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Gerardo Gómez,1 Michael J. Pikal,2,3 and
Naı́r Rodrı́guez-Hornedo4

Received September 5, 2000; accepted October 3, 2000

Purpose. This study aims to assess the pH changes induced by salt
precipitation during far-from-equilibrium freezing of sodium phos-
phate buffers as a function of buffer composition, under experimental
conditions relevant to pharmaceutical applications—sample volumes
larger than a few microliters, experiencing large degrees of under-
cooling and supersaturation.
Methods. Buffer solutions were prepared by dissolving the monoso-
dium and disodium phosphate salts in the appropriate ratios to obtain
initial buffer concentrations in the range of 8–100 mM and pH values
between 5.7 and 7.4 at 25°C. Temperature and pH were monitored in
situ during cooling to −10°C (at a rate of 0.3 to 0.5°C/min) and for
10–20 min after the sample reached the final temperature. Salt crys-
tallization was confirmed by ion analysis and x-ray powder diffrac-
tion.
Results. Precipitation of Na2HPO4 ? 12H2O caused abrupt pH de-
creases after the onset of ice crystallization, at temperatures between
−0.5 and −4.0°C. Decreasing the initial buffer concentration and/or
initial pH resulted in higher final pH values at −10°C, farther re-
moved from the equilibrium value of 3.6. At an initial pH of 7.4, the
50 and 100 mM buffer solutions reached a pH of 4.2 ± 0.1 at −10°C,
whereas the 8 mM solutions reached a pH of 5.2 ± 0.2. Solutions
having an initial pH of 5.7 and initial buffer concentrations of 8 and
100 mM experienced less pH shifts upon freezing to −10°C, with final
pH values of 5.1 ± 0.1 and 4.7 ± 0.1, respectively.
Conclusions. Precipitation-induced pH shifts are dependent on the
concentrations (activities) of precipitating ions, and are determined
by both initial pH and salt concentration. The ion activity product is
a meaningful parameter when describing salt precipitation in solu-
tions prepared by mixing salts containing precipitating and nonprec-
ipitating ions.
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INTRODUCTION

Solutions of sodium phosphates are commonly used as
buffers in pharmaceutical formulations to be freeze-dried.
However, their use for this purpose is problematic due to the
potentially massive drop in pH that may arise during the

freezing stage of the freeze-drying process caused by the pre-
cipitation of Na2HPO4 ? 12H2O (1–4). The importance of pH
in determining the stability of proteins (5,6), antibiotics (7),
and sugars (8) in frozen and freeze-dried formulations has
been reported. Stability problems during freezing, freeze-
drying, and storage of formulations may be encountered if the
pharmacologically active compound, or one of the excipients
in the formulation, undergoes irreversible inactivation or
chemical degradation at pH values different from the original
pH at which the formulation was prepared.

The pH changes of sodium phosphate buffers during
freezing at close-to-equilibrium conditions have been thor-
oughly studied (1,9). However, it is recognized that during
actual freezing or freeze-drying operations, one does not op-
erate close to equilibrium regarding either nucleation and
initial crystal growth of ice or the nucleation and crystal
growth of solute species (2,10–12). During far-from-
equilibrium freezing, equilibrium behavior will be ap-
proached if the precipitation rate of the solute is fast on the
time scale of cooling, so that the supersaturation levels remain
small and roughly constant during cooling. However, super-
saturation levels will be large when the solute precipitation
rate is slow during cooling. In the latter case, the fraction of
solute crystallized will be less than the equilibrium value.
Thus, although studies carried out near equilibrium do pro-
vide a useful “baseline” set of observations, it is really obser-
vations of the phase behavior of systems far from equilibrium
that are capable of providing generalizations of practical util-
ity. A very important question that remains unanswered is
how do the variables that control salt precipitation regulate
the pH and extent to which buffer salts precipitate during
far-from-equilibrium freezing.

Previous studies to investigate pH changes during freez-
ing and the precipitation phenomena that cause them vary
widely with regard to the variables that influence salt precipi-
tation, specifically salt concentration, cooling rate, tempera-
ture, and solution volume. Van den Berg and Rose (1) inves-
tigated the crystallization-induced pH changes during freez-
ing of 20 mM phosphate buffers at close-to-equilibrium
conditions where both ice and salt crystallize at low under-
cooling and supersaturation. This was achieved by cooling
solutions (125 ml) at a slow rate (less than 2°C/h) and by
seeding with a small amount of the same frozen solution at
temperatures just below the freezing point (DT <1°C). They
report that disodium phosphate dodecahydrate is the least
soluble salt in the sodium phosphate buffer (eutectic tempera-
ture 4 −0.5°C and eutectic concentration 4 0.11 M), and that
it precipitates first at initial pH values greater than 3.6 (at
monosodium to disodium phosphate molar ratios below 3.42/
0.06). Murase et al. (2,3) studied salt precipitation during non-
equilibrium freezing of phosphate solutions, 10 mM and $200
mM, by calorimetry and by electron microscopy. Solution vol-
umes in the range of 2–5 ml were cooled at rates of 0.62°C/min
to −5°C and 103 °C/min to −196°C. Precipitation of
Na2HPO4 ? 12H2O was found to be concentration dependent.
Precipitation of Na2HPO4 ? 12H2O readily occurred at diso-
dium phosphate salt concentrations $200 mM, whereas no
salt precipitation was detected at concentrations #10 mM.
Cavatur and Suryanarayanan (4) identified the crystalline
phases formed during nonequilibium freezing of sodium
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phosphate buffers at concentrations $190 mM, where solu-
tion volumes of 300 ml were cooled at a rate of ∼15°C/min to
−40°C. Precipitation of the monosodium phosphate salt has
not been observed during nonequilibrium freezing (2–4),
even with concentrations as high as 1.42 M (4). So far, salt
precipitation and pH changes in sodium phosphate buffer so-
lutions induced by freezing have been reported either at
close-to-equilibrium conditions in large volumes, or at far-
from-equilibrium conditions in small volumes. The present
study reports changes in pH measured in-situ during far-from-
equilibrium freezing, at conditions similar to those used in
freeze-drying of pharmaceutical products, cooling rates in the
range of 0.3–0.5°C/min, volumes of approximately 25 ml, and
initial buffer concentrations in the range of 8–100 mM.

Knowledge of ion concentrations (activities) and ion
products is instrumental to understanding the influence that
initial buffer composition and pH have on salt precipitation
and pH during freezing of solutions of nonstoichiometric
composition (13–15). The factors that influence the precipi-
tation of Na2HPO4 ? 12H2O will determine the pH of the
unfrozen solution during nonequilibrium freezing of buffer
solutions. These include the ion product, supersaturation, rate
at which supersaturation is created, solubility of
Na2HPO4 ? 12H2O, presence of additives, temperature, and
volume and viscosity of the interstitial solution. The aim of
the research presented here is to explain the effects that un-
dercooling of solutions and initial buffer composition have on
the precipitation-induced pH changes during far-from-
equilibrium freezing of sodium phosphate buffer solutions.
This was achieved by monitoring the pH and temperature of
solutions containing the sodium phosphate buffer during far-
from-equilibrium freezing to −10°C. Crystallization of phos-
phate salts was correlated with pH shifts by calculating the
phosphate speciation corresponding to the measured pH, and
was validated by ion analysis of freeze concentrates and x-ray
diffraction analysis after freeze-drying. The effects that super-
saturation and additive concentration have on salt precipita-
tion and pH will be presented in subsequent publications.

MATERIALS AND METHODS

Materials

Monosodium hydrogen phosphate monohydrate
(NaH2PO4 ? H2O) was obtained from Mallinckrodt (St.
Louis, MO) and disodium hydrogen phosphate (Na2HPO4)
was obtained from J.T. Baker (Phillipsburg, NJ). Both salts
were used without further purification. Deionized water was
used throughout all the experiments. Technical buffers (Ra-
diometer, no. 943-111 and 943-112, Westlake, OH) having pH
values of 4.01 and 7.00 were used for the calibration of the
electrode and pH meter. A low-temperature buffer (Radiom-
eter, No. S 1366) having a pH value of 6.40 at −10°C was used
to verify the calibration at sub-zero temperatures.

Preparation of Buffer Solutions

Buffer solutions were prepared by dissolving the mono-
sodium and disodium phosphate salts in the appropriate ra-
tios to obtain the desired pH values in the range of 5.7 to 7.4
at 25°C and buffer concentrations (CTPi

) between 8 and 100
mM. Table 1 summarizes the initial pH and composition of

buffer solutions. All solutions were filtered through a type
HA filter (Millipore) of 0.45 mm pore size.

Temperature and pH Measurements During Freezing

The buffer solution (25 ml) was placed in a 30-ml beaker
and kept inside a temperature circulator (Lauda, RLS 6-D,
Konigshofen, Germany). A combined electrode (Ingold, Lot
401 57 60, Wilmington, MA) was placed in the center of the
sample and connected to a pH meter (Radiometer, PHM 85,
Westlake, OH) to monitor the electromotive force, EMF. The
ability of this electrode to operate at sub-zero temperatures
relies on two distinctive features: the high electrical conduc-
tivity of its glass membrane (≈10−9 S/cm at 25°C) (16), which
improves the response time at lower temperatures, and the
use of a reference electrolyte containing glycerol (Fryscolyte
“B”™), which allows measurements to −30°C. The presence
of glycerol also reduces the liquid junction poten-
tial, resulting in highly reproducible pH measurements. A
copper-constantan thermocouple (0.02 in. diameter; Omega,
TMQSS-020G-6, Stamford, CT) connected to a digital read-
out (accuracy of 0.2°C; Omega DP-41) was used to monitor
the temperature of the sample. The thermocouple was placed
directly below the pH electrode and in contact with the glass
membrane. Temperature readings from the thermocouple-
indicator were checked with those from the temperature cir-
culator and found to agree within 0.1°C.

The solutions were allowed to equilibrate to 0°C, after
which the temperature of the sample was lowered at a rate of
0.3–0.5°C/min until spontaneous ice nucleation took place.
The circulator temperature was then set to −10°C immedi-
ately following ice nucleation. Throughout the experiment
both the temperature and EMF of the solution were moni-
tored, and the data were automatically collected by a com-
puter (IBM PC XT). A computer program was written to
lower the bath temperature at the desired rate (before ice
nucleation) and to maintain the bath temperature at −10°C
after ice nucleation. Data were collected until about 10 min
after the frozen sample reached −10°C. The pH of the solu-
tion was calculated from the measurements of EMF and tem-
perature (17).

Ion Analysis of Residual and Interstitial Solutions

Freezing proceeded in radial fashion, from the beaker
wall toward the center. Samples of residual and interstitial
solution were removed from the center of the beaker during
freezing and from the interstitial spaces between the ice dur-

Table 1. Initial pH and Composition of Buffer Solutions at 25°C

Solution pH CTP
a (mM)

Ion concentration (mM)

Na+ HPO4
2− H2PO4

−

A 7.4 100 181 81 19
B 7.4 50 88 38 12
C 7.4 20 35 15 5
D 7.4 8 14 6 2
E 6.7 100 148 48 52
F 6.7 8 11 3 5
G 5.7 100 106 6 94
H 5.7 8 8.4 0.3 7.7

a Total phosphate concentration.
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ing warming, respectively. For the residual solution samples,
approximately 0.1 ml was removed with a pipette at 10, 15,
and 22 min after the onset of ice nucleation. This procedure
was carried out on a concentrated buffer (CTPi

4 100 mM)
and a dilute buffer (CTPi

4 8 mM) with initial pH of 7.4 at
25°C. All samples were weighed, diluted, and analyzed for
sodium and total phosphate content by inductively coupled
plasma (Leeman Labs, Plasma III, Hudson, NH).

Interstitial solution samples were obtained after freezing
buffer solutions to −10°C for about 10 min and warming to
temperatures in the range of −3 to −1°C. Samples were re-
moved through a 21-gauge needle that was inserted in the
center of the beaker at the beginning of the experiment.
Throughout the experiment, a positive pressure was main-
tained in the needle to prevent solution freezing inside the
needle. Because of the small volumes of interstitial solution
present in this temperature range, a vacuum pump was used
to withdraw the samples. Small volumes (20–100 ml) were
collected in the hose connecting the needle to the pump. At-
tempts to remove samples from the 8mM buffer solutions
were unsuccessful because of the very small volumes of inter-
stitial solution.

X-ray Powder Diffraction of Freeze-Dried Buffer Solutions

With the objective of identifying the crystalline phases
that form during freeze-drying, freeze-dried sodium phos-
phate buffers were analyzed by X-ray powder diffraction (Si-
emens, D5000 system with Cu-Ka radiation, 50 kV, 40 mA,
New York, New York). Twenty-five milliliters of the appro-
priate buffer solution was freeze-dried in a Virtis (New York,
New York) 25 SRC-X freeze-drier. Shelf temperature was
initially −5°C, and after thermal equilibration with the solu-
tion in the vials, the shelf temperature was lowered to −30°C.
The solutions were undercooled by approximately 15°C. The
shelf temperature was then lowered to −45°C, and freezing
was complete in about 4 h. The temperature of the frozen
solution was maintained between −30 and −35°C for the du-
ration of primary drying (68 h). Secondary drying was done at
30°C and lasted 18 h.

RESULTS

Characterization of Frozen System

The predominant mechanism for the freezing of the
buffer solutions examined in this study is by directional so-
lidification; that is, ice growth takes place from a moving
interface from the walls of the beaker toward the center (18).
Figure 1 shows a typical temperature distribution within the
buffer solution as a function of time. From the beginning of
the experiment at t 4 0 until t 4 22 min, the entire volume
of solution is undercooled. Only the uppermost layer of the
solution which is in contact with air (location no. 4) shows a
2°C temperature lag relative to the rest of the solution. At t 4
22 min ice nucleates uniformly throughout the solution, rais-
ing the temperature of the entire volume to −0.5°C. The re-
lease of the latent heat of crystallization is the limiting factor
for the new ice crystals to grow, and visual inspection shows
that an ice front develops and immediately moves away from
the walls of the beaker. A sudden drop in temperature results
when the front reaches the thermocouple. Freezing is com-

plete when the front reaches location no. 4 at about 25 min
after the onset of ice nucleation. The presence of the pH
electrode in the solution did not affect the evolution of the
moving interface based on results of experiments with and
without the electrode.

To assess the extent of solute rejection by the ice front,
the sodium and total phosphate concentrations were mea-
sured in the residual solution in the center of the beaker after
the onset of ice crystallization, in buffers with an initial pH of
7.4 at 25°C. As shown in Fig. 2, the most dilute buffer solu-
tion, CTPi

4 8 mM (solution D in Table 1), experienced larger

Fig. 1. Temperature distribution in the beaker during nonequilibrium
freezing of sodium phosphate buffer solutions, CTPi 4 100 mM, pHi

7.4 at 25°C. The number on the curve indicates the location of the
thermocouple within the beaker as represented on the side diagram.

Fig. 2. (A) Buffer concentration in the center of the beaker during
nonequilibrium freezing of buffer solutions, CTPi

of 8 mM (s) and
100 mM (d), and initial pH of 7.4 (25°C). (B) Temperature-time
profile in the center of the beaker for the above buffer solutions 8
mM (- - -) and 100 mM (—).
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relative increases in buffer concentration and greater variabil-
ity in these values during freezing than the most concentrated
buffer, CTpi

4 100 mM (solution A in Table 1). A comparison
of these results with those during close-to-equilibrium freez-
ing of a phosphate buffer is presented in Figure 3. The con-
centration of phosphate can increase 150-fold during close-
to-equilibrium freezing of a buffer with CTPi

of 20 mM to
−9.9°C. It is observed that decreasing the initial buffer con-
centration increases the departure from equilibrium behavior,
i.e., CTP for 8 mM is much less than the equilibrium line or the
100 mM data. Even though at −0.5°C the CTP at equilibrium
is 150 mM, CTP values only as high as 17 mM were achieved
during far-from-equilibrium freezing of buffers with CTPi

of 8
mM.
Ion concentrations of interstitial solutions embedded in the
ice matrix (Table 2) show that these experienced a much
larger increase in concentration than residual solutions (Fig.
3), which caused precipitation of Na2HPO4 ? 12H2O and a
decrease in pH. Evidence of this precipitation is shown for a
buffer solution having an initial pH of 7.4 at 25°C and initial
buffer concentration of 100 mM (Table 2). The sodium-to-
total-phosphate molar ratio, CNa/CTP, was calculated from
the ion analysis of the interstitial solution. The pH was then
computed (pHIA) from ionic equilibrium expressions (Eqs.
1–4) coupled to mass and charge balances (Eqs. 5 and 6):

aH+ aH2PO4
− = Ka1

aH3PO4
(1)

aH+ aHPO4
2− = Ka2

aH2PO4
− (2)

aH+ aPO4
3− = Ka3

aHPO4
2− (3)

aH+ aOH− = KW (4)

mH3PO4
+ mH2PO4

− + mHPO4
2− + mPO4

3− = mTP (5)

mH+ + mNa+ = mH2PO4
− + 2mHPO4

2− + 3mPO4
3− + mOH− (6)

where a denotes activity, Ka is the acid dissociation constant,
Kw is the water dissociation constant, m is the concentration
in molality, and mTP is the total phosphate molality. The de-
crease in the values of CNa/CTP and measured pH (pHEMF)
indicate precipitation of Na2HPO4 ? 12H2O. There is good
agreement between the pH values calculated by both meth-
ods: ion analysis and EMF measurements (Table 2), and be-
tween the CTP values during warming and at equilibrium
(Fig. 3).

Water Undercooling and pH During Freezing

The behavior of sodium phosphate buffer solutions hav-
ing an initial pH of 7.4 (25°C) and initial CTP of 100 mM
(solution A) during nonequilibrium freezing is shown in Fig.
4. Initially, the buffer solution cools at the same rate as the
bath until freezing of water occurs. Undercooling of water
ranged from 5 to 12°C and was independent of initial buffer
concentration and initial pH. The latent heat evolved during
ice crystallization warmed the sample to temperatures be-
tween −0.5 and −0.1°C, after which the sample cooled to the
bath temperature of −10°C. Small pH increases of #0.5 units
were observed while solutions supercooled, before ice nucle-
ation occurred. During ice crystallization, as the buffer con-
centration and ionic strength increased, the pH of the unfro-
zen solution decreased by #1 unit. These events were fol-
lowed by a sharp decrease in pH at temperatures between
−0.5 and −4°C, and by pH values at −10°C of at least 3.4 units
lower than the original solution (pH 7.4, 25°C). This large
drop in pH is due to the change in ratio of the dissolved
phosphate salts as a consequence of Na2HPO4 ? 12H2O pre-
cipitation. This was confirmed by measuring ion compositions
of the unfrozen solution and by X-ray powder diffraction of
the freeze-dried buffers. Crystalline NaH2PO4 was not de-
tected. These results show that precipitat ion of
Na2HPO4 ? 12H2O and the resulting pH behavior during
freezing were not significantly affected by the range of water
undercoolings experienced by these solutions.

Initial Buffer Concentration and Initial pH

The initial buffer concentration and initial pH determine
the concentration of ions that participate in the precipitation
of Na2HPO4 ? 12H2O, and thus the supersaturation with re-
spect to this salt. The pH and temperature of buffer solutions
having initial pH values between 7.4 and 5.7 (25°C) were
monitored during freezing. The initial pH and concentrations

Table 2. Interstitial Solution Composition and pH of Sodium Phop-
shate Buffer Having an Initial Buffer Concentration of 100 mM and

Initial pH of 7.4 at 25°C (solution A)

Exp. no. T (°C) CNa/CTP CTP(mM) pHIA
a pHEMF

b

1 −3.0 1.19 539 6.1 5.8
2 −3.0 1.14 681 5.9 5.8
3 −3.0 1.20 609 6.0 5.8

−2.5 1.24 574 6.2 6.0
−1.0 1.36 371 6.5 6.7

4 −2.5 1.19 621 6.0 6.0
−2.5 1.19 628 6.1 6.0
−2.5 1.30 613 6.3 6.0

a pH calculated from ion concentration measurements with induc-
tively coupled plasma.

b pH calculated from EMF measurements with pH electrode.

Fig. 3. Comparison of total phosphate concentration, CTP, during
equilibrium and nonequilibrium freezing of sodium phosphate buff-
ers with initial pH of 7.4 (25°C): equilibrium freezing, after (1), (—);
nonequilibrium freezing, residual solution (- -m- -); and during warm-
ing after nonequilibrium freezing to −10°C for 10 min, interstitial
solution (- -s- -).
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of buffer solutions are shown in Table 1. All solutions were
hypoeutectic. The highest initial concentration of the least
soluble salt, Na2HPO4, at CTPi

4 100 mM and pH 7.4, was 81
mM, which is 26% lower than the binary eutectic composition
of 110 mM. The temperature at which spontaneous nucle-
ation of Na2HPO4 ? 12H2O occurs (Tp) was essentially inde-
pendent of initial buffer concentration for CTPi

$ 20 mM,
with a range of Tp between −0.5 and −0.7°C. With the more
dilute buffer, CTPi

4 8 mM, there was a wider variability in
Tp, with values in the range of −0.5 to −4°C. Because the
nucleation rate of the salt often exhibits an exponential de-
pendence on supersaturation (15,19,20), there is a concentra-
tion threshold below which greater undercoolings and higher
supersaturations during freeze concentration are required for
spontaneous nucleation to occur.

The dependence of pH at −10°C on the initial pH and
initial buffer concentration is summarized in Fig. 5. Decreas-
ing initial pH in the range of 7.4–5.7, while maintaining the
buffer concentration constant, decreases the concentration of
the less soluble salt, Na2HPO4 ? 12H2O, relative to NaH2PO4.
Although lower pH values at −10°C were achieved by the
more concentrated buffer solutions (CTPi

100 mM compared
with 8 mM), the pH upon freezing to −10°C was independent
of initial pH for all conditions studied (solutions A, E, D, F,
and H), except for the 100 mM buffer with initial pH of 5.7
(solution G). Compared with the behavior of 100 mM buffer
solutions at higher initial pH, the pH at −10°C was less acidic
for solutions with an initial pH of 5.7. This corresponds to a

decrease in the fraction of Na2HPO4 ? 12H2O precipitated
when the initial pH is decreased from 6.7 to 5.7.

Ion Activity Product

Under nonequilibrium freezing conditions, the monoso-
dium phosphate rarely crystallizes (2–4), and pH decreases
are a result of the crystallization of Na2HPO4 ? 12H2O. Crys-
tallization of electrolytes can be correlated with the solution
composition and is dependent on the supersaturation with
respect to the constituent ions (13,15,19). The supersaturation
(s) with respect to Na2HPO4 ? 12H2O at any pH is dependent
on the ratio between the ion product (IP) and the solubility
product (Ksp),

s = S IP
Ksp
D1/3

− 1 = S aNa+
2

aHPO4
2− aH2O

12

aNa+,eq
2

aHPO4
2−,eq aH2O,eq

12 D1/3

− 1

In the case of mixed salt systems, such as the buffers used
in these studies, the composition of the solution must be ex-
pressed in terms of ion concentrations or activities and the
supersaturation in terms of ion products. The buffers used in
these studies were prepared by mixing salts containing indif-
ferent ions and precipitating ions: H2PO4

−, Na+ and HPO4
2−

,
where the concentration of the sodium ion is altered by the
salts used to prepare the buffer.

Although initial pH and initial buffer concentration are
useful operational variables, it is difficult to interpret the re-
sults in terms of either variable alone because both variables
are needed to determine ion concentrations and ion activities.
Activities were estimated with the extended Debye-Hückel
equation, and the required parameter values for these calcu-
lations were obtained from Kharaka et al. (21,22). Here, we
focus on values of the ion product, IP. Calculation of super-
saturations during freezing of sodium phosphate buffers will
be presented in a subsequent publication (23).

Figure 6 shows the dependence of the pH at −10°C on

Fig. 4. Effect of water undercooling, DTw, on pH during nonequilib-
rium freezing of sodium phosphate buffer solutions (CTPi 4 100 mM,
pHi 7.4 at 25°C). Ts is the temperature of the solution adjacent to the
electrode and Tb is the temperature of the heat sink (bath) tempera-
ture. (A) DTw 4 4.6°C; (B)DTw 4 9.8°C.

Fig. 5. Effect of initial pH and initial buffer concentration on the pH
of sodium phosphate buffer solutions during nonequilibrium freezing
to −10°C. The letters above the bars refer to the solutions in Table 1.
CTPi

4 8 mM (h), 20 mM ( ), 50 mM ( ), and 100 mM (j). Equi-
librium pH at −10°C, after reference 1, (- - -).
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the initial ion activity product of Na2HPO4 ? 12H2O. IPs are
expressed on a molar basis and the initial water activity in
these solutions was calculated to be between 0.995 and 1.000.
These results reveal that for sodium phosphate buffers with
IPNa2HPO4 ? 12H2O

$ 6.2 ✕ 10−5, the pH at −10°C reached the
most acidic values, 4.1 ± 0.1, within 0.5 ± 0.1 pH units of the
equilibrium value of 3.6. Less acidic pH values at −10°C, 5.2
± 0.1, were obtained in the case of buffers with 1.6 ✕ 10−8

IPNa2HPO4 ? 12H2O
#5.3 ✕ 10−7.

DISCUSSION

On the basis of thermodynamic considerations, all of the
buffer solutions studied were expected to reach a buffer con-
centration of 3.5 M and pH of 3.6 upon freezing to −10°C, if
crystallization of ice and Na2HPO4 ? 12H2O had proceeded to
equilibrium. In seeded systems, under near-equilibrium con-
ditions, the pH and composition of the interstitial solution
would have followed very closely the phase diagram reported
by van den Berg and Rose (1). However, by freezing the
buffer solutions at conditions far from equilibrium, where the
systems experience large undercoolings and supersaturations,
the resulting pH changes are determined by the rate and ex-
tent of crystallization of both ice and Na2HPO4 ? 12H2O.

The events taking place during freezing include the
nucleation process by which solid phases are formed and the
modes by which crystal growth occurs. The driving force for
the crystallization of the solvent and/or the solutes is the un-
dercooling or the supersaturation with respect to the crystal-
lizing phase(s). The rate of crystallization of the solvent will
determine the freezing pattern, the channels or interstitial
solution volume distribution, and the evolution of the solute
concentration in the interstitial solution.

The undercooling of the solution will influence the size
and morphology of the initial ice nuclei (11) which, upon
growth, will eventually influence the size and shape of inter-
stitial solution from which precipitation of Na2HPO4 ? 12H2O
takes place. Thus, in principle, the undercooling of water
could impact the subsequent salt crystallization and pH shifts.

In the present study, small variations in the undercooling (5–
12°C) did not affect salt precipitation. This is because, in the
experiments presented here, ice growth takes place mainly
from an ice-liquid interface (front) advancing through the
sample in a direction opposite to the heat sink, instead of
growing from the initial ice nuclei. The morphology of this
interface will be determined mainly by heat transfer param-
eters such as temperature of the heat sink (dashed line in Fig.
4) and radius of the beaker (24). These two factors remained
constant in all of the experiments. In other words, the pres-
ence of the moving interface will mask any differences in the
morphology of the frozen phase created by the different de-
grees of undercooling. In the absence of a freezing front, the
morphology of the ice crystal network will be determined
mainly by the initial ice nuclei, because they will grow to a
much larger extent during the initial release of latent heat of
crystallization, without being incorporated into a moving in-
terface. In this case, the undercooling may exert an effect on
the subsequent salt crystallization and pH changes.

Evolution of the ice-liquid interface is complex. Ice first
forms on the inside walls of the beaker as needles or dendrites
and further develops into a tree-like pattern with side branch-
ing (25). A concentrated layer will develop in the residual
solution ahead of this irregular interface. Most of the solutes
will be trapped between the ice branches to form the inter-
stitial solution. Some will be rejected by the front toward the
center of the beaker (26), causing an increase in buffer con-
centration (Fig. 2).

Various factors contribute to the precipitation rate of the
salt and the ability to form and maintain supersaturated so-
lutions. These include: solution composition (concentrations
or activities of crystallizing ions, inert ions, or other addi-
tives), solubility of the crystallizing solute, viscosity of the
solution, rate at which supersaturation is created, volume of
unfrozen solution, and temperature.

Changes in the initial buffer concentration affect both
the total ion concentrations and the ion activity products.
These two parameters influence salt precipitation by different
processes. In addition to the intrinsic effect of ion activity
product on supersaturation, the initial total buffer concentra-
tion regulates the rate at which the ions are concentrated in
the unfrozen phase by altering the concentration of ions that
do not participate in the precipitation as well as the fraction of
the water that freezes. Because an increase in the rate of
supersaturation increases the supersaturation at which spon-
taneous nucleation occurs, decreasing the total buffer concen-
tration will increase the tendency of Na2HPO4 ? 12H2O to
remain in a supersaturated solution, leading to smaller ex-
tents of salt precipitation and pH changes.

An important factor contributing to the decreased salt
precipitation with decreasing initial buffer concentration
arises from the larger supersaturations induced by the forma-
tion of smaller and more finely dispersed volumes of intersti-
tial solution during freezing, since there is more water avail-
able for crystallization. Dispersing a solution into discrete
small volumes isolates heterogeneous nuclei within a fraction
of the drops and reduces the probability of an entropy fluc-
tuation of the magnitude necessary to produce a viable
nucleus, making nucleation more difficult (27). Studies on the
nucleation of ice (28) and salts (29) in droplets of aqueous
solutions (diameters <10 mm) dispersed within an emulsion,
show that nucleation occurs after very large undercoolings,

Fig. 6. Effect of initial ion activity product of Na2HPO4 ? 12H2O on
the pH of sodium phosphate buffer solutions upon freezing to −10°C.
Letters (A–H ) refer to solutions in Table 1. Initial pH at 25°C (s),
pH at −10°C (d), and equilibrium pH at −10°C, after reference 1,
(- - -).
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typically 40°C for ice nucleation and 80°C for salt precipita-
tion. Indeed, some solutions and solvents fail to crystallize
and cool to a glassy state. The solution volume at which nucle-
ation rates become insignificant depends on the concentration
of additives (catalytic nucleation sites), the solubility of the
crystallizing solute, and the viscosity of the solution.

Precipitation and solidification in small droplets or liquid
volumes involving emulsions have been studied to identify the
nucleation processes (27), develop purification processes, and
control particle size and morphology (30). The dependence of
phosphate salt precipitation on initial salt concentration dur-
ing nonequilibrium freezing has been studied and explained
by Murase et al. (3) in terms of the volumes of the solution
domains in the freeze-concentrates. Calorimetric and micro-
scopic studies indicate that the fraction of Na2HPO4 ? 12H2O
precipitated during freezing of phosphate solutions began to
decrease with a decrease in the initial buffer concentration
below 500 mM, at approximately 200 mM disodium phos-
phate concentration (2,3), and Na2HPO4 ? 12H2O salt pre-
cipitation was not observed at disodium salt concentrations
below 10 mM. The lower concentration limit for
Na2HPO4 ? 12H2O precipitation was higher than indicated by
our results, i.e., we found that salt precipitation began to de-
crease at initial buffer concentrations below 20 mM, 15 mM
disodium phosphate concentration, and salt precipitation was
still significant at buffer concentrations as low as 8 mM, 0.3
mM disodium phosphate concentration. Samples were cooled
at a rate of 0.62°C/min, similar to the cooling rates used in the
studies presented here, 0.3–0.5°C/min. However, the large dif-
ference in solution volumes used, 2–5 ml (2,3) versus 25 ml,
may explain these differences in behavior, because larger un-
dercoolings and supersaturations are possible in the smaller
volume elements of the dispersed phase. Droplets formed in
the ice matrix decrease in size as the initial solute concentra-
tion decreases. For example, in the case of a disodium phos-
phate solution of initial CTP of 10 mM, more than 90% of the
water must freeze for the unfrozen solution to reach a super-
saturated state, because the binary eutectic concentration is
110 mM (1,9).

The pH behavior during freezing of buffer solutions re-
ported here is explained by the parameters that affect the
kinetics of salt precipitation; specifically, the dependence of
the pH at −10°C on the IP of the precipitating ions, which
determines the supersaturation. The pH values reached at
−10°C show that equilibrium was not achieved during the
times that these systems were maintained at this temperature,
although a greater extent of salt crystallization may occur
with slower cooling rates or longer times at the final tempera-
ture.

The presence of indifferent ions in solution, such as
H2PO4

− may affect the kinetics of precipitation of
Na2HPO4 ? 12H2O. Monosodium dihydrogen phosphate
rarely crystallizes under nonequilibrium freezing conditions
(2–4). At initial pH values #7.4, it is the additive that reaches
the highest freeze concentration in sodium phosphate buffers
due to its high solubility, reaching 3.42 M at the ternary eu-
tectic temperature of −9.9°C (1). Cavatur and Suryanaray-
anan (4) have identified the crystalline phases formed during
freezing of 300 ml sodium phosphate buffers to −40°C at a rate
of ∼15°C/min. Their results show that monosodium dihydro-
gen phosphate above 730 mM reduces the extent of crystal-
lization of Na2HPO4 ? 12H2O during freezing of hypereutec-

tic solutions of disodium hydrogen phosphate (190 mM) to
−40°C. This behavior has been explained by the high freeze
concentrations of sodium dihydrogen phosphate and the re-
sulting high viscosities achieved during freezing of phosphate
buffer solutions. High viscosities reduce diffusivity of ions and
slow nucleation kinetics of Na2HPO4 ? 12H2O. Our results
indicate that the presence of NaH2PO4 at initial concentra-
tions #94 mM (activity #74 mM) does not inhibit the extent
of Na2HPO4 ? 12H2O precipitated at −10°C, even though the
HPO4

2− concentrations are low (6 mM). Examination of the
ion compositions of solutions D and G (Table 1) shows that
increasing the H2PO4

− concentration 47 times (from 2 to 94
mM), while keeping the HPO4

2− concentration constant (6
mM) increases the IPNa2HPO4 ? 12H2O

32 times (from 5.3 ✕ 10−7

to 1.7 ✕ 10−5). Because of the presence of the common ion
(Na+) in the salts used to prepare the buffer solutions, the
concentration of NaH2PO4 cannot be varied independent of
the supersaturation with respect to Na2HPO4 ? 12H2O. Com-
pared to the systems we studied, the buffers studied by Ca-
vatur and Suryanarayanan (4) have much higher concentra-
tions of monosodium phosphate, smaller solution volumes,
and faster rates of cooling to lower temperatures. All of these
factors contribute to delaying the precipitation of
Na2HPO4 ? 12H2O.

Focusing on the molar ratios of phosphate ions while
neglecting other factors that regulate salt nucleation can re-
sult in misleading generalizations regarding precipitation-
induced pH changes during nonequilibrium freezing. For the
reasons mentioned above, there is a wide and conflicting
range of phosphate molar ratios (H2PO4

−/HPO4
2−) reported

to inhibit the precipitation of Na2HPO4 ? 12H2O: inhibited at
ratios $4 (0.73 M/0.19 M) (4) and not inhibited at ratios #57
(3.42 M/0.06 M) (1) nor at ratios #16 (0.094 M/0.006 M) (this
work). Thus, the effects that additives have on salt precipita-
tion and pH during freezing are best analyzed in terms of
parameters that regulate the precipitation rate, IP, which is
related to the supersaturation, and concentration of nonprec-
ipitating ions which determines the structure and viscosity of
the interstitial solution.

CONCLUSIONS

The extent of salt precipitation and pH decreases during
nonequilibrium freezing of sodium phosphate buffers to
−10°C are smaller than those predicted by the equilibrium
behavior. Precipitation-induced pH changes during nonequi-
librium freezing are dependent on the variables that regulate
the kinetics of salt precipitation: (a) supersaturation and so-
lution composition (concentrations or activities of crystalliz-
ing ions, inert ions or other additives); (b) rate at which su-
persaturation is created; and (c) volume of dispersed droplets
of unfrozen solution in the ice matrix.

The effect of solution undercooling on the pH depends
on how fast and uniformly the latent heat of crystallization
from ice nucleation can be removed from the entire solution
volume. Such effects are determined by the combination of
volume (or distance to heat sink) and the degree of under-
cooling. Under the experimental conditions studied, varia-
tions in undercooling in the range of 5–12°C did not affect the
subsequent changes in pH and salt crystallization.

Although initial pH and initial buffer concentration are
useful operational variables, it is difficult to interpret pH-
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induced salt precipitation in only these terms because both
determine ion concentrations, ion activities, and supersatura-
tions. Moreover, precipitation in these systems occurs from
buffer solutions prepared by mixing multiple salts, which lead
to nonstoichiometric solution composition. Analysis of pH
during freezing to −10°C in terms of ion activity products
revealed that (a) pH values at −10°C are weakly dependent
on the IPNa2HPO4 ? 12H2O

, and (b) the presence of NaH2PO4 at
initial concentrations as high as 94 mM does not affect the
extent of Na2HPO4 ? 12H2O precipitated (pH) at –10°C, even
though the HPO4

2−
concentrations were low.

Results of studies of sodium phosphate precipitation
from various laboratories are compared and differences are
explained by considering the cooling rates, solution volumes,
and ion concentrations. Larger undercoolings and higher ion
concentrat ions are required for precipitat ion of
Na2HPO4 ? 12H2O in smaller volumes.

Although the results of this research are limited to tem-
peratures above −10°C, the above generalizations should also
be valid in freeze-drying applications where the final tem-
perature in freezing is often −40°C and freezing times are on
the order of several hours. The pH changes in a freeze-drying
environment will generally be slightly greater because lower
temperatures mean greater supersaturation and longer times
mean more time for crystallization. However, it must be rec-
ognized that as the temperature lowers and freeze concentra-
tion increases, viscosity increases will slow the rate of crystal-
lization. Thus, the magnitude of the pH changes will likely not
differ greatly from those reported in this work unless holding
times in the frozen state are much longer than typical freeze-
drying operations. Finally, it must be emphasized that addi-
tion of other components, i.e., drug and other excipients, may
dramatically alter buffer crystallization and resulting pH
shifts. These effects will be addressed in future reports.
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