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Summary 

Processing of crystalline pharmaceuticals often involves removal of the solvent of 
crystallization. Several cases are documented where removal of solvated alcohol is 
much faster when the sample is simply exposed to ambient humidity than when the 
sample is vacuum-dried. The most dramatic example of this phenomenon occurs 
with the methanolate of cefamandole sodium. Cefamandole sodium may exist in 1 of 
3 crystalline forms givirg different X-ray powder patterns: methanolate, hydrate, or 
anhydrate. This research is a detailed phenomenological study of the kinetics and 
thermodynamics of the desolvation and solvation reactions of cefamandole sodium. 
The effects of water vapor, temperature, sample history, and crystal size are 
experimentally evaluated. The phenomenological generalizations are employed to 
develop a mechanistic interpretation of the data. The methanolate of cefamandole 
sodium exhibits some characteristics of a non-stoichiometric solvate and has a 
solvation enthalpy 3.7 kcal/mol greater than the enthalpy of condensation of the 
solvent. The rate of vacuum demethanolation increases sharply as the crystal size 
decreases; is as much as a factor of 200 slower than demethanolation in the presence 
of water vapor; yields an apparent activation energy equal to the enthalpy of 
reaction; and is apparently limited by mass transfer of the methanol through the low 
permeability anhydrate phase. Demethanolation in the presence of water vapor 
yields a hydrate which, a~ a first approximation, is a non-stoichiometric solvate. 
Dehydration of the hydrate is rapid. The much faster rate of conversion of 
methanolate to hydrate is largely a result of the extensive crystal cracking and 
subsequent reduction of effective crystal size which occurs during the early stages of 
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hydrate formation. However, it also appears that the hydrate phase is more permea- 
ble to methanol than is the anhydrate phase. 

Introduction 

Desolvation reactions are often involved in the processing of crystalline phar- 
maceuticals, and it is frequently necessary to reduce residual solvents to very low 
levels to avoid stability problems and/or toxicity of the solvent. Desolvation is 
commonly accomplished by vacuum-drying, and from our observations may require 
drying times that are both long and quite variable between differenf lots of the same 
product. A particularly curious observation, illustrated by Scheme I, is that in 
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- - - - - - - - - *  X. H20(Crystailine) 

(hours) 

~Vffcuum 
(hours) 

X (Crystalline) 

Scheme I 

several cases, solvated alcohol can be removed much faster by simply exposing a 
sample to ambient humidity than by vacuum-drying. Exposure of the sample to 
roughly 50% relative humidity (R.H.) quickly converts the alcohol solvate to a 
material which, in chemical composition, is a hydrate. The hydrate may then be 
easily converted to the anhydrate (X) by drying in either vacuum or dry air. This 
phenomenon (Scheme I) is observed for 3 cephalosporins: cefamandole sodium 
methanolate, cefamandole nafate methanolate, and the pseudo-ethanol solvate z of 
cefazolin sodium. Cefamandole sodium appears to be the most dramatic demonstra- 
tion of the acceleratory effect of water vapor on demethanolation. Removal of 
methanol ( < 0.2% w/w) by conversion to the hydrate followed by removal of water 
(< 0.2% w/w) requires only about 6 h at 25°C while the corresponding time 
required to form the anhydrate via vacuum-drying (25°C) may exceed 1 month. 

While it is unlikely that the cephalosporins studied in this research are the only 
examples of Scheme I, there appear to be no direct parallels in the literature. 
However. several examples of the acceleratory effect of water vapor on solid state 
endothermic reactions are well documented (Young, 1966). Rates of dehydration of 

Cefazolin sodium forms a hydrate (a-form) which when exposed to ethanol will partially exchange 
water for ethanol. See the experimental section for more detail. 
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inorganic hydrates frequently pass through maxima as the partial pressure of water 
increases. This phenomenon, referred to as the Smith-Topley effect, is attributed to 
the formation of a low permeability amorphous product at low partial pressures of 
water but crystallization to a more permeable crystalline product at higher partial 
pressures. The decomposition of carbonates also proceeds faster in the presence of 
water vapor (Young, 1966), a result interpreted by postulating blockage of product 
CO, adso~tion at active sites by water adsorption, thereby increasing the rate of 
CO 2 removal. 

The primary objective of this research is to present a detailed phenomenological 
study of the kinetics and thermodynamics of the desolvation reactions of cefaman- 
dole sodium, specifically addressing the effects of water vapor, temperature, sample 
history, and crystal size. Secondly, the phenomenological generalizations are used to 
justify a mechanistic interpretation of the data. Progress of the following reactions 
involving cefamandole sodium (NaCM) was studied gravimetrically: 

(A) NaCM. CH3OH(s ) 

(B) NaCM(s) + CH3OH(v ) --, 

(C) NaCM-CH3OH(s ) + n20(v  ) 

(D) NaCM • H20(s) + CH3Oa(v) -,  

(E) NaCM • H20(s) - ,  

NaCM(s) + CH ~OH(v) 

NaCM. CH3OH(s ) 

NaCM. H20(s ) + CH3OH(v ) 

NaCM-CH~OH(s) + HzO(v ) 

NaCM(s) + H20(v ) 

In addition, desorption/absorption isotherms were determined to evaluate the 
equilibrium vapor pressures of both the methanolate and hydrate forms, and 
calorimetric heats of reaction were determined for reactions A. C and E. 

Experimental 

Materials 
Cefamandole sodium methanolate is prepared in the laboratory by slow addition 

of a methanol solution of sodium acetate to a methanol solution of purified 
cefamandole acid. The solution is allowed to stand at room temperature for several 
hours before harvesting the crystals. The resulting c~stals are separated from the 
mother liquor by filtration, washed first with ethanol and then with ether, and 
finally vacuum-dried for several hours at room temperature to remove ether. Lots 
no. 2, 3 and 5 were prepared in this manner. Lots no. 1 and 4 were obtained from 
production so.ale preparations using nominally the same general procedure without 
the ether wash. The resulting crystals were, however, much smaller in size. All 
crystals were stored in sealed tubes at room temperature after equilibration at 25°C 
with methanol vapor at a partial pressure of 10 mm Hg. The bulk samples were 
re-equilibrated with methanol vapor after each sample withdrawal. Microscopic 
examination showed that the crystals retained their initial appearance when stored in 
this manner. 
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Cefamandole nafate methanolate is crystallized by addition of a methanol solu- 
tion of sodium 2-ethyl hexanoate to a methanol solution of cefamandole nafate acid. 
The resulting crystals are separated from mother liquor by filtration, washed with 
isopropyl alcohol, and filtered to yield a wet cake containing the methanolate and 
roughly 50% isopropyl alcohol. Methanol sorption isotherms suggest the crystals 
which first form contain two moles of methanol per mole of cefamandole nafate. 
Evidently, the isopropyl alcohol wash removes at least one mole of methanol easily, 
normally leaving the mole ratio of methanol to cefamandole nafate slightly less than 
1:1. 

The pseudo-ethanol solvate of cefazolin sodium is prepared by exposing the 
a-form crystals, normally referred to as pentahydrate (Pikal et al., 1978), to ethanol 
via a prolonged wash of the crystals with ethanol. The resulting wet cake is then 
vacuum-dried at room temperature for several hours to remove liquid state ethanol. 
The pentahydrate is more properly described as a non-stoichiometric hydrate. 
Evidently, the crystals undergo partial dehydration in the presence of ethanol with 
accompanying substitution of ethanol for some of the water removed. The crystals 
obtained are, therefore, referred to as a pseudo-ethanol solvate. 

Reagent grade methanol, dried over 3A molecular sieve, water for injection 2 and 
nitrogen (99.9%) were used as supplied. The cephalosporin acid and cefazolin 
sodium were obtained as chemical intermediates 2 

Calorimetry / X-ray 
Heats of solution and X-ray diffraction patterns were obtained using previously 

described equipment and procedures (Pikal et al., 1978). 

Microscopic observations 
Microscopic observations of crystals during demethanolation in vacuum were 

made using a high vacuum temperature-controlled microscope stage originally 
designed for observation of freeze-drying (Pikal et al., 1983). In the freeze-drying 
application, cold nitrogen gas is circulated through the device to maintain sub-ambi- 
ent temperature. For the present application, temperature control above ambient 
temperature is accomplished by circulating thermostatically controlled water. 

Kinetic studtes 

Apparatus/procedures 
The mass change resulting from the desolvation, solvation or solvent exchange 

reaction was determined using a high vacuum electronic microbalance .a (Pikal et al., 
1983j with output monitored as a function of time on a strip chart recorder. The 
apparatus used for vacuum demethanolation studies (Fig. 1A) consists of the 
microbalance and thermostats for maintaining the sample at temperature T~ and the 
methanol at temperature ~ .  A small amount of 3A molecular sieve is placed in the 

z Eli l.illv. 

Sartorius Model 4102. 
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methanol to minimize extraneous moisture effects. A sample (100 rag) is placed in a 
1.5 cm diameter quartz bucket (300 mg) forming a powder bed roughly 1.5 mm deep. 
Prior to an experiment, the sample is equilibrated with methanol vapor at a pressure 
fixed by T 2. The system is evacuated with the methanol at liquid nitrogen tempera- 
ture. The pumping system is valved off, and the methanol is brought to temperature 
T,. Transfer of methanol vapor between the T, bath and the sample proceeds umii 
equilibrium is established at which point the sample mass is independent of time. 
The desolvation experiment is started by closing the valve between the sample and 
the methanol and opening the microbalance system to the pumping system. 

An ambient pressure vapor flow apparatus, utilizing the same microbalance, is 
used to study all reactions where nitrogen gas was passed over the ~mple (Fig. 1B). 
Here, the sample (100 rag) is placed in a 1 cm diameter aluminum bucket (30 mg). 
Dry nitrogen at a flow rate of 100 ml- mil l  ~ is passed through a glass frit immersed 
in the adsorbate liquid at temperature T,., through a flowmeter, through a heat 
exchanger to bring the vapor to temperature T~, and finally into the sample chamber 
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(Fig. 1B). For studies with pure nitrogen (desolvations at zero relative humidity), dry 
nitrogen was passed directly into the flowmeter. As with the vacuum studies, the 
sample is equilibrated with the appropriate vapor at the selected vapor pressure 
before an experiment, and after equ:'ibration, the experiment is started by switching 
adsorbate tubes. For example, equilibration with methanol is followed by quickly 
connecting an adsorbate tube containing water at the appropriate temperature to 
initiate the methanol-water exchange reaction. 

In all studies, the fractional extent of the reaction being studied at any given time 
is defined as the mass change at that time divided by the mass change at infinite 
time (equilibrium). Chemical composition and X-ray diffraction patterns were only 
obtained before and after an experiment to verify the nature of the starting material 
and product. Thus, the kinetic data are based solely on gravimetric results. 

Self-cooling 
Due to the heat requirement for desoi,'ation, self-cooling of the sample is a 

potential problem (Anous et al., 1951; Barter, iCJ48). While temperature differences 
within a crystal are negligible (Anous et al., 1951), ~he crystals may be significantly 
lower in temperature than the bath (or thermostat) tet,lperature. Consequently, two 
different experiments were carried out to assess the magnitude of the self-cooling 
effect for vacuum demethanolation. First, the effect of air oressure on the pseudo- 
first-order rate constant for demethanolation at 40.8°C wac examined from 10 ~' 
mm Hg to 470 mm Hg. Using the vacuum apparatus configucation (Fig. 1A) with 
temperature T 2 at 78 K to serve as a sink for methanol, tile air pressure is reduced 
step-wise to allow the rate of mass loss to be evaluated at each pre,~sure studied. The 
basic premise of this experiment is that while in high vacuum, heat lransfer from tile 
thermostat to the sample is only by radiative heat flow. However, :~dditional heat 
transfer mechanisms (conduction and possibly convection) become significant at 
higher pressure. Thus, the degree of self-cooling should be much less at pressures 
greater than several mm Hg (Anous et al., 1951) where tile conduction effect should 
reach its maximum (Pikal et al., 1983). However, at high pressures, the reaction rate 
may be in part, determined by gas phase diffusion of the methanol from the sample 
to the sink ( ~  bath) (Birks and Bradley, 1949). Since the diffusional resistance is 
directly proportional to pressure, one might expect that, at high pressures, the 
reciprocal of the observed rate constant will be a linear function of pressure where 
the zero pressure intercept is the reciprocal of the pseudo-first-order rate constant 
for the desolvalion reaction under conditions of high heat transfer and correspond- 
ingly low self-cooling. 

Experimentally, the reciprocal of the rate constant is linear in pressure at 
pressures above 1 mm Hg, the rate constant itself decreasing by about 25% I~etween 
1 mm Hg and 470 mm Hg. The zero pressure intercept yields an extrapolated rate 
constant which is about 10% (_+4%) higher than the rate constant observed ,qt 1 0 ,  
mm Hg, suggesting a modest but significant self-cooling effect in high vacuun'. With 
an activation energy of 12 kcal /mol ,  the calculated self-cooling effect is 1.5°C 
( + 0.6°C) in w~cuum, assuming the self-cooling effect above 1 mm Hg is negligible. 

The second experiment involves measuring the rate of heat transfer to a sample 
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by suddenly changing the bath temperature and following the sample temperature. 
T, as a function of time, t, by measuring the rate of mass loss as a function of time. 
If a sample originally at T o is placed in a bath of temperature T b. the sample will 
gain (or lose) heat according to the energy balance. 

where Q¢ is the rate of heat gain (or loss) of ihe sample of total heat capacity C 

(~ = C dT 
-d-i" (2) 

Q~ is the heat loss rate by desolvation, 

(~, = na~O" da  
dt (3) 

for n moles of sample where the enthalpy of desolvation is AH ° and a is the 
fractional extent of the reaction, and (~a is the rate of heat transfer to the sample 
from the bath, 

(~B =" k,(Tt- - T) (a) 

where k, is a heat transfer coefficient. Except for long times where the sample is 
close to steady-state, the magnitude of ¢~ is much smaller than the other terms in 
Eqn. 1 and may be neglected. Denoting the temperature difference between bath and 
sample by AT ( = T b - T), Eqns. 1, 2 and 4 may be combined and integrated with the 
boundary condition, aT(t = 0) = ATo = T b - To, to give 

I n ( a T / a T . )  = - ( k , / C ) t  (5) 

Since the rate of desolvation is sensitive to temperature, desolvation rate can serve 
as a sample thermometer. Assuming the usual Arrhenius expression for rate of mass 
loss, m, 

-- A exp( - E*/RT) (6) 

where A is the prcexponential constant. E* is the apparent activation energy, R is 
the gas constant, and T is the sample temperature (K), which is time dependent. 
Therefore, the ratio of temperature differences needed to evaluate the lefthand side 
of Eqn. 5 may be written 

AT ln(~q(cc)/~(t)) T (7) 
aTo = l n ( ~ ( ~ ) / f n ( 0 ) ) " ~ o "  

Here, fa(0) denotes the rate of mass loss before the bath temperature change, rh(ao) 
is the steady-state rate after the temperature change (roughly independent of time). 
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and rh(t) is the strongly time-dependent rate measured while the sample is changing 
temperature. While the rates are experimentally measurable, the sample temperal:ure, 
T, cannot be directly measured. However, the logarithmic term varies by roughly a 
factor of 10 during the experiment while the term T / T  0 changes only by about ~1,2%. 
Further, in heating, T / T  0 > 1, while in cooling, T / T  0 < 1. Thus, defining (AT/AT 0)m 
as the mean of AT/AT 0 data (at a given time) for the heating and cooling modes of 
an experiment between the same two bath temperatures, the effect of the ratio T / T  0 
will mostly cancel and we may write 

AT , ~ o )  ln[gn(oo)/m(t)]  (8) 
, m ~ ln[lh(oo)/ril(O)] 

Since Eqn. 5 applies equally well for the mean temperature difference ratio, 
(AT/ZlT,))m, the lefthand side of Eqn. 5 is determined from experimental mass loss 
data as a function of time via Eqn. 8. 

In the experiment, a 150 mg sample was exposed to the temperatures: 27.2°C, 
64.7°C, 27.2°C; and the rate of mass loss was evaluated as a function of time during 
the experiment. The heat capacity of the system, C (0.10 cal /°C) ,  is assumed to be 
the sum of the heat capacity of the quartz pan (0.06 ca l / °C)  and the heat capacity of 
the sample (0.04 cal /°C).  The data were fit to Eqn. 5 with AT~AT o given by Eqn. 8, 
which yields, with C = 0 . 1  ca l / °C,  k , = 7 . 3 ×  1 0  - 4  ca l . s  -2.  °C -2. Theoretical 
calculation of k, using unit emissivity gives 10.5 × 10 -4 ca l -s  -2 .  ° C - 2  a result in 
excellent agreement with the experimental value. 

At steady-state, the temperature error due to self-cooling may be calculated by 
the relation, (~v =-- QB where 0v  and 0B are given by Eqns. 3 and 4, respectively. At 
40°C, the calculated self-cooling effect is on the order of 0.1°C when desolvating a 
fully solvated sample. This result indicates the self-cooling effect for demethanola- 
tion in vacuum is negligible, a conclusion contrary to the interpretation given the 
pressure dependence studies described e~rlier, where a self-cooling effect on the 
order of 1 °C was estimated. While both experiments are susceptible to systematic 
error, the self-cooling effect estimated from the temperature change experimenE is 
probably less sensitive to such error and, therefore, is perhaps the more reliable 
estimate. However, as a precaution, the experiment designed to measure the ap- 
parent activation energy for demethanolation is carried out at a background air 
pressure of 2 mm Hg to minimize any self-cooling effect. 

The self-cooling effect for a sample in a stream of nitrogen may be estimaled 
using the steady-state approximation, Q,. = 0~  where Q,  and QB are given by Eqns. 
3 and 4, respectively. However, the heat transfer coefficient, k,, now includes heat 
transfer by gas conduction and forced convection (i.e. flowing nitrogen) as well as 
radiation. Due to the smaller size and lower emissivity of the aluminum sample pan 
used in high vacuum studies, the radiative heat transfer coefficient is estimated to be 
about a factor of 5 less. or 1 .5×10  4ca l . s -~ .oC- -~ .  From the dimensions of the 
s,,'stem and tae thermal conductivity of N 2 (Dushman, 1962), the contribt~,tion of gas 
conduction t o  k t is estimated as 3 × 1 0  - 4  cal • s -2 .  °C-2. The contribution of forced 
convection to k, is proportional to the nitrogen flow rate, ~ (I/rain). Using 
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t~andbook data for the specific heat of nitrogen the convective contribution to k, is 
47 × 10- 4 g, cai- s . o C- 1. Thus the estimated value of k, is 9.2 × 10- 4 cal- s- ~ • 
°C-n at 0.1 l/rain. 

For the methanolate to itydrate conversion, the heat of reaction is nearly zero and 
(~v is essentially zero. Thus, we expect no self-cooling for this reaction. Experimen- 
tally, the rate of reaction does not change on reducing the N 2 flow rate from 0.1 to 
0.05 I/min, a result consistent with this conclusion. 

The hydrate to anhydrate reaction is both strongly endothermic (AH----12 
kcal/mol) and rapid (half-life ~ 0.25 h). Here, the self-cooling is estimated as 2.0°C 
for a flow rate of 0.1 l/rain and 2.7°C for a flow rate of 0.05 I/rain. Experimentally. 
the dehydration rate decreases by about 40% on reducing the N 2 flow rate from 0.1 
to 0.05 l /min.  The rate reduction of ~,0fo is larger than expected from the self-ca l- 
ing effect alone and probably reflects, in part, an increase in stagnant gas layer 
thickness at the boundary between the powder and the moving nitrogen. 

Desorption / absorption isotherms 
For a given sample, the desorption isotherm is determined first, followed by 

determine:ion of the absorption isotherm. Using either the high vacuum apparatus 
or the ambient pressure flow apparatus (Fig. 1), the temperature of the T 2 bath is 
varied stepwise to produce stepwise changes in solvent partial pressure. Following a 
step change in partial pressure, the sample mass is recorded as a function of time 
until the mass becomes invarient with time, indicating equilibrium conditions have 
been reached. The absorption/desorption isotherms are calculated from the gravi- 
metric data at equilibrium. Solvent partial pressures are calculated from the ad- 
sorbate temperature using the Antoine equation, with appropriate constants, for 
methanol (Wilhoit and Zwolinski, 1973) and tabulated data for water (Handbook of 
Chemistry and Physics, 1956). 

Results 

Calorimetry / X-ray 
Heats of solution to infinite dilution, AH~', and X-ray powder pattern results are 

summarized in Table 1. The heats of solution for the desolvated forms are identical. 
The X-ray patterns for the 4 samples are classified as 3 distinct patterns: 1 
(methanolate), 11 (hydrate), and III (anhydrate). Pattern differences between 
methanolate and anhydrate are quite pnonounced while the differences between 
hydrate and anhydrate are slight. Thus, both the X-ray data and the heat of solution 
data indicate that the desolvated methanolate and the desolvated hydrate crystals 
are the same polymorph, which we refer to as the anhydrate. 

Desorption / absorption isolherms (Fig. 2) 
In a desorption experiment with a stoichiometric solvate, one expects the solvent 

content to decrease only slightly, due to surface desorption, until the partial pressure 
of the solvent decreases slightly below the equilibrium vapor pressure of the solvated 
crystal, at which point the solvated crystals will be thermodynamically unstable and 
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TABLE 1 

HEATS OF SOLUTION IN WATER FOR CRYSTALLINE FORMS OF CEFAMANDOLE SODIUM 
AT 25°C 

Forra Heat of solution, A ~ s  ° (kcal/mol) X-ray 
pattern 

Met ianolate + 0.16 +0.02 I (methanolate) 
Monohydrate + 0.26 + 0.05 II (hydrate) 

Desolvated methanolate - 1.81 + 0,01 111 (anhydrate) 
Desolvated hydrate - 1.84 + 0.05 111 (anhydrate) 

complete desolvation to the anhydrate will occur without further reduction in partial 
pressure. Conversely, in an absorption experiment, the anhydrate will be thermody- 
namical!y stable at partial pressures below the equilibrium vapor pressure of the 
solvate and will surface adsorb only small quantities of solvent until the solvent 
partial pressure slightly exceeds the vapor pressure of the solvate, whereupon 
complete conversion of anhydrate to solvate will occur. Further increases in solvent 
partial pressure will result in only slight increases in solvent content arising frorn 

1;~- Water, 25°C 

, ,  Desorpl,on ~ - c ~ ' ~ : T y  

1o- " " ~ / ~ ) ' - ~ r ~  Absorution o 9- / / ~ - -  - - ~t)sorp 

o 
°o)  , /1/  . . . . . . .  . , , . 

0 , , ° 8 , 0  , ,  , ,  ,0  LD 
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t t l  
I-" I 0 -  ,< 
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. J  
O 8 -  
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7- 
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.-I  

0 5" 

4 "  

i -  

0 
0 
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Methanol, 4 0 ° C :  

. J  .,-4. 
4 6 8 ,b G ,'4 i~ 

PRESSURE OF CH~OH (v) (mm) 

Fig. 2, Desorption and absorption isotherms for cefamandole sodium. 
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surface adsorption by the solvate crystals. Thus, for a classical stoichiometric 
solvate, the desorption/absorption isotherms are coincident, provided thermody- 
namic equilibrium exists, and the composition vs partial pressure curve closely 
resembles a step function with the discontinuity in composition occurring at the 
equilibrium vapor pressure of the solvate (or dissociation pressure of the solvate. Po 
(Haleblian, 1975: Findlay, 1951)). The step function behavior is a direct result of the 
co-existence of two distinct solid phases (i.e. the solvate and the anhydrate) and the 
vapor phase (Findlay, 1951), 

Although there exist numerous examples of stoichiometric solvates, including 
several cephalosporins (Pfeiffer et ai., 1970), many solvates exhibit desorpfion/ab- 
sorption isotherms which, in shape, closely resemble surface adsorption isotherms 
(Haleblian, 1975). That is, the solvent content of the sofid increases continuously 
from zero ~,s the solvent partial pressure increases from zero with no sharp breaks or 
steps in the curve and no well-defined plateau level in composition. Solvates in this 
class are denoted non-stoichiometric solvates (Halebliaa, 1975; Sousteile et ai.. 1972: 
Barter and Bratt, 1960) and are regarded as a single solid phase where the solvent is 
present as a solid solution in the crystalline solid phase (Haleblian, 1975; Soustelle et 
al., 1973). 

The cefamandole sodium isotherms (Fig. 2) appear to be composites of stoichio- 
metric and non-stoichiometric soivates with the 'water" curve more closely resem- 
bling a classical non-stoichiometric solvate and the "methanol" curve being somewhat 
closer to a stoichiometric solvate. Indeed, it appears that, on desorption, the 
methanolate solid phase is a non-stoichiometric solvate which persists until the 
solvent content decreases to near zero at a partial pressure of about 3.5 nun Hg, 
whereupon a phase change occurs forming the anhydrate. The lack of coincidence in 
"water" desorption and absorption curves could be a consequence of capillary 
condensation but it seems unlikely that capillary condensation could produce the 
difference in desorption and absorption found in the "methanol' curves. A possible 
h~terpretation is that in the absorption curve, below a partial pressure of 8 mm Hg, 
the anhydrate is metastable in the same sense as a supersaturated solution, and 
significant uptake of methanol does not occur until surface adsorption of methanol 
reaches a level sufficient to facilitate crystallization to the methanolate phase. 

Microscopic observations 
Visual observations of demethanolation in vacuum (Fig. 3) at 65°C and the 

methanolate to hydrate reaction at 25°C (Fig. 4) show a time-dependent darkening 
of the crystals (lot no. 5) which presumably represents appearance of a polycrystal- 
line product phase (Byrn, 1976) 4. The reaction appears to o~'iginate at the crystal 
edges and 'defect' locations caused by chips (Fig. 3a, center of crystal on right) or a 
broken end (Fig. 4a, bottom of center crystal). It is significant to note that not all 
crystals react at the same rate. Demethanolation in the crystals on the left in Fig. 3 is 
complete well in advance of the crystal on the right while conversion to hydrate (Fig. 

4 Transmitted light is used to view the samples. The polycrystalline phase reflects the light and renders 
the sample opaque, 
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1 mm 
(a) INITIAL (b) 15 HRS. 

(c 68 HRS. (d) 68 HRS: CRYSTAL 
IN I M M E R S I O N  OIL 

Fig. 3, Microscopic observations: sample exposed t~ vacuum, 65°C, 

4) is much slower for the crystal in the c,+nter of the photograph than for the crystal 
at the top. After compleuon of the reaction, a crystal was placed in immersion oil 
and examined for cracking, which is commonly observed in solid state reactions 
<Kornbtum and Sciarrone, 1964; Prout and Tompkins, 1944). A few large cracks are 
observable in the sample demethanolated in vacuum (Fig. 3c) while extensive 
cracking is observed for the sample converted to the hydrate (Fig. 4c). Other 
observations demonstrate that most of the cracking occurs within the first 1 0  20 
rain of exposure to water vapor. 

Kinetic ~tudtes with cefamandole sodium 
The kinetics of demethanolation in vacuum and the kinetics of the methanolate to 

hydrate conversion are compared for several crystal preparations in Table 2. 
Demethanolation in vacuum is approximately first-order where the half-life is 
directly proportional to the square of the crystal length. However, the methanolate 
to hydrate kinetics follow sigmoid kinetics typical of solid state reactions where the 
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half-life, defined as the time required to reach a fractional extent of reaction { a) of 
is much less sensitive to crystal size. 
The kinetic data obtained for cefamandolc sodium are summarized by Table 3. 

The first column identifies the experiment number. The results given for a ~ven 
experiment number normally represent the mean of at least two independent 
experiments. The temperature (°C) is given by the second column while the c~'stal 
history is listed in the thicd column. A fresh crystal refers ~o a mcthanolate sample 
which had no t  previously been converted either to the hydrate or anhydrat¢. 
term ' f rom methanolate' indicates ~hat the starting material for that reaction (i.e. 
either an anhydrate or hydrate) as prepared from the meth]nelate. The term "from 
hydrate" indicates the sample ha,, been converted to the hydrate at one time and 
therefore, is a highly cracked crystalline material (Fig. 4). The fifth column gives the 
induction period for the reaction, t0, defined by 

d~ 
d-t- > O, t > t o {9) 

j f 
(a) INITIAL (b) 10 MIN. 

1 m m  

w 

(c) 20 MIN. (d) 120 MIN: CRYSTAL 
IN IMMERSION OIL 

Fig. 4, Microsco?ic observations: sample exposed to water vapor: 25°C, 5(i~ r¢lauv¢ humidity, 
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TABLE 2 

E F F E C T  O F  C R Y S T A L  SIZE A N D  R E L A T I V E  H U M I D I T Y  (R.H.) ON D E M E T H A N O I ' A T I O N  

O F  C E F A M A N D O L E  S O D I U M  AT 25°C 

Lot no. Crystal Half-life Type Product crystal 
length (ram) a (h) kinetics cracked? 

R . H . = 0  

methanolate (crystalline) ;. anhydrate (crystalline) 

1 0.3 ~ 5 b I s t / o rde r  - 
2 1.2 27.2 l s t / o r d e r  - 
3 3 190 ~ Slight 
5 3 207 c Slight 

R.  It. = 4 4 %  

methanolate (crystalline) ~ hydrate (crystalline) 

4 0.1 0.91 Sigmoid d No 
2 1.2 0.56 Sigmoid d Yes 
3 3 2.0 Sigmoid d Yes 
5 3 ].58 Sigmoid d Yes 

Crystal habit for all samples is prismatic with the ratio of the long axis (length) to the short axis being 
about 7. The lengths tabulated are approximate average values. 
h Estimated from data at 40°C assuming the effect of temperature for lot no. 1 is the same as for lot no. 2. 
~ Assumed to be first-order. Data collected only to a = 0.06. 
J Asymetric sigmoid a vs t curve with inflection point occurring when a .< 0.5. 

The half life, t~/2, given in column 6 is taken as the time to reach a = ½. The rate, 
d a / d t ,  at time tl/2 is given in the last column. Note that for a first order reaction, 
the product of the rate at tl/2 and the half-life is 0.346. For a sigmoid curve, this 
product is greater than 0.346 while for a reaction of higher order than first (i.e. a 
bi-exponential decay), the product is less than 0.346. 

The effect of water vapor on the kinetics of demethanolation and examples of 
sigmoid kinetics are illustrated by Fig. 5. In vacuum, demethanolation is slow, but in 
the presence of water vapor, loss of methanol with subsequent formation of hydrate 
is very rapid and follows general sigmoid kinetics (Young, 1966). For a symmetrical 
sigmoid curve the rate is a maximum at a = ½. The data (Fig. 5) are describable by 
an asymmetric sigmoid curve where the maximum rate occurs at a < ½. The extent of 
reaction is defined as the mass change at any time, t, divided by the mass change at 
time infinity. During substitution of water for methanol, the mass change is a loss in 
mass, and the negative extents of reaction near time zero (Fig. 5) correspond to a 
measured mass Increase. Evidently, the sample adsorbs water vapor immediately but 
loss of methanol is not immediate. Rather, there is an induction period characterized 
by d a / d t  _<0, and only after the induction period does the transition from 
methanolate to hydrate begin. The induction period is greatly extended as the 
relative humidity is lowered. 
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Examples of first-order dehydration kinetics are shown by Fig. 6. Although there 
may be a very slight induction period due to the time delay in dry nitrogen passing 
through the flow system (Fig. 1) to the sample, the curves are essentially first-order, 
with the reaction rate decreasing with a decrease in temperature. 

The kinetics of forming the methanolate depend strongly upon whether the 

TABLE 3 

SUMMARY OF KINETIC DATA FOR DESOLVATION AND SOLVATION OF CEFAMANDOLE 
SODIUM 

Exp. no. T (°C) Crystal Relative t o (h) tu/2 (h) Rate at 
history (lot no.) humidity (%~ tn/2 (h - I ) 

methanolate - .  anhydrate 

1 25.0 Fresh (2) 0 (vacuum) 0 27.2 0.0147 ~ 
2 40.8 Fresh (2) 0 (vacuum) 0 10.1 0.0297 ~ 
3 54.0 Fresh (2) 0 (vacuum) 0 6.0 0.0564 ~ 
4 65.2 Fresh (2) 0 (vacuum) 0 3.21 0.105 a 
5 40.8 Pre-nucleated w 0 (vacuum) 0 2.0 0.080 

H20  (v) (2) b 

6 40.0 Ground to powder (2) ~ 0 (vacuum) 0 0.50 0.31 
7 25.0 Fresh (5) 0 0 207 d 0.00167 a 
8 25.0 From hydrate (5) 0 0 3.03 0.166 

anhydrate -.b methanolate 
9 25.0 From methanolate (2) 0 e 0 2.5 0.082 

hydrate ( 2 )  0 f - 0 0.55 0.61 ~ 
hydrate (5) 0 r 0 0.25 1.2 a 

10 25.0 From 
11 25.0 From 

methanolate - ,  hydrate 

12 25.0 Fresh 
13 25.0 From 
14 15,0 Fresh 
15 15.0 From 
16 25.0 Fresh 
17 25.0 Fresh 
18 25.0 From 

hydrate ~ methanolat¢ 

19 25.0 From 

hydrate ~ anhydrate 

20 25.0 From 
21 15.0 From 
22 25.0 From 
23 25.0 From 

(2) 44 0.07 0.56 1.42 
hydrate (2) 44 0.07 0.41 1.89 g 
(2) 44 0.17 1.60g 0.42 g 

hydrate (2) 44 0.17 1.25 0.65 g 
(2) 10.3 0.57 1.01 1.26 g 
(5) 44 0.15 1.58 0.50 g 
hydrate (5) 44 0.05 0.78 0.95 s 

methanolate (2) 0 r 0.32 1.36 0.46 

methanolate (2) 0 0 0.25 1.55 ~ 
methanolate (2) 0 0 0.71 0.59 ~ 
methanolate (2) 0 (vacuum) 0 0,008 37 
methanolate (5) 0 0 0.50 0.72 a 

Approximately lst-order. 
b Exposed to 58% relative humidity at 25°C for 12 rain. 

Crystal size = 30/~m ×30 pm. 
a Assumed to be lst-order. Data collected only to a = 0.06. 

Relative vapor pressure of methanol is 0.054. 
f Relative vapor pressure of methanol is 0.079. 

Approximately sigmoid a vs t curve. 
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starting material is the anhydrate or hydrate (Fig. 7). The kinetics for formation of  
methanolate from anhydrate are higher than first-order while the kinetics for 
methanolate formation from hydrate show large negative a values, That is, at early 
times there is significant mass loss before mass gain is finally observable. It appears 
that nearly complete dehydration occurs before uptake of methanol and conversion 
to methanolate begins. Indeed, the a vs time curve for conversion of hydrate to 

Fig.  5. 
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Fig, 5. Effect of water vapor on d e m e t h a n o l a t i o n  k ine t i c s  at 25°C; sigmoid kinetics. (Fresh crystals, Lot 
no. 2.) 

Fig. 6. Kinetics of dehydra t ion  (Lot no. 2). 
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Fig. 7, Kinetics of methanola te  format ion at 25°C (Lot no. 2). 

Ground to powder 

r Is 

1 1 I I I 1 I I I I I 1 1 1 I T ] t 1 t 

10 20 
HOURS 

Fig. 8. Vacuum deme 'hano la t ion  at 40.8°C: effect of sample  history (Lot  no. 2). 
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methanolate can be calculated as the simple sum of dehydration according to the 
kinetics in Fig. 6 and methanolation of the anhydrate according to the kinetics of 
Fig. 7. 

The first-order vacuum demethanolation of fresh crystals is compared in Fig. 8 
with the higher-order kinetics found when the cry. stals are exposed to water vapor to 
cause cracking (Fig. 4)or  when the crystals are ground to a fine powder. The effect 
of increased surface area either by cracking or by grinding, is to significantly 
increase the demethanolation rate, a~ expected from the trends with crystal size 
presented in Table 2. 

Ce/azolin sodium and cefamandole nafate 
The a-form of cefazolin sodium is frequently referred to as a pentahydrate but ~n 

reality is a classical non-stoichiometric hydrate which contains about 5 moles of 
water at high relative humidity. The crystals are prismatic with the ratio of the long 
axis (length) to the short axis being about 10. The mean length is about 0.5 mm. The 
observations regarding removal of ethanol from the pseudo-ethanol solvate of 
cefazolin sodium are illustrated by Scheme II. 

Cefazolin sodium (a)[1.65% Ethanol] 

3 h / 25°(; 3 h 25°C 

I vacuum 60% R.H. 

1.43% ethznol 0.19% ethanol 

Scheme II 

Thus, the rate of solvent removal is roughly 7 times faster in air at 60% relative 
humidity (R.H.) than in vacuum. No cracking is observed in eithi~r vacuum drying or 
in air-drying. 

Desorption isotherm data suggest that the methanolate of cefamandole nafate is 
approximately a stoichiometric solvate. The crystals are of the same shape as 
cefamandole sodium methanolate but are much smaller, the mean length lr .~ing only 
about 0.05 mm. 

The results of several experiments with cefamandole nafate, denoted CN, are 
summr.rized by the following reactions: 

20% 
R.H. 

(F) CN. MeOH 
25°C 

dry air 
(G) CN,  H20 

25°C 

dry air 
(H) CN-MeOH ---, 

25°C 

where the rate of metllanol removal at 20% relative humidity (reaction F) is roughl2y 

C N - H 2 0  (X-ray" methanolate) 

CN (X-ray" anhydrate, 8) 

CN (X-ray" anhydrate, ,$) 
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a factor of 5 faster than the corresponding rate at zero relative humidity (reaction 
H). In the presence of moisture (reaction F), the methanolate converts to a form 
which contains 1 mole of water but retains the methanolate structure. Removal of 
water yields the 8-anhydrate form which has a different X-ray pattern than the 
~,-anhydrate form which is prepared by crystallization from non-aqueous solution 
(Pikal et al., 1978). The heat of solution of the 8-form ( - 2.2 kcal/mole) is also quite 
different from the y-form (1.9 kcal/mole) (Pikai et al., 1978) and indicates the 
6-form is a high-energy anhydrate form. Removal of methanol in vacuum or dry air 
(reaction H) also produces the 8-form. 

Discussion 

Phenomenological 

Nucleation and cracking 
Conventional views of solid state reactions (Byrn, 1976; Carstensen, 1974; Young, 

1966; Kornblum and Sciarrone, 1964; Garner, 1955; Prout and Tompkins, 1944) 
hold that the chemical or physical change under consideration proceeds at reactive 
sites, or reaction nuclei, located at the boundary between two phases. In a system of 
unreacted crystals, the reaction begins at defect sites on the crystal surface, which 
function as the initial reaction nuclei, forming product phase. The boundary between 
product and reactant is itself a high energy region and therefore functions as a 
reaction nucleus resulting in further growth of the product phase. Since the net 
reaction rate is proportional to the area of the product/reactant phase boundary 
and since this area increases as reaction proceeds in the early stages, the reaction rate 
initially increases with time. Frequently crystallization of the product phase results 
in sufficient strain to form cracks which permeate the crystal thus forming fresh 
surface for formation and growth of nuclei. Thus, cracking will further accelerate the 
reaction. As reaction proceeds and the amount of reactant phase decreases, the area 
of the product/reactant phase boundary will eventually decrease toward zero 
causing the reaction rate to decrease toward zero. These phenomena frequently, but 
not necessarily (Carstensen and Pothisiri, 1975), result in sigmoid kinetics. 

The demethanolation of cefamandole sodium appears generally consistent with 
the above principles, the demethanolation in presence of water vapor being nearly a 
classic e;tample complete with sigmoid kinetics. Water vapor adsorbs on the crystal 
surface (Fig. 5), product nuclei form at defect sites (Fig. 4b), spread over the surface 
of the crystal (Fig. 4c):~, numerous cracks form, and the reaction rate increases 
dramatically yielding sigmoid kinetics (Fig. 5) (Table 3, Exp. 17). The induction 
pericd, t~ increases as the temperature d,~creases (Table 3, Exp. 12 vs Exp. 14/ as 
expected (Young, 1966), yielding an activation energy for nucleation of 15 kcal/mol. 
Further, the induction period increases dramatically as the relative humidity is 

• The c:~stal (Fig. 4c) is opaque after 20 mm but the half-life for this lot (no. 5) is 1.58 h (Table 3. Exp. 
17). l'btux, the product phase is, for the most part, confined to the surface at the 20 rain time peritxl, 
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decrease,4 (Fig. 5; "l'able 3, Exp. 12 vs Exp. 16), suggesting that nucleation may be 
mediated b)' the presence of an adsorbed multilayer st:ate of ~vater on the crystal 
surface. 

The r~@~;t dramatic visual difference between demethanolation in vacuum and 
demeth~ac~htion~ in, the presence of water vapor lies in the ttegree of crack formmion 
(Figs. 3¢ a~d ~e). ~amples exposed to water vapor are much more highly cracked 
and ther,ef~re h~tve a much larger effective surf ' :e  area Io support the demethanola- 
tion rea¢li~tt. 

Effect o.lt ~t~,sral surface area 
The ~ffective surface a r~  of the methanolate was varied by control of the 

crystalli,q0ti0rt i~roeedure (Table 2), pre-treatment of a sample by exposure to ~,ater 
vapor (ll'able 3, E~tp. 5; Fig. g), or by grinding (Table 3, Exp. 6; Fig. 8), and by 
complet,e ~oaversicbn to the i',ydrate (producing cracked crystals) followed by refor- 
mation ~f tl~e raethanolate (Table 3, Exps. 8, 13, 15, 111). For each method of 
increasing th~ starface area, the rate of methanolate to atahydrate conversion is found 
to be t~uela I'a~ter for the sample of higher surface area (smaller effective crystal 
size), thee ~0s t  dramatic effect being the comparison belween large fresh crystals of 
lot no. 5 attdl crystals of the same lot which had previously been converted to the 
hydrate,, Here, .t he dernethanolation rate is accelerated Ihy two orders of magnitude 
(Table ~, l~xD. '7 v's Exp. 8). In general, the rate of conversion of methanolate to 
hydrate (i.~, r~¢thz~n01ate in presence of water vapor) increases slightly as the crystal 
size of t;~e starting material decreases 6 (Tables 2 and 34. Since the effective crystal 
size for tlae methantolate to hydrate conversion is determined largely by the cracking 
p h e n o r ~ a ,  th~ very slight dg:..:Mence of reaction rate on size of the starting 
material i~ e~p~cted. 

Methan#ltrte ~ t~nkydrate vs anhydrate ~ methanolate 
Con'aer~ion cff nnetlhartolate to anhydrate is roughly first-order with a half-life of 

27.2 h at 2S°C' ('Table 3, Exp. 1) while the correslJonding reverse reaction of 
anhydrote to ~ethtanolate exhibits higher-order kinetics and is much faster with a 
ha i f - l i f~ ( t i~  to a = ½) of only 2.5 h (Table 3, Exp. 9). Thus, the solvation reaction 
is much faster than the desolvation reaction. Note that the rate of methan01ate 
formati,~ta f ron the anhydrate is much faster for arthydrate prepared from the 
hydrate:(l~zp. 113) than for anhydrate obtained by vacuu n0 demethanolation {Exp. 9), 
a result. ¢q, as~istmat with a higher surface area for highly cracked crystals (Fig. 4d) 
than fo~t crystals obtained by vacuum demethanolation (Fig. 3d). 

Demett~'~#elati~D, oa dehydration 
A cOl~l~tlris~n cff methanolate to anhydrate conversion with hydrate to anhydrate 

conver~i¢~tl is dominated by the difference in surface area if fresh methanolate 
crystal.~ are u~,ed for the comparison. However. if t[he methanolate crystals are 

The haILlife forl,ot r~o. 4. (Table 2) is anomalously long. However. ikis lot did not appear to crack upon 
reacti~,  
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TABLE 4 

APPARENT ACTIVATION ENERGIES AND HEATS OF REACTION: LOT NO. 2 

Reaction A E* (kcal/mol) zl H o (kcal/mol) 

methanolate ~ anhydrate 12.5 + 0.2 a 12.66 
hydrate --, anhydrate 17 b 12.57 
methanolate ~ hydrate 19 + 1.2 c 0.09 

Evaluated from rate data for the same sample (a--- 0.3) at 25°C and 43°C extrapolated to a common 
time point. The pressure was maintained at 2 mm Hg to facilitate heat transfer and thereby minimize the 
self-cooling error. 

From lst-order rate constants (h - l ) :  0.97 (15.0°C), 2.61 (25.0°C). 
" From/~1/2 and tl/2; result independent of origin of data and independent of crystal history within stated 
uncertainty. 

prepared from the same sample used to study the kinetics of dehydration, both 
methanolate and hydrate samples are 'cracked' crystals of the same surface area and 
geometry. Samples of lot no. 5 provide such a comparison (Table 3, Exp. 8 vs Exp. 
23). Dehydration is observed to be about a factor of 5 faster than demethanolation 7 

In a study of desolvation of zeolites (Salvador and Gonzalez, 1976), it was found 
that removal of water was about 20 times faster at 25°C than removal of methanol, a 

result attributed to faster diffusion of the smaller water molecule in the crystal 
lattice. A similar interpretation may be applicable to desolvation of cefamandole 
sodium. 

Demethanolation: anhydrate formation os hydrate formation 
Demethanolation of fresh crystals in vacuum or dry air forming anhydrate is 

much slower than demethanolation in the presence of water vapor forming hydrate. 
However, most of this effect may be attributed to the larger surface area during 
hydrate formation caused by crystal cracking. The effect of crystal cracking may be 
eliminated by comparing the kinetics for the following reaction sequence with the 
same sample: (a) hydrate formation from fresh crystals, t~/2 = 1.58 h (Table 3, Exp. 
17): (b) anhydrate formation using methanolate prepared from the hydrate formed 
in (a), t~/2 = 3.03 h (Table 3, Exp. 8); and (c) hydrate formation using methanolate 
prepared from the product in (b), tl/2 = 0.78 h (Table 3, Exp. 18). Assuming that 
degree of cracking for reaction (b) above is approximated by the mean of that for 
the sample in (a) and (c), the half-life of hydrate formation for a sample comparable 
to the sample in (b) is given by the mean of reactions (a) and (c), or 1.18 h. Thus. 
hydrate formation is about a factor of 2.5 faster than anhydrate formation when the 
starting material is identical in effective surface area. 

Temperature dependence 
The apparent Arrhenius activation energies. A E*, calculated from the data in 

Due t,~ self-cooling effects for the very rapid dehydration, the difference between dehydration and 
dcmethanolation may be slightly larger. 
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Table 3 are compared with the enthalpy change for the corresponding reactions in 
Table 4. The enthalpy changes were evaluated from the heat of solution data (Table 
1) and literature data for heat of solution of methanol in water (Arnett and 
McKelvey, 1966), heat of vaporization of methanol (Wilhoit and Zwolinski, 1973) 
and heat o~" vaporization of water (Handbook of Chemistry and Physics, 1956). The 
activation energy for the hydrate to anhydrate reaction may be slightly higher than 
that of the value given in Table 4 due to self-cooling effects. 

While the activation energies for dehydration and methanolate to hydrate conver- 
sion are significantly higher than the enthalpy of reaction, the apparent activation 
energy and enthalpy of reaction are essentially identical for the methanolate to 
anhydrate reaction. The concept of activation energy requires the activation energy 
to be significantly greater than the enthalpy of reaction if formation of the activated 
state is the rate-determining step for conversion of ,he methanolate phase to the 
anhydrate phase. Thus, the data (Table 4) indicate that the phase change itself 
(methanolate---, anhydrate) is not rate limiting, at least for the large fresh crystals 
used to evaluate the apparent activation energy. Rather, it appears that perhaps 
demethanolation of large crystals in vacuum is limited by mass transfer of methanol 
vapor through the anhydrate phase. 

Mechanistic 

Time dependence and mechanistic information 
Although the analysis of the time dependence of the extent of reaction is a 

powerful metl od for developing mechanistic information on reactions in solution or 
the gas phase, such methodology is far less informative when applied to reactions in 
solids. Non-uniformity of crystal size and defects in a powder sample, alteration of 
crystal size and shape during the reaction by cracking, and the possibility of 
different reaction rates for the different crystal faces (Byrn, 1976) are all complicat- 
ing factors not adequately accounted for in the usual mathematical models (Carsten- 
sen, 1974) for solid state reactions. Even for crystals of uniform and well-defined 
geometry, a solid state mechanism involving nucleation and growth of product 
nuclei can lead to kinetics ranging from sigmoid to first-order (Carstensen and 
Potlfisiri, 1975). 

The kinetics of vacuum demethanolation over the entire a (extent of reaction) 
range are best described by first-order kinetics, although the contracting sphere or 
contracting cylinder models (Carstensen, 1974) fit nearly as well, and the data from 

= 0.15 to ,~ = 0.9 are fit extremely well by the contracting c)iinder diffusion model 
(Jander equation) (Carstensen, 1974). The methanolat¢ to hydrate reaction yields 
kinetics best described by a modified Prout-Tompkins (Carstensen, 1974; Prout and 
Tompkins, 1944) model ~, but a model based on water adsorption followed by 
first-order demethanolation kinetics after an induction period fits the data nearly as 
well. Thus, mechanistic interpretations resulting from analysis of the time depen- 

s The Prout-Tompkins model was modified by removing the usual assumption that the initial number of 
nucleation sites is negligible and by allowing for mass changes resulting from water adsorption. 
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dence of a are ambiguous. However, some mechanistic information may be revealed 
by an analysis of the phenomenological trends in the data discussed in the preceding 
section within the framework of a general theoretical model. 

A theoretical model for mass transfer-limited desolvation 
The proposed model involves rapid equilibrium between solvate and anhydrate at 

the boundary between the two phases where the equilibrium vapor pressure of the 
solvate is P0. The rate-determining step is vapor flow through the anhydrate phase 
by means of either Knudsen flow or surface diffusion. With Knudsen flow, the 
resistance to mass transport arises from diffuse scattering of the gas molecules from 
a solid surface and depends on temperature only through the square-root of absolute 
temperature (Barrer, 1948, 1963). The solid surface refers to the 'pore  walls' of the 
micropores in the polycrystalline anhydrate phase. Surface diffusion (Barrer, 1948, 
1963) refers to a mass transport mechanism where  the gas molecule moves by 
discrete translational ' jumps'  between adsorption sites on the pore walls and is an 
activated process in the sense that the temperature dependence of the mass transfer 
coefficient is described by the Arrhenius relationship. 

The model assumes a sharp boundary between solvated and desolvated phase 
where the partial pressure of the solvent decreases linearly from P0 at the boundary 
to zero at the crystal surface. Since the only time dependence in the model is in the 
movement of the boundary, Fick's first law may be used to describe the flux, J 
(mol /cm 2. s), 

~c 
J = - D ~ x  x (10) 

where c is the concentration of gas in the anhydrate phase, and D is the mass 
transfer coefficient. Assuming ideal gas behavior and a constant pressure gradient 
gives 

3c cPCj 
3x - RTx (11) 

where c is the void volume fraction in the anhydrate phas,., R is the gas constant, T 
is the absolute temperature, and x is the thickness of the desolvated region at time t. 
If n o and n represent the number of moles of solvent in the crystal at time zero and 
lime t, respectively, the fractional extent of reaction, a, is given by the ratio, n / n  0. 
Thus, the molar flux, J, is given by 

no d a  dx 
J =  A(x) dx dt (12) 

where A(x) is the area of the solvate/anhydrate reaction boundary which, in general, 
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is a function of the thickness of the anhydrate phase, x. Combination of Eqns. 10-12 
yields 

dx DEPo [ A ( x ) d x ]  (13) 
x- dt = R---T- noda 

Since the differential change in reacted volume, dv, is equal to both A(x)dx and 
v0da, where v 0 is the crystal volume, the term in Eqn. 13 enclosed by brackets is 
simply, l /c0 ,  where c 0 is the initial molar concentration of solvent in the crystal. 
Thus, integration of Eqn. 13 yields the time dependence of x. 

, 2DcPo 
x - =  Co R------~ t ( la)  

Eqn. 14 applies to any regular crystal geometry (i.e. slab, cylinder, sphere) but the 
functional relationship between extent of reaction and x, a(x), depends on the 
crystal geometry. For a slab of thickness 2a, a (x)=  x/a ,  but for spherical and 
cylindrical geometry the relationship is more complex (Carstensen, 1974). In general, 
taking 'a '  to represent the value of x when the desolvation is complete, and 
introducing the definition, z = (x/a)  2 allows the time required for 50% completion of 
the reaction, t~/2, and the reaction rate at tl/2, ti~/2, to be expressed in general form, 

coRT a 2 
tl/2 = KI 2cD Po (15) 

2cD Po (16) 
&1/2 = K2 coRT a2 

where K 1 and K 2 are numerical constants, specific to the crystal geometry, repre- 
senting the values of z and (da/dz) ,  respectively, at ~t = ½. The parameter, a, is a 
crystal size parameter whose precise meaning depends on the geometry of the 
reaction interface. For a slab, a is the half-thickness while for a cylinder reacting 
radially, a is the radius of the cylindrical crystal. The value of the product, &1/2" t l/2, 
depends on the reaction geometry alone and is 0.31 for spherical geometry, 0.25 for 
slab geometry, and 0.21 for cylindrical geometry. 

The apparent activation energy, A E*, is determined by differentiation of Eqn. 16 
with respect to temperature and for Knudsen flow where D c~ T-1/2 (Dushman, 
1962), is 

AE* = AH ° - ½RT (Knudsen Flow) (17) 

while if vapor ffow involves activated surface diffusion with activation energy E~, 
the result is 

AE* = AH ° -- RT + E~ (surface diffusion) (18) 
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In both Eqns. 17 and 18, AH ° is the enthalpy of reaction arising from the 
temperature dependence of P0. 

Interpretation of observations 
The crystal size effect noted for vacuum demethanolation is found experimentally 

to be approximately an inverse proportion between reaction rate and square of 
crystal size, in agreement with the theoretical result (Eqn. 16). 

The experimental result for vacuum demethanolation, AH ° -  AE*, is also in 
agreement with the mass transfer theory, provided the mass flow mechanism is 
Knudsen flow (Eqn. 17), since RT is small (0.6 kcal/mol). 

In terms of the theory, dehydration is limited by activated surface diffusion of 
water through the anhydrate phase (i.e. AE* > AH°). This conclusion is suspect, 
however, since dehydration in vacuun is much faster than dehydration in dry air 
(Table 3, Exp. 20 vs Exp. 22), suggesting that dehydration is limited by gas phase 
diffusion within the void space between crystals--which is not an activated diffusion 
process (Dushman, 1962). The interpretation of this anomaly is not immediately 
obvious. 

For crystals of the same size and geometry, the desolvation rate is proportional to 
the product of the mass transfer coefficient, D, and the equilibrium vapor pressure 
of the solvate, P0 (Eqn. 10). Assuming that P0 may be taken as the mean pressure 
during the desolvation portion 9 of the desorption isotherm (Fig. 2), and using the 
enthalpy of demethanolation (Table 4) to extrapolate the methanol data to 25°C, the 
values of P0 are 2.06 mm Hg for the methanolate and 2.5 mm Hg for the hydrate. 
These P0 values and the rate data for desolvation of cracked crystals (Table 3, Exp. 8 
and Exp. 23) may then be used to calculate the ratio, DH,o/DcH~OH = 3.6. If both 
dehydration and demethanolation rates were limited by gas phase diffusion in the 
void space between crystals, this ratio would represent the ratio of diffusion 
constants of water and methanol in air, which may be estimated from kinetic theory 
(Dushman, 1962) as 1.33. Thus, it does not appear that both desolvation rates are 
limited by diffusion of the vapors in air. The experimental ratio (3.6) does appear to 
be consistent with the speculation that demethanolation is limited by Knudsen flow 
while dehydration proceeds mainly by surface diffusion. 

Since mass transfer during formation of methanolate from anhydrate proceeds 
through the methanolate structure, size exclusion of methanol from the anhydrate is 
not a factor. Consistent with the partial non-stoichiometric character of the 
rnethanolate solvate and tile relatively small enthalpy of solvation (only 3.7 kcal/mole 
greater than the enthalpy of condensation for methanol), one might postulate a 
significant degree of freedom of translational motion for the solvated methanol. 
Thus, rapid diffusion of methanol through the methanol solvate might be expected 
which, of course, is consistent with the relatively rapid rate of formation of 
metha~aolate from the anhydrate. 

The conversion of methanolate to hydrate is faster than conversion of methano- 

'J The desolvation portion of the isotherm is the portion of the desorption isotherm where the solvent 
content decreases sharply with decreasing pressure. 
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late to anhydrate even when data on crystals of the same surface area (effective size) 
are compared. Qualitatively, the same observation is valid for the methanolate of 
cefamandole nafate and the pseudo-ethanolate of cefazolin sodium. Since for both 
reactions, the alcohol must be transported through the microcrystalline product 
phase, it appears that the hydrate phase is more permeable to alcohol than is the 
anhydrate phase. Perhaps the presence of water maintains the open solvent channels 
or cavities characteristic of the solvated crystal such that interdiffusion of water and 
alcohol is possible, and mass transfer can proceed at a rapid rate through the crystal 
structure. Indeed, as suggested by the sigmoid kinetics, hydrate formation may not 
be limited by mass transfer but may be limited by the rate of the phase change itself, 
a speculation consistent with rapid interdiffusion. 

Process implications 
In vacuum desolvation, the rate of solvent removal is very sensitive to crystal size, 

prior exposure to water, and crystal defects arising from sample handling. Thus, the 
reproducibility of a production desolvation process via vacuum-drying may be 
subject to significant lot-to-lot variation. For large crystals having characteristically 
long desolvation times, the reproducibility problem would be most acute. In such 
cases, fluid bed-drying would offer an attractive alternative. Removal of alcohol 
could be accomplished quickly and reproducibility by passing humidified air through 
the sample yielding the hydrate. Dehumidified air could then be used to quickly 
dehydrate the sample. Alternately, large crystals could be milled to reduce crystal 
size., thereby increasing the desolvation rate in a vacuum-drying process. 

Conclusions 

The rate of vacuum demethanolation of cefamandole sodium is limited by mass 
transfer of the methanol through the low permeability, polycrystalline anhydrate 
phase. The rate increases sharply as the crystal size of the methanolate decreases. 
The much faster rate of conversion of methanolate to hydrate is mostly a result of 
the extensive crystal cracking and subsequent increase of surface area, which occurs 
during the early stages of hydrate fox. lation, However, it also appears that the 
hydrate phase is more permeable to alcohol than is the anhydrate phase. 
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