozen solution (5
°C). Additional conditions: [CH3COONa]0, 100.0 µM; pH0, 4.00;
sample volume, 15.0 cm3. Samples were frozen by freezing method ii
and allowed to stand in a freezer (-6 °C). Time zero is defined as the
time when the whole sample was completely frozen. Error bars show
the highest and the lowest values (n ) 3).

Figure 7. Time profile of the amount of acetate evaporated:
[CH3COONa]0, 100.0 µM; pH0, 4.00; sample volume, 15.0 cm3. The
samples were frozen by freezing method (iii) and allowed to stand in
a freezer (-6 °C). Time zero is defined as the time when the whole
sample was completely frozen.
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volume (15 cm3) of sodium acetate solution was frozen by
method v, and the effect of the ratio of the surface area to the
sample volume was investigated. The results are shown in Figure
9. The loss of acetate increased linearly with increasing the
surface area. Kawamura and Mackey reported dependence of
evaporation rate on liquid surface area in an opened system.34

The evaporation rate was estimated by available physicochem-
ical properties and expressed by the following equation.

E)AKm(MwPv) ⁄ (RT) (2)

where E, A, Km, Mw, Pv, R, and T denote evaporation rate, liquid
surface area, mass-transfer coefficient of solutes, molecular weight
of solute, vapor pressure of solute, the gas constant, and ambient
temperature, respectively. There is a limitation with respect to the
mass-transfer coefficient of solutes because movement of solute
in the frozen sample was suppressed. Therefore, in consideration
of the eq 2, the surface area is assumed to be the determinant of
the evaporation rate. These results also support the idea that the
volatile acid will evaporate from the ice surface.

In method (v), the bottom part of a glass beaker was placed
inside the ground, and thus the bottom was cooled faster than the
sample solution. Therefore, it is confirmed that the sample was

first frozen from the surroundings of the sample and then the surface
of the sample was frozen finally. That is to say, the manner of
freezing in method (v) is similar to that in methods (ii)-(iv).
Therefore, solutes are expected to evaporate in freezing method
(v). This manner of freezing often happens in nature.23 During
immersed freezing nucleation, a small droplet is cooled by the
cooling air around it, which is followed by rising in an updraft. If
an ice nucleus is inside the droplet, ice can form around the
embedded ice embryos. This contribution to the chemical composi-
tions of actual clouds and precipitation has not been quantified for
the moment. However, in view of the manner of freezing in nature,
evaporation from the ice surface will cause the decrease in the
concentration of some volatile anion species.

From the obtained results, each evaporation rate constant for
various solutes can be calculated, and the residence times of solutes
in a small spherical piece of ice can be estimated. The calculated
results are summarized in Table 2. It takes 2-40 min to lose 10%
of the investigated anion species from a spherical piece of ice with
a diameter of 10 µm. The diameters of fog and cloud droplets were
reported to be in the range of several micrometers to a few tens of
micrometers.23,38 It takes several hours for rain or fog to form and
precipitate on the ground.23 Judging from the results in Table 2,
the evaporation rates of the investigated volatile acids are enough
to take place in the natural environment (e.g., ice crystal, graupel,
snow crystal, and frozen droplets).

Some physical constants of the acids are also shown in Table
2. Among these substances, the evaporation rate was found as the
following order: formate > acetate > propionate > n-butyrate >
chloride . nitrate. It is well-known that solubilities of any solutes
in ice are much lower than those in liquid water. This is due to the
difficulty of incorporating the solute into the structured ice lattice
compared to water, and thus anions are expected to attract
neighboring protons to form undissociated acid, and the formed
acid evaporates. Therefore, the evaporation must be dominated
mainly by low acid dissociation constants (such as weak acids)
and secondarily by boiling points or vapor pressures. Considering
the physical constants of the acids, the difference in the evaporation
rates of solutes between forming a strong acid and a weak acid is
most likely due to the differences in the acid dissociation constants,
and the differences in the evaporation rates among weak acids are
probably due to differences in their vapor pressures. No nitrate
loss was observed in our study. It is assumed that this observation
is attributable to the large Henry’s law constant of nitrate compared
to that of chloride. Many researches reported that nitrate in ice
undergoes photolysis and conversion into NO and NO2 in labora-
tory studies.29–31,39,40 Therefore, the escape of nitrate from ice is
dominantly due to photolysis compared with the evaporation
induced by the freeze-concentration effect.

Each above-mentioned physical constants will relate the
volatility of solutes. Other factors, such as affinity of the acids
and H2O, may be also related because enough energy to exceed
the hydration force is required to evaporate to the gas phase.
The following discussion deals with the standard enthalpy of
formation of a hydrated ion when acid gas (HA) was dissolved
in water. The hydration of acid gas can be explained as follows:

HA(g)+ aqfH+(aq)+A-(aq) (3)

If 1 mol of the acid is dissolved in water at 105 Pa and 25 °C,
the standard enthalpy of formation of hydrated ion can be
calculated in the equation below:

∆Hm,f°[H+(aq)+A-(aq)])∆H°+∆Hm,f°[HA(g)] (4)

where ∆H° and ∆Hm,f° denote the enthalpy of solution and the
standard enthalpy of formation, respectively. We can obtain the

Figure 8. Time profiles of respective acid constituent concentrations
in frozen samples: b, formate; 0, acetate;[, propionate; 4, n-butyrate;
×, chloride; +, nitrate. Each sample solution was frozen by freezing
method (ii) and allowed to stand in a freezer (-6 °C). Each initial
solute concentration was 100.0 µM, with pH0 4.00 and sample volume
of 15.0 cm3. Time zero is defined as the time when the whole sample
was completely frozen.

Figure 9. Change in acetate ion concentration in the course of freezing
with various surface areas: [CH3COONa]0, 100.0 µM; pH0, 4.00; sample
volume, 15.0 cm3; outdoor temperature, -3.2 to -8.5 °C. Samples
were frozen outdoors for 13 h. Error bars show the highest and the
lowest values (n ) 3).
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standard enthalpy of formation of a hydrated ion using the data
of the enthalpy of solution and the standard enthalpy of the
formation of the respective acid gas.27 The standard enthalpies
of the formation of hydrated formate, hydrated acetate, hydrated
chloride, and hydrated nitrate are -425.43, -278.95, -167.16,
and -168.30 kJ mol-1, respectively. The hydrated organic acid
anion has a larger energy potential than the hydrated inorganic
acid anion, and thus the organic acid gas is expected to evaporate
more readily than inorganic gas. Although many of the behaviors
of solutes in ice have not been clarified yet, the above discussion
suggests that the standard enthalpy of formation of hydrated
solutes would affect the amount of solutes evaporated.

Conclusions

This study elucidates that the evaporative loss of volatile
substances from ice surfaces is mainly attributable to the freeze-
concentration effect. A particular manner of freezing affects the
evaporation amount from a frozen sample. When the surface
of a sample is finally frozen, both solutes and protons are
concentrated into the unfrozen upper part due to the freeze-
concentration effect. As the ice formation progresses, a con-
centrated anion combines with a proton to form an acid. At the
end of freezing, depending on the freezing method used, the
acid is saturated at the ice surface, and if the acid formed is
volatile, it evaporates. This observation does not apply to an
alkaline solution because all the formed acids dissociate.

When a sample solution was frozen using the above-
mentioned method and stood in a freezer, solutes gradually
escape from the frozen sample. The decrease of acetate
concentration obeyed first-order kinetics with respect to acetate
concentration in the bulk sample. Respective evaporation rates
of various volatile solutes from the ice surface were examined.
It takes 2-40 min to lose 10% of the investigated anion species
from a spherical piece of ice with a diameter of 10 µm. These
results suggest that the evaporation of solutes is expected to
also take place in the natural environment. Some physical
properties (e.g., state a few of the physical properties) of the
volatile acids were found to affect the evaporation rate. The
difference in evaporation rates of solutes between forming a
strong acid and a weak acid is most likely due to the differences
in the acid dissociation constants, namely, the amounts of the
undissociated volatile acids at the ice surface. The difference
in the evaporation rates among weak acids are probably due to
differences in their vapor pressures that correspond to volatility
of the acids. The obtained data demonstrated that the evaporation
rate is dominated mainly by the acid dissociation constants and
secondarily by vapor pressures.

It has been demonstrated that constituents in polar ice cores
may change due to migration in the interstitial liquid that
separate grain boundaries or molecular diffusion of trapped gas

in ice cores41,42 or even slightly change due to photochemistry
shown by McCabe et al.43 These observations must be taken
into consideration to derive the earth’s paleoatmosphere from
polar ice cores. In addition to these observations, the observed
aging effect of ice as shown in this study has a significant impact
for ice core samples stored for long periods of time.
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