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Artigo

Apparent thermodynamic functions, Gibbs energy, enthalpy and entropy of solution and mixing, for methocarbamol in ethanol + water

mixtures, were evaluated from solubility data determined at temperatures from 293.15 K to 313.15 K and from calorimetric values

of drug fusion. The drug solubility was greatest in the mixtures with 0.70 or 0.80 mass fraction of ethanol and lowest in neat water

across all temperatures studied. Non-linear enthalpy-entropy compensation was found for the dissolution processes. Accordingly,

solution enthalpy drives the respective processes in almost all the solvent systems analyzed.
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INTRODUCTION

Methocarbamol (MTC, Figure 1, 2-hydroxy-3-(2-methoxypheno-
Xy) propyl carbamate, molar mass 241.24 g mol!, CAS: 532-03-6) is
a centrally acting muscle relaxant drug widely used in therapeutics.
This drug is sometimes combined with acetaminophen or aspirin to
treat some painful muscle episodes.' It is commercially available as
tablets and in injectable forms.” The aqueous solubility of this drug is
almost 25 g dm.? For several reasons, physicochemical information
on the solubility and dissolution rate of active ingredients is very
important from a pharmaceutical point of view.*
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Figure 1. Molecular structure of methocarbamo

With this in mind, the present work studied the thermodynamic
aspects of the solubility of MTC in cosolvent mixtures of ethanol and
water, as has been carried out by our research group for several anal-
gesic drugs such as acetaminophen, ibuprofen, naproxen, ketoprofen,
meloxicam, and indomethacin.’ It is well known that ethanol is the
cosolvent most widely used in liquid medicine design, especially
those intended for peroral and parenteral administration.® Several
examples of pharmaceutical formulations using these cosolvents
have been presented by Rubino.” It is noteworthy that this cosolvent
also has antimicrobial properties.®

As previously described, the solubility behavior of drugs in
cosolvent mixtures is very important because cosolvent blends are
frequently used in purification methods, preformulation studies, and
pharmaceutical dosage form design, among other applications.”®
Therefore, it is important to systematically determine the solubi-
lity of pharmaceutical compounds in a wide variety of solvents,
particularly in the alcoholic aqueous solvents, because they are
widely employed in the development of pharmaceutical products.
In addition, the temperature dependence of solubility allows us to
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carry out thermodynamic analysis which, on the other hand, also
provides insights into the molecular mechanisms involved in the
solution processes.’

The main goal of the present work was to present more complete
and systematic information about the thermodynamic properties of
dissolution in alcoholic media, and transfer between cosolvent mix-
tures of different polarity, for this drug. The solubility equilibrium
was determined at several temperatures in the neat solvents and in
the binary cosolvent mixtures and subsequently the respective disso-
lution thermodynamic analysis was performed using the van’t Hoff
and Gibbs equations. Moreover, by using the values obtained for the
MTC fusion process, the contribution of the mixing-process to the
overall drug dissolution process was also analyzed.

EXPERIMENTAL
Reagents and materials

The methocarbamol, absolute ethanol A. R. (Merck, Germany),
and distilled water with conductivity < 2 uS cm’', used in this
research met the respective quality requirements of the American
Pharmacopeia, USP;” where molecular sieve (Merck, numbers 3
and 4) and Millipore Corp. Swinnex®-13 filter units were also used.

Solvent mixture preparation

All ethanol + water solvent mixtures were prepared by mass, using
an Ohaus Pioneer TM PA214 analytical balance with a sensitivity
of + 0.1 mg, in quantities of 50.00 g. The mass fractions of ethanol
(Wgop) Of the nine binary mixtures prepared varied by 0.10 from 0.10
to 0.90 to cover all the rank of compositions.

Solubility determinations

The procedures followed here were similar to those used earlier
for studying other drugs;® briefly, an excess of MTC was added to
approximately 10 g of each cosolvent mixture or neat solvent, in
stoppered dark glass flasks. Solid-liquid mixtures were placed with
stirring in a thermostatic mechanical shaker (Julabo SW23) kept at
303.15, 308.15, or 313.15 (+ 0.05) K for at least 7 days or placed in
re-circulating thermostatic baths (Neslab RTE 10 Digital One Thermo
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Electron Company) kept at 293.15 or 298.15 (+ 0.05) K with sporadic
manual stirring for at least 7 days to reach the saturation equilibrium.
After this period, the supernatant solutions were filtered to ensure they
were free of particulate matter before sampling. MTC concentrations
were determined by mass balance upon weighing a specified quantity
of the respective saturated solution and allowing solvent evaporation
up to constant mass. Equilibrium time was established by measuring
the MTC concentrations until becoming constant. All the solubility
experiments were run at least in triplicate. In order to determine
the equivalence between mole fraction and molarity concentration
scales, the density of the saturated solutions was determined with a
digital density meter (DMA 45 Anton Paar) connected to the same
recirculating thermostatic baths.

Calorimetric study

Melting point and enthalpy of fusion of MTC were determined
by DSC studies (DSC 823E Mettler Toledo). Thermal analyses were
performed at a heating rate of 10 K min"! under a dynamic nitrogen
atmosphere (60 cm® min'). Approximately 1.5 mg of drug was used.
The equipment was calibrated using Indium as the standard.'

RESULTS AND DISCUSSION

In order to propose possible intermolecular interactions, it is
important to point out that this drug could act in solution as Lewis
acid (-OH and -NH, groups) and Lewis base (-OH, -O—, and >C=0
groups) to establish hydrogen bonds with proton-acceptor or donor
functional groups present in the solvents (-OH groups).*

Ideal and experimental solubility of MTC

Table 1 shows the experimental solubilities of MTC expressed
in mole fractions, x,, as well as the ideal values, calculated using
Equation 1. It is important to bear in mind that ideal drug solubility
is only dependent on solid-solute properties without considering
the solvent properties. Thus, ideal solubility depends both on tem-
perature and enthalpy of fusion of the drug.* In almost all cases, the
coefficients of variation of the experimental solubility were lower
than 2.0%. Similarly, Figure 2 shows MTC solubility expressed in
molarity at all temperatures studied. It is important to note that the
values expressed in this volumetric concentration scale could be useful
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for tasks associated with design and development of liquid dosage
forms at industrial pharmaceutical level.
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Figure 2. Experimental solubility of methocarbamol in ethanol + water
mixtures expressed in molarity at several temperatures. (®): 293.15 K; (R):
298.15K; (A): 303.15 K; (O): 308.15 K; (0): 313.15 K

The highest solubility value in mole fraction for this drug
was obtained in the mixture of 0.80 in mass fraction of ethanol at
313.15 K, while the lowest value was found in neat water at 293.15 K.
Comparing solubility in neat solvents, the greatest solubility at all
temperatures is found in neat ethanol. Our solubility value in neat
water at room temperature (298.15 K) was lower than that reported
in the literature.? On the other hand, to the best of our knowledge, no
solubility values for this drug in these solvents have been reported
in the literature,!! and therefore, no direct comparison is possible.

Because the MTC maximum solubility was obtained in a cosol-
vent mixture as opposed to neat ethanol, the Hildebrand solubility
parameter (J,) could be assigned for this drug considering that, in
agreement with the literature, the greatest solubility is obtained in
the solvent with the same § value as the one of the drug.> Thus, the
& value of MTC is the same as the one for the cosolvent mixture with
Weon = 0.70, that is, 31.7 MPa'? at 298.15 K."®

On the other hand, the ideal solubility of a crystalline solute can
be calculated using Equation 1:°
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Table 1. Experimental solubility of methocarbamol in ethanol + water mixtures expressed as mole fraction at several temperatures*

T/IK
Vo 293.15 298.15 303.15 308.15 313.15

0.00 6.23 (0.12) x 10* 7.99 (0.09) x 10* 1.177 (0.012) x 10? 1.525 (0.013) x 10°? 2.041 (0.026) x 10°?
0.10 1.379 (0.017) x 10° 1.765 (0.024) x 107 2319 (0.013) x 103 3.01 (0.08) x 10° 3.808 (0.022) x 10°
0.20 3.59 (0.04) x 10° 4.208 (0.015) x 107 5.16 (0.04) x 107 6.04 (0.04) x 10° 6.82 (0.05) x 10°
0.30 6.490 (0.011) x 10° 7.360 (0.003) x 107 8.12 (0.05) x 10° 9.15 (0.08) x 10° 1.003 (0.008) x 10
0.40 1.245 (0.003) x 102 1.343 (0.013) x 102 1.422 (0.006) x 10 1.513 (0.005) x 10 1.601 (0.004) x 102
0.50 1.864 (0.003) x 102 1.971 (0.003) x 102 2.063 (0.004) x 10 2.156 (0.006) x 10 2.245 (0.003) x 102
0.60 2.456 (0.003) x 102 2.531 (0.003) x 102 2.639 (0.007) x 102 2.719 (0.003) x 102 2.806 (0.008) x 10
0.70 2.799 (0.003) x 102 2.892 (0.003) x 102 2.988 (0.007) x 102 3.091 (0.005) x 10 3.199 (0.013) x 102
0.80 2.644 (0.010) x 102 2.843 (0.024) x 102 3.027 (0.018) x 102 3.231 (0.013) x 102 3.416 (0.008) x 102
0.90 1.741 (0.017) x 102 2.015 (0.020) x 102 2.350 (0.004) x 102 2.791 (0.003) x 102 3.278 (0.007) x 102
1.00 8.39(0.10) x 10° 1.157 (0.011) x 102 1.55 (0.04) x 10 2.17 (0.05) x 102 2.94 (0.04) x 102
Ideal 4.855 x 102 6.052 x 102 7.517x 102 9.303 x 102 0.1147

“Values in parentheses are standard deviations. ? wy,, is the mass fraction of ethanol in the cosolvent mixture free of methocarbamol.
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where x, ,, is the ideal solubility of the solute in mole fraction, A, H
is the molar enthalpy of fusion of the pure solute (at the melting
point), T, is the absolute melting point, 7T is the absolute solution
temperature, R is the gas constant (8.314 J mol" K™'), and AC, is the
difference between the molar heat capacity of the crystalline form
and the molar heat capacity of the hypothetical super-cooled liquid
form, both at the solution temperature.’ Since AC, cannot be easy
experimentally determined, it is usually assumed that it may be ap-
proximated to the entropy of fusion, A, S calculated as the quotient
A HIT,, > The values obtained by DSC for A, H and T}, were 40.06
kJ mol! and 369.8 K, respectively. Ideal solubility values of MTC are
also given in Table 1. In all cases, the ideal solubilities were greater
than the experimental values despite cosolvent mixture composition.

MTC activity coefficients

The solute activity coefficient in the solution (7,) is calculated as
the quotient x, ,,/x, and is an indication of the deviation presented by
MTC from its ideal behavior.® Table 2 shows MTC activity coefficients
as a function of cosolvent composition and temperature. Accordingly,
at 298.15 K v, values vary from 75 in neat water to 2 in the mixture
with 0.70 in mass fraction of ethanol (where the maximum solubility
is found at this temperature). On the other hand, v, values rise with
increase in temperature in almost all cosolvent systems (except in both
neat solvents and the mixture with 0.10 in mass fraction of ethanol),
indicating the deviation from ideal solubility behavior with increase
in temperature, as the values differ from unity.

Table 2. Activity coefficients of methocarbamol in ethanol + water mixtures
at several temperatures

) T/K
o 293.15 29815  303.15  308.15  313.15
0.00 77.90 75.72 63.89 60.99 56.22
0.10 3521 34.30 3241 30.96 30.13
0.20 13.52 14.38 14.57 15.41 16.83
0.30 748 8.22 9.26 10.17 11.44
0.40 3.90 451 5.29 6.15 7.17
0.50 2.60 3.07 3.64 431 5.11
0.60 1.98 2.39 2.85 3.42 4.09
0.70 1.73 2.09 252 3.01 3.59
0.80 1.84 2.13 248 2.88 336
0.90 2.79 3.00 3.20 333 3.50
1.00 5.78 523 4.86 429 391

“ W,y 1s the mass fraction of ethanol in the cosolvent mixture free of metho-
carbamol.

From the different magnitudes obtained for the v, values shown
in Table 2, a rough estimation of solute-solvent intermolecular in-
teractions can be attained by considering the following expression:

2
V9 2)
RT

where e, e,, y e, represent the solvent-solvent, solute-solute and
solvent-solute interaction energies, respectively; V, is the molar
volume of the supercooled liquid solute, and finally, ¢, is the vo-
lume fraction of the solvent. A first approach shows that the term
(V,¢/RT), may be considered approximately constant at the same
temperature, and then vy, depends almost exclusively on e, e,, and
e,,-"* While the term ¢, term favors the solution process, both e,, and

Iny, = (e, +ey, —2e,)
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e,, terms are unfavorable for solubility. This occurs because energy
must be supplied first, against the cohesive forces of the solute to
separate them, and second, against the cohesive forces of the solvent
to create the respective cavity (for solute accommodation). These
processes decrease drug solubility. On the other hand, solute-solvent
interaction is exothermic and results mainly from van der Waals and
Lewis acid-base interactions, which increases the drug solubility. The
contribution of e,, is proportional to the work necessary to transfer
drug molecules from the solid to the vapor state and therefore could
be considered as constant in all mixtures and pure solvents.

As previously mentioned, the v, values vary from 2 to 75 indi-
cating quasi-ideal solubility behavior of this drug in the mixture of
maximum solubility (wy,,, = 0.70). It is important to note that this
drug has low temperature of fusion but relatively high enthalpy of
fusion and therefore the term e,, should not be overly big.'* Similarly,
ethanol and water are hydrogen-bonded solvents implying the e,, term
is relatively large in all mixtures, particularly in water-rich mixtures.*
Therefore, the term e,, would be significant to obtain the low 7y, values
shown in Table 2 (even in water) considering that values approaching
5000 can be found for some analgesic drugs in this polar solvent.’
In other words, the solute-solvent interactions are very important for
dissolution of this drug in these cosolvent mixtures and may be based
predominantly on hydrogen bonding.

Apparent thermodynamic functions of solution
According to van’t Hoff analysis, the apparent standard enthalpy

change of solution (A, H°) for non-electrolyte drugs is obtained by
Equation 3:

soln

J :_Aso]nHO (3)
R R

dinx,
o(/T-1/T,,)

where R is the universal gas constant (8.314 J mol™! K') and
T,,, is the mean harmonic temperature 7, ., which is obtained as

hm>

T,.,=n/ 2(1/ T), where n is the number of temperatures studied.
i=1

T, 1s 303.0 K in the present case.”'* As an example, Figure 3 shows

the modified van’t Hoft plot for methocarbamol solubility in mix-

tures containing 0.20, 0.40, and 0.60 in mass fraction of ethanol. In

all cases, linear models with good determination coefficients (r?)

were obtained.
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Figure 3. Modified van’t Hoff plot for experimental solubility of methocar-
bamol in ethanol + water mixtures expressed in mole fraction. (®): 0.20 in
mass fraction of ethanol; (R): 0.40 in mass fraction of ethanol; (A): 0.60 in
mass fraction of ethanol

The apparent standard Gibbs energy change for the solution
process (A_,,G°) of non-electrolyte drugs considering the approach

soln
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proposed by Krug et al.,"” is calculated at mean harmonic tempera-
ture by,
A,,G°=—RT,  xintercept “)
in which the intercept used is that obtained in the analysis of In x, as
a function of 1/7 - 1/T, , as shown in Figure 3. This intercept corres-
ponds to the In x, value obtained from the respective regression linear
model by interpolation at 303.0 K (Figure 3). Finally, the apparent
standard entropic change for the solution process (A, S°) is obtained
from the respective A, H° and A, G° values based on the equation:

soln soln

_ (Asulnf[c> - AsolnGc)

A S° Q)

soln
T

hm

Table 3 summarizes the apparent standard thermodynamic func-
tions for the experimental solution process of MTC in all ethanol
+ water solvent mixtures. In order to calculate the thermodynamic
quantities for the experimental solution processes, several methods for
estimating the propagation of uncertainties were used.'® In particular,
the uncertainty in enthalpy was calculated from the respective uncer-
tainty in the van’t Hoff plot slope, multiplied by the universal constant
R. The uncertainty in Gibbs energy was calculated as the mean of
the variation coefficients obtained in solubility values obtained at
all temperatures. Finally, the uncertainty in entropy was obtained as
the root square of the sum of squares of uncertainties obtained for
enthalpy and Gibbs energy.'® It was found that the standard Gibbs
energy of the solution was positive in all solvent systems studied, as
expected given the solute mole fraction is always lower than one (and
therefore its logarithmic term is a negative quantity, i.e. intercepts
in Figure 3), which leads to the obtention of standard Gibbs energy
values as positive quantities. A, G° values diminish from neat water
to the mixture of 0.80 in mass fraction of ethanol and later increase.

The apparent enthalpy of solution was positive in all cases, the-
refore the process is always endothermic. By contrast, the entropy
of solution was only positive for the mixtures with composition
0.00 < wy <£0.30 and 0.80 < wy,,, < 1.00 yet was negative for the
other compositions, indicating entropy driving in the overall solution
process for water-rich and ethanol-rich mixtures. In contrast to Gibbs
energy of solution, A, H° and A, S° values decrease from neat water
to the mixtures of 0.70 and 0.60 in mass fraction of ethanol, respec-
tively, then increase beyond this mixture composition. These results
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are similar to those reported for the antimicrobial drug triclocarban
in ethanol + propylene glycol mixtures;'” although it is clear that
both drugs have different molecular structures (MTC being more
polar than triclocarban owing to its higher number of polar groups)
whereas water and propylene glycol exhibit different behaviors in
their mixtures with ethanol. Moreover, the effect of cosolvents on
possible mixed solvent-structural effects should also be considered.

In order to compare the relative contributions of enthalpy ({,,)
and entropy () to the solution processes, Equations 6 and 7 were
employed, respectively.'

A, H
- soln (6)
C " solan + ‘TAsolnSO‘
_ ‘TAsolnSO‘ 7
CTS - Asolnl-Ic‘ + TAsolnSO‘ ( )

From Table 3, it follows that enthalpy is the main contributor to
standard Gibbs energy of solution of this drug in all the cosolvent
systems studied and thus the energetic factor predominates.

Apparent thermodynamic functions of mixing of MTC

As previously described, the solution process may be represented
by the following hypothetical stages,"

Solute gy, = Solute ;) at Ty, = Solute i at T, — Solute

fus (Solution)

where the solution stages are solute fusion, cooling the liquid solute
to the mean harmonic temperature 7, (303.0 K), and subsequent
mixing of the hypothetical super-cooled liquid solute with the solvent
at this temperature. This also allows the calculation of the partial
thermodynamic contributions to the overall solution process using
Equations 8 and 9, respectively.

A HO = A H + A, H° ®)

soln

AnS® = A S + A

soln’

S° )

mix’

where A, A** and A, S represent the thermodynamic functions

fus

of fusion of MTC and its cooling to the mean harmonic tempe-
rature, 303.0 K. However, the A H°¢ and A S values for the

soln

Table 3. Apparent thermodynamic functions relative to solution process of methocarbamol in ethanol + water mixtures at 303.0 K

Weon® A,,,,G°/ kJ mol™! A,,,H°/ kI mol™ A,/ J mol! K~ TA,,,S°/ kJ mol™! [ G
0.00 17.10 (0.21) 46.1 (1.8) 96 (4) 29.0 (1.2) 0.614 0386
0.10 15.30 (0.20) 39.1 (0.9) 78.7 (2.0) 23.8 (0.6) 0.621 0379
0.20 13.33 (0.10) 25.1 (1.0) 38.8 (1.6) 11.8 (0.5) 0.681 0319
0.30 12.12 (0.06) 16.6 (0.5) 14.8 (0.4) 4.49 (0.12) 0.787 0.213
0.40 10.72 (0.05) 9.5(0.3) -3.98 (0.14) -1.21 (0.04) 0.888 0.112
0.50 9.79 (0.02) 7.0 (0.2) -9.0 (0.2) -2.74 (0.07) 0.720 0.280
0.60 9.17 (0.02) 5.2(0.2) -13.2(0.5) -4.00 (0.14) 0.563 0.437
0.70 8.84 (0.02) 5.08 (0.14) -12.4(0.4) -3.76 (0.11) 0.575 0.425
0.80 8.82(0.04) 9.8 (0.3) 3.18 (0.10) 0.96 (0.03) 0.910 0.090
0.90 9.42 (0.04) 24.3 (0.7) 49.0 (1.4) 14.9 (0.4) 0.620 0.380
1.00 10.46 (0.17) 47.8 (1.2) 123 (4) 37.3(1.1) 0.561 0.439
Ideal 6.53 (0.00) 32.8(0.2) 86.8 (0.5) 26.29 (0.15) 0.555 0.445

“ Weo 18 the mass fraction of ethanol in the solvent mixture free of methocarbamol. » {,, and { are the relative contributions by enthalpy and entropy toward
Gibbs energy of solution. These values were calculated by means of Equations 6 and 7, respectively.
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ideal solution processes were used instead of A, H**and A, S** for
reasons described in the literature.’ Briefly, A, H** is calculated as
A HY? — AC(T;, — T) by using A, SM instead of AC, obtaining a
value of 32.8 kJ mol™', which is coincident with the enthalpic change
for an ideal solution of this drug (Table 3); in contrast, the entropy
of fusion at 303.0 K (108.4 J mol™' K™) is not coincident with the
entropy of ideal solution at this temperature (86.8 J mol™ K'). This
same substitution has also been used with some analgesic drugs
studied under similar conditions in this solvent system.’ Figure 4
summarizes the thermodynamic functions of mixing of super-cooled
liquid MTC with the solvent mixtures. A, G° values are positive
indicating apparently non-spontaneity of the liquid mixing process.
This result is in agreement with the fact that experimental solubility

in all cases was lower than the ideal value.

20.0
15.0
10.0
5.0 y
0.0 N
-5.0
-10.0
-15.0 -
-20.0 -
-25.0
-30.0
-35.0

Quantity / kJ mol-!

0.00 0.20 0.40 0.60 0.80 1.00
Mass fraction of ethanol

Figure 4. Apparent thermodynamic quantities of mixing of methocarbamol in
ethanol + water mixtures at 303.0 K. (®): A, G°; (B):A  H; (A): TA,,S°

The ideal dissolution contributions (related to solute fusion pro-
cess) to the enthalpy and entropy of dissolution of MTC, A, H*“ and
A,,,,S% values are positive (Table 3), as also are the thermodynamic
quantities of mixing in the neat solvents. On the other hand, in almost
all the mixtures, both thermodynamic quantities of mixing are negati-
ve (except for enthalpy in the mixture wy,, = 0.10) indicating enthalpy
driving alone in this hypothetical sub-process given its exothermic
nature. This result is also similar to that reported for triclocarban in
ethanol + propylene glycol mixtures.!’

Apparent thermodynamic functions of transfer of MTC

In order to verify the effect of cosolvent composition on the ther-
modynamic function driving the solution process, Table 4 summarizes
the thermodynamic functions of transfer of MTC from the more polar
solvents to the less polar. These new functions were calculated as the
differences between the thermodynamic quantities of solution in the
more polar mixtures and the less polar mixtures.

Solution thermodynamics of methocarbamol in some ethanol + water mixtures

1971

If the addition of ethanol to water is considered (with solvent
mixture becoming less polar as ethanol proportion increases), as done
in an earlier study,’ the following occurs:

i) from neat water to 0.60 in mass fraction of ethanol (A,_;G° <0,
A, sH° <0, and A,_;5° < 0) the solution process is driven by
enthalpy;

ii) from this composition up to 0.70 in mass fraction of ethanol
(A, 5G°<0,A, zH°<0,and A, ,S°>0) the dissolution process
is both enthalpy and entropy driven;

iii) from 0.70 to 0.80 in mass fraction of ethanol (A, ;G° < 0,
A,_sH° >0, and A,_,5° > 0) the process is driven by entropy;

iv) from this ethanol proportion to neat ethanol (A, ,G° > 0,
A,_zH° >0, and A, ,,S° > 0), the solution process is again en-
thalpy driven.

Nevertheless, the molecular events involved in the solution pro-
cesses remain unclear because the observed thermodynamic behavior
differs to that observed for some other analgesic drugs in the same
mixtures, where the predominant event in water-rich mixtures was
the hydrophobic hydration around the non-polar groups of these other
drugs.’ In contrast, for this drug, the main kind of interactions could
be related to hydrogen bonding between the drug and the solvent
molecules because of the high number of polar groups (containing
oxygen and nitrogen atoms) present in this drug (Figure 1).

Enthalpy-entropy compensation of solution process of MTC

According to the literature, the construction of weighted graphs of
A,.,H° as a function of A | G° at mean harmonic temperature allows
us to observe similar mechanisms for the solution process according
to the tendencies obtained.”

In this context, Figure 5 shows fully that MTC in the ethanol + water
cosolvent system exhibits non-linear A H° vs. A, G° compensation
with a positive slope if an interval from neat water to 0.70 in mass
fraction of ethanol is considered, whereas from this ethanol proportion
to 0.80 in mass fraction of ethanol a negative slope is obtained. Finally,
from this ethanol proportion to neat ethanol, a positive slope is again
obtained. According to this graph, it follows that the driving function
for MTC solubility is enthalpy in the first and third cases, while in the
second case, the driving function is entropy. Nevertheless, the molecular
events involved in the dissolution of this drug in this binary system are
unclear because, as previously stated, no entropy driving is observed
in water-rich mixtures. The compensation behavior obtained for MTC
differs with respect to that reported for all the analgesic drugs studied
previously, where entropy driving was observed in water-rich mixtures
and enthalpy driving in ethanol-rich mixtures.” On the other hand,
Figure 5 shows a similar trend to the one reported for triclocarban in
ethanol + propylene glycol mixtures,'” as previously outlined for the
respective thermodynamic quantities of solution.

However, it is interesting to note that when A, H® vs. TA_, S°

soln soln’

Table 4. Apparent thermodynamic functions of transfer of methocarbamol from more polar solvents to less polar solvents in ethanol + water mixtures at 303.0 K

a
Weon

N A,_3G°/ k] mol”! A,_zH°/ k] mol! A,_3S°/ T mol! K~! TA,_,;S°/ kJ mol™! - Crs?
B

0.00 0.60 -7.93(0.21) -40.9 (1.8) -109 (4) -33.0(1.2) 0.554 0.446

0.60 0.70 -0.33(0.02) -0.08 (0.23) 0.8 (0.6) 0.25 (0.17) 0.240 0.760

0.70 0.80 -0.02 (0.05) 4.7(0.3) 15.6 (0.4) 4.72 (0.11) 0.499 0.501

0.80 1.00 1.65 (0.06) 38.0(0.8) 120.1 (1.5) 36.4 (0.4) 0.511 0.489

“ Weon 18 the mass fraction of ethanol in the solvent mixture free of methocarbamol; A and B are the more polar and less polar media, respectively. * {, and {
are the relative contributions by enthalpy and entropy toward Gibbs energy of transfer. These values were calculated by means of Equations similar to 6 and

7, respectively.
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Figure 5. A, H° vs. A ,,G° enthalpy-entropy compensation plot for solubility
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of methocarbamol in ethanol + water mixtures at 303.0 K

coordinates are evaluated, two linear trends with positive slopes are
observed (Figure 6), i.e. for the region 0.00 < wy,,;, < 0.60 the equation
A, H° =1218 (0.014) x TA_,,S° + 10.60 (0.22), with r* adjusted:
0.999 and typical error: 0.470 was obtained; whereas, for the region
0.60 < wg,oy < 1.00 the equation A H° = 1.037 (0.007) x TA_,,S°
+9.01 (0.12), with r> adjusted: 1.000 and typical error: 0.238, was
obtained. According to the literature, this result again demonstrates
that enthalpy driving is observed in almost all the cosolvent com-
positions for this drug.’ This result is also different with respect to
those exhibited by some analgesic drugs in this cosolvent system,
where two linear trends (one with slope greater than unity and the
other with slope less than unity) were obtained.’
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Figure 6. A
of methocarbamol in ethanol + water mixtures at 303.0 K

H°vs. TA, , S° enthalpy-entropy compensation plot for solubility

soln’ soln’

CONCLUSIONS

From all topics discussed previously, it can be concluded that
the solution process of MTC in ethanol + water mixtures is variable
depending on the solvent composition. Non-linear enthalpy-entropy
compensation was found for this drug in this binary system. In this
context, enthalpy driving was found for water-rich (0.00 < [, <
0.70) and ethanol-rich mixtures (0.80 < U, o, < 1.00), whereas entropy
driving was found only for a few composition mixtures (0.70 < [,
<0.80). Nevertheless, the molecular events involved in the dissolution
of this drug in this solvent system remain unclear. Ultimately, the data
presented in this report expand the physicochemical information on
drugs in alcoholic solutions. This information could be useful for
pharmacists involved in dosage form design and development.
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