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- ABSTRACT

Certain physical properties, viz., densities, relative viscosities,
vapor pressures, liquid-vapor equilibrium compositions, conductances and
diffusion coefficients of the binary systems, moﬁoethylamine-water, di-
ethylamine-watef, both at 250C,.and triethylamine-water at 179C, slightly
below its lower critical éolution temperature, were investigated experi-
mentally.

Densities were determined with Ostwald-Sprengel type pycnometers.
Relative viscosities were obtained by means of a Cannon-Fenske viscometer,
Total vapor pressures were measured by a differential manometer using mer- -
cury as the manometer fluid and water as the rgférence iiqhid. Liquid~-
vapor equilibrium compositions were found by isothermal air-saturation
method. On the basis of Dalton's law of partial pressure, which assumes
ideal behaviour in the vapor phase, the partial pressures, activities and
activity coefficients were calculated; they were shown to be thermodyna-
mically'consistent. All systems éxhibit non-ideal behaviour. Negative
deviation from the ideal vapor pressure curve exists at low concentra-
tions of monoethylamine; at high concentrations, there is efidence of po-
sitive deviation. Both diethylamine-water and triethylamine-water show
positive deviation. The much more pronounced nonideality of triethylamine-
water was interpreted in terms of the characteristics of systems having
lower critical solution temperatures. The positive excess free energiés )
of mixing augment the heats of mixing to give largé negative values of
excess entropy of mixing in both cases; and this suggests that the amines
are hydrated to a considerable extent, or that at least strong molecular
interaction takes place as revealed by the large relative viscosities of

amine solutions with respect to either component.
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The conductances of the amines in aquecus solutions were measured,
and corrected for the formation of carbonates. The conductances of the
hydrochlorides were found expevimentally, and corrected for the effect
of hydrolysis by emplcying the method of Campbell and Bock. By the
‘Kohlrausch principle, values of equivalent qonductance of the "aminium
hydroxides" were calculated., The dissociation constants for these bases
were evaluated according to the method of Shedlovsky and Kay; The basel
strength of this series of amines in aqueous solutions increases in going
from émmonia, monoethylamine to diethylamiﬁe, but a decrease in strengtﬁ
for triethyiamine is observed. The same trend of base strength appears
to be common for other series of aliphatic amines.

Tﬁe diffusion coefficients of the amines in aqueous solutions were
. obtained experimentally by Stokes' diaphragm cell method. On account of
the molecular size difference, monoethylamine has the highest diffusion
rate. In less dilute solutions where electrolytic dissociation can be
neglected, treatment of the diffusion coefficients at moderately low con-
centrations by the extended method of Hartley and Crank gave the hypothe-
tical diffusion coefficients for the amines and showed that triethylamine
has the largest hydration number. The inclusion of the viscosity factor
into the same treatment led to the same hypothetical diffusion coeffi-
cients, but to negative hydration numbers, and this has no physical mean-
ing. The hypothetical diffusion coefficients at infinite dilution de-
crease in going from mono- to triethylamine, and are lower than the corres-
‘ponding Nernst limiting values, calculated on the basis of aminium cation

and hydroxyl anion as a whole, for the diffusing entity.
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A,

El’

Ey

intrinsic diffusion coefficient of A and B in Hartley-Crank
theory
integral diffusion coefficient.
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"

tion over concentration range ¢' to c¢" prevailing in experiment.

infegtal_diffusion coefficient obtained in a run of vanishingly
short duration with initial concentrations ¢ and zero on opposite
sides of diaphragm.

densities of solution and‘solveﬁt respectively;
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F
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Fis F
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# . . . . . .
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?

i

1

i

a

fs

vention for binary mixtures.
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aétivity coefficient of solvated B in the extended Hartley-Crank

theory.
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k Boltzmann constant.
k constaant defined by Equation (75).
ky constant defined by Equation (66).

L, L specific conductance and specific conductance of solvent respec-

0
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Mo Xop, M X
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Q = %Y
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q special constant defined by Equation (115).
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S1 special fuﬁction defined by Equation (156).

Falkenhagen coefficient.

n
S(é) Shedlovsky function defined by Equation (176) .
T v absolute temperature.
Tl special function defined by Equation (153).
t time.

0 .. . . . e s . .
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E

V, V° volume, and excess volume of mixing respectively.

AV, A,videal change in volume on mixing and change in volume on mix-

ing for ideal solution respectively,

v’ volume swept by moving plane Q of unit area in Figure 1,

Vas VB partizl molal volumes of A and B respectively.
Vl’ V., volume of diffusion cell compartments associated with the more

2

concentrated solution and the less concentrated solution respec-

tiﬁely.



V. apparent ionic volume of cation.

v ionic velocity in diffusion.
v velocity of light in Equation (127).
WB molecular weight of B.

coordinate,

X
?i, Xp mole fraction of water and mole fraction of electrolyte defined

by Equations (8) and (29) respectively.

- - .
XZ’ XB "mole fraction of water . and mole fraction of amine in the conven-
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yé activity coefficient of free gmine associataed with molarity scale.
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ciated with molarity scale.
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A

ancorr equivalent conductance, uncorrected for hydrolysis effect.
Far Py Py chemical potentials of solvent A, solute E and component i
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Ma

ideal
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piB(i) chemical potential of "aminium hydroxide” associated with mole
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in the standard state.

M1 My chemical potentials of cation and anion respectively.

‘u%,/ug chemical potentials of cation and anion in the standard state

respectively.
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, Vs numbers of cations and anions produced by dissociation of one
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¥ number of ions produced by’diésociatioﬁ of one molecule of:electrq-
lyte i. | .
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ﬁively. ' - |

$ practicalvor molal oesmotic céefficient.

.<#ide 1 practical or molal osmotic coefficient for an ideal solution.
A a . 7 .
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I INTRODUCTION

I.A General Significance ‘

The study of reversible as well as irreversible thermodynamic pro-
perties of electrolyte solutions is of great importance. The results
not only expand and broaden the understanding of both the microscopic
and macroscopic behaviour of the component species that constitute a
given system, but also stimulate and encourage the growth and develop-
ﬁent of the general theories, and in turn, the improvement of the methods
by which the free energy functions and mass transports of electrolyte
solutions may be studied.

In this work the methods by which electrolyte solutions have been
studied consist on the dne hand of measurements of free energy functions
or specifically the activity coefficients which are the most important
properties of reversible thermodynamics, and on the other comprise con-
ductivity and diffusion measurements which are directly related to mass
transfer and rate processes. These enable us to understand more fully
the nature of the forces operating among the constituents of the system
and to deduce the special features of ionic equilibra.

In the subsequent sections of this introduction, some principles
and theories about free energy functions, conductances and diffusion co-
efficients are given. They are closely related to this work and of gene-
ral interest.

I.B Fundamental Definitions and Relations in Free Energy Functions

1. Basic Definitions

The total free energy of a system is conveniently expressed in terms
of the individual contributions from all its components. Let subscript

A, Band . . . denote the quantities associated with the solvent water



and solute species raspectively; the total free energy G of the system

at constant temperature and pressure is given by

i

G nA‘/xA + Ng Mg o

)
Z A

1}

where pu; is the chemical potential or par;ial molal free
energy of‘cdmponent.i, and |
n, i; the nﬁmber of moles of component 1i.
-The chemical potgntial;is made up of contributipns from two terms,
one of which.is‘pg, the same quantity in the standérd state, signifying
from what arbitrary leVel‘pi is to be measured; another.term is RTlna;
in which a; is the éctivity of the component, R is the gas constant and

T is the absolute temperature. Thus,]ui may be defined as

Moo= pmf o+ RT I a . (@

L

It is difficult fpbassess the absolutg values Of‘pg's,.however; it
is not'of interest to d5 so. We are contented that by adopting certain
conventiéns it is possible to assign numerical values to the/ug’s which
are consistént among themselves. Since RTlna; is an experimental quan-

‘tity, it is evident that numerical values of u; can also be evaluated.

a. Water Activity

Water is a major component in dilute aqueous electrolyte solutions
and its mole fraction is seldom much less than unity. It is a matter of
convention that water in its pure state is taken to be the standard state
having unit activity and unit activity coefficient. According to the
‘Gibbs' criterion, when pure liquid water exists in equilibrium with its

vapor at pressure po, the chemical potentials of pure liquid water and
P A poce q

3]



its vapor are equal. Water in solution can also exist in equilibrium
with its vapor at pressure pA,~and the chemical potential of the solvent
in solution is identical with that of its vapor at partial pressure Py

Thus we have
/l.: = ,u/'; + RT in #, 3)
and M, = Ma +RT bnp, ()

where/pg is the chemical potential of water vapor at unit fugacity.

Accordingly we obtain

Ma = /“: + RT In QA (5)

4)"‘, (6)

A /PA

We have substituted the ratio of partial pressures for that of fugaci-

with a

I

ties. This is legitimate because the vapor pressures of solvent and
solution are of the same order of magnitude such that the correction
factors for gas imperfection are practically the same for both solvent
and solution,.

In an ideal aqueous electrolyte solution obeying Raoult's law

o
Py = Fatba 7
where x, is defined by the expression

55.51
X =
A 55.5] 1"21),.)—;-,; (8)

m; is the concentration of electrolyte i in stoichiometric

- molality units,



Y; is the number of ions that the ith electrolyte solute gives
upon ionization, and
the summation extends over 21l the electitolyte solutes.

The chemicel potential of water in an ideal solution-is then
Maidess = Mo T RT Ln X, | o 9)

For non-ideal soluticns, the rational activity coefficient of water,

_ fA is introduced as a measure of the departure of the actual chemical

‘_potential £rom ideality, such that
_ . o. : . 3 . ) i
/uA = M, RT In fA X, | (10).

A % ta

1n

and

The excess of chemical potential, i.e. the difference between the actual
chemical potential and that calculated from Equation (9) is often de-

fined. as
/‘z = RT in f, | (12)

At infinite dilution, as the mole fractioniof water approaches unity
'and the vapor pressure of water approaches pj, the rational activity co-
efficient of wafér also approaches unity. Thus for an ideal solutioﬁ,
the condition f = 1 is valid at any concentration, while for a non-

ideal solution the stated condition is valid only at infinite dilution.

b. Osmotic Coefficients

In an ordinary aqueous electrolyte solution, water is present to
such a large extent that its rational activity coefficient is not much
different from unity. Obviously fA is insufficient to emphasize the de-

1
parture of real solution from ideality. Bjerrum( ) was the first to



introduce the osmotic coefficient as a more sensitive measure of the de-
viation from ideal behavior.

The rational osmotic coefficient g may be defined by the expression,
(-]
/AA = /UA +?RT£"\XA (13)

For an ideal solution g = 1 throughout the entire concentration range.
A relation between osmotic coefficient g and activity coefficient fA is

given by
L £,
L X, (14)

+

=9
]

g is also related to the water activity be the equation

‘ =gl L = g L /+0.0/5’Zu-m'

bray = -gb 2 =-g9b( > vim; ) (15)
Series expansion of the logarithm gives

; 3
An 4y = ‘?E"O’B’ZU;'": ‘IzL(""”‘fZU.'M;)L*‘3”("-0’52";"’;) -3 a6

We see that for a non-ideal solution, the limiting value of g approaches
1 by virtue of Equation (14),.

The osmotic coefficient has been defined in several ways. The
practical or molal osmotic coefficient in which we are most interested

is defined by the equation

:El”,ni
I/Y\O.A = ——,;'3—3—1—47 = —0.0/§ (2”:”’1)‘# 17)

For an ideal solution which obeys Raoult's law strictly, we have

In L= 00158 (5 v m) ¢ (18)

L
XA deal



By expanding the left side into a series,

2 3
0.018 Juim; = 5 (0.085 yym) + 50018 uim )= = 008 (Sum)  (19)
1gea
we obtain ¢ for the ideal solution as

2
= 7 - -é(o.OIZ‘Z ;) + ‘3L (0-"’52»,-"’.') - (20)
ideal

We see therefore qgideal is not equal to unity for solution of non-zero

concentration, but it does approach 1 at infinite dilution.

A combination of Equations (16) and (17) gives a relation between

4> and g, viz.,
2
¢ = g [I-— —é(o.}o/Xsz,-m;) + BL(O.OI? Sym) - ] (1)

For small concentrations of electrolytes, ¢ and g are almost identical

and at infinite dilutiomn 47 approaches unity as g does.

c. Activity Coefficients

The activity of an electrolyte, say B, in aqueous solution is de-

fined in a similar manner by

Mg = /u;’a + RT In ag (22)

Since electrolyte dissociates into V), cations and v, anions, the che-
mical potential of the electrolyte as a whole may be given by the sum

of the chemical potentials of the ions, each of which may be described

as

1

M, Juf +RT1>na,

(23)

[~

M = M, +RT dnay (24)

where u1 and u, are the cationic and anionic chemical potentials respec-

tively,



-0

and u° are the same quantities in the standard states, and
Mo 2

Il.l

ay and a, are the corresponding ionic activities.

The chemical potential of B therefore is
/“6 :2/;(,,u1°+RTIZnaI)+U)_(/u;+RT£naz) (25)

AAcomparison of Equations (22) and (25) lecads immediately to

o - ] =4 - - L
/d.tB = Yu Y R _ : , - (26)
. v uz' v _ :
and fls = Q’ a;_ = & , (27)
with vy o= Y Y ) (28)

-

whére a,, defined by Equation (27) is the mean ionic activity bf the
~electrolyte.

It is ay that can be measured by experimental methods and has real’
signiéicance. Nevertheless, the concept of individual ionic activity is
uéef#l and ?factically»indispensable in the-theoreticai development, al-
though it cannot be evaluated experimentally.

Activity may be expfessed in different concentration units. There-
for¢ activity coefficients are distinguished from one anmother by the
scale used to express the concentration of an electrolyte, say B. It is
convenient to use thé stoichiometric molality scale mp where the number
of moles of solvent water is fixed, for its value is unaltered by changes
in temperature and pressure. The '"mole fraction! scale xBand stoichio~

metric molarity scale cp are also useful in solution theories. These

quantities are related as follows:

Mg
Xg = : ‘ (29)
5551 + Zp;m;




e

(30)
| + 0.00/ mg V\{s

where d is density of solution and

WB is molecular weight of B.

For the ionic activity coefficient, e.g., that of the cation of
electrolyte B, the rational ionic activity coefficient fl’ molal ionic

activity coefficient Y;and molar ionic activity coefficient y; are de-

fined respectively as

a,x) v a,(m) - a,(<)
J(: = X, ) T m, ¢ 7’ Cl (31)
with X, =YX m,= Yymg ; (= Y % (32)

The corresponding stoichiometric mean activity coefficients, having sig-

nificance similar to the water activity coefficient, are

3c¢ 20 . (7(:”‘ fzul)

"

Xy
a, (m) v 4%
v = s = (n)
and 4, = d*«) ( Y, 4 u) (33)
’ Y Z - %
with Xy = (X,”' ”L) L(u "a) (4, %) ] ) 2y T 7%

% L1
mi‘ = (m:" 7'":‘> = Q MB

%
and G = a g (34)

At infinite dilution of real eiectrolyte solutions f 'f+ and y, must

approach unity.

In the case of mixed electrolyte solutions with a common ion, say

the cation, both electrolytes contribute to the total concentration of



the ion, and the contribution of another electrolyte C to Xy, m or -
of the solute B should be taken into account.

In summary, for. the.chemical potértiaks of electrolyte solutes,/ui,
we have

g = @ RT bt

—
ol

/a:i(,,,) + U;RT gnmii“/ﬂ

a—
=

'/“":i(c) + ».RT bocitsi

4 , ) (35)
in which - /u_:,(x) = Lim (- V.RT fm X¢->
: - =t . axl x;20 ' y

) e G RTn )
/(,(ii(m) af‘::—)o (/*. - £1i
| - v RT b .

and /“ii(c> - .dfwr; (/&1 V KT Amn CiL ) (36)
. - g Ci- 0

The condition-that/Ji is the same for a given solution irrespective
of the choice in concentration scale, and Fhat fiis Y'ii and Y+i all
approach unity at infinite dilution, suffice to establish .relations be-~

: . T O o .
tween iti, 7&i and yii and,gii(x),}%ti(m) and‘pig(c), viz.,

f, = Y, (1400183 5m) e

L ¢ 4+
Ye = o (38)

o) = pgm) U RT b 55
l - (39)

and /a.:i(m) = /u;itc)'+ R In 4, (40)

The above mentioned treatment of activity coefficients is based on
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the assumption that the electrolytes dissociate completely at finite
concentrations. In the case of weak electrolytes and even strong elec-
‘trolytes which do not ionize completely and/or form aggregates of ion
pairs, the measured solute activity coefficients based on the view of
complete dissociation, do not reveal directly the intrinsic nature of the
free ions, for the values reflect not only the influence due to charge
interaction but also the influence due to the reduction in the concentra-
tions of the ions(3). In order to separate the two effects, the concept
of true ionic concentration has to be considered. A relation between

the activity coefficient calculated on the assumption of complete dis-
sociation and another activity coefficient computed on the basis of par-
tial ionizion has been derived(A). Let Mv,XvLand Mh'an denote the for-
mula of the original solute and the aggregate, and if A is the degree

of dissociation of the solute, then the general relations exist,

m
' - 2/ ; - v, = Y
{ m, aym ; X =LMVX ' 5551+ um &1
: 7, ”,]
m, = [Vz - (/-4) T m 42)
7]
m, (foncenfra'fion of agjregafe) = (/-—-oL)--);‘ m 43)
/
Y,
. Y, 2
R v n, ¥ ] ’
i - (71— IO .
j(;t = « [I ( ) n o, )(i (44)
| }7 nlyl vz'_)/o‘)
- ‘ [/ - (/=) ]
LA o n v ) * %5)



‘ v lj‘ V)l I)‘ ]Z I,}
and ?:t = o ):l - (1-a) _— 3¢ (46)

here ‘f+, Vi and f+ havertheir usual meanings and
Yif yi and fi are'the true mean ionic activity coefficients of

the association theory.

Thus the relation betweén the two sets of activity coefficients varies -

according to the type of solute and type of aggregate. In particular

if the aggregate is just that of the undissociated solute molecule, we

have for example

-

-,7; =’ A ‘X_; 5 ‘di- = 0(2; (A7)

The amines which are the objects of this work are miscible with

water in all proportions below 18.3°C and have appreciable vapor pres-

sures. Their partial vapor pressures can be conveniently used as a mea-

sure of their chemical potentials. Thus their activities and activity

coefficients can be defined in a way similar to water activity and acti-

vity coefficient. By adopting this convention for binary mixtures cne

has the foilowing equationé for solvent A and solute B

M= e+ RT dnas . “8
£ | . |
with a = j;; - (49)
A - ¢ ¥> + R T/!/Y\ X*
ful'deal - /a(x (50)
a f .
and ]C# = ';; = z'??a (51)
where . 555]
Ka =
55.5] +m

(52)

11
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m
x5 =
or 8 $5.51«m (53)

depending on which species one refers to.

In aqueous solutions since one amine molecule and one water mole-
cule give rise to a substituted ammonium ion and a hydroxyl ion, the
chemical potential and formula weight of the ionic species as a whole
can be regarded as the sum of those of amine and water. Let T be the

molality of "amine + H,0",

m
then m = (54)
j—0.018§ m
’E = C (55)
™ o~ 5.5 1
O AN—— 4 ) Xy F 2 (56)
8 55512 55.51 t2%
By using the convention for electrolyte solutions we have
My = AT RT &n a, (57)
with a, = —tﬂ' (58)
A ’Pz
ﬂAideal = /A,:(&') * RT‘@Y.'XA | (59)
lrd QA ‘FA .
and ’ {A = —_— = T (60)
xa X2 Py ,

,ug('&') is identical With/llg(ﬁ’) . ’EA here and fz mentioned previously

are related by

? $551 + 2% {*
AT ssspeom A (61)

For the solute, "substituted ammonium ionthydroxyl ion" as a whole or

Yaminetwater' as a whole
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~ ¢ s ~ 7
Ay o= p®) + 2RTLn Tyt . (62)
A relation can-be obtained for the conversion from fg to %;B by consider-

ing the following. At equilibrium, it is true that

/?{B = /uﬂ‘ +/“s (63)
W) - ) - po ) = RT b BT ] (64)

Hh BTy

The gquantity on the left hand side is constant at constant temperature

and pressure, therefore

- “?g /PB _ ,?\(z 2
2o .. N+l _ L (65)
?A JI"e
P . . ~ . . .
At infinite dilution ¥; and f,p approach unity, and the constant ky is
. - A C— . . - - -
! 4
identical with the Iimiting value of ,_Q,; , l.e.
. o =
FB XB

4 = bm _fo_ (66)
. o~ - o,\,z, -
_ %570 P % ,
. D *® . s
- Replacing ;é . {g% by ng {:‘ Xg jé in Equation (65}? the mean
. A B A -
idnic activity coefficient in "mole fraction" scale is thus

¥r¥ TS S
> - ! ( X 1a % 1 )Z
48 5 A (67)
 Xg %, _
) * ¥ oo - :
for which XA 7/%. , 2(3 g_é- and X < | if water is the solvent. We
also have
WC®) = us) 4 2008 + RT A B
Va7 = A4 Ha ' & (68)

By using Equations {(37), (38) and (47) for the true ionic activity co-

efficients with & , the degree of conversion cf amine into substituted
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ammonium ion, or the degree of basic dissociation, we obtain

: ¥ .
¥ ¥ Y ¥ /
s < a +;vp8 5/>Zz = « 37}
Vi 7 £, xg (1 +0.036%) T (69)
% AF ¥ ¥ L :
2~ ~—~
% - ( % f % s )\ 4y g g,
t ' / ¥ ~ S .
. ﬁi c xg (149,036 7)) 70y

Equation (70) will be useful in the calculation cf basic dissociation
constants for amines.

2. Basic Dissociation Constant

Reconsidering the equilibyium processes in solutions, the corndition
for equilibrium of a reaction ié that the sum of the free energies of
reactants must be equsl to that of the éroducts. When the reaction of
amine andbwater to form substituted-ammonium ion and hydroxyl ion is in

equilibrium, it follows that -
o o o o _ :
Ayt Py My T Mg =0 o 7L
where the numerical subscripts refer to the ionic species and the alpha-
betic subscripts refer to the solvent and the amine as before. Intro-

ducing the definition of au's,

A ML B g = =RT b 22 NGRS
‘ &

in which a' refers to the activity of the free species. At constant
temperature and pressure the activity quotient is a constant, i.e., the
basic dissociation constant. It is commonly expressed in terms of the

molarity scale. By so doing

/1 o
= - RT'ZY( A a(zC ’&
(/—~a()?’3 4

~RT An K (73)

Q)+ pis(e) = i (x) - A

n



Using a method similar to that given previously, it can be shown that
the activity coefficient of free amine on the molarity scale, yé is re-

lated to_ the partial vapor pressure of amine by the expression,

;R e

(Ao 7] 74
where - b = ﬂmé‘__512;2£if£_ 5
i ¢ -0 1% :

If the values of d from conductance work which will be described in a
later sectioﬁ are knowﬁ, along with values of yi and y' from Equations
(70) and (74), the ‘basic dissociation‘constant K may be calculated by
~ means of Equaiion (73).

| Unlike‘pg and‘pg,'for‘the ionic species, these are identical with
‘pfl and{ugy, but‘p§7(c), the‘standard chemical potential of the free

amine in solution_ié not equal to/ug(c), the stoichiometric standard

15

chemical potential of amine in molarity scale. However, they are related

by
A = S0 4_«7@(/««&,) (76)
K
Ay = ——— (77)
K+ K : |

o, is the degree of basic dissociation at infinite dilution, and kw is
the ion product of water.

3. Theoretical Calculation of Activity Coefficients

It has long been recognized-that the complete dissociation cof a
strong electrolyte in dilute solution cannot entirely account for the
deviation of the observed relative lowering of vapor pressure éf water
from that expected for an ideai solution obeying Racult's law. 1In 1923
Debye and Huckel(s) developed a theory for the quantitative calculation

of activity coefficients in electrolyte solution. Their assumptions
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are

1. Strong electrolytes are completely dissociated into ions in
dilute aqueous solutions.

2. All deviations of dilute electrolyte solutions from ideal be-
haviour are attributed to the electrostétic interactions be-
tween ions. A solution of discharged ions is assumed to be
ideal.

3. The solyent is a structureless dielectric continuum having a
uniform dielectric constant.

4. Each ion can be regarded as a spherical cavity of radius 2
inside which there is no space charge. The constant 8 is called
the distance of clésest approach of the two ionic species in
solution.

Upon solving Ppisson's equation with an approximated charge density,

the Debye—Hﬁckel equation is found to be

AlZ, 2, ). JT
L £, = -2.303 ¢ (78)
fi‘ !+ BEANI

where f,. has its usual significance for an electrolyte i,

Zy and 22 are respectively the charges of cation and anion of

solute i,
i 72
I is the molar ionic strength defined as I :-Z'Z < 4
Cj is the molarity of the j ion,
Zj is the charge of the j ion,
o ,
a is the distance of closest approach of two oppositely
charged ions and is expressed in Angstrom units, and

A and B are constants characteristic of the solvent at con-

stant temperature,



A= L €' (’317/\4 f‘)'/?_ |
, 2303 2DAT \ je00D}T (79)
/5246 x10°
) (pT)%
_g ! _ 50.29 .
..}5 B (mook )(D )% " (DT)% (80)

-

At 25°C, values of A and B for water (6) obtained by using the appropriate
values of physical constants are .
‘ A = 0.5715 ; B 1: 0.3271

The numerator of the Debye-Hﬁckel expression accounts for the effect
of the long range Coulombic forces, whlle the derominator, in which the
distance of closest approach is incorpotated,lshows how the former effect
ie modified by the short tange interection'between assumed hard sphere.
iomns.

Aﬁbalternative form of the Debye-Huckel expressien may be obteined
by inttoducing Equation (37) into Equation (78) and using the molal ionic

strength I defined as

1 Lzt | | |
Z > ™5 (81)
m. 2 w l
Since T = 2 "y = = (82)
I S g ZJ.2 < d -0.018W5¢

in which d is the density of the solution and Wgis the formula weight
of the electrolyte; at low concentrations d~1 and 41 may be approxi-

mated as ,ff . The Debye~Hucke1 eqﬁation may then be written as

A1Z,2,] A/ Tm
bnY, = -2.393 ‘Ll b (14 0.01F2mm) (83)
|+ 643,

1"
Further simplification of the above equation leads to the Debye-Huckel
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limiting law for electrolyte solution, viz.,

Lo 0o = -2303A12,2,1./T.,
34 ) ’
fﬁL}A n14.

(84)
=a2~3.._._i§AleZLl

Az

Activity coéfficients calculated from the DeE&e-Hﬁckel expreséion
have Been extensively verified by measurements in very dilute solutiqﬁs
of strong elecfrolytes where ion association éaﬁ bé neglected. Although
the theory is applicable only in very dilute solutions of ionic strength
at most not greatervthan‘O,lg with appropriate choices of g's, the theory
or even the limiting law itself is. exceedingly useful in providing us
with a reliable method of extrapolatiﬁg the thermodynamic pfopertiés of
electrolyte solutions té infinite diiution.

Attempts have been made to extend the Debye-HGckgl theory to.higher
concentrations. Equations dnvolving semi—empiricalnconstants have been
proposed. They may be applied ove? a ‘wider- concentration range, bﬁt an.
exact treatment of electrolyte solutioms at higher concentrations has
not beeﬁ deﬁeloped. The thermoaynamic properties of concentrated elec-_

trolyte solutions are influenced by many inter-related factors. These

aref7)

1. The electrostatic forces of the Debye—Hﬁckel type which have
a predominant influence at low concentrations;

2. the effect of ionic hydration;

3. ion association;

4. change in dielectric constant of solvént in the immediate
neighbourhcod of an ion;

5. the effect of ionic sizes, not only on the Debye—Hackel term,
but also on the co-volume entropy effect.

Equation (78) represents the activity coefficients as a decreasing



function of the concentration, while the experimental values often show
a minimum, after which the activity coefficient is an increasing func-
tion of concentration. In order to fit the experimental data better,
many modified Debye-Hﬂckel equations which take more factors into con-
sideration have been put forward.

Hﬁckel(g) considered that owing to the attraction between ions and
the dipolar molecules of solvent, there is a tendency for the solvent
molecules to orient themselves about the central ion. This causes a
change in dielectric constant in the immediate vicinity of the ion and

leads to the addition of a "salt-out" term in Equation (78),

12,2,] 41
b?f:t = - A -+ b1 (85)
1+ B&AT

o .. .
where a and b are empirical constants. For non-associated 1:1 electro-

11"
lytes, the Huckel equation is capable of fitting the experimental data
up to about I =1,
For some purposes, Equation (78) is approximately equivalent to a

more convenient form
L?fi = —AlZ LT 4+l (86)

where ¢ is an empirical constant. Equation (86) has the same form as an

(9

empirical equation proposed by Bronsted , and hence it has been called

the Bronsted equation.

10)

Gﬁntelberg( proposed a simpler form for aqueous electrolyte solu-

tions,

Laf, = - Alznl (87)
£ | + AL
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which is equivalent to putting 3 = 3.042 in Equation (78) for all electro-



lytes at 25°C. Although there is no adjustable parameter in this equa-

tion, it gives adequate representation for a number of electrolytes up
to'I = 0.1, However, for the study of the size of hydrated ions, the

equation is good only for 1:1 electroiytesj it should be modified for

(1L

poly-valent inorganic ions as well as organic ions

(12)

_ Equation (87) has Been greatly imprbved by Guggenheim by add-

ing a linear term, giving a different one-parameter equation,
‘ ' A |2, 2,1 ﬂﬁf :
/ jr == 4+ b1 88
/"7 F) , - : (88)
4+ AT | -

here again b is an adjustable parameter. The term bI, in fact, includes

-the contributions due to lowering of dielectric constant, to ion-pair

26

formation, to effects of ion size, polarizability, and so forth. Guggen-

heim épplied this equation to the computétibn of osmotic and activity
coefficients from freezing point and elecpromotive force data at concen-
tration 1és§ than 0.1 m. The agreement with tﬁe freézing boint data is
within 40.0002 to +0.0005°C.
qum an examination of the vélues of b in‘Equétion (88) for'a nuﬁ—
ber of 1:1 and 2:1 electrolytes, for which the degree of association is
a2y v :

less than 5%,‘Dévies proposéd in 1938.an equation, at 25°C

: &7 Y, = —050712, z,1 (’ '\/f —9.20 I) - (89)
. +

This equation is useful to obtain an estimation of the activity coeffi-

cients when experimental data are not available. The disagreement be-
tween calculated values and experimental values at that time did nof
greatly exceed 2%, at concentration of 0.1 m. As the volume of data in-
creased since then, Davies(13) revised his equation for 1:1 electrolytes

as follows:
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i

&??’i = ’0.50/2,22/(—/-1:—4: —;0-309 (90)

(i) -

This equation fits the experimental data compiled by-Robinson and Stokes\ s
and Harned and‘Owen(ls) better. It shows an average deviation of 0.013 in

Y4 or 1.6% for some- fifty 1:1 électrolytes at 0.1 m and 25°C. Guggen-
heim(lé) sugéested that it Would be an imprévement to replace the O.2§;
in quation (88) by 2.0I when dealtng with the 2:2 elettrolytes.

Stles and Robinéon(l7) used aé empirical approach based on Bjérrum's
idea(lg) of ion solvation. They assumed that in adueous‘soiutidn‘there
were solvent molecules bound to each mole(of eiectrolyte._ Thus the free
water content in the solution was ‘decreased. However, the condition that
the total chemical potentials of the system rémained the same enabled
them to obtain a two-parameter expression to-calculate single electrolyte
activity coefficients. They used mole fractionvstatistics and & hard
sphere ionic model with conétént hydration number. B& taking tﬁe‘Debye-

" Huckel é#préséion to represent the mean éctivity coefficient of the hy-

drated ions, the pertiﬁent equation is

|+ B& NI

where h is the hydration number parameter of the electrolyte, and

1(7 v, = - AIZ, 21T é%%_a}[,_o.o/g(z—u)m] (91)

8 represents the distance of closest approach of solvated cation
and anion for a certain thickness of hydration shell.
o .
By suitable selection of the parameters h and a, the experimental

values of strong electrolytes can be reproduced(l7’19)

within +0.001,
up to molalities of 0.7 m for hydroiodic acid, zinc perchlorate and

calcium iodide, and up to 4 m for alkaline halides. In general, the

lower the value of h, the higher is the concentration limit up to which



- the equation can be applied.

Stokes and Robinson(17) went further to reduce their equation. to a

(19

one~parameter equation. Followihg Bernal and Fowler they assumed
that anions were only slightly hydrated and that their hydration could
be néglected. From the concept of the anion penetrating into the hydra-»

tion sheath -of the cation, they set

5 .
i ='-L»§»(30~fi +\4)] + r_ - A (92)

¢ T

The value 30 (in 23) isAthe Vélumé occupied by a water molecule in liquid
water at 259C, V4 is the apparent‘ionic volume of the cation (in 33).
Tﬁué (30h + V+) represents Ehe volume of hydratéq cation. "r_ is the
'crystallographic radius of the -anion (in 23). ‘A, the "penetration
distance'", is a correction factor which is constant for each valency type .
of salt, 0.7 K for 1:1 electrolytes and 1.3 K,for 2:1 electrol&tes.

| From the relationship of a aﬁd h in Equation (92), the two—parameter
equation can be reduced to the one-parameter equation. The limit of vali-
dity fbr the latter eéuation is about hm = 12, i.e. whén aﬁout one-fifth
to one—qué&ter of the water moléculés are bound to ions. When the con-
centrétion is still higher, the experimental value of-a will decrease.
This is due to the effectsAbf competition between neighbouring cations. .
1t seems unlikely that h should be independent Qf concentration, even
at lower molalities.

Glueckauf(7) was aware of the importance of the co-volume entropy

contribution to the free energy of a solution. On the basis of volume
fraction statistics and on the assumption that the entropy of mixing of

hydrated ions and free water molecules was analogous to that of ather-

mal solution formulated by Flory(zo) and Huggins<21), he(7) was able to
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derive his equation for the activity ccefficients of strong electrolyvtes,

viz,,

. it - : |
/gm); - - 2303 AIZ, %I - _2 On (1 - 0018 mPb) CoT

/ + B& VI v
. p (93)
. (r + -v) - '
L 0-0mr 3 4 Y (14 0.008mE)
y(1+ 0.01Fmk) v A ’

in this equation the quanﬁity T is the réfio of the hard sphere volume
of hydratéd electrolyte to that of solvent water. -1t can be evaluated

- from the apparent'molal volume of the solute at one moderately high con~ 
centration and applied to the whole concentration(range.' Using h and g
as parameters>this equation fits the experimenﬁél data as well as Equa;

_ fion (91% and gives hydration numbers nearly additive for séﬁarated ions.

4. Coﬁsistancy and the Gibbs-Duhem Equation

ale
The activity coefficients of the volatile solute and solvent fﬁ and

£

p> 28 mentioned before, can be determined directly by vapor pressure

measurements, but the two activity coefficients are not independent of
each other. They are related by the -Gibbs-Duhem equation. Since the free
'energy G of a system of tworcomenents at constant temperature and pres-
"sure is a first degree homogeneous function of thé number of moles of

components n, and n Euler's theorem is applicable,

B)
- (26 (25
G = ”A(a_n)na : nﬁ(aﬂalnﬂ
= n + n
A/LLA A B/ILB A (94)

Differentiation of this equation leads to

dG = nA”(/uA +/U.A dnA -+ r\ad/uﬁ -'r/UBo(nB (95)

However, the complete differential of G(nA,nB) is

dG = /"(AAHA */“80(”5 ‘ ‘ - (96)
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A comparison of the two equations above enables us to write
Tz,,af//A + nﬁ”‘/“& = 0 o7

(98)

-

or X:J/uA + x; Auy = ©
and this is the Gibbs-Duhem equation.
If sufficient data are available for the activity coefficient of
the solvent, the activity coefficients of the solute can be obtained by
appropriate integration of the Gibbs-Duhem equation and vice-versa. By
formally substituting/uA and/uB of Equation (48) into this equation, and

integrating in between limits, we have

x*
A
* _ x; ¥*
Ant, - i ’;}—d«’mfﬂ (99)
A.=0

A

Values of In f§ thus calculated from this equation should be identical
with those derivgd ﬁrom the sqlute vapor pressures if the experimental
measurements are thermodynamically consistent; otherwise there must be
efrors ‘in the experimental works.

The same Gibbs-Duhem equation can also be employed in calculating
~the mean ionic activity coeéficient,of electrolyte if the vapor pressure
of water or the osmotic coefficient as a function of the molality is
known. For this purpose, the equation takes the form

55.51dpuy + mydps = o (100)

Using the definitions of chemical potentials, osmotic coefficient and
stoichiometric molality m for the solute, Bjerrum(l), and later Randall

and White(zz) obtained the equation

rn

bn v, = <<i>—f)+?~f%-l—""‘4’7‘ (101)

”m

An equivalent relation between ¢ and ¥ is
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. wh
= L
(¢-1) = mjmd!%ﬂ; (102)

In order to calculate 7;, the integral in Equation (101) must be eva-

luated by graphical integration from zero concentration up to any higher

-1
concentration for which¥,is determined, The limiting value of.:i__—may be
m

readily established by using the Debye~Hﬁcke1 limiting law and Equation
(102) . By substituting Equation (84) into Equation (102), one obtains

after integration

3 K
(CP"I) = - '—z-.-i—;?"‘ﬂ'lz,zzl LU ﬁ (103)
342

Therefore at infinite dilution, the integrand of Equation (101) is

$-1 2.303 A

— - =
=

m 32

YV

: l

12,2, % .(104)
which is universal for a given type of electrolyte at given temperature.
For all 1:1 solutes with ¥= 2, the limiting value of'é%é} is equal to
-0.3927 at 25°C.

This method has been commonly used to compute stoichiometric mean
jonic activity coefficients of non-volatile electrolytes from solvent
vapor pressure measurements or isopiestic measurements for which the
water activity of the reference solution is known as a function of the
entire workable concentration.

On the basis of the Gibbs-Duhem equation, another way to test the
internal consistency is the method of Redlich and Kister(23), which con-
sists of plotting xi vs. In fX and 7% vs. 1In f§. The areas under

smooth curves, drawn separately through the points, should be equal if

concordance of results has been achieved.



5. Thermodynamic Functions of Mixing

There are several consequences for an ideal solution which obeys
Raoult's law. With reference to one mole of solution, there is no change
in volume A4V , and also no change in enthalpy AH upon mixing. The free

energy and entropy of the mixing take the forms

_ . ¥ *¥ yb ¥ '
AG = RT (i bnxy XB_Z”XB) ‘ (105)

' k ' ¥ LE O * ¥
and A Sideal = -R (‘A 2 Xp T X3 b X:s) (106)
For a n_on—ideai sol_ution, AY and A H do not vanish; AG and AS are .

respectively, v »
i ¥ ¥
AG = RT (%) bogd, + x5 by £, )
: » = ) (107)
_ AH ¥ y ¥ y.p¥ - )
and LS = ':z'_"' - R (XA &‘XA 7CA XS ﬂ/’xﬁ 7C/3 ) . (108)

~ The excess molar thermodynamic functions are. defined as the correspond-

ing‘differences between the real and the ideal values. They are

oo vE = av - — , (109
HE = sH - . (110

y ¥ ¥ ¥
¢ = AT (% b1, + X bnfs ) | | (111)

: ‘ .
55 E o R(abdg exi tf))
T . (112)
The thermodynamic functions of mixing are of considerable interest
to the study of miscibility behaviour. The system of triethylamine and
water, for example, éhows a lower critical solution temperature below
which the components are miscible in all proportions in the liquid state.

Lower consolute temperature or upper consolute temperature of binary
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solutions may be interpreted thermodynamically in terms of the behaviour

of the excess functions.

I.C Conductance of Electrolvte Solutions

1. Theories of Conductance of Strong Electrolytes
Y

Kohlrausch(24) observead thét the équivalent condu;tances of strong
electrolytes at low concentrations varied linearly with the équare ToOt
of their concentrations, decreasing as their concentrations increased.
Extrapélétion of the resulting straight lines gave values of the 1imit-
ing conductance N , i1.e., the sum of the ionic conductances,by‘Kohlrausch
law of the independent mig;ation of ions(zs).-.Thus the equivalent con-

: ductancevcould be represénted by the Kohlrausch equation in very dilute
solutions . . . -

n= N = Adc (113)
where A is an empirical constant.

bebye and Huckel(26,5) were the first to give a theoretical approach
to interpreting the dependence of equivalent conductance on concentratioun.
»They supposed éhat the ions were under the influence of an external field,
and that»there were two gffects which causéd changes in the ionic afmos—
phere and gave rise fo a decrease in the velocifies‘of the ions. These
are the electrophoretic effect and the relaxation effect.

In an applied field when a central ion in an ionic atmosphere tra-
vels through a viscous medium made up of solvent molecules, the neigh-
bouring solvent molecules under the influence of the electric field of
the central ion tend to drag along with them the moving ion as a result
of solvation. At the same time, the oppositely charged ions in the vici-
nity of the central ion move in an opposite direction and experience an

upstream of the solvent molecules. Such an effect, causing a decrease
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in velocity and hence the conductance of an ion, is called the electro-
phoretic effect. It is dependent on the concentration, the nature of
the ions, the viscosity of the solvent, its dielectric constant and tem-
perature.

In the absence of the external field, the ionicvatmosphere on the
time average is spherically symmetrical about the central ion. If the
latter is suddenly moved by an applied field, the ionic atmosphere tends
to move with it, but the readjustment of the ionic atmosphere to the new
condition is not instantaneous. Therefore there is a certain time
called the relaxation time during which the central ion is off-centered,
and is subject to a restoring force. Such an effect of retardation of
ionic mobility due to uhsymmetrical ionic atmosphere is called the re-
laxation effect. This purely electrostatic effect is independent of the
viscosity of the medium, but is influenced by the concentration of elec-
trolyte, its valence type, ionic mobilities, dielectric constant of the
solvent and the temperature.

Assuming a model of point charge for the ion, that the solvent is
a dielectric continuum, that the ionic atmosphere satisfied the Maxwell-
Boltzmann distribution law and that the viscosity of the solution is

(26) were able to give a

equal to that of the solvent, Debye and Huckel
first approximation formula for the ionic conductance of strong electro-
lyte solutions, and to demonstrate theoretically that the equivalent con-
ductance should be a linear function of the square root of the concentra-
tion, in agreement with the empirical relation of Kohlrausch.

Debye and Huckel in their formulation of the conductance problem
did not consider the thermal motion of the ions, furthermore, when cal-

culating the electrophoretic effect, they had to use Stokes' 1aw(27) for



the motion of the ions. The classical theory of Stokesvis applicable to
the moﬁion of large sphere through a continuous medium. It is doubtful
if the same law is still valid for the microscopic ions of sizes compar-
ablé to that of the solvent molecules, but, since there was no other satis-
factory formula to replace'Stokes’ law, the same classical theory had to
be ingorpofated into other theories of conductance.

" An improved quantitative treatment of thé electrostatic theory of

(28’29), By taking the Brownian motion of

electrolytes is due to Onsager
the ions into account and by calculating the electrophoretic effect for

point charged ions, Onsager obtained the following equations for dilute

strong electrolyte solutions

o {:2.80}x106{2,izl§-/\" 4!.25-(12-1*521’)}

S + — (114)
'A (D)% (1 443) 7, (DTY%
iz, 2,1 NS+ A
g = — LAY 2 | (115)
1Z,0+1z,1 iz N+ 1ZIA, |

where ﬁL is the viscosity ?f the solvent in poises; A: and /i_are the
.limiting cationic and anionic conductances, the numerical values are de-
rived from the combinations of the universal constants, i.e. Faraday,
Avogadro number, Boltémann constént and unit ionic charge quantity. Other
symbois have their usual significance.

The first term in the parentheses is the contribution from the‘re—
laxation effect, and the remaining one arises from fhe electrophoretic
effect.

For 1:1 electrolytes, q = %, the above expression can be written as

A= N - (BN +B)Ac (116)

- F.204 x /0% , (117)
(D-r)’/‘

with B
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$2.49
and B, = (118)

7 (pT)*

Validity of the Onsager's equation has been extensively tested

by preéise experimental studies. For 1:1 electrolytes in aqueous solu-
tions, the calculated values generally agree with thé experimental values
within 0.1% below about 0.001 molar. For salts of other valence type,
the theory is applicable to solutions of concentrations much below
¢ = 0.001. Moreover, in solvents of low dielectric constants, the pre-
dicted equivalent conductances fall off with concentrations more rapidly
than in water, as confirmed by experimental results. That Onsager's equa-
tion does not hold for higher concentrations is to be expected, because
in the derivation of thé equation simplifications were made, higher terms
in mathematical series were truncated, and such complications as inter-
action between electrophoretic and relaxation effects were not considered.
However, it suffices to say that the theory is able to represent the
limiting slopes of conductance curves for strong electrolytes in vanish-
inély low concentrations.

Empirical and theoretical extemsions of the Onsager equation have

been made by others. An early empirical formula proposed by Walden(30)

A\ i
|+ BAT (119)

was intended solely for the convenience of presentation of data in dilute

(3L

solutions up to ¢ = 0.01. The Lattey equation of the form

)\ = A° ,ME____ (120)

/1t BYJc

with adjustable parameters including Nwas fairly successful at concen-
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trations below 0.1N. An added term, Dc in the above expression, added

3 - .
by Jones and Dole ,» was adequate to describe their data for Barium
chloride up to 2N, within small errvor. Howeﬁer, for a given electrolyte

(32) gave different values of /N , and the

all thé empirical relations
limiting slopes were different in general from each other and from the
limiting slope of Onsager. Onsager(zs) found that his limiting law
could be extended 'to somewhat higher concentration of 1:1 electrolytes
by the use of the formula | |

N /\:/\°—(BI/\°+BZ)JZ + Dc - (121)
Shedlovsky(33),also proposed éﬁother forﬁuia which avoided the émpiriéal

parameter D. He found that the conductance of 1:1 strong electrolytes

i

in water up to ¢ = 0.0l .might be accurately represented by

o Ao
A= O - 7\;(5,/\ + 8,) A | (122)

1
His equation can be written in the form of power series in c¢? with co-

efficients readily obtainable from By, By and A’ . " Another more useful

4.
zpression was proposed by Shedlovsky(S'). On rearranging the Onsager
limiting law into
Ao /\ + B)_")’Z . )
T - BT | (123)

he observed the quantity on the right hand side was linear with respect
to the concentration ¢ up to about 0.1 for 1l:1 strong electrolytes. By

adding a term Dc into the above equation, the extended form is

A+ B
["“B/\/E = A 4+ Dc ) (124)
§
or A = N -(BN4B)JC +Dc ~DBCcH (125)

where D is an empirical constant, incidentally having a value not far



: , . .
from the factor (BllN + Bz). Later he found(3%) that the equivalent
form of the above equation for strongvelectrolyﬁes of other charge types

]

was not adequate, and proposed the following form

A +8,4c
1 = B, AC

where D's are empirical constants.. - When this equation was applied to

E N

= AN +Dc+ ‘chl7c - D ©(126)

sodium chloride, the agreement between the calculated gnd'experimental
values was within 0.04% upAto c =0.2.

It.was notAuntil the,1950's tﬂat other vergiqns of conductange
.tﬁeéry wiﬁh ionic gize parameter g were taken up. Falkenhagen, Leist

(37)

and Kelbg(36>-used the Eigen-Wicke distribution function and derived

their relaxation effect for hard sphere ions. A later version of Falken-

hagen and Leist conductance eguatiqn(Bs) with viscosity correction ié
(o & &N F i ne P
A = </\ eryrs - — ~ A )l (127)
T 1+2& (I-I-A[?)(/«fl—ea,ﬁﬁ-) 37‘7170 9xi8'c 1FKE/ 7

"

In tliis eéuation £ is the relative bulk viscosity of the solution; € is
» : o

the chérge on the proton in electrostatic unit; k is the Boltzmann con-
vstant; 7% is the Debye-thickness of the ionic atmosphere; g = % for 1:1
electrolyte, and n is the number of idns per ml of solution. The agree-
" ment of the formula'with measured values for alkali halides is good up
to several moles per litre. A final version given by Falkenhagen(Sg)

for 1:1 electrolytes is

o EN_ 02927 H#& &M 0
3DRT (HH&)(H%K&-\L;LH%U A77rx10"76(,+/f£) (128)

A

Falkenhagen contended that this expression was on sound theoretical

ground as long as £3 << [ , and for solutionms of high concentrations

a viscosity correction 2 must be introduced.

32
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(40)

Robinson and Stokes took the Onsager limiting expression and

divided it by (/ +H &) to allow for the finite ion size. The expression

AN +B
o 81 7z }\FC‘

A=A — ~ (129)
. I + a

gives a fair account of conductance data for 1:1 electrolytes up to about
(o]

0.1N with & in the range 3 to 5.5 A.

(36)

By adopting Falkenhagen's expression for the relaxation effect

and the conventional Boltzmann distribution function instead of Eigen and

41
Wicke, Wishaw and Stokes( ) obtained the following equation for 1:1 ele-
ctrolytes
<
A= D(x B )(,,__UQL:__F>
7 T e 1+B3A< (130)
d.2929 Ba e

£ -

with F = (131

0.2929 Ba Ac

The equation is found to fit experimental data, such as for ammonium

o o
chloride(4l) up to ¢ = 5 at 25° using a = 4.35 A.
42
Pitts( ), upon using a fuller solution of the Debye-HGCkel equation

by Gronwell? La Mer and Sandved(43), a different mathematical method of
approximation and a different boundary condition but the same continuity
equations of Onsager, derived an elaborated conductance equation incor-
porating the ion size parameter g. It was capable of representing the
experimental conductances of some 1:1 electroiytes up to about 0.1 molar.

(44,45) i1 1957 derived

On the basis of a hard sphere model Fuoss

conductance equation for 1l:1 electrolytes having the form

, :
A=A -Sch 4 Ecéf—]c + Jc (132)

where S is the limiting slope given previously, E is a constant and only
(46-48)

o
J involves an additional parameter a. Later, Fuoss and Onsager

»
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revised their theories by including éffects which had not been considered
in thé previous theories. As mentioned befqre, the eéternal field causes
an asymmetryvin the distribution of oppositely charged ions witﬂ respect
to the central ion. If the central ion is a cation, there will be a
slight excess of anions behind it. Because of the coulombic interaction
between the cation and anions, there are‘more anions striking the cation
from behind it than from before it. Thesé collisions will give to the
cation a slightvcbmponent of velocity in the direction of motion. VA
similar effect épplied-to a referencebanion. The effect which stems from
'the asymmetry of osﬁotic pressu;e depends on the concentration‘and the
parameter 3, and contributes in part to the coefficient J, Using the
Einstein formula(ég) for the effeet of the ionic volume on viscosity,
Fuoss gave the following results'fof unassociated symmetrical electrolytes

with coefficients more convenient for practical computation,
: - 3
A=A -SchiEclye +Tc + 0¥/ (1 Fe) w33

Y

or A = /\°-—5'c + Ec&?cA-i—jC ”‘/\OFC' (134)

when the solution is dilute and O(c 2) originated from higher order termi
of the osmosis effect can be neglected. In Equation (133), which justi-
fies the presence of ¢ log-c term in the Shedlovsky's empirical relation
the fgllowing quantities oécur;
S =8N +8B, ' | - (135)
g7k

8, = 6D‘kT(!+%>CVL (136)

Fek - ' (137)
3N ol

(138)

1}

uelou"fﬁ of /iﬁh‘t

gl
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E = E; A+ EZ. | ' | 4
rESEL
0.4343 E, = 2y c (140)'
Rab B,
0.4343 Ez ¥, ' :
o (6 ¢'* ' (145)
o | . .
T Nt oo, - . (142)
2,0 »
b T KA i
R cf"[ het) + 09074 + 4”(271’>} (143

{1

/1 8, 23 ol R\ A
o, B,Bz+ AR HabBl)[/-017o +év;(&">‘k

-2 §F ch (144)
.. X
: b +ab -1
Ay =
b3 (145)
z,/ ELv e" : A
= IZ, L = < 3 «for f:1 salts

A DRT *xi5°8 & DRT x16 (146)

Fc is identical with the Einstein volume term g ¢ where ¢ is the volume
fraction of the ions in solution. The factor F can be calculated from

viscosity data of solutions by employing the equation

’7=7°(l+ S,Icy‘+Fc) (147)

_.__(50)
where S is the Falkenhagen ccefficient.

7

If the ion size is small, the term /\°Fc can be ignored. The 1957 conduc-



tance equation with the omission of FA¢ term and a claimed range of
" validity #¥& < 0.2 reproduces experimental data for dilute solutions of

l:l'electrolytes<51-55)

in solventes of high dielectric constants where
ion association is slight. 1If the value of J is detived from experimen-
’tal data, 2 can be evaluatedvand is comparable to the sum of'crystallo—
graphic radii.
1t should be noted that two kinds of matﬁematical approximatiouns
iwere made in arriving at the above conduéfance equation. All termé in

3/2

the development which would lead to terms of the order c were trun-
cated, and the Boltzmann factor was approximated in the equation of con-
tinuity by the first three terms of its power series. -

~ =
During the early 1960's Fuoss and Onsager(sé 60)

rederived a con-

ductance equation using a more realistic ﬁodel especiaily one ﬁhich in-
ciuded the short-range‘ion—solvent interaction. Having obtained a new
form of equation of continuity which éould be‘integréted with retention

of the Boltzmann factor explicitly in its exponential form, they derived

the eqﬁapion for 1:1 electrolytes

A= AN -SctiE log(eg/c) + (L —A/\"g:)c' (148)

where E’ and_Ei have>sihilar significance to E and,Ei ih the previous
veréion; L and A are ponStants and are functions of g. For solutions of
high dieleétric constants, this 1965 equation reduces to the previoué
6ne with ) |

/ p o
J= Eli(ee]) + L - AN (1469
and demonstrates that the 1957 theory is mathematically scund.

In 1967 Fuoss and Hsia(6l) accurately reproduced a largé number of

data for alkali halides of high precision in water up to 0.1 molar by
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using a new conductance equation resuiting from a recalculated relaxa-
tion field with the lastvterm accounting for ion association,

A= A - SC'IZ‘+E5{?C + Ac ~Bc™ (150) 
where S$ and E are giVen by the previous theory énd-ﬁf, A and B are con-
stant derived from a least square_method; vBecause A and B are functions
of 8 by theory, values of 3 can be calculated. Theyvare all considerably
larger than the sums of lattice rgdii of ions for the salts investigated
.and clearly must include the diameter of Severallﬁater-molecules. The
same 9 predicts the coaductance of salt over a wider range of>die1ectric
constant from that of water down to about 12, in contrast to the fact
that values of a obtainable ffom the 1955 equatioﬁ increase with a de-
crease in dielectric constant<6o). For solutions of high cqncentration,
an empiricai term in é2 is required to extend the fi; to about O.lN;

In 1968 Hsia and Fuoss(®?) nade a revision on the term c3(2 of their
previous 1967 equation. The resulting equation of Hsia and Fuoss, Pitts
equatién and the Fuogs—Onsager 1957 equation Weré reduced to a form simi-

lar to Equation {150) by Fernandez—Prini(63’64)

using the same mathema-
tical approximation. The performances of the resulting equations were
;nalyzed and compared on the basis of the same experimentél data. The
difference of A values between Pitts and Fﬁoss—Hsia equation was less
‘than 0.04% which was a great improvement when comfared with a aifference
of 0.1% existed between the Pitts and Fuoss-Onsager equations. The cur-

~vature of the plot of (fxbs— ﬂk‘ + A ) vs. concentration became -smaller

I
on going from the Fuoss-Onsager equation to Fuoss-Hsia equation. The

' . . )
curvature for Pitts equation was the smallest. The a values calculated

from the B coefficients in Equation (150) corresponding to Pitts theory,

were smaller than those of the Fuoss-Hsia equation. Because Pitts
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boundary condition implies a smaller-interionic effect for a given ionic
size than that in Fuoss and Onsager, in order to account for a given de-
crease in /\ a smaller ionic size is required bvaitts theory. This is
in agreement with the observed 9 values when the two theories are applied
to the same'electroiyte solutioir.

Pitts( ) in 1969 gave a revision of his equation for symmetric

electrolytes. The new equation which incorporates minor changes is,

. e M - Z' etk
A= .,[/\ - (Z!:; (3.7”/);2 >] !_‘l, 3D f:T (i+f)(l+?)(ﬁ+a)]

e ¥y 2 v ' .
_ R EX [ s - T /N DRT /o") -
3D ’ (

(W(}) 379, (151)

= K3 , '

1 - 4 3 - ey . (152)

S Tm3) =+ 2[H2e )

o sy ],
Eite) = j [ .

. " (154)
A |

B = «/I”i ‘ | , | . (155)

9Nz —/0 +»01 (3.3 +1) +'.'251‘ B et
% (1 ,L,Aa (w3 4_?)‘ #U+9)
_ Py -
. T2 E; y
e c/+w(~fz+w Lgr0y]
+8)
o (ep)

-

Eily)

Z
6 (/r-’j)'\fiwa

A comparison of the theories of Fuoss-Onsager and of Pitts was given by
Pitts(és) with respect to the differences in mathematical details, basic

equations, hydrodynamic models, boundary conditioms, physical effects



and mathematical completeness of the solution of the equations.

Murphy and Cohen (66577) improved the results of the Fuoss theories
for the coefficients of the terms ¢ log ¢ and ¢ by including a contriﬁu-
tion which had not previously been given. They(67) also used a higher-
order expression for the equilibrium pair distribution function to ex-
tend the applicability of the theory to asymmetric electrolytes. All the
previous theories of Fuoss are restricted to the case of symmetric ele-
ctrolytes for the purpose of simplification. The results for the coeffi-

cients are complicated. The conductivity formula contains two adjustable
12,Z,) €*

&DRT x10°8
conductance data seems to be hopeless, judging from the extremely compli-

parameters A and b= Calculation of the b and hence 2 from
cated functional form of the coefficient in c. b and A are so chosen
as to obtain the best possible agreement between the theoretical expres-
sion and experimental results.

Owing to the fact that the two leading theories, i.e., Fuoss et al.
and Pitts were derived from different points of views which were possibly

(68)

complementary to each other, Carman most recently in a short note

proposed a future synthesis of the two theories along the line of the E
(68) . ° .

c log c term , where E should be given by (Elf\ - 2E2) instead of

(E1 A Ez). If such a complete synthesis is successful, it will be a

great reconciliation between the two theories which seem to be mutually

exclusive of each other according to subjective view points.

2. Calculation of Dissociation Constants from Conductance Measurements

. In the last section the variation of conductance of 1:1 strong ele-
ctrolyte solutions with concentration, where ion association is insigni-

ficant, is given by the general form(46-48)

Al +FC) = A7‘: Ny = (B 48,)C +Eclac +Jc (157)

39
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for which ka ¢ 0.2.  If ion association exists, especially in sclvents
of low dielectric constants; where ion pairs can be. stabilized through
electrostatic effect, or if the éolute is a weak electrolyte which ioni-
zes partially, the above expression needs modifications. Althoﬁgh the
modification by Fuoss is primarily for ion pair formaéion, the same are
applicable fo solutions of weak elecﬁ}olytes. Siﬁce conductance is mad@
bossible by free ions in solutions, irrespec%ive-of whethér the neugral
species are actqally.neutral moleculés or ion pairg, the right hand side
of Equation (157) should be multiplied‘byti' , “the degree of dissociation,
~and evérywhere c replaced by eole ; exceppbin the viscpsity factor, be-
cause neutral’moleculeé or ion pairé also contribute to the Einstein vis-

cosity if the molecule or a member of the pair is large. Hence
4 ; . - : o
/\7 = oL [ A - e,n + 8,) Jec + Eo(C/Z’oZ K< +,70<<J (158)

in dealing with ion association, it is convenient to speak of the degree
of association and association constant, but when dealing with weak ele-
ctrolyfes, it is more appropriate to refer to the degree of dissociation
and dissociation.constaht. Ho&ever,_the two constants, mathematically,
are_reciprocals of one another. bAs long as one keeps in mind that they
are intérconvertible,'it is understood that the conductanee.expressioﬁ
derived for an ion pair is-also valid for a weak electrolyte. The degree
of dissociation, o , is related to the-association constant K, and the

A

dissociation constant K by

R O

K SRS (159)
2

or o = /\/:?' +'7"h7n"g; 7’ "7’ (‘160)

R Ky g:"
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When y', the activity coefficient of the ion pair or of the neutral mole-
cule is approximated to unity and the square root term is expanded in a

(69) -

series, ¢ becomes

" - .12‘ 2-&,’} 33’6
N R B ALY S (161)

>3

On substituting this relation into Equation (158), the product on the
"right hand side can be given by a sum of series. In the working range

usually considered; A, can be written(70) as

1
/\,’ = /\o - (B,A°+81>4f:8—c' + E&(c&?dc tJue —KA/\'quél

0 =m0 . : : (162)
= A - (BN + BL)‘A/&—Z + EXe l?ac +Jetc - é/\,}c?f’

T

=

This is the expression for conductance of eleétrolytes wheré ion pair
formétioﬁ or incomplete dissociation exisﬁs.

Although the theoretical values of the ion association constant are
related to ﬁhe charges of the ions, their sizes and solvent properties,

by the Bjerrum'theory(7l)

or, more correctly, the Fuoss theory(72), these
theoriés are not applicablevto weak electrolytes, such asAorganic acids
and bases. A neutral acid molecule in solution is an aggregate of atoms
held together by covalent bonds, and this defies the capability‘of:tﬁe
electrostatic theory. 1In a»solution_pf a weak base,xsuch as émmonia,

(73)

the neutral species are NH, in majority and NH,OH in minority , and

3
Fhe charge carriers are ammonium and hydroxyl ions. The real mechanism
of formation of NH,OH in aqueous solution is still open to quesﬁion.
Even if a fraction of Nﬁ4OH molecules doeé arise from ion association,
the association theories are unable to ac;ount for all the effects of

equilibria that give rise to NH40H. Therefore it is futile to apply the

theory of ion association to the calculation of dissociation constants



for weak electrolytes. Since the conductance method only gives the frac-
tion of charge conducting particles expressed in the form of stoichio-
metric concentration c, the dissociation constant derived from it is an
overall constant in terms of the activities of the starting materials,
e.g., amine and water in this work, irrespective of whether there is any
equilibrium leading to the formation of an intermediate compound Amine.
HoO or not.

The experimental values of dissociation constants based on conduc-
tance measurement may be obtained in may ways, depending on the magni-
tude of K and the mathematical methods employed. They all stem froﬁ the
Ostwald dilution law with modification of the Arrhenius theory. Accord-

(74)

ing to the Arrhenius theory the degree of dissociation of a weak

electrolyte at concentration c is

A
L = —7
A (163)
on the assumption that the ionic mobilities do not change with the con-

centration. If the above relation is substituted into the mass action

expression

X RS
K = A C 4z

164
(/-) ?’ (164)

one obtains the Ostwald dilution law in the form of Kraus and Bray(75),

who neglect the activity coefficients,

/ ! <A

-~ = — + =7 165

N N kKT (16%)
According to this equation, a plot of 7% against cA gives j%; as

I
the intercept and A;—;' as the slope, and hence K. Such a plot
/\6

is linear only at extreme dilution, because of the neglect of long range

interaction upon the conductance and of the activity coefficient.
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_Fuoss(76) made uge of the reduced form of Equation (158), i.e.

A =o<[/\°—(5,-/\°+5_1)«/5<’c:f (166)

(V]

z

to calcuilate A’ and K. This expression is in third power of & 2 and

is difficult to solve explicitly for A’ and X simultanecusly. Fuoss(76)
used the method of successive approximation. For a first approximation,

the Arrhenius value for & is substituted into the square root term of

Equation (166) to give

A S
oL‘ = = - " ) _ (167)
A° _{5//\ 'l"B)_)/\
/\0.'/2_

A second approximation O(Z, is then obtained by substituting ¢ for &«

in thé-Onsager term of Equation (166),
o ) '/ N
A (3,1 +Bl)cé‘o(,)v
AL, = { - —
/\O

Repeating this process gives a convergence to the correct value of A
The final result for ko(. is
A\
A = —— - _ - (169)
A F(;) ,
where F(;) is the continued fraction

Ji)"zy',/i

n’

- Fo /-,;(har(/%&(/—'---)'

i\

;i coe’ (é m-l(' 3%’%)] (170)
%

(BIAO'!'B;) C%l/\h

with = (17D

1=

Ao ;/Z

Fuoss has tabulated numerical values of F(é)(76) in the range ¢ ; 6,209

so. that once F(§> is found, « can be calculated by means of Equation
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(169) . Substituting Equation (16S%) in Equation (164) and rearranging

gives

Fe3) f ¢ A ’a;z : | -

= -

o (172)
A A KR F3)

. 1" . .
in which y{ can be estimated from the Debye-Huckel expression or its ex-
tended equatibn, if there are no available data, and y', the activity co-

efficient of the neutral molecule is approximated as unity. The above
' ' - 2
A&I ..
vs., S 42
Fl3)

as the intercept and slope respectively, and hence ﬁ: and K.

- ( {
expression shows that a plot of ;?} determines ;é and

o
KN 3

~In order to proceed with this methqd; it is necessary to know the
value of N - first for the calculation of } . A starting value of A may
be obtained by free hand'extrapolation of the-cbnductancg data. An im--
éroved value of A° can be obtained from thé above mentioned plot. This
’process is repeated until a final value of A is found satisfying Equa-
tions (169) and (171), and then K ié derived froﬁ the plot on thé basis
of the last obtained A’ .

Aﬁ alternate but better méthod.for values of A and K was proposed

(33)

by Shedlovsky By writing his empiribal,gquation, i.e. Equation

(122) in the form

s T
N A i /<L

. gL L (BN B o o

L]
A (BN +BL)/\ |
A = ~ + - ac (174)
N
This equation is a quadratic function in d.% and is much simpler to
solve than Equation (165). The solution of the Shedlovsky equation for
is

ol in terms of the wvariable 3

T
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=g fe@) e w0

2 3 s
- ]+ + .Z_ -+ —Z- — _é_—-o -+ .- -
with 5l;) - é 2 §  u25 (176)

Values of S(;) in the range o € ;S 0209 are tabulated by Daggett(77>.

Combination of Equation (175) and the mass action expreésion gives

| AdlS
A (177)
ASgy o K (R

By the repeated procedure described in the method of Fuoss, values of A
and K can be derived from this Shedlovsky method. |

Fuoss and Shedlcvsky(78) have shown that values of A obtained from
both methods are'the same, because in the limit, the Shedlovsky equation
can be reduced to the Onsager expression; However, K and K., the dis-
sociation constants obtained from the Shedlovsky and Fuoss methods, differ

and are related by

! _ / } (3)/\0 + Bl> .
7 178
KS KF /\oz_ ( )

In the range lO—3 £ K <1, the value of K obtained through the Shedlovsky

function is preferable. For K & 10-3

, both procedures give practically
the same dissociation constant.
If the Shedlovsky plot involves too far an extrapolation for obtain-

ing N ,» it can be found more accurately by means of the Kohlrausch law.

For example, -in the case of amine

A o= N N AT s A

Aminium oH Aming.HCl el oH (179)

and this is the method I have used.
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In dealing with weak acids and bases, experimenteré face an impor-
tant problem as to the solvent correction., The mést common way is to
substract the specific conductance of the solvent from that of the solu-
tion. This is applicable when the solute is an unhydreclyzed salt which
does not change the original specific conduétance cf the solvent which
‘may contain traces of impurities. If water contains a trace but unknown
amount of weak acid impurity and is.usedvas the solvent for a weak base,
the amount of salt thus forﬁed is a ﬁrace, yet may contribute a consider-
able:portion to the total épeéific éoﬁductance of the soiution. If much .
difficuity ariées, it is convenient to.hanale the appropriate solvent
cofrection in an empirical way developed and used by Shedlovsky- and Kay(79)
in thgir evaluation of the dissociation constant of acetic acid. Their
treatment can be genéralized’tb other weak acids and bases.

If L and L, are specific conductances of the solution and solvent

respectively, .\ is then given by
000 (L ~Ly)
c

-

(180)

By substituting this expression and the square root of the mass action -

(79) ’

equation into Equation (175), they obtained

S-SR T

/\D

foo [ = (o L,

where N o= 1290 L (182)
C

The factor in brackets is. not far from unity in most cases. It is a

good approximation to use the expression

D

fooo L = fovol =+ (183)

L—\._-J

515 Z’
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#*
A graph of 1000L vs [/-— NSy

C
5(5) a;_. A’
tion 1000L, as the intercept and A’ K% as the slope. 1If necessary, the

%
] gives the solvent correc-

resulting L, can be used in the calculation of the bracketed term in
Equation (181). A subsequent plot of Equation (181) suffices to yield
satisfactory value of AOK%. Therefore K can be computed once Y is
known.

/V can be calculated from using the Kohlrausch law for the relevant
lim&ting conductance data. Often it is required to measure the conduc-
tance of a hydrolyzed salt, e.g., NaAc, the pH of the medium being con-
trolled to suppress hydrolysis and derive from it the limiting conduc-
tance of the salt 'in the unhydrolyzed form as illustrated by MacInnes

and Shedlovsky(SO).

Another method was devised by Campbell and Bock(gl). Their treat-

ment requires the calculation of the degree of hydrolysis w , from the

known value of hydrolysis constant K, = —= and the stoichiometric con-
“
centration of the salt of weak base, viz.,
Y5
wE - = =t = (184)
i C 4ct C

From w, the "true" conductance Acww may be calculated by means of the

relation

A= (1~w) N + wA (185)

corr HA

where A is the observed equivalent conductance, A is the equivalent

HA

conductance of the free acid in salt solution. Since uLAHA is necessarily

small compared with A , AHA can be assumed equal to A;A . Therefore

L]

i

(186)

corr
] /- w

A plot of the values of A‘ LT ANC gives the corrected limiting con-
or



48

ductance of the salt. A similar treatment can also be applied to salts
of weak acids.

In the present work to calculate the dissociation constants for
amines, at first only the experimental data for the weak base and its
hydrochloride salt are known. In order to use the method of Campbell and
Bock for the hydrolysis of the salt, it is necessary to have a starting
value of Kh from an approximated value of dissociation constant from the
data of the base by a free hand extrapolatioﬁ. Approximated values of
Acwr for the salt are obtained. The resulting values can then be used
to calculate the limiting conductance of the salt, and hence the limiting
conductance of the base by Kohlrausch principle. This limiting conduc-
tance is employed to calculate the dissociation constant for the base by
the Shedlovsky and Kay method. Now the dissociation constant is fed back
to the procedure of calculating a better hydrolysis correction using
Equations (184) and (186). Eventually as the processes of Shedlovsky and

of Campbell are repeated, K, K, and}ﬁf will converge to the best values.

I.D Theoretical Treatment of Diffusion

Diffusion in solution is an irreversible process by which a differ-
ence in concentration is reduced by the spontaneocus flow of solute or
solvent. In a single electrolyte solution, the solute moves from a higher
concentration region to a lower one, and the solvent moves in the opposite
direction. From the point of view of molecular kinetics, there is no pre-
ference as to the direction in which an individual solute particle moves
in the suspending medium. For two adjacent volume elements containing
the same number of solute molecules, if a certain number of molecules
move along the X direction from one volume element into its adjacent one,

the same number of molecules will leave the latter and enter into the
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former along the -X direction. If, however, the concentration of the
first volume element is greater than that of ﬁhe second one, then there
are more particles leaving the first element and entering the sacond than
there are particles from the second entering the first one. Hence, there
is a net transfer of solute in the direction of lower concentration, and
a similar process occurs for the solvent molecules, simultanebusly,.un~
til there is only one concentration throughout the solution. The rate

of flow is expected to be approximately proportional to the concentration
difference existingbbetween the two velume elements.

The first succegsful formulation of the diffusion rate was due to
Fick(82) who deduced that the force in the diffusion process was analo-
gous to that in heat flow. He observed that the rate of transfer was
proporéiohal to the coﬁcentration gradient at a given temperature and pre-
ssure. For a unidimensional diffusion flow, his first law may be written

as

5 _
J =-D ('a"cf) (187)

where D is the diffusion coefficient, J is the flux or the rate of material
transfer per unit area, and é;; is the rate of increase of concentra-
tion with distance x measured in the direction of flow. Usually thé di-
rection of flow is taken to be the positive direction of the distance x,
the concentration ¢ is expressed in the same units as used in defining

the flux, and the volume unit for the concentration ¢ is the cube of the

-1

. . . g -2 .
unit of distance x. If J is expressed in moles cm “sec”~, and x in cm,

then ¢ is expressed in mole cmf3, and D the diffusion coefficient is in

2

units of ecm®sec~l; it is independent of the mass units used provided that

the same units are used in defining J and ¢. The negative sign in the
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-

. g ' L Lo 3¢ . .
first law of Fick makes D a positive quantity, since 57 1s negative by

virtue of the choice of sign for x which increases as the concentration
decreases. Although D appears in the first law as -a proportionality con-
stant, experimental measurements show that it is a function of concentra-
tion. The main objective for the study of diffusion is to explain such
a variation of diffusion coefficient with concentration. . |
Fickfs first law is important in the study of diffusion by steady-
state methods in which the concentration gradien;-%i does not change with
time. For mathematical analysiS'Of diffusion experiments, it is conve-
nient fo transform Equétion (187) into a form known as Fick's second law.
By combining the said equation with the requirement of a continuity of
mass over a differential volume element of unit cross-section, the follow-

ing expression for Fick's second law is obtained
_exXp

$es05%)  am

Theré is a relation between the diffﬁsion coefficient of an electro-’
lyte and its equivalent conductance, because diffusion and conductivity
involve the migration of ionsf When Nernst (83) originall&Aderived the
relation between these two effects for dilute solution, osmgtic pressure
was regarded as the driving force for diffusion. The modern view regards
the gradient of chemical potential, havingvthe’dimensions~of a force per
- unit éuantity‘of solute, as thé Qirtual force causing diffusion(84), For
electrolyte solutions, each ion of the diffusing electrolyte is under the
influence by two forces, (a) the gradient of chemical potential for the
solute and (b) the electrical field produced by the motion of the oppo-

sitely charged ions. The more mobile ions tend to diffuse faster than

the less mobile ones. They create on a microscopic scale a charge sepa-
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ration or a gradient of electrical potential in the solution. Tﬁis has
the effect of increésing the speed of the slower iops and decreasing that
. of the faster, until finally they have the same speed, since a macrosco-
pic charge separation does not occur.
Let ¥, and 2, be the number of cations and anions respectively re-
- sulting from dissociation of a solute molecule, if/uB is the chemical po-
tential of the solute
V- RV VA (189)
where uy and u, are the cationic and anionic chemical potentials. The
forces én a cation and an anion due to the grgdient of chemical potential

are

LA and - 1 S/ S (190)
N, 2% N, 2x

where N, is the Avogadro Number. The negative signs are used since the
ionic motion is in the direction of decreasing chemical potential. The
éffect arising from the unequal mobilities of the ions.may be represented
as an élgctrical field of intensity E which exerts on each ion an addi-

tional force. The total forces are

1M ‘

= - 4 97 4 ZeE ‘

F‘ - N& ax i (191)
N S R GNP -

Fas =y ox T 0 | (192)

where Zj and Z, are cationic and anionic charges, and €& is the unit ele-
ctronic charge quantity. If uy and uy are the absolute mobilities of the

ions which produce an equal ionic velocity v, then

v o= u, (»——L P +ZJEE):' uL(-_/— ?ﬁithZaE)

N, ox Na oX (193)
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P — + _ — - — - A ——
°or Z, <u; Ny 3x )\ % Moox , (194)

By using the condition for electrical neutrality, »1214-% Zz==o , one

obtains

S (u‘ 9/*._’+u)_%/i‘i
A v Uy TV Uy X L eX '

- 1 %t (8/"3)
Ny YU +wy \ ox (195)

If ¢ is the concentration of solute in moles per. unit volume, then the
flux of the solute is

UM -, € M8 2¢
J=cv =~ — - o
v’ Y, U, M, 2c¢ 2% |

(196)

By comparison of Equation (196) with Equation (187), D results as

' Coow, U ’ v
D= 1t L M N Q@9
" Y, D(g_"’vz""', A{( lnc

From the definition of mean molar activity coefficient,
o .
Mg = phg .;VRT%C?& (198)
and the absolute ionic mobilities in units of cm sec_ldyne'1 expressed

in terms of the limiting equivalent conductances, viz., .

Ny Ay Ne
U s end = (199)
124 F 17,1 F° :

Equation (197) takes the form

CUAA, RT d b : :
D- (7 J) (200)
yiz (N +A)  F Y dbae

This is the Nernst-Hartley equation. At infinite dilution, where

;l&nﬂ: -0 , one obtains the Nernst equation for the limiting value
Abne



of the JldeS_Oq coefficient,

vRT /\ /\ 5 7278 -.!D v /\"l /\:.
9298 x /0 T (201
Ay AT )

o

—

|

By using the condition for electrical neutrality, alternate equations

for the diffusion coefficient are

RT 1z] +]zl AN L4 a(ff,-.,fyi)

i

D . =
7 F o1z, Z,] AN dlnc (202)
- 1z ,+ 1z 1 6,0 ,0
5 = R1 ! 2 Al e (l + __~_4E~> )
dlac (203)

and. X )2, z,|

where t? and tg are the transference numbers,

or simply .
D = p°(14f’_£_”i£> - | (204)
dbnc ,

The values of 7‘ are obtained by taking the slopes from the plots

dl—nc

of experimental values of gnﬁk against values of Lac.

Since deviation of the theoretical values from the experimental
' . : . 2
values were observed at low concentrations. Onsager and Fuoss(“g), and
(85)

Stokes

For symmetric electrolytes, the equation is

D=1+ ";g;?" >(D ro 40,) (205)
nC

where A = é"T"] (% —’c) (206)

#a

| kT et o\E EKK 2 1z{ .
fa” 121y v % ( I+ ffc%)‘g’(l (77 (207)

‘added electrophoretic terms Z\ and B, to the above equation.
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For 1l:1 electrolytes ‘ﬂl and 132 at 25°C become

Ve

: -6, 0 FRYS
A =-%.07x/0 (1, -t7) .
,: § A X I IR (208)
: 2l 2 €.)€at
| a, = §.77 x /o0 (K’a) ( > ;{’2_’;‘) E?(&JF&)
o =2l o )
= §.77 X /0 é(ﬁa) : _
) “(209)

The value of <f>2(}€&) vhas‘ been tabulated in the range 0 & K& <6 by
Stokes(SS). The‘theory ﬁas-beén tesfed on various electrolytésAand‘founa
that it is obeyed up to ¢ =.O.v01 with suitably chosen values of g.
The.aﬁove equation for diffusion coefficient can be adopted to 1:1
/

weak electrolytes with some modifications. If ol is the degree of disso-

ciation and U

12 is the absolute mobility of the'neﬁtral molecule, Equa-

tion (197) becomes

' | e,
D= _[d ( U(:u?.> +(1=) ull:},zﬁ';‘(/—f IZZ:—) (2109

u,t U,

which .lead.s | to e

D :[a{(dﬁ 8,4 8,) +2(1-1) D;.](“L‘ ';‘}f) (a1
where D%z represents the hypothepical diffusion coefficient of a molecule
or ion pair at infinite dilution and is defined by

D, = kT My, | | (212)

An equation equiValent to Equation (211) for zinc sulfate was first de-
rived by Harned and Hudson(86). Their values of o were obtained from
‘conductivity data. The diffusion coefficient Diz was calculated from
the experimental values of D and o in the concentration range 0.001-

©_ was obtained. D%, for

0.005 molar. A reasonably constant value of D12 12

citric acid(87) and acetic acid(88) were also obtained in similar ways.



The previous theories are applicable to dilutevsolutions where the
efféccs of volume restrain and diffusion of solvent are negligible. For
coﬁéentrated solutions, the solvent molecules in general move in the
opposite direction to that of the solute. Tons may carry with them a
permanently attached shell of solvent molecules which become a part of
the diffusion solute entity. The viscous force may be considerably mo-

dified by the présence cf a large number of ions. A quantitative theory

for concentrated solutions incorporating the effect of mass-flow was pro-

(89) '

posed by Hartley and Crank » assuming that there was no volume change

upon mixing. For the inter-diffusion of two liquids A and B in a closed

vessel of unit cross-section, the diffusion coefficientszX andé Dg for

each species may be defined as

\ _ v 3¢k oy 3%
T = DA—Q—X- 3 Jg = 55, (213)

If GA and VB are the constant volumes in the unit used in defining the
concentrations of A and B, then the volume transfers of A and B per unit

~time across unit area of a fixed plane, say P in the closed vessel are

_ac5

’ v & 2% 3 v o= _ ‘
- D, A 5-; ; DB, 5 3x (214)

By defining the cross-section as one across which there is no net trans-

fer of volume, it follows that

Vv - -ac'\ \ A acB ’
— D Vv, — =
Dy S5t DYy 5y =0 (215)

Since N and CB are the number of moles of A and B in unit volume of

solute, it follows therefore that

\'/A ¢, + \75 ¢g = | ' (216)
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~ 3¢, S5 2¢Cg -
— A4 V —~— =
and ey 8 3% - ° (217)

In order to satisfy Equations (216) and (217) for non-zero volumes, it

is necessary that

1’4 ’ 14 v
D, = D =D (218)

and this defines the mutual diffusion coefficient DV.

Hartley and Crank further introduced the concept of intrinsic diffu-

!

B for the two components. With reference to

sion coefficients DA and D

Figure 1, p

a
1
i
!
'
1
1
]

—p increasing x

G
—— Cg increasing, g_g positive
X
Cc i . (A7) .
e A increasing, Er— negative
- x
— direction of diffusion of A
T ———e direction of diffusion B

Figure 1. 1Intinsic Diffusion

passage of component A through the volume-fixed plane P must necessitate
the passage of an equal volume of material in the opposite direction, in
order to preserve the fixed volumes on each side of the plane. Thus
there is induced a bulk flow of solution across the fixed plane if the
vessel is closed. A plane Q moving initially from P may be conceived so

that no bulk flow occurs through Q when pure diffusion takes place. The



intrinsic diffusion coefficient is defined in terms of the flux across

unit area of sucnh a plane. The flux of A due to intrinsic diffusion of

A is given by

zfu-u"e Aiffusion _ , 9€,
) =-o 3 (219)

Ta (
A n x d;‘recﬂon

\

- and similarly for B
5 pure diffusion N s 2% | |
s ( in -x direction) : (220)

The rate of volume swept towards the -X direction by the moving plane Q
of unit aresa is given by

oV (T, - Ts V)

3t VA
- — o,
:—-(\/ D’a—-cA+V PUBALY
A Ya 8 8 I
90X ox/ (221)

The same quantity also represents the bulk flow rate of solution across

the plane P per unit area. Then the flux of A due to bulk flow is

- ’
| ‘TA (bulk flow in -x a/irec'f‘fon) = G, g-\—/
- , 9oc - / 9<5
=-C(v,p TA 4+ VgD T2 »
A(A“ax. 2% ox | (222)

The net flux of A across unit area of P in X direction therefore is

pure diffusion

)__J;‘(bu.lk flow in )

] t) =
JA (net) J;‘( in X direction - X direction
af P ’ aCA — 4 ac
:—-D'.._/.‘+c(\/D =+ Vv J)

Since this flux also defines the mutual coefficient DY, so one has
3



v 3G ;0% = 1 0% T faca) '
- —— - 2+ C 4+ D = )
A Jx A A<VADA X % Do % (224)

YV / - 14 ’
D = DA""VACA(DB‘DA) - . (225)
The intrinsic diffusion coefficient‘DA at finite concentration c; is then
. e s . . ‘ ddnay,
related to its value at infinite dilution ¢, = 0 by the factor
A i diénc,

which express the,effecf_of the deviation of the solute from ideal be-
haviour. The activity~iﬁ the ﬁhermodynamic factor may be expressed in
any concentration scale, since the logarithmic differenfiation elimi-
nates any constant conversion factor. It‘is possible that the relative

7

viscosity ?75 should be introduced. If A is the solute and B is the sol-
LE]
vent, then

‘ o -J%WA‘FA ’]

D, = Dag L 7"8 : | (226) :
- _
o dinxfy 7 : '
and Dy = Dgg - > - 7"5 (227)
. _ s .

-

where DKB is the diffusion coefficient of A at infinite dilution in sol-

vent B, and D;B is the self diffusion coefficient or tracer diffusion co-

efficient of B in pure B. By using the relations
%a

¢ = — ‘ T (128)
XA V; * XBG%

Xy + Xg = | ) (229)

c - —
dbr A X (Vk - 5) Vg Ca

dlnx — =
A XAVA +¥BV6 Xa

(230)



dIncg V<
and = (231)
A ln Xg Xg

Equations (226) and (227) can be written as

) o Xa  dbixf, Tos

- 232
DA - DAB s (23 )
Vs ‘A dbnx, 1
, o Xg d tnxy fo s
and DB = Z%B — (233)

Vas  dlnxg 1
Introducing Equations (232), (233) and the Gibbs-Duhem equation, viz.,

dbn iy Alaxyhy (234)
into Equation (225), then the mutual diffusion coefficient D’ is
dbnx, 1 VBCA
9
By using Equation (216) and the relation 2&-: A > Equation (235) is
simplified to the Hartley-Crank equation,
v Jthfﬂ )703 °
D = 78 AB ’a DBB (236)
Adln %,
By symmetxy DY is also given by
v d'e"'yﬂ 6 7°ﬁ DD
D = % D + %5 Dy, (237)
4{LMX5

for which A is the solvent and B is the solute.
The Hartley-Crank theory was further elaborated (41590) to account
for the possible effect of solvation of the solute B. If B denotes the

solvated electrolyte, and A free water, the above equation becomes

| 4

p’ = (238)

o{ﬂnx;f; }7: [" a o a _o ]

X, D + X5 D
N A “8A 8 “AA
Abnxg 1

59
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where 7(: and ;\': are mole fractions of solvated solute and free solvent
respectively, i.e., the ratio of the diffusing entity to the total num-
ber of diffusing entities of both species. Since the diffusion of the
ions is restricted by the condition of electrical neutrality , it is per-
missible to treat the concentration, partial volume, etc., as those of
the hydrated electrolyte as a whole, without considering the separate io-
nic quantities. The only place in Equation (238) where consideration

., . . - . . 3 - a A
must be given to the fact of ionization is in the expression d bn Xg Tz

. . In 2> .
This can be written as o 2, . Because of the hydration, and for an

aqueous solution, d&na% is given by

ddndy = dilnwag + Adina, (239)

with “s = a: » the conventional activity as computed for the unhydrated

solute. By the use of the Gibbs-Duhem equation, viz.,

™m
din 4% = = rra dﬂnaa (240)
Equation (239) becomes
din a‘; = (I*a_ongm)dﬂnqe = (- o\OIygm)ua(&,qt (241)

In order that Equation (238) may reduce to the Nernst limiting value as
. o
7(;—)0 , 1t is necessary to put DB‘;\ = 5 where the factor ¥ arises
from Equation (241), or more completely D;A = (D°+ &, +Az)/u; and D:A
becomes the self-diffusion coefficient of water D:o . Therefore, Equa-
p

tion (238) can be written as

¥
y D dbedy Abmo o OB
D= —— (%2 7 % - (242)

Y o dbam  dinx

pe /7

Substituting the following quantities into the above equation

a m 0.0/8 m

X, = =
8 55.5/=Am+m /400 m(1-4) (243
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. S§.51-Am - j~ 0.0 him :

Ap T = 244)
5551 -tm+m i+o0.01fmi-4) (

d&na% . d@n +

— T = (1-00ifhm) Y

dinx® . S (246)
one obtains

V

)(/ aolé’ﬁm){ + o0, 0/3m( H‘o—ﬁ)] (247)
dﬂhww

The diffusion coefficient DV given by Equation (247) is that which would
be obtained‘if the volume-concentration and flux invthe diffusion experi-
ment were Qompu%ed'on the basis of the hydrated solute. HoweVer, since
the volume-concentration of the electrolyte is unaffected by any consi-
deration of hydration of the ions, it is the same as the diffusion co-
efficient D obtained by the ordinary computation, with the concentration
in moles of anhydrous solute per unit volume, and the flux also is in
moles of anhydrous solute per unit cross-sectional area per second.

For i:1 electrolytes at values of ﬁ.small enough to justify the
omission of the square of (0.018 hm), and by including the electrophore-

tic corrections in the main D° factor only, the above equation takes the

form,

= (0" 2, +A)(/+m *’“)Lf-raoiém(p”ho g\)}%

(248)

Robinson and Stokes(91) have tested Equation (248) using the mean

value of the self-diffusion ccefficient of water, 2.44 x 1072 cmzsec°l,
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taken from the work.of Partington, Hudson and Bagnall(92> and of Wang,
Robinson and Edelmann(93). From the experimental diffusion coefficients,
limiting mobilities, thermodyanmic data and assumed values of 2 and
hence &, and A, , they calculated values of h, the hydration number for
- a number of 1l:1 strong eleptrolytes. Another set of h values was also
obtained by omitting the viscosity factor. It was found—that both sets
of h values fitted the experimental diffusion data within O.S%Vup~to 1
‘molal, using equations with an without viscosity correction respectively.
The fact that the values of the fgrét set are about twigé those of the .
second set shows that h is very:sensitivevto the viscosity factor. Aside
from the possibility of an overfcorrection’by the relative viscosity,
there are uncertainties inherent ip the applicetion Qf the diffusion equa-
tion frdm a tﬁeoretical point of view. The electrophoretic éorrections |
applicable to dilute solutions may be far from valid in concentrated solu-
tions. The selfjdiffusion coefficient Qf water varies considerably with
salt concentration gnd this is also a factor neglected in calculating
the hyaration number. All the inadequacies may be absorbed in the value
of h. Thus the real meaning of h is more of a parameter than of a true
hydration number.
For 1l:1 weak electroiytes or strong electrolytes for wﬁiéh ion-

association cannot be neglected in high concentration, the expression

.for the diffusion cocefficient is

- Abn¥ 0/§ "2D:'2i’_£]
> = (If,m dm)[lwl " D° )

u [ . 0 r],,
(e e, a) w2l “)7311]7 (249)



(41) to study the diffu-

which is the equation used by Wishaw and Stokes
sion of ammonium nitrate in concentrated solutions. The degree of dis-
sociation was roughly estimated from the conductivity. The value of

2

D° for the ion pair was taken to be 1.5 x 1072 cm seéi from the mobi-

[

lities of the separate ions, by considering them to merge into an ellip-
soid. Assuming that the ammonium nitrate was unhydrated, the diffusion
coefficients of the salt calculated from the above expression agreed
within 2% with the experimental values, up to 6 molar.

To develop a diffusion equation with hydration effect suitable for
"~ this work on the concentrated solutions of amines, it is convenient to
regard the degree of ionic dissociation as zero, and the diffgsing en-
tity as the predominatiﬁg hydrated amine molecule. 1If one starts from

Equation (238) and proceeds through the necessary steps for the hydrated

amine molecule, one eventually obtains

- 4 n,
D = D;A Jf;:: (1—0.0/(?477\){'/1‘ 0-"/5’m( %’%Q —K)]T (250)

where DEA is the hypothetical limiting diffusion coefficient of hydrated
amine molecule in solvent water, and ag is the activity, as computed
from the unhydrated solute on the convention of binary mixtures. Multi-
plying out the product in the above expression and neglecting the square

term in (.018 m) for not too concentrated solutions, the equation simpli-

fies to
_ % dbnag [ o D, °
= 7 T DBA + aaa@(__fs?. - KDBA) (251)

If the theory fits the experimental values of D, according to this

equation, a plot of the quantity D(—Z) (m
d&nQB
0 o

) vs. m will give a
+H
straight line with intercept DBA and slope 0.036 | %2 _ ﬁQB;A) .

14

2
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From the known values of DBA

and DEZO, the hydration parameter h can be

calculated.
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IT NATURE OF THE PROBLEM

This work consisted of measurements of the physical properties of
aqueous solutions of mono-, di-, and tri-ethylamine, specifically com-
prising the investigation of reversible thermodynamic properties by total
vapor pressure measurements, liquid-vapor equilibrium composition experi-
ments, and the irreversible thermodynamic properties by the diaphragm
cell technique and conductance measurement. Conductivities of dilute
solutions of the amine hydrochlofides were also determined to supplement
those of amine solutions, so that the degrees of dissociation and the
" ionization constants of the weak bases might be determined. The visco-
sities of the mixtures were measured since viscosity was an indispen-
sible factor in the stuaies of diffusion and conductance. My research
was directed to obtaining a comparison of the physical properties among
these systems and to correlating them, in order to establish the degree
of hydration of the amines. The experimental temperature chosen for the‘
completely miscible systems monoethylamine-water and diethylamine-water
was 25°C. Since mixtures of monoethylamine and water containing more than
about 70 mole % of amine, boiled at ZSOC, as established by this work, mea-
surements were not extended beyond this upper limit; also the extent of
liquid-vapor equilibrium experiment at 25°C was confined to the range
for which the compositions of the condensed distillates did not exceed
the same limit. For the system triethylamine and water, the experimental
temperature was 17°C, where they were miscible in all proportions. These
liquid systems, notably triethylamine-water and diethylamine-water ex-
hibit lower critical solution temperatures, or in other words, the solu-
bility of one liquid in the other decreases with increasing temperature.

They show a common thermodynamic behaviour and this is presumably deter-

°
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mined by the same pattern of molecular interaction in solution. These
amines contain nitrogen atoms which can interact with hydroxyl groups of
water molecules through hydrogen bonding. Examination of many binary
systems in the literature reveals in general that the effect of pecula-
rities in the behaviour of a compound at the critical region extends in-
to the homogeneous region for large intervals of composition and tempera-
ture. The horizontal portion of the vapor pressure-composition isotherm
remains practically unchanged at a considerable distance from the cri-
tical solution temperature. A study of the total vapor pressure over a
" binary mixture below its miscibility gap was desired in this research.
It was also of interest to invetigate to what extent such reversible
thermodynamic property influenced the nature of the irreversible pro-

cesses, especially diffusion, below the lower critical temperature.



€7

III EXPERIMENTAL
JIT1.A Materials

1. Conductivity Water

Water of specific conductance in the order of 1 x 10"6 ohm_lcm-l
was obtained by passing ordinary distilled water throﬁgh a Bantam de-
mineralizer model BD-1 with a mixed bed of ion-exchange resins.

2. Amines

| The amiﬁes Wefe the best commercial products. Triethylamine, mono-
ethylamine and 70 wt.% of monoethylamiﬁe in aqueous soltuionswere obtained
from Eastman Organic Chemicals; and diethylamine'from.the ?isher Cp.
Triethylamine and diethylamine were refluxed with sodium and sodiﬁm_hyd—
roxide pellets and were finally distilled. The fractions used distilled
at temperatures 83.8940.50C and 55.794+0.5°C for triethylamine and di-
ethylamine respectively. Weighed samples of the distilled amines neu-
tralized the theoretical amount of h&drochloric acid within +0.2%, using
methyl red as the indicafor. Monoéthylamine wés used witheut further

purification, because of its volatile nature.

3. Amine Hydrochlorides

>The hydrochlorides were prepared from the resulting amines by neu-
tralizing chemically pure hydrochloric acid solutions with slight excess
of amines. The excess quantities were éxpelled by gently boiling off
fhe solution until the condensate did not turn red litmus paper blue.
The hydrochlorides were twice recrystallized from conductivity water
and dried at 110°C before they were pulverized and kept in desiccator
with phosphorus pentachloride as the desiccant.

4, Potassiuﬁ Chloride

Fisher certified A.C.S. potassium chloride was used without further
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purification in calibration of the conductance cells and the diffusion
cell. Tt was dried at 115°C overnight and cooled in a desiccator.

III.B . Preparation and Analysis of Solutions

1. Amine Solutions

Aqueous stock solutions of known concentrations of triethylamine
and diethylamine were prepared by mixing conductivity water and amines
in known masses. The concentrations in wt.%, mole % and molality were
calculated. From the measured densities of the solutions at the experi-
mental temperatures, the molarities were also computed. A stock solu-
- tion of monoethylamine about 70 mole % in amine was prepared by dissol-
ving the amine in conductivity water. Dilute solutions of monoethyl-
amine were prepared by diluting the stock solution . Their concentra-
tions were determined by volumetric analysis, by neutralizing known
weights of amine solutions with standardized hydrochloric acid solutions,
the excess of which was back titrated, using standardized sodium hydro-
xide solutions and methyl red as the indicator. The results of dupli-
cate samples were reproducable within 0.1%. From the densities of the
solutions at the experimental temperature, the concentrations in any
unit could be obtained. Using methyl orange as the indicator and the
analytical procedure given by Welcher (9%) hydrochloric acid solutions of
various concentrations from O0.1N to 2N were standardized against re-
agent grade sodium carbonate which had been heated in an electric furnace
at 290°C. Sodium hydroxide solutions of 0.05N and 0.1N were standardized
by titration against hydrochloric acid of known concentration using bromo-
thymol blue as the indicator. Very dilute solutions of the amines were
made up by diluting dilute solutions of known concentrations on a weight

basis.
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Weighed samples of solutions of amines after experimental runs of
vapor pressure measurements, diffusion measurements, liquid-vapor equili-
brium composition determinations and the distillate thereof, were ana-
lyzed volumetrically as described above. With the aid of preconstructed
graphs of density vs. composition, the concentrations of the solutions
in molarity could also be found.

2. Amine Hydrochloride and Potassium Chloride Solutions

Amine hydrochloride solutions for use in conductivity measurements
were prepared by dissolving weighed quantities of the salts in conduc-
"tivity water of known épecific conductance. The weighings of the hydro-
chlorides were made with a microgramatic Mettler balance. Because the
hydrochlorides were hygfoscopic, especially that of monoethylamine, it
was necessary to take a series of readings in weighing against time and
extrapolate to zero time when the desiccator was opened, to compensate
for the gain in weight, due to adsorption of moisture and the possible
drift of the mechanical zero of the balance. Solutions of mass up to
about 3 kg. could be weighed by using a solution balance of sensitivity
of 10 mg. The densities of the solutions were determined at the experi-
mental temperature and the concentrations in molarity were computed.

Standard potassium chloride solutions for calibration of the con-
ductance cells were prepared by dissolving weighed quantities of the
salt in known amounts of conductivity water. For diaphragm cell calibra-
tions, the solutions wefe made up in a similar manner. The concentra-
tions of the solutions at the end of a diaphragm cell calibration run
were calculated from the weights of the potassium chloride residues left
in platinum dishes after evaporating the solvent from the weighed quan-

tities of the solutions, and from the density data of the solutions given



by the International Critical Tables.

1

I1T1.C Thermostats and Baths

Several water baths were used in this research. The vapor pressure
measurements were made in a three feet tall cylindrical stainless steel
bath with'long vertical glass window. This bath permitted the manometerv
to be immersed completely. A % horse power stirrer in series with a
powerstat stirred the watér very well. . The temperature coﬁld'be control-
led at all heights to jQ.OCSOC using a mer;ﬁry—toluene thermoregulatér, 
a soiid state relay,.a 125fwatﬁvheating sourée and a cooling éoil.

The thérmostat-fdr diffﬁsion expefiments was a well insulated con——
tainer of abouf ten gallpn capacity. The temperaturé control was effec-
ted by the use of a Sargent thermonitor of model ST incorporated with_an
auxiliafy relay, a iOO—wgtﬁ heating source and a cooling coil in which
water of temperatureVZOC below the experimental temperature was circula-
ted intermittently by a low power pump. Stirring was achieved By using

a l/iOO'horse power stirrer. '

Two water baths side by side were used by liquid-vapor equilibrium

composition measurements. The bath in which vapor satufation took place
; , S . )

was regulated at the required_temperature. Another bath in which pre;

saturation ﬁas under way was maintained at a slightly higher temperature

from 19 to 50C. Both were controlled effectively by mercury—toluene re-

gulators with solid state reléys, stirrers, heating and cOoling elements.

For conductance work "Marcol" oil was used as the thermostatic fluid
to eliminate extraneous capacity effect(?s). A low wattage heating ele-
ment gnd a cooling unit were operated alternately by a relay with a mer-

cury-toluene regulator.

The temperatures of all the baths were determined by Beckmann ther-
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mometers which had been calibrated against a standard platinum resis-
tance thermometer using a Mueller bridge. The fluctuation of tempera-

ture in all cases was within 0.005°G.

I1I.D Dehsity Measurements

The densitieé of the test solutions were determined with Ostwald-
Sprengel type pycnometers of approximately 25 ml capacities, calibrated
at the required experimental temperatures. Pre-cooled and hoﬁogeneous
solution was-féd into the pycnometer by using a filling bottle and appli-
>cation of a slow_stregm of compressgd air. After the solu;ion was in
- thermal equilibfium with the bath,.the menisci in the capillaries were
brqught to marks, and the two ends of the capillaries were capped. Water
adhering to the wall was removed with ‘acetone. The pycnometer was t;ans-
fered to the balance case and brought to equilibrium Whénever it was
possible without spilling due to thermal expansion. In the case of tri-
ethylamine-water, weighing was done before the pycnometer was warmed up
to room temperatufe to avoid spilling. Since the calibration of the
'pycnométer had been done in a closely similar condition, it was believed
- that there was no significant error introduced in this respect.

ITY.E Viscosity Measurements

Viscbsities of the solutions were measured by means of a Cannon
and Fenske type viscometer (96) with run time for water of about 400 sec-
onds, This type of viscometer is a modification of the Ostwald visco-
meter in that the upper and lower bulbs lie on the same vertical axis to
reduce the error in the mean head caused by deviation of the viscometer
from the vertical position. The exact position of the viscometer in the
bath was fixed by using a clamp holder. It was calibrated at 17°C and

250C with run time reproducable within 0.05%.
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II1.F Vapor Pressure Measurements

The vapor pressure of the solution was measured by a static differ-
ential method in which the difference between the vapor pressures of the
solution and that of pure water was determined with a differential mano-
meter. This method had been devised by Gibson and Adams<97), and its
technique improved by Shankman and Gordon(98),

The apparatus used in this work is shown in Figure 2. 1In this appa-
ratus the original auxiliary flasks containing water,as used by Gibson
and Adams to approach equilibrium by condensation of water vapor on the
" solution, were dispensed with. Thié was because volatile liquid mix-
tures, rather than salt solutions, were dealt with in this experiment.

It seems appropriate fof the auxiliary flask to contain the same test
solution as the main flask but, this arrangement had no advantage over
the use of one main flask, with extra amount of solution. As long as
the solution was in equilibrium with its vapor, and the solution was ana-
lyzed after completion of the experiment, there was no need for the sub-
sidiary flasks. The internal diameter of the manométer tubing was 20 mm
to avoid capillary effect. Since vacuum pump o0il, diethyl phthalate,
n-butyl phthalate and other manometer liquids were soluble in the amines,
it was necessary to use mercury as the manometer fluid. The heights of
the manometer liquid were measured with a cathetometer which could be
read to +0.05 mm.

At the beginning of the experiment, the solution must be degassed.
30 ml of the solution were placed in the flask of 80 ml capacity. The
outgaséing was accomplished by freezing the solution in liquid nitrogen,
then evacuating until the residual pressure was less than 0.001 mm Hg of

1.0 micron as determined by a McLeod gauge in the vacuum line shown in



Figure 2. Differential Manometer
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Figure 3. Then the solid was melted, the freezing and evacuating pro-
cedure were repeated five times before the flask was detached and moun-
ted to the differential manometer. The same treatment was applied to
pure water as the reference liquid in another flask. Having evacuated
the manometer to about 1 micron, it was placed in the thermostat. The
_liquids in the flasks were agitated by magnetic stirring. The stopcock
to the solvent, S, in Figure 2 was opened. After an hour of equilibra-
tion, manometer readings were taken until a steady value was obtained.
Finally the stopcock to the solution, S3 was opened, and the constant
difference in pressure after 30 minutes was measured. Stopcocks S5 and
54 were closed before the manometer was removed from the bath. Samples
of the solution were analyzed and the concentration'df the solution in
equilibrium with its vapor was determined.

All the vapor pressure measurements in mm Hg were reduced to 0°C
by the use of standard formulae. The precision in the measured wvapor
pressure was within +0.1 mm Hg.

IIT.G Determination of Vapor Compositions

The compositions of the vapors in equilibrium with the liquids of
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known compositions were determined by an isothermal distillation followed

by condensation and analysis of the distillates. The apparatus shown in

Figure & was essentially that used by-BiChOWSky and Storch(99>, and

Pearce and Snow(loo), with slight modifications. It consisted of a series

of eight units in the saturator part and eight units in the pre-saturator

part. Each unit in the saturator was constructed and used as follows.
Nitrogen was fed into the unit through a short central tube "a", tapered
down to 2 mm capillary. At the tip of the capillary the stream of nitro

gen broke into bubbles which passed up a slightly inclined tube 5 mm in



Figure 3. Vacuum Line






Figure 4. Apparatus for Isothermal Distillation
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diameter and 80 mm in length. There was an opening through the lower
side of this inclined tube just behind the tip of the capillary. Through
the opening liquid was drawn from the bottom of the saturator and carried
by the nitrogen bubbles up the slanting tube to the surface of the liquid.
This kept the solution circulating and ensured that the nitrogen that
came out of the capillary made contact with fresh solution. The gas 1li-
berated from the bubbles as they burst then passed back over the surface
of the liquid to the tube '"c'", leading either to the next saturating

unit or finally to the trap. This type of saturator had the advantage
that the bubbles had to travel in the solution and keep contact with the
liquid for a comparatively long duration, so that equilibrium could be
approached more effecti&ely. Each tube in the saturator was provided
with a vertical tube "e" for filling and emptying. This had a water-
tight ground glass cap. The capacity of each saturating unit was 40 ml
when filled.

In a typical experiment, nitrogen, having been passed through a dry
ice-acetone cold trap to remove moisture, was let into the presaturator
at a rate of 3 litres per hour. The presaturator was kept at a tempera-
ture from 1 to 5°C above that of the saturator. The choice of the bath
temperature for the presaturator was such that there was negligible net
accumulation or deficiency of amine in the saturator as found out from
analysis of the solution after the experiment was over. The vapor then
passed through each unit of the saturator and finally into the trap.
Connecting tubes outside the thermostats between two saturators and that
leading to the trap were warmed by coils of Nichrome resistance wire
heated by a six volt copper oxide rectifier to avoid condensation of the

vapor. The trap shown in Figure 4 consisted of a glass tube 200 mm in
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length and 25 mm in diameter with an internal tube 6 mm in diameter. It
was fitted with a ground glass joint to permit attachment to,‘and re-
moval from, the saturator, and was maintained at suitable temperatures
in a dry ice-~acetone bath for triethylamine-water and liquid nitrogen-
ethanol bath for other systems. After about 5 ml of distillate were
collected, the distillate and the liquid in the saturator were analyzed.
If the concentration of the amine in the saturator did not change by 3%
of its original value, the mean value of the initial and final values
was taken to be the concentration in equilibrium with the condensed wvapor,
" otherwise a new temperature of the presaturating bath was re-set and the
experiment was repeated.

IIT.H Conductance Measurements

A Leeds and Northrup conductivity bridge shown in Figure 5 was used
to measure the resistance of the solution. It was a modified version of
the familiar Wheatstone bridge, adapted to alternating current measure-
ment, with inclusion of the "Wagner ground", a device which eliminated
the current leakage at the detector terminals. Signals of 1 kilo-cycles
per second were generated by an audio oscillator. An oscilloscope in
series with a tune amplifier and a frequency filter served as the dete-
ctor. Measurements of resistance could be made well within one ohm in
ten thousands.

Conductance cells of the type recommended by Jones and Bollinger(lol)
were used. They were made of Pyrex glass with the leads and filling
tubes sufficiently far apart to eliminate errors due to the Parker effect.
A Shedlovsky quartz cell of the original design(loz) was employed for
very dilute salt solutions. DPolarization errors were reduced by platini-

zation.



Figure 5. Leeds and Northrup Conductivity Bridge
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The cell constants were determined by measuring the conductance of
solutions of potassium chloride made up to the standards of Jones and
Bradshaw(103).

Since the amine solutions had high vapor pressures even when chilled,
rinsing the cells with amine solutions would result in changing the ori-
ginal concentrations of the solutions. To minimize this, dry conductance
cells were used without being rinsed by‘the solutions of known concentra-
tions. The errors due to adsorption of amine on platinum electrodes and
the possible attack on glass were compensated by plotting the measured

‘resistance against time for two hours and extrapolating the later portion

which appeared to be linear back to zero time when the cell was filled.

IIT.I Diffusion Measurements

The diffusion coefficients were measured by Stokes' magnetically
stirred diaphragm cell method(104) | The cell is shown in Figure 6. It
was made of Pyrex glass and had two compartments each having about 50 ml
capacity. The sintered glass diaphragm was of No. 4 porosity, 40 mm in
diameter and 2 mm thick. Each compartment contained a stirrer of thin
wall glass tubing, 3 mm in diameter and of length slightly less than the
diameter of the diaphragm. Inside each stirrer fine iron wires of equal
length were sealed. 'The number of wires sealed were so adjusted that
the stirrer in the upper compartment sank and that the lower floated.

They made contact only gently with the diaphragm to avoid excessive mecha-
nical wear of the diaphragm. The solutions in the compartments were
stirred by the rotating motion of the stirrers driven by a permanent horse
shoe magnet outside the cell, to ensure homogenity and to prevent the
formation of stagnant layers on the diaphragm.

A slight modification of Stokes' cell was made. Instead of the



Figure 6. Stokes' Diaphragm Cell



81

V4
AN

\C
/-




rubber stoppers, thé pecks of the cell were closed with capillary bgre
stopcock at the bottom and with a fine-capilléry plug at the top. They
were provided with teflon sleeves slightly lubricated with high vacuum
silicone grease. The evaporation of solvent or solution waé negligible.

Removal of all air from the pores of the diaphragm was necessary
for all diffusion measurements. 1In order to effect this removal of air,
it was necessary to degas both solvent and solution. 1In this research
the solvent water was degassed by evacuating the flask containing the
sclvent for a period of half an hour while it was being warmed. Since
the compositions of the sclutions might change very much from the anti-
cipated values by such é procedure, these solutions were degassed by
freezing them in liquid nitrogen, then evacuating for half an hour. The
stdpcock to the vacuum line was then closed, the contents of the flask
melted, aand the same procedure cf freezing and evacuating repeated. The
degassed solvent was then placed in the diffusion cell and about 500 ml
of solvent sucked through the diaphragm. The cell was inverted and an-
other 500 ml of degassed solvent was then passed through the diaphragm.
After this procedure, the lower compartment was filled with solvent and
was stoppered, making sure that there were no bubbles trapped. The upper
compartment was half filled with solvent and then evacuated through the
neck until the solvent boiled. The vacuum was released abruptly and at-
mospheric pressure then forced the solvent into the diaphragm pores.
This procedure was repeated several times, after which the cell was com-
pletely filled with solvent and stoppered.

In order to keep the diaphragm in the degassed condition in all sub-
sequent transfers of solution or solvent to and from the cell compart-
r(105)

ments, special side-hole pipettes recommended by Janz and Maye were

82
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employed. In a side-hole pipette, a hole about 1.5 mm in diameter was
made approximately 3 mm above the sealed tip. Thus the delivery of liquid
was horizontal, not only minimizing the possibility of air bubbles being
forced into the diaphragm in rapid solution transfer, but also preventing
the disturbance of any linear concentration gradient across the fritted
disc in such solution transfer steps.

The diffusion cell was cleaned with hot nitric acid and the volumes
of the compartments were measured prior to the diffusion experiment. The
total volume of the degassed cell was obtained by weight calibration with
- water. The volumes of the compartments excluding the diaphragm pores
were calibrated with mercury since it did not wet the diaphragm and did
not penetrate into the pores due to surface tension. The volume of the
diaphragm pores was evaluated from these calibrations. Then the effec-
tive volumes of the compartments were calculated.

Before starting the experiment, the solvent and solutions were
brought to the experimental temperature. Since the amine solutions had
a smaller density than that of water, the former was placed in the upper
compartment. First the solvént—filled cell with stirrers was put in an
upright position in the fhermostat, leaving the neck above the water.
After thermal equilibration the capillary plug was removed, and the sol-
vent in the upper compartment removed. Having rinsed this compartment
four times each with 25 ml amine solution, it was completely filled and
stoppered. The filled cell was aligned between the poles of the horse
show magnet and the stirring started. At this moment the initial time
was noted. The duration of the prediffusion run was determined by the

2
Gordon criterion(lo6), T~ iﬁl{—,aepending on the magnitude of the di-
D

fussion coefficient D and the thickness of the frit 1. The diffusion



84

‘data of previous runs gave rough but safe projecticns of the choice of
prediffusion time for gubsequént runs, ranging from the order of 2 hours
to 15 hours. After the prediffusion period was over, the cell was raised
until the upper neck wasbabové the water level. The exposed capillary
plug was removed and dried. The solution in the upper compartment was
withdrawn. After rinsing it Ffour times, the compartment was filled up
with the solution. Again this solution was transferred totally from the
compartment and preserved for later ahalysis. Its concentration found
was taken as the initial concentration of the diffusing solution. A
final filling with the stock solution followed, and the neck was tempor-
arily stoppered with a short ground glass stopper having a capillary
bored stopcock, The cell was then inverted for a short time, the stopper
unit of the originally lower compartment was removed and the half cell
rinsed and re-filled with fresh solvent. After this half cell wés plug-
‘ged, the entire cell was restored to its original position, with the
appropriate compartment up. The temporary stopper was replaced byvthe
fine-capillary plug. The cell was now installed under the magnet. When
stirring was started, the diffusion experiment was under way. The time
at which the final rinsing with solvent was completed was taken as the
‘zefo for timing the diffusion experiment.

When the diffusion experiment was completed, the cell was positioned
to expose partially the upper compartmeﬁt. The sqlution in this was with-
drawn for analysis. The cell was then removed from the bath and inver-
ted. The stopcock on the lower plug was opened, prior to the removal of
the plug to avoid sucking back of the liquid from the other side of the
diaphragm. Finally, the bottom stopper was removed and the solution

withdrawn for analysis. The moment at which the latter compartment was
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opened was the end of the diffusion experimentﬂ

| The stirring rate within the cell was 60 r.p.m., sufficiently rapid
to prevent the formation of stagnant solution layers in the vicinity of
the cell diaphragm, since Stokes(loa) reported that any rate between 25
to 80 r.p.m. was sufficient. The alignment of the diaphragm cell was
such that the diaphragm was in a horizontal plane. According to Stokes(104>,
deviations of one or two degrees from the horizontgl would result in a
bulk flow error cf less than 0.2% of the total transport, and hence suffi-
ciently accurate aligmment of the cell was made by eye.

. The diaphragm cell coﬁstant p in Equation (260) appearing in tlie

next chapter was calibrated at 25°9C by using approximately 1 molar potas-
sium chloride solutions in the lower compartment and pure water in the
upper one. The diffusion coefficients of potassium chloride for cell cali-
bration at 25°C have been tabulated by Stokes (107) from the data of Harned

(109) | Gell constants obtained by diffus-

and Nuttall<108) and of Gosting
ing KC1 counter-gravitationally to the upper compartment with the cell in
normal.position and inverted were found to be identical, bThis indicated
that the diaphragm was isotropic with respect to the Qpposite_directions
of diffusion. Unfortunately, since the existing diffusion data fbr potas-
sium chloride and other salts at lower temperéture were insufficient, the
calibration of the cell at 179C could not be carried out. I was compelled
to use the cell constant at 2506 in the diffusion measurements'of tri-
ethylamine at 179C. Considering the formal dependence of the cell con-
stant on the dimensions of thevfrit and the cell, it was likely that a
change in temperature by 8°C would not produce any significant change in
the cell constant.

The attrition of the diaphragm due to action of the stirrers, and




the enlargement of the pores from the flow of the liquid in washing and
alkaline attack by the amines during experiments caused the cell con-
stant to change with time. Therefore the cell was calibrated omce after
every three runs, and the cell constant was interpolated for each ex-
perimental run,

When all the previously mentioned precautions were applied and the
error in analysis was kept below 0.2%, a precision of about +0.5% in
the integral diffusion coefficient defined by Equation (260) could be
expected. The concentraticns of the test sclutions were kept above 0.05
molar beczuse surface transport in the diaphtagm would lead to comsider-

able errors below this concentration, as pointed out by Stokes (104)

86
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IV TREATMENT OF EXPERIMENTAL DATA AND RESULTS

IV.A Densities and Relative Viscosities

The densities and relative viscosities, that is, the ratios of vis-
cosities of solutions to those of pure water at the experimental tempera-
~tures are gi&en ir Tables 1, 2 and 3 as functions of mole fraction, mo-
lality and molarity. The relations between the densities and mole frac-
tions of the three systems are presented in Figure 7. The relative vis-
cosities are plotted against molalities in Figure 8 below m = 12, and

against molarities in Figure S.



TABLE 1

Densities and Relative Viscosities for the System
Monoethylamine-Water at 25°C

XZ " ¢ d 1&(
Mole Fraction Molality Molarity Density Relative
Amine Viscosity
0.0000 0.0000 0.0000 0.9771 1.000
-0.0000899 0.00499 0.00497 0.9971 -
0.0001535 0.00852 0.00849 0.9970 1.002
0.003075 0.01707 0.01701 0.9970 1.005
| 0.0007403 0.04112 0.04091 0.9967 1.011
0.001721 0.0957 0.0949 0.9961 1.020
0.003688 0.2055 0.2025 0.9948 1.043
0.00938 0.5255 0.5064 0.9910 1.111
0.01878 1.062 0.999 0.9855 1.221
0.03965 2.292 2.024 0.9745 1.498
0.06486 ‘ 3.850 3.159 0.9631 1.445
0.099% 6.12 4.55 0.9488 2.265
0.1319 8.43 5.71 0.9350 2.510
0.1761 11.87 7.08 0.9156 2.595
0.2270 16.30 8.40 0.8936 2.477
0.2934 - 23.05 9.80 0.8669 2.186
0.3866 34.98 11.32 0.8337 1.708
0.4998 55.47 12.64 . 0.7986 1.197
0.6639 109.7 13.97 0.7570 0.718




TABLE 2

Densities and Relative Viscosities for the System
Diethylamine-Water at 25°C

¥
XB m c d ’ael‘
Mole Fraction Molality Molarity Density Relative

Amine Viscosity
0.0000 0.0000 0.0000 0.9971 1.000
0.0001435 0.00796 0.00795 0.9971 1.001
0.0004283 0.02378 0.02366 0.9967 1.005
0.000888 0.04933 0.04897 0.9963 1.016
0.001187 0.0659 0.0654 0.9960 1.030
0.001645 0.0914 0.0904 0.9956 1.033
0.002107 0.1171 0.1157 0.9952 1.050
0.003720 0.2072 0.2029 0.9937 1.080
0.006131 0.3424 0.3313 0.9917 1.134
0.009597 0.5378 : 0.5117 0.9888 1.225
0.01290 0.7251 0.6791 0.9863 1.309
0.01757 0.9930 0.9099 0.9828 1.439
0.02905 1.661 1.444 0.9752 1.782
0.04580 2.664 2.151 0.9646 2.293
0.06127 3.585 2.733 0.9544 - 2.696
0.1014 6.264 3.985 0.9276 3.364
0.1442 9.349 5.009 0.9022 3.589
0.2019 14.04 6.052 0.8735 3.424
0.2795 21.54 7.046 0.8426 2.819
0.4050 37.77 8.075 0.8044 1.822
0.5014 55.81 8.576 0.7809 1.274
0.5888 79.49 8.899 0.7629 0.935
0.7023 131.0 9.188 0.7422 0.648
0.8019 224 .6 9.361 0.7263 0.493
0.9057 532.8 9.484 0.7115 0.388
0.9504 1062 9.52 0.7054 0.354

1.0000 ©o 9.56 0.6989 0.323




TABLE 3

Densities and Relative Viscosities for the System
Triethylamine-Water at 17°C

»* :
g m c | d 7,;41
Mole Fraction Molality Molarity Density Relative
Amine Viscosity
0.0000 0.0000 0.0000 0.9988 1.000
0.00004694 0.002605 0.002602 0.9898 1.000
0.00007498 0.004162 0.004156 0.9987 1.001
0.0001797 0.00998 0.00995 0.9987 1.001
0.0004150 0.02304 0.02295 0.9985 1.008
0.001238 0.0683 0.0688 0.9978 1.023
0.002134 0.1210 0.1192 0.9969 1.062
0.004069 0.2268 0.2207 0.9953 1.128
0.007294 0.4034 0.3847 0.9926 1.245
0.01542 0.8692 0.7878 0.9861 1.583
0.02346 1.334 1.150 0.9788 1.921
0.03146 1.803 1.480 0.9702 2,257
0.05177 3.031 2.204 0.9502 3.049
0.07935 4.784 2.989 0.9272 3.764
0.1146 7.181 3.757 0.9034 4.031
0.1620 10.73 4.518 0.8782 3.876
- 0.2313 16.70 5.279 0.8502 3.235
0.3372 28.29 5.999 © 0.8191 2.142
0.5381 64 .66 6.694 0.7809 0.989
0.7107 136.3 6.992 0.7588 0.601
0.7975 218.7 7.087 0.7496 -
1.0000 oo 7.213 0.7299 0.346




Figure 7. Densities of Amine Solutions
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Figure 8. Relative Viscosities of Amine

Solutions vs. Molalities.
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Figure 9. Relative Viscosities of Amine

Solutions vs. Molarities.
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IV.B Total Vapor Pressures and Partial Vapor Pressures

The total vapor pressures. for the three systems at their experimen-
tal temperatures are giveﬁ in Tables 4-6 and presented graphiéally in
Figures 10, 11 and 12 respectively. The liquid-vapor equilibrium com-
bositions are listed in Tables 7, 8-and 9, and shown graphically in
Figures 13, 14 and 15. From large scale Veréions of these figures, values
of total vapor pressures and liquid-vapor equilibrium compositons at roun-
ded concentrations of the liquid phase were obtained. From these valﬁes,
the partial wvapor pressurés of amines and water were calculated on the

basis of Dalton's law, viz., for amines
Pe = X P (252)

where f:ris the mole fraction of amine in vapor phase, and
p is the total vapor pressure.
The results are tabulated in Tables 10, 11 and 12, and plotted in Figures

10, 11 and 12.



TABLE &4

Total Vapor Pressures of the System
Monoethylamine-Water at 259C

h S

g P

Mole Fraction Total Vapor Pressure

Monoethylamine in mm Hg
0.00000 . 23.75(110)
0.00971 27.7
0.01878 _ 31.6
0.03960 : 40.8
0.0648 53.5
0.0993 74.1
0.1316 85.6
0.1756 126.8
0.2260 . 166.7
0.2914 228.5
0.3461 287.9
0.3853 339.5
0.4465 426.5
0.4966 502.0
0.577 610.5
0.656 717 .6
1.000 1066111




Figure 10, Vapor Pressures of Monoethylamine Solutions

vs. Mole Fractions of Monoethylamine at 25°C.



PRESSURE IN MM Hg

£00

500

700

600

400}
300+
200

100~

0

O TOTAL PRESSURE
O PARTIAL PRESSURE OF WATER
Q PARTIAL PRESSURE OF AMINE

o

Lo
A Sl ! | !

0

0.2 04 0.8 0.8
MOLE FRACTION OF MONOETHYLAMINE

1.0

96



TABLE 5

. Total Vapor Pressures of the System
Diethylamine-Water at 25°C

* .

78 2 P
Mole Fraction Total Vapor Pressure
Diethylamine in mm Hg

0.00000 | 23.75(110)

0.01196 34.2

0.02514 45.3

0.04001 : 56.3

0.0548 65.3

0.0816 74.9

0.1347 86.4

0.1960 97.1

0.2546 107.1

0.3330 121.4

0.3877 131.9

0.4544 145.1

0.542 ‘ 162.56

0.630 179.5 -

0.698 191.2

_ 0.769 202.9

0.850 215.4

- 0.923 226.7
0.965 233.4
1.000 : 238.8




Figure 11. Vapor Pressures of Diethylamine Solutions

vs. Mole Fractions of Diethylamine at 25°C.
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TABLE 6

Total Vapor Pressures of the System
Triethylamine-Water at 17°C

M -
7(8 P
Mcle Fracticn Total Vapor Pressure
Triethylamine in mm Hg

.000600 14.51 110
.00489 26.
00994 ' ' 36,
.01531 45.
.01850 49,
.02470 : 51,
.03423 52,
.0706 : 52,
L1421 B 52.
.2185 53.

.2958 53.
.3779 53.
L4644 54.
.531 54.
.609 54.
.691 54.
774 54.
.847 ‘ 54.
.505 54.
.956 52.
.988 . 48,
.000 46.
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Figure 12. Vapor Pressures of Triethylamine Solutions

vs. Mole Fractions of Triethylamine a2t 17°C.
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TABLE 7

Liquid-Vapor Equilibrium Compositions for the System
Monoethylamine-Water at -25°9C

x:' ;;V

Liquid Composition in Vapor Composition in

Mole Fraction Amine Mole Fraction Amine
0.0000 0.000
0.008%4 . 0.152
0.0199 ' 0.276
0.0331 ' 0.388
0.0458 ' 0.481
0.0560 0.535
0.0650 . 0.584
0.0758 ‘ 0.635
0.0913 A ' 0.793

0.1020 0.725




Figure 13. Liquid-Vapor Equilibrium Compositions for

‘the System Monoethyalmine-Water at 25°C.
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Ligquid-Vapor Equilibrium Compositions for the System

TABLE &

Diethylamine-Water at 250C

Liquid Composition in
Mole Fraction Amine

%

Vapor Ccmposition in
Mole Fraction Amine

SV
/<B

H O OOOOOODOOODODOO.OO00

.0000
L0093
.0248
.0490
.0893
.169
.250
.334
412
497
.596
.696
.788
.897
.950
.000

OO OOO0OO0OO0OO0OOOOOCOO0

.000
.250
487
.635
.712
770
.813
.845
.876
.902
.937
.947
.962
.980
.990
.000
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Figure 14. Liquid-Vapor Equilibrium Compositions for

the System Diethylamine-Water at 259¢.
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Liquid-Veapor Equilibrium Compositions for the System

TABLE 9

Triethylamine-Water at 17°C

Liquid Composition in
Mole Fraction Amine

*
Xg

Vapor Composition in
Mole Fraction Amine

¥

g

HOOOOOOOOODOOODOOO

.00C0
.0048
.0099
L0149
L0248
L0499
21011
.197
.348
.496
L6448
.793
.858
.924
.975
.000

HOOOOOOOOOOOOOOO

.000
443
.607
.689
.722
.729
732
.735
.738
742
.749
772
.783
.830
.905
.000
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Figure 15, Liquid-Vapor Equilibrium Compositions for

the System Triethylamine-Water at 17°C.
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IV.C Activities and Activity Coefficients

The water activities and amine activities in the ugual way wefe ob-
tained by dividing the parti;l vapor pressures of the components by the
vapor pressures of pure water and the amine respectively. The vapor pre-
ssures of pure water at 25°C and 179C were obtained_f;om the work of

Keyes(llo). These values are

?: = 23.75 mm Hj’ at .25°C'; 14.5] mm I-{5 at [70C

From the vapor pressure of pure monoethylamine at 25°C, 1066 mm Hg ac-
cording to Bittfich(lll), that of pure diethylamine at 25°C, 238.8 mm Hg,
and of ?ure tfiethylaﬁine at'17°C, 46.7 mm Hg, both measured By me, the
activities and activity coefficients,vi.e., the qéogients of the activi-
tigs to the mole fractions at rounded conceﬁtrations wefe computed and
given in Tables 13-15. | ’
After converting the mole fractions into molalities, the logarithms
of amine activities were plotted against thé logarithms of molalities in
Figures 16, 17 and 18, since these curves are useful iﬁ the theoretical
treatment of diffuéion. The water activities of the éystems as func-
tions of molarities were presented in Figure 19 through 21. The mean
activity coefficient-of the free iopic species, ?; involved in the eva-
luation of fhe basic dissociation constarits appearing in Equation (73},
requifesva preliminary compﬁtation of the stoichiometric mean activity
coefficient of the "aminium hydroxide", %; ,‘as given by Equationb(70),
which in turn necessitates an estimation of the constant k, expressed
in Equation (66). Unfortunately, a finite value of k+ for each amine
could not be obtained because, on the one‘hand, from the measured partial

pressures of amine it appeared that they are proportional directly to

mole fraction rather than to the square of the mcle fraction in the di-



=t
=t
p=2

lute region, and hence the limit of ;g;'—:y appears infinite; on the
s %8

other hand, even Henry's law implies that the vapor pressures of amine
are proportional to ag for these dissociating "solutes" in extreme di-
lution, but to perform the highly accurate vapor'pressure measurements
in very dilute solutions and de;ive from these the proportionality con-
stant is experimentally, a matter of great difficulty. Therefore the
mean ionic activity coefficients of the aminium and hydroxyl ions were
not obtained. Hence for the estimation of the mean activity coefiicients
required in the calculation of the dissociation constants, I have to re-
"sort to some other means. Evaluation of the activity coefficient of the
undissociated species by Equation (74) had to be postponed until the de-

gree of dissociation was available, as menticned in the section dealing

with conductivity.



TABL
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Activities and Activity Coefficients for the System

Monoethylamine-Water at Rounded Concentrations at 259G
3 ¥ *
Xs A £y °8 fy
Mole Fraction Water Water Activity Amine Amine Activity

Amine Activity Coefficient Activity Coefficient
0.00 ©1.000 1.000 0.0000 -

0.01 0.989 0.999 0.0041 0.41
0.02 0.987 ©1.007 C.0083 0.42
0.03 0.;79 1,003 0.0124 0.414
0.04 0.973 1.013 0.0168 0.419
0.05 | 0.968 1.019 0.0215 0.430
0.06 | 0.952 1.013 0.0266 0.443
0;07 0.926 0.996 0.0323 0.461
0.08 ¢.909 0.988 ;0‘0380 0.475
0.09 0.897 0.986 0.0442 0.491
0.10 Q.884 . 0.982 0.0502 0.502




TABLE 14

Activities and Activity Coefficients for the System

113

Diethylamine-Water at Rounded Concentrations at 25°C
% 2 N 2g fg
Mole Fraction Water Water Activity Amine Amine Activity
Amine Activity Coefficient Activity Coefficient

0.00 1.000 1.000 0.0000 -
0.01 0.990 1.000 0.0377 3.77
0.02 0.980 1.000 0.0741 3.71
0.04 0.959 0.999 0.140 3.51
0.06 0.5946 1.006 0.189 3.16
0.08 0.935 1.016 0.219 2.74
0.10 0.926 1.029 0.241 2.41
0.15 0.906 1.666 ©0.284 1.89
0.20 0.882 1.103 0.321 1.606
0.3C 0.816 1.165 0.402 1.339
0.40 0.733 1.222 0.490 1.226
0.5 0.635 1.270 0.582 1.164
0.60 0.529 1.322 0.675 1.124
0.70 0.424 1.413 0.759 1.085
0.80 6.311 1.554 0.838 1,048
0.90 0.181 1.810 0.915 1.017
0.95 0.101 2.022 0.956 1.006
1.00 - 0.000 - 1.000 1.000
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TABLE 15

Activities and Activity Coefficients for the System
Triethylamine-Water at Rounded Concentrations at 17°C

# ¥ o #
7(5 ‘ aA : fA ap - fB
Mole Fraction Water Water Activity Amine Amine Activity
Amine Activity Coefficient Activity Coefficient

0.000 1.000 1.000 0.000 -
0.005 0.988 0.992 0.256 51.3
0.010 0.983 0.993 0.470 47.0 -
0.015 0.988 1.003 0.667 44,5
0.020 0.983 1.004 0.770 38.5
0.030 0.990 1.021 0.815 27.2
0.050 0.982 1.034 0.821 16.42
0.100 0.975 1.083 0.828 8.28
0.200 - 0.970 1.213 . 0.836 4,18
0.300 0.970 1.386 0.844 2.81
0.400 0.964 1.61 0.852 2.13
0.500 0.962 1.92 0.860 1.720
0.600 0.943 2.36 -0.870 1.450°
0.700 0.920 3.08 ~ 0.885 1.264
0.800 0.866 4.33 : 0.905 1.133
0.900 0.7i6 7.16 0.936 1.040
0.950 0.49 9.9 0.965 1.017
1.000 0.00 - 1.000 1.000




Figure 16. 1In ag vs. In m for Aqueous Mono-

ethylamine Solutions at 25°C.
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Figure 17. 1In ag Vs. In m for Aqueous Di-

ethylamiﬁe Solutions at 259°C.
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Figure 18. 1In ap Vs. In m for Aqueous Tri-

ethylamine Solutions at 17°C.
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Figure 19. Water Activities of Monoethylamine Solutions

vs. Molarities of Monoethylamine at 25°C.
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- Figure 20. Water Activities of Diethylamine Solutions

vs. Molarities of Diethylamine at 25°C.
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Figure 21. Water Activities of Triethylamine Solutions

vs. Molarities of Triethylamine at 17°C.
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IV.D Conductivities and Disscciation Constants

1. Preliminary Values of Equivalent Conductances of Amine Hydrochlorides

The experimental eaquivalent conductances of the hydrochlorides of
mono-, di-, and triethylamine, in which gﬁe hydrolysis effect has not
been allowed for, are presented as functions of their stoichiometric con-
centrations in Tables 16, i7 and 18 respectively. The’preliminary values
of the 1imitiﬁg conductances of the salts were found by plotting the equi-
valent conductances against the squarévroots of the concentrations and
extrapolating the resulting curves to infiﬁite dilution. These are shown
in ‘Figures 22, 23 and 24 respectively. Valueé of the limiting conduc-

tances thus obtained are as follows:

.

(monoethylamine hydrochloride at 25°C)

122.85 cmZohm™ ! equilfl

il
b
—t
(3]
0
(e}

(diethylamine hydrochloride at 25°C)

il

(triethylamine hydrochloride at 17°C) 21.20 "

In order to calculate the limiting conductances of the "aminium hy-
droxidés" by means of the Kohlrausch law, (Equation 6179)), it is neces-
'sary to have tﬂe limiting equivalent conductivities of hydroxyl and chlo-
ride ions. Values of the ionic conductivities at 25°C and the graphi-
cally interpolated valués at 17°C were obtainéd from tables given by

Robinson and Stokes(112>, namely

-3

Aop== 198.3 at 25°C; 167.1 at 17°C

N.-= 76.35 at 25°C;  64.47 at 17°C
From these values and those of the hydrochlorides, the preliminary
limiting equivalent conductances of "aminium hydroxides' were derived.

These are



TABLE 16

Equivalent Conductances of Monoethylamine Hydrochloride
in Aqueous Soluticns at 25°C

¢ xso’ , AN
in Moles per Litre in em®ohm™* equivalent ™!
Uncorrected Corrected " Uncorrected Corrected
for Hydrolysis For Hydrolysis for Hydrolysis for Hydrolysis
(0.0000) (0.0000) (122.,85) (122.76)
0.8591 0.8587 122,04 121.98
3.6080 3.6071 121,12 121.09
4,9227 4.9217 120.87 120.87
8.313 8.311 120.28 120.26
8.757 8.756 120.23 120.21
17.192 17.190 119.19 119.17
21.042 21.040 118.77 118.76
31.895 31.892 117.93 117.92
7.205 37.202 117.55 117.54
54,76 54,76 ‘ 116.50 116.49
97.92 ' 97.92 114.57 114,56
158.41 158.40 112.57 112.56

246.65 : 246.64 ' 110.37 ' 110.36°




Figure 22. Equivalent Conductance vs. a¢ for Mono-

ethylamine Hydrochloride in Water at 25°C.
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Equivalent Conductances of Diethylamine Hydrcchloride
in Aqueous Solutions at 259C

[

cx106* A
in Moles per Litre in cm‘zohm-1 equivaleni:_1
Uncorrected Corrected Uncorrected Corrected
for Hydrolysis foer Hydrolysis . for Hydrolysis for Hydrolysis
(0.0000) (0.0000) v (112.90) (112.82)
1.1304 1.1301 112.02 111.98
4.0470 4.,0464 111.17 : 111.15
8.967 8.966 110.33 . 111.31
16.278 : : 16.277 109.45 109.44
25,140 25.138 - 108.66 108.66
35.832 : 35.830 107.88 107.88
63.37 63.37 106.27 106.27
120.03 120.03 . 103.95 . 103.95
215.75 215.75 o : 101.24 ' 101,24
413.71 413.71 97.34 ' 97.34
631.2 631.2 - 94,23 94,23

913.7 913.7 91.17 o 91.17




Figure 23. Equivalent Conductance vs. ,¢ ~for Di-

ethylamine Hydrochleride in Water at 25°C.
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TABLE 18

Equivalent Conductances of Triethylamine Hydrochloride
in Aqueous Solutions at 17°C

¢ xio’ » . ZAN
in Molesg per Litre in cmzohm—l equivalent !
Uncorrected Corrected Uncorrected Corrected
for Hydrolysis for Hydrolysis for Hydrolysis for Hydrolysis

(0.0000) (0.0000) (91.20) . (91.14)
0.8468 0.8465 90.53 90.49
2.1855 , 2.1850 90.20 90.18
4,1264 4.,1257 ' 89.74 89.72
7.835 7.835 89.29 89.28
12.603 12.602 88.73 88.72
24,999 . 24,997 87.76 : 87.75
55.10 55.10 86.18 86.17
107.26 107.26 84,24 84.23
150.62 150.62 ' 82.96 ' 82.96
253.77 253.76 80.63 80.63

350.42 350.41 78.93 78.93




Figure 24. Equivalent Conductance vs. ¢’ for Tri-

ethylamine Hydrochloride in Water at 17°C.
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o

wncor Monoethylaminium hydroxide" at 25°C) = 244.8
Aveosy ("diethylaminium  hydroxide" at 25°C) = 234.9
AN (triethylaminium  hydroxide" at 17°C) = 193.8

orr ) :

une

2. Preliminary Values of Conductances of "Aminium Hydroxide' and

Approximated Dissociation Constants

In TaEles 19, 20 and 21, the specific conductances of the weék bases
are gfven. The solvent corrections have not been applied to these con-
: ductivities, and therefqre are approkimgtions to the true values. The
equivalent,conductancés were computed. From the approximated conduc-
tences of the "aminium hydroxides" previcusly obtained, the degrees of
dissociation were roughly calculated. By using the Ostwald dilution law
and a freé hand extrapolation, preliminary values of basic dissociation
constant for the amines were found; they are:

Monoethylamine at 25°C = 4.8 x 1074 moles litre-l

Diethylamine at 25°C 1.1 x 1073 moles litre-l

1

Triethylamine at 17°C = 4.8 x 1074 moles litre”



TABLE 19

Specific Conductances of '"Monoethylaminium Hydroxide" in Aqueous
Solutions without Solvent Correction at 259C

4
c _ L,.x 10 7]“1
in Moles per Litre in cm”Llohm-1 Relative Viscosity
0.0020372 1.8689 -
0.004972C 3.2269 -
0.008495 4.4028 1.002
0.017009 6.472 1.005
0.040912 10.377 1.011
0.09488 15.974 1.020
0.20250 23.010 1.043
0.5064 33.482 1.111
0.99592 . 38.789 1.221
- 2.0241 36.288 1.498
3.1594 27.160 1.845
4,5532 16.290 2.265
5.714 9.856 2.510
7.079 5.08%9 2.595
8.397 2.4485 2.477
9.801 1.0188 2.186
11.316 0.3862 1.708
12.639 0.2014 1.197

Pt
3]



Specific Conductances of "Diethylaminium Hydroxide" in Aqueous

TABLE 20

Solutions without Solvent Corrections at 250C

-C

in Moles per Litre

in cmflohm

-1

Relative Viscosity

n2il

0.007935
0.009955
0.023662
0.048966
0.06537
0.09044
0.11566
0.20285
0.33129
0.53117
0.6791
0.909%99
1.4439
2.1508
2.7334
3.9849
5.009
6.065
7.047
8.075
8.576
8.900
9.188
§.361
9.555 (100% amine)

=R W DD DWW NN R
WNOH BT =onOoum

OO OO OOO W~

.683
461
.708
.886
441
.695
430
.359
.640
.256
.085
1.162
.782
.903
.706
.804
.0037
.8746
.2204
.0931
.0486
.0175
.0029
.0003

OO OO M NWWWNNF P bl 3 pd ed fd ped et el e

.001
.001
.005
.016

.030

.033
.050

.080

134
.225
.309

439

.7862
.293
.696

.364
.589

424
.819
.822

.274

.935
.648
.493
.323

130



Specific

TABLE 21

Solutions without Solvent Corrections at 17°C

Conductances of "Triethyaminium Hydroxide" in Aqueous

c

in Moles per Litre

L .

wne

. -1 -
in cm™~ohm

x 10% 7

1

R

Relative Viscosity

N OO PLUNNEFERFRFOODOOOOD OO0

.004156
.009953
.022953
.06816
.11917
.22066
.38469
.7878
.1501
L4795
.2038
.9887
.7569
.5179
.279
.999
694
.992
.213 (100% amine)

10
13
17

20.
20.
.652

.540

.210

.1993
.7634
.5497
L1167
L0261
.0080
.0004

16

f
QOO0 OHM~OW

L3777
.9285
.213
.740
.856
.585

415
204

OO ONWWPPWIEN R P e e b

.001
.001
.008
.023
.062
.128
.245
.583
.921
.257
.049
764 .
.031
.876
.235
.142
.990
.601
.346

131
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3. Final Values of Equivalent Conductances

From the above obtained values of dissociation constants of amines

(113) of water at 25°C, 1.0l x 10—14, and

and the ionization constants
at 17°C, 5.33 x 10'15, the effect of hydrolysis upon the conductivity
was computed for each salt by using Equations (184) and (186). In gene-
ral, these corrected values are practically unchanged for higher con-
centrations, and in very dilute solutions, the conductances are close to

those uncorrected ones. From fresh plots of these values in Figures 22-

24, limiting conductances were obtained, These are

]

(monoethylamine hydrochloride at 25°C)

(diethylamine hydrochloride at 25°C) 112.82 cmZohm™! equiv.

]

(triethylamine hydrochloride at 17°C)

and differ from those uncorrected by less than 0.1%. Since subsequent
improved values of basic dissociation constants do not alter the correc-
. tion factors appreciably, it is therefore sufficient to tabulate these
conductancés in Tables 16, 17 and 18 as the true conductivities of these
salts against the corrected stoichiometric concentrations of the hydro-
chlorides, i.e., the concentrations of the unhydrolyzed portions of the
salts. Accordingly, the final limiting equivalent conductances computed
for the aminium cations and "aminium hydroxides' are as follows:

46.41 cmzohm'l equivalent_

1]

(monoethylaminium ion at 25°C)

(diethylaminium ion at 25°C) = 36.47 "
(triethylaminium ion at 17°C) = 26.67 "
(monoethylaminium hydroxide at 25°C) = 244.7 "
 (diethylaminium hydroxide at 25°C) = 234.8 "
(triethylaminium hydroxide at 17°C) = 193.8 " )

122.76 cm?ohm~1 equiv?1

1

91.14 cmZohm™1 equivf1



)_J
(3]
L

For ammonium ion and ammonium hydroxide at 250C, the iimiting con-
, e (112 o1 (112 o n .
ductances are 73.55 * )and 271.9 ¢ )respectlvely. The decrease in
the limiting conductance in going from ammonia to triethylamine is main-

ly due to the size difference of the conducting species.

L. Basic Dissociation Constants of Amines

" The method of finding the dissociation constants of amines is essen-
tially that of Shedlovsky and Kay, with modifications including the water
activity and molar activity coefficient of amine. According to Equation

(73),.the basic disscciation constant is

The Shedlovsky-Kay equation becomes

/\"u'é aé Kfi P « n
P
Jjoco L = [joool, + £_2 [I* —/—\;S:})(;_-fjﬂ
5(5)?; '
‘ o &+ .3 % ;
e a:. K C * L
or fooo L = Joool_ + N 4 [/~ 1\:5()]2

here the symbols have their significances given previously. Since the
method is founded on the Shedlovsky conductance equation, (122), which
is valid forvsolutions of ionic strength less than 0.01, the method will
not be applied to amine solutions of concentrations considerably higher
than e = 0.01. I have found that the relative viscosity of solution
plays an important role in obtaining the straight line relationship
when the Shedlovsky-Kay plot is carried out, as will be shown later.

Therefore in the following calculations and presentations, emphasis is



laid on the set of data for which the specific coﬁductance used is the
product of the measured‘conductance and the relative viscosity. This
is equivalent to obtaining a set of conductance data measured in a sol-
vent of unit relativevviscosity. Comparison between the conductances
viscosity corrected and uncorrected will be given in graphs later.

To proceed with this method of finding the solvent corrections for
the three systems, first, the constants Bj and By appearing in the Fuosc-

Onsager equation, i.e., Equation (116) were calculated from the dielec-
M 2 /

tric constants of water given by Malmberg and Maryott(llé),
B, = 0.2300 at 25°C; 0.2268 at 17°C
B, = 60.65  at 250C; 49.74  at 17°C

From the limiting conductances of the "aminium hydroxides" above, the

values of (By N+ B,) were calculated,

Bltf + B2 116.9 for '"monoethylaminium hydroxide" at 25°¢

114.7 for "diethylaminium  hydroxide" at 25°C
= 94.0 for "triethylaminium hydroxide' at 17°C

. ¥
Then the necessary quantities involved, namely, 5% and F of Equation

o

(171) were computed with the inclusion of the relative viscosity factor.
From the interpolation table for S(;) given by Daggett(77), values of
S(}) for each concentration were obtained. The degree of dissociation,

¥
{l_s() was then evaluated.
~ |
The mean activity coefficients of the free ionic species were cal-

culated by using the Davies equation,

o (A
14? ?3 f - A \ T 2.3 I‘j

with A = 0.5115 gt 25°C ; 0.5045 at 17°C.

The ionic strength here was set equal to &€ .
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‘The molar activity coefficients of the free amine molecules were

evaluated according to Equations (74) and (75). An example of obtain-

cl=d)

ing the limiting value of -~ for monoethylamine is given in

2g
. ne c(1-4A . ' . .
Figure 25 where —-—j;——~—-1s plotted against c¢. Since the vapor pres-
B

sures of amines in very dilute soiutions were not determined. due to ex-
perimental difficulty, I was obliged tq use the dgta for higher concen-
trations, where ol can only be calcglated approximately, ﬂv-f%; . Al-
though such an extrapolation, from the plot, may lead to only an approxi-
mate limiting value of k, nevertheless the activity coefficient in any
dilute solution is tﬁe ratio of k to fhe value read of% from the curve

in this particular concentration, and is fairly insensitive to the varia-
tion of k, provided the slope in the dilute région is not exceptionally
large. In all cases, the activity coefficients of amine molecules in
dilute solutions are close to unity and the fact that they are practi-
cally unity in very dilute soiutions justifies the neglect of this term
by many well known authors.

The water. activities of the aqueous amine solutions were obtained

from Figures 19, 20 and 21, and were equal to unity in dilute solutions.

-~

With these activity coefficients, water activitiés and the other
5 k% » [
.. a- C /2
quantities, values of e on [ - Cisgﬂ were calculated, and
/\ .

#Sp -

plotted against the viscosity corrected specific conductances. The plots
are entirely similar to the final plots.subsequently shown which give
rise to the dissociation constants, except that the former give the sol-
vent corrections Lo's‘for the aqueous amine solutioms. These are

4.5 x 107% for monoethylamine solutions

3.5 x 1070 for diethylamine  solutions

i

and 4.0 10_6 for triethylamine solutions

(¥
Bl



Figure 25. c(l - o ) vs. ¢ for Monoethylamine at 25°C.
a
B
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The empirical cqrrections are geveral times larger than the origiﬁal
specific conductance of water used which contained some carbonic acid,
because the amines converted the weak acid into the completely ijonized
salts.

The true specific conductances of solutions were then computed.
~ The stoichiometric concentrations of the amines were also corrected for
the portions of amines converted into salts by the method below, using
mbnoethylamine solution as an example. By using the limiting conductiv-
ity of monoethylaminium ion in a previous section, and those of HCO§ and
cog" ions (115) at ZSOC, the concentrations of.biéarbonate and carbonate
Ly x 197

S ,- assuming that neutrali-

A salt

zation is complete entirely to bicarbonate or carbonate. These concen-

were estimated by the relation

~trations are

G -5
bicarbonate $.7 X 10

-5
= W6 X 10
Cca'bonxfe 2 !

The concentration of monoethylaminium ion is «<¢ ., From the estimated
dissociation constant of monoethylamine, K = 4.8 x 10_4, the ion pro-

duct of water and the dissociation constants of carbonic acid, viz.,

Kl = 4.4 x 1077 and K, = 4.7 x 10_11, the following equilibria can be

formulated,

[amhﬁum+1{ﬂco;] & [Hco,
H,C0 [‘\aminfum H] drox:‘de'u - 1= H, co
PR 9 [+, 3]

faminiun1+J (CO;'J o [COS_.J

=~ =

[Hcos_:] [‘\aminfurn ﬁa’droxic!eq] 1~ [H(O_—;j

Since the degree of dissociation is less than 0.4 for the mosit dilute
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monoethylamine solution, the vatio ———2— __ is larger than 2. There-~

[Hcos]

fore for simplicity I assumed that portion of base was completely comn-
verted to dibasic salt. The correction for ﬁonoethylamine solutions is
therefore 4.0 x 1072 rather than 4.9 x 10-5, and was constantly sub-
stracted from the concentrations of monethylamlna to obtain the corrected
values. In a similar manner, corrections_foﬁnd for diethylamine and tri-
éthylamine solutions are 3.3 x 1072 and 4.7 x 107 respectively.

With the corrected concentrations and specific conductances, new
values of A A S(}),«X and y%, for which the ionic strength in-
cluded the contribution from the salt, were calculated. In Tables 22,

23 and 24, the relevant quantities are given and the final plots of

o an <
&)g

are shown in Figures 26-28. Points in low concentration regions lie on

4
corrected specific conductance vs. [! A ?%),- .,)]

straight lines which intercept the origins. The slopes were measured.
Knowing the limiting conductances, the basic dissociation constants were
calculaﬁed. These are

4,57 x ,10_4 for mbnoethylamine at 25°¢

1.02 x 10°3  for diefhylamine at 25°C
and . 4.93 x 10™%  for triethylamine at 17°C

Separate calculations, neglecting the viscosity féctor, were also

made for the three systems. The resultsvare_given.in the same figures.
It is obvious that without viscosity éorrections, deviations from the
straight lines are much larger than those with thé same corrections in
_higher concentrations. In less dilutg solutions, for which values of
olc are still less than 0.01l, and therefore still within the working
range of the Shedlovsky conductance equation, the deviations of the vis~

cosity corrected values from the straight lines are presumably due mainly

138
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to the decreases of dielectric constdants as the neutral amine molecules
become more and more parts of the solvent media for the moving ions,

when the concentration increases.
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hedlovsky-Kay Plot for Aqueous Mono-

o
o)

Figure

ethylamine Solutions at 25°C.
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Figure 27. Shedlovsky-Kay Plot for Aqueous

ADiethylamine Solutions at 25°C.
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Figure 28. Shedlovsky-Kay Plot for Aquecus Tri~-

ethylamine Solutions at 17°C.
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IV.E Diffusion Coefficients

The theory for calculating the diffusion coefficients for concen-
- tration dependent systems from diaphragm cell experiments was given by

Gordon (100) (10%,107,116)

and extended by Stokes The principle assump-
tions of the theory are as follows: (1) The diaphragm is considered to
be equivalent to a collection of parallel pores, i.e., the diffusion
process is assumed to be unidirectional. {(2) The concentrations of the
solutions are assumed to be uniformly constantvup to the diaphragm, and
(3) stagnant layers on the surface of the diaphragm do not exist. (4)
Transport from one compartment to the other is only by diffusion. (5)
There is no streaming through the diaphgram or surface transport effect
‘along the pore walls. (6) The diaphragm assumes a steady state through-
out the experiment, i.e., -there is no gain or loss of solute from the
vdiaphragm. (7) The volumes of the two solutions are assumed constant
during the experiment.

In a diaphragm cell diffusion measurement. there is a set of four
concentrations, <, v €y 7 Cy >¢,=0: where ¢y and cj represent the
initial concentrations, and c3 and ¢y, denote the final concentrations.
Let the volume of one compartment of Ehe cell associated with the more
concentrated solution, ¢y or é3 be Vy, and the volume of the other com-
partment with the less concentrated solution, ¢y O ¢y by V2. Let the
pores have a total effective cross-sectional area A, and an average

length 1. Let ¢' and c¢" be the concentrations of the more concentrated

and less concentrated solutions at any time during an experiment. At

il

time t 0, c' = s and c" = cy; at the end of the experiment c¢' = ¢

3

and c" Cy, - The rates of change of ¢' and c¢" are related to the flux

J(t) by
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de _ _ o A |
il J@) v (253)
dc” A

and 2 = jal (254)
I Tw) v

A combination of the two relations gives

A (c'-<)
dt

= gwa (L o+ L) | (255)
1

By introducing the time dependent quantity D(t), i.e., the average value
of the diffusion coefficient D with respect to concentration over the

concentration range c' to c" prevailing in the experiment, then

¢ ¢
= I / o€
D(-t‘) = C,‘C"‘f DdC =7 C/‘(" fp ;)‘()U(X
(” %= 0
£ Jet)
¢/ -c” (256)
3 PI . . . .
for J(t) = -D 5% 1S constant at all points within the diaphragm at time

t, x being the distance of the plane from the surface of the diaphragm
that is in contact with the more concentrated solution. From Equations

(255) and (256), one obtains

olzn(cl—(") A | [ —
” = = ( 7 Vz> D) (257)

By integrating this equation subject to the boundary conditions, omne

arrives at

¢, —-C

Ln S22 o AL L) e
G- 4 \vi /)P (258)

(]

Defining the diaphragm cell integral diffusion coefficient D as the time-

average of D(t), i.e.,



'AJ
e
[¢]

; -1
D= - D@ dt (2593
* _ )
]
e Ar L L, 1 :
and writing the cell constant /ﬁ for — (‘“ 7 —j, the following
LYV n l

diffusion cell equatiocn is obtained,

(260)

The value D calculated from the initial and final concentrations
and time by the above expression is a complicated double average which
is not easy to convert immediately into the more fundamental differen-
tial diffusion coefficient D. Forfunately it has been shown by Gordon (106)

(104,107,116)

and confirmed by Stokes that a negligible error is intro-

duced in all ordinary cases if instead of using the exact relation,

R | |
D= o f D) (261)

o
the integrand is treated as having a constant value equal to its value

when the concentrations c¢' and ¢" are half-way between their initial and
final values. This constant value is equal to D by virtue of the inte-
grated form of the above equation and calculable from Equation (260),

and is related to the differential diffusion coefficient by

/ o
—~ ‘ 262
5ot [ Tha @62)
C;""C "0 ’
m ™ (m'/
] + ¢ ¢, +¢ 3
where ¢C, = _Ji__*_i_ , C. = SR R
m 2 m 2 2

Further to resolve D into D, it is expedient to define a new inte-
gral diffusion coefficient as that which would be obtained in a rumn of

vanishingly shoxt duration with initial concentrations ¢ and zero on



149

opposite sides of the diaphragm,
- / ¢
D = ’ f p dc (263)
o

The values of D° in such hypothetical experiments with initial concen-

-0 -0
trations ¢ » and cn are denoted by D (¢ 1) and D (cpn) respectively

<t
- -l (264)
o
= — D dc
D(c,) = f
[-4
- ’ chn
D¢, = — D dc
Cm" (265)
o
By means of the relation
(m, le ()hu
f pDdc = fl)a[c —-f pdc (266)
YO 0 o
it follows from Equations (262), (264), and (265) that
—-0 — cmu — —s
i) = B = = [0 - Dl (267)
m

In this formula ﬁ, c.r and cm” are experimental quantities. 1If in some
way values of ﬁo(cm") can be estimated and hence of ﬁo(cm.), then the
differential diffusion coefficient can be calculated by using an equi-
valent form of Equation (263). This can be done by successive approxi-
mations to find true values of ﬁo(cm:). The first step is to plot D vs.
¢y and extrapolate the curve to the Nernst limiting value at infinite
dilution. From this curve approximated values of ﬁo(cmn) are first de-
terﬁined for each run and substituted in the square brackets of Equation
(267). The resulting values of ﬁo(cmv) are then plotted against cp;
this curve gives a better approximation to the true value of ﬁo(cmu).

The processes of substitution and fresh plotting are repeated until con-
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' -0 . . = =
stant values of D (cm,) are obtained. From these Do(cm') data the diffe-
rential diffusion coefficient D can be calculated, since Equation (263)

or {264) is readily differentiable to give

— f__D—:-a .
b=D +C 7 (268)
' = D%+ 4 c@i N 269
ot b = D74 3k a7 | (269)

The diaphragm cell integral diffusion cocefficients for the three
aqueous amine systems are given in Tables 25-27. Values.of cp' and ¢ n
were calculated. To obtain approximated values of ﬁo(cmn), values of |
D vs ¢y were blotted. Curves were extfapolated to the Nernst Limiting

values calculated from Equation (201). These.are

it

D° = 2.002 x 107> for monoethylamine at 25°C

1.640 x 1073  for diethyiamine at 25°C

=1.192 x 107°

for triethylamine at 17°C

The graphs of D against ¢y are similar to the plots of Bo(cm') VSs. Cot
shown in Figures 29-31. From these last plots values of ﬁo(cmn) and
accordingly 5O(cm1) were determined. In all cases,_thréeiseries of
approximations are sufficient to give constant values of 50 of Equation
(267). Values of i%gr were computed from these figures. By using Equa-
tion (268), the differential diffusion coefficients were calculated.
Tables 28-30 summarize the nécessary quantities from which the values bf

D were derived. In Figures 32-34 graphical presentation of differential

diffusion coefficients as functions of concentration are given.
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.657

.3670

TABLE 25

Integral Diffusicn Coefficients for Aqueous Monoethylamine Solutions

at 25°C

C2 =0
c c c c.1. c 1 t D x 105

1 3 4 m m P
in o::m-2 in sec in cmzsec"1
0.1130 0.0836 0.0338 0.0983 0.0169 0.3840 171780 1.245
0.2589 0.1934  0.0745 0.2262 0.0373 0.3802 168300 1.216
0.4411 0.3277 0.1280 0.3840  0.0640 0.3790 175440 1.192
0.7840 0.5916 - 0.2173 - 0.6378 0.1087 0.3775 169560 1.156
1.334 1.020 0.355 1.177 0.178 6.3750 166200 1.116
2.270 1.740 0.598 2.005 0.299 0.3742 172860 1.062
3.490 2.725 0.889 3.108 0.445 G.3734 166260 1.009
4,680 3.683 1.116 4.182- 0.558 0.3718 165840 0.974
5.404 4,206 1.351 4.805 0.676 0.3848 174120 0.952
5.929 4,632 1.470 5.281 0.735 0.3713 180480 0.938
7.200 ' 5.776 1.633 6.488 0.817 0.3706 165720 0.900
8.598 6.845  2.029 7.722 1.015 0.3695 176160 0.890
9.749 7.827 2.261 8.788 1.132 0.3690 170280 0.894
11.366 9.123 2.688 10.245 1.344 0.3685 169140 0.913
12.639 10,306 3.087 11.473 1.544 0.3675 161280 0.904
©13.966 11.234 3 12.600 1.829 0 159720




TABLE 26

Integral Diffusion Coefficients for Aqueocus Diethylamine Solutions
at 25°C

c, c3 C‘:. Cp C, '8 . D xll o
n e on §0C b Crsec
0.1072 0.0761 0.0345 0.0916 0.0173 0.3530 283740 5.45
0.2042 0.1522 . 0.0575 0.1782 0.0288 0.3419 247800 9.09
0.2045 0.1511 0.059%6 0.1778 0.0298 0.3526 252720 9.03
0.3488 0.2552 0.1036 0.3020 0.051¢8 0.3494 275220 8.70
0.3530 0.2592 0.1033 0.3062 0.0517 0.3512 268560 8.67
0.5478 0.4130 0.1491 0.4805 0.0746  0.3477 255180 8.22
0.6329 0.48%%  0.1572 0.5614 0.0786 '0.339%9 228840 8.27 .
0.8054 0.6086 0.2172 0.7068 0.108%6 0.3472 261840 7.93
1.1669 0.9607 0.2250 1.0638 0.1225 0.3457 176760 7.51
1.2246 0.8912 0.3670 1.0581 0.1835 (©.3382 336840 7.46
1.6415 1.3812 0.2848 1.5514 0.1424 0.3357 168600 7.13
1.7005 1.3336 0.3%80 1.5196 0.1990 ¢.3535 239640 6.99
2.1438 1.8210 0.3533 1.9824  0.1767 0.3345 170160 6.66
2.6555 2.0181 0.7120 2.3419 0.3560 £.3305 355740 6.07
3.3078 2.6109 0.7786 2.95%4  0.3893 0.3284 327900 5.49
3.882 3.107 0.848 3.495 0.424 0.3266 329340 5.03
4,628 3.820 0.915 4,224 0.458 0.3230 315680 4,57
5.387 4,452 1.070 4,920 0.535 0.3215 355500 4,07
6.207 5.079 1.283 5.652 0.642 0.3197 398040 3.83
6.965 5.917 1,270 6.441 0.635 0.3167 344400 3.77
7.724 6.635 1.365 7.180 0.683 0.3152 325200 3.73
8.480 7.522 1.305 8.003 0.653 0.3139 255960 3.87
5.225 8.137 1.645 8.681 0.82 0.3452 244080 4.17
9.555 8.465 1.884 9.010 0.924 0.3444 241380 4,49




TABLE 27

Integral Diffusion Coefficients for Aqueous Triethylamine Solutions

153

at 170C
¢, = 0
I c i g ) ‘(ID5
C i C3 4 » C mu 2 . ‘
o e on sec on emoseoc!
0.0754 0.0532 0.0241 0.0643 - 0.0121 0.3645 405000 6.45
0.1001 0.0847 0.0163 0.0924  0.0082 0.3665 = 161400 6.26
0.1948 0.1491 0.0510 0.1720 0.0255 0.3647 322200 5.8%
0.4572 0.3510 0.1132 0.4041 0.0565 0.3622 326700 5.53
0.6500 0.5060 0.1538 0.5780 0.0769 0.3616 323700 5.24
0.9192 0.7396 0.1950 0.8294 0.0975 .0.3611 312060 4,64
1.1047 . 0.898% 0.2226 0.9518 .~ 0.1113 °'0.3605 325860 4,17
1.3837 1.1146  0,2925 1.2491 0.1462. 0.3650 = 409680 -3.48
1.5644 1.2815 0.3090 1.4230 0.1545 0.3646 423180 3.08
1.5989 1.3295 0.2927 1.4642 0.1464  0.3598 403680 2.98
2,18690 1.9468  0.25580 2.0664 0.1280 0.3587 314640 2.28
2,906 2.718 0.226 2.812 0.113 0.3583 254280 1.69
3.658 3.415 0.282 3.537 0.141 0.3580 318600 1.36
4.416 4,204 0.246 4,310 0.123 0.3575 350620 1.22
5.071 4.776 0.351 4,924 0.176 0.3571 329280 1.16
5.804 5.534 0.333 5.669 0.167 0.3562 256740 1.20
6.330 6.042 0.360 6.186 0.180  0.3555 242520 1.25
6.984 6.641 0.487 6.812 0.244 C.3549 268860 1.33
7.213 6.972 0.471 7.093 0.236 ~ 0.3543 158700 1.85




Figure 29. b° vs. ¢ for Monoethylamine in

Aqueous Solutions at 25°C.
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Figure 30. b° vs. ¢ for Diethylamine in

Aqueous Solutions at 25°¢C.
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Figure 31. D wvs. ¢ for Triethylamine in

Aqueous Solutions at 17°C.
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TABLLE 28 |

Integral Diffusion Coefficients for Runs of Vanishingly Short Duration and
Differential Diffusion Coefficients for Monoethylamine in Aqueous Sclutions

at 25°C
, s - 5 D° 5
c=C, ¢ » Dl %10 Dle,)¥ 107 ¢ %E’” ° D x10°
in cmzsec_1 in cmzsec"l in cm’zsec‘1 in cmzsec—l
0.0983 0.0169 1.252 1.285 -0.025 1.227
0.2262 0.0373 1.226 1.275 -0.036 1.190
0.3844 0.0640 1.204 1.265 -0.049 1.155
0.6378 0.1087 1.172 1.251 -0.059 1.113
1.177 0.178 1.134 1.234 -0.080 1.054
2.005 0.29¢ 1.085 1.216 -0.099 0.986
3.108 0.445 1.035 1.1%94 -0.114 0.921
4,182 0.558 1.001 1.17¢ -0.128 0.873
4,805 0.676G 0.933 1.169 -0.136 0.847
5.281 0.735 0.970 1.165 -0.145 0.825
6.438 0.817 0.932 - 1,158 ~-0.106 0.826
7.722 1.015 0.923 1.144 - =0.046 0.877
8§.788 1.132 0.925 1.137 0.035 0.960
10.245 " 1,344 0.940 1.122 0.169 1.109 .
11.473 1.544 0.967 1.109 0.377 1.34¢4
12.600 1.829 1.051 1.093 - - '




Integral Diffusion Coefficients for
Differential Diffusion Coefficients

TABLE 29

Runs of Vanishingly Short Duration and
for Diethylamine in Aqueous Solutions

at 25°C
-y 2 V ° g
C=¢C., C » Eo(cm')"’os‘ Df‘m",)"”o ¢ G:T% x10 - D ¥ ja°
on em' s o em sec! in crtsec” on ¢t sed!

0.0916 0.0173 0.957 1.011 -0.052 0.905
0.1782 0.0288 0.923 0.995 -0.060 0.863
£.1778 6.0298 -0.918 0.995 -0.060 0.858
0.3020 - 0.0518 0.889 0.979 -0.068 0.821
0.3062 0.0517 0.886 0.979 -0.070 0.816
0.4805 0.0746 0.845 0.9567 -0.083 " 0.762
0.5614 0.0786 0.846 0.963 -0.087 0.759
0.7068 0.1086 0.816 0.945 -0.095 0.721
1.0581 0.1835 0.776 0.917 -0.115 0.661
1.0638 0.1125 0.771 0.942 -0.115 0.656
1.5114 0.1424 0.733 0.928 -0.142 0.591
1.519¢6 0.1991 0.726 0.913 -0.142 0.584 .
1.9824 0.1767 0.689 0.919 -0.203 0.486
2.3419 0.3560 0.647 0.872 . ~0.230 0.417
2.959 0.3893 0.591 0.867 -0.254 0.337
3.495 - 0.424 0.547 0.862 -0.262 0.285
4,224 0.458 0.500 0.854 -0.262 0.238
4,920 0.535 0.454 0.840 -0.236 - 0.218
5.652 0.642 0.433 0.826 -0.180 0.235
6.441 0.635 0.416 0.827 -0.086 0.330°
7.180 0.683 0.415 0.820 - 0.021 0.436
8§.003 0.653 0.423 0.825 0.191 0.614
8.681 0.823 0.453 0.86G0 0.639 1.092
9.010 0.942 0.484 0.787 - =

n

co
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Integral Diffusion Ccefficients for Rums of Vanishingly Short Duraticn and
Differential Diffusion Coefficients for Triethylamine in Aqueous Solutions

—

N U S RNWLWRNNMEHMENOOOO OO O

1 D° 6
c=c, < . DL, <o 57'%")’”06 ¢ rf{"?“’v"oé D x /0
on e 22! in crmiond! - in ortsec on omisec”
.0643 0.0121 6.61 7.27 -0.48 6.13
.0924 0.0082 6.36 7.38 -0.51 5.85
L1721 0.0255 6.04 7.15 -0.5¢ 5.45
L4041 0.0566 5.69 6.64 -0.65 5.04
.5780 0.0769 5.41 6.50 -1.14 4.27
.82%4 0.0975 4,84 " 6.35 -2.08 2.76
.9518 0.1113 4,40 6.25 ~-2.52 1.88
2491 0.1462 3.79 6.10 -2.80 0.99
L4230 - 0.1545 3.40 6.05 -2.66 0.74
4642 0.1464 3.29 6.10 -2.63 0.66
.0664 0.1280 2.52 6.17 -2.19 0.33
,812 0.1130 1.87 6.25 -1.67 0.20
.537 0.1411 .1.55 6.10 -1.15 0.40
.310 0.1232 1.36 6.23 ~0.58 0.78
.924 0.1757 1.33 5.95 -0.16 1.17
.669 0.1667 1.34 6.00 0.3¢9 1.73
.186 0.1798 1.39 5.95 0.77 2.16
.812 0.2435 1.49 5.82 1.19 2.68
.093 0.2355 1.98 5.83 - -




Figure 32. D vs. ¢ for Monoethylamine in

Aqueous Solutions at 25°¢C.
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Figure 33. D vs. ¢ for Diethylamine in

Aqueous Sclutions at 25°C.
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Figure 34. D vs. c for Triethylamine in

Aqueous Solutions at 17°C.
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V DISCUSSIiCON

T

Japor Pressure Measurements

-

V.A Thermodyanamic Consistency in

The partial vapor pressures of amines and water, and hence the acti-
vity coefficients in Tables 13, 14 and 15 were derived from the total va-
por pressures and liquid-vapor equilibrium cowpesitions, assuming the
validity of Dalton's law,. Since the activity coefficients of the two
éomponents in a binary system are related to each other through the Gibbs-
Duhem equation, the internal consistency of the activity coéfficients can
be checked. From the activity coefficients of amines in.these tables,
yalues of water activity coefficient for these systems were calculated
by means of the Gibbs-Duhem equation, and compared with the values pre-
viously obtained. 1In allncases the average deviations are in the order
of +1%, and this is about the uncertainty of the experimental measure-
ments. For the systemé: ‘diethylamine-water and friethylamine-water,
large deviations arise where the mole fractions of amine are higher than
0.8 or‘0.9, where the partial vapor pressures of water are low. TFor
example, a difference in 6% is found in concentrated solutions of diethyl-
amine and trieﬁhylamine having mole fraction 0.95. In view of the de-
creasing relative accuracy with which partial pressures of water can be
determined in this range, the results in vapor pressure measurements ‘in
‘general are consistent and satisfactory.

V.B Comparison of Results in Vapor Pressure Measurements and Derived

Thermodynamic Quantities

1. Monoethylamine-Water at 25°C

a. Vapcr Pressures

Vapor pressure measurements for the system monoethylamine-water re-

~ported in literature are scanty. Butler(1l7) determined the partial pres-



TABLE

. A Comparison of the Partial Pressures
Dailey and Felsing(llS} with the Data

ook
o
I~

31

of Monoethylamine According to
of This Investigation at 25°C

?: 4% Partial Pressure in mm Hg
Mole Fration Amine Dailey and Felsing(llg) This Work
0.01 4.5 4.4
0.02 9.1 3.8
0.03 13.7 13.2
0.04 18.3 17.9




Excess Chemical Potential

Monoethylamine

TABLE 32

165

¥

~ *
and Excess Free Energy of Mixing Xy Moles of

, * . o
and(/-—Xs) Moles of Water at 25°C

E
* Excess Chemical Potential E
7(5 in Cal. G
Mole Fraction Amine Water Excess Free Energy
Amine of Mixing in Cal.
0.00 - 0 0
0.01 -828 0 -5
0.02 -514 4.1 -6
0.03 -522 1.4 -14
0.04 -516 7.5 -13
0.05 -499 10.9 -14
0.06 -482 7.5 -22
0.07 -458 -2.0 -34
0.08 =441 -6.8 -42
0.09 ~422 -8.2 ~46
0.10 -385 -10.9 -48
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sure of monoethylamine at 25°C for a very dilute solution with mole frac-
tion of amine lower than 5 x 10"4, by bubbling dry air through the solu-
tion, condensing the vapor carried over and determining the concentration
of solute in the condensate. By a similar method, Dailey and Felsing(lls)
measured the partial pressures of monoethylamine in aqueous solutions in
the mole fraction range of amine from 0.004 to 0.04 at 25°C. From the
latter results, values of partial pressure of amine at rounded concentra-
tions were obtained and compared with values from my work in Table 31.
There is agreement within 3% on the average between these two sets of

" data.

b. Excess Chemical Potentials and Free Energy of Mixing

The excess chemical potential of component i,/af , and the excess

free energy of mixing GE are given by the expressions,

uE = erh‘{; (270)

¥ ¥* * *
GE = X RTAdf, *+ % RT‘/”‘fB (271)

and
From the activity coefficients in Table 13, values of the excess quanti-
ties were calculated and are given in Table 32. Since no data on the
heat of mixing exist for this system, nor sufficient data on vapor pres-
sure for an evaluation of the temperature coefficient, the excess entropy
of mixing cannot be computed.

2. Diethylamine-Water at 25°C

a. Vapor preésure of pure diethylamine

The vapor pressure of diethylamine was found to be
238.8 mm Hg at 25°C in good agreement with the value 237.2 mm of Bolas(llg).
Pohland and Mehl(lzo) made six measurements from -41°C to 21°C and estab-

lished an analytical expression for the amine. This equation gives a

°
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TABLE 33

A Comparison of the Partial Pressures of Diethylamine According to

. 4 . 1 . ’ - e s
Dailey and FeL31ng(l“8) with the Data of This Investigation at 25°C

oM

X 45 Partial Pressure in mm Hg

Mole Fracticn Amine ' - Dailey and Feleing © This Work
0.01 ' 9.3 9.0
0.02 ) 18.5 17.7

0.04 ' 36.8 33.5
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Figure 35, Excess Thermodynamic Functions for the

(0]

System Diethylamine-Water at 25 C.
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value 235.5 mm at 25°C.  Static and dynamic measurements by Copp and
Everett (121 in the temperature range 15°C to 55°C gave by interpclation

L (1223

a value at 25°C of 235.7 mm Hg. Bittric carried out a series of
measurements from 21°C to 96°C which lead to a value of 234.0 mm at 25°C.
My value is thus about 3 mm or 1.3% higher than the average of other

workers.

b. Total Vapor Pressures of the System Diethyvlamine-Water

The only work in the literature on total vapor pfessure measure-
ments of diethylamine—water ig due to Copp and Everett(lzl). Their ex-
periments were conducted at 56.80°, 49.10° and 38.35°C. I attempted to
extrapolate to ZSOC, but the result was not satisfactory, because the

plot of log p against reciprocal temperature did not give a smooth curve.

c. Partial Vapcr Pressures of Diethylamine-Weter

8)

— e

Using the same method as for monoethylamine, Daley and Felsing(1
obtained paﬁtial pressures of diethylamine in the dilute concentration
region. Tﬁeir higher values at rounded concentrations are compared with
mine iﬁ Table 33. The average discrepency is 6%.

d. FExcess Thermodynamic Functions

The excess chemical potentials and free energy of mixing were cal-
culated by means of Equations (270) and (271). The only available heats
.o e s . S S 4o 121

of mixing for this system at 25°C are those of Copp and Everetft .
Using their figures, the excess entropy of mixing was calculated. Since
the accuracy claimed for the heats of mixing is about 4%, I estimated
the derived entropies to have about 5% uncertainty. These excess func-

tions are shown in Table 34 and are presented graphically in Figure 35.

3. Triethylamine-Water at 17°C

a. Vapor Pressure of Pure Triethylamine

,Lattey(lZB) gave a value 50.4 mm compared with a lower value 46.7 mm



N

in this research. The werk of Pohland and Mehi (120) resulted in & higher
value, 53.2 . Thompson and Linnett's analytical expression gives 47.9
mm in closer agreement with my value. Intrerpnclation from Kohlexr's re-
sults(lzs) at 0°, 10° and 18°cC vielded the same value as mine. Copp and
Everett(121) summarized their findings in an expression, viz., Equation
(2) in their publication. This equation gave 308 mm at 17°C and mﬁst
therefore be misprinted. Fortunately the vapor pressure of pure tri-

ethylamine in association with the total vapor pressure measurements for

9, 49,600 and 64.85°C by Copp

tn

the systeﬂ triethylanine-ethanol at 34,8
and Everett produced a straight line relationship when the logarithm of
pressure was plotted against the reciprocal of absolute temperature.
Extrapolation of this straight line led to 46.2 mm at 17°C. A series of
measurements in the temperature range 13.530 79.12°C by Krichevskii
et g;.(126) gave 45.3 mm at 25°C. Bittrich( deduced a vapOr pressure-
temperature relation from experiments in the high temperature range, 50°
to 59°C. This predicts 46.4 mm at 17°C, sufficiently close to my valué.

(127
(127) measured the vapor pressure of the

Recently, Christie and Crisp
amine in a higher but more narrow temperature range. The only presenta-
tion is in condensed graphical form which does not warrent a satisfac-
tory extrapolation to 17°C. However, it suffices to say that within
agreement with the majority of the above mentioned sources, the genpral
correctness of the wapor pressure of trletﬁylamlne in this work has been

established.

b. Total Vapor Pressures of the System Triethylamine-Water

The total vapor pressures for this system over the entire concentra-

tion range were investigated by Lattey(123) at 160, 189, 20° and ZZOC,

by Roberts and Mayer(128) 4t 0°, 13°, 16° and 18°C, and by Rohler (125)
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"TABLE 36

Comparison of Liquid-Vapor Equilibrium Compositicns for the System

Triethylamine-Water at 17°C

3ty
* s
Xg Mole Fraction Amine

in Vapor

Mole Fraction Amine

in Liquid RoBerts and Mayer(lzs) This Work
0.05 0.742 0.729
0.10 0.742 0.732
0.20 C.742 0.735
0.30 0.743 0.737
0.40 0.748 0.740
0.50 0.752 0.742
0.60 0.758 0.748

17
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at 00, 10° znd 189C. Krichevskii EE.E£'<120) also made measurements be-
low 0.08 mole fraction of amine in the.range 10° to 25°C. Values for the
total vapor pressure at 17°C énd at rounded concentrations were obtained
by interpolation and are compared with this research in Table 35. Lattey's
results are consistently higbet than mine by an average of 1.8 mm, but
Kohler's are consistently lower by 1.1 mm. ZXKrichevskii's vapor pressures
atrlow concentrations differ from mine by 1 mm on the average. However,
there is very good agreement within 0.3 mm,on the average, between the
set of vapor pressures by Roberts and Mayer(128), and that obtained in
my work. Roberts anﬁ Mayer felt that_Lattey's higher readings were pro-

bably due to a less complete removal of air.

c. Liquid-Vapor Egquilibriuvm Compositions and Partial Vapor Pressures

The only experimental liquid-vapor equilibrium compositions in the
‘literature for this system are thcse of Roberts and Mayer(lzg) at 09, 130,
16° and 18°C. Values at 17°C were interpolated and are listed in Table
36. The vapor compositions in terms of amine determined by me are lower
than tﬁeirs by an average of 1.3%.

Partial pressures, calculated from total pressure data and liquid-
vapor equilibriﬁm compositions of Roberts and Mayer at 17OC, are given
in Table 37. Latte§<123) and Kohler(lzs) resolved their total wvapor
pressures into partial pressures of components by an approximation pro-
cess on the basis of the Gibbs-Duhem equation, Dalton's law and the assum-
ption of ideal gas behaviour. Interpolation c¢f their partial pressures
gave the values at 17°C in Table.37. The discrepency between Roberts
and Mayer's and my work is mainly due to the differences in the measured
1iquid—vapor equilibrium compositions, since both sets of total pressures

are almost identical. The partial pressures of aminge according to Lattey



are higher, and those of water are lower, compared with my work. This is
because a higher value for.pure amine and & lower value for pure water
were .employed by them in carrying out the anproximation procedure to ob-
tain the partial pressures for the mixtures. Although XKohler's total
pressures in general are lower than mine the measured vapor pressure éf
pure water is much higher than>that I have adopted from a better estab-
1ished standard by Keyes(lle). As a result, Kohler's partial pressures
for water are higher and those for amine are lower in comparison with all
other work. There is no doubt, however, as to the internal consistency
of the partial vapcr préssures, as given by Kohler as well as by Lattey,

for this system.

d. FExcess Thermodynamic Functiors

UsingAthe activity coefficients of Table 15, the excess chemical po-
tentials znd free energies of mixing were éomputed. The heats of mixing
for this system at 10°C were derived by Rohler (125) by differentiation of
"his vapor pressure data at 09, 10° and 18°C. Copp and Everett (121) mea-
sured directly the heats of mixing at 15°C. Matizen and Rustova(129) re-
peated these measurements, at the same temperature, but principaliy in
the low triethylamine concentration region. The most recent work at 15°C
is due to Betrand et gl.(130). I believe this work gives the best ther-
mal data presently évailéble for this system over the full concentration

range, judging from its internal consistency, the scattering of points

and the better accuracy claimed, By incorporating the heats by Betrand

et al. at 15°C for 17°C, values of excess entropy of mixing were calcula-

ted. Table 38 gives the excess functicns. Figure 35 shows the relation
between these quantities. Since according to Betrand the estimated maxi-

mum uncertainty for the heats is 10 cal. per mole and 1% uncertainty in

~J

[e)Y
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Figure 36. Excess Thermodynamic Functions for the

System Triethylamine-Water at 17°C.
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activity ccefficients causcs another maximum difference about 6 cal, per

mole in the resulting excess chemical potentials, the calculated excess

g
entropies and T35 are believed to be accurate within 0.05 entropy units

and 16 cal. respectively,

4, General Discussion

All these systems exhibii nonideality on mixing. The activity co-
efficients of monoethylamine. calculated from the partial pressures, be-
low mole fpéction of amine XZ= 0.1, are less than unity. A comparison of
the total vapor pressure curve with that of ideal behaviour, shown in
Figure 10, shows that negative deviation existsvbelow mole fraction of
amine of about 0.65; aboﬁe this, there is some evidence of positive de-
viation. The cther two systems show positive deviations from the ideal
vapor pressure curve in Figures 11 and 12. The behaviour of triethyl-
amine-water 1s much more pronounced, The total pressure rises sharply to
¥ #*
x,= 0.03 and reaches a plgteau with small slope in the region x = 0.03
and 0.85. This is consistent with the characteristics cf systems having
lower cfitical solution temperatures. For ﬁartial miscible liquid at
temperatures slightly higher than the critical temperature, it is thermo-
dyvnamically necessary that each of the two phases, at equilibrium must
have.thé same chemical potentials. The partial preséures for each com-
ponent are identical, and hence the ;otal pressures are equal., The misci-
bility gap may extend to cover a.wide concentration range. As the tempe-
rature decreases to the critical temperature, the partial pressures are
coastant over a wide range of composition. It is experimentally found
that this feature persists more or lesé even if the temperature is further
lowered by 1 cr 2 degrees, as demonstrated in Figure 12 for triethylamine-

A
water, which has a lower critical temperature at 18.300(140). For di-



ethyleamine-water which has 2 lower critical temperature around 14006(121),
the equality of wapor pressure does not persist at room temperaturé.

The large relative viscosity of amine sclutious and the negative
values cof the heats of mixing, for‘the systems diethylamine-water and tri-

rong molecular interaction

[l

ethylamine-water, are some indications that g

0

4 L. . . .
takes place(13 ), Perhaps this interaction iz best expressed by the ex-
cess entropy of mixing, which i1s a wmeasure of order and disorder. In

both cases, the positive excess free energies of mixing augment the heats
of mixing to give large negative values of excess entropy. These entro-
pies suggest that the amines are hydrated to a considerable extent. Judg-
ing from the magnitude of the excess quantity for both mixtures, the de-
grees of hydration are similar.

C. Diffusion

The graphs of differential diffusion coefficients against molarities
for the amines are shown in Figure 32, 33 and 34. Although the tempera-
tures are not the same, the shapes of the curves bear some similarity,.
in genefal, the diffusion coefficient decreases from moncethylamine to
triethylamine. This is in qualitative agreement with what is expected
from a consideration of the size of the molecule and the viscosity of the
solution, triethylamine being largest and its solution most viscous. The
position of the minimum shifts gradually from about ¢ = 6 to ¢ = 3 or
roughly from m = 10 to m = 4, in going from monoethylamine to triethyl-
amine. It is interesting to note that at their minima the magnitude of

e . R -5
the diffusion coefficients diminishes from about 1 x 10 cm? per sec, of

2 per sec. for diethylamine and to 1 x 107/

monoethylamine to 1 x 107° cm
em? per sec. for triethylamine, and this is very low in comparison with

- a
that usually found, viz., 1 x 10 > em? per sec. This is in accordance at
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least qualitatively with the concepﬁ that the driving force for diffusion
is the gradient of chemical potential or logarithm of activity, as can be
seen by refering to Figures 16, 17 and 18, where the gradient is shown.
Most remarkably, for triethylamine the minimum occurs where the plot of
ln a against ln m is almost horizontal. Also, Krichevskii and Tsekhan-
skaya(131) found the diffusion rate to be very small for triethylamine.

I attempted to fit the experimental diffusion coefficients into the
Hartfey—Crank equation, i.e., Equation (251), in order to calculate the
hydration numbers for the amines. As this equation implies that the
diffusﬁm;entity is amine rather than "aminium" cation and hydroxyl anion,
I did not attempt the treatment for very dilute solutions, for which the

degree of dissociation is more than 2 to 3%. By transforming molarity

d In a
d Inm

lative viscosity were evaluated from Figures 16, 17, 18 and 8. Table 39

into molality as the independent variable, the values of and re-
summarizes these quantities. The Hartley-Crank plots are shown in Figures
37, 38 and 39. The influence of the viscosity factor on the appearance
of the curve is marked; even the sign of the slope changes. From the
straight line portions of these curves, at low concentrations, values of

* o
the intercept, D;A, and the slope, 0.036 (DH20 - h DBA) of Equation (251)

2

© , i.e., the diffusion coeffi-

were obtained. Hypothetical values of DBA’

cient of the amine molecule at infinite dilution are
1.21 x 10—5 cm?/sec for monoethylamine at 25°C
8.9 x 1076 cm?/sec for diethylamine at 25°C
and 6.4 x 1070 cm?/sec for triethylamine at 17°C
By using the self-diffusion coefficient of water, DEZO, (2.43 x 10—5 cmz/

sec at 25°C and 2.01 x 107 cmz/sec at 17°C given by Partington, Hudson

and Bagnall(gz)), hydration numbers for the amines were calculated. In



Data Relevant to the Hartlay-Cranmk Plots

TABLE 39

Monoethylamine at 259G

m D X105
0.3952 1.555
0.6665 1.113
1.195 1.054
2.270 0.986
3.773 0.921
5.481 0.873
6.592 0.847
Dicthylamine at 25°C
0.5033 0.762 1
0.5923 0.759 1
0.7556 0.721 1
1.172 0.661 1
1.178 0.656 1
1.752 0.591 i
1.767 0.584 1
2.410 0.486 2
2.949 0.417 2
4.003 0.337 2
5.092 0.285 3
6.885 0.238 3
7.764 0.218 3

Triethylamine at 17°C

0.4251 0.504 1
0.6191 0.427 1
0.9181 0.276 1
1.071 0.188 1
1.468 0.099 2

5

1.716 0.074
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Figure 37. Hartley-Crank Plot for Monoethylamine at 25°¢.



183

e 1.1 - |

5! &

Ul o ' "\
5 0.9f- ; UNCORRECTED a

g C RN
c7— —

0.5 i l | I i |

MOLALITY



Figure 38. Hartley-Crank Plot for Diethylamine at 25°C,
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3.8 for monoethylamine at 250C

6.0 for diethylamine at 25°C
and 10 for triethylamine at 17°C
Howéver, if the viscosity facteory is introduced into the calculation, the
hydration numbers for mono=-, di~, and triethylamine will be negative,
-1.0, -3.8 and -£.0 respectively. These do not have.any physicél mean-
ing. There is an unknown error introduced by takihg the bulk viscosity
as the viscosity experienced by discrete diffusing molecules. The same
difficulty arises with the effect of viscosity in gonductance.‘ The re-~
lative wigscosity will probably minimize this error if the solution has-a
viscosity very close to that of the solvent, or the solution is very di-
lute, for the deviation from the truth may be cancelled to a considerablé
extent by taking the ratio of two bulk viscosities. This is why in wmany
cases the inclusion of the relative viscosity in theoretical equations
can fit the experimental diffusion coefficients and conductances better.
In higﬁ concentrations, however, where the relative viscosity is much
greater than unity, e.g., the aminé solutions, the inclusion of it as a
multiplying factor does not aégount accurately for the-ﬁrue effect. Judgf
ing from the hydration numbers derived.in both cases, it seems that this
factor over corrects the~theory, despite the fact that it gives the bgst
straight line fit for the diffusion coefficients up to 7 molal, for mono-
ethylamine.

If the viscosity factor is omitted, the equation fits the experi-

mental data within %1%, below 2 m for monoethylamine, within +27% below
1;5 m for diethylamine, and 6% below 1 m for triethylamine. The order

of hydration in this srries of amines is tri di >» mono, in agree-
b



ment with the conclusion of Somerville(lBZ).

(133) on the freezing point

When repeating the work of Pickering
curves of the aqueous amine solutions, Somerville (132) found that the
amines could exist as solid hydrates at low temperatures. The formula
of the hydrates which contained the greatest proportion of water and gave
definite ﬁaxima on the freezing point diagrams were MeNH2'3H20, MeZNH-

7Hy0, Me N-10H,0, EtNH,-5%H,0 and EtzNH'SHZO. The position of triethyl-~

3
amine was not certain. From the thermal analysis of triethylamine-water
over the full concentration range, Kartzmark(134) found that the only hy-
drate which could exist as a solid at low temperature is the dihydrate.
The freezing point curves for which ice is the crystallizing substance

lie below the ideal curve. On the assumption that the deviations from

the ideal curve were entirely due to hydration, Somerville estimated the
relative dégree of hydration for the amines. Although the hydration num-
bers so obtained do not agree with the isolated hydrates, they do give

the same trend of hydration for monoethylamine and diethylamine. For tri-
ethylamine, because the freezing point curve deviates from the normal
course, the calculation was not made by Somerville, but, since the curve
below 1 molal does show a greater deviation from ideal behaviour in com-
parison with mono-, and diethylamine, this is some indication that the
tertiary amine is more hydrated in less concentrated solutions. The hy-
dration of the amine in solution is usually ascribed to hydrogen bonding.
As the bonding is necessarily weak, the loss of stability of the hydrate
in solution, at higher temperature is to be expected. The hydration num-
bers at room temperature will presumably be smaller.

Among the amines, monoethylamine has the highest hypothetical diffu-

sion coefficient at infinite dilution. Examination of diffusion data in
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the literature veveals an incfease’of about 25% in value whea tempera-
ture increases by 10°C. Even with this allowance, the hypothetical di-
ffusion coefficient of triethylamine is still the smallest. This is en-
tirely due to the size difference of the molecules. By regarding the
diffusing entity as 5aminium” and hydroxyl ions, the Nernst limiting
values calculated by using Equation (201) are

2.002 x 1072 cmz per sec. for monoethylamine at 259¢

1.640 x 1075 cm? per sec. for diethylamine at 25°C

5

and 1.192 x 1072 cm? per sec. for triethylamine at 17°C
These are higher than the corresponding hypothetical values. This is due
to the exceptional high mobility of hydroxyvl ion which enters into the

calculation of Nernst limiting values.

D. Disscciation Constants

. . . . . - v/
The dissociation constants obtained in my work are 4.57 x 107" moles

per litre for monoethylamine, 1.02 x 10‘_3 molesvper litre for diethylamine
~at 259 and 4.93 x 10-4 moles per litre for triethylémine at l7OC; TheseA
agree well with the values obtained by Somerville(132), Ablard et gl.(135),>
Everett and Wynne—Jones(136), Evans and Hamann(137), de Ligny(138>, van .

(140) (141)

and Hansson® There is no doubt

Q
der Linde et gl.(13’), Moore
that for this series of substituted ammonias, diethylamine is the strong-
est base and ammonia is the weakest, K = 1.77 x 10-5 moles per litre at
o (142) fe Mgl i ' ;1 . .

25%C . This "abnormal" trend of base strength in aqueous solutions,
di > tri ~ mono > ammonia was interpreted satisfactorily by Palie(143)
According to Palit, since nitrogen is strongly electronegative compared
with hydrogen, the bonding electron pairs in N-H bonds in ammonia will be

drawn closer to nitrogen, and hence the hydrogen atoms will acquire weak

positive charges., Approaching hydrogen ion is attracted by the unshared



pair of electrons but repelled by the three positively charged hydrogen
atoms. As a result of this, ammonia behaves as a weak base. If one or
more hydrogens are substituted by groups, the strength of the resulting
base will depend on three factors, (1) the polar factor or the electron
attracting power of the replacing group, (2) the repulsion factor, i.e.,
the repulsion between the remaining hydrogen atoms around the nitrogen
atom and the approaching hydrogen ion, and (3) the availability of the
unshared pair of electrons as influenced by the steric interference be-
tween the unshared pair and the alkyl group present around the central
nitrogen atom. The first factor which depends on the inductive effect is
known to be very weak with alkyl groups, and hence can be neglected for
alkylamines. The second and third effects act in opposite directions with
ethylamines. For monoethylamine, the approaching hydrogen ion is repelled
only by two hydrogen atoms. This diminution of repulsion causes an in-
crease in the base strength of ethylamine. The increment of strength,

on passing to diethylamine is less, since the compensating steric factor
is increasing. For triethylamine, the steric factor is enough to compen-
sate for the repulsion effect, and a decrease in strength is observed.

It appears that a balance of two opposing factors is reached at the secon-
dary amine which is therefore the strongest base in this series. This

behaviour seems to be common to other series of alkylamine(143).

By using
the correlation between substitutent effects and reaction rates and equi-
libra developed by Hammett(144) and Taft(145), Ha11(146) found that the

secondary amine should be the strongest base in a given series of alkyl-

amines.
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VI SUMMARY

Certain physical properties of the systems, ethylamine-water and
diethylamine-water both at 25°C, and triethylamine-water at 17°C have
been studied experimentally.

’The total vapor pressures were measured by a differential manometer
using mercury as the manometer fluid and water as the reference liquid.
The liquid-vapor equilibrium compositions were determined by isothermal
air saturation methods. The partial vapor pressures, activities and
activity coefficients, calculated on the basis of Dalton's law are thermo-
dynamically consistent. The relevant excess thermodynamic functions were
also obtained.

The densities and relative viscosities were found experimentally.
The conductances of the amines and hydrochlorides in aqueous solutions
were determined. Corrections for the formation of aminium carbonates and
the hydrolysis of the halides were made. By using the Kohlrausch law
and the method of Shedlovsky and Kay, basic dissociation constants for
the amines were computed. The base strength of this series was found to
conform to the usual trend for other series of aliphatic amines.

The diffusion coefficients of the amines were obtained by using
Stokes' diaphragm cell method. The larger the size of the molecule is,
the smaller is the diffusion rate. Hydration numbers and hypothetical
diffusion coefficients at infinite dilution for the amines were evaluated
by using the extended treatment of Hartley and Crank. These values are
lower than the corresponding Nernst limiting values for the reason pf

exceptionally high mobility of hydroxyl ion.
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