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Abstract h |

.. Results of measurements 'of excess ';heat capacities, partial molar
'enthalples and excess volumes for chloroform + benzene have been
comblned wn’h published data and the ideal assocnated solution model lo
obtaln an estimate of the minimum stablllty of the complex necessary for the
model to give reliable rnformatlon about the thermodynamlcs of reactions of the
-type A+ B AB in thls:system Emhalples of mlxlng cyclohexane with solutions
of chloroform + triethylamine in cyclohexane have been measured and used to
provide evidence that the ideal assocr»ated‘solutlon model may be applied

successfully to analyse the thermodynamic pro; erties of an assoclated system
| in an inert solvent.

The ideal assocrated solution model has been extended to treat the
- solubrllty of a gas mxa solvent with whrch it forms a complex, wr(h ;peC|llc '
application to new measurements of the solublllty of ammonia in chlorc.orm.

A method for estimating the physroal contnbutrons to non- ideality (activity
coefficients) has been developed by combining the |dearassoclated solution
‘ | model! with solubility parameter theory alnd has lbeen applied to the. chloroform
+ fr’iéthylamine syslem. The general method is applicable to other A+ B =AB
systems. |

In another appllcatlon of the ideal associated solutlon model we have

lrmerpreted excess. volumes excess enthalples and vapour pressures of

chloroform + N- hexane mlxtures in terms of self-assocratlon of chloroform

Al



%

Using a dilatometer built ‘here,,_we have measured the )partial molar

i

volumes of sulphlur dioxide in several organic solvents. '.Differe\q\ces between
4, . . . ;

the partial molar volumes of sulphur dioxide in electron donat_in"g and
non-electron donating sélvents have been interpreted in terms of charge-
transfer complexes. o .-

Apparent molar volumes of carbon dioxide, ethane, propane, and sulphur

{

dioxide in qu__uids and liquid mixtures that have some of the same solvent

properties as bitumen have led to the partiél molar volumes of these gases in

bitumen. The relationship of these volumes to the solubilities of gases in

bitumen has been investigated.

3
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introduction

"In this work two aspects.of non-electrolyte solution thermodynamics are

‘. discussed. One of these concerns application of the ldeal assoolated solutton
model as an approximation to solutlons in whlch chemlcal assocnatlon ‘occurs;
the other concerns partial molar volumes of gasestn organlc solvents

A comprehensuve study of: the |deal assocrated solution model is
necessary because e model is commonly applled to chemlcal systems for

- which the validity of the model is unknown. Chapter 1 descrl_bes th'emodel_ and o
sets out the important problems and unaniwered questions oo‘nneoted'With i
C‘h'apters 2 - 6 present the results of measurements and calculations showing -
that the vmodel is a useful approximation to a varletv of'associated systems.
These results also provide insight»lnto many of the questions conoerning tﬂhe.
model-tha't. are posed in Chapter 1.‘

The partlal molar volumes of gases are of lnterest prlmanly because they |
allow the predlctlon of gas solublllty at pressures above the Henrys law region.

- We have burlt a new drlatometer that allows qurck and precrse measurement of

the apparent molar volumes of gases in IIC]UldS Results obtalned wrth thls

o dllatometer have led to the partial molar volume of sulphur dloxlde ina range ol .

-organi'c solvents. The results of this mvestlgatton and a description of the -

-

o dllatometer are glven |n Chapter 7

) The dllatometer has also been used to measure the apparent molar

=

volumes of several gases in solvents Wthh have propertres srmllar to the



properties of biturgen. From the results of these measurements, the partial
molar volumes &f the gases in pure bitumen have been estimated. This work is

discussed in Chapter 8.

fat
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CHAPTER 1

v

‘The Ideal Associated»Solutlen‘Mo"d\el |

Analyses of the thermodynamic properties of non-electrolyte solutions are
generally made by~vcompari,ng ‘the measured preperties with the pfopertiee the.
solution would have if itIWerejideaI. Attempts are then made to explain the'
~observed'deviations in terms of some"model (,ervtheory) of solutions. As a first

step in the development of such a’fmodel itis often convenient to separate the

”-"devxatrons from adeahty into "physnca!" and "chemical" contnbunons wnh the‘ B

Iatter bemg due 10 the formatiop - -0f dlstmc% new chemncal spemes m 1he

”

solution. ThIS separanon is an artificial one since there is no sharp d:wdmg line
between mteractlons whnch may be “’regarded as physmal and those- whnch may |
be regarded as chemical.. Nevertheless, the*distinction between the two
contributions is useful it one of the contributions can be considered as
negligible with respect to the other.

it has recently been shown (Baker, Watson and Williamson, 1971; Hepler

and Fenby 1973 Matsuu Hepler and Fenby, 1973, Fenby and Hepler, 1974

w(LEenby. 1974; Hahda, Fenby, and Jones, 1975; Hepler,
Kooner, Roux-Desgranges, and Grolier, 1985) that for some non-electrolyte
solutions in which chemical reactions are expected (or known) to occur all of

the observed deviations from ideality may appropriately be attributed to the



formation of new chémical species;.‘ That is to say, it is assuméd that the
| physical contributions to the deviations frdm ideality are negligible with respect
io the chemical contributions. Since the physical contributions (usu,al‘iy )
accounted for by activity coefficients) are assumed to be vunir‘nportam, the e
activity coefﬁcienté of all species are set¢~é'aﬁél to .unity ét ali qomposftions and
T ) ,-

temperatures. The solution is, therefore, gdnsidered to be an i~deal solution of
all the speciés present at equilibrium. This is known as the id;aal associated
solution model (Prigogine ;:md_lDef‘f\ay,' 1954;' MVCG..Iaszhan, 1979, Acree, 1984).

'Th“(_e ideaf ‘associated sofﬂtion model has _been extensively ‘used by
’iﬁveétigators of aAM./ide range of systems in which complex formation is
éxpécted.‘ For example, many spectroscopic studies are conducted on a dilute
so!utfon of the associated systén’j‘ih;{some ".inert‘i' solvent. Studies have also
béen m’a‘c;e}i‘f"sygtevv;ms in whichi more than one aSSocéatéa gpeci:e,é is 'exbec;ed |
and of systems in which séme dégfee of s'élf—associatio}rl i's}}é"mirci‘pa}é‘d. Yet =
déspite the wic;ely '\‘/arying nature of thevéystems, most users of thg ideal
assogiated solution model provide no evidence that the model is indeed a valid
_approximétion to the system fhey are investigating.

ln-order/to provide some guideii’he’s‘ as to when the ideal associated

' . i ' \ ) .

solution mode! should (and should not) be used, we have undertaken a study
61 the model as an approximation to a variety of chemical systems. In doing so

X

we have -also extended the model so that it can be applied to complex

formation in a dissolved gas + solvent system and to complex formation

between molecules of the same component (self-association). The results of

£y



these mvestngatnons are presemed in Chapters 2 - 6 of this thesis. Chapter 2
examlnes the quest:on ,f how stable’ the corcr:plex must be for the mode! to be a
.goodﬁapproxnmatlon. ~napter 3 discusses the use of the model as an.
ap;’)roxim.ation kto“'} associ;;ed systems that are dissolved in an "inert" solveni...'
Chapter 4 t;reets;ce_m.plex formation between a dissolved gas and its solvent. _’
In Chapter 5 the‘model is extended by ~ombination with so!ubility.parameter
theory to ebteie a value for'the thefmodynamic equilibrium constanf for the
association (1 1 cohplex formation). \ By comparing the thermodynamic
equilibrium constant with {he equilibrium constant calculated from the model
the error imroduc‘ed by the neglect of physical contributions to the deviations

i 'from adeahty can be estlmated Chapter 6 demonstrates the ability of the model

to deal with the problem ot self assocnatton j RSSO



CHAPTER 2

" Thermal and Volumetric Properties of Chioroform + Benzene
‘Mixtures and the Ideal Associated Solution Model of Complex
Formation -

t

|
!

Introduction

Recently the ideal associated solution model has been extended and
applied to thermodynamic properties (K, AHS, AC,P, and AV®) of chloroform + °
triethylamine. mixtures (Hepler, Kooner. Roux-Desgranges, and Grolier, 1985).

it _wasf,shown that this rellaﬁVely"simple model is consiétent with'mény accurate

exp‘erime.ntal Aresults‘ so that there us no compelling empir‘ical"ju'stification for
introducing#more complicated theoretical treat.mle-nts. The.chiorofobrmv +
triethylamine system was chosen as the 'focué of that earliér work for two
principal reasons. First, thére is strong evidence that the 1:1 complex exists in
the solid state (Staplefon, Bellay, Wulft, ahd Hepler, 1966)' and good
spectroscopic evidence for the existence of the 1:1 complex m the Iiduid state

.

(Howard, Jumper, and Emerson, 1963; Wiley and Miller, 1871). ‘Second, it was
recognised that the ideal associated scglution mode! was "most likely to provide”
an accurate and useful representation of properties of mixtures in which the
observed non-idéal thermodynamic properties ‘are due to the formation of a

_ reasonably stable complex, as in this system. The desirability o?’ testing the

6 ®



adequacy of this model on other systems containing less stable complexes was
also recognised.
The underlying assumption of the mogel is valid only when the chemical
mteractlons are large with respect to the ph\;su:al interactions. Therefore, we
: expect that the ideal assomated solution mode! will be a-better approxlmatnon
;Q for systems in whuéh a stable complex is formed than for systems in which the
complex is less stable (weak). The question then arises: how weak can the
complex be before the neglect of tgj,e physlcel contributions introduces too
much error _for the ideal associated solution model to be a useful
approxsmat:on" This question is addressed in the current Chépler by applying
the model to the chloroform + benzene system, in which the exlslence ol weak
1:1 complexes has been proposed
As discussed in _Chapter 1, in the _‘id.eal associated sdution model it is
"posl-uleted that all_deviations of thermodynamic'properties.fr_or_n those of the
idleel solution can be accounted for in terms of one om more chemlcal equilibria,
with activity coefficients of all species lake‘n to-be unity at all compos'itions and
.temperatures. it lS therefore necessary to begm by identifying the pertune,nt
chemlcal equilibrium .as
[2-1] A+B=AB | " " : _ o
in yvhich A and B represent c'hloroform and benzeﬂne, respectively, and AB
»represents the 1:1 complex. We will leter cite and use results of thermodynamic

investigations that provide supporting evidence for the existence of the 1:1

complex; here we cite five spectroscopic investigations (Reeves and



Schneider, 1957; Cresswell and Alired, 1962; Hu\,ntre,ss,' 19§9; Lin and Ts;ay,
1970; Homaer, Everdell, Jackson, and Whitney, 1972) and one investigation of
dielectric properﬁes (Boule, 1972), .lall of which provide evidence in support of
the idea that the equilibrium represented by-equation [2-1] is the most important

non-ideal interaction in mixtures of chloroform + benzene.

Experimental
. All enthalpies of solution were measured with an LKB 8700 Precision
Calorimetry System, using-the ampoule method. ‘Ampoules containing about
1073 mole of a pure quui'd were brol;en in tﬁe calorimetric véssel that contained
100 c¢m3 of the other pure‘liqui_d_. Thus, the observed enthalpies (after smallv'
corrections for vafnour spaces in arﬁpbules)_are vé'ry dlose to the desired
ditferential or partial ;molar enthalpies of solution at infinite dilution. All such |
enthalpies refer to ihe stated t'emperatures + 0.05 K.

Heat capacities and densities at 288.15 + 0.05‘K were measured'using a
Picker flow calorimeter and de‘nsimeter‘és”described by previous workers:
(Picker, Leduc, F’hilip,fand Desnoyers, 1971, Picker, Tr‘emblay, and Jolicoeur,
1974).

Benzene-(Caledon) was distilled ana then‘dried by prolonged contact with
. molecular sieve. -Chloroform (C‘aledoh) was washed five times w_ith}doubly

distilled water, dried over anhydrous calcium chloride, and fractionally distilled

S . 5 . " N . N . .
twice. The middle fraction from each distillation was retained. At all stages of °

~



the process the chioroform was protected from light.  The purified chloroform
was stored under nitrogen in the dark and was used within three days of

purification.

Calorimetric and Volumetric Results
As stated in the preceding section, our enthalpies of solution are taken to

be differential or partiallmolar enthalpies of solution at infinite dilution, which we
represent by L,° andn Lg®,-with thé subsgripts A and B indicating chloroform and
benzene, respectively, as thé dilute components. Results are suAmmaris‘ed in
Table 2-1, where each L° i.s the average of enthalpies from four measurements.

Molar excess heat capacities, CpE, are defined by

[22)  CF=Cp-xaCha-%sCpp

in which Cp represents the heat capacity of a-mixture containing a total of 1.0
mole of stoichiometric A + B, x, and xg are stoichiometric mole fractions, and

C;,A‘and C;’B'are the molar heat capacities of the pure Iiﬁuids A and B. The
molar excess volume is defined similarly in terms of'thé volume of a mixture
and the molar volumes of pure liquids. Results of our measurements of excess
heat bapacities and densities are summarised in the form of'these CpE and VE
values in Table'2-2. Our heat Capac\i.ties for pure chloroform and'pure benzene

are G, p = 113.85 J K" mol"! and ‘C;,'B = 135.75 J K'! mol™?, respectively.

Densities are 1.47835.g cm™3 for chioroform and 0.87370 g cm™3 for benzene.
%
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Table 2-1. Infinite dilution partial molar enthalpms of solutnon of chloroform in
benzene and of benzene in chloroforma . ~‘
Temperature/K  La%/kJ mol™! Lg® /kJ mol™?
288.15 | 415 ' .1.89
298.15 -1.17 -1.81

308.15 .21 | 478
, : .

a Subscript A mdncates dilute chloroform (A) in benzene (B) while subscfipt B .
indicates dllute benzene in chloroform = C

i
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Table 2-2. Molar excess heat capacmes and volumes of mixtures of chloroform |
- + benzene at mole fractlons x4 0t chloroform at.298.15 K. '

X | CpE/J K1 molf? VE/emd mor !

0.00000  0.0000 | o000 -
0.05241 000 ¢ - 0.0477
008062 -0.0163 | 0.0665 -
014451 00306 01067
020312 o0o03ts 0.1348
0.25975. 0.1080 7. o.1486
0.‘41618_:‘..' 7 0.4378 01690 E
052189 | 0650 © - 01710
'0.61'2{4”5" 07643 0151 6 . | |
069814 0 o708 oa243 -
0.79493 06698 - - 0.0707
085978 05385 00644’
092281 . 03904 R vo,.'of402_'

1.00000 " 0.0000 © 0.0000-
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Thermodynamic Analysis .
The equilibrium speciation of a mixture of N, moles of A and Ng moles of B

- can be obtained by consideration of the mass balance shown in Table 2-3. The
~ symbol rin Table 2-3 represents the amount of complex at equilibrium relative

tdthe stoichiometric amount of mixture and is equivalent to the extent of

reaction, £, introduced by De Donder (Prigogine and Defay, 1954).
In the ideal associated solution model the activity coefficients of the various
species are taken to bé unity at all compositions; therefore the thermodynamic

equilibrium constant, K, for redction [2;1] can be expressed in terms of the
equilibrium mole fractions, z; bf'these ‘species:
[2-3]  K=2zpp/zpzg

Substituting the expressions for the equiiibrium mole fractions frbm the last
columh of Table 2-3 into euq‘uation [2-3] (noting that x, = 1 - xg) we obtain an
expression for the equilibrium-constant in tel;ms of the extent of reaction (r) and .
the stoichiometric fnole fraggons}, X;: |

24 K=r(1-Dixg(1 - xg) -1 + )

Rea_rrangemént of equation [2-4] yields -

‘[2-5] r=(1-[1 --(4xAxBK)./(K+ 1)105)/2

Therefore, the value of r can be calculated for any given hixture of A and B for

‘which the equilibrium constant of association is known. -

The equilibrium - constant of an association reaction. such as that
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‘Table 2-3. Mass balance in the liquid phase for reaction [2-1)

Stoichiometric  Stoichiometric  Equilibrium@ Equilibrium®
Species Amount/mol ‘Mole fraction Amount/mol Mole Fraction
—
A« Ny XA , Na - Nag (Xa-N/(1-1) =24
B NB ) XB ; NB - nAB (XB - r)/(1 - r) = ZB
AB B N r(1-1) = 25

a Total number of moles at equilibium is (N, + Ng - npg)
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represented by eq:uation [2-1] may be calculated from vapour pressure data
by the method described in Appendix A. Applying this method to critically
analysed and selected vapour pre$sure - composition data for the chloroform +

‘benzene system at 323.15.K (Gmehling, Onken, and Arlt, 1980), we obtained a
K vgjue for each of 19 different compositions. The average value is Kpg =
0.378 with standard deviation 0.054. Because there is a distinct trend for the

calculated values of Kj,5 t0 increase with increasing mole fraction of
chloroform, the K3,4 values can be summarised by

[2-6] Kgzp3 =0.2928 + 0.1753x,
| for which the correlation coefficient is 0.992. In the subsequent calculations we

havs used the average value of K3,4 calculated from equation [2-6] at x5 = 0.5

(K3p3 = 0.380).

In the iaeal associated solutiog)‘ mode! all deviations from ideal solution
behaviour are said to arise 'from chemical interactions in the solution.
Therefore, the excess enthalpy (molar enthalpy of mixing), HE}, is related to the
standard enthalpy of process [2-1] , AHS, by | |
[2-7]7 HE =raH®

To obtain AH®;,5 from equation [2-7] we need values of HE at 323.15 K.
These values are caidulated by c_ombining our heat capacities (Table 2-2) with

12 selected HE,qg values (Nagata, Tamura, and Tokuriki, 1981; Rastogi, Nath,

>nd Misra, 1971). In this way we obtain 12 calculated values of HE323. Each
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calculated HE323 corresponds to a particular composition of chloroform +
benzene and hence to a particular value of r. ’The value of r corresponding to
each HEsé3 value is calculated from equation [2-5] using Kap3 = 0.380 (obtained
~ as described above). The H5323‘,'r pairs are tﬁen combined in equation [2-7] to
obtain 12 valués of AH®;,5. The mole fraction dependence of AHO3,4 is given
. by !
[2-8]  AHO,; /kJ mol! = -4.599 - 1.604x,

for which the correlation coefficient is -0.994. For X5 = 0.5 equation [2-8] leads

to AH9323 = -5.40 kJ mol"? which is the value used in subsequent calculations.

If the experimental results that we have used were without error and if the

ideal associated solution mode! were exactly correct for the chloroform +
. . ~ ’
benzene system, the calculated values of K5,4 and AH®;, would not depend

on composition. Because all available evidence suggests that the
e

experimental results we have used are very good, we must attribute most of the
observed variation with composition to inadequacies in the model. However,
the variations are of such magnitude that it is still appropriate to regard the ideal

associatec solution model as being worth further testing as follows.

Taking the value of K;,5 (given above) with the value of AH®, 4 in
(BlpK/aT), = AHY/RTZ we obtain Kygg = 0.45. Next, we use this Kygg with
“calorimetric HE for 298.15 K (Nagata et al., 1981; Rastogi et al., 1971) in

equations [2-5] and [2-7] to obtain 12‘ values of AH":,_,98 with an average value of
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of -4.88 kJ mol"! and standard deviation 0.61 kJ mol™!. We summarise these 12
values with

[2-9]  AH8,gq /kJ mol™! = -3.988 - 1.912x,
for which the correiatioh coefficient is -0.994. At x, = 0.5 equation [2-9] leads t!

AHeng = '494 kJ mol".

Anoiher approach to evaluating AH® is by way of limiting partial molar

enthalpies of solution, L°, since it has been shown (Matsui, Hepler, and Fenby,
1973) that
[2-10] AHG; LAO(K + 1)/K = LBO(K.+ 1)/K

Use of Lx® and Lgo at 298,15 K from Table 2-1 and Kagg = 0.45 in equation
[2-10] yields AH®,gq = -é.e kJ mol! from LA° énd AH® 4 = -5.8 kJ mol™! from
| Lg°. The average of these two values is in excellent agreement with AH'9298 =
-4.9 kJ mol™! ’from HE and Kogg valugs. Also, the iﬁdividual valueé of AHG298
(caléulated from L,°, Lg® and HE5q5) égrge within our estimates of the
- relatively large unceﬁéinties‘ in AH"ZF98 f_rofn L% and the srﬁaller uncertainty in
AH®, 45 from excess enthalpies.

/

In principle we Can use our AH® values at 298 K and 323 K in ACpe =

(3AH®/3T),, to obtain AC,9 = -18 J K™' mol™? for reaction [2-1]. Because of the
“large uncertainty of £35 J K™1 mol! in this value we turn to our excess heat
‘capacities in Table 2*2 to try to obtain a better value of AC®. By differentiating

li:' )
} SN
B
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equation [2-7] with respect to temperature and reérranging we obtain

[2-11]  AC,®=[C,E - AH@r/RT) }ir |

As éhown by Mains, Larson, and Hepler, (1984), ditferentiation of equation [2-4]
- in combination with (aan/a_T)p = AHYRT? permits equation [2-11] to be written in

- e

the form‘

[2-12] | Acpe = [C,E - (AH®)Z(RT2Q))r

where

[2-18]  Q=[-1/(1 -]+ [1/] + [1/(xa - 1)] + [1/(xg - 1)]

In these calculations we have used K = 0.45 and AH® =-4.94 kJ mol"! (both for

T = 298.15 K) obtained as described earlier in this Chapter. The results of
. . ¥

these calculations are 12 different ACpe values, each corresponding to the

composition of one of the CpE values in Table 2-2. The average value is ACpS =

-18 J K1 mol"! with a standard deviation of 6 J K'1 mol!. Because the

calculated values of ACp9 vary with the composition of the solution we also
Py

summarise them with-

[2-14] AC8 /WK mol™! =-26.8 + 19.7x,

with correlation coefficient 0.979. Equation [2-14] leads to a value of ACp9 =-17
CJKTmol atxs = 0.5,

‘ \

We can also obtain ACpe =-23 J K1 mo!"! for reaction [2-1] at xp =0 by

way of the L° results in Table 2-1, using
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[2-15] ACpe = [(E)L°/E)T)l:> - (L92/(RT2K)](K + 1)/K
that was derived by Hepler et al. (1988). Similérly, our values of LgClead to

ACF,9 =-11 J K"Tmol"? at x, = 1.0 and thence to an average (from L° resuits)

ACpe =-17.J K1 mol? for reaction [2-1]. Although there is a non-trivial

dependence of the calculated ‘values of ACp9 on composition of solution, it

should be noted that the composition dependence of these ACp9 values based

on LO values is the same as that for our earlier ACp6 values based on the CpE
| Qalues that were used in equation [2-11] (as summarised by equatioﬁ [2-14)).
This latter agreément shoWs that our éxperimental results (L° and CpE) are
~consistent with each other, so that the observe-d dependence of calculated
vaIQes of ACp9 on composition of the solution must be attributed mostly to
cumujative inadequacies in the ideal associated solutioh model.

Although the above 'ACpe values are not very accurate, the average value

can be combined with our AH®;,5 in (aAHe/aT)‘; = ACp9 to obtain a usefully
accurate equation for the temperature dependence of 'A,HO:

[2-16] AHE/\Jmol'=94-17T

Combination of equation [2-16] with (aan/aT)p': AH®/RT2 and our Kj,5 = 0.380
yields an expression for the association equilibrium constant as a function. of

temperature.

[2-17] InK = ~(11.31/T) + 10.86 - 2.04InT
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The volume ch'ange for réacﬁon [2-1] at 298.15 K, AV®, can be calculated
from our excess volumes (Table 2-2) from
[2-18] VE=raV®
in just the same way that we have obtained AH® from excess enthalpies and
equation [2-7]. The average of the 12 values obtained in tﬁis way is AV® = 2.2
L , .
" cm3 mol! with a standard deviation of 0.5 cm3 mol-!. Because the calculated
- values of AV® vary with comporsitioh of the solution, we also summarise these
results by ' | ;V

[2-19]  AV®/cm3 moll = 2.87 -1.55x,

for which the correlatidn coefficient is -0.94. The value of AV® at xAv= 0.5is 2.1
cm3 mol™. x

We have also used the excess volumes reported by Rastogi et al. (1971)
for 20, 30, and 40°C for similar calcu'aio .. Because of the scatter in their

values of VE, we note only that the carived values for AV® are all small and

positive.

Discussion .
The results presented here show that there is good consistency between
vapour pressure data, calorimetric data, volumetric data, and the ideal

 associated solution model for reaction [2-1]. This consistency, together with the

modest dependences of the calculated thermodynamic quantities (K, AH®, ACpe. :
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erjd AV®) on composition of solution, indicates that the ideal associated solution
model is a usefu!l approximation for assessing the stability and related-
thermodynamic'propenies of 1:1 complexes in the chloroform .+ benzene
szstem. N

The dependences of the calculated thermodynamic propert_ies on
composition of solution are larger (relatively) than those observed for the
chloroform + t;riethylamine sys‘fem. _This was expected since the chemical = -
interactions between chloroform and benzene are weaker than the chemical
interactions between chloroform and trfethylamine; thus the ideal associated
solutioh mode! is not as good an approximation for the chloroform + benzene
- systemasitis for the chloroform + triethylamine system.

The degree of conﬁposition dependence of the thermodynamic properties
of the chloroform + benzene system indicates that the ideal essociated_ solution
model will not be a useful approximation for associated systems in whichﬂthe
complex is markea\df)/\{e\ss s'table than the chloroform-benzene complex. On this
b(asis we suggest that the model should not be applied to associated systerrjs
for which the association equilibrium constant (expressed in terms of mole
fractions) is less than about 0.1.

It is also noteworthy that all of the values of VE and hence all of the values
of A_Ve for the chloroform + benzene system are positive, while all of the values

of VE arjd AV® for the chioroform + triethylamine system are negative. It follows
from (9InK/ap)t =.-AV9/_RT that the stability of the chloroform-triethylamine

complex increases with increasing pressure while the stability of the
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chiorcform-benzene complex decreases = with increasing"pressure.

* Spectroscopic measurements offer the best method for testing this predi’Ct“ion.
. - N |4
' /

N



CHAPTER 3

Examination of the Inert Solvent Assumption in the Ideal

Assoclated Solution Model. Enthalpy of Chloroform-TrIethylaniine

Complex Dissociation.

Introduction

'JA‘s noted in,Chapter 1, assoéiate*d non-eledroly‘te systems‘(A +B= AB)Q are
oﬁen studied as dilute solutions in some more or less inert solvent. For such
investigations there are twc :vays.of choosing standard states and evaluating
activity coefficients. First, we may choose standard states for A, B, and AB
based on Henry's law, \;Vhich means that activity coefficients for all species that
are sufficiéntly dilute are t"aken to b_gé unity. An advantage of this choice is that it
avoids the need to specify any particula; model or the\ory of activity coefficient.s,
but there are imp‘o*r"tant difficulties. ’I:he first difficulty arises from the pracﬁcal
necessity ‘of working with solutions that contain a reasonable concentration of’
complex. Many complexes are not formed in an apprééiéble amount i.n very
dilute solution. Therefore, investigators are forced to wc‘)rk‘-with reasonably
' cohcentrated solutions for which"activity coefficierits based on Henry's law may
not be equal to unity, which then leads to the need for some further model or
theory of activity coefficients. A second difficulty is that there ,is no

straightforward way to compare K, AG®, and AS® values based on a Henry's law

22
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étandard state with K, AG®, and AS® values based on Raoult's law, which isdthe'
usual standard state for binary mixtures of A”+ B (no solvent).

The second apprc »ch to solutions of A + B in an "inen" solvent isi:to choose
standard -staies oi all species based on Raoult's law. Compositibns are
expressed in terms of mole fractions and all aétivity_coefficients are set equal to
unity ‘ét all temperatures and compositions. This approach is equivalent to
ehending the ideal associated solution model from binary mixtures of A + B to
solutions of A + B in an "inert” solvent and has the & antage ‘that it permits
direct comparison of fesults obtained for binary mixtures of A + B with results

obtained for solutions of A + B in a solvent. If this approac'h is valid, then values

of the equilibrium constantTK) and the standard enthalpy (AH®) for A + B = AB
will be the same whether thé?jare determined from the results of investigations
of binary A + B (no solvent) or from the results of investigatioons ¢ solutions of A
+ B in aninert solvent.

To examine the validity of the extension of the ideal associated solution
model to solutions of A + B in an 'inén solvent ;A/e have investigated the
chloroform + triethylamine + cyclohexane system. Chloroform + trigthylamine
was chosen as the complexing pair because the complex formed between

_cﬁio_{dfo'rm andr triethylamine is very stable (K = 2.6 ét 25°C) and because the
id;eél a’ssociate’d solution model has been shown (Hepler, Kooner, Roux-
Desgranges, and Grolier, 1985) to work well for this system. Cyclohexane was

chosen as the inert solvent in view of its common use as a solvent in
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spectroscopic a‘nd‘thermodynamic studies of non-e.lectrélyte solutions. In
addition, cyclohexane has no o:bvious chemical reactivity towards either
‘chloroform or triethylamine.

The enthalpies oi‘ad'ding known amounts of C;E:Io'hexane to both dilute
~ and concentrated solutions of chloroform + triethylamine in' cyclohexane were
| measured. To the extent thét thé model is Iﬁpplicable_to the binary mixtures of
chioroform + triethylamine and also to the solLtions in cyclohexane, the results
of these méasurements will ‘be consistent with the previously reported (Heplér
et al., 1985) values 61 K and AHetr:at were establishedh on ihe, basis of
measurements of vapour pressure and excess e_nthalpiés of binary A + B

mixtures.

Treatment of Speciation
" The formation of a 1:1 complex, AB,/between unlike molecules, A and B,
cé'n be represénted by
- [3-11 A+B=AB
When Nj moles of A are mixed with Ng moles of B,and Ng moles of inert

solvent, S, the equilibrium composition of the solution (expresséd in terms of
’ )}l7
the equilibrium mole fractions, z;) can be related to the stoichiometric
‘ :

composition (expressed in terms of the stoichiometric mole fractions, x;). The

relationship is derived from the mass balance considerations presented in

Table 3-1. In Table 3-1 r represents extent of reaction, as before (Chapter 2).
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Table 3-1. Mass balance for A + B = AB mixed withyan inert solvent S.

Stoichiometric Stoichiométric Equilibriuma ~ EquilibriumP
Species  Amount/mol  Mole fraction - Amoqnt/mol ) Mole-Fraction
A Na Xa (Na-M=na (xp-0/(1-1)=2,
B Ng . Xg (Ng - n) = ng (xg - T/(1-1) = 2g
AB - - ' N:) | M(1-1) = 2pg
S -~ Ng | Xg Ng = ng | QS/U -1 =2g

@ Total nimber of moles at equilibrium is (Np + Ng + Ng - nag).

Br = npg/(Na + Ng +Ng).
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In the ideal associatec solution model the activity coefficients of all
species are taken to Rauynity at all compoéitipns. Tnerefore the equilibrium

constant for reaction [3-1] can be expressed in terms of the equilibrium mole

fractions, z;:

i [3-2] K= zAB/zAzB

Sybstiigtingj the expressions for the equilibrium mole ffactions of each species,
z;, fnrom. the last column of Table 3-1 into equation [3-2], we optain a.n

I

expression for the equilibrium constant in terms of the extent of reaction (r) and

the stoichiometric mole fractions, x;:

©[3:3] K=r(1-1)Xa-Nixg- 1)

Rearrangement of' equation [3-3] yields' -

[3-4]  r=[K(xpa+xg)+1-[(K(xa+xg)+1)2 -4(h  (Kxpxg))/ (2K + 1),
" Therefore, the yaiu,e of r can be calculated for any given mixture ot A, B, and S

~ for which the- equilibrium constant

of association is known. The value 2i r can

then be used in the expressions (obtained from Table 3-'1‘)
25 = (xp- /(1 -1)

zg=(xg- (1 - r

(3-5)

Zpg=1/(1-1)
25 =xg/(1-1)

to evaluate the equilibrium mdig fraction of each species in the solution.. The
: . B q' . . :
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equilibrium amount of the complex, n,g. can also be calculated from the extent
of reaction using : \
(3-6) 4~’nAB S r(Na+ Ng + Ng)
The equilibrium amounts Jf A and B, np and nB,.can then be calculated from
the- expressions |

Na=Na-Nap,
[3-7]

ng=Ng-Nag ' ~
‘which are _der'ived.in Table 3-1. The almouhf of solvent is . changed by the

formation of AB and hence the equilibrium amount of S, ng, equals the

stoichiometric amount of S: o

[3-8] ng = Ng
Thus, for any mixture of A, B,and S for'vs'/hi'ch the stoichiometric amount of each.

species and the equilibrium constant of association are known, the equilibrlium

speciation can be calculated. :

/ Experimental

‘Calorimetric measurements were made using an isoperilbol" calorimeter.
The calorimeter consists of a Dewar flask (capacity 370 cm3) reaction vessel
clamped. inside a sealed brass can. The brass can is fitted with an inlet port™

through which a liquid can be admitted to the reaction vessel by an automatic

4
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.
titre;tor. Changes in the temperature of the mixture in the rc.iction vessel are
monitored with a thermistor and a resistance bridge. A calibration heater
mounted on the inside of the lid of the can is bositioned near the bottom of the‘
reaction vessel when *he vessel is sealed inside the can. The calorimeter is
- described in full by Dobrogowska and Hepler (manuscript in preparation).

To begin an experiment the reacti.on ‘mixture is weighed into the reaction
vessel. The reaction vessel‘is then clampeé inside the can and the can is
sealed and pIaCed in a contant temperature water bath. The reaction mixture is
stirred continuously and the change in resistance of the thermistor with time is
recorded. When the resistance of the thermistor reaches a value that has been
shbwn previously to correspond to the temperature of the water bath, a known
volume of the liquid in the titrator is admitted to the reaction vessel. The titration
leads to a change m temperature orf' the reaction mixture and a corresbbnding
“change in resistance of the thermi'lsto"'r'. - The change in ,re‘sivstance' of the
t/he:rr.nistor,, With time is recorded. When tfhe change in resistance of the

thermistor with” time has been constant for several minutes the calibration

heater is swi' ched on.” The current through the heater, I, the voltage'across the

' heater, Vh and the time of the heating, t, are recorded.  ~ne heater is then
: switchea off and the change in ’resistance of the thérmistor with time is again
recorded.
: The resisiance changes due to the titra\tion and the el_ect'rical calibration'

are calculated by standard methods (Vanderzee, 1981).', The fati_p of these
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A

resistance changes is equal to the ratio of the energy changes associated with

the two processes. Since the electrical energy of the calibration, Q.. is known

(from Q. = 1,V}t), the energy associafed with the titrat;on can bé calcu!ated: ‘ )

When the electrical calibration is finished the mixture in the reacticn vessel
is heated (or cooled) until the resistance of the thermistor is ~4 Q above the
resistance corresponding to the temperature of the water bath. The calorimetric
experimental process (titration followed by calibrati‘on) is then repeated. The
number of repetitions is limited only 'by the capacity of the reaction vessel. By
this method several calorimetric experiménts can be performed without
changing the starting mixture in the reaction vessel.

In this work we have measured the heat associated with adding a known
volume of byclohexane to mixtures of chloroform, triethylamine, and
cyclohe*éne; Experiments were performed with two types of mixture  the
reaction‘ vessel. The first type of mixture contained concentrated chlic-ofor-1 +
triethylamine with a maximum mole fraction of cyclohexane of 0.097 ‘. iThe
second type of mixture'contained dilut;a chloroform + tri’ethylam'ine with
minimum mole fraction of cyclohexane of 0.7345. For both types of mixture -
three ratios of .c_hlo‘roform to triethylamine were investigated: 3:1,-1:1, and 1:3,
There were, theréforé, six different starting mixtur‘es_. three concentrated and
three dilute.

For each 61 the ,concéntrated mixtures six additions of app‘roximate‘iy 5cm3

of cyclohexane were made and the heat associated with each of these
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additions was measured. For the dilute mixtures the heat associated with each“
‘of four additions of 25 cm3 of c;lclohexane was measured.” |

Chloroform (Céledon) was purified and stored as described in Chapter 2.
Triethylamine (Fluka) was refluxed for 2 hours over potassium hydroxide peliets-
and then distilled from the potassiu,m‘ hydroxide. The middle fraction of this
distillation was‘ collected and redistilled. The middle fraction was again

collected and was stored under nitrogeri. Cyclohexane (Caledon)‘ was dried

over molecular sieve (4A), distilled, and stored under nitrogen.

Results and Analysis

The results of the calorimetric measurements described in the preceding
section are given in Table 3-2 (concentrated mixtures) and Table 3-3 (dilute
mixtures). Both tables list results of three sets of measurements, each set
corresponding to a different ratio of c;hloroform to triethylamine. For each set of
measurements the stoichiometric amounts of chlo‘roform and triethylamine are
invariant and are given above the results to which th’ey rélate. The first two
coiumns of Tables 3-2 and 3-3 list thé amount of cyclohexane in the reaction
vessel before an experiment and the amount of cyclohexane added during the
experiment. The third columns list the heat absorbed when this amc;unt of
éyclohexane is introduced to tﬁe reaction vessel. The uncertainty in these
measu_fed heats is éstimated to be less than 2%. |

The fourth columns of Tables 3-2-and 3-3 list the heat arising from complex
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Table 3-2. Heats measured on addition of a known amount of cyclohexane to
concentrated mixtures of (chloroform + triethylamine) in cyclohexane.

0(CgHy)3mol  n(CgH,,)P/mol QmeasV Qqiss
added |

NICHCIC=25048 mol  DTEAC=0.8405 mol —

0.0000 .  0.0463 113.472 49.780
0.0463 0.0463 - 111.203 49.460
0.0926 0.0463 109.213 49.326
0.1389 0.0463 ‘ 107.199 | 49.081
0.1852 0.0463 105.151 ~ 48.721
0.2314 0.0509  113.403 53.130

N(CHCIC = 1,4192 mol  n(TEA)C.= 1.3928 mol
0.0000 , 0.0417 108.485 ~ 88.305
0.0417 0.0509 129.165 105.086

1 0.0926 0.0463 115.064 93.976
0.1389 ~ 0.0463 112105 91.658
0.1852 - 0.0509 120.895 99.015
0.2361 0.0417 97.633 80.396

D(CHCI;)% = 0.6468 mol  p(TEA)C =1,9351 mol
0.0000 - .0.0463 75.715 - 49.158
0.0463 0.0463 74313 48.769
0.0926 ' 0.0463 72.459 47.867

1 0.1389 0.0463 71120 " 47.425
0.1852 | 00463 69.747 46.896

0.2314 ' 0.0463 68.601 _ 46.548

2 Moles of cyclohexane in reaction vessel before e§periment.
b Moles of cyclohexane added during experiment. _
| € Stoichiometric amount of chloroform (CHCI,) and triethylamine (TEA) n

reaction vessel for each set of experiments.
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Table 3-3. Heats measured on addi‘ion of a known amount of éyclohexan‘e to
dilute mixtures of (chloroform + triethylamine) in cyclohexane.

n(CgH;2)3mol  n(CgH,,)P/mol Qmeas’d Qs
added

D(CHCI)®=0.4261 mol  n(TEA)C.=0.1566 mol

.1.8953 ~ 0.2314 69.103 46.437
2.1268 0.2314 . 60.877 41.482
2.3582 0.2314 53808 37.014
2.5896 0.2314 47.857 33.168
mszugaic_o,aaas_m N(TEAIC = 0.2530 ol
1.9103 0.2314 ' 64.112 51.529
21417 0.2314 55.921 45.129
2.3732 0.2314  48.999 , 39.636
2.6046 0.2314 . 43083 34.879 ©
~ n(CHCI;®=0.1566 mol  n(TEA)C=0.4610 mol -
1.7089 0.2314 64.024 49.350
1.9403 0.2314 56.329 43.850
2.1718 02314 ¢ 49.694 38.945

2.4032 0.2314 44.037 : 34.676

@ Amount of cyclohexane in reaction vessel before e'xperimem.
b Amount of cyclohéxane.added during experiment.

C Stoichiometric amount of chloroform (CHCl;) and tnethylamlne (TEA)in

reaction vessel for each set of experiments.
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' dissociation. The heat of complex‘ dissociation was calculated by subtracting

L

the heat due to chloroform + cyclohexane interactions, Q(CHCI3/CgH;5), and -
¥

the heat due to triethylamine + cyclohexane interactions, Q(TEA/‘CGHQ),

from the measured heat:

(3-9] ~Qdiss = Qeas - Q(CHCI4/CgH,,) - Q(TEA/CG~H12)'
That the interéctions of éyclohexane with chloroform and with triethylamine
make significant contributions to the measured heat is consistent with treatment
| of thé chloroform + triethylamine system by the ideal associatéd solution model.
Although the model assumes t'hat all physical contributions {o the deviations. -
~ trom idez;lity are negligible, this assumption applies only to those species
i‘nvolved in association. The model cdr;_tai"ns no requirement that other species
(e.g., "inert" solve<nt) be t>re‘ated in any particula} way.. Therefore,"we must
‘evaluate the contributions to the Vmeasuréd héat arising from chloroform +
‘cyclohexane and triethylamine + cyclohexane interactions from separate
expe’riménts. Thése contfibutions can then be subtracted from the measured
héat to obtain the heat due to complex dissoéiation as described by equation
3-9). ° |

The last two terms in equation [3-9] were evaluated for each experiment

fqun equations of the form
3-10] QWIS) = [222AHOWUIS)](n, + ng)  J = CHCly or TEA, S = CgHy,

where AH®(J/S) represents the binary interaction enthalpy‘: bf’ J with

cyclohexane. The equilibrium mole fraction (z;) and equilibrium amount (n;) of.
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each species was found using the method described in the second section of
this Chapter. A value of K = 2.6 for the equilibrium constant of association
between chloroform and triethylamine as determined by Hepler et al. (1985)

from studies of the binary (no inert solvent) chloroform + triethylamine system
was used in the speciation calculations. A value of AH®(CHCI3/C¢H,,) = 1.40

kJ mol"1 was found by fitting an equétion of the type represented by equation
[3-10] to the data of Findlay, Keniry, Kndman and Pickles (1967) for thepxcess
heats of the chloroform + cyclohexane system. A similar fit to the data of

Murakami and Fujishiro (1966) for excess heats of mixing in the triethylamine +

£

cyclohexane system led to a value of 0.55 kJ mol"')for AHe(TEA/CGH12). The

©

maximum "residual in the fit to the chlogoform + cyclohexane data was 26 J

e

mol™! while the maximum residual in the fit to the triethylamine + cyclohexane
daAtfa was 33 J mol-1.

The enthalpy of Corhplex dissociation .wa.s.calc;JIated by dividing the heat
of dissociation from an experime‘n't b-y the amount of conipléx dissociated, ny;.
during that experime‘nt:

C[3-11] AHgise = Qdis::/‘ndiss
The amount of”complex dissociated is the diff_verence in ambunt offcbfhplex
before and after an experiment:

[3-12] ngiss = Nag(before) - nyg(atter) -

We estimate the uncertainty in our enthalpies of complex dissociation to be

around 3%.

~J

7
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For each se} f eivperiments the values of AHy; . were averaged and these
av‘erage eﬁ'thaibies of complex dissociation together with‘ the standard
deviations qf.athe averages are given in Table 3-4.

Earl\fé{r work (Hepler and Fenb¥.1973) has shown that it is possible to

apply the ideal associated solution model to the results of measurements of

' excess enthalpies to evaluétél simultaneously the equilibrium constant and the
) standard enthalpy of association reactions. In principle the calo‘rimetric results
presented in this Chabter could be treated in a similar way. We could then
compare .the values of both the association equilibrium constant and the
standard enthalpy of association for. chloroform + triethylamine with the valuesA

o deterrhineé by other workers. In pradice, analysis of our calorimetric results in

this manner is complicated by the need for corrections due to
chloroform/cyciohexane and triethylamine/cyclohexane interaciionsl and leads
to large uncernaintieé in the values of K and AH®. We have, therefore, chosen to
~assume that the value of K = 2.6 (Hepler et al., 1985) is correct and to\calcmljlate

the molar enthalpy of association as described above.

s

Discussion -
Table 3-4 shows that the values of the molar enthalpy of
chloroform-t‘riethylaminé complex dissociation determined in this work are

independent of both the ratio of chloroform to triethylamine and the amount of

A

4
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Table 3-4. Molar enthalpies of dissociatign of the complex formed between
chloroform and triethylamine.

-

n(CHCI3)/n(TEA)2 AHE DI mol T +6%/kJ mol™!
concentrated solutions 3N ' 16.59 0.25
1/1 17.34 0.18
1/3 16./39 0.19
dilute solutions 3/1 \ 16.47 £ 0.08
. 1/1 16.95 0.16
1/3 , 16.34 0.07

a Approximate molar rafio of chloroform (CHCI,) to triethylamine (TEA).

b Average molar en!&a&py of complex dissociation, based on six experiments
for concentrated s%j; yons and four experiments for dilute solutions.
€ One standard deviation of the set of enthalples from the listed average

enthalpy. ‘ 2
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cyclohexane in the mixt‘ure' within th‘e uncertainties of the calculations and the
measurements. Our average value of the average enthalpy of complex
dissociation is AH® = 16.7 + 0.6 kJ mol™!. The magmtude -of this average
enthalpy is in excellent agreement with the value of 17 0+05kJ mo| ! that
Hepler et al. (1985) obtained for the enthalpy of complex association in the

binary (no solvent) chloroform + triethylamine system from results of

calorimetric experiments and the ideal associated solution model. This
agreement shows that the same thermodynamic quantiﬁes (AHtjiss =17 kJ

mol™1, K = Z R\ car. be used to describe the chloroform + triethytamine system
both as a eure binary system and as a binary system dissolt/ed in cyclohexane
(and by inference, other "inen" splvents). We therefore conclude that the ideal
associated solution model can provide a u;eftjl approaeh to the analysis of
data for A + B = AB systems when these systems are'dissolverd in some inen
solvent. - ‘
That the model can provide a good approximation to associated s(ist/eﬁs in
dilute solutions in an "inert" solvent is fortunate because there exists a large
body of spectroscoplc work in which dilute solutions of assoc:ated systems
have been studied. The results of these studies are almost always analysed
~according tO/th-e‘ ide.al aseociated\solution model. That is, it is assumed that
’physical interactions between the components are unimportant compared with
the chemncal mteractlons A second assumptlon is-then Usually made: the

thermodynamlc propenrties of assocuated systems in dnlute solution- are the same

as those that would be observed in binary mixtures ( A + B = AB, no solvent). In
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3

this Chapter we have shown that, at least in the case of chloroform +
triethylamine in cyclohexane, both.assumptions are justified. Fﬁrther‘
experimentation is necessary to investigate whether these assumptions are

- valid in general or are valid only for certain specific cases.

(N3



CHAPTEFR/4

/ \
/ -

f o o

..omplex Formation betweeryDissolved Gas and Solvent:

Application to Lhioroform + Ammonia

Introduction

Chapters 2 and 3 and fthe studies of other workers show that the ideal
associated solution modegf can be applied successfully to man); associated
systems (A + B = AB) in which the A and B are liquids. This success raises the
possibility that the model méy be useful in the investigation of systems in which
a dissolved gas, B, irfteracts chemically with the soulvent, ‘A, to form an
associated complex, AB. I—n this case the solubility ¢. ine -3s (and henc%he
equilibrium speciation bf the systém) is determined by both the liquid-vapour

equilibrium anﬂﬁe agsociation (in the liquid phase) equilibrium. The liquid-

vapour equilibrium repfesents the physical process of dissolution of gas. FO( a
dilute solution this pro cess can be described by Henry's law. The association -
equilibrium representd the chemical interaction that results in the formation of

‘complex. As we have seen earli'er, this type of chemical intaraction can be

S

approximated by th idevall associated solution model if the complex is
sufficiently stable (seq Chapter 2).
. -

In this Chapter wg present a method based on the ideal associated solution

39
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model, in which data collected in ihvestigations “Of gas solubility can be used to
evaluate the equilibrium cohstant and the Henry's law constant for any system
in_which a stable 1:¢1-(\:omplex forms _between the gas and the solvent. We |
illustrate the usé of this meihod b‘y applying it to results of our ineésurements ot

the solubilities 6f ammonia in chloroform at three températures and several

pressures.

Deﬂvatlph of Equations
Consider a syshtem‘ in which a gas B is dissolved in a éolvent'A and a
"complex forms bétween the gas and"the ‘solvem accordiﬁg to the equilibrium
[4-1] A+ B/=AB | |
fhé gas r'noleCul_es in s_o\lution exist eithgr as dissolved 12 or as the complex AB. ‘
Therefore, the sdlubil}ty of the gas depends'on the Henry'é Iaw‘co‘nsta'nt, Ky for:

o :
- the system and on the equilibrium constant, K, for reaction [4-1]. ,The s'olubi'lity
61 a g‘a.s. in -a §o|ven~t éan be determined experin;entall‘y.. In this séctio-r; we.
derive a rela;ionship between tHis experihéntal 'quantity and the two constants
- (K and kH) usiﬁg the ide‘al‘assoc_iated solution model.
: Assumiﬁg that the ideal associated ‘solution model :s a valid ‘approxirin}ation

to the system (i.e.,‘ assuming that the systeh is.an ideal solution of A + B + AB),

we can express the association equilibrium constant in terms of the equilibrium

mole fractions, z,, as in Chapters 2 and 3:
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[4"2] K - ZAB/ZAZB
From mass balance considerations for an A + B =« AB system i,discussed in

Chapter 2) we can rewrite equation [4-2] in terms of the extent of association, r,

5 and’the stoicﬁiometric mole fraction (mole fraction solubility) of B, xg:

| [g‘-S] K=r(1-n/[xg(1- 'XB) -1+

T'he mass balance also shows (see Appendix A) that
[4-4]  r=(xg-2z5)/(1 - 2g)
Substitution of this expression for r into equation [4-3] yields

[4-5]  K=(xg - 2g)25(1 - 2xg + 2g%)

Equation [4-5] ég(presses the equilibrium constant for process [4-1] in terms of

the mole fraction solubility of B in A and the mole fraction of unassociated B in

the solution at equilibrium.

Now we write Henry's law (in terms of the equilibrium mole fraction of B) as

[4'6] pB = kHZB .

|

where pg represents the pahial pressure of gas above the solution and Ky

represents Henry‘s law constant. Combination of equations [4-5] and [4-6)

leads to

[4-7] K = (kyXg - Pg)/IPg(1 - 2xg + PaXg/Ky)]

'Equatio'n [4-7] contains two unknowns, K and ky, and cannot be rearranged to

obtain a function that is linear in pg and xg. In order to evaluate the two

constants from equation [4-7] we must employ an iterative method. Note also

{
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that if no association occurs Athen VK"=‘0 and zg = xg and equatiﬁon_[4-7j 'reducl:es
tothe usual form of Henry'é law ( pg = kyXg)-
A first estimate of ky canAbe obtained by ignoring the ‘l'ast term in the
“denominator of‘-the rig'ht-hand'si_de of eqﬁatibn [4'-.7]'. Berﬁemberi_ng that
PXg/ky = ZgXg (equation [4-6]); the neglect o'f this term is equivélent to saying
~that 1 - 2xg + zgxg =1 - 2Xg. That this is reasonable (at IeastA as a first
approximation) ca.n be seén by considering the relative m- ;.nitUde_s of xg and
zg. Due to the association equ brium somé B is converted to AB and hence zg

< xg. Also xé <1 andso zy, , <2xg. The resulting 'approximate version of
equation [4-7] is
[4-8) K~ (kyxg - Pe)[Pg(1 - 2xg)] P .

It the associated complex is strong (K is relatively large) then zg << Xg and

£

hence zgxg << 2xg. Thus the accuracy of equation [4-8] is best when the

- complex is stable (large K). Rearrangement of equation [4-8] yields

[4'9] xB/pB ~ 1/kH + (1 - ZXB)K'/kH

Equation [4-9] indicates that the intercept/of a plot of‘xBApgé;nst (1 - 2xg) will

be approximately equal to the reciprocal of k. Substimtijng thi"s_‘f‘iréf esﬁ}mte of

ky in equation [4-7] allows the value of the.eq'uilibrium constant to be calculated
at each partial pressure of gas. Since the association equilibrium constant

should be independent of the composition of the solution, . the estimate of |
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Henry's law sonstant is then adjusted in such a way as to reduce the variation
of the eduilibrium ‘constant with composition. ..Thé final values of the constant
are taken to be the values which f:orr‘espond to the least variation of'thé
~ equilibrium constant. |
Evaluation of the equilibrium constant and Henry's law constant for a
particular chemical system -by application’of the met/ﬁ;bmd%described above
. requires experimental determination of the solubility of the gas in the solvent a't
a number of gas partial pressures. Only the fotal preséure of gas can be
~measured directly. If the vapour'préssure of the solvent is negligible, then the
bartial pressure of the gas is equél to the total pressure ancg the-data can be
treated directly to yield the two constants. If the vapour pressure of the su'w/e.nt
is_appreciable, then the coﬁtributioq of this pressure to the total press re (- ust

be taken into account. One method of accounting for the solve- veaoour

pressure, using an iterative procedure, is described in Appendix B.

Experimental - ‘ ?
Chloroform (Caledon Lab Ltd.) wés purified and stored as descb_ribed in
Chapter 2. Ammonié (Medigas Ltd.) was 11ised without further'purification.
| The measurements of gas solubility were made using an iso‘bariv.c
equilibrium sol_ubility method and apparatus similar to that previously desckibed
by Morrison and Billett (1948) and Hayduk, Walter, and Simpsc  7*972). In this-

method a known amount of ‘solveni IS injected in a thin film into apparatus

v
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containing a known pressure of gas. As the gas dissolves in the solvent, a
constant pressure is mamtamed inside the apparatus by addmon (or removal)
of a known volume of mercury. The amount of gas drssolved is then calculated

from the change in gas volume, using an equation of state for the gas. The

" experimental quantities measured in this technique are the mass of solvent

injected, mp, the mass of mercury added to maintain the system at constant

pressure, Mg, and the total pressure, P,. Further details of the design and

operation of this apparatus are given by Singh (1987) and Yan, Zhang, Singh,

E2XY

. ""
" The experimental quantities, m, and Mygq. were measured for the
chloroform + ‘ammonia sycterh at 298.15 K, 303.15 K and 30815 K over a

pressure range of 80-300 kPa: Three values of mA and My g Were measured at

et
&f’

each temperature and pressure.

Pycnometers were used to measure the density of chloroferm and values

"

=3
of 1.4793 g cm'3 at 298.15 K, 1.4733 g cm3 at 303.15 K and 1 4679 g cm -3 at

308. 15 K were obtalned

.rl

-

The method and apparatus deéj:nbed in Chapter 7 were used to obtam a

value of 30.3 ¢m3 mol™! for the partial molar yolume of ‘dmmonia in chloroform

.. atinfinite dilutio.an-.
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- Results and Discussion

Since the vapour pressure of chloroform at 298 K"is 26 kPa, the solvent
makes'é significant contribution to the measured total pressure at all of the
.temperatures and press_t‘Jresvinvestigated. For each (estimaté of Henry's law
constant a consistent set df (K, pg. xg) values was found using the method
described i Appendix B. Values of the second virial coefficient of ammonia
~ were obtainedv'by interpolation based on data compile’d“ by Dymond and Smith
(1980). Vapour pressures of pure_éhloroform of 26.220 kPa at 298'.1A5 K,
32.329 kPa at 303.15 K, and 39.542 kPa at 308.15 K were taken from the

compilation of Smith and Srivastava (1986). During each iteration the value of

xg at a particular total pressure was taken to be the mean of three X§ values

calculated from the three replicate measUrements of m, and ‘m"Hg at that total
pressure. The ma'lximu';n number of iterétions required to. obtain a c_pnsistent
set of (K, pg, xg) values was four. The values of the equilibrium consta‘ﬁt\_.were
.then averaged and the standard deviétion was calculated. A new va‘lu}‘e qf

Henry's law constant was chosen, and a new set of (K, pé, xg) values consistent

with this new value of k,; was calculated. The process was repeated until the

standard deviation of the equilibrium Constant had been minimised. The p
. # &
e

average value of K and the value of ky corresponding to this minimum in the

standard deviation were taken to be the "best_’,’.wy.alues of the association

equilibrium constant and the Henry's law cor}%taynt for the chloroform +

-
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ammonia system. The values of these constants at each of the temperatures
investigated are listed in Table 4-1. The values of the partial pressure of

ammonia and the stoichiometric mole fraction solubility of ammonia (consistent

with our best values of K and ky) for each of our experiments are listed in Table

-

4-2,

No published reports of the equilibf}'urﬁ conétan: for the formation of
chloroform-ammonia c-omplep; are availablle for cémparisoﬁ with our results‘,
Thus, we cannot yet examine quantitatively the use of the ideal associated
solution model as a tool for investigating complex formation between dissblved
gas a'nd solvent.. Ouélitatively, our results :are consistent with the expected
strengtﬁ of ch‘loroform-ammoni'a association as we now show. | -

Ammonia is generally considered to be a weaker base than triethylamine
(due to the positive fnductive effect of the ethyl group) ana a stronger base than

benzene. We therefore expect the chloroform-ammonia complex to be less

stable than the chloroform-triethylaming” complex and more stable than the

chloroform-benzene complex. On this basis we predict that the association

equilibriUm constant for chloroform + ammonia should be smaller than that for
chioroform + triethylamine (K = 2.6 at 298 K; Hepler, Kooner,
Roux-Desgranges, and Grolier, 1985) and larger than that for chloroform +

benzene (K = 0.45 at 298 K; Chapter 2). We have found, using the ideal

o

~associated solution model, that the chloroform + ammonia association

equilibrium constant has a value of K = 0.58 at 298 K (see Table 4-1). This .

value is intermediate between K=2.6 and K=0.45 and thus is consistent



. Table 4-1. Values of K and ki for chloroform + ammonia.
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K K +o® kyMPa  +c%/MPa
298.15 058  0.04 1.04 0.04
. ' / .
30315  0.50 0.04 1.15 0.04
e
308.15 0.62 0.02 1.39 0.05

2 Standard deviation at the 95% confidence level.
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Table 4-2. Partial pressure (pg) and stoiéhiometric mole fraction solubility '(xB)
of ammonia in chloroform at total pressure (P,).

48

Pt/kPa pg/kPa Xg
"1
I'_=_2&&._1.5_l$
300.21 283.67 0.336
227.85 209.10 0.263
186.29 166.07 0.214
159.21 138.24 ' 0.188
13451 112.44 0.151
130.91 * 108.96 0.152
111.95 89.06 - 0.122
103.86 80.74 0.114
' 95.36 71.83 | 0.099
I=30315K
287.9_’_/; 265.79 0.291
271 .4} 248.39 0.268
226.77 202.11 0:223
171.58 144.90 0.166
160.73 133.86 0.161
136.99 109.05 0.130
118.29 89.65 0.110
51.86 0.085

: .‘8%6




Table 4-2 continued.
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PykPa pg/kPa Xg
. T=308.15K -

292.53 263.81 0.253
293.33 208.62 0.208
188.24 155.29 0.158
146.54 ' 111.98 0.121
122.41 86.67 0.093
98.43 - 61.65 0.068
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with our prediction. Further studies (possibly spéctroscopic) are necessary to
investigate the accuracy of association.equilibrium constants determined using

the method described in this Chapter.
Combining.our values of K and ky with a rearranged version of equation

[4;7], we calculate the mole fraction solubility of ammon.’_'i\ja in chioroform at
298.15 K and a partial pressure of ammonia of 16’1 325 kPa to be 0.139. This is
in excellent agreement wnh the value of 0.141 obtalned by extrapolation of the
results of Seward (1932) at 2982 K to a partial pressure of ammonia of
101.325 kPa . |

Matsui, Hepler and Fenby (1973) showed that in a dilute solution of B in A

(where A and B associate accordmg to the A+ B AB) the equmbnum amount

of )B (ng) is related to the stoichiometric amount of‘B\ ‘ 3) Dy
[4-10] ”B [K/(K + 1)INg
where K represents the association equilibrium constant. }SAubstitution of our |
value of Kygg ='0.58 into equation [4-1b] we calculate thet in a dilute solution of
ammona in chloroform 63% of th'etammonia is in the Uhcomplex.ed form end
’37"/; is in the comgLexed_ form.

The analysis of the chlor¥oform' +,ammonia'sys‘terﬁ:‘:p(esented in‘this paper
is based on the premise that a 1:1 associated complex ferms between the two
components. That this }is a re,asg%able proposal is seen ‘by‘ comparing the

solubility of ammonia in chloroform with that of ammonia in carbon

tetrachloride. The mole fraction solubility of ammonia in carbon tetrachlaride is
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w : o
0.0281 at 293.2 K and a partial pres’sure of ammonia equal to 101.325 kPa*;
(IUPAC Solubility‘ Data Series, 1985; Bell, 1931). We would expect a slightly’
smaller value at 296.15 K. The much-larger solu‘bility of ammonia in chloroform

than in carbon tetrachloride indicates that int\eractions other than dissolution
b3

{
b

occur"iin the chioroform + ammonia system. Since chloroform (unlike carbon
"tetrachlonde) has the capacity to form hydrogen bonds wnth ‘é\mn*onua we
attribute the high so!ub|I|ty of ammonla in chloroform to the formation of
hydrogen bonds between the two»como_onents.

The enthalpy of solution of ammonia in ohloroforrn can be separated into a

contribution from dissolution (no Complex formation) and a contribution from
formation of the complex. The contribution frombthe dissolution process, AH"d,

can be obtained from the temperature' dep‘ende'nce of Henry's law constant,

o

(alnkH/aT) = AH® y/RT2. Using thls equa’uon and the values of kyy hsted in Table

4-1, we calculate a value of AH%4 = -22.2 kJ mol™. Over the temperature range
~of our investigations the relative uncenaimies in the association equilibrium
constant are too large for the van't Hoff equation, (aInK/aT), = AHO/RT?, 10 yield

reliable values of AH® for the formation of *' -~ shloroform-ammonia complex.

We have shown that our combina. n of“‘Henry‘s Iaw and the ideal

.
s o

associated solution model leads to values o’f the pSsocratlon equilibrium -
constant which are in qualitative agreement wrth values predicted from basic
chemlcal_pnncnples. Furthermore our values of th” “'*socuatlon equilibrium

constant and Henry's law constant lead to#p value ¢ olubahty of ammonia
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in chloroform at 298.15 K and a partial pressufe of ammonia of 101.325 kPa
that is within 2% of the literature value. These agreements are good evidence%,
that the model (combined with Henry's law) provides reliable results. fo‘r’

systems in which a dissolved gas and solvent interact ~hemically.
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CHAPTER 5

Extension of the Idkal Associated Solutlon Model. Application of

Solubility Para

Theory to Estimation ot Physical Contributions

to Non-ldeality.

Introduction

In earfier chapters i} has been demonstrated that the ideal associated
) . - ke e
solution model can be apglied successfully to a variety of real systems in which

d

there are association equffibria of the type A + B = AB. However, the mode!

does not give an exact description of any system. For example, the true

standard staté thermodyna

ic properties (K, AHG,..ACpe, ASY, and AV9) of an
association reaction should be independent of compdsition. The properties
calculated us'ing the ideal assbciated solution model (model properties) always
exhibit some variation with composition. Wﬁen the complex species (AB) is
weakly associated this variation may be so large, relative to the values of the
broperties, that .the model no longer 'proVides a useful approximation (see
Chapter 2). -0

The variation 6f,‘the model thermodyﬁamic propert.ies with composition
arises from the basic assumption of the model: the physical contributions to the
deviatiops_ from ideality in an associated systeméré“ negligible with réspect to ;
the che'm.ibal contr}butions (see Chapter 1). Therefore, model prope_r{ies

=}

L]
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account only for the chemical contributions. Aithough the physical contributions

. R . o
to non-ideality are small for many associé!ed systems, they are always finite

and m‘ay' be significant. Furthermore, the ‘vphysical con‘t'ributions are

-

composition dependent. The true standard state thermodynamic properties are

| given by the sum of the chemical and physical contributions. Therefore, since

: : . : S LT
the true therniodynamic ‘properties are constant with composition and the
physical contributions are composition dépendent, the chemical contributions
must also be (at least slightly) compbsition dependent. For associated systems

in w’hjvch the effect of chemical interactions (association) are large compared to

. the etfect ef physical interactions, the variation of the chemical contributions

I

with composition is relatively unimportant and the model is a good

approximation. When neither contribution is dominant over the other, the ideal

as’sociated.solution model does not provide a good approximation and we
expect‘td observe a relati_\}ely large variation of the model thermodynamic
propertiee with compesition.

- The pfoblem to be discussed in this Chapter is how do we treat associated
systems in which the physical contributions to non-idealify are'important. As we
have already seen, tﬁe .composition dependence of the physical contributions
is reflected in a-composition }dependence of the chemical contrbutions. We
can'fur'tvher say that_ since the sum of the clh,emica.l and physical cohtributions
(as expressed in t.erms. of AGB_, AH® etc. for the association equilibrium under

&5

consideration) is constant, thev-ver'iation with comp’SsitiOn‘ of the physical

contributions ‘should be equal in magnitude and oppegite in eign to that

’

\
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observed for the chemical contributions. This. information can be combined
with an appropriate theory .of activity coefficients (rneasures of physical
interact.ions) to obtain a quantitative assessment of the contribution of physical
interactions between the cdmponents (A, B, and AB) to the non-ideality o‘fnan
associated system.

Us.ing the above érgument, we have developed an extension nf the ideal
associated solution model; this extension allows the activity coefficients of an
associated system to be evaluated. We. naVe used a théory of activity
coefficients based on solubility para’met.er theory, but we emphasise that any
appropriate one-parameter theory cou!d.be used withou} altering the principles
of the method. Pure cdmponent standard states have bnsen chose for A, B,
and AB . This choice was convenient because the method requnres the resplts
of experirr ents conducted across the entire composmon range and is also
consiste 1t v, ith usual practice in analysmg many proper’ues of blnary mixtures
(no solvent).

We have applied-our extended ideal a;ssociated soiution model to an
‘ev'aluation of the activi}y coefficients and thence  to é’valuation of the
thermodynamic equilibrium constant for the chloroform + tnethylamlne system
at 283.14 K and 298.15 K. Many workers have shown that 1:1 complex
formation is the only |mportant chemical interaction in athls‘system (Howard,
Jumper, a@ Emerson, 1963; Stapleton, Béllay, Wulff, and Hépler,o1966; Wi;ey
-and Miller, 1972). Application of the ideal associated solution model tox

chloroform + triethylamine has shown that physical interactions make a small

N
. 5&“.
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but significant contribution to the observed non-ideality (Hepler, Kooner,

Roux-Desgranges, and Grolier, 1985). Due to the large difference .in the

cohesive ‘énergy densities of chioroform and triethylamine, we expect that

solubility parameter theory may well account for the physical contributions'to

" non-ideality.

Prewously, Bertrand (1975) and Fenby, Chand,v Ingleee, Grolier, and

5 ‘Ev

“Kehiaian (1977) have improved the ideal associated. ‘ké,oluti‘on model by

combining 4 model with solubility parameter theory. . Tnese__workers then

' applied_tgeir improved ideal assoc‘iated.’s'etution models to chloroform. +

w

triethylamine. The advantages of.o.ur e'kt‘ended ideal associated solution model
£

over these improved models are dtScussed Companson is made between '

‘values of the assocnatlon equﬂnbnum constant for chioroform + tnethylamme at ,

AR , ,‘°

' 298 15 K obtalned usmg the |dea1 assocnated sotutlon model (no mprovements

'

Q_r extensnons) the |mproved versions of the model proposed by Bertrand and

. Fenby et al., andgur new, extended ideal assomated solutlon model. *

rpe

-~ o

- g Derlvation of Equatlons
4 N . "“ %’

) Bgaf,enshnb between Actlvutv Coefflcuents and Equuhbnum Cbnstant

The%;hermodynamlc equ:hbnutﬁ GOnstant K° for the association rbactlon

v./,

[5-1]

can be expressed in termis’of activities, a;:

B
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Eq'uaf'ion [5-2] can also be written as
[5-3] K = (2ap/2aZa) (Yag/TaYs)

where z; represents the equilibrium mole fraction of species i and Y, represents
the activity coefficient of species i.

In the ideal associated solutidn model all activity coefficients are unity (see
. Chapter 1). If we let K, represent the equilibrium constant determined usihg the
model then
[5-4] K, = zpp/zpzg
ln. earlier Chapters we have Qsed the symbol‘K (instead of K,) to represent the

ideal associated solution model equilibrium constant. In this Chapter we are
examining tﬁe relationship bet‘wee‘n the thermodynamic e’quil_ibrium cofstant,
KO, and the model‘?’éqwlibrium constant. The subscript z on ou‘»r' symbol for the
Iat:[ervemphasises that the model equilibrium constant is determined solely by
the equilibrium s'pet;iatio'n in the associated solution (equation [5-4]).
Substituting equation [5-4] into equatioh [5‘-‘3] we can relate the
thermodyn.a}mic equilibrium constant to the model equilibrium constant and thev

: { .
- ratio of activity coefficients:

©

[5-5] .K°= K, (YAB/YAYB)

Taking logarithms of both sides of equation [5-5] we obtain

4
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. . "\\
[5-6]  InK? = InK, + In(y,g/7s Yg)

Equation [5-6] shows that the l6garithm of the thermodynamic equilibrium
.constant can be separated into a "chemical” contribution and a "physical”

contribution. The chemical contribution arises from the association process

[5-1) which results in the redistribution of A and B in the solution. This chemical

-~

contribution is represented in e_qukati’on [5-6] by InVKz (thve logarithm of the ideal
associated solution model eq'uilib‘rium constant). The physical contribﬁtion to
~ InK©® arises from all ’int‘er.actionsﬂ between A, B, and AB molecules other than that
represe'nted by prdbeSs [5-1]. This pr]ysic;al contribution is represented in
equation [5-6) by thév Iogérithm of t}he ratio of a’ctivity coefficients. That the
| Contributions to the thermodynamic equilibrium i:onstant can be separated.in

this way suggests that we can use knowledge of the model equilibrium constant
(K,) together with @n appropriate theory of activity coefficients to obtain values

of the thermodynamic equilibrium constant (K°).

L4

Since we have adopted pure component standard states for A and B, we
know that in pure A (and “ne‘ady' pure A) the activity coefficient of A is unity and
that in pure B (and "neérly" pure B) the activity coefficient of‘B is unity. If we let

P be the point on the composiiion surface corresponding to pure A and R be

, thev point corresponding to pure B, then y,(P) =1 = _yB(Fi).V We can tjse this

_information in equation [5-6] to write simplified expréssions for the
—

v hY
0 bl

themodynamic equilibrium constant at P and R:
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[5-7)  InKO(P) =nK, (P) + Iny,g (P) - Inyg (P)
v P

[5-8] InK°(R) = InK, (R)+IhyAB'(R)_-InyA(R) _ N
Because the thermodynamic equilibrium constant is independent of

composition, K°(P) = K°(R), we equaté the right-hand sides of equations [5-7)

and [5-8] and rearrange to obtain

~i
v
’

[5-9]  INK,(P) - INK,(R) = Iny,5 (R) + mB (P) - INYpg (P) - Iny, (R)

This equation specifies the relationship between the activity coefficients at pure

A and pure B/in terms of the model equilibrium constar;t at these endpoints.
A method for évaluating model! equilibrium constants from vapour pressu‘re

measurements is de§f:ribed in Appendix A. The genera! principles of this

method can also be applied to the results of spectroscopic exﬁ‘erimerﬁs to

. obtain values of the model equilibrium constant. Here we confine oursselves to

a discussion of model equilibrium constants calculated from vapour pressure

Tresults.. If the vépour pressure above the 'associafed system has been
measured over the entire co‘mbosition.range (i.e., étoichiometric mole fractiotrz of
A ranging from close to 1.0 td close to 0.0), :then the model equilibfium constant
can be calculated over th.i’s same rénge of qomposition. The results can"then
be expresséd-by a polynomial: | |

[5-10] InK, = IﬁKZ(R) +f(zp)

!

The only restriction on f(z,) is that f(zp) = 0 at z, = O (point R). Evaluation of

. equation [5-10] at z, = 1 (point P) and z, = O (point R) yields InK,(P) and

L
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1

InK,(R), respectively. In this way the term InK,(P) - InK,(R) on the left hand side
~ : : ‘

of equation [5-9] can be.calculated.

Solubilty P 1t
In order to proceed further some theory of activity coefficients must be
introduced. We have chosen to use solubility parameter theory (Hildebrand

and Scbtt, 1962). In solubility parameter theory-the molar excess Gibbs free

N

“energy, GE', of a binary liquid mixture -(A +B) is given by

[5-11]  GE = (zaVa + 25Vp)(8 8)° 0p0p

where z; represents the equilibrium mole fraction of 'species’ i, V-

represents the mdlar voluime of species i, 5, représents the solubility

‘e

parameter of species i, and ¢i represents the volume fraction of speciesi. The
solubility pérameter of i is related to the molar energy of vapourisation of i,

U Va8P, and the molar volume of i:

[54/2] 5, = (AUYapV,)05

- The volume fraction of i is defined by the expression

[5-13] &= ZV)/(ZzV)

L4

In the case where components A and B interact chemically to form a 1:1

associated species AB we can consider the mixture to be a three component

mixture of A, B, and AB. There are three types of ‘bi"nary interactions in this

-

T e
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ternary mixtuié} A + B interactions, A + AB interactions, and B + AB interactions.
We can, therefore, express the excess Gibbs }reo-.e.nergy of the mixture as the
sum of three terms _Each term accounts for &g- ] of binary interaction and
S

The excess Gibbs free energy of the three

has the form of equanon [5{14 -

~component mlxture is given b‘y}

[5'14] GE = (ZAVA+ ZBVB + ZABVAB)(JA,?,\

\ ¢’B + JA.AB ¢A¢AB + JB.AB ¢B¢AB)
& o

where

[5:15]  Jjj= (8- 8)°

The excess Gibbs free energy:is also related to the activity coefficients of

the components of the mixture, Y, by the thermodyna{mic equation
[5-16] GE = RT(zalny, + zginyg+ ZpgIny,g)

Here:R represents the gas constant and T represents the temperature. Taking

the derivative of equation [5-16] with respect to the amount of component i in

the mixture, n;, we obtain the standard expression for the rSartiaI molar excess

Gibbs free energy of i, GE;

5-17) (aGE/ani)n ,f,p = GF = RTiny

- Taking the derivative of equation [5-14] with respect to n, we obtain the

solubility parameter expressmn for the partial molar excess Gibbs free energy
of A |n the ternary mnxture

| [5- 18] GlEA VA[JAB ¢B2+ JAB + ‘JAAB - JB,AB) 08025 + JaaB Oag?l

'Slmlfar dlﬁerentratlonﬁof equatron 15- 14] wrth respect to nB and NAR ylelds

A ~
»J.‘.‘
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[5-19] GEg =Vg[ag Pa%+ (Jap + B8 ~ JaaB)Pa0a8 + B AR Pas?]
and '

(5-20] GEag = Vagldans Oa2+ (Jass * Joas - Jas)Oads + Jpan Og?]
respectively. Equating the expreséiqns for the partial molar excess Gibbs free
energies of A, B, and AB given by equation [5-17] with those gi\)en by equation
[5-18],([5-19], and [5-?0] we obtain the solubility parameter expressions for the

activity coefficients in an associated mixture:

Iy, = (VART)[Ja g 0g2 + (Jag +Jans - JIp.aB)080as + Jaas Oag 2]

3

[5-21] Inyg =«Vg/ RT)[JA,B 042 + (o +JpaB - JAABPAOAg + IB A Pag 2

IYag = (Vag/RT)[Ja B 9% + (Uans + JBap - Jas)0ads + Jg A 02
At any#g)rﬁposition the values‘of the activity coefficients 'of all species are given
by thimory,_ provided that the solubility parameter and the molar volume of
each species is known.

For components which can exist in the pure state (A and B in this case) the

solubility arameter is given by equation [5-12] |
F(u' N | o ‘ o
A% 8 = (AUVaPN,)0S -
~ where A'uivap is the energy of vapourisation of pure component i. The molar
volumes of hese pure components can be obtained from the molar mass and -
the density (V; = M/d;). For species which do not exist in the pure state (AB irs - -

this c'a_se) the solubilily parameter and molar volume must be obtained by

indirect methods.

+-
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An estimate of the mdlar v—olume of complex can be obtained from the

. results of excess volume me’asurements.for A+ B }mixtures. Inyer“{{;ieal
-associvated solution model the excess volume, VE, of the system is relé&edjg }he |
volumé change of the 'aschiétion reactioh, AV, by

[5-22] VE=rAV®

L
where r is the extent of the association reaction.” The volume change of the

association reaction can also be calculated'in terms of the molar volumes of A,

B, and AB (V,, Vg, and V zg) by
[5-23] AVO= Vag - Va- Vg
Combining equations [5-22] and [5-23] we find that the molar volume of

'«

complex is given by

[5-24] Vag=VEr + V, + Vg

-~

If the model is a pérfect representation of the system, then the value of Vag

balculated from equation [5-24] and exc‘?‘ss volumes will be independent of f’ha‘, .
' .

- composition of the solution. In practice the mode! is never a perfect’ .

representation of a system (as discusged earlier in this Chapter) and the
calculated values of Vg do vary with-,_c'omposition‘. However, the variation is
usOally small relative to the value of V,g. Therefore, a good estimate of Vg

canbe,obtained by. iaking the average of Vg values calculated using equation

[5-24] and excess volume results that cover the entire range of composition.

. The only quantity that must still be evaluated in order to obtain the acﬁvity
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coefficients of A, B, and A;B at any compositior is th: ~~lubility parameter of AB.
As was shown in the first part of this ction (equatiori . *1]) the activity
coefficients (and hence. the solubi” . paraméters) of A, B,  * AB are not
in,dependent and are related by - . v ration ¢ *he model equili’y m constant
with composition. Substitutin  ..e be .ow) the expressions o~ the acti\;ity

coefficients from solubility par 1eter theory itd> equcuon [ 7 | leads to an

~ expression for 8,4 that is consiste~* - th both t7e ideal - sociated solution

model and solubility parameéter theory.

At point P (pure A) the volume fraction of A is unity [¢>A(P) = 1] and the

volume fractions of B and AB are zero [¢5(P)=0=¢AB(P)]. Substituting

this information into equations [5-21], we obtain

InY,(P) =0

[5-25] Inyg(P) = (Vg Jo g)/RT

INYa5(P) = (Vag Ja ag)/RT
Similarly at point R (puré B), 9g(R) =1 and q)A(P.) =0 =0,5(R). S‘u‘bstitution'
into equations [sg%] gives ‘ |
Inyp(R) = (Vyd ABVRT ’
[5-26] Inyg(R) =0

We see that solubility parameter theory yields Iny,(P) = 0 = InyB(R), w(hich

—

shows that this theory is consistent with our choice of pure component standard

states for A, B,and AB.

.
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BN . 1

Combining the expressions for Inyg(P), InY,g(P). Iny,(R), ahd ‘lnyA;a(R),

'j‘t‘izf'fu'
given by equations [5-25] and [5-26], with equation [5-9] we find Fiath
[5-27] InK,(P) - InK,(R) = 1/RT Vase AB-JA/(\+ Jas(Va-Val x

We are now in a posmon to express the solublllty parameter of the AB
" complex (8,g) in terms of variables that can be determine"é‘ independently. ;o

: Combmmg equations [5-15] and [5-27] and rearrangmg Ieads to

(5-28] - 8, = [1/(2 Vag (34 - 8g)] [RT(InK (P) - InK (R;;m( - 85)3(Va - Vg) +

VAB (8,2 - s %) 3

| “All of the variables on the right-hand side of equation [5-29] can be obtained

from the resuits of independent experiments, as described earlier ingthis

section. Therefdre, the value of 8,5 can be calculated from equation [5-28] for

any A + B = AB system provided that the ‘ne/cesn_‘sary experimental data are

available. Evaluation of the sg (bility~parameter of AB in this way allows

-

solubility parameter theory to be‘incorpogated into the ideal associated solution

. YT I :
model without losing the information}@;‘ﬁ‘]e nature of the activity coefficients
that is given by the variation of the model equilibrium constant with
composition.

S ibstitution of the value of SAB calculated from equation- [5-28] into

v
.

equati: n [5-15] yields values of Ja,aB @and Jg og. These values can then be

insert:  to equations [5-21] to obtain functions for the activity coefficients of A,
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B, and AB which can be evaluated at any composition. By evaluatinggfﬁgé\;ép -
o ' '“‘:“'.1;';}}.' ?

functions at P (pure A, equation [5-18]) we obtain values of lnyB(P);' ar?d

- . ' . gt

)

InYag(P)- Similarly we can use equation [5-19] to evaluate InYAB(H) a
InYA(R). ?_
Thermodynamic Properties

_Substitution of our calculated values of InyA(R), Iny,g(R), an:d'InKZ(R) into

P

equation [5-8] (or altern\atively InyB'(P), Iny,g(P), and InK, (P) into equation [5-7])

. : o
yields the thermodynamic equilibrium constant, K®. The physical contribut\idn to

~

N

. n
the logarithm of the thermodynamic equilibrium constant, In(y,g/v,Yg), can be

determined by subtracting the chemical contribution (given by equation [5-6])

from InK°. Wae can therefore write -

Y,

=4

[5-29] - In(vag/TaYs) = IN[YaAR(RIYA(R) v5 (R)] - _f(ZA)
- If values of InK® are obtained at several temperatures, then we can use the

= AHQ/RTz, to evaluate the erthalpy of the

van't Hoff equation, (aan°/af)p

association process. “In a similar fashion the chemic

coefficients, Yap/YaYg- From AS® = RInK® + AH®/T the entropy change due to..

association argd the chemical and physical contributions to the entrop'y can be

calculated. If the temp'eratu‘re range of the study is wide enough, the heat

nd



capacity of the association reaction may also be examined.

Application to Chioroform + Triethylamine
The equations devel,c;ped in; the preceeding section haye been applied lo.
the chloroform (A) + triethylamj\ne (B) syslem at 283.14 K and 298.15 K. Molar
energies of vapourisation, molar volumes‘, an,d'solubillty parameters th'at’.are |
necessary for the gallysis of this‘system 'are listed in Table 5-1. Vapour
pressures above mixtures of chloroform + triethylamine. (mole lractrons of
chloroform ranging from close to 0.0 to' close to 1.0) have been measured at
283 14QK by Handa, Fenby, and Jones (1975) and at 298.15 K by Handa and
| Jones 51975 The equrllbrium compositions'and the model equill\brium
o | . ‘ cons!ts were calculated usmg these data and the method descrlbed in

Appendix A.

Plots of the logarithm of the model ’equ‘ilibrium constant (InK,) against
equrllbrrum mole fraction of chloroform (zp) for the chloro orm f triethylamine

system at 283.14 K and 298.15 K are presented in Flgures 5-1a and 5-1b,
/

respectively. These plots show that{at 283.14 K the relationship between InK,
and iA can be descrjbed by
[5-30] InK; 563 = 1.311 + 0.165252 + 4.5452,3 - 3.5482,4

! . ~

and at 298.15 K the reiationship between InK, and z, can be described by

]

\
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Table ‘5.-1. Molar e'nergies of 'vapourisation (AUVdP), molar volumes (V), and
solubility parameters (6) for chloroform + triethylamine at 283.14 K and 298.15

K' E ' t
chloroform triethylamine . complex
AUVaP/KSmol! . 2858 32.52
V(283)/cm3 mol™! 79.2b " 137.2b 208.2C -
'V(298)/cn'13 mol-! 80.7154- - 139.98d 212.48
5(283)/103 Pat/2 18.97! -~ 15.39f « -
5(298)/108 Pat/2 18.79f +.15.24f ' .

!
7

. < —
a Calculated from AUVaP = AHY@P - RT. Values of AH"aP taken from Handbook
of Chemistry and Physics(1 986) o -

- P Handa, Fenby, and Jones (1975).

C Calculated assuming V,g(283) is 2% smaller than ¥V 45(298).
Note that VA(283) is 2% smaller than VA(298) and VB(283) is 2% smaller '
than VB(298)

el

d He“pler, Koo_}ner, Roux-Desgranges, and Grajier (1985).
? Calcyated from excess vqumes;eduaﬁon [5-20]. |
' calculated using e'qubtion [5-47].

]
3
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Equations [5-30] and [5-31] yield values of (InK,(P) - '"Kz(R)]zeg = -0.601 and

[InK,(P) - an R)logg = 0. 178. Substltutmg these values of [InK, ( ) - InK,(R)]

7/

and the molar volumes and solubility parameters given in Table 5-1 into

equation [5-28], we obtain §,5(283) = 1.57 X 104 Pa'/2 and 5,,(298) = 1.68 X

' ‘ ' p
104 Pa'/2. Combining these values with the values of 8, and §g in Table 5-1,

.- we calculate (using equation [5-15]) values of JA B YA AB and Jg ag at each

temperature as listed in Table 5-2. We now uSe the values of Jag: Ja A @nd
Jg A in equatlens [5-25] and [5 26] to obtain the Valt.}es of lnyB(P),lnYAB(P),

Iny,(R), and Iny,g(R) that are Ilsted in Table 5-3. Smce zA = 1 at point P and

Zp= 0 at point R, InK (P) and InK,(R) at the two temperatures can be calculated

by inserting these values of z, into equations [5-30] and [5-31]. The values

8

§ 3 ‘ \ ,
obtained are InK,(P),g53 = 0.709, anZ(P)zaa'ﬁ.Bll, InK,(P),gg = 1.098, and

InK,(R)og9g = 0.920. Combining these values of the model equ/ilib)n'um constant

v

at pure A and pure B with the appropriate values of the activity coefficients

(Table 5-3) in equations [5-7] and [5-8] we can evaluate the thermodynamic

equilibrium constant for association in the chloroform + triethylamine system.

We find that K°283 =2.43 and K°2ga = 2.06.
Because the equilibrium constant ‘has been evaluated at only two

temperatures and the dnfference in these temperatures is only 15 K, calculation

of the enthalpy of association using the van't Hoff equatioh is not j{ustifiedﬁ\

+

o
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Table 5-2. Values of the parameters Ji'j'a for the chloroform (A) + triethyla'mine

(B) + chloroform-triethylamine complex (AB) system. =
283.14 K © 29B15K
e
Jap/106 Pa . 12.82 , 12.60
Jaap/108 Pa. 10.48 - 3.91
Jg.ap/106 Pa 0.1 o 2.47

@ Calculated using equation [5-13]

Table 5-3." Logarithms of activit coef”cients2 of chioroform (A), triethylamine
(B), and chloroform-triethylami-e comrlex (AB) in pure A (P) and pure B (R).

A B AB
Iny(P)ogs O 0747 0927
I%(R)2g3 0.431 0 0010
InY,(P)gg o 0.712 0.335
: 7 : -

& Calculated using equations [5-14] and [5-15]. #

A



_ | Discussion |

'v ) ";\snote‘d in the Introduction, Bertrand (1975) and Fenby et al. ,(1"977) have -
| “":previou'sly: combined the ideal a_ssociated solution model with solubility
“".""o"parameter iheory to obtain an‘estimat"e of the thermodynamic equilibrium
.constant for chloroform-triethylamine complex formation. In both of these

studies two approximations were made that we have been able to avoid.” The .

~first approximation was that K, (the model equilibrium censtant) is equal to K, in

the (stoichiometric) equimolar mixture. As displayed in Figure 5-1, K, can vary
dramatically with composition. The second approximation }was that the
solubility parameter of AB could be .represented as a weighted average of the
solubility parameters of the pure components:

[5-32] BAB_ (FA8A+ I'gd ').(I“A+ I'e) | 3 . -

where T, and FB are welghtlng factors. Fenby et al. took the werghtlng factors
of A andB (TpoandI'g) to be equal, i.e. the solubrllty-,;\v parameter of AB was

obtaineo as the arithmetic m’ean .of the' solubility parameters of A and B
(evaluated in the usual way, equation [5 12]). Bertrand estimated the values of
the wenghtrng factors by treatrng the solubli’ny parameter\s of A and B as |
adjustable parameters in conjunctron with the partial molar excess enthalpres

> of the components in the pure solvents and in the equimolar mlxture.
In contrast to the improved ideal aSSOCiated solution models of Bertrand
and Fenby et al., our extended ideal associated solutionv model does take into

: aooount the variation of the model equilibrium constant with composition and
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the interdependence of ;the activity coefficients of A, B, and AB., The result'is a
model which is consistent with the requ}irements of the idea‘ﬂ associated solution
mode! and sblubility parameter theory. The only éssumptions that are made
when our extended model is applied to an associated System is that the ideal
associated solution model provides a good account of the chemical
contributions to non-ideality and that solubility parameter theory provides a

good account of the pﬁysical contributions.

The improved, models of,Bertrand and Fenby et al. both yield values of
K°agg = 2.0. These are in excellent agreement with the value of K%ygg = 2.06
. obtained from our new extended model. Howsever, this agreement occurs only

because InK, (the Iogarithm of the modael equilibritjm Constant) varies linearly
with co'mpo\s.ition at 298 K. Wher{ InK, is an odd f%:nction of compositiqn ‘about
CZp =9:?5 (for exaﬁple a linear funciion) very little error is'intrq_duced to L;‘he
. calcglﬂéiion of K° by ignoring the compositioﬁ dependence of ‘Kz ahd a;SUming ‘
thaltﬁ;Kz is given by K, of the equimolgr mixture. This is because the érror
int;oduced‘at Zp valQes Igss than 0.5 is offset by thé érrof (equal. in 'magnitude
but opposite in sign) at z, values ‘higher than 0.5. Thus, although the
averagi.ng method is not strictly carrect, it does lead to values sirhilaf to those
obtained using ou r ekteqded model in the special case of InKZI being an odd

.

‘function of composition about z, = 0.5. When InK is a function of composition
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‘which is not odd about zp = 0.5, our extended model should lead to e,quillibrium

constants which are significantly different than t-hose obtained using the
improved models of Bertrand and Fenby et al. We examine this expectatron by

A conSIdenng chloroform + tnethylamme at 283 K where the logarithm of the
model equilibrium constant is a non-linear function of z, (see Figure 5-1 )&

At 283.14 K the model proposed by Fenby et- al. yields a value of K9g3 =

2.86, which is 17% larger than the value determlned usmg our new extended :

- model (2. 43) Partial molar excess»enthalples, of the components in the pure

solvents and in the equimolar mixture are not ava‘ilabl,e at 283 K so we cannot
calculate K°’283' using -Bertrand"s model. We anticipate that the dlfferen‘ce

betwee# results obtained from. our extended model and Bertrand's model
would-be srmllar to the drfterence between results obtalned fro;n our model and
the mode! of Fenby et al. | ' (f_»q | |

Hepler, Kooner, Roux-Desgranges, and Grolier (1985) nave used the
simp‘le ideal associated solution mode! (no. improvements or et;gtensions)_, to
o_btain a value of_2.6 for the equilibrium constant of c'hlor“o'form ;_L‘:;i:trietltyla_mine
associatidn at 298.15 K. This value is approximately 25% larger than the value

ot 2.06 determlned using our extended model From this comparison we

conclude (as have by both’ Bertrand (1975) and Fenby et al. (1977)) that

3

' neglect of physrcal contnbuttons to the devrattons from ldeallty may lead to .

3

sugmflcant errors in. calculated equ:hbnum constants even for those systems |n.

* which chemncal mteractrons are dommant over phyS|caI mteractlons

-



CHAPTER6

Self-Association of Chloroform in Pure Chlorotorm and in

Chlorotorm + n- Hexane Mixtures :

Introduction

Self-association is a well recognised phenomenon that occurs in many.

quuids and gases. One of the best known examples of Self-qssociation is the

\
N

dimerisation of NO'2 to form N,O,. It has been shown that the deviations from

ideality in gaseoue NO, can be e‘xpleined‘ in terms of the equilibrium, 2.NO2 =
“ N204. The gas is then treated es an ideal mixture of monomer (NOz) ‘a'nd dimer |

(N,Oy,). Treatment of NO2 in thls way is equwalent 10 applylng the ltieal ‘

associated solution nhodel to self association in mtrogen dloxrde We. antncnpate

that many. other self- assocnated flwds may be analysed sucmessfully in terms of

a similar ideal association model.

' That the ideal associated solution model is a good approximation for fluids -

in which self-association occurs can be seen by-considering the chemical

specres in a "pure” self assocuated ﬂund A. If m molecules of monomer A

2

combine to form the self assocuated species C accordlng to the equnllbnum :

[6-1] mA o

o

contnbutnons to the non-ideality of the fluid arise from non- chemlca| mteractxons

75

\.’/

then there are two species present at equnllbnum A and C. The physrcal '
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betwéen unliké components. Therefore, the onl.y physical interactions that lead

to deviations from ideality in a pure §elf-associated fluid A are those between .
mono-mer\'and m-maer. The'thmer molecules are vsimply collections of monomer

molchIés so we expect that interactions' between monomer and m-mer are

very nearly ideal. All this means that physical contributions to non-ideality are
“very small. On this ba.is we suggest that the assun\wptipn of the ideal

‘associated solution mode: wnat physical contributions to‘ deviations-: from

ideality are negligible with r;spe,ct to chemical contributiohs -.is valid in the
.casé of self-association in a pure flsuid‘ |

| In Chapter 2 we showed h'oW‘tvhe ideal associated solution model! is

é{pplied"to associiated liquid mixtures of pnlike cfo;nponents, A-and B. Using the
" mq‘ihod. described in Apgendix 'A, the vapour pressures of stoichiométric
- 'fnixtures' of A + B were co(rr;bined'with the pure component vapour preséures to

.} 'o.btai.n a 'v‘aIU'e of the equilibrium constant at each compo‘sition. An average
value Vof‘the equilibrium"constaht- was.then used to interpfet n]eashred

l’ihér_m'odynamib properties of A + B mixtures in terms of complex formation. In
o - X ‘q . . ' .
._order,to apply a similar calculation scheme to the treatment of self-association

in a pure thnd we need to know the ‘stoichiometry of the dommant

™

self assocnated specnes @.e., the value of m in equatlon [6 1]) and the vapour

_pressure of pure moromer, p)\.

The stoichiometry. of the comipiex in associated mixtures of unlike
components (A + B) can be obtained from the results of sbeétroscobic

investigations, from measurements of dielectric properties, or from studies of

-~
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coolingv curves. All of these techniques require examination of the dependence
of certain physical properties on the stoichiometric composition of the A+ B
rf;:;xtures. Sir;ce self-association involves chemical interaction 5etwéen
molecules.of the same Specie‘s,i the stoichiometric ratio of the components
Qndergoing the association cannot be varied. Therefore! we must obtain the
vaTue~ of m by indirect' methods. Vapour pressures of pure components are

determined by direct experimental measurement. _However; in a self-

associated liquid we can never physically separate monomer from m-mer. For

this reason the vapour pressure of pure monomer must be obtained indirectly.

In this Chapter we describe a method whereby the vapour pressure of pure
monomer can obtained by considerihg the vapour pressure above very dilute

solutj;ﬁsns of the self-associated component, A, In some "inert" solvent, S.

R

Comg?;ﬁation oféthis value of pj with results of vapour preséuré measuremé’nts
fqr mixtures of A + S over the entire composition ranée yields the value of m
and also the value of the i'sel‘f-as‘so‘c‘;iation equilibrium consta'.nth.

We have applied our.method -to fhe evaluation of the self-association
equilibrium constant for chloroform by Lxsing experimenta'll'vapour pressufes of

mixtures of ehloroform and n-hexane. This equilibrium constant was then

combined with published excess volumes and excess enthalpies of chloroform

S

+ n-hexane mixtures to obtain valﬁes for the standard volume ahd standard
enthalpy of chlorofcrm self-association. Chloroform was chosen as the
self-associated component because it '-i“s' a common organic solvent with a
known 'éapacity to' undergo self-association '(P.im_entel and rMcCIeII;m, i960;

e

(N
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Suzuki, Tsutsui, aiid Fujiyama, 1981; Evans, 1983). Also‘,,_chloroform has only
one proton so the number of pdssible_ stoichiometries of self-associated
chloroform is rather more limited than fér substances with a larger number of
sites at which s‘elf-éssociation could occur. This means that there is a high

probabil—ityjhat one stoichiometric form of self-associated chloroform is

e *

dominant over the others; this permits us to focus on only one equilibrium of

-type [6-1]. We chose n-hexane as the inert solvent because it has no apparent

chemical reactivity towards chloroform and because the physical interactions
between alkanes and other substances are usually weak. Furthermore, there

exists a large body of high quality'expeiimental data for the vapour pressures,

e

excess volumes, and excess enthalpies of chloroform + n-hexane mixtures.’

_ Derivation of Equations

Consider a mixture with a stoichiometric composition of Ny moles of a

+
IS
- o

self-associating component, A, and Ng moles of an inert solvent, S. Hm

molecules of A "éss'ocgate" to form the self-associated species, C, (as

represented by equation-[6-1]) then'the equilibrium composition of the mixture

can be related to the@oichiometric composition by way of the mass balance

Y .

given iqg Téble 6-1. In Q‘abl'e's-i r represents the extent of self-association (the

amount of self-associated A relative to  the stoichiometric amount of mixture).

" The expression given in Table 6-1 for the equilibrium mole fraction of
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Table 6-1. Mass balance for the self association mA = C in a stoichiometric

mixture of A + S.

Stoichiometric Stoichiometric Equilibrium@ Equilibrium®

Species Amount/mol Mole Fraction Amount/mol Mole Fraction
n
A N L Xp Na-mng  [xa-mn/(1-r(m-1)] =z,
C - - e M -rm-1)]=z4
S NS XS NS XS/[1 - r(m - 1)] = ZS

4 Total number of moles at equilibrium = N + Ng - (m -1)ng

Br=ng/(Ny + Ng).
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monomer A, za, ¢an be rearranged to obtain an expression for r:

[6-2]  ram(xa-2Zp)[Zp + M(1 - Zp)]
where x, rep?e\éénts the stoichiometric mole fraction of A.

1 - , ’
A similar rearrangement of the expression for zg (given in Table 6-1) yields

6-3]  r=(xg-Z)zg(t -m)]

where xé repres:entsAthe stoichiometric mole fréction of inert solvent.

Equating tﬁe right-hand sid4es of equations [6-2] and [6-3] and rearranging
leads to the equilibrium mole fraction ot inért solvent in terms of the equilibrium

mole Lr&ction of monomer and the stoichiometric composition of the mixture:

.
N, '
NS W

[6-4]  2g=xglza + M(1 - Z)l(xp + Mxg)
"~ The total (experimental) pressure above the mixture of A and S, P,

can be expressed in 'terms of the partial pressures, p;, of each of the‘
components:

[6-5] Py = pA; Ps+Pc

Since t'he. mixture is considered to be ideal when the ideal associated,solﬁt‘idn

model is applied, we'express the partial pressure of cbmp'one'nt i in terms of its
equilibrium mole fraction and the vapour pressure of puré component | p;:

[6-6] p;=2zp;

If self-associated A is present in negligiblé amounts in the vapour 6hasé at low

pressures' and thus makes no contribution to the measured total pressure, then
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we één combine eqvuation [6-6] with equétion [6-5] to obtain

671 Py=2zaP} + 25Ps - ;o

where p, represents the vapour pressure of hypothetical pure monomer *
Substvitut‘ing our »eXprés;sion for zg frofﬁ— equation (6-4] into equation [6-7] and

rearranging we obtain

t

[6-8]  zp = (Py(xa + MXg) - MxgPg)/(Pa(Xa + MXg) - (M - 1)x$p‘S)

For any mixture of a. self-associating component and an inert solvent the

-
[

quantities ffa, pg, and m -are constants. The vapour pressure of pure inert
solvent, pg, can be measured directly. if p's and m are known, then we can use

equation [6-8] to calculate the equilibrium mole fraction of monomer A, z,, for
G v s ' '

any mixture of A + S for which the total vapour pressure has been measured.
¢ : . . )

The value of z, can then be substituted into equation [6-4] to obtain the
V * /. |

equilibrium mole fraction of inert solvent, zs./ Because the sum of the

equlibrium mole fractuons of all the species in the mixture is unity, -

equilibrium mole fraetnon of self- assocnated A (C) can be 'calculated' by

. difference:
[6-9] zc =1-zp-2g
S~y

The equlibrium constant for the self-association is given by

[6-10] K=(achap™ = (zerc)zat)™ : \
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. ) . SN
'wh"ere' a; r‘e‘presents the activity of species i and yi rep'resents the activity
', coefficient'of s'pecies v-»i Smoe in the |deal assocnated so|ut|on rnodel we
assume that the actnvnty coefﬂaents of aIl spemes are umty at aII temperatur’es

e

.and composmons equatlon [6- 10] can be S|mp||f|ed to

| [6-1_1] K = zo/(z)™

We can calculate the equilibrium‘fcons't'ant‘ f.orAthe self;association reaction [6-1]
by\v_insening our.values of,-z_.; and z¢ (obtained a_s" described abOve)' into
equation [6-11]. | . . ‘ | »

| Using- the method outhned in this' sectnon the self- assocnatlon equmbnum
constant for a Inqwdf A, can be calculated from vapour pressure data for“

\ ,

-mixtures of A + inert solvent provided that Lthe number of A monomers'nn

eelf-aseociated A and the vapour pressure of pure monomer A are known.

'

Self-Association in Chloroform
* Equilibrium Constan | R - ) "k'.
o Application of {he'method described in the preceding section to the
caloulation of a self-association equiliorium_ constanf for a real chemicall system
presents two difficulties. First, the vapour pressure above pure monomer
cannof be measured -since monomers ean never be pnysicélly separated from
m-mers. Second the number of monomers that associate to form the

self-associated species is generally u_nknown In this section we |Ilustrate how
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®

- self-association in chloroform. , ke

. [6-12) : Py = XgP + XaAPA

‘can rewrite equation [6-12] as

- | N
these difficulties may be overcome by considering the specific case of

\

“In the following discussion A represents monomeric chloroform and C

- represents self-associated or complexed chloroform. The vapour pressure

' . : NS
abovg hypothetical pure monomeric chloroform can be estimated by

considering the vapbur pressure above a Very dilute solution of chloroform in

" some inert sélvent.. In these dilutga solution§ the_amount of self-associated

chloroform i‘s negligible in comparison with the *amount of monomeric
chloroform; thus the eqdilibriurh mole fraction of monomeric chloroform, z,, is
equal to the stoichiometric mole fracu i chloroform, x,. Since the solvent is

inert with reépect to chloroform, we consider the dilute solutions as ideal

mixtures of monomer chloroform + inert solvent. The vapour pressure of these

solutions, Py, can be expressed by .,

‘where pg is the v_apéur' pressure of pure”inert solvent and pj is the

unmeasureable vapour pressure of hypothetical pure monomeric chloroform.

Noqting that the sum of the stoichiometric mole fractions is unity (x5 + Xxg = 1) we

]

[6-13] * Py=pg + Xa(Pa - Ps)

¥

Equation [6-13] shows that at infinite di_lutioh of chloroform the vapour

pressure-mole fraction curve for chloroform + inert solvent has a slope of Pa -

1

83 —
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p's. ‘Since the vapour pressure of the pure.inert solvent can be measured

directly, wa obtain an estimate of the wapour oressure of pure nfonomeric -

BEEN

- \?chloroforrn frorn:
[6-14] Pa = [im@Pyax,)] "+ P
Btssell and Williamson (t975) have measured the vapour pressures of
chloroform +Nn- hexane mtxtur;s at.298. 15 K. From a graphical fit to this data
we estimate that at infinite dilution of chlorofbrm’ the slope of the vapour
pressure-mole fraction curve is 21.35 kPa. Using the value of 20.141. kPa for
the vapour pressure ot pure n-h'exane (Bissell and Williamson, 1875), we
estimate (using ’equation [6-14]) that the vapour pressure of pure monomeric
chloroform at 298.15 Kis 21.5kPa. R
Iry order to d.etermine the va|ue of m (the numt;er of monomeric chloroform
molecules which comprise th& self-associated species), we recognise that the
equmbnum constant of the self- assoc1at|on process should be mdependent ot
the composmon of the solution. Since the ideal assocnated solutton model isan’
. approximation, an equnltbrlum constant calculated usmg the model will exhibit
some composition dependence. . However, if the -model is a good
approximatjon to the system (whicn 'we expect in the ca.se \of self-asscziation,
as discussed earlier) this dependence will be small. Correct choice of the
value of m should lead to an equnhbnum consjtant that is nearly independent of

composition. Therefore, we choose as the value ot m the integral value which

-leads to the least variation of the equilibrium constant with composition.
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Bissell and Wllllamson (1975) repon the vapour pressures at 298 15 K of . |
13 chIoroform + n- hexane mixtures wnth stonchtometrlc mole fractrons of) .
chloroform ranging from 0.1312 to 1.0000:”‘ Using the equatnons developed in
the previous section and our value of 41.5 kPa for the vapour pressure of
. hypothetical pure monomeric chloroform we can evaluate the self-association
_ equilibrium constant for each mlxture provnded that the value of m IS fixed.

We have calculated the self- assocnatlon equrhbnuch‘onstant for each of
the 13 mixtures. using values of m = 2, 3, and 4. The results of these
’)calculations are given in Table 6-2. - L ?

| Table 6-2 shows that the self-association equilibrium constant is almost
_independent of composmon when m = 3. The average value of K(m = 3) is 1.33
with-a standard devnatlon of 0.07. Table 6-2 also shows that values ofm=2

and m = 4 lead to equilibrium constants with a large composition dependence

We, therefors, conclude that the dominant form of self-associated chloroform is
chioroform trimer (i.e., the symbol C is equivalent to Aj), and that the

equilibrium constant for trimerisation has the value K=1.33.

Other molar excess properties of chloroform + n-hexane mixtures.can be
interpreted in teyms of self-association.of chloroform. When n-hexane is added
to chloroform some trimers dissociate and, hence the number of trimers
decreases and the number ot monomers increases. Due to the presence.of

chiofoform-chioroform "bonds® in the trimer molecules we expect that
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" Table 6-2. Equilibrium constants for mMCHCly = (CHCl3), in stoichiometric
mixtures of x(chloroform) + (1 - x)(n-hexane).

X © K(m=2) ~ K(m=3) B , K(m=4)-
01312 0235 o ja71 . 9784
0.2441 0363 1.387 5617
03445 . ' 0432 - 1201 " 4.095 |
0.4052 0.471 1274 . 3.653 A

Y 04442 40.500 : 1.283 " 3.492
10.5022 0.536 1.280 3.251
05345 « . 0.556. 1.285 ~ 3.156
0.6013 “ 0.598 - 1208 2996
0.6169 0.5%6 1269 2.870
07015 0.658 1.315 | 2.788 -
0.7898 0715 1.333 2.630 -
0.8937 - 0.798 1378 2477
1.0000 ~0.923 fa81 2314

, )

}
o
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chloroform trimers occupy less volume than three chloroform monomers and,

AN

, thetefore, that the effact of trimer dissociation is to increase the volume
occupied by liquid. chloroform. - On this basis &ve anticipate the‘} mixtures of

-

chloroform and n-hexane will exhibit positive excess volumes. Bond
. dissociation is always endothermic so we expect to see positive excess

-

"~ enthalpies for chioroform + n- hexane mixtures. Expenmental results show that

-

* the excess volumes and enthalples ﬁéft;ave the. sugn that is preducted from the
assumptio‘n that! chioroform self-association is the main contributor to the
non-ideality ( VE # 0, HE # 0) in chloroform + n- he.>7<ane mixtures. |

In order to obtain estimates of the standard volume and standard enthalpy

_>for the trimerisation of chloroform from expenmental excess volume and excess
enthalpy results, we need to know the equilibrium speciatiori ina chioroform +
n-hexane mixt.u"re. We. take the trimerisation equilibrium covnstant to have a

value of K = 1‘.33 as calculated in the' first part of this section. The equilibrium -
constant can be written in terms of the equ,ilibriuh.ar"nount of each species, ei:

" [6:15] K=ng(na+ng+ng)?/na)® | |

The mass eelance in Table 6-1 shows that . 5

6-16] na=Np-3ng "

- where N, represents the stoichiometric emouht of chlorefofm. We also note
that the amount of n-hexane is unchaneed by the .sel.f-ass_ocia‘ti%n of chleroform

and so the equilibrium amount of n-hexane equals the stoichiometric amount:
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Combining equations [6-16], [6-17], and {6-17] and rearranging we obtain a

cubic equation in ng:
[6-18] O = (nC)3(4 + 27K) - (n¢)2(4(NA + Ng) + 27KN,) +
" nc((Na + Ng)2+ 9KN,2) - KN,3
Equation [6-j1§(] can be solved by an iterative method (or analytically) to obtain/

. P -
the equilibrium amount of trimeric chloroform in a mixtyre’ of chloroform and

v/

.

n-hexane. The equifibriumi amount of monomeric chiofoform can then be ;

calculated using equation [6-14].
. by
The amount of trimer dissociated when Ng moles of n-hexane are added to

N, stoichiometric moles of chloroform can be calculated by considering the

o

amount of trimer present before and after the addition of n-hexane. By solving
B . S

equation [6-18] with Ng = 0 and N, = N, the amount of trimer present blefore

the addition of n-hexane (hC')‘can be determineb. The amount of 't‘rimer present

after the addition ef n-hexane (ns") is calculated by setting Ng = Ng and N =
- N, in equation [6-18]. The amount of trimer dissociated, Ané , is then gi'ven by

[6“19] Aﬂc=no" - nC'
The . amount 'of;.r_nonomer formed on addition of n-hexane, An,, can be

—

calculated from

We turn now to the calculation of the standard volume of the trimerisation

of chloroform. Using the approximation that trimerisation of chloroform is the

~ (
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only important interaction in chloroform + n-hexane mixtures, we can relate the
. \ .

‘excess volume of these mixtures to the molar volumes of monomeric and

‘ tn’merlc chloroform (V4 and VC):

[6 211 VE = Ah,V, + AncVe

o

Equation [6- 21] contains two unknowns VA and V. We thereforf require more

of mformatlon before equation [6-21] ¢ can be used to calculate V or V.

From equations [6-16] and [6-18] we calculate that one stoichﬁometric mglfa ,
of pure‘ chloroform confains 0.2079 mole‘sof‘trimer and -0.5762 'moles of
monomer. Also, one stonchlometnc mole of chloroform has a volume of 80 715

cm? at 298. 15 K (Handa and Jones, 1975) We can, therefore, wn_te
[6-22] © 80.715 = 0.3762V, + 0. 2079VC
. Rearrangmg equatlon [6 20] we fmd

[6-23] V¢ - 388.24 - 1.8095V,,

. ~
( 'Y o

'which can be cbmbined with equation [6-21] and rearranged to obtain

[6- 24] V= (388 24Ang - VE)/(1.8095AnG - Anp) |

Using equation [6-24] we can calculate fhe molar volume of monomenc
'chloroform in any mleure of chloroform and n- hexane for WhICh the excess
volume is avallable Thls molar volume can be substltuted into equatlon [6-21]
| to obtain the molar yolume of trimeric chioroform. The molar volumes of

monomeric and trimeric chioroform can then be combined in

[6-25] AVO=Ve -3V,
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to give the standard volume change for the trimerisation of chloroform AV6

| Bisball, Okafor and Wlllnamson (1971) have measured the excess volumes
KLl

: clapil)?
of 16 mixtures of chloroform + n-hexane. Mole fractions ol chlorolorm in the 16

mixtures range from 0.1398 to 0.8666. Note that for done Stoichiomet'ric mole of

-

mixture (Np + NS 1) the storchlometnc amount ot A (or S) is equal to the

) stoiohiometric mole fraction of A (or S). thing"these results and the method
descri.bed above, the standa'rd. volume change for the trimerisation of
chloroform at 298.15 K was calcu‘lated..' A value of AV® = 7,30 cm3 mol " with a
standard.deviation of 0.15 cm3 mol'1 was obtained. | ,

Calculatron of the standard enthalpy of trimerisation of chlorofo'm /_\.He is

- less complicated than the calculatlon of the standard volume. The mezsured

excess enthalpy arises from the dissociation of chloroform-chloroform boncs in

" the trimer. The excess enthalpy of a chloroform + n-hexane mixturs is,

therefore related to the standard enthalpy of trimerisation, AH®, “hy

'[6-26] HE = AncAH®

vl/'here Ang représ‘ents the number of trimers which dissociate on t~a addition of
n-hexane, as before.

. Excess enthalpies for the chloroform + n-hexane system have been
measured by Bissell, Okafor, and Williamson (1971) ertures of 10 duﬂerent
composmons were investigated. The mole lractlon of chloroform in these
mixtures ranged from 0.106 to 0.907. Using these experimental results and

equatlon [6- 24] we have calculated 10 values of the standard erthalpy of
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’ trimerisatiog. The values show significant composition dependence and are
accurately summarised by

[6- 571 AHWJ mol! = -11.952 - 9900xA |
. ‘
where x, represents the stouchlometnc mole fractron of chloroform The

variation of the standard enthalpy of trimerisation with composm_‘on is dlscussed

in the final section of this Chapter.

LDlscusslon
In the previous section we pmjpzféed that chloroform + n-hexane mixtures
can be consudered as ideal mlxtures of monomeric chloroform + tnmenc
chloroform +.N- hexane ~The equrlubnum constant of chloroform tnmensatlon
was found to have a value of K = 1.33 and the's-tandard volume -of trimerisation
was found to have a value of AV® = -7.30 cm® mol"!. Both of‘these
thermodynaml propertles are nearly mdependent of the composition of the
mixture. However, the calculated standard enthalpy of trimerisation shows a
strong ‘composition dependence. This dependence.can be explained by
considering the structure of ‘a chloroform trimer.

It is possible toéimagine two different structures in which three chloroform
molecules are collected to form a chloroform trimer. One. of these is‘a cyclic
structure with three chloroform chloroform bonds. The other ls a chain

| structure which contains two chloroform chlomform bonds These two

structures are very snmllar and hence we expect that the energy difference
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betweep them will be very small. It follows that very-small changes in the
composition of the 'chloroform -+ _n-hexane_-mixtures -may well shiftthe
equilibrium between the twe forms. For example one form may be lavoured
when the mixture is conCentratedAir‘t n-hexane and the other form fa\lou'red'
' | when the mix.ture is dilute in n-hexane. Since the two structures contain a
different numbetﬂ of chloroform-chloroform bonds, interconversion between the
structures involves absorption er emission of heat. Therefore, some of the
meaSured excess enthalpy may arise lron‘l a change in trimer structure due to a
change in the qompo_sition of the mixture. We have no way of predicting
quantitati\lely the contribution to the measured excess enthalpies arising trem
reorganisation of trimers. However, we do expect thatthis contributioh is
significant sirtce it involves t?teaking or maklng one hydrogen bond for e\)ery
trimer molecule that reerganises The value of AH® calculated from a measured

excess enthalpy and equation [6 24] wnIl depend on the degree of trimer
| reo;gamsatlon occunng at the composmon of the measurement This means
thaf the calculated values of AHe_,,wrll vary wuth composition, as is observed.

Our calculations demonstrate t}hat the vapour"pressures, excess volumes,
and excess enthalpies of chloroform +n- -hexane mlxtures are consistent with
the view that trimerisation of chloroform is the most important contrlbutlon to-
. non-ndealuty in these mixtures. The lack of variation of our calculated values of
Kand AV® with composition’of the mi.xtures indicates that interactions between

A}

chloroform and n-hexane can be neglected for the purpose of evaluating these

properties. That is to say, our assumption that n-hexane is inert with respect to
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chloroform is valid for the analysis of vapour pressures and excess volumes
Therefore, the value of the tnmensatlon equmbnum constant and the standard
volume of trimerisation can be attributed to the chloroform alone (no n-hexane)
~and are the values of these properties in pure chloroform. As we have
dlscussed the measured excess enthalpies of chloroform + n -hexane mixtures
" appear to contain a contribution which arises from the influence of chlorpform +
_ n-hexane inte;ractlo'ns on the structure.(cyclic or linear) of the trimer.A For this
reason it is difficult 'to',determine- the value of the standard 'e_ntvhalpy~ of
‘tnmerlsatlon in pure chloroform -

\

One method for estlmatlng the standard enthalpy of- tnmensatlon in pure

\
1

- chloroform-is to evaluate equation [6-25] at xp =1 (pure chloroform). This leads

to a value of AH® = -21 85 kJ mol™1. Comblmng this value Wlth our value of K =

g

. 1.331in AS" RInK + (AHefT) we obtam an -estimate of the standard entropy of

trimerisation of chloroform AS® =.-70.9 J K1 mol-1.
/

The success of the calculatlon scheme presented in this Chapter ln
lnterpretlng the propertles of pure chloroform in terms of self association
lndlcates that, as expected the |de157 assomated solutlon model can be a very.
~useful tool for'inves’(igating self-association in pure fiquids. An»lmportant

is that the self-associated
« -

~ value).



Patraboy (1983), and Gardener and Day (1983).

CHAPTER7

Complex Férmation between Sulphur Dioxide and Electron Donors:

'Partial Molar Volumes o <

introduction

)

: complexes wnth e1ectron donors. Evidence has been reported for complex

formatron between sulphur dloxrde and aromatlc hydrocarbons, olefinic
hydrocarbons, and hydrocarbons contalnlng a heteroatom. Some

representatlve studres are those of Locket (1932) Andrews and Keefer (1951),

| Many workers "have shown that sulphur dioxide forms charge-transter

. , . /
de.Marne (1957), Booth, Dalnton, and ivin (1959), Smith and Smith (1965),

* Sarntos and lIsojani (1979), Tse and Ripmee_ster (1983), Adams, Kruus, and

>

Formation of charge-transfer complexes between SO, and electron donors

suggests that the solubility of sulphur dioxide in. electron donating solvents will

be greater than its solubnlrty in non- electron donating solvents. This rncreased

solubrhty has mdustrnal |mportance because of the possnbrllty that electron

.donors(such as unsaturated hydrocarbons or hydrocarbons containing a
. . 1 . a : .

heteroatom) may be good absorbents for remov\rng,sulphur diexide from

J
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~ gaseous 'eﬁlue‘nts (Benoit and Milanova, _1§79). Further investigation of this
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'possmll% requrres knowledge of the solubllrty of sulphur d|0X|de in electron
donating solvents At low pressures of sulphur diox1de the solubility can be
~calculated from the appropriate Henrys law constant and equrlrbnum constant“

o

of complex formation. However in order to calculate the solubility at higher'

pressures we need‘to know the dependence of both the Henrys,law constant

. e
~

and the equrllbrium constant on pressure A

At pressures above the saturation pressure of the solvent the loganthm of
the ratio of the fugacity {f,) of a gas to its solubility (o) - deﬁned as the logarithm
of the Henry's law constant at that pressure, InkHp - in a particular solvent may

be obtained from the Kriohevsky-Kasarnovsky equation- (Krichevsky and
‘Kasarnovsky, 1935; Dodge and Newton, 1937; Prausnitz, Lichtenthaler, and de -
Azevedo, 1986):
(7-1]  In{fyxg) =Ink P =Nk © + V0 (P - pJ/RT =+
In equation [7-1]'kH° represents the Henry's law constant at the saturation
pressure of the solvent and V2°' represents the partial molar volume of the gas
. A .
~at infinite dilution (limiting partial metfar volume); P and p; represent the
' . - T .
pressure of gas and the partial pressure of the splvent, respectively; R
represents the gas constant and T represents the temperature. The only
assumptions required in deriving equation [7-1] are that the partial':molar
volume of dissolved gas is independent of pr'essure and that the solution is .
diiute enough that Henry's law holds.” I . b

for g
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Use of equatnon [7-1] to predict solubilities of sulphur dioxide in electron :

: donatmg solvents as a function of pressure requires values for the limiting

partial melar volume of sulph‘ur dioxide in these solvents. Evaluation of the
limiting partial molar volume of sulphur dioxide in electron donating solvents is
the primary aim of the work presented'iﬁ thi-s Cha‘pter.‘ We have alsb. used
these resu‘itsl to estimate the pre?ure depe'nder'\ce of the equili?ri_um cOnétant
forvthe cqmplexaticn- rgaction 'be_t\qeen sulphur dioxide and benzene.

4 Summariegs. of the experi,fnental .methods for obtaining' partial molar

volumes of dissolved géses have been given by Battino and Clever (1966) and

Ciever and Battino (1975)-. Although several precise investigations have-led to

“accurate and reliable values of the desired limiting partial molar volumes of

several gases in several quuias the experimental methods that have been
used are unattractlvely \,ompllcated We have undertaken the research
described’ here and in the next Chapter for two reasons: (i) to develop another
(less comphcated) method for obtairi~q the desired llmltmg partial molar
voiumes of‘,géses in liquids; (ii) to m?:h Iimiting partial molar volumes of

P

selected gases in selected liquids.

We begin by definjng the apparent molar volume of a solute (V¢;"2) in tern;_s’

" of the total volume of a solution e

[7-2] Vsol.n ='”2_Vd>,2 +Vy . o N

where Ny repr\essents the number of moles of dissolved gas and V, represents
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the volume occupred by the pure solvent before dlssolutlon of gas. The partlal

molar volume of a dissolved gas at mfmute dilution is deflned by

[7-3] V5= (avso,f,/anéln,T.p |

Taking’)the d_erjvative ofv equation [71—2‘]‘ vvlth respect.to N, and__ combining the
result with equationv["'/'-a] yields the limiting partial molar volume |n terrns ot the

apparent molar volume:

As we approach infinite dilution (n, — 0), the sec . - the right side ot"
equation [7-4] goes to iero, and the partial molar v- ..ne of the dissolved gas'is .

eoual to the apparent molar volume at infinite dilution. - For small values of

oV4/on,) the second term o'n}the right hand side of equation [7-4] is small
¢'%2/n \Tp ‘ ‘ U

relative o Vg 5. and V,0 is in effect _equalto Ve, zf:
We have desngned and: built a new dilatometer whtch allows speedv
measurement of apparent molar volumes of dissolved gases to 1% precrsmn
The dllatometer is lnexpensuve and relatlvely easy to operate As we descnbed _
in -the prewous paragraph measurements of apparent molar volume of

dissolved gas at very low gas concentrations provrde good es'umateu of the

¢ v ¢

limiting partial molar volume of the gas. We have used our new dilatometer to

measure the apparent molar volume, and thence to obtain values for the
llmttlng partlal moIar volume of sulphur dioxide, in eleven electron donatlng

\ ’ -
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_solvents, seven unsaturated hydrocarbons, and four hydrocarbons containing

oxygen. Preliminary measurements showed that V¢é is nearly independent of

the amount of sulphur dioxide dissolved; thus (0Vg/ona)y, 1,p 1 close to zero

and our measured apparent molar volumes (in dilute solution) are essentially
equal to the desired pamal molar volumes at |nf|n|te dilution.

In addmon to obtamlng Ilmmng partlal molar volumes of sulphur dxox1de in |
eleven electron donatmg solvents we: were also lnterested in comparlng these .

~ volumes wrth those of sulphur ledee in solvents that do not donate electrons

The a|m of this: comparlson was tQ $ee ;l the Ilmltmg pamal molar volume ol |

3ulphur dioxide s sugnn‘lcantly dlfferent in electron donors than in non-electron
donors. Our question was, does the formatron of a charge-transter( complex
alter the lirniting partial molar'volume of -sulprhur dioxide? T;o thlS .end,we have
measured the apparent m‘ovlar volume ot sulphur dioxide in six saturated‘
.hydrocarbons lnoh-electron donors). |
Design ‘aﬁnd Ooeretlon of the [')llat'o_‘meter ‘-
. The ollatome't'er 'co'nsi_sts,of lai ,Pvrex ~'ass ;b“'b@ capacity 68 cm3', lNall
thiokness 1.5-2.0 mm, ftted with & g&rgig’m capillary tube 100 mm long and 3
. mm in bore. As a re‘ference marka thin co'oper_vjvl_r‘e 'wés‘, att"ache}d..‘hallway up
- the capillary tube. The open end oNe capillar‘;‘tube can be.yol\OSed-.”vvlth»a

loose flttlng Nylon cap A dlagram of the drlatometer is presented in Flgure 7 1
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Nylon cap

- L meniscus (solution)

- reference mark
£
R S 'meniscus (pure solvent)
: /'" |
: ; | /*/
\ .

oA S

Figure 71 Diagram of dilatometer for measuring apparent
- molar volumes of dissolved gases’



e solvent is degassed with an oil pump vacuum for three to five minutes

and then loaded into the'dilatometer through a 100 cm?3 hypodermic syringe
fitted with a 200 mm needle. Solvent is loaded into the dilatometer until the

\

solvent meniscus is about 10 mm up the capillary tube. The dilatometgr is then L —,. o
closed with the Nylon stopper and 'allowedv to eq'uilibrate in.a constant
temperat'ure bath. When equmbnum has been achiéved the height of the
meniscus relative to the reference mark IS measured with a cathetometer to
+0.2 mm. The loaded dilatomet'e'r is then removed from the water bath,
carefully dried, and weighed to £0.0002 g

The solute gas is introduced to the dilatometer under hydrostatic pressure
‘very slightly above atmospheric pressure by connecting the top of the capillary
' tube to a gas cylinder with Tygon‘tu‘bing. lhe bulb is then placed in ice-water_ ~

. WhICh causes the solvent to contract and a gas space of approximately 1 cm3 |sv

“v”fproduced “This space is large enoug

:.that easy solution ot the solute gas is

- achieved by gentle rqcking and.»shaking of’ the dilatometer The ihtention ls not

8

to reach saturation but merely to gain sufﬂcnent mass of gas for suntable

l

determination of the ‘'solute concentration by direct weighing.

The dilatometer is disconnected from the Tygon tubing, closed with the

[

Nylon stopper, returned to the water bath, and left to equilibrate.for 20-30 7
minutes The ﬁnal level ot the meniscus relative to the reference mark and the

fmal mass of the loaded dilatometer are then measured.

-

The diﬂerence between the |n|tial and fmal values of the height of the

U
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meniscus is cornbined with a previously determined value (see section on

calibrafion) for the average cross-sectional area of the capillary tube to obtain

the volume expansion on solution. Division of this volume expansion by the

| number of rnoles of gas in solutuon (found from the difference in mass of the

. drlatometer before and after addition of the solute gas) yuelds the apparent

molar volume of the solute gas in the solvent.

Temperature control to 0.005 K and pressure control to 10 kPa is sufﬂcrent ,

K

to make all temperature dilatation and compressrbrlrty correctuons neglrgrbla . a

We found that at 25°C, even with the drl_a.tometer uncapped, toluene (one of our

IS

more volatile solvents) was lost at a rate less than 1 mg per"hour indicafing that

no corrections need be made for solvent losses due to diffusion of solvent up

the capillary.

Provided.that the arnoun; of solute taken Up:'by the solvent results in a rise

| ova" the meniscus of at least 40 mm and a(dgai'n' in mass of about 0.5 g, the

precision and accuracy of this technique, are of the orderpf 1%. A complete

_e%periment requires only 15 to ,2‘_‘h’ours.

. S : PRI
H 1 ~ . P : . .
. . . LR )

<«

A liquid of known density was injectad into th'e«‘:dilatometer and, when

.
equilibrium had been achieved, the height of the meniscus relative to the

reference mark and the_mass of the dilatometer were cetermined. A small

volume of the same liquid was then added to the dilatometer and the

~measurement process repeated. The change in mass, combined with the
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density, gives the change in volume of liquid in the dilatometer. The average
cross-sectional area of the capillary tube was obtained by dividing the volume

change by the change in meniscus height.
4

Experimeﬁtal |

We have m.eas ~  :he apparent molar volume of su!phur_dioxide in seven
” unéatu’fated | hydrocarbons (benzene, toluene, 'm-xylene, masity|éné..
c;yclohexene, 1-methylnaphthalene, and tetralin), six saturated hydrécarbons
(cyclohexan;Jnethylcyclohexane, 1,3-dimethylcyclohexane, decalih, h-octane,
-and n-hyexadecahe) and four oxygen containi}r.wg hydrocarbons (2-nonanone,
diphenylether, dimethylphthalate. and 1-octanol) at 25°C using our néw style of
‘dilatbmeter. For the purpose of camparing the results obtained with our new
d>ivlatometer with ltfr{os‘e of other workers we have_ also measured the apparent

" . molar vplume o>f,' ethane fn n-oétané. \.
In a'|'.‘ ,expérifnents _ghe mole fraction of sulphur d‘ioxiqﬁé was less than'0.03; . .

thus the measured apparent molar volumes are very close o the desired partial

>

Thje temperature of t~he water bath was controlled to 10.065 K ‘wi‘t'h a
Thermomix 1460 temperature controller. | ’

Sulphur dioxide (Matheson), benzene (Anachemia), toluene (Anachemia), |
m-xylene (BDH), mesitylene (Fluka), cyclohexene (MCB), 1-methylnaphtha!en'e

(J. T. Baker), tetralin (Anachemia), cycloﬁexane (C‘aledon), decalin (Fisher),
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n-hexadecane (Alfa Products), 1,3-dimethylcyclohe>&ane (Fisher), n-octane'
(Fisher), nonanone (Fisher), diphenylether (Fisher), dlmethylphthalate (BDH),
and 1-octanol (Fisher) vwere‘ used without further punfrcatlon. All of these
chemicals were reagent grade e‘xcept dimethylphthalate, 1-methylnaphthalene, -

and tetralin which had purities of 97% or higher.

4

i h Resuits and Discusslon '

As stated in the preceding section, we take our measured apparent molar
volumes to be equal to the llmmng pamal molar volumeés. The llmltl% partial
molar volumes ot sulphur dioxide in the seve_nteen solvents lhat we
. | investigated are listed in Table 7-1. The reliability of the values obtained using
our new dilalometer IS demonstrated by comparison' with values published by
.olhers Handa, DArcy, and Benson (14982) found the limiting partial molar
volume of ethane in n- -octane to be 66.6 cm3 mol ‘ . and HOI’IUH (1931) reported
46.8 cm3 mol < for lhe limiting partlal molar volume of sulphur dioxide in
benzene. Our values for ethawe in n-octane { 65.8 cm3 mol 1) and sulphur
dioxide-in benzene ( 47.8 cm3 mol Ty agree wnh»these‘reponed values within
the stated uncenaintles of the measurements.

Table 7-1 shows that the limiting partial molar volumes of sul-phur dioxide
in electron donati‘ng solvents (unsaturated hydrocarbons arid oxygen- .
containing hydrocaroons) are significantly smaller tharl th‘el}kimiting partial

molar volume of sulphur dioxide in non-electron donating solvents (saturated
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Table 7-1. Limiting partial motar volumes of sulphur dioxide in organic solvents

Solvent . -Limiting Partial Molar Volume&.D
Unsaturated Hydrocarbons
Benzene 47.8
Toluene 46.1
- < m-xylene ' 46.2
Mesitylene | ‘ 46.1
Cyclohexene . 48.7
“1-methylnaphthalene o 446
Tetralin - '- 443
. X. ! :
r Hydrocarbon '
J'Cyc.lohexane PR 55.4
MethylcyCIohexéhe ) 5'_4.7
1,3-dimethylcyclohexane . 55.0
Decalin | | 526
Octane . - 56.2
: Hexgdecane_ o S 53.5
.
| xygen-Containi rocar
2-nonanone , 458
Diphenylether - ,. : 454
~ Dimethylphthalate o . 43.14
1-octanol . , D 444

dUnits:cm3 mol' v -
b Maximum uncertainty is:less than 2%

-
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]

‘hydrocarbons). We attribute this difference to the existence of a chérge-transfer
complex between electron donors and sulphur dioxide becausé formation of
the charge transfer complex draws the sUIphur dioxide molecule.s,téwardé the
solvent molecules. Stated another way, the relative equilibrium positions of |
sulphur dioxide and solvent moiecu|es are closer to each other ‘w-hen a.
complex is formed than when no complex is formedy..

Our limiting pénial molar volumes (Tab?e 7-1) can be used in equation 7-1
to calculate the pressure dependence of the Henry's law constant for each of
the sulphur dioxide + solvent systems tt_\at we have investigated. However, as I-
noted in the Introduction to this Chapter, in order to predict the solubility of
sulphur .dioxide in electron donating solvents as.a function of pressure, we
need. to~ know fhe.pressure dependence of ihe eqiuilibrium constant, K for tiie
complexation reaction | o
[7-5_] SO, + e donor = complex

Here e~ donor refers to the electron donating solvent in tr{e pure liquid state.

SO, refers to uncomplexed sulphur dioxide in solution, and complex (also in
sblutioh) refers to the charge-transfer complex formed between SO, and e
- donor. Thé variation of the equilibrium constant for reaction [7-5] with pressure

.~ -

is given by the thermodynamic equation
[7-6]  (3InKp)y = -AVH/RT ‘ 3
where AV® represents the standard volume change of reaction [7-5] and all

other symbols are as pre&iously defined. Thus, in order to calculate ~the

A\
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equilibrium constaht for reaction [7-5] at pressure.s other than the standard state
pressure we nee\d to know the value of AV®.

As shown in Chapters 2 and 6 the standard volume change for a
complexation reaction can‘be calculated from measured e’xcess volumes, using

‘the ideal associated solution model. However, no published measurements of

excess volumes for SO, + e donor systems are available. Thus approximate

methods’must_u be used to obtain values of AV® for complex formation between
sulphur dioxide and an electron donating solvent. In this connection we have
applied tﬁe scaled particle theory of liquids (Reiss, 1965; Piero‘tti,l1976). As a
specific example we cpnsider the formation of a complex between sulphur

dioxide and benzene.

Scaled panticle theory gives an expression for the reversible work of

forming in the solvent a cavity of size sufficient to contain the solute moleculs.
That is, the theory allows calculation of the free‘energy. G,y Of transferring a
non-interactiné hard sphere (samé diameter as a ;olute molecule) from an '
ideal gas phase to infinite dilu_tion in th‘e solvent. Taking the dér‘ivative of G,y
" with respe~t to pressure, wé obtain the scaled particie thqory' expreséion for the

hard éphere contribution, V,,, to the Iimitihg partial molar volume:
[7-7] Vg = BRT[(1 <y)2 + 3(1 - y)(0,/0,) + 3(1 + 2y)(0,/0,)2)/(1 - y)° +

(Nm(a,)3)/6

,/J



107

In equation [7-7] o, and o, represent the hard sphere diametets of solvent and

solute molecules, respectively, B represents the isothermal compressibility of
i

the pure solvent, N rapresents Avogadro's constant, and y represents the
reduced density

[7-8] = (Nmn(c,)3)/(6V,)

where V, represents the molar volume of the pure solvent.

~

In addition to the hard sphere contrlbutnon there are two other contnbutlons

to the llmmng partial molar volume of a solute in a solvent
[7-9] V0=V o+ Vig+ BRT

-

The term Vlm n equatlon [7 9] represents the pressure denvatlve nf the free

energy of solute/solvent int'eractions a‘nd:.l}RT is the kinetic contribution of the .

hard spl*ere to the partlal molar volume of solute The first and '[hll'd terms on ..

the right-hand side of equation [7-9] can be evaluated for any solute/solvent
system for which the compressnblllty of the solvent and the dlameters of solvent
~and solut‘e rnolecules are known. Therefore, if the limiting pamal molar volume

of a gas in a solvent has been determined exp_erirnentally, we can calculate the

contribution to this volume arising from solute/solvent interactions, Vint

[7-10] Vi = Vo0 Vgy, - BRT
For mixtures of sulphur dioxide + benzene we know that both chemical and

physical interactions occur between the solute and the scivent. Accordingly,

("
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we separate Vjy into chemical and physical contributions:
[7-11] Vg = Vjmy(chem) . V,4(Phys)

Physical contlributlons to V’in;iarise from all interactions between solute-and
- solvent th‘at" do not lead to the formation of the sulphur dioxide-benzene
complex. We approxima‘teyvim(phys) for sulphur dioxide + benzene by

Vin(phys) for sulphur_ dioxide + a non-electron donating "model of benzene",
such as cyclohexane. Cyclohexane is similar to benzene in size and

polarisability (see Table 7-2) and, like benzene, has no dipole moment. This
: ‘ t o : B :

4

similarity: suggests that Vim(phyS) for sulphur dioxide + cyclohexafe is
approxi—mately equal to Vim(phys) e llphur dioxide + benzene. Since

cyclohexane is hot an électron donor, Vint(chem) = 0 for sulphur dioxide +

r

cyclohexane. On this basis we interpret the differénce between V., for the
sulphur diox-ide" + benzene.syste'm ‘and' Vém for the sulbhur'dl‘oxide +
cyclohexane system as benng entlrely due 276 chemnbal mteractlons betweén

sulphur leXIde and benzene That is to say the standard volume change

: ansung from the complexatlon reactlon is: guven by

e 12] AV9 Vint sozfcsn6 |r“(soz/csnm) : o

Values of 'the molecular diameters'of sulphur dioxlde' benzene, and

cyclohexane are gwen in Table? 2. Thls Table also Ilsts the molar volumes s

“and isothermal compress:bnlmes of benzene and cyclohexane lnsemng these-'

¢ RN
T
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Table 7-2. Molecular diameters (o) of SO,, CgHg, and CgH;,. Molar volumes
(V), isothermal compressibilities () at 298.15 K of CgHg and CgHy» Molecular -
£ :
polarisabilities (a) of CgHg and CeHyz. i S
10*BMPat  viem? mol™ 102401¢m3 molec™!

o/nm
CeHg 054558 9.66°  B89.408° 10.32¢
CgHyp 057718 11.200 108755 10.78C
so, . 041028 - - ’ -

a Mourits and Rummens (1976).
- b Tardajos, Diaz Pena, Lainez, and Aicart (1986).

C Pierotti (1976).
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values into equation [7-7] we calculate Vca;(SOz;CsHe) and Vcav(_soz/Cerz)-'
Combining these values of V ,, with our values of V°(S0,/C¢Hg) and
V°(862/CBH12) in equation [7-10,  .ds 10 Vj,(SO2/CeHe) = -60.0c mol! and
Vin(S02/CgHy2) = -46.7 c_m3 mol-'. From equation [7-12] we then 6alculate a
value of AV9 = -13.3 cm3 mol“ﬂiorthe standard'lvolume>che‘mge for the benzene
+ sulphur dioxide complexation re\ac‘:t’ion_. o

Scaled particle t\heory migm\\bg?,gsed also to estimate AV® for other SO, +

e~ donor systems, provided that a non-electron donating model compound with
physical. properties (molecular diameter, dipole moment, and polarisability)

similar to those of the electron donor of interest exists.

W



: Voo CHAPTER 8

‘Partial Molar Volumes and Solubiliti‘es of Gases in Bltumen

A

introduction

Simulation and matrrer‘natical modellihg‘of-'various in situ processes for
Broduction of bitumens from Alberta oif sands requires basic physico-chemical
information on these bltumens Such information includes partial molar
volumes of gases dlssolved in bitumen. Partlal molar volumes can be used to.
calculate solubilities of gases at press'ur_es above the Henry's law region. In.
particular, the partial molar volume used in these calculations is the partial
molar volume at infinite diluticn or limiting partial molar volume.

Limiting partial molar volumes of d|$folved gases cannot be measured
directly. In Chapter 7 we descrlbed how measurements of apparent molar
volume made with our new dilatometer could be used to obtain partial molar

volumes of dissolved gases .ati;jfinite dilution. It was shown that the limiting
' ' )

partial molar volume, V,°, is equal to the apparent molar volume at infinite

drlutnon of gas.’ It follows.that measurements of the apparent molar volume in
very dllute solutions of the gas lead to good estlmates of the limiting partral
molar volume.

Measurement of the apparent molar volumes of gases in bitumen using

our new dilatometer is complicated by the high viscosity of bitumen at

111 <



112

temperatures that are of practical importance and by the_ low solubility of the
gases of interest. This means that we cannot obtain an estimate of the limiting
partial molar volume of a gas in.’bitumen" by simplv measuring the apparent
molar volume in a very dilute solution ‘of the gas in bitumen.

In this Chapter we present four alternate methods for dbtaining values of
the limiting parlial molar volume of a gas in bitumen. The results obtained from
th'e various methods are compared and discussed, ‘and values of the partial
molar volumes'ofl carbon dioxide, ethane, oropane, and sulphur dioxide in
bitumen are recommended.

- Our'ﬁrst.method.-for‘ obtaining the partial molar volume of a gas in bitumen
requires measurements of the apparent molar volume of the gas (low
concentration) in mixtures of bitumen and some organic solvent. On the. basns‘ :
of the argument oresent‘e.d above and in Chapter 7 we assume that the
measured apparent molar volumes of solutes in dilute solutions are_equal to
the limiting partial molarvvolumes in these mixed solvents. Plotting the limiting
partlal molar volumes of’ gas in the mlxed solvent against bitumen mole fraction
of the solvent and. extrapolatmg to pure bitumen glves an estimate of the
limiting partlal 0molar volume of the gas in bitumen. We have measured the
apparent molar volumes of gases dissolved in bitumen/toluene} and
bilumen/mesitylene solu’tions'. and have used this extrapolation method to
- dstimate the Irmmng pamal mwlumes of the gases in bitumen.

A second estimate of the lummng pamal molar volumes of gases in

bitumen can be obtained by measuring the apparent molar volumes of gases

-
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dissolved in a liquid that has some of the same solvent properties as bitumen.
In terms of solvelm properties a "'model bitumen™ might consist of an
appropriately weighted mixture of a long chain hydrocarbon, an aromatic or
partially hydrogenated aromatic system ‘containing two or more ﬁngs, and
possibiy a cYcIic system containing a sulphur atom. Representative substances
that we have chosen are hexadecane, 1-methylnaphthalene, and decahn No
: suntable sulphur containing compound w1th‘out an mtensely dlsagreeable odour
could be found. The weighting factors for Qach of the components of thls rﬂ)del
bitumen that would make the model most like real bitumen are unknown and
hénce'we make the following approximation. Since solute partial molar volume
is only moderately solvent dependent, the proportion of each component in the -
model- bitumen is.rel‘atively unimportant. An estirﬁate of the limiting partial.
molar volume of any gas in bilt_umen can be made by téking an average of the
limiting partial molar volumes of a gas dissolved in each of the pure
components of the model bitumen. Accordingly we have used our néw
dilatometer to measure the apparent molar volumes of gases dissolved in
hexadecane, 1-methyinaphthalene, and decalih. Limitin'g partial molar volumes
of the gases in these éolvents were obtained from the measured apparent.
molar volumes as described earlier. ®

Another possible model for bitumen is automobile engine oil. Engine oil is
ér}emicélly similar in some respects to bitumen but h}as a much lower viscosity,

making it suitable for investigation in our new dilatometer. We have measured

the apparent molar volume of carbon dioxide in Valvoline 10W-30 (autorn,obile‘
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engine oil).

Because’the densities of bitumen/gas‘ solutions contain information on the
partial molar volumes of the d,issolyed gases, measurements of dgnsities of
bitumen/gaé solutions providé a third method of estimating Athe limiting partial
molar volumes of gases in bitumen. The limiting partial mo\lar volume of the
dissolved gas can be calculated by considering the volume of a bitumen/gas
solution to be the sum of a volume due to the pure bitumen at the particular
applied pressure and a volume due to the dissolved gés. We have analysed
recently reported densities of bitumen/carbon dioxide, bitumen/nitrogen and
bitumen/methane solutions to obtain lim.ting partial molar volumes for carbon
dioxide, nitrogen, and methane in bitumen.

‘Our foutth method is based on the empirical equation of Handa and
Benson (1982), which correlates the limiting partial molar volume of a dissolved
gas with the critical constants of the solute gés and the inierna,l pressure of the
solvgnt. By’\assuming that the I'imiting partial molar volpme of one gas .in
bitumen (obtained by one or more of our other methods) .is reliéble, we caﬁ
evaluate the internal pressure of bitumen from the correlation equation. We
can then use this value of the internal pressure of bitumen in the corrglatios
" equation to estimate the limiting partial molar volumes of other gases i‘n

bitumen. _ Yy w

-
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Experimental
Apparent molmar volumes of carbon‘,dioxide, sUIphur dioxide, ethane, and
propane in tolueng, mesitylene, vhexaaécane. 1'-methylnaphthalene,ﬁ and
decalin (normal commercial mixture of cis and trans isomers) were measured at
25°C using our new dilaiometer (see Chapter 7); Apparent molar volumes of
carbon _d‘ioxide.’sulphur dioxide, and ethame in thé solvents .bitumen/toluenev
(60/40 by mass) and bitumen/m:asitylene (60/40 by mass) were similarly
determined. Apparent molar volumes of carbon dioxide in bitumen/mesitylene
(80/20 by mass) at 45°C and-undiluted Valvoline 10W-30 (automobile engine.
oil) at 25°C were also measured. In all of our experiments the mole- fraction of
dissolved gas was less than 0.03.7 Thus, che measured apparent molar
volumes are very close to fhe desired partial molar volumes at infinite dilution:
The apparent rrlmolar volume of carbon dioxide in bitumen/mesitylene
(80/20 by mass) was measured at 45°C because at 25°C this solution is tco
'viscoﬁs to be loaded into our dilatometer. Because of the low thermal
conductivity of this solution even at 459‘C. 2-3 hours are required for the
menriscus to reach its equilibrium height in the dilatometer. | Mesitylene was
used as the second component ot the solvén't for this experiment because the
low vapour pressvure of mesity|ene at 45°C (< 1 kPa) ensures that solvent
losses by diffusion up the capillary tube are negligible despite the duration of
the experiment. o

. . _ :
Some of the above measurements were made using a modified version of

the dilatometer described in Chapter 7. This second \}ersion was fitted with a
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Kdntes 3 mm bore tap and Viton O-ring seal so that gases could be delivered at
pressures up to 150 kPa above atmospheric pressure. This version of the
dilatometer was u__sed to measure the apparent molar volﬁmes of gases that
have a low solubility in the solvent of interest.

Toluene (Anachemia), mesitylene (Fluka), hexadecane (Alfa Products),
1-methylnaphthalene (J. T. Baker), decalin:(Fisher), n-octane (Fisher), benzene
‘(Anachemia), carbon dioxide, sulphur dioxide. ethane and propane (Méthesoh) |
Were used without further purification. All of these chemicals were reagent
grade except for 1-methylnaphthalene which had a purity of 97% or higher.
Valvoline 10W-30 (Valvoline) was obtained from a retaillsample.

Bitumen was obtained from the Oil Sands Bank of the Alberta Research
Couhcil. The average molecular weight of this bitumen was found to be 481 g

a.

mo!-1 by vapour phas= osmometry.

Results and Discussion ~

" As stated in the preéeding section, our measured apparent molar volumes

are taken io be equal to the Iirhiting partial molar volumes. Our value$ for the

' limiting partial molar volume _of cas in .ne systems that we investigated are
" listed in Table 8-1.

We t‘urn now to the evaluation-of the limiting partial molar voI'umes of gases

i;m bitumén. Thé limiting partial molar volumes of carbon dioxide in mesitylene, |

bitumen/mesitylene (60/40), and bitumen/mesitylene (80/20) (see Table 8-1)

were plotted against the ‘mole fraction of bitumen in the solvent. The resulting



Table 8-1. Limiting partial molar volumes? of gases at 25°C

’?’1 7.

Solute gas

Solvent CO, CaoHe SO, C;Hg
Toluene 46.5 65.0 46.1 | 82.9
Bitumen/Toluene . 45.2 61.4 42.3 -

(60/40)°
Mesitylene h 46.9 64.7 . 46.1 81.9
Bitumen/Mesitylene 44.6 62.9 44 .4 -

' (680/40)P
Bitumen/Mesitylene 44.4C - - -

(80/20)P
Hexadecané 48.6 65.1 53.5 82 5
1-Methylnaphthalene 43.4 62.1 44.6 79.6
Decalin 47.5 62.5 52.6 79.5
Valvoline 16W-30 43.4 - - -
2 Units: ¢cm3 mol™
b Percentaée by mass 7\\\
c Température =45°C o
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¥ curve vindicates that the limiting partial mollar volume of carbon digxide in
bitumen/mesitylene is- nearly independent of bitumen mole fractibn above a
bitumen mole fraction of 0.2. Ext}apolation of the curve to pure bitumen
(bitumen mole fraction = 1) yields a value of 45 cm3 mol-? for the ‘Iimiting partial
molar volume of carbon dioxide in bi';umen. This extrapolation is necessarily
lorg because solutionst containing a mole ,t(‘action of bituﬁen higher than 0.5
~ were t00 viscOus to be Ic;aded into the dil.;to_meter. However, as we have.
already mentioned, the slope of the curve at bitumen mole fractions above 0.2
is close to zero. Therefore the extrapolation is acceptable. |
We have aés'ﬁmed that zhe dépendence of the Iimi_ting partial molar volumé
of other dissolved gases on bitumen mole fraction is the same as that observed
for carbon dioxide. We have also assumed that replacing mesitylene with
toluene as the second component-of the solvent will nolt affect this‘dependénCe.
Using these assumptions and the results in :Tabule 8-1 we constructed plots of
limiting partial molar volurpe of dissolved gas against mole fraction of bitumen
in the solvent for sulphur‘ dioxide and ethane in bittj\rﬁen/mesitylene and
bitumen/toluene.} A similar plot was also constructed for carbon djoxide in
bitumen/toluene. Extrapolatton of the resu|t|né curves to pure bitumen ynelds
two values for the limiting partial molar volumes of each of carbon duoxlde
sulphur dioxide and ethane in bitumen. Taking the mean of the two values we
| obtain 43 c¢m3 mol™! for the limiting parﬁal molar volume ,,of‘ca“rb,on dioxide in
bitumen, 42 cm3 mol-? fo\F'/‘the limiting pértial molar volume of sulphur dioxide in

bitumen, and 60 cm3 mol™! for the limiting pariiai molar volume of ethane in
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bitumen.

As described in the first section of this Chapter, we have also estimated
limiting partial molar volumes of gases in bitumen by considering a mixture of
" hexadecane, 1- methylnaphthalene -and decalin to provide a model of the
solvent properties of bitumen. Table 8-1 shows that the limiting partial molar
“volume of carbon dioxide is about 10% higher in hexadecane _than in
1-methylnaphthalene. This solvent dependence is small enough that we do not
need to know the relative propomons of components in the model bitumen. A
reasonable estimate of the limiting pamal molar volume of carbon dioxide in
bitumen can be found by taking an average of the limiting partial molar volumes
of carbon dioxide in eaoh of hexadeoane, :‘1-methylnaphthalene, and decalin.
On thie basis we estimate the limiting partial molar volume of carbon dioxide in
bitumen to be 45+2 cm3 mol™*. |

. Applying the modeli bitumen met‘hod to our reeults for the' Iimiting_.\gertial
molar volumes of sulphur dioxide, ethane, and propane in the pore solvents
:\hexadecan.e, 1-methylna‘phthalene, and decalin (Table 8-1) leads to values of
| :\7i3 cm?3 mol-! for sulphur dioxide in bitumen,60+1 cm3 mol™! for ethane in
bitumen, and 80+1 ¢cm3 mol™! for propane in bitumen.

We have also used Valvoline 10W-:;O (automobile ,engine oil) ‘as a model
for bitumen. The value of 43.4 cm3 mol ! that we obtained for the limiting
partial molar volume of carbon dioxide in Valvoline 10W-30 provices funher
evivd.ence that 43 cm3 mol‘1 is a good estifnate of the limiting partial molar

volume of carbon dioxide in bitumen. The agre_emen:t between the value
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obtained with Valvoline 10W-30 as a model for bitumen and those values found
by other methods indicates that Valvoline 10W-30 is a good modsel solvent for
bitumen.

Due to the well documented (see Chapter 7 and references therein)
. charge transfer iﬁtgr_action between sulphur dioxide agd aromatic substances,
the Iimitin‘g bartial molar volume of sulphur dioxide¥is strongly dependent on the
degree of aromatic character of the so|v23nt. Therefore‘. ‘uncertaintigas
associated with the exirapolation and mode! bitumen methods for obtaining the
limiting partial m~ ar volumés of gases in bitumen are larger fér’sulphur dioxide
than for solutes which do not exhibit this type of interaction.

The limiting partial molar volumes of carbon dioxide, ethane, and sulphur
_dioxide in bitumen obtained froim the extrapolation and model bitumen methods'
are in good agreement with each other. It appears that these methods together
with our 'ne;N ditatometer pr6vide reliable anc ificient approaches to the
evaluat}ionﬁéf the limiting ;;artial molar volumes of gases dissolved in bitumen.
If for éo‘me reason (e.g. low gas solubility) the extrapolation and mode! bitumen
. methods cannot bé‘\us\fed, qualitative estimates of the limiting partial molar‘
volumes of gases in \b";i‘tu'men ymay still be found by either. of the following
methods. One of't_hese is based on the densities of b’ .menlgas sélutions
(méasureable only with considerable difficulty) of known composition while t‘he
other uses an empirically developed correlation equation. |

Kalra and Robinson (1983) have collected data on the densities of

bitumen/gas solutions and on the effect of pressure on the density of bitumen.
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In order to obtain estimates of the limiting partial molar volumes of gases from
these data we have assumed that the voldme change associated with the

dissolution of a gas can be regarded as the sum of two effects: a volume

change of the pure bitumen due }to the applied pressure alone and a volume-

change due to dissolution of the gas. From the results of Prowse, Wallace, Lott,

Daigneault, and Shelley (1987) at 15°C we obtain the following expression

relating V(P), the volume per gram of bitumen at pre‘ssure P, to V(P=0), the

volume per grarﬁ of bitumen at zero pressure: Ve
(8-1] V(P)V(P=0) = 1 - (0.00141)P/MPa

We have used equation [8-1] to describe the com'pressibilit'y of bi,tumf—:n at
temperatures between 15°C and 35°C. Since the cohtributfon of the applied
pressure to the overall volume chan‘ge is very small, any error introduced by
using equation [8-1] at tempera}tures above 15°C will have little effect on the
values calculated for the partial ‘s\olar volume of the dissolved gas.

The results of Svrcek- and Mehrotra (1982) show that bitumen at 25°C

under a pressure of carbon dioxide of 5.75 MPa contains 8.75 wt% carbon

dioxide and has a volume of 0.9615 cm3 g”!. These results also show that the

volume of pure bitur_ne_n\ét zero applied pressure is 0.9615 cm3 g1, Sirce

each gram of the bitumen/carbon dioxide solution contains 0.9125 g of

—

" bitumen, the volume per gram of solution occupied by the bitumen at zero

‘ N .
applied pressure is 0.8774 cm3 g!. From equation [8-1] we obtain 0.8703 cm?

' -

g™! for the volumeof bitumen per gram of bitumen/c_arbdn dioxide solution at

- 5.75 MPa. The remaining volume per gram of solution, 0.0912 cm3 g1, is due .}

A

-
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to the dissolved carbon dioxide. Dividing~this volume by '0.0199 mol g°*, the

A1

number of moles‘of carbon dioxide diésolved "per gram of thu’men/c'arbon”
dioxide solu»t;ion', we obtain 46 qm3 mol™1 for the limiting partial molé\r volume of
carbon dioxide in bitumen. We estimate the uncertaintyvin' this value to be of
the order of 20%. The value is in good agreement with that of 43 cm3 moll“‘ ’

found using-the extrapolation and mcdel mixture methods.

Applying this method to results (Svrcek and Mehrotra, 1982)-for methane

“in bitumen and nitrogen in bitumen we obtain 7515 cm3 mol for the limiting

partial molar volume of methane in bitumen-and -230+50 cm3 mol™! for the
limiting partial molar volume of nitrogen in\bitur‘nen. The Value calculated by
fhis method for thé limiting partial molar volume of methane in bitu[nén is Iargér
than 'expe-c{e'd. On the basis of the survey 6f Handa and Benson (1982) it
appears that 58 cm3 mol™! is not an unreasonable value for,th% limiting partial

molar volume of methane in typical solvents. The signand magnitude of our

calculated value of the limiting partial molar volume of nitrogen in bitumen have |

their origin in the data of Svrcek and Mehrotra (1982) that show a steep

SN

ihcrea'se in density of bitumevn with ihcreasi.‘ng pressure of n\itrcngen. Although
such a dénsity increase _is possible if;,fhe bitumen under‘g';oessome type of
chemical reaction"with;iﬁ’é'solute <as.. this s__éems unlikély in the case 'of '
nitrogen. / |
~ Another approéch to the limiting partial molar vélumes of gases diSs'olved
¢

in bitumen may be found using the correlation equation of Handa and Benson

(1982). This equation empirically relates the limiting partial molar volume at '
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infinite dilution of a dissolved gas, Vé‘°, to the critical temperature and pressure

1

of the gas, T, and P,C, and the internal pressure of the solvent, P1i;

(8-2] V2°‘ = R[O:092 (T,C/PC) + 2.674(T/P,i)] ‘

The symbols R af™in equation [8-2] represent the gas constant and the
| temperature, respectively. We now cor~ider the use of equation [8-2] to -
estimate limiting partial molar volumes o. wses dis's_olved in bitumen.

No value for the, internal pressure of bitumen is available. However, by
}substituting our value of 43 cm3 mol-? for the limiting partial molar volume of
'carbon dioxide in bitumen into equation [8-2] and rearranging we obtain 576
MPa as the internal pressure of bitumen This means.that, in terms of internal
pressure, bitumen is comparable with acetonitrile, Pi = 581 MPa, and
'-propa'nol Pl = 552 MPa, (Dack, ‘1h975). . Th'e high internal pressures of
acetonitrile and 2- propanol result from the hydrogen bonding in these liquids.
Bitumen also has properties that suggest srgnificant chemical interactions
between its‘components. For example, d. ~-'ved carbon leXIde markedly -
reduces the viscosity of bitumen, and we have recently noted that even a 1%
solution of sulphur dioxide :in brtumen lowers the vnscosrty consrd cavly. -We
‘conclude that 576 MPa |s a reasonable value for the: internal pressurz of
bitumbn..

- Combining our value ‘for‘the internal pressure of bitumen with the'
appropnate cntical constants (Handbook of Chemistry and Physics,1986) w

~obtain the tollowmg Iimiting partial molar volumes of gases dissolved in

4
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bitumen: methane 43 cm3 mol?, ethane 59 cm3 mol™!, propane ;/'8 cm3 mol-1,
nitrogen 40 cm3 mol*1, sulphur dioxide 53 cm3 mol-! and hydrogeh 31 cm3
mol"!. These r:esults. conform to a considerable degaree with the trends shown
in Table 81. - ‘, .

Table 8-2 gi\res a surhmary of the results obtained using the four methods
presented in this Chapter. Ot the four methods .for obtaining the limiting partial
molar volumes br' es dissolved in bitulmen, the ‘most reliable results _are
ob.tained using our ngw dilatometer together with the extrapolation and model
bitumen metheds:.. We estimate that for reasonably soluble gases with
mederate molar -masses (e.g. carbon dioxide, propane) th'e‘ values obtained
from these 'two methods are accurate to within 5%. Our best estimatesdof the
_limiting p’artiar molar volumes of carbon dioxide, ethane, sulphur dioxide, and
propane in bitumen are given in Table 8-3.

For less soluble gases with smaller molar ‘masses (e.g. nitrogen,
_hydrogen) it is drffrcult to use erther of the more accurate methods to find
rehable quantitative estimates of the Irmmng partnal molar volumes of gases in
bitumen. In these cases qualltatrve estumates can be made from the densmes
of biturﬁen/gas solutions (as described) or, if these arevunavailable, from
equation [8 2]. It may also be possrble to construct a "high pressure version of
our dnlatometer which could tolerate pressures up to 10 atmospheres
| Measurements could then be made of the apparent molar volume of gas in

| ~_‘vpure brtUmen at 10 atmospheres and 80°C. ermng partral molar volumes of

the gas in pure bitumen would then be estimated from ‘the results of the

t
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Table 8-2. Limiting patial molar volumes?® of gases in bitumen using the four
‘methods presented in this\Chapter.

Gas Extrapolation Model bitumen Densities of Correlation
method method bitumen/gas mixtures equation.
: /
5
CO, 43 45 46 -
C,Hg 60 60 - | 59
SO, o, 42 47 - ' 53
N, - - T .230b 40
H2 , ) - ’ - * - 31
CH, - - 75b 43

/

a Ynits: cm3 mo!™?

. b probab., incorrect as discussed in text

#

Table 8-3. Recommended limiting partial molar volumes?@ of gases in biiumen
at 25°C. : '

CO,  CoHg SOy CaHg

43 60 44 _ 80

8 Ynits: cm mol™

-
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' measurements of apparent molar volume as we have described earlier.
Limiting partial ~molar volum'es of dissolved gases can be used to predict

gas solubilities at pres. -s above the usual Henry's law region by way of the

'Krichevsky-Kasarnovsky equation (Krichevsky and Kasarnovsky, 1935; Dodge

and Newton, 1937; Prausnitz, Lichtenthaler, and de'Azevedo. 1986):

[8-3]  In(fyx,) = Ink O + V0 PIRT o
In equatio*ﬂvfs-é] , {> represents the fugacity of the solute, x, represents the molé

fraction of the solute, and ky© represents the Henry's law constant at the

~ saturation pressure of the solvent.‘ All other sym'bolls are as previously‘defineé.
Derivation of equation ‘[8-3] requires three assumptions: the limiting partial
molar volume of the dissolved gas is independent of pressure, the saturation
- pressure of the solvent is negligible compared to the total preés 2, and the
solution is dilute e.nough that Henry's law holds. All assUmptions are valid
the case of a dilute solution of a gas in bitu;ﬁen at™»5°C. Our values for th
partial molar volurfies of carbon dioxide, ethane, sulphur dioxide and propane
in bitumen with equation [8-3] allow prediction of the s:olubility of thes» g‘aa:-w in
bltumen as a funchon of pressure. |

Lu, Chung Adachi, and Boubhk (1986) have recently asuescled existing
solubility data for methane, nitrogen, and carbon dioxide in bit.mer or th
basis that the ratio of gas fugacity to mole fraction solubility in logarithmic form

is expected to be a smooth function of pressdre. This function is non-linear in

general but approaches equation [8-3] in the limit of low gas solubility. Thése'



127

authors rejected 33 of 100 data points’ on this test as being "0 discordant.
Provided that the gas solubility is low, the remaining “poin - .ogether with
equation [8-3] yield values for the limiting partial molar volumes of the gases in
bitumen. |

'Of the data recommended by Lu et al. (1986) the lowest experimental mole

fraction of methane in bitumen at 300 K was 0.027, the highest 0.313. These

workers have constructed a plot of In(f,/x,) against pressure for methane +

/

bitumen mixtures . The plot is reasonabfy linear. From the slope of this plot.we
have calculated a value of 66 cm3 mol™! for the limiting partial molar volume of
methane in bitumen. Slightly larger values are obtained at 318 K and¢431 K,
and a much larger value is found at 373 .K.

For nitrogen in bitumen at 326 K and at mole fractions similar to those for
methane, we obtained (from the recommended data of Lu et al.) a value of 169
cm3_ rr)o!.'1 for the limiting partial molar volume of nitrogen. Similar calculations
led {o a value of 134 cm3 moi't for the limiting partial molar vc;lume of carbon
dioxide in bitumen at 297.7 K.

All of the limiting partial molar volume values that we calculated from the

solubilities recommended by Lu et al. (and cited here) are surprisingly large in

cqomparison with typical values for the same gases in common solvents and the.

estimates of partial molar volumes of gases in bitumen discussed earlier in this

work.

4
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Appendix A. Calculati n of model association equilibrium constant from

‘vapour pressure-composition data

iy
Consider a mixture containiig Ny moles of A and Ng moles of B; here we

are focﬁssing on é:hemical systems in which .equilibribm A+ B=ABis

supposed to be the sole cause of deviations from Raoults law (ideal‘soluiion).

We can view the association in terms of a mass balance as shown inw Table 2-3 "~ -
in which nag represents the amount of AB formed and r= nap/(Na + Ng). From
Table 2-3 we obtain | |
[A-1] iA= (xq-1)/(1- r

aﬁd |

[A-2]) zg=(xg-n/(1- r)

Solving [A-1] and [A-2] for r and equating the two expreséions leads to
[A-3] | zg =1+ (2a- 1)XpA/Xg

We now assume (can be checked .by.exp‘eriment) that there is a negligible

amount of th'e complex AB in the gas phase at low pressure and express the
%,- N i

total pressure (P,) as the sum of the partial pressures of A and B (pp and pg)

~ -

™~

[A-4]  Py=pa+Pg
In accord with the ideal associated solution model, we take the partial
pressures of A and B to be g'iv‘en" by the Raoulf’s law expressions written in

terms of the equilibrium mole fractions of A and B:

[A5]  PaA=ZaPA -
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[A-6] Pg=2gPg

A

where p’i represents the vapour pressure above pure i. Substitution

" [A-B] into [A-4] gives

—~

[A'7] Pt = ZAp:A + zBp.B ’

which can be combined with [A-3] to give

[A-8]  za=[xgP; - Pa(Xg - Xa)l(XgPh + XaPg).~

/
A similar_derivation with subscripts A and B reverspd leads to a similar

ex, s3sion for zg:
[A-9]  zg = [XaPy - Pa(Xa - Xg)V/(XgPa + XaPB)
\ Also, since the sum of the equilibrium mole fractiops is unity we can éxpress

Zpp by

[A10] 2zpg=(1-25-2p)

-

Now, we can use equations [A-8], [A-9], and [A-1D]in

t;) obtain the desired \{alues of the model equi]i rium constant, K. In Chaptetr 5
we have used K, td denéte the model e-quilib,ri éonstant, .

Calculation of the eguilibn’dm m‘ole fractiogs (equations [A-8], [A-9], [A-1‘O})
and thence__fh?e equilib;i%f}i constant (equation JA-11]) s described here makes

use of tryccurately known quantities Pa. PB. Xa-@nd xa. Previously (for

example Handa and Jones, 1975) ‘the e#quilibrium_'constant has been

i
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calculated using p, ipi' (y;= vapour phase mole fraction) in

(A- 12] =[1- (pA/pA) (pB/pB)]/ (PAPA) pB/pB)

Partial pressures of gases: cannot be measured and must be obtai-nved by
mdrrect methods For this reason, partral pressures of gas are not known as
accurately as the quantities. that are used to calculate the equilibrium constant
by our method Therefore calculation of the equullbnum constant by the method |
descnbed in this Appendix leads to values of K that are sllghtly more -accurate

than those calculated~trom equation [A-12].



Appendix B. lterative procedure for obtaining consistent values of
equilibrium constant, partial pressure of gas, and mole fraction solubility ot gas
from measurements of gas solubility when the solvent has an appreciable
vapour pressure. Coo ' .

Caléulation Qf the value of the equilibrium cbnstam that is consistent with a
value of the Henry's law constant from results obtained using the isobaric

equilibrium solubility technique is made'mére difficult if the solvent has an

éppreciéble vapour 'pressure. In this case we takg the measured pressure, P1
to bé the sum of the partial pressures of the gas, pBﬁ, and the solvent, pa:

[B-11 Py=pa+Pg

We obtain é?irst estimate of pg f‘rom. [B-1] by taking the value of py tolbe equal

to the "pvressure above pure solvent A, pa.

Wae let AV represent the change in volume of the vapour space of the -

-

solubility _a"‘p"paratus that occurs ‘when the solvent is introduced. Then we write .

[B-2] - AV =Vp+ANgVg?+Vpg

whefe,VA represents the volume of solvent in the apparatus,tANB represents

" the amount (moles) of B dissolved in A, Vg© represents the partial molar volume

_ ofBin A, and Vg represents the volume of mercury added to maintain constant

pressure in the apparatus. A first estimate of AV is obtained by setting ANg

~ equal to zero in equation [B-2].

The volume of the vapour space (V) and theAamoun't of gas in the vapour

space, Ng, are related by the virial equation
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[B-3] pgV = Ng(RT + Bprg)

a

where B represent's the second virial coefficient of component B. From
9 1

equation [B-'3] ~e can see'that,'when the volume of the vapour space changes

by AV (at constant pg and T) the éhange"‘m the amount o'f‘gas in the vapour

space, ANg, is given by

B-4]  Ng=padV/RT +Bpg)

We now inserf our estimates of pg and AV into equat‘io}n [B-4]'"tov obtain a first
approximation of ANg, the amount of gés dissolved in the solvent at equilibrium.
Combination of this estimate Qf Ng with the value for the number of moles of .

~ solvent, N, (obtained exnerimentally) in

[B5]  xg =ANg/(AN_ Ny - | .

A

yields the first-approximation for xg, the mole fraction solubility of gas B in

~ solvent A,

" We carried out this series of calculations for each set of experimental

o
v

results o obtrain first approximations for pB: and xg- corresponding to each
’ measured total pressgre pressure. We plotted xB/pE; against'(1 I- 2xé)‘ to obtain -
an est_imatg of tr{e Henry's law constant (k) as indicat.ed by equ'ation [4-9]. We
then calculated {he value of the’associ,atiop egpili V_rivum constant (K) that is

’

" consistent with this value of k, as follows. L N
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Combination of the estimate of k with each pg.xg pair yields (equation

(4-7]) an "estimate” of K. The average of these K values was taken to be our

first estimate of K. This estimate of K was then inserted into
[B6] za=1-[K+1-[(1+K-2Kxp?+ 4Kx,2)112] /2Kx

to obtain estimates of the equilibrium mole fraction of solvent, z,,

corresponding to each measured total pressure. In equation [B-6] xp = 1 - Xg-
Substitution of these z, estimates into

[B-77  Pa=ZAPA ' g

yields new estimates of the parfial pressure of solvent, p,, and thence new
estimates of pg i(eqda_tion’ [B-1]). New éstimateé of AV were calc‘ulated froﬁ
equati_bn [B-2] using the valﬁes‘ of ANg calculated 'abové. These new estimates
~of AV lead to rgew estimates of ANg (equation [B-4]) and thence té new
estimates of xg (equation [B-S]). Combihation of our éstimate of »,. (see above)

and the new pg.xg Ppairs yields a new series of K values. The =verzge of these
'K is calculated. We repeat this prpcedure until the value 'ohtained for the

equilibrium constant from successive iterations is unchanged :» one partin a

thousand. The last value of the equilibrium constant and the correSpondihg Pgr

A

Xg values are the values that are consistent with our estimate of K-

- The iterative procedure described here is designed-expressly for use with

results obtained from the appar: ''s employed in our experiments. However,.
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the basic principles, described by equations [B-1], [B-4], [B-5], [B-6], and [B-7],

can be applied to the development of an iterative procedure for analysis ot

results from ther methods of determining isobaric gas‘ solubility.



Appendix C. Operation of the isoperibol calorimeter

The design of the calorimeter has be- r'zscribed in Chapter 3 (pp 27 énd /.
28). A diagram of the calorimeter is g < in Figure C-1. To begin an
experiment the reaction mixture is weighed intc; the Dewar flask (B). The flask
is then clamped to the inside of the brass can (A) as shown in Figure C-1 and
the calorimeter is placed in a constant temperature water bath. The resistance
of the thermistor (F) is monitored using a resistance bridge. When the
resistance of the thermistor attains a value thét has been showﬁ by separate
experiments to correspond to the temperafur-e of the water bath, a known - |
volume of titrant is introduced to the Dewar flask from the outlet of the titrant
délivéry tﬁbe (D). The interaction of the'titrant with the reaction mixture leads to
a change in the temperature of the mixture in the Dewar and é corresponding'
, chanQe in.the resistance of the thermistor. The temperat;Jre of the mixture then
gradualfy relaxes back towards the temperature of the surrounding water bath.
During this relaxation period the resista.'ncé of the thermistovr; is recorded as a

function of time. When the change in resistance of the thermistor with time has

been constant.for several minutes, the calibratidn heater is switched on. The

voltage across the heater, Vy,, and the time of heating, t, are recorded using the

circuit shown in Figure C-2. The current through the heater, 'h is calculated
from thelvfpeasuréd'voltage‘across a standard 'resis'tor (SR). After the heater
has been switched off the resistance of the thermistor as a function of time is’
‘again recorded.
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brass can

Dewar flask

heating element immersed in paraffin oil
outlet of titrant delivery tube

stirrer .

thermistor immersed in paratfin oil

exit tubes for heater and thermistor lead wires
titrant delivery tubing \

heat exchange \coil to bring titrant solution 10 IQ‘Q
temperature of the constant temperature bath
surrounding the calorimeter

brass lid and supports,
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Figure C-3. ‘Typical plot of the resistance of the thermistor against
time. Points are experimental; solid line represents the reconstructed
calorimetric record. \
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A typical plot of the resistance of the thermistor as a function of time for one
complete calorimetric experiment is given in Figure_C-3. The solid lines in
Figure C-3 represent the reconstructed calorimetric record that was determined
using the method of Vanderz‘ee (1981). The two vertical lines in Figure C-3
represent the instantaneous changes in resistance of the thermistor due to the
titration and the electrical calibration. Since th‘e total heat capacity of the
calorimeter is.the same for the titration and the electrical calibration, the ratio of
the heights of the vertical lines in Figure C-3 is equal to the ratio of t"'he"energies

associated with the two'processes. The electrical energy of the calibration is
known from Q. = IRVt and hence the energy associated with the titration can

be calculated.




