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ABSTRACT

The heats of mixing of 1-nonanol or 1-undecanol in n-hexane, r-heptane, n-decane and
n-hexadecane were measured at 298.15 K. The enthalpy changes per mole of solution were
expressed as a second degree polynomial in X, the mole fraction of solute in the concentra-
tion range studied. From the enthalpy changes per mole of solute at infinite dilution, the
hydrogen-bond enthalpy of 1-alkanol molecules in the solvents investigated was determined.
From thermochemical data the relative molar enthalpies of the pure solutes, the relative
partial molar enthalpies of the solute and the solvent and the relative apparent molar
enthalpies of the solutes were deduced. Assuming that the enthalpies of the stepwise
associations are equal for both solutes in the solvents investigated, the practical osmotic
coefficients were calculated from the apparent molar enthalpy of the solutes and the enthalpy
of a stepwise association reaction on the basis of a semi-ideal model of associated solutions
proposed by Prigogine. The molal activity coefficients of the solutes were determined via
Bjerrum’s relation. The non-ideal behaviour of these systems was described by the excess
thermodynamic functions, i.e. the excess Gibbs free energy, excess enthalpy and excess
entropy, as well as with partial molar excess Gibbs free energy of solute and solvent.
Furthermore, the non-ideality of the investigated systems was treated on the basis of an
association mode! with an extended series of multimers, supposing that the first stepwise
associations occur more readily than the rest. In addition, the pair virial coefficients of the
solutes were determined from the excess enthalpies of solutions according to McMillan—Mayer
theory.

INTRODUCTION

It is well known that alcohol molecules are able to form strong inter-
molecular-hydrogen-bond associates, which dissociate when the alcohol is
mixed with an inert solvent, such as a hydrocarbon. This effect is particu-
larly important in the region of dilute alcohol. In the literature there are a
number of determinations of the thermodynamic properties of such mix-
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tures, and several models of molecular association as well as some interest-
ing correlations are proposed [1-17].

In a 1-alkanol + n-alkane mixture many factors contribute to the thermo-
dynamic properties, e.g. the chain length of the 1-alkanol molecule, the
orientational order in the n-alkane chain, interstitial accommodation of
n-alkane molecules within the 1-alkanol structure, disruption of the 1-al-
kanol structure by n-alkane molecules, mixing of the 1-alkanol and r-alkane
chains, the relative size of component molecules, the concentration of solute,
temperature, etc. Each factor makes a positive or negative contribution to
the resultant values of the thermodynamic functions. As was shown previ-
ously [18], in all these phenomena the predominant factor in the region of
high dilution is the disruption of the associated 1-alkanol molecules. The
heat of mixing in the high dilution region is thus very instructive in
interpreting the thermodynamic properties of such solutions.

With this in view, the heats of mixing of diluted mixtures of a 1-alkanol,
CH,(CH,),OH; n=28,10, and an n-alkane, CH,(CH,),_,CH;; h=
6, 7, 10, 16, were determined at 298.15 K in the present investigation. The
aim of this work was to describe the non-ideal behaviour of these systems
and the elucidate the influence of the chain length of solute and solvent
molecules on the hydrogen bonding of the OH group of 1-alkanol molecules
and van der Waals intermolecular forces between 1-alkanol molecules and
n-alkane molecules.

EXPERIMENTAL

Solvents were dried over type 4 A molecular sieves (Serva, Heidelberg,
F.R.G.) and purified by distillation under reduced pressure or by fractional
distillation through a 50-plate laboratory column. The specifications of the
component liquids are summarized in Table 1.

The densities of the liquids, measured at 298.15 K with an Anton-Paar
digital densimeter (model DMA 10), are included in Table 1 along with
values from the literature [19,20].

Calorimetric measurements were made using an LKB 8700 precision
calorimetry system with a chart recorder output. A Sargent recorder (model
SRL, S-72180-57) was used. A description of the system used is given in full
detail in ref. 21. The volume of the reaction vessel was 100 cm’. The
measurements were carried out at 298.15 £+ 0.05 K. The heat of mixing was
determined using the glass ampoule technique. A known amount of solute
was sealed in a glass ampoule of volume 1 cm’. After thermostatting, the
ampoule was broken and the solute dissolved in 100 cm’ of pure solvent.
Simultaneously the heat absorbed was recorded. The system was tested by
measuring the heat of solution of potassium chloride in water up to 0.04 mol
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TABLE 1

Specifications and densities of component liquids at 298.15 K

Component  Specification d(kgm™?)

Experimental Literature *

1-Nonanol International Enzymes Ltd. 823.84 824.33 [19)
(Windsor, Berkshire, Gt. Britain)

1-Undecanol  Fluka AG (Busch SG, Switzerland) 828.98 828.01 (19]

n-Hexane REACHIM (VIO Sojuzchimexport, U.S.S.R.) 654.81 654.84 [20]

n-Heptane VEB Jena Pharm. (Jena, G.D.R)) 679.51 679.46 [20]

n-Decane BDH Chemicals Ltd. (Poole, Gt. Britain) 726.25 726.35[20]

n-Hexadecane International Enzymes Ltd. 769.86 769.94 [20]

(Windsor, Berkshire, Gt. Britain)

# Reference given in square brackets.

173 at 298.15 K. The determined value of 17.358 + 0.062 kJ mol ! for the
heat of solution of potassium chloride is close to the value given in the work
of Somsen et al. [22].

RESULTS AND DISCUSSION

In a solution of n, mol of l-alkanol, B, in n; mol of n-alkane, S, a
mixture of composition #,B[(#n,/n,)S] is obtained [23]

n,B+mS=n,B[(n,/n,S)] (1)

For such a process the enthalpy change AH is given by n, A H,,[(n,/
n,)S] (J), where A H,.,[(n,/n,)S] (J mol ') is the integral heat of solution
per mole of solute. Thus, the enthalpy change per mole of solution is
AH/(n,+n,) (J mol™"). For the systems investigated, the experimental
values of AH/(n, + n,) are given in Tables 2 and 3. In Figs. 1 and 2 the
smoothed curves are drawn through the experimental points of AH /(n, + n,)
versus mole fraction of solute X, and fitted into the following relation

AH/(n +n,) = C X, + G X; (2)

where C; is an adjustable parameter. Rearrangement of eqn. (2) gives

AH = Ciny+ Cyn3/(n +n,) (3)
The enthalpy change for process (1) may also be given by [24]

AH=nL +n,(L,—LY)=L—n,L3 (4)

where Zl (J mol™') and Zz (J mol™') are the relative partial molar
enthalpies of the solvent and the solute, respectively, LS (J mol™') is the
relative enthalpy of the pure solute and L (J) is the relative enthalpy of the
solution. From the limiting values of the derivative (d AH/3n,), of eqns.
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TABLE 2

Values of enthalpy changes per mole of solution of X,CH;(CH,)yOH + {1~
X;)CH5(CH,), _,CH; mixtures at 298.15 K; h=6,7,10 or 16

X, x10° AH/(n,+n,y) (T mol™") X, x10? AH/(n;+ny)Jmol™)

n-Hexane

0.2366 51.86 0.5855 113.62
0.3041 65.45 0.6863 128.51
0.3478 73.42 0.7555 137.89
0.4384 89.95 0.7888 142.16
0.5148 101.73

n-Heptane

0.2418 52.86 0.5721 113.37
0.3015 64.83 0.6898 131.89
0.3500 73.99 0.7359 138.70
0.4280 88.04 0.7987 147.06
0.5288 107.39 0.8383 150.63
n-Decane

0.1935 42.45 1.0040 186.74
0.3417 72.35 1.1142 202.67
0.5277 107.47

0.7338 143.55

0.8362 160.13

n-Hexadecane

0.3181 72.33 1.0484 214.94
04772 105.93 1.2390 246.09
0.6142 133.69 1.4080 271.88
0.7688 163.92 1.5259 290.62
0.8915 193.07 1.6857 31116

(3) and (4) as n, — 0, it follows that C; = — L3,

From eqns. (3) and (4), the relative enthalpy of the solution may be given
by
L==C2n§/(n1+n2) (5)
and the relative apparent molar enthalpy of the solute ®L,=L/n, (J
mol ') as
L, =G X, (6)
The relative partial molar enthalpy of the solute L, (J mol™!) obtained from
the derivative of [3(n,®L,)/dn,], is given by
zz = 2C2 X2 - C2 X22 (7)
and the partial molar enthalpy of the solvent Zl (J mol ') obtained from
the expression —(n3,/n,)(3®L,/3n,), is given by
L =-CX? | (8)
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TABLE 3

Values of enthalpy changes per mole of solution of X,CH,(CH,);;OH+ (1 -
X,)CH,(CH,),_,CH, mixtures at 298.15 K; & =6, 7,10 or 16

X, X102 AH/(n,+ ny) (I mol™") X, X102 AH/(n;+n,)(Jmol™ 1)
n-Hexane

0.2051 45.67 0.5550 109.58
0.2807 60.36 0.6115 116.64
0.3946 82.05 0.6545 122.86
0.4384 88.80

0.4893 98.29

n-Heptane

0.2160 47.77 0.5139 104.42
0.2841 61.72 0.5574 110.26
0.3055 64.90 0.6260 121.84
0.3767 79.39 0.6976 131.42
0.4185 86.84 0.7164 134.22
n-Decane

0.3026 65.76 0.8539 163.44
0.4024 85.60 0.9386 174.93
0.5041 104.47

0.6536 130.93

0.7826 152.47

n-Hexadecane

0.4638 103.57 1.0302 206.67
0.5767 125.58 1.1462 222.72
0.7213 152.03 1.2516 238.02
0.8790 180.25 1.4265 256.89
1.0228 203.47

Using eqns. (6), (7) and (8), it follows that for the systems investigated the
values of ®L, and L, are negative and large, while those of L, are positive
and close to zero. As an example, the concentration dependence of @ (J
mol ') = (®L,, L2, L ;) for solutions of 1-nonanol and 1-undecanol, re-
spectively, in n-hexadecane, is given in Fig. 3. From Fig. 3 it is evident that
the systems investigated behave non-ideally even at the lowest concentration
studied.

However, the regression coefficient C, may be considered to be the
integral heat of solution per mole of solute at infinite dilution,
A H? [(n,/n,)S]. Assuming that in the systems investigated the contribu-
tions of non-specific interactions at infinite dilution are negligible, the
integral heat of solution per mole of solute at infinite dilution can be
considered to be equal to the hydrogen-bond enthalpy of the 1-alkanol
molecules in these systems. The values of the regression coefficients of eqn.
(2) are given in Table 4. As may be observed, the average values of
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Fig. 1. Concentration dependence of A H/(n;+ n,) for solutions of 1-nonanol + n-alkane at
298.15 K: a, n-hexane; @, n-heptane; [0, n-decane; ©, n-hexadecane.

C, =23391 + 238 J mol ! for 1-nonanol and C; = 23740 + 182 J mol ! for
1-undecanol are equal within one standard deviation; the mean value of C,;
for the two solutes in the systems studied is 23566 + 154 J mol~'. The
values for the hydrogen-bond enthalpy determined previously are: 21.8 kJ
mol™! for 1-octanol by Savini et al. [25] and 23.4 + 0.4 kJ mol™! for
1-hexanol by Woycicka and Rec¢ko [1]. From the values for the enthalpy of
hydrogen-bond formation, given for several alcohols at 323.15 K by Brandani
[26], the value of the hydrogen-bond enthalpy, obtained by extrapolation,
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Fig. 2. Concentration dependence of AH /(n,+ n,) for solutions of 1-undecanol+ n-alkane
at 298.15 K: A, n-hexane; @, n-heptane; O, n-decane; o, n-hexadecane.
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Fig. 3. Concentration dependence of relative apparent molar enthalpy, and relative partial
molar enthalpies of the solute and the solvent for solutions of 1-nonanol and 1-undecanol in
n-hexadecane at 298.15 K.

amounts to 23.3 kJ mol ! for 1-nonanol and 22.3 kJ mol ! for 1-undecanol,
respectively. For the systems investigated, the values of the regression
coefficient C, are negative. On the basis of the values of the regression
coefficient C,, however, it may be concluded that with increasing concentra-
tion the effects of non-specific interactions in 1-undecanol are slightly more
intense than in 1-nonanol in the same n-alkane, and that in systems with the
same 1-alkanol the non-specific interactions are the most pronounced in the
n-alkane having the largest number of carbon atoms.

Assuming that the heat of dilution results from the dissociation of various
oligomeric species in the form of linear hydrogen-bonded polymers, formed
by successive reactions,

B,+B, =B )]
TABLE 4
Values of regression coefficients of eqn. (2) for the investigated systems at 298.15 K
System No. of o -G, 5
points
1-Nonanol +
n-hexane 9 23200+162 667580+ 21825 0.64
n-heptane 10 23245+ 94 612906 + 12709 0.38
n-decane 7 23028 + 312 441780 + 33387 1.68
n-hexadecane 10 24091+ 97 331984+ 6539 1.20
1-Undecanol + .
n-hexane 8 23668 + 87 744809 + 14552 0.25
n-heptane 10 23765+ 98 701843 + 14981 0.30
n-decane 7 23323+ 64 501651+ 7516 0.29

n-hexadecane 9 24206+ 84 420768 + 6644 0.80
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with a stepwise equilibrium constant K, given by
K,= [BI]/[Bl] [Bl—l] ; [>2 (10)

and with an enthalpy of stepwise association reaction AH?, then the heat of
infinite dilution for a solution of concentration m (mol kg~') may be
expressed by —m®L,. This amount of heat reflects the effects of the
dissociation of various oligomeric species and may be given by

m®L,=[B,] AHY + [B;][AH + AHY] + ... (11)

where [B,] in mol kg ™! is the concentration of species B,. If the enthalpies of
stepwise association reactions are equal, i.e.

AH)=AH]=...=AH° (12)
eqn. (11) reduces to

m®L,=AH°([B,] +2[B,] + 3[B,] +...) (13)
or

m®L,=AH(K,[B,])* + 2K, K;[B,]* + 3K, KK, [B,]* + ...) (14)

Taking into account the expression for the practical osmotic coefficient ¢
for the ideal associated solution

p=m,/m= ; [BI]/ §1I[BI] (15)

where m_ (mol kg™ ') is the sum of the concentrations of species present, the
relative apparent molar enthalpy ®L, may be given by [27]

OL,=(1-¢) AH® (16)

Using eqns. (6) and (16), the practical osmotic coefficient can be calculated
from

¢=1-(C/AH’)X, (17)
and for extremely dilute solutions by
¢=1—(C,M107°/AH )m (18)

where M, (g mol™') is the molar mass of the solvent. The linear concentra-
tion dependence of practical osmotic coefficients is characteristic of non-
electrolyte solutions at low concentration. As an example, in Fig. 4 the
concentration dependence of practical osmotic coefficients for some systems
is given. From Fig. 4 it may be observed that the non-ideal behaviour is
more pronounced for systems with 1l-undecanol than with 1-nonanol as
solute in the same solvent, while for each 1-alkanol investigated the non-ideal
behaviour is the more pronounced the longer is the n-alkane chain.
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Fig. 4. Concentration dependence of practical osmotic coefficients of systems investigated at
298.15 K: , n-hexane; — — —, n-hexadecane.

The molal activity coefficients of the solute y,, defined by asymmetric
normalization, are obtained from Bjerrum’s relation [28]

d[Ql-¢)m]+mdlny,=0 (19)
and are given in the form
Iny,=—-(2C,M107°/AH)m (20)

The concentration dependence of the activity coefficients for both solutes in
n-hexane and n-hexadecane, is given in Fig. 5.

To elucidate the non-ideal behaviour of the systems investigated the
excess thermodynamic functions Y73, i.e. the excess Gibbs free energy G5 (J
kg™ '), excess enthalpy Hiy (J kg™') and excess entropy TS (J kg™') were
calculated using the following [29]

G3=RTm(l—¢+Invy,)= —(RTC,M1073/AH ) m? (21)
X =md®L, = C,M;10 ’m? (22)

T T T T T T T T

=lny,

1 1 1 1 L 1 1 1

002 004 006 008 002 004 006 008
m/(mol kg''}

Fig. 5. Concentration dependence of activity coefficients of investigated solutes at 298.15 K:
, n-hexane; — — —, n-hexadecane.
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Fig. 6. Concentration dependence of excess thermodynamic functions of solutions of 1-non-
anol and 1-undecanol in n-hexadecane at 298.15 K.

and
TSS = HE — G5 = C,M1073[1 + (RT/AH®)| m? (23)

As an example, Fig. 6 shows the concentration dependence of the excess
thermodynamic functions Y75 = G7} or H7j or TS5} for the systems 1-non-
anol + hexadecane and 1-undecanol + hexadecane, respectively. From Fig. 6
it may be observed that for our systems the values of H; and TS} are
negative and almost compensate each other in the G7; values, which are also
negative and small. The negative values of H;} can be attributed to hydro-
gen bonding between alkanol molecules. The negative values of S}3 can also
be considered to be a consequence of hydrogen bonding, since there is more
order in such a mixture than in an ideal system.

The partial molar excess thermodynamic functions of the solute and the
solvent Y may also be obtained from [24]

B =mY 4 n, Y (24)

where Y~ is the derivative of (Y% /9n,), . Thus, the partial molar excess

H

Gibbs free energies of the solute and the solvent for the systems investigated
are calculated from

G =RT Iny,= — (2RTC,M10™>/AH®)m (25)
and
GY = (m/n)RT(1 - ¢) = (RTC;M{10™°/AH ) m? (26)

As an example, the concentration dependence of the excess Gibbs free
energies of solutions of 1-nonanol and 1-undecanol in n-hexadecane, and of
the partial molar excess Gibbs free energies for both solutes and solvent at

ex

298.15 K are shown in Fig. 7. From Fig. 7 it may be observed that G7; and
G5* values are negative while G7* values are positive. This means that the
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Fig. 7. Concentration dependence of excess Gibbs free energies of solutions of 1-nonanol and
1-undecanol in n-hexadecane and of partial molar excess Gibbs free energies for both solutes
and solvent at 298.15 K.

contributions of the partial molar excess Gibbs free energy of the solute to
the excess Gibbs free energy of the solution prevail over those of the solvent.

In addition, for these systems the formation of an extended series of
oligomers is described in terms of two independent parameters, i.e. the
dimerization constant B, and constant K. The latter is correlated with the
stepwise association constant K, of reaction (9) as [30,31]

K,=[(1-1)/(I-2)]K; [>3 (27)
This means that the first stepwise associations occur more readily than the
others, i.e. K;=2K, K,=(3/2)K,...,K,» K as | - .

On the other hand, for the adopted model, the self-association constant 3,
of the self-association reaction

/B, =B,; [>2 (28)
defined as

Bi=[B]/[B"; 122 (29)
is correlated with the dimerization constant and constant K through
Bi=B(1-1)K"% 122 (30)

The concentration of free monomer & is obtained via Bjerrum’s relation in
the form
m,
lg(b/b)= [ ‘¢ dlgm, (log=1log,) (31)
where m; is the value of m, corresponding to a known value b, of the free

monomer concentration. Bjerrum’s integral was calculated using Simpson’s
rule.
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The dimerization constant B8, and constant K were obtained by the
curve-fitting method. The experimental data of log T = log[(m — b)/b] and
log © = log[(m, — b)/b] against log b were superimposed on a unique pair
of normalized curves log T(log b) and log ®(log b). The normalized varia-
bles were calculated from

2b

T= - b)3 (32)
and
Y — (33)
(1-b)
In the best fit the values of the parameters 8, and K were obtained from
log T—1log T=1log K—log 3, (34)
log ©® —log ® =log K — log B, (35)
and
logb —log b=log K (36)

As an example, the normalized curves log T(log b) and log ©(log b) super-
imposed on the experimental data log T(log b) and log ©(log b) for the
1-nonanol + n-hexadecane system are shown in Fig. 8. The values of 8, and
K for the systems investigated are given in Table 5. From these data it can
be concluded that, within experimental error, the dimerization constant for

1 1 } 1 it

T T T
™ 10 1-nonanol + n - hexadecane / h
0 L

-05-] v L

log T; log ©
. logT; log ©
AN

outer :
inner

18 16 14 1.2 10
outer : log b
inner : log b
Fig. 8. Normalized curves log T(log b) and log O (log b) superimposed on the experimental
data log T(log b) and log ©(log b) for the 1-nonanol + n-hexadecane system at 298.15 K.
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TABLE 5

Values of dimerization constant 8, and constant K for extensive self-association reactions
according to eqns. (34)—(36) for the systems studied at 298.15 K

System B, K
1-Nonanol +
n-hexane 1.12 5.62
n-heptane 1.14 6.00
n-decane 1.10 6.76
n-hexadecane 1.20 7.94
1-Undecanol +
n-hexane 1.14 6.53
n-heptane 1.07 7.59
n-decane 1.15 7.76
n-hexadecane 1.10 11.14

both solutes in the solvents investigated are equal, Ez =1.13 + 0.01, while
the values of the constant X increase from n-hexane to n-hexadecane and
are lower for 1-nonanol than for 1-undecanol. If the semi-ideal association
model is considered, the non-ideal behaviour of our systems may be ascribed
to the different degree and extent of association of the solutes in the solvents
studied, which increase from 1-nonanol to 1-undecanol and from n-hexane
to n-hexadecane. The consequence of this is also evident from the concentra-
tion dependence of their practical osmotic coefficients and excess thermody-
namic functions.

Furthermore, some information about the intermolecular interactions
between solute molecules may be obtained from the enthalpic interaction
coefficients. According to the McMillan—-Mayer theory for a binary mixture,
the total enthalpy H(m) (J) per kg of solvent is given by [32]

H(m)=H+ HPm + hyym? + hypom® + ... (37)

where H? is the enthalpy of 1 kg of pure solvent, HX (J mol™!) is the
standard partial molar enthalpy of the solute, and 4,,, h,,, etc. are the
virial coefficients which characterize pair, triplet and higher interactions
among solute molecules.

The excess enthalpy H™ (J kg~ ') as a function of concentration m (mol
kg~') is used in the form

H™=hypm*+ hpym® + ... =m®L, (38)

Owing to the high dilution of the systems investigated this relation may be
used in the form

H™ = C,M10™*m? (39)

From both eqn. (38) and eqn. (39) it follows that C,M;107* is identical to
the pair interaction coefficient h,, (J mol~! kg). The calculated values of
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TABLE 6

Values of the pair interaction coefficient 4,5, for 1-nonanol and 1-undecanol in solvents
studied at 298.15 K

System — hy, (Jmol™? kg)
1-Nonanol +
n-hexane 57530
n-heptane 61415
n-decane 62858
n-hexadecane 75176
1-Undecanol +
n-hexane 64185
n-heptane 70327
n-decane 71377
n-hexadecane 95281

the pair interaction coefficient are given in Table 6. From the values of the
pair interaction coefficient #,, it may be concluded that intermolecular
interactions of 1-alkanol molecules increase from n-hexane to n-hexadecane,
and they are higher in the case of 1-undecanol than in the case of 1-nonanol.
This may be ascribed to hydrogen bonding between OH groups of 1-alkanol
molecules and interactions resulting from the van der Waals intermolecular
forces between 1-alkanol molecules and n-alkane molecules, which increase
with increasing chain length.
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