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ASSTRACT

Certain physical- properties, viz., densities, relative viscosities,

vapor pressures, liquid-vapor equilibrium composit.ioas, conductances and

diffusion coefficients of the binary systens, monoethylamíne-vrat.er, di-

eËhylamine-\^rater, both at 25oC, and triethylamine-weLer aL L7oC, siightly

belov¡ its lower critical solution temperature, \,,rere investigated e>,:peri-

mentally.

Densities were determined with 0sÊvra1d-Sprengel type pycnometers.

Relative viscosities r¡/-ere obtained by mear's of a Cannon-I¡enske visconeËer.

ToLal vapor pressures vrere measured by a different.ial mano;neter using mer-

cury as the manometer fluid and r^rater as the reference liquíd. l,iqr-rid-

vapor equilibríum cornpositions were found by ísoËhermal air-saturation

method. On the basis of Daltonts 1ar¿ cf partial pressure, ruhich assumes

ideal behaviour in the vapor phase, the partiai pressures, activitj-es anó

activity coefficients were calculated; they rrere shor,¡n to be thermodyna-

mically consistent. All sysËems exhibiE non-ideal behaviour. Negati-ve

deviation from the ideal vapor pressure crlrve exists at low concent.re-

Ëions of monoethylamine; at high concenËrations, there is evidence of po-

sitive deviation. BoLh diethylamine-r^¡ater and t.riethylamine-water shovr

positive devíation. The much more Drorì.ounced nonídeality of triethylamíne-

water was interpreËed in terms of the characteristics of systems having

l-ov¡er critical solution Lemperatures. The positive excess free energies \

of mixing augmenL the heats of mixing to give large negative values of

excess entropy of mixing in both cases; anci Lhis suggests that the ainines,

are hydrated to a consicierable extent, or Ëhat aL least strong molecular

interaction takes place as revealed by the 1-arge relative viscositíes of

amine solutions with respect to either comPonent.
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The conductances of the arnines ir aquecus soiuticns Ìùere neasure.l,

and corrected for the forrnation of carbonates. The conductances of the

hydrochlorides '¡ere found experiinenEal 1-y, and corrected for the effect

of hydrolysis by employing the method of Campbell and Bock. By the

Kohlrausch principle, values of equivalent conductance of the rraminium

hydroxicles" ,,¡ere calculateci. The dissociation ccnstants for these bases

were evaluated accorciing to the method of Shedlovsl..y and Kay. The base

strength of this series of amines in aqueous solutions increases in going

from arr,rnonia, monoethylamine to diethylamj-ne, but a decrease in strength

for triethylarnine is observed. The same Ërend of base st.rength appears

to be common for other series of aliphatic amines.

The diffusíon coefficients of i.he amínes in aqueous solutions r¡rere

obtained experimentally by Stokest diaphragm ceil method. On account of

Ëhe molecular size difference, monoethylamine has the hj-ghest diffusion

rate. In less dilute solutions where electrolytic dissociation can be

neglecLed, treatrnent of the diffusiorr coefficierLts at. moderacely low con-

centrations by the exEended method of Hartley and Crank gave the hypothe-

tical diffusion coefficients for the- amines and sholred that triethylamine

has Ëhe largest hydration number. The inclusion of the l¡iscosity factor

inËo Ëhe same ËreatmenL led to the same hypothetical diffusion coefii-

cíents, but to negative hydration numbers, and this has no physical mean-

ing. The hypothetical diffusion coefficients at infinite dilution de-

crease in goíng lrom mono- t.o triethylamine, and are lorver than the corres-

ponding NernsË lirniting values, calculated on the basis of aminium cation

and hydroxyl anion a-* a vrhole, for the diffusing entity.
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Tê3,T-E OF SYI'IBOLS

A Debye-Hl-lckel constant defined by Equation (79).

A effective cross-sectíonal area of diffusion cell- diaphragin

A special funcrion of 3 in Equation (14S) .

A ernpirical constant in Kohlrausch equation.

At empirical constanE. in Lattey conductaÌice equation.

aA, "8, 
ai activity of ruater, amine and cornponent i respectively.

aL, ^Z 
cationic activiCy and anÍonic activit).' respectively.

a1(c) , a, (c) cationic activity and anionic activit;i associated r,;ith

molarity seale.

at (m), a^ (m) cationic activity and anionic açtivity associated with-¿
' molality scale. .

a1 (r:) , ar(x) cationíc activity and anionic activity associated with

mole fraction scale.

^! 
stoichiometric mean ioníc actívity of elecËrolyte definecl by Equa-

' Ëion (27).

a*(c), aa(m), ar(x) stoichiouretric mean ionic activities associated

wiËh molaríty, molality and mole fraccion scale respectively.

ri, ^L, "; actir¡ity of free aminium catíon, hydroxyl aníon and free

amine respectively.

3 distance of elosest approach of tr,¡o oppositely charged ions in

Angstrom units.
tl

B Debye-Huckel constant defined by Equation (80).

B special function of I in Equation (150)

81 consËant in Onsager equaticn, defined by Equation (L17).

BZ consLant in Onsager equation, defined by Equation (118).

3' empirical constant in Equacions (119) and (LzO).



b empirical cons;ant in Equations (85) and (88).

b special constan! defined by Equation (146)

c empirical constant in Equation (86)

": .B stoichiometric mo1-arity and of solute B respectively.

"i 
stoichiometric nean ioníc molarity.

c1 5 c* c. mola::ities of cation, anicn ar¿<i ion j respeclively.
LLJ

cl, "Z 
initial concentrations in a <iÍffusion run.

.3, "4 final ccncentrations in a <iiffusion run.

ct, ctt concentrations cf the more concentrated sclution and iess con-

centrated solution respectively, at any tíme during diffusion ex-

perimenE.

i. molarity of "aminium hydroxidert or t'.Ä:ninefHr0'.', icientical v¿ith c.

"q,, "r",, arithmatic mean concentration of the more concentrated solu-

tions, and of the -1-ess concentrated solutions respectively, in a

diffusíon experiment.

c molaritv of amine correctecl for the formation of carbonate.corr

D dielectric ccnstant.

D diffusion coefficient.

D Empirical consLant in Equaticns (Lzl) and (L25).

D1, D2, O3 empirical constants in Equatíon (126).

Do limiting value of diffus j-on coefiici.ent.

OiZ hypothetical diffusion coefiicient of icn pai:: at infinite dilution.

Ofu, oi' self diffusion coeffícients of A in pure A and B in pure B

resPectively.

O"rO Lracer diffusion coefficient of r,/aLer.

D?* diffusion coefficient- of A at infinite dílution in pure liquid B.
AB

Dt, DI, D; mutual diffusion coefficients of A and B. in Hartley-Crank

Ëheory



DÅ, Ol intrinsic diffusion coefficient of A and B in Hartley-Crank

theory

D integral diifusion coefficienc

D(t) Avera3e valrre of diffusion coefficienL ruith respect to concentra-

Èíon over concentration range c' ro c'l prevaii-ing in experiment.

' ño(") inregral diffusion coefficient obËained in a run o'f vanishingly

shorL duration rvith initial concentrations c and zero on opposit-e

sides of diaphragm.

d, do densit.ies of solution and solvent respectively.

E eiecËrical field strength.

E pre-Log c constant in conductance equation, identical with (¡fÆ +

Eù.

El, EZ special functions defined by Equations (140) and (141) respectir.'e1y.

Et, Ej special. constants in Equation (148) sj-rnilar to E and E1 respec-
I

Ëively

Ei(t) ,specÍ-al integral defined by Equation (154).

F conductance function defined by Equation (131).

g Faraday.

f(a) Fuoss function defined by Equation (170)

Fl, FZ force exerted on cation and anion respecLively.

f^ rational activity coefficient of vraËer.

fi , f; activity coef f icienl of r,/ater and amine respectivel-y, in tire con-

vention for binary mixtures.
i
1+ stoichiomeLríc mean ionic raLional actívity coefficient..

fi true mean ionic rational activíty coefficient.

Io activity coefficient of solvated B in the extended Hartley-Crank
¡g

theory.
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Í activity coefficient of solvent tTat.er in liquid mixtures of waterJ¡

and ttaninium hyCroxidett.

T
l*U mean ionic activity coefficj.ent of rraminium hyriroxideÍ assocíated

with mole- fraction scale

f1, fZ ratior-ral cationic and anionic acti-¡iLy coefficients respecti..rely.

G, 6E Gibbs f'ree energy, and excess Gibbs free energy of mixing respec-

tivelY.

AG, AGidu"l free energy of mixing, and free energy- of mixing for

ideal solutions respectively.

g rational csmot.ic coefficient of I,rater

H, HE enLhalpy, and excess heat of mixing respectively.

A, H, ÀHíd."l enthalpy 'of mixing and enihalpy of mixing for ideal-

solution respectiveiy.

h hydration mrrnber

h(b) special function of b defined by Equation (145).

I molar ionic strengËh, tf ,¡Zi

I* mola1 ionic strength, äE^rZi
J identical wíth ( q Ñ + A-z) in EquaËion (142) .

J function ot 3 in EquaËions (L32) and (L4g) .

J, J(t), JA, JB flux, time-dependent flux, flur of A and B per unit area

respectively.

K dissociation constant.

K assocíation consLant.
A

KF dissociation constant obtained by using Fuoss method.

KS dissociation constant obLained by using Shedlovsky nethod

\, hytiroLys is constant .

ç ion producË of water
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k Boltzmann constant.

k constant defined by Fquatiou (75)

Ut constant defíned by Equatíon (66).

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

Lively

L funcÈíon o¡ 3 in Eqúation (i4q)

L.o* specific conductance of solute corrected for the specific con-

- <iuciance of solvent

1 effective avêrâge length of diffusion ceil pores.

NLvyXv2, MrriXrr2 forn'rulae for the original solute anci aggregate respec- 
.

tively.

m, mB, mi molality, molality of B and of solute i respectively

mi, m2 cacioníc molality and anionic molality respectively.

*LZ 
. 

concentration of aggrega.te in r,roLality scale

ii, 
*å true caËionic mola1-ity and anionic molatity.

rt stoichiometric mean ionic molality.

ñ moLality of "aminium hydroxid.e" or 'rA:nine{-}I2C'r defined by Equation

(s4) .

N normality.

N Avogad:o nunber.
d

n number of ions per ml of solution.

nA, nB, ni numbers of moles of solvent A, solute B and conponent i res-

pect,ívely.
tln

O(c''') special function appeared in Equation (133) .

P6r Pg Partial vaPor pressures of A and B respectively
ôOpi, p; vapor pressures o,f pure A and B respectively.

v. 9.
a = !r'ir-

l-x



q special constailt Cefineci by Equation (1f5).

R gas constant.

T ratio cf hard spherical- volume of hydrated electrolyte to that of

solvent Iùater irr Glueckaufrs equatíon.

r- crystallographic radius of anion.

S, 5' enËropy, and excess entropy of ntixing respectively.

À S, Á Sidu"l entïopy of mixing anci entropy of mixing for ídea1 soiu-

tion respectively

S theoretical limiting slope in l-'uoss-Onsa.ger conducta¡rce equation.

51 specia.l function defineC by Equation (156).

S? Falkenhagen coeffícient.

S(t) Shedlovsky lunction defined by Equation (176).

T absolute temperature.

Tt special function defined by Equation (153).

t time.

tl , ú cationic and anionic Èransference nunbers at infini'¿e diLutioir

respecLively.

ú, , ú2, út? absolrrte rnobilities of cation, aaíon and ion pair or neutral

molecule respecLively.

V, VE volume, anci excess volume of mixing respectively.

À V, A Vid..l change in volume on mixing anC change in volume on mix-

ing for ideal solution respectively.

Vt volume sr"'ept by moving plane Q of unit area in Figure 1.

VA, VB partial mo1a1 volurnes of A and B respectively.

Vl, V2 volume of diffusion ceil compartmencs associated with the more

concenLraËed solrrt.ion and the less concentratecl solution respec-

Ëive1Y.



V+ apparent ioiric volume of cation.

ú ionic velocity in diffusion.

lr veLocity oE light i-n Equation (L27)

IüB molecular weight of B.

I coordinate.

7A., XB mole fraction of r,/ater and mole fraction 'of electrolyte defined

by EquaËions (B) anci (29) respectively.

xl, Xf, nole fractíon of rqater and mole fraction of amine in the conven-

Ëion for binarl, 1-iquid mixtures-.

V^ , iU mole fraction of \.,rater ,and mole fracËion of "Anine+II2O" def ined

by Equation (56) respectively.

/L, X2 mole fractions of cation and anion respecti.rely.

Xt sËoichiometric-mean ionic inole fraction

Xi, /; true cationic and anionic concentrations in mcle fraction scale.

a,Yv n*'r vapor êompositions of vrater and arnine respectively.- .^A, nø

,î , *å inole fracticns of solvent and so.lvated solute in e:ctendeci

Hartley-Crank theory.

y ¡eB

:,1t l2 caticnic and anionic activity coefficients associated with mola-

riËy scale respectively

yå activity coefficieni of free amine associated ¡¿ith molarity sca1e.

y, stoichiometric mean ior-ric activity coeff icient associated with,t

molarity scale

yl true Ínean icnic acti'r¡ity coefficient associateci with rnolarity scale.

ti mean ionic activity coefficient of free ttaminium hydroxide" asso-

ciateci with molarity scale.

Z charge on cation or anion for symmetric electrclytes.

X1



ZI, 22, ,j charges on cation, anion and ion j respectively.

7 special function deíineij. by Equation ("7I) .

drdo degrees of dissociatí.i;:1, and at infiníte dilution respectively.

o[r,dz .... degrees oi dissociation obtainecl by fi:sË approxiination,

second approximation, .... respectively.

F diffusion cell constant.
,'

p identical v¡ith ,fL appeared in Equatíon (153).

Tr rlz cationíc and an.'onic actívity coefÍicients associated with mola-

lity scale.

yr'- mean ionic activity coefficient associaLed with moiality scale.

"i 
t.rue mean ionic activity coefficíent ass.ociated r,¡ith molality sca1e.

A penetration distance of t-v¡o opposiËely charge,J ions.

À 1, .A2 electrophoretic ierr.is def ined by Ecuations (206) and, (2A7)

respectively.

E unit charge quantitl'.

,l,rlo"\os viscosities of solution, solvent and pure B respectively.

relative viscosity

¿e Reciprocal of Debye-thickness of ionic atmospheru irr. 8-1,

Ard equivalent conductance and limiting equivalent conductarice res-

pecËively.

Aro, , Ao¡S calculated value and observed value of equivalent con-

ductance' respectively.
l<

A equivalent ccnductance r¿ithouË solvent eorreci:ion defined by Equa-

tion (182).

n,, identical wíth ¡l (1 + Fc).

xl1



Å,i, Ao2 limiti-ag equivalent conducta-rce for cation and anj-on respec-

Ëive1Y '

Â"o* true equivalent coitd.uctance, corrected for hydrolysis effect.

^---^^---- 
equival.ent conductance, uncorrecte,j f or hydrolysis eíf ect.uncorr

)r¡, lr", ¡t, chemical potentials of solvent À, solute E and component i

respectively.

¡"? chemical poten-ial of component i in standard state.

y'rn. - - chemica-l potential of l^rater in ideal solution defined by Equa-
' Aideal

tion 9

,Êo(*"), ,-rfi(r.*) chenical potentíal-s of pure liquirl ancl pure- a:nine resp,ec-

Ë ively

fi, ¡rå("), ¡!{**), ,,,r[(*) chemical porenlials of pu::e v/aLer

ll

/"1, cher¿ical pctential cf waËer vapor aL unit fugacít12.

EE
Fi, l"Ã excess chemical potentials of water and anine respecti.,rely.

J!-tt,,^-, chemical potential in ideal liquid mixturt-s./ l_Gear

fr^ - , chemicai potential of \,rater in ideal iiqui,J mixtures of water
'Aídea1

and ttaminiunL hydroxide" .

FU chemical poËential of rraminium hyciroxide".

ti1, fL, chemical poËentials of electrolyte solutes B and í in the

standard state respectively.
O ,-.

/u;B(x) chemical potential of 'raminium hyd¡e¡aiclef' associated with rnole

fracËion scale i in the standard state.
ot, .

,fi (c) chemical poÈential of free arnine associated l¿ith molarity scale

in the standard state.

pL, pZ chemical potenL.ials of cation and anion respectively.

f?, fZ chemical potentials of caLion and e.nion in the standard state

respectively.

xi ií-



Æ?(c) , ¡tZG) chemical potentials of aminÍunr catíon and hydroxyl anion

associated r¿ith molarity c iir the standard state respectivei-y.

- Y' identícal ivith ( Ù¡ +v¿ ) .

l, , út numbers of caLions and anions produced by dissocial-ion of one

molecuLe of electrolyi:e.

ii rumber of ions produced by dissociation oi one rnolecule of electro-

lyte i

4 ,Í, special functions definect by Equations (143) and (I44) r:espec-

¡_ive1;r

+ practical or mo1al osmotic coefficient.

4i¿""t pract.ical or rnolal osmotic coefficient for an idea,l- solution.

trtæA¡ special function defined by Equation (209)

,f volume fracËion of ions in solution.

(^, degree of hydrolysis.
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I INIRODUCTIO}I

I.A General Significance

The study of reversible as ¡¿el1 as irreversible thermodynamic pro-

perËies of electrolyËe solutions is of greaL importance. The results

no¿ 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-

oent of the general theories, and in Eurn, the improvement of Ëhe methods

by which the free energy functíons and mass t.ransporrs of elecËrolyte

solutions may be studied.

In this r,rork Ëhe methods by which electrolyte solutions have been

studied consist on the one hand of measurements of free energy functíons

or specifically the activity coefficients which are the most ímportant

properties of reversible thermodynamics, and on the other comprise con-

ductivity and diffusion measurements which are direcËly 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 theoríes abouË free energy functions, conducËances and diffusion co-

efficients are given. They are closely related to this work and of gene-

ral interest.

I.B Fundamental Definítions and Relations in Free Energy Functions

L. Basic Definitions

The total free energy of a syst.em is conveniently expressed in terms

of the individual conËríbuËions from all its components. Let subscript

A, B and . . denote the quantities associaËed with the solvenË \,zater



and solut.e species respecii!'e1y; the tocaL f.ree ei,lergy G of tire systerc

at constant temperature and pressure is given by

nøFo+
(1)

where Æi is the chemical potential or paÍtial mo1al free

energ-y of ,componerrl.i, and

n. is Ëhe number of rnoles of component i.

. The chemical potential is made up of contributions from trro terms,

gne of which is ¡t, the same quantity in the st,anciard staLe, signifyíng

from whai arbitrary 1evel Ë1 is to be measured; another,term is RTlna1

in v¡hich ai is the activity of the component, R is the gas constant and

T is the absolute terûperature. Thus, Ëi may be defined as

ll . + RT !/n (2)

It Ís diffícult to assess the absolute values of¡!'s, howevei, it

is not of interest to d.o so. LIe are contented thaL by adopting certain

conventions it is possible to assign numerical values Lo theF?'" rvhich

are consistent among themselves. Since RTlnal is an experimental qr.ran-

Ëity' iç is evidenË that numerical -values of )rL can also be evalueted.

a-. lüater Activity

trtater is a major component in d.ilute aqueous electrolyte solutions

and its mole fraction is seldon much less Ëhan unity. It is a matter of

convention that \^/ater in its pure state is taken t.o be the standard staÈe

having unít activity and unit activity coefficient. According t.o the

Gibbs' criterion, r+hen pure liquid \,rater exists in equilibrium r¿ith its

vapor at pressu-e pi, the chemical potentials of prrre liquid water and

G = n^/o +

= f n,r,

o=#¡ 4.
I



íËs vapor are equal. hlater in solution can also

r¡ith its vapor aL pressure PA, and the chemical

in soluËion is idenËical with that of its vapor

Thus we have

exist in

potential

at partial

equilibrium

of the solvent

pressure PA.

where ¡¡l' is Ëhe chemical potential of water vaport^

Accordingly we obtain

and

r,riËh

o
,/la

Ap,

,4a

a.=
A

= ,u;

=le

+ RT t-, fÏ

+ RT ¿-, Pe

,,/^; + R T

fo
-ToIA

(3)

(4)

at unit fugaciËy.

(s)

(6)

that of fugaci-

of solvent and

the correcËion

for boËh solvent

(7)

hoo

I.le have subsËituted the raËio of partial pressures for

ties. This is legitimate because Ëhe vapor pressures

solution are of the same order of magniËude such that

factors for gas imperfection are pracËically the same

and solution.

s5.5 I

55.51 + ln.
I

is Ëhe concentration

molality units,

In an ideal aqueous elecËrolyte solution obeying RaoulËts law

'^ fí
rrhere r^ is defined by the expression

tbt4

xA
2,,

(

m.
t_

of elect.rolyËe i in stoichiometric

(B)



/¡ is the nurnl¡er of ions tLrat

upon íonizatLol, and

the su,n¿nation extends over al 1

The chemice-l potential of water in

rhe ith electrolyEe solute gives

the el-ectrolyte sol-utes.

an ideal solution- is then

. For non-iCeal solutions,

f. is introduced as a measure
A

potential from ídeaIíty, such

o.
fe = le

?44+=jA XA

/a ¡¿eat l; + ar /-' x^ (e)

the rational activity coefficieni of water,

of the departure of the acLual chemical

and

that

+ :, !," fo *o

fa
=

xo fÅ

(10)

( 11)

The excess of chemical potential, i.e. the difference bet\.^/een the actual

chemical potential- and thaL caiculated from Equation (9) is often de-

fined. as

Ê

.ße Rr !, -r)¡ (r2)

AË infinite dilutionr.as the mole fraction of \^/ater approaches unity

and Ëhe vapor pressure of water approache. p;., the rational activity co-

efficient of wat.èr also approaches unity. Thus for an ideal soluËion,

the condition f¿ = 1 is valid at any concentration, v*rile for a ncn-

ideal solution the stated condítion is valid. only at ínfinite dilution.

b. Osmotic Coefficients

In an ordinary aqueous elecËro1-yte solution, waLer is present to

such a large extenl that its rational activity coefficient ís not much

different from unity. Obviously fO ís insufficienl qo emphasize Èhe de-

parture of real soluti-on from id.eality. B¡urr,r*(l) r., the first Ëo



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,

FA = 4 *îRrl.nxo (13)

For an ideal solution g = 1 throughout the entire concentration range.

A relation between osmotic coefficient g and activity coefficient fO is

giv.en by

hf^4=l+! !"xa

g is also related Ëo Lhe water acËivity be the equation

h o^ = -î. 0" +"= - î I,^ (, + o.o,S + r,^; )

Series expansion of the logarithm gives

[,Ie see that for a non-ideal solution, the limiting value of g approaches

1 by virtue of EquaËion (I4).

The osmoËic coefficient has been defined in several ways. The

practical or molal osmotic coefficient in which v¡e are most interested

is defined by Ëhe equation

l.n o^ = 'lþ,otî t uim; -f(o.orEf u,^,f + !(o.o6fu,^,f -' I cru>

t"a-A
2 u'-; t

= - -. ,, ö = -o,otï (2u¡^¡)þ
55.51 '

For an ideal solution rvhich obeys Raoultts 1aw strictly, we have

tro= o'o tE ( 2 ", -;) * ¡a"ut (18)

(14)

(1s)

(17)



By expanding the left side into a series,

o.ot8 Ir,^, ' (o.o tg lr,^,f * å 
(o. o r fi fu,n,)'- .'

we obtain f f.ox the ideal solution

ò=
t ;c"nl

t - lþ,orEf ,;^;) n

Iùe see therefore áia"^t is not equal

concentration, but it does approach I

A combination of Equations (16)

f and g, ví2.,

rg = î L,- !(o.on 2r,ù + t

to unity for solution of

at infinite dilution.

and (17) gives a relation

!
2 = a.orf, (Lr,^)*rrr, ( 1e)

(20)

non-zero

between

For small concentraËions of electrolytes, d

and at infiniËe diluËion f approaches unity

c. Activitv CoefficienËs

The activity of an elecErolyte, say B,

fined in a sirnilar manner by

(o,org fu;rn;)¿ - (2L)

and g are almost identical

as g does.

l

in aqueous soluËion is de-

,lag = ,uíe + RTho, (22)

Since electrolyte dissociates into :/, cations and v, anions, Ëhe 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

,11, = ll

lz= ri
where ¡1 and ìr2 are tl":.e

tively,

+ gt ln', a,

+ qT.la,a,

cationic and anionic

(23)

(24)

chemical potentials respec-



¡f and /t?, at"- the same quaniities i-¡r the standard states, a:rd-

a1 and aZ ar e the corresponding ionic act.ivities.

The .chemicaL potential of B therefore is

,/te -- ,, (,si * RTL^a,) + ¿r(,a) + Rî hor)

A comparison of EquaLions (22) and (25) lc.rds inrnediately to

(25)

(26)

(27)

(28)

the

and

,uis

ge

u, fT t ¿, ,F:

t), t), t)
4,' 4r' = Ai

withJ=Ðt+Ð¿

rvhere aur def ined by Equati on (27)

electrolyte. .

Nß

is Ëhe mean ionic activity of

signíficance. NeverEheless, the concept oi in¿ividual ionic activity is

useful and practicalLy indispensable in the theorerical development, al-

though it cannoc l:e evaluated experiroental ly.

AcËivity may be expressed in different ioncentraËion units. There-

fore acËívity coefficients are distinguished froil one another by the

scale used to express the concentration of an electrolyte, say B. IË is

convenient to use the stoichiometric mola1íËy scale mU rvhere the number

of moles of solvent I^/ater is fixed, for its value is unaltered by changes

in temperature and pressure. The ttmole fraction'r scale ãUand stoichio-

metric motaritv scale cB are also useful in solution theories. These

quanËities are related as follows:

tÞ.B

55.5t + lu; m;
(2e)



^eá
t + o.ôol ^øWe

v¡here d is density of solution and

hIU is molecular vreight of B.

For the ionic activity coefficient, e.8., that of the cation of

electrolyte B, the rational ionic activity coefficient fl, mo1al ionic

activity coefficier." Yt and molar ionic acËivity coefficient yl are de-

fined respectively as

cø

l, =

(30)

(3 1)

(32)

having sig-

a,a)rv .I
v ) 'l
F1

r'=
It

with X,=>t¡Xt ; ml= út^B i C,=U,Cù

The corresponding sËoichiometric mean activity coefficients,

nificance símilar to the !üater activity coefficient, are

and

with

and

[,

T¿

nl,

/+

ynr

CJ

a1(r)
= xL

=g
f

cLrG)

(a

= (f,',Í:)

r,(

(

,)

y'r_\

tJ)

,ù,
1trz

9,

r

yt

.

I
,l

= (",u'*';)

= \'î, î, /

' = ßr,rrf'Qrti'J'

= (r,*rl')n = 8b-,

ab ,u

of real electrolyte solutions f*,

, çi,'u!¡aru

(33)

= Q.y',h

(34)

f4 and y4 mustAt infinite dilution

approach unity.

In the case of mixed electrolyte solutíons with a cormnon ion,

the cation, both electrolytes conÈribute to the total concentraËion

say

of



li = ftirtin'; RT h"rfnt

&",¿{"") * t)i RT h 
^o,

+ u. R'r h crt

¡lrrttl =

t-
Jr

Y*=

¡<irtxl =

The condítíon.that¡t is the same tor a given solrrtion irrespective

of tire choice in concentration scale, and that f¡i, I a1 and y-.i all

approach unity ac infínite dilution, suffice to ]stabllon.turuaions be-

rween f*rr Ta, and y"u1 and ¡*oi{"), ¡ao1(m) ancr- ¡*t (c), viz.,

the ion, and the contributic¡n of another electrolvre C to .l:l , \ or CL

of the solute B should be taken into account.

ïn sunrinary, for. the.chernical- poter:ials of electrolvte solutes , fi,
we have

Ïti

in which

,Å

0t,= f*i?)

4{Ð =

(3s)

(3 6)

(37)

(38)

(3 e)

(40)

c1*
7h áo

o

f+¿('^) + ù¡ Rr [." ¡S.rt

and

Yt (t + 0.o,8 >- v;Yn;)

/i'J^) = ,u] ç; + Rr !," Å"

uu.,(c) = /;^ (tt; ^ e; Rr /'n '*t)/ ¿L .alAcr->o

and

The above menLioned treatnent of activity coefficients is based on



l0

Ëhe assumption thaË the electrolytes díssociate 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

paírs, the measured solute actívity coefficients based on the view of

compleËe dissocíation, do not reveal directly the intrinsic naLure of the

free ions, for the values reflect not on1-y the influence due to charge

interaction but also the influence due to the reduction in the concentra-

tions of the iorrr(3). In order Ëo separate the two effects, the concept

of Ërue ionic concentraLion has to be considered. A relation between

Èhe ac¡ivity coefficient calculaËed on the assumptíon of complete dis-

sociation and another activity coefficient computed on the basis of par-

tÍal ionizion has been derirr"¿(4). Let Mr,Xur"nd \irXrr, denote the for-

mula of the original solute and the aggregate' and if c{ is the degree

of dissociaËion of Èhe solute, then the general relations exisL,

mi = a(Ðtm
m

Xi =a!,X = du,ffi (4i)

(42)

(43)

(44)

ma= (r -a)

frtz (ronr"rtfralion of o11'elate) = (t -¿)+ ^

= o'' L, - 
(t-d)

ù ,üt
{t=o{

/'o¿)

[+-
nru,1 

^h¡J

'tt

t,
n,y, 

1v, r,v
h,Ðr) )ì

\\",u
n, ùr) *l, -, (4s)



l1

tt t,
'/t = d'' (,-¿) ?iJ"l,and

here f+, Y+ and

ìfi' r! ana

Thus the relation

accorCing to the

if tire aggregate

have for example

with

and

(46)

f.,- have their usual meanings and

fi are the true nean ionic aciivity coefficients of

the association LheorY.

betweejn the two sets of activily coefficients varies

type of soluËe and type of aggregate. Ir, particular

is jusL that of the undissociated solute inolecule, we

I
It -
I

là = d'Ti ', l* = *I; (47)

(48)

(4e)

(s0)

(sr1

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

wateT ín ai'l proportions belorv 18.3oC and have appreciable vapor.Pres-

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

sure of Ëheír chemical poienËials. Thus their activities and aclivity

coefficients carL be defined i-n a way similar to r'Iater activity and acti-

viËy coefficient. By adoptíng this convention for binary mixtures cne

has the following equations for solvent'A and solute B

*
x

þ
,

T

=l
4

+
?('

I =fol.t) +Rrho

.+
I i¿rol

r#Lt-

to(*") + RTi''^

=+=/'t-

55.5 tv¿here
nt
^A 55.5 t + m

(sz¡



L2

(s3)

depending on which specíes one refers to.

In aqueous soluËions since one amine molecule and one \rater mole-

cule give rise to a substituted anrnonium ion and a hydroxyl ion, the

chemical poEential and formula weight of the ionic species as a whole

can be regarded as the sum of Ëhose of amine and waËer. Let ñ be the

motraLity of t'amine f H2Or'¡

or x;=

then fn= (s4)

(ss)

(s6)

t-I.OIE ¡7'L

i 7^=

c

7s

=C

mr
-- = x'

55.51 t ñ Þ

55.5 I

55.9¡ tzÁ

solutions \¡7e haveBy using Ëhe convention for electrolyte

with

and

Ão¡¿""t

ln = I"AG) + RThoo
þlAaA = ,P;

(s7)

(sB)

(se)

(60)

mentioned previously

lo=
4,A

vA

with¡fl( r)

+ Rr h7^

-ILqof;

. ã6 hut" and ff;pt,G) is identical

are relaËed by

55.5r + ¿fr

55.51 'Ì ul

For the solute, trsubstituted ammonium ion*hydroxyl-

rramine*r¿aËertt as a whole

L
J¡ f; (61)

iontt as a rrhole or

55.5t + m
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Þ#B=
g. relation can- -be

ing the folloruing.

¡t'rotxl + zP-rhTuT*
obtained for the- conversion from

A.t equilibriurno it is true that

rfr to

(62)

l, - ¡v consider-'r5,

(63)

(64)or

Fp = ,/a *fe

o ¡*\ ,'oæl - ,u"r(xt) = RT I.^ P':f!-'lrb{J - ltotx ¡ -futx ) = ^' * 
VV.'

quantity on the left hand side is consËant

pressure, therefore

fø
7"+ o .P; ã:
,: {: xi f:

in ttmole fractionrt

*'# ,i

(T;T;^

at constant temperature

(66)

in Equation (65), the meait

scale is thus

(67)

if water is the solvenÈ. trIe

The

and

4" Pa t *aar-:' ' 
- = R- ãa 1*e (65)4o J.otA l¿

AË infinite diluli "" h 
and ã-¡g anlroacl unity, and the constent kt t"

idenric¿t r¿irh rhe ïiniring value of 
h, 

, i.e
IB 'B

,k, 
=

,b
ReolacinE tA

+o, IA
ionic actívity

.fa by
+o,6

coeffícient

t- /
re!

ìlr
vu <i

t
J¿s

*izt

-+
+s

L
2

&.,

xfor which

also have

By using Equations

efficients wiËh d

and

,tÅiBQ) = /Åt") + JÅ:Èd) + R7 !*, !.. (68)

(37), (38) and

, the degree of

(47) for the true ionic activity co-

conr../ersi-on cf ar¡ine into substituted



L4

amrnon1um 10n,

&n

Equation (701 '.oii1 be useful

consË-ants f o-; amines .

l¡asic dissociation,

I

^,*
^B

( r + o.ôi6Áþ)

or the degree of
'*.4 

*rY I
/ x;Í; ^;f"l'\¿/\Át

ru'e obtain

çt
- J v'- ' ¿,i*

lr= (
f+
JB

+^* y
x^ f¡ 7o

I

-L

(6e>

(70)

(7 2)

¿o m6

=d T*c X', (,+o,016ÅB)

IN the calculation cf basic dissociatíon

2. Basic Dissocíation Constant

Reconsidering the equilibríum processes in solutions, the coi:dition

for equilibriuin of a reaction is that the sum of the free.energies of

reactants must be equa1. to that of the p::oducts. I.Ihen the reaction of

amirre arril water to form substituted arn,nonium ion and hyd-roxyl ion is in

equilibrium, iË fol1ows that

,&; *,!:-lí-l|' = o (71)

i¿here the numerical subscripts refer to the ionic species and the'alpha-

betic subsc::ípts refer to the solvent and the amine as beiore. Intro-

ducing the definition of. ¡'s,

ri *ti -tÅ'Pï = -Rr L' #
in r¿hich a' refers to the activity of the free species. AE constant

temperature and pressure the activity quotient is a constant, i.e., the

basic dissociation constanl. It is commonly expresseci in terms of the

molarity scal-e. By sc doing 
,L

,ui(r) +girc)-Årf)-/uirt =^ Rrf--Ë¿L 'þ;(t_d) l; fa
--RTL4K (73)
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Llsing a method símil-ar to that given previously, it can be shor¡n that

the activi-ty coefficient of free anine on the mclari ty sca1e, lf is re-

laËed Eo-the partial vap,or press-ure of amine by the expression,

þu/<

where

l¡L =

k=

lutcl

o{o

is Lhe degree of basic

ion procluct of \^Iat,er.

c (t-d) Ì;

î' c(t-ù)
.(/¿Va\ 

-

= ,/i'co + R'r -{n C t-a")

K

r!+K
dissociation at

(7 6)

(77)

infinite dilution, and k l_s

Lo
I'a

(74)

(7s)
c -è.o ?ø

If the values of. d frorn conductance ruork which will be described in a

later sect.ion are known, along with values of yi ancl y' from Equations

(70) and (74), the basic dissociation const ant K may be calculated by

means of Equacion (73).

Unlike ¡t and ]t7, tot the ioni-c species, these are identical rvith

Fî' una ¡rl' , but ¡fl'("), the standard chemícal potential of the free

amine in soluticn is not equal to¡f(c), the stoichiomätric standard

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

by

do

the

3. Theoreticgl_ ¡g1c"lrti"" .f A"tiv

It has long been reccgnized that the complete dissociation cf a

strong electrolyte in tlilute solution cannoL entirely account for the

deviation of the observed relative lowering of vapor pressure of waEer

from that expected for an ideal solutiòn obeying Raoultts law. In 1923

Debye "n¿ Ul-lci."l(5) developed a theory for the quantitative calculation

of activity coefficients in electrolyte solution. Their 3ssumpLíons
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ate

1. Strong electrolytes are completely dissociated into ions in

dilute aqueous solutions.

2. All deviations of dilute electrolyte solutions from ideal be-

haviour are aËËributed to Ëhe electrostatic interactions be-

tr,/een ions. A solution of discharged ions is assumed to be

ideal.

. 3. The solvent. is a structureless dielectric continuum having a

uniform dielectric constant.

4. Each ion can be regarded as a spherical cavity of radius I

inside ¡^¡hich there is no space charge. The constant 3 is called

the distance of closesË approach of the two ionic species in

solution.

Upon solving Poisson's equation v¡ith an approximated charge density,

the Debye-Hückel equation is found Ëo be

A lz, z,l¿ Jî
(78)

t + 8&,J1

rrhere f11 has its usual significance for an electrolyte i,

21 and Z, are respectively the charges of cation and anion of

solute i,

I is Ëhe molar ionic stïength defined as , =LZ r: Zì

C, is the molariËy of the j ion,
J

Z, is Ëhe charge of the j ion,
J

o_. a is Ëhe distance of closest approach of two oppositely

, charged ions and is expressed in Angstrom units, and

A and B are const.ants characteristic of the solvent at. con-

f*i = -.7..3oj

sËant. Ëemperature,
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A'= €' i t¡ M" t' \/'tt

ZOþf \ tooo DÉT/
,16 * tob

2..3 o 3

l,îa

(7e)

(80)

using the appropriate

(83)

Q r¡32

-t r 8:,¡ No e'1!. t -Ð = /o (A"*" )
5Ò.21

(o r )r'

At 25oc, values of A and B for "ut"t(6) ob:ained

values of physical constants are

A=o.5tt5 ) B=o.l21l

Since

by

The numerator of the Debye-llückel exp-ression accoun-ts for the effect

of the long range Coulombic forces, wÏrile ti:e denorrinator, in which. the

disËance of closest "ppror.h is incorporaiedr .shorvs hoi¡ tire former effect

is modified by Ëhe sl-rort. range interaction between assumed hard spher:e

ions.

An alternative form of the Debye-llLlckel- expression may be obtained

by introducing Equation (37) into Equation (78) and usiir.g the mola1 ionic

sËrength I* defineC as

fn = I> (81)

(82)
1 5 c.'Z!<-.JJ

C 4. -o.ot|Wac

in which d is the density of Èhe solution and Wgis the formula rveight

of ttre electroLyte; a¡- 1or¿ concentrations d*1 and Jî may be approxi-

mated as /1- . The Debye-Hlickel equatíon nay then be written as

r,, z -¡zi vn

=

hyx = -R-3,, 
Alz':'l t:--h(,o().Òrî¿)r^)

t + E&Jî^

-L
^j Li

Further simplification of the above equaticn leads Ëo the Debye-Ill-lckel
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linriting law for electroiyte solution, ví2.,

f-, ú = -Á.3 03 A tz,7zl ß.,
(84)

= - 1:3-)-J A tztzrlq rt\ ^L4+
Activity coefficient.s calcuiated from the Dedye-Hliekel expression

have been extensively r,'erified by measurerqent.s in very dilute soluiions
:

of strong e,1.ectro1-ytes r¿here ion assccíation ðan be neglected. Although

the theory is applicable.only in very dilute solutions of ionic s-trength

aL most not greater than 0.1, viith appropriate choices of 3's, the theor,v

or even rhe limiting larv itself is exceedingly useful in providing us

with a reliable rnethod'of exLrapolating the thermodynamic properties of

elecËrolyte solutj.ons to infinite dilution

Attempts have been made to extend the Debye-Hl-lckel theory to higher

concentrations. Equations -irLvolving semi-empiri.cai. cons.tants have been

proposecl . They malz be applied over a'r¿ider concentration range, but an

exact treaLment of electrolyte solutions at higher concentrations has

not been devel-oped. The thermodynamic properties of concentrated elec-

Ërolyte solutions are influenced by m4ny inter-related factors. These

"ru 
(7)

1. The elecLrostatic forces of the Debye-Hïickel type which have

a predcminant influence at 1or,¡ concentrations;

2. the effect of ionic hydration;

3. ion associat.ion;

4. change in dielectric constant of sol.¡ent in the immediate

neighbourhcod of an ion;

5. the effect of ionic sizes, not only on the Debye-Ulickel term,

but also on the co-volume entropy effect.

Equatíon (78) represents the act.ivity coefficients as a decreasing
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functíon of the concenËration, while the experimental values often shov¡

a minimum, after which the activity coefficient is an increasing func-

Ëion of concenËration. In order to fit the experimental data better'

many modified Debye-nl-lckel equations which take more factors into con-

sideraËion have been Put forward.

gü.tef (B) considered that owing to the attraction between ions and

Ëhe dípolar molecules of solvent, there is a Eendency for the solvent

mol.ecules to orient themselves about Ëhe central ion. This causes a

change in dielectric constant in the immediate viciniËy of the ion and

leads t.o the addition of a ttsalt-out't term in Equation (78),

A 17 , z,l J't + bI!*î f. =
t + Bå. l1-

(Bs)

where 3 rrr¿ b are empirical consËants. For non-associaËed 1:1 electro-
il

lytes, Ëhe Huckel equation is capable of fítting the experimental data

up to about. I = 1.

For some purposes, Equation (78) is approximately equivalenË to a

more convenient form

4f. = 'Atz,7zll-t +cf (86)

where c is an empirical const.ant. Equation (86) has the same form as an

empirical equation proposed by Brönst"¿(9), and hence it has been called

Ëhe Brönsted equation.

_,r (10)
Güntelberg'--' proposed a simpler form for aqueous electrolyte solu-

tions,

A 17,7.1 Jîr'î l' = t+Jî
(87)

which is equivalent to putting 3 = ¡.048 in Equation (78) for all electro-
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lytes at 25oC. A1 though there is no adjustable parariÌeter in this eq.ua-

tion, it gives adequate rep,:.s..,tation for a number of electrolyLes up

to I = 0.1. However, for the sLudy of th.e size of hydrated ions, t-he

equaiion is good only for 1:1 electrolytec; it should be rnodified for

poly-val-ent ínorganic ions as rvel"1 as organic ions (11) 
.

Equation (87) has been greatly improved by Guggenheim(l2) by add-

íng a linear termr givíng a different one-paranÌeter eqttation,

A !z,zLl ^/1 b74l' = (88)

f acË, ínclurles

to ion-pair

forth. Guggen:

and acËivity

data aL concên-

point data is

t+Æ
here again b ís an adjustable parameLer. The ter"rn bI, in

the contributions due to lot.rering of diel-ectric constani,

formatíon, to effects of ion size, polarízabilíty, and so

heim applied Lhis equation to the computation of osmotic

coeffícients from freezing point and electromotive force

tration less than 0.1 m. The agreement with the freezing

within +0.0002 to !0.C005oC

ber

l-ess

This

cien

tr.¡e e

gtea

crea

asf

(BB) for a num-

association is

t 250C

\
) (Be)

ctivity coeffi-

sagreement be-

time did noL

lume of data in-

1:1 electrolytes

From an examination of the values of b in

of 1: I and 2:1 electrolytes , îor r'¿hich the
(12\

Ehan 5%, Davies \'-l proposed in 1938 an eq

_t IrX T: = 'o|5o tZ,Zt,t é=(/ \ ,+.y'f

equation is useful to obtain an estimation

ts r,ihen experimental data are not available

n calculated values and experr'rnental values

tly exceed 2"/., at concentration oí 0.1 m.

sed since then, navies(13) re'¿ised his equa

ol lor+s :

Equation

degree of

uation, a

- o,z0 I

of the a

. The di

at that

As the vo

tion for
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This- eqt.ation fits the experimental data óonpileC by Robinson and Stokes 
(14) 

,

and Harned and orourr(15) betËer, lt shorus an average-devíation of 0..013 in

Ti or L,6% f.or some.fifty 1:1 electrolyteS at C.l m and 25oC. Guggen-

hei*(16) suggested ttrat iL would be an improvement tc replaca the 0.2Ci'

in Equation (88) by 2.OI rvhen dealing ruith the 2:2 eLectrclytes

. Stqkes and nobinson(17) lrsed an empirical apÞroach based on Bjerrun's

idea(18) of ion solvation. They assumed that in aqueous solution there

were solvent molecules bound to each mole of electrolyte. Thus the free

r¡rater content in the solulion was 'decreaseci. However, the condition that

the total chen.rical potentials of -the system remained the same enabled

them to obtain a il¡ro-parameter expression io- calculate single eiectrolyte

activity coefficients. They used mole fraction statistics and a harC

sphere ionic model- rvith constant hydration num"per. By taking ihe Debye-

' Hücke1 expression to represent the mean activity coefficient of the hy-

dratecl ions, the pertinent equation is

%
-o.5o lz,trl (#

'ií;lf # \"^- \t-oo n(/''QmJ (er)

{o' = - oro ù (?o)

bT\
where h is the hydration number Parameter of the electrolyte, and

â r.presents the distance of closest approach of solvated cation

and anion for a certain thickness of hydration she11.

By suitable selection of the parameters h and 3, the experimental

values of strong electrolytes can be reprod,r".d(17'19) v¡ithin !0.001-,

up to molalíties of 0.7 m for hydroiodic acid, zinc perchlorate ¿nd

calcium icdide, and up to 4 m for alkaline halides. In general, Ëhe

lorver the value of h, the higher is the concent.raticn lirnÍ.t up to r,¡hich
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d = [*(to:. *u*l)U + Y- - ^ (sz)

The value 30 (ir,83) is the volume occupied by a water mol-ecule in liqui,3

Èhe equation can be applied.

Stokes and RobiLìson(l7) went furLher Lo reduce their equation to a

one-parameter equation. Following Eernal and For,¡ler(19), they assumed

Ëhat anionS r¡Iêfê only slightly hydrated and that their hydration could

be neglected. From the concept oÏ the anion penetratirlr rrrao the hydra-

Ëion sheath of the cation, they set.

w-aier at 25r'C, V1 is the apparent ionic volume.of the catíon (in 13) .

Thus (30h + 
"r+) 

represenis the volume of hydrated cation. 'T- is Ëhe

crystallographic radius of the anion (ir, 1.3). A , the rrpeneiration

distancett, ís a eorrection factor rvhich is constant for each valency type.
oo

of salt, 0,7 A for 1:1 electrolytes and 1.3 A for 2:1 eleccrolyl-es.

From the relationship of 3 ar,d h in Equation (92), the ti,/c-paraireEer

equation cân be reduced to the one-parameter equatíon. The lirnit of vali-

dity for Lhe latter equation is about hm = L2, i'.e. v¡hen abont one-fifth

to one-quartel: of the vrater molecules are bound to íons. Itlhen the con-

centration is stiLl higher, the experimental value of h will d.ecrease.

Ttris is due to the effecEs of compeËition between neighbouring cations. -

IL seems unlikely thac h should be in<lependent of concenEraËion, even

at lower molalities.

Glueckauf (7) r." a\.^Iare of Ëhe importance of the co-volume entropy

contribution to the free energy of a solution. On the basis of volume

fraction statisiics and on the assumption that the entropy of mixing of

hydrated ions and free r'¡ater molecules r,/as analogous to that. of ather-

maL solutíon formulated bv ntorr(20) and Huggi-s(21), ne(7) was able Ëo
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coefficients of strong e1-ectroiytes,derive his equation

viz, ,

for the activity

2.2o3A!7tzr! il p
4hv, = -

t + 7äJ'r
n

o.otî m r (' +Ê -x)
-+

u (,+ ¿.otEmr)

G=*^(#^)"u* "r(#u),^

= no,t^ + nnfg

Differentiation of this equatíon leads io

¿Cr = n^d/^ + ¡^dn^ + nøálo + yu'lnu

However, the complete diiferential of G(nOrnU) is

A- ('-o.otî^/,-)

8-u h(tlo.otF^r)
2)

(e3)

(e4)

(es¡

In this equat.ion the quantity f is the ratic of the hard sphere volume

of hydrated electrolyte to that of solvent wateï. It car:. be evaluaterl

from the apparent mola1 volume of the solute at one-rnoderatel-y high con--

centraËion and applied to the whole concenËration range. Using h and 3

as paraneters this equation fits the experimencal- data as v¡el1 as Equa-

tion (91), and gives hydration nurnbers nearly additive for sepa::ated ions.

4. Consistancy ald the Gibbs-Duhem Equation

The activity coeificie-nts oi the volatíle solute and solvent ffr and

.L

f;, as rnentioned before, can be deterrnined ciirectly by vapor pressure

Beasurements, but the tr'¡o activity coefficíents are not independent of

each other. They are related by the-Gibbs-Duhern equation. Since the free

energy Ç of a system of trvo compenents at constant temperature and pres-

sure is a first degree homogeneous function of the number of moles of

componenËs nO and nU: Eulerrs theorem is applicable,

dq = faánø, *leÅnu (ed¡
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A comparison of the two equations above enables us to write

n^Å/a + nuÅtu = o

TÅr o Á,ru = o

(e7)

(eB)

and this is the Gibbs-Duhem equation.

If sufficienË data are available for the acËivity coefficient of

the solvent, the acËivity coefficients of the soluËe can be obËained by

appropriate integralion of the Gibbs-Duhem equat.ion and vice-versa. By

forrnally substituttng¡d. ar.d¡.B of EquaËion (48) into this equaËion, and

integrating in between lirnits, we have

x^{: = - (ee)

Values of ln ffr thus calculated from this equaËion should be identical

with those deríved from the solute vapor pressures if the experimental

Eeasurements are thermodynamically consistent; otherwise there must be

errors 'in the experímental works.

The same Gibbs-Duhem equation can also be employed in calculating

the mean ionic activity coefficient.,of electrolyte if the vapor pïessure

of water or the osmotic coefficient as a function of the molality ís

knov¡n. For this purpose, Ëhe equatíon takes the form

55.51 dy^ + -øÅfo = o (100)

Using the definitions of chemícal potentía1s, osmotic coefficient and

stoichiometric molality m for the solute, 3¡errr.r*(1), and later Randall

an¿ l¡rite(22) obtained the equation

v
+ lKð

IJ +dr^f:

hr* = t4-t) + z (^+Åhrw,' J ''/^
o

An equivalent relaLion between { and fa is

(101)
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d,Jr^
Jo

(*-t) = Å!^Y*

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

luated by graphical integration from zero concentration up to any higher

concent,raLion for whichl¿is determined. The limiting value of 4-l may be
nf¡n

readily established by using the Debye-Hlickel limiËing lavr and Equation

(102) . By substituËing EquaËion (84) into EquaËion (102), one obtains

after integration

(e -t) = - ¿'lojltz,z.lt" r" n[Ã (103)
J "Ii

Therefore at infinite dílution, the inLegrand of Equation (101) is

gwen

$-t
ltl>^

(102)

(104)

temperature.

equal to

11 =
^IÃ

which is universal for a

For all 1:1 solutes wiËh

-0.3927 at 25oC.

Ø- rz,z>l'/rL
J.fz

given type of electrolyte at

l= 2, the l-imiËing value of '

This method has been conrnonly used to compute stoichiometric mean

ionic acËivity coefficíents of non-volatile electrolytes from solvent

vapor pressure measurements or isopiestic measurements for which the

Ìüater act.ivity of the reference solution is known as a function of the

enËire workable concentration.

On Ëhe basis of the Gibbs-Duhem equation, another way to

internal consistercy is the method of Redlich and Kister(23),

sists of plotting x[ vs. ln fl and ãf vs. ln ff,. The areas

smooth curves, drawn separately Ëhrough the points, should be

concordance of resulËs has been achieved.

test the

r¿hich con-

under

equal if
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5. Thermodynanic Fun-ctions of Míxing.

There are se\reral consequence.s ior an ideal sclution which obeys

Raoultts law. I^Iith reference to one mole of soluEion, there is no. change.

in volume dV , and al-so no change in enthalpy Ad upon mixing. The free

energ-y and entrcpy of the mixi-ng take the forms

ÁÇ¡¿"or= Rt(xll-'i + xl["r[
(1os)

(106)

dI c

and

For a non-ideal solution, AV and a H do not vanish; ¿G and

respect ive1y,

AÇ= P,T( ,; h,i +l I
(107)

(10s)

the correspond-

They are

and Á5 =

AS,a*",= -E \il.^rì + xJ t"ri)

AS

x: !"rÏ# *

The excess molar

]-ng clt-I terences

VE

rlE

t
G'

J.

:hermodynami c. funct ions

betneen the real and. the

=AV

"JT

^H

nr u! ¿-f:

{ q6ïa

are <iefined as

ideaL values.

1..; +: )- R(.:k^:f:

+*^ô

+:)
.x.

r;

*xts

t"f; )

1t
+ xU ln,

(10e)

(1 10)

(1 L1)

(11 2)

The thermodynamic functions of mixing are of considerable interest

Ëo the study of miscibility behaviour. The system of triethylamine and

r{ater, for exainple, shor,¡s a lower critical solution temperature belorv

which the contponents are miscible in all proportíons in the liquid state.

Lower consol-ute temperature or upper consoluËe temperature of binary
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solutions may be interpreied ther¡roCynamical!y Ln- terms of che beha'¿ic'rur:

of the e)icess functions

I.C Conductance of Electrollrte Solutions

1. Theories of Condrrctance of Strong Electrolytes
e4\

Kohlrauscht ' observed that the equivalent conductance,s of strong

electrolytes at low concentrations varied linea;Iy rvith the square root

of their concentretions, decreasing as their concenËrations increased.

Extrapolation of the resulting straight lines gave values of tl¡e limii-

ing conductence Ao, í.e., Ëhe sum of the ioni-c conductances by Kohlrar:sch

Lar.¡ of the independent migration of ions(25). Thus the equivalent con-

ductance could be represented by the Kohlrausch equation in verlr dil-ute

solutions

A = Ao -- A,Jc (113)

whe:e A is an empirical constant.

Debye and Hllckel(26'5) were the first to give a th.eoreËical approach

to interpreting the dependence of equirzalent condlrctance on concentration.

they supposed that the:'-ons rn¡ere under the influence of an exËernal field,

and that there r,rere t\üo effects which caused changes in the ionic atmos-

phere and gave rise t.o a decrease in the velocities of the ions. These

are the elecLrophoreËic eifect ancl the relaxation. effect.

In an appl-ied íield rvhen a central ion in an íonic atnosphere tra-

vels through a viscous medium made up of solvent molecules, the neigh-

bouring solvent molecules under the influence of the electric fiel<i of

the cenËral ion tend to drag along ruith them the moving ion as a result

of solr¡aËion. At the same time, the oppositeiy charged ions i.n Ehe vici-

nity of the central ion move in an opposite direction anci experience- an

upstream of Ëhe solvent nolecules. 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. IE is dependent on the concentration, the nature of

the ions, the viscosity of the solvent, its dielecËríc constant and Ëem-

perature.

In the absence of Ëhe external field, the ionic atmosphere on the

Ëime average is spherically syrmnetrical about the central ion. If the

l-atter is suddenly moved by an applied field, Ëhe ionic atmosphere tends

to.move with it, but the readjustment of the ionic atmosphere to the new

condit.ion is not ínstantaneous. Therefore there is a certain time

cal-led the relaxation time during which the central ion is off-centered'

and is subject to a resEoring force. Such an effect of retardation of

ionic mobilíty due to unsynmetrical íonic atmosphere is cal1ed the re-

laxation effecË. This purely electrostaËic effect is independent of the

viscosity of the medium, but is influenced by Ëhe concerlËration of elec-

trolyte, its valence type, ionic mobilities, dielectric consËanË of the

solvenL and the temPerature.

Assuming a model of point charge for the ion, that Ëhe solvent is

a dielectric continuum, that the ionic atmosphere satisfied the Maxwell-

BolËzmann distribution law and that the viscosity of the solution is

equal Ëo that of Ëhe solvent, Debye and Hï-îckeLQ6) were able to give a

first approximation formula for the ionic conductance of strong electro-

lyte solutions, and to demonstrate Lheoretically that the equivalent con-

ductance should be a linear function of the square root of the concentra-

tion, in agreement vrith the empirical relation of Kohlrausch.

Debye and Hückel in their formulation of the conductance problem

did not consider the thermal motion of the ions, furthermore, when cal-

culaËing the electrophoretÍc effect, they had to use Stokes ' 1^ro(27) for
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the motion of the ions. The classical theory of Siokes is applicable to

Ëhe motion of large sphere through a continuous mediurn. It is doubtful

il the same law is sti1l valid for the microscopic ions of sizes comPar-

able to that of Lhe solverrt molecules,but, since there was no other satis-

f.acr-ory formula to replace Stokes' latr, the same classical theory had to

be incorporated int.o other theories of conductance

An improved quantitative treatment. o! Lhe electrostatic theory of
(t'B'29). 

By taking the Brownían nioLion ofelectroJ-ytes is due to Onsager\-"'-'t . By takir

Lhe ions into account'and by ca1cul-ating the eleclrophoreLic effect for

point charged ions, Onsager obtained the following equations for dilute

strong electrolYte solutions

I

t-

a.îo'txt05 IZ,zrlÍ4" 
+

4 t.25 ¡ tz,l + lz.l)
fî (l-14)

) Ì¡" fi T) h

Ao, * 
^: (1 15)

tzJ+ízll iZJAo, + lz¿14:

v¡here ?o i" the víscosity of the solvent in poises; Âi and Ao, are the

limiËing cationic and anionic conductances, the numerical values are de-

rived from the conbinations of Lhe universal constants, í.e. Faraday,

Avogadro number, Boltzmann constant and unit ionic charge quantity ' Other

symbols have their usual significance.

The firsË lerm in the pa;:entheses ís Ëhe contribution from the re-

laxation effect, and the remaining one arises from the elecLrophoreLic

^ 
= 

^"-

the above expression can be writ.ten as

(116)r Az) 
^rç

. (or)t'â (, + 4
lz, ?rl

effect.

For l-:1 electrolYtes, I = Lr,

A = A" (8,A"

l.eoq v toç

(P, )'/'
with øt =

(117)
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t 2.41
and 82= (118)

'1. ( o r)%

Validity of the Onsager's equation has been extensively tesced

by precise experimental studies. For 1:1 electrolytes in aqueous solu-

tions, the calculated values generally agree with the experimental values

within 0.1% belor.¡ about 0.001 molar. For salts of other valence type,

the theory is applicable to solutions of concentrations much belor,r

c ='0.001. Moreover, in solvents of low dielectric constant.s, the pre-

dicted equivalent conductances fal1 off wíth 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 Ëhe equaËion simplifications were made, higher terrns

in mathematical series \^rere Lruncated, and such complications as inter-

action between elecËrophoreEic and relaxation effects r^rere not consídered.

However, it suffices to say that the theory is able to represent the

limiting slopes of conductance curves for strong electrolytes in vanish-

ingly low concentrations.

Empirical and theoretical extensions of the Onsager equation have

been made by others. An early empirical formula proposed by lvat¿en(30)

A"
A=

t + A"J¿

sras íntended solely for the convenience of presentation of

solutions up to c = 0.01. The Lattey equation(3l) of the

A=
^o

A' ,^l¿

I + g'^l-<

(11 e)

data in dilute

form

(120)

with adjusËable parameters including A"'r"" faírLy successful aÈ concen-
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trations below 0.l.N.

by Jones tr,¿ nolu(32)

chloride u¿ Lo 2N, within small error. Hor¡er¡er: for a given ele-ctrolyte

all the empirical rul"tior" (32) gave differenr values oÍ Ñ , and the

1-imitir,g slopes rvere different in general from each other and from Ëhe

limíting slope of Crrsager. Oru.gur(28) found that his limiting law

could be extended to somewhaÈ h:l-gher concentretion of 1:l- electrolytes

by the use of the formrLla

z\ = A" (8,Ñ + Br) J7 * Dc (t2L)

Shedlo.¡sky(33) also proposed anot-her formula which avoid.ed the empirical

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

in ¡,vater up to c = 0-.01 .might be accurately represented by

His equation can be w-ritten ín the form of power series .in

efficients readily obtainable from 81, 82 and N , 'Another

expression was proposed by Shedlovstr(34). on rearranging

limiting lav¡ into

A + t,J¿
I - 8,{c (123)

sicie r¡as linear with respect

1:1 strong electrolytes. By

the exËended form is

^ 
+ tszlt

t' B,&

A" - ( B, Ao + B.) n/? + D< 'ÐA,ch

An added term, Dc in the above expression, adCed

, tr^/as adequate to descríbe their data for Barium

(L22)

,
c ¿ \,v]-th co -

more useful

the Onsager

ñ

he observed the quantiËy on the right hand

Ëo the concentration c up to about 0.1 for

adding a terrn Dc into the above equation,

= Ao *Dc

A

- (L24)

(12s)

value not farwhere D is an empirical constant, incidenËally ha.ting a
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from Lhe

form of

T¡IaS nOt

lactor (¡f Ñ + B2). Later he for-,rr¿(35) that the equivaLent

the above equation for strong elecirolyies of other charge types

adequate, and proposed the Íollorving form

A + ÜrJ?

-= 

A' + D,c + Drc bVc - Dr t'
f _ B,,fC

where D's are ernpirical constants., Inlhen this equation

sodium chloride, the agreement between the calculated

(L26)

r,¿as applied Ëo

and experimental

values was within C.04% up to c = 0.2.

It v¡as not until tile 19S0rs ttrat other versions of con<iuctance

o
.Ëheory r¿ith ionic size parameter .a were taken up. Falkenhagen, Leist

and Iielbg(36) used the Eigen-trrÏicke distribution frrr,"tior,(37) and derived

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

hagen and Leist conductance equation(38) \,./ith 'viscosity correction is

--!È t*, _f_)1 n27\
l'iin .e",Åt. t+re.Å/-ry 

\--'lA= a,fp tfrIo ?ntd'. t+t¿å,/|

In this equacion 
Irt" 

the relative bulk viscosity of the solutíon; Ê is

the charge on the proton in electrostaiic unit; k is the Boltzmann con-

stanË; { i" the Debye-thickness of Ëhe ionic atmosphere; g,= Z for 1:l',e
electrolyte, and n is the number of ions 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(39)

for 1:1 elecL.rolytes is

,r .^o E"^o o,z7!3!-r:-. - €"/vo Lt
A = /\ i;k T )- ^7" 

rr:\,(,rttÐ (128)

Falkenhagen contended that this expression v/as on sound theoretical

ground as long as K ã << I , and for solutions of high concentrations
had

1
a viscosity correclion nusË be introduced
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Robinson and Stokes 
(40) 

took

divided it by (l+l<ä) to allor+

A=^

the Onsager limiting expression and

for the finíte ion size. The expression

gives a f.air account of conductance data for 1:1

0.1N with å in Ëhe range 3 to 5.5 i.

By adopting Falkenhagen's expression for the relaxaËíon uft""r(36)

and the conventional Boltzmann dist,ribution funct.ion instead of Eigen and

I.Iicke, trüishaw and stokes(41) obtained the following equation for 1:1 e1e-

cËrolytes

A= (ñ-Æ t+ Ða^[¿

8, J7

o 
- 

8,Ñ +8. J;
t + reä

\ H 8ä'f<

0.2121 8â,t¿

(L2e)

elecÈrolytes up to about

F)
(130))(,'L

7

1 -lqrith F = (131)

0,2?.¿1 E&,,1'c

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

"hlotiau(4l) up to c = 5 ar 25o using Z = 4.35 t.
Pitts (42) 

, upon using a fuller solution of the Debye-Hl-lckel equation

by Gronwell, La Mer and Sandved(43), a different mathematical method of

approximaËion and a different boundary condition but the same continuity

equations of Onsager, derived an elaborated conductance equation incor-

porating the ion size parameter 3. It was capable of representíng Ëhe

experimental conductances of some 1:1 electrolytes up Ëo about 0.1 molar.

on the basis of a hard sphere model Fuoss 
(44'45) in 1957 derived

conducËance equation for 1:1 electrolytes having the form

A = Ao -5rh + E<!*r¡c + Jc
a

where S is the limiting slope given previously, E is

J involves an adclitional parameter 3. Later, Fuoss

a constant

and Onsager

(L32)

and only
(46-48)
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reviseci their theories bv including effects which had not been considered

in the previous theories. As mentioneci before, tire external field causes

an asyÍtroetry in the distribution of oppositely charged ions with respect

to the central ion. rf the central ion is a cation. there rui1l be a

slight excess of anions behind it. Because of the coulombic interaction

between the catíon and anions, there aïe more anions striking the cation

from behind it than from before it. These collisions will give to the

cation a slight cbmponeni of velocity in Lhe direction of motion. A

similar effect applíeC to a reference anion. The effect whicr stems from
-the asyrmnetry of osmotic p."""rrr" depends on the concentration and the

parameter 8, and contribui:es in parL to the coefficient J. using the

Einstein fot*,rl"(49) for the effeet of the ionic volume on viscosity,

Fuoss gave the fo11-owíng results for unassociated synmietrical electrolytes

with coefficients more convenient for practical computatio:r,

øt:

(133)

(L34)

originat.ed from higher order term

In Equation (133), which justi-

Shedlovskyr s empirical relation

(13s)

(136)

(137)

(138)

A = Í,i -5rh+Ectyc +Jc +oGjA))/( t+Fc)

A = 
^" 

- I.7'* fc\c +Ic -AoFc

3/2
wheri the solution is dilute and O ("''')

of Ëhe osmosis effect can be neglected.

fies the presen.ce of c log c term in the

Ëhe folloiving quantities occur:

5 z B,Ñ +8,

E')e

þz=

6 Dkr ¿t+ 7) cv,

le¿e
Jtr \. ch x ¡;8 ¡

lr- e ypl ocitl "f l;5tt
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E = E,Ñ + Ez

{or l:t salt5

(13e)

(140)

(141)

(t42)

(143)

(L44)

(14s)

(L46)

(L47)

æ'ä' b\
¿.fi+3 E¡ =

o.Æ'/3 E^ =

A4C

-êlÒEa-D Dz

l6 ('/'

Í= o',Ñ + rL

t-, = !!t [r,, + 0.1o74 +{.-(ft|

f¿" B,B, t
^olt .5rfta

t^."

lrtul =

ab' + ab - t

t#;lÚ"'"rh(*l

bJ

Iz, z rl e' €'
þ= ¿9þ7 xrcE

Fc is identical with the EinsËein voluine ,"t* !f tthere y is t.ne volume

fraction of the ions in solution. The factor F can be calculated from

viscosity data of solutions by employing the equation

\ ='lo

where S, is the

If the ion size

( t + 1.* f F c )

Falkenhagen

is small, the

( so)
CCetrl-Crent.

term ["Fc can be ignored. The 1957 conduc-
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tance equetion rvíth the omission of FA'c term and a claimed range. of

validity t<ä < 0.2 reproduces experimeni-aL data for dilute solutions of

l-:1 electrolyt.es(5i-55) in solvents cf high dielectric constants where

ion association is sl-ig.ht. If the value of J is deiived from experimen-

t.al data, 3 .tn be evaluated and is comparabie to the sum of crystallo-

graphic radii

Ii should be noted that 
- 
tv¡o kinds of mathematical

T"rere made in ar::iving at the above conductance equation

Ëhe development which rvould leaci to terms of the order

cated, and the Boltznann factor rüas approximated in the

tinuily by the first three terms of its por^rer series.

During the early l-960rs Fuoss and Onsager(56-60) rederived a con- -

clucËance equatíon usirrg e more realistic model especiaily one which in-

cluded the short-rarìge ion-solvent interaction. Having obtained a ne\47

form of equaEion of continuity rvhich could be integrated rvith retention

of the Boltzmann fact.cr explicitly in its e)cporrential form, they derived

the equaË.ion for 1:l electrolytes

),

r¿here E' and -Ei have similar si

version; L and A are consiants

high dielect.ric consËants, this

one r,¡ith

J -- E' [-', (de,') +

and Cemonstrates that the 1957

fn L967 Erross and i{sia(61)

data for alkali haLides of high

in the prevíous

. For solutions of

to the previous

A = Ao - 5 cL + E', lo7 fueic)

approximations

. All terms in
3/2C I.ì/efe tfün-

equation of con-

(148)

gnifican

errd are

1965 eq

L- n¡t

+(L-oÑô,'

ce to E and E1

functions of 3

uation reduces

theory is mathematically

accurately reproduced a

precision in r,rater up to

(14e)

scund.

large number of

0.1 rnolar by
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using e nerù conductance equation result.ing from a recalculated relaxa-

tion fielC with the last term accounting for ion association¡

(150)

rvhere S and E are given by the plevious theory and Ao, A and B are con-

stant derived from a least square method. tsu"uo"e A and B are functions

of I ly theory, values of 3 can be calculated. They are all considerably

larger Èhan che sums of latcice radii of ions for the salts investigated

and clearly :nust include lhe díametei: of several r^rater molecules. The

"t*" 
I predicts the conductance of salt over a wider range of dielectric

constanË from that of v¡ater dotlrn to about 12, in contrast to the fac¡

thaË values of 3 obtairlable from the 1965 equation increase rvith a de-
t60)crease in dielectric constant'- '. For sol,utions of_high concentration,

an empirical term in c2 is required to extenci the fit to about 0.1-N.

In 1968 Hsia anc Fuoss(62) *"a" a revision on the term "3/2 of theír

previous 1967 equaiion. The resulting equation of IIsia and Fuoss, Pitts

equation and the Fuoss-Onsager 1957 equation were reduced to a form simi-

1ar to Equation (150) by Fernandez-Prínirc3'64) using the same mathema-

tical approximation. The performances of the resulting equations were

anaLyzed and compared on the basÍs of the same experimental data. The

clifference of Â"values between PitLs and Fuoss-Hsia equat.ion r¿as less

than 0 .04% whích rr¡as a great irnprovement r¿hen compared with a dif ference

of 0.1% existed between the Pitts and Fuoss-Onsager equatÍons. ïhe cur-

vature of the plot of (\r, - Â.nt + n' ) vs. concentration became.smaller

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

curvature for Pitts equation r,ras the smallest. The 3 values calculated

from the B coefficiei:ts in Equation (150) corresponding to Pitts theory,

were smaller than those of the Fuoss-Hsia equation. Because Pitts

A = Ao - S.'" + Ec.l7c + Ac -8r%
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J

Lerionic

orcler to

uired by

when the

of

nco

t,t-

boundary condition implies a smaller in

size ihan thac in Ftioss and Onsager, in

crease in A a smaller ioníc síze is req

in agreement with the obser'¿ed 3 valires

to the same electrolyte solution.

Pitts(65) in 1969 gave a revision

electrolyËes. The nev¡ equation ¡'¡hich i

. f .o - z't'¡{ (¡{.'o' \l' A= lAL i"T t-F-iJ

effect for a

account for

Pitts theory.

two theories

give,n íoní c

a given Ce-

Ih]-S 15

are applied

,lzz'trl
3 o'fr'T

'ç T' /ut (r+7ll

his equation for sYmmetric

rporates minor changes is,

z' ¿'/¿

tD kf (r+*11)Ûr7t({Lr1

N- Då T tol

3fr'lov'

fr'
l1

Rä

r(xå):

)lt^
L

,ì-

Jr,tXt)- 3 ll.fzlF*"ï' îfrt-L rI)

(1s1)

(t52)

(1s3)

(1s4)

(1s5)

E¡i(r+pX) -2

t (t + 1)'$fi +.¡l'

IJi e("Ðl
/è tt+'p'({z+¡l

Eî Lry + t)fr)

^Íî . ( ''Flt
(1s6)/6 Q¡I){z+'¿

A comparison of Lhe theories of Fuoss-Onsager and of Pitts was given by

pi¡¡"(65) witli respect to the diffeÍences in mathematical details, basic

equations, hydrodynamic models, boundary conditions, physical effects

't6í+n)

E,(*l

p=

5,=

-tl
9_

r/(

(*-J
t

L
"fz

1'17

t

f

ol.^

-/o +7(t.fs +)+e7'

e ; [r plrt 71
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and mathematical completeness of the solution of the equations.

Murphy and Cohen66'77) improved the results of the Fuoss theories

for the coefficients of the Ëerms c log c and c by including a contribu-

Ëion which had not previously been gíven. ftiey(67) also used a higher-

order expression for the equilibrium pair distribution function to ex-

tend the applicability of the theory to asyrEnetric electrolyËes. All the

previous theories of Fuoss are restricted to the case of synrnetric e1e-

ctrplytes for the purpose of simplificaËion. The results for the coeffi-

cients are complicated. The conáuctivíty formula contains tv/o adjust.able

parameËers Ao an¿ þ '- Jz'z'l ê' 
- calculation of the b and hence 3 froo,

å,Pþ.t xtie
conductance daËa seerns to be hopeless, judging from the extremely compli-

cated functional form of Ëhe coefficient in c. b and Âo 
"t" so chosen

as to obtain the best possible agreement between the theoretical expres-

sion and experimental results.

Owing Ëo Ëhe fact that the two leading theoríes, i.e., Fuoss et a1.

and Pitts were derived from different points of views which were possibly

compl-ementary to each other, c"r*"n(68) *o"t recentry in a short note

proposed a future synthesis of the Ëwo theories along the line of the E

c log 
" t"r*(68), where E shoul-d be given by (Uf d - 282) insread of

(nf d - EZ). If such a complete synthesis is successful, it will be a

great reconciliation between the two theories v¡hich sêem to be mutually

exclusive of each other according to subjective viev¡ points.

2. Calculation of Dissociation Constants from Conductance Measurements

In the last section Ëhe variation of conductance of 1:1 strong ele-

ctrolyte solutions r¿iËh concentration, where ion association is insigni-

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

A U r Fc) = n,l ' A, - (8,A" + B) ^[i +t, h. +J< (1s7)
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for whích leå. < 0.2. If ion association e:;ists, especiaily in solvents

of 1o¡¿ dielectric constcnts, r,rhere ion pairs can be stabílizecl through

elect-rostatic effect, or iÍ tÌre solute is a weak electrolyte which ioni-

zes parcially, the above expression needs modifications. Although the

modification by Fuoss is prímarily for ion pair formaiion, the same are

applícab1e to solutions of røeak electrolytes-" Since conductance is madt.

possible by free ions j.n solutions, irrespective of ruhether the neutral

species are actually neuÈral molecules or ion pairs, the right-hand síde

of Equation (157) should be rnultiplied by ct ,-Lhe degree of dissociation,

and everyr¡here c replaced by dc, except in the'v:LscosiEy factor, be-

cause neutral molecuies or ion pairs also contribute to the Einstein vis-

coqity if the molecule or a member of the pair is large. Hence

A,! = ¿ L n" - ß,Ñ + ùr) JT. o E ac \ a, +Ja<) (158)

In dealing lvith ion assocíation, it is convenient to speak of the degree

of association and association constant, but when dealing v¡ith weak e1e-

ctrolytes, it is more appropriale to refer Ëo the degree of dissociation

and dissocialion constant. Hor¡ever, the Erro .constants, mathenratically,

are reciprocals of one ano.ther. As long as one keeps in mind that they

are interconvertible, it ís uncierstood that the conductance expression

derived for an ion pair is -also valid for a '¿eak electrolyte. The degree

of dissociaËion, d , is related t.o the association constant KO and the

dissociation constanË K by

L = K- - (t-¿)'l'
K A u', il"

d- = ¡,/l'' +'f Knci/i'^î' - ,'
2 Ke. l!

(1 se)

(1 60)



I','hen 
. 
yt ,

cule rs

s eries,

the activity coefficient

approximated to unity and

d b."o*"" (69)

of the ion pair

the souare root

4T

ot o, the neutral nole-

term is e:<panded i n a

d = t - KAc îi¿ + a K;.'6:a - s
3rKc 6Ur+

li
(1 61)

On substituting this relation into Equation (158), the product on the

right hand.side can be given by a sum of series. In the r¿orking range

usuelly considered, 4, can be written(70) as't

Â,1 = A' - {B,,n'o 8, ),rE< + Eac Í*Vac l- Jac - Ka^,tc l:'
= Au - (tJ, ¡o + ô).Fc r ê-dc trVac +Jac - *nrr,î'J

(L62)

This is the êxpression for conductance of electrolytes whertâ ion pair

formation or incorirplete dissociation exists.

Although the theoreticel values of the ion association constant are

related to the charges of the ions, Ëheir sizes and solvent properties,

by the Bjerrum theory(71) or, more correctly, the Fuoss theo::y(72), these

theories are noL applicable to weak electrolytes, such as organic 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 the

electrostatic theory. In a. solution.of a weak base, such as anrrronia,

the neutral species are NH, in majority and NH4OH ín minoritr(ZS)e and

the charge carriers are an¡rnonium and hydroxyl ions. The real mechanism

of formation of I\TH4OH in aqueous solution is still open to question.

Even if a fracticn of NH4OH molecules does arise from ion association,

the association theories are unable to account for all the effects of

equilibria that give rise to NHOOH. Therefore it ís futile to apply the

theory of ion associati-on to the calculation of dissociation constanls
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for vreak 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,

ê.8., amine and water in this work, írrespective of whether there is any

equilibrium leading to the formation of an intermediaËe compound Amine.

H2O or not.

. The experimental values of dissociation consËants based on conduc-

Ëance measurement may be obtained in may vlays, depending on the magni-

Ëude of K and the mathematical meËhods employed. They all stem from the

Ostwald dilution 1aw r¿ith modification of the Arrhenius theory. Accord-

ing to the Arrhenius theot"Q+), the degree of dissociation of a weak

electrolyte aË concentration c is

Ao1'" 
N

on the assumption Ëhat the ionic mobilities do not change

centration. If Ëhe above relatíon is substituËed into Èhe

express ion
,L

K= dcxi
( t-<) "rt(,1

= L + cA
ñ ¿(^'

one obtains the OsËwald dilution law in the form of Kraus and BrayQ5),

who neglect the activiËy coefficients,

(1 63)

with the con-

mass action

(t64)

(16s)J

According to this

the intercept and

is linear only at

interaction upon

equation, a plot "f + against cA gives + as

^ßI

- 
as the slope, and hence K. Such a plot

K /f'
exËreme dilution, because of Ëhe neglect of long range

the conducËance and of the activity coefficient,



A = d. (. Ao - (t, Ao n û)Jl.)

to calcuiate Â' and K. This

is difficult to solve explicí

used the method of successive

the Arrhenius value f.or d- is

Equation (166) tc give

d-,
o

A

A second approxímation

in the Onsager term of

where F(7) is

f.1

Fuoss(76) made use of the reduced forn of Equation (158) , i."

(166)

expressíon is in third power of ¿!' and

Lly for A" ar.ð. K s imultaneously . ¡'rlo", (76)

approxímatíon. For a f-irst approximation,

substituted into the square root term of

(L67)
( B, Ao + Br) n'h

ñ
nob

r_ 66)

(8,
(168)

AO

to the correct value of d.

dr=

Repeating tiris process gives a convergence

The final result fc,r d- is

A
d-=

no Fqt

Ëhe continued fracËion

F<f =, -.î (,-l(r-¡(r -..

ined by substituting dt f.or 4

Ao + Br)

(1 6e)

ik )- 
!" 

)- 
Lr

da is the

Equation (

AT
-lt-AOL

yz

ti
,

.h o'l

with

Fuoss has tabulated numerical

so. that once F(¡) is found, /

-_ ! *-, [t ^-,t_ irLç)J

(8,Ao+8.) ,hA\

,f /,

values of F(¿) (76)

can be caiculated

(170)

(17 1)

the range Ò <ã {0,:o1

meaàs of Equation

â=

in

by
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(16e).

gives

Subs tituting Equation (L(,g) in Eq.ratíon (164) and rearr4ngíng

fg_ =.^
!.+

AO

c 
^11 (t7 2)

rt N'Fç) l',

in which y.l- can be estimated from Lhe Debye-Hl-ickel expression or its ex-

t,ended equation, if there are no available data, and y', the activity co-

efficient of Lhe neutral molecule is approximaEed as unity. The above

expression shows ihat a plot of 'P "". '!^iË- dei-erminesA F{¡)
as the intercept and slope respectively, and hence A' and K.

In order to proceed lrith this method; it is necessary Lo know'the

value of Â' first for the calcùIar.Lon of fr . A starting value of Â" may

be obtained by free hand extrapolation of the conductance data. An im-

proved value 9f 
^" 

can be obtaineci from the a-bove mentioned plot. Tlris

process is repeated until a final value of Ñ is found satisfying Equa-

Ëions (169) and (171), and then K is derived from the plot on the basis

of Ëhe last obcaíned Ao

An alternate but bet.Eer method

by Shedlovsky(33). By vrriting his

(L22) in the form

(8,Ã" oD.)
^t¿ (17à)

^'he defined d,, as

ß'
This equation is a quadratic function in

solve than Equation (165). The soiution

ú in ternrs of the variable î is

for values of z\" and K was proposed

empirical equation, i.e. Equation

6.)¡l
^ñ (L7 4)

simpler to

equation for

(8, Ñ +

/= 
Ê-'

L
¿(' and ls much

of the Shedlovslcv
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Q= #lI - [-,(Ð.]'= 
^+

¿Jî -r. L-
¿ù

5?r

with

J- = ! +K, Kr

In ihe range l0-' { r .( 1, the

function is preferable. For K

the same dissociation constant.

,.lä+
t2î

c A öi S,tt

K (N).

^'value of K obtained through

{ lO-3, both procedures give

Sr¿t = t+A+

(t7 5)

(176)

(178)

the Shedlovsky

practical ly

Values of S(¿) in the range , r1{ o.zo1 are iabulated by nagge¡¡(77)

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

tsy the repeated procedure described in the method

and K can be derived from chis Shedlovsky method.

(L77)

of Fuoss, values of ¡{

Fuoss and Shedlcvsky(78) f,uv" shown that values of lf obtained from

botk methods are the same, because in the 1ímiÈ, Lhe Shecllovsky equation

can be reduced to the Onsager expression. Hor.rever, K, a,,d Rp, the dis-

soci-ation constants obtained from the Shedlovsky and Fuoss methods, differ

and are relaced by

(t,A' + B.)

I

TsÇ, =l+
AO

ing

For

If the Shedlovsky plot involves too

A" , it can be found more accurately

example, -in the case of amine

,far an extrapolation for obtain-

by means of the Kohlrausch 1ar^¡.

A"

and this

-o o .o oA. .+ A - e 
^ 

- A- - +-Am 
i ¡ ìu rn A H- d¡nin e. È,Cl - 

c l-

o

on-

is the method I have used.

(L7 e)
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In dealing with rveak acids and bases, experimenters face an impor-

tant problem as to the solvànt correction. The mos¡ corruiÌon vra¡ is to

substract_ the -specific conductance of the solvenÈ from that of the solu-

Ëion. This is applicable when the soLute is an unhydrclyzed salt vrhicir

does not change the origi-nal speeific conductance of the solvent which

may contain traces of impurití.es. If r',ater coniains â- trace but unknown

amount of v¡eak acid impurity and is used as the solvent for a weak base,

the amount of salt thus forrneci is a trace, yet may contribute a consider-

able portion to the total specific conducËance of the soiutr'on. If much

difficulty arises, it is coirvenient to handle the appropriate solveni

correctio.n in an empirical- way developed and used by shedlovsky- and rar(79)

in their evaluation of the dissociation constánL of acetic acid. Their

treatment can be generalized-to other rueak acids and bases

If L and io are specific conductances of the soluLion and sol.zent

respect.ively, A is then given by

tooo ( L '1,)
(180)

root of the mass action

looo L = {ñþ Lo +
(181)

where tooo L (182)

Itisa

+,-+(,- 
ÐJn

in mosL cases.

A=
c

e square

"irr.a 
(7 9)

rh

bt

L

and

ey

ß)

4/
¿!

,th

A"K

fð,

)

By substituting this expres

equaËion into Equation (175

C

is. not

use the

s aon

,ni=

The factor in brackets

good approximation to

far from unity

expres s ion

Ao Ky" cll

St6t 
fr!

looo L -- lno Lo + (183)
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A graph of 1000L vs

tion 1000Lo as the

resulting Lo can be

EquaËíon (181). A

satisfactory value

r,rhere A is the observed

conductance of the free

small compared with [ ,

t,c'u. f,- Ñ5rl\/'
s(illL L', ---x* 

J

inËercept and ,4' Kà as the

used in the calculatíon of

subsequent plot of Equation

of Ñx4. Therefore K can b

gives the solvent correc-

slope. If necessary, the

the bracketed term in

(181) suffices to yield

e computed. once d i"

(184)

by means of the

knorrn

Â'""r, be calculated from using the Kohlrausch lar"¡ for the relevant

limiting conductance data. Often it is required to measure the conduc-

tance of a hydrolyzed salt, e.8., 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 Maclnnes

and Shedlovsky(80).

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

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

known value of hydrolysis constant K, = 
fu ,nO the stoichiometric con-

^l<
centration of the salt of weak base, vLz.

.) = Ka + l Ë rLc L +r.

From qr , the ttËruett conductance Aro* may

relatÍon

A = (, -.) Aror, I - Aro

*^1v'
-t<)

be calculat.ed

A=
co?1

the values of

equivalent conductrn"e, Á^^

acid in salt solution. Since

Ano can be assumed equal to

,t, - ø ñna

l- u)

A vs. 
^l¿co 11

(185)

is the equivalent

* Aro is necessarily

A"nA . Therefore

(1 B6)

gives the corrected limiting con-A plot of
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ductance of the sa1t.

of weak acids.

A similar trearment can also be applied to salËs

In the present work to calculate the dissocíation constants for

amines, at first only the experimental daËa for the v¡eak base and its

hydrochloride salt are known. In order to use the meËhod of Campbell and

Bock for the hydrolysis of the salt, it is necessary to have a starting

value of I!, from an approximated value of dissociation constant from the

data of the base by a free hand extrapolation. Approximated values of

A.o* for the salt are obtained. The resulting values can then be used

Ëo calculate the limiting conductance of the salt, and hence the límiting

conducËance of the base by Kohlrausch principle. This limiting conduc-

Ëance is employed to calculate the dissociation constant for the base by

the Shedlovsky and Kay meËhod. Now the dissociation constanL is fed back

to Ëhe procedure of calculating a better hydrolysis correcËion using

Equations (184) and (186). Eventually as the processes of Shedlovsky and

of Campbell are repeated, K, \ and Ao 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 spontaneous flow of soluËe or

solvent. In a single electrolyte solution, the solute moves from a higher

concentraËion 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 parËicle moves

in the suspending medium. For two adjaeent 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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forner along clre -X direction, 11, horvever, the concentration cf. Ehe

first volume element ís greater than tha; of the secon<l one, then there.

are rÈore- particl.es lea.víng the first element and entering the second than

there are particles from the second entering Lhe first one. Hence, there

is a net transfer of solute in the direction of lorver concentration, and

a similar process occlrrs for the solvent rnolecr-rl-es, simultandously, un-

til there is only one eoncentretion throughout the scl-utj-on. The rate

of flow is expected to be approxirnately proporiional to the concentration

difference e:risting betl,Ieen the tv;o vclume elements.

The first successful formulation of the diffusion rate was due to

pis¡(82) who derluced that the force ín the cliffusion process r¡rês analo-

gous to that in heaË flotø. He observed that the rate of transfer ¡,¡as

proportional to the concentration gradient at a given temperature anC pre-

ssure. Fcr a unidimerrsional diffusion Ílorv, his first larv may be r.¡ritten

r = -r (*)
(1 B7)

r,rhere D is the diffusion coefficienc, J is the flux or the rate óf material

Ëransfer per unit area, and ?9 is Ëhe rate of increase of concentra-'a7
tion lvith d.istance x measured in the direction of flow. Usually Lhe di-

rection of flor¡ is taken to be tiie positive direction of Ëhe ciistance x,

the concentration c is expressed in the same units as used in defining

the flux, anci the volume unit for the concentration c is the cul¡e of the

unit of distance x. If J is expressed in moles 
"*-2"."-1, anC x in cm,

then c is expressed in *olu c.-3, and D Ëhe diffusion coefficient is in

units of cm2sec-l; it is independent of the mass units used provided that

the same units are used in defining J and c. The negatíve sign in the
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first lai¿ cf I'ick makes D a posiLive quantity, s:-r,ce ff is negative by

virtue of the choice of sign for x r.¡hich increases as Ëhe concentratiolt

decreases. Although D appears in the firsc larv as a proportionality con-

stant, exPerimental neasurenents show that it is a function of concentra-

t.íon. The main objective for the study of diffusion is to explain such

a variation of diffusion coefficient r¿ith concerltraEion.

Fickrs first law is important in the stuciy of diffusion by steady-

state methods ín which the concentration gradienl ?9 doe" not change with

time. For mathematical analysis of diffusion experíments. it is conve-

nient to transform Equation (187) into a form knov¡n as Fick's second law.

By combíning the said equation with the requirement of a continuity of

mass over a differential vol-ume element of unit cross-section, the fo11or,¡-

:-ng expression for Fickts second 1aw is obtained

ò<\
- 

I

àx /
à< a

-ZAl àx (o (1BB)

There is a relation between .the difiusion coefficient of an electro-

lyte and its equi-ralent conductance, because diffusion and conductivity

involve Ëhe migratíon of ions.. tr{hen Nernst(83) originally derived ihe

relation between these two effects for dilute solution, o"*ãai" pressure

vras regarded as the driving force for diffusion. The modern vier,r regards

ihe gradient of chemical- potential, having the dimensions of a force per

unit quanLity of solute, as the virtual force causing diffusíon(.84). For

electrolyte solutioLrs, each ion of the díffusíng electrolyte is under the

influence bv tt¡o forces, (a) Ëhe gradient of chemical potential for the

solute and (b) the electrical field prociuced by the motion of the oppo-

sitely charged ions. The nore rnobiLe ions tend to diffuse faster than

the less mobile ones. They create on a nicroscopic scale a charge sepa-
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raËion or a gradient of electrícal ¡iotential in the solution. This has

Lhe effect of increasing the speeci oi the slcwer ions and <iecreasing that

of the fasterr'unLil finally they have the same speed, si.nce a macroscc-

pic charge separation does not occur.

Let y', and Ð, be the number of caËions and anions respectively re-

suiLing irom dissociation of a solute molecule, iî ,pB is the chemical po-

tential of the solur-e

lø
where ¡1 and )r2 aye the cationic and

forces on a cation and an anion due

are

(1Be)

anionic chemical potentials. The

to the gradient of chemi ca1 potential

.l ã/,¿
N4 Vx

-t 9*
N* ¿x

and (1e0)

r,¡here N" is the Avogadro Number, The negatir¡e signs are used since the

ionic motion is in the direction of decreasing chemical poLential. The

effect arising frorn the. unequal mobj-lities of the ions may be represented

as an electrical field of inËensity E which exerts on each ion an ad<ii-

Ëional force. The total forces are

+ Z,eE (1e1)

F2=- t TreE
(Le2)

where 21 and z, are cationic and anionic charges, and e is the unit el-e-

ctronic charge quantity. If u1 and u2 are the absolute mobilities cf the

ions r'¡hich produce an equal ionic velocity v, then

I òFt
b-

't - N^ àx

t ìlt
-M4 el

tr = ", (- í'# r z,€É) = ",( k^'# - z,eE)
(1e3)
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t- ltr t à¡ì\ _or Z(" " r";1) -

By usíng Ëhe condition for

obËains

(:- . J- D-l'\
\ u. N^ ayJ

( v à/! + ,. à/t\
\ ¡ âx ' ax/

t.
7
"L

neutraliiy, J,7t n u,

(Le4)

7r=o, oneel ectr ical

u. t{-
LL

4t y-L+ùL\t'l-

the concentration of solute in moles per

lhe solute ís

(1e5)

unit volume, Ëhen the

(1e7)

(1eB)

expres sed

(1ee)

(200)

w =- !N\

Ifc

flux

l=v

By comoarison oí
.:

D= J_w

l_s

of

út'ú¿ - c à/-t¡ )c
C1t=----Æ'

v, t,-¿Ì ùrtÀr Ìvl/- ? c ex (196)

Equation (f96) ivith EquaËion (1e7), D results as

út ut

ùrurlùrt'+, N< à0"c

From Ëhe Cefinition of mean molar activity coefficient,

þe=lå +ùRrL"c\*
and the absolute ionic mobiliti.es in units of cn ,""-ld.ynu-l

in Ë.erms of the limiting equivalenË conductances , vi-r.,

anr{. 4Z =

,ë
Ne A,

E,*,
Equation (197) take-s Lhe form

. -6 O

L, 
^, ^¿

7t-. = '"-L' rz,! !'

uArA¿ RT I| = -.-.---- . -- ! !+
4 tz tl (À", + n'.) ÍL \

the Nernst-Hartley equation. At in

= O , one obtains the Nernst equa

This is

&
dl"¿

áe-A\
d0"" /

iinite dilution, where

tion for the limiting value
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^c

Do= u,lz,lJ' Ai *ñ,

By using the conditíon for electrical

for the diffusion coefficient are

D=
Rr IzJ + lzll Ai

?' lzt 2.1 ,l?, 1".

Þ
AZ (,n&!!\

\ aL,c /

R'r' ¡z,l + nrl !þk
dl-c

D = D'(,+!þfu\dhc /

&r
A,

6+r rl ¡+t(å,

Ehe Ciffusi-on cceff :-ctent,

Ù RT Ñ, A", 'lo
î.121f, x to T

)) 
^, 

,i.
4tz,l (¡i - ni)

(201)

neutrality, aLternate equations

(202)

n" ti ti ( ,-*
l' I zt zrl

where tt and -;l are the Eransference numbers,

or símply

and

where

(203)

Qa4)

(20s)

(206)

The values of !.Yl:.ri obt.ined by taki-ng the slopes from the plots
d l-^c

of experimental values "t l-fl, a}aínst .¿alues of h<.

Since deviation of the theoreticai values from the experiraental

values &'ere observed at low concentrations. Onsager and Fuoss Q9) , and

Stokes 
(85) added electrophoretic terms A, and A, to the above equation.

For syrnmetríc electrol¡rtes, the equaËion is

D = (t+ #) (o' +^t-+òL)

(r; -tîi t4

a^= h * k å)' F*f F¡ e te 3ç\ (,#l (207)
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For 1:1

weak

ciat

tion

v¡hich

where

or ion

*2 tt

-t: )'

25oC l-.econe

,ú<

elee.trol-ytes Â, an.l

'6, ÒA, = -f.o] x/o (t¿
tl t ä^fc (208)

I + o,377

Êå.<' _l
t+ ÉL)Az= 8.tt , t;ì! ßà)' Éi (e¿eå.)

-21
î,''t7 x to

(

4¡ æa1

ha

eory

ptc

tion

irh

the

value of +z(ttî.)

es (85). The th

it is obeyed u

The above equa

electrolyËes rr

ion and (12 it

(197) becomes

r
D - l¿

L

The

S tok

that

)u (r-a)*,fV, V,

úr+ 4t

-(20e)

s been tabr:lated in the range o { teâ. ( 6 by

has been tested on varioub electrolytes .and fourrC

c = 0.01 r,¡ith suitably chosen values of 3.

for <iiffusion coefficient can be adopted to 1:1

some modifications, If a{. is the Cegree of disso-

absolute mobility of the r:.eutral molecule, Equa-

zþr (, . #) (210)

(2LL)

nt of a moLecule

(2L2)

leads l-o 
o1/ Å.|*rq*l

O =fd(oo+a,+1') +z.(t-r.)D;J (' +' ìf)
Dl2 represents the hypothetical diffusion coefficie

pair at infinite clilution and is defined by

^6 , 
-D._ = RItI,._'L IL

An equation equivalent to Equation (211) for zinc sulfate v¡as first de-

rived by Harned and Hudson(86). Their values of d. rvere obtained from

conductivity data. The diffr-rsion coefficient n!2 '"ras calculated frorn

the experimental values of D and c{ in the concencration range 0.001-

0.005 molar. A reasonabl;r constant value of nl, was obtained. ll, for

citríc ""i¿(87) and acetic acid(BB) ,ou.u also obLained in similar \.^/ays.
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The previous theories are applicabie to dil-ute solutíorrs r./here the

effeccs of voiume restrain and diffusion of solvent are negligibJ-e. Foi

concentrated solutíons, the solvent mol-ecules in general move in the

opposite direction to that of the solute. Ions may carry r.¡ith them a

Permanently attached she11 of solvent molecules i.¡hich become a part of

the diffusion solute entity. The viscous force may be considerabiy mo-

dified by the presence of a large number of ions. A quantitative theory-

for concentrated solutions incorporating the effect of mass-florv \das pîo-

posed by Hartley and Crank(89), assuming that there vras no volume change

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

vessel of unit cross-sectiorl, the diffusion coefficients Df, anC D{ for

each species may be defined as

DI v^

Since cO and cB are

solute, it follovrs

VA

the number of moles of A

therefore that

=l

orB

¿x

(2L4)

(2 1s)

and B in unil volune of

- rrV àcn-D;ri ; ro - -D"-Þ (2 13)

If V4 and VU are the constant r¡olumes in the unit used in defining the

concentratíons of A and B, then the volurne transfers of A and ts per unit

time across unit atea of a fixed plane, say P in the closecl vessel ere

- D;q'# j

to+vB

-D"B 
-v, 

î:
By defining the cross-section as one across which there ís no net trans-

fer of volume, it follows that

11 + D:
àx P

àce
- a'l

)xvo

ö
(2L6)
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and

In order to satisfy Eguations (2L6)

is necessary that

D;=D;=D'
and this defines

Hartley and

siogr coefficients

Figure 1,

o (2L7)

and (2L7) for non-zero volumes, ít

(218)

vA* + v8

the mutual diffusion coefficient Dv.

Crank further introduced the concept of

D: and Dl for Ëhe t\iro componenËs. WithAB

a?

Íntrinsic diffu-

reference to

----+ increasing a

<--

-ÐÞ

c8

co

â (r¡increasing, 
- 

positive
ex
ècaÍncreasing, 
T; 

negative

direction of diffusion of A

direction of diffusion B

Figure 1. Intinsic 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 voh¡mes on each side of the plane. Ihus

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
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intrinsic dlffusion coefficient is defined in te¡ms of the flux aclcss

uniË area of sucir a plane. The flux of A due lc iircrinsic diffusion of

A is given by

(2Le)

and similarly for B

16 (:."':r;':,::r":^) = r D;'# ezo)

The rate of volume swepl toç,¡ards the -X directí.on by the moving plane Q

of unit area is given by

í^ (',ï'",^'Í,),',r",i^) = - r; *

#-' F (t^ûo - 4 vu)

= - (Ç^DÅ * - v" Þå *) e2r)

The same quantity also represents the bulk floi'i rate of solution across

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

l^ (b*tk {low in 'x direclíon) = ,uY.

= -cA eorÁ ÌX . Çu ri tl (222)

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

=-D;#r,^(r^r^*" Çroi*) 
(zz3)

Since this flux also defines the nuLual- coefficient Dv, so one has

Í^(net) = J^ (1,:'"^^)t,t::i,n - J^(':': :!::r',:,)
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-.rv 
ècA

-A âx = -";r#

Diu

, èco
h':-A ¿x

+ v,oifr)o ,o (Vo

By using EquaËion (215), the above equation is sinplified to

"tkce -ZL(lo - 7u)

(224)

(225)

If A is the solute and B is the sol-

(226)

(227)

(22e)

1' Pí*vo .o (Då - D;)

The intrinsic diffusion coefficient Dl at finite concentration co is then

related to it-s value at inf inite dilutíon cA = 0 by the facto t J*"o
á %re

v¡hich express the effect of the deviation of the sol-ute from ideal be-

haviour. The activity in the thermodynamic factor may be expressed in

any concentration scale, since the logarithmic differentiation elimi-

nates any constant conversion factor. It is possible that.the relative

viscos ítV J-' should be introduced.
IoÐ

venË, then

d k xol^ \oeDÅ=
àhc,t 1

and Díj = Dåu
Å l^, xulu \ ra

dL"cø 7 
-

where D9^ is the diffusion coefficient of A at irrfinite dilution ín sol-
A-ts

venË B, and DIU is the self diffusion coefficient or tracer diffusion co-

efficient oi B in pure B. By using the relations

xA
cA= (128)

Tovo + x,

xA+

-t

xo =l

vB

x^V^ +d l,^x^ xøva
(230)
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J hrø ire
and

dtnx6

Equations (226) and

x8

(227) can be ¡vritten as

T,o xA Á t"xo{o Joø
-Aò --:--

Vare dhxo I'^' =

(231)

(232)

and D: - T)o xð ¿ A" xa{e 'loø

= = D:= + (233)
Vn ca dln,Xa 'l

InËroducing Equations (232), (233) and the Gibbs-Duhem equarion, viz.,

lh xn{o / hrof6. =ffi (234)

into EquaEíon (225), then the mutual diffusion coefficient Dv is

D'= æ f[0,"(Ã- +J-',"',\7 Q3s)

By usíng Equation (216) and the relation b = 
y, Equarion (235) is76 <ð

simplified to the Hartley-Crank equation,

Du = ++þ¡,rr:, * *^Dåu) (,,6)
dl..rxn I L

By syrrnetry Dv is also given by

i = +*41,^r;^.rÈD;Af (237)
dhxo | ç

for which A is the solvent and B is the solute.

The Hartley-Crank Ëheory was further elaborâted(41,90) Lo account

for the possible effect of solvation of Ëhe solute B. If B denotes Ëh

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

D,= ¿l^xî!î I í ô o ô-oì
dhx) 7 L x^ Du^ t te Dae ) Q3B)
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where ,; anð. 7^ 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 enËíties of both specíes. Since Ëhe diffusion of the

ions is restricted by the condition of electrical neutrality, it is per-

missible to treat the concentraÈion, 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

must be given to the fact of irorrí'zatíon is in the expression ¿ lr"xâ{,i

This can be writ.ten as ¿ l-t a; . Because of the hydration, and for an

aqueous solution, d["æu is given by

wiËh 4A

solute.

dl^êB

=a!, the

By the use

= dlnraB + AaL"oo

conventional activity as computed for

of Èhe Gibbs-Duhem equation, ví2.,

=- ry.dhq-
55.51 6

(23e)

the unhydrated

(24o)

(24L)

(242)

d0-da

EquaËíon (239) becomes

¿¿-oî = (t'o.o6År)dhau = (t- o'otl/trnJ"0{lra¡

In order that Equation (238) *ay reduce

7] + o , it is necessary to put Dí^ =

from Equa tíon (24L) , or more completely

to the Nernst limiting value as

DO

I where the factor y arises

Do^ = (D" + a,+ar)/v; and Ðfo

becomes the self -diffusion coefficient of water fi,ro . Therefore, Equa-

tion (238) can be

Àv-D"ur,

Subst,ituËing the

Å orâ

ties into

o,ottr 14

vrritten as

d¿, âB ."lt"m /
dh^ dl"";\

following quantí

,t1,

/Däö) ?,

;/7
the above equation

,X;
5s.5t -Ån+wt I + o,otE n(,-Å) (243)
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çt.! I - lm ¡- ¿.0t,îÅrn

tf ,Sl - fi F^ + r,l i+Ò.otln(t-t") (244,\

(24s)

(246)

using the mean

x 1o-5 
"*2"u"-1,

A

(t- o,ot8{^), o2o'
d b.n

¿ln aoo

d f^^

4(",m

D" = Do (!þ:a(r-o,otf g-)f , + o,ot8 ^þË* -¿t !\ at^^/' L ,';-^l T Q47)

The diffusion coefficient Dv gíven by Equation (247) is that which woul-<i

be obtained if the volume-concentraLion and flux in the diffusion experi-

ment \,rere conpr-rted on the basis of the hydrated solute. However; sír-rce

the volume:concentration of the elecErolyte is unaffected by any coosi-

deration of hydration of the ions, it is the same as the diffusion co-

efficient'D obtained by the ordinary computation, ruith the concenLration

in moles of anhydrous sol-ute per unit volume, and the flux also is ín

moles of anhydrous solute per unit cross-secLional area.per second.

For i:1 electrolytes at values of m small enough to justify the

omission of the square of (0.018 hm), and by including the electrophore-

tic corrections in the main Do factor only, the above equation takes the

form,

Ð = (Do+ a, + o,)(*-^#)l:+co16^(+ 
^lli (248)

à fr"x$

one obtains

Robinson and stokes (91)

value of the self-diffusion

ì 1 o.ot8 (t-A)n

have tested Equation

coefficient r:f r,¡ater,

(248)

2.44
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iaken irom the r.¡o::k cf Pariingt.on, Hudson and Bagnail92) and. of trnlang,

Robinson and Edelman,',(93). From the experimentai Ciffusion coefficierrts,

lireiting mobilities, thermod.yanmic data and assurned values of g and

hence a, and Aa , they calculated values of h, the hydrati-on number for

a number of 1:1 strong electrolytes. Another set of h values rvas also

obtained by ornítting the viscosity factor. IË ivas found that both sets

of h values fitteci the experimental diffusion data ruithín 0.5% up to 1

mo1a1, using equations wíth an without visco.sity correction respectively,

The fact that the values of the first set are abor:t tr"-ice t-hosê of the

second set shor¿s thaL h is very sensitive to the viscogity factor. Aside

from the possibility of an over-correction by the relative viscosity,

there are unce-rtainties ínherent in tïre application of the ,liffusÍon equa-

tion from a theoretical point of view. The electrophoretic corrections

appl-icable to dilute soluiions may be far froin valicl in concentrateci solu-

Ëions. The self -<liffusion coefficient of r,,/eter 'varies considerably with

salt concentraiion and this is also a f.actor neglected in calculating

Èhe hydration number. All the inadequacies may be absorbeci in the value

of h. Thus the real meaning of h is more of a paraneter than of a true

hydration number

For 1:1 weak el-ectrolyles or strong electrolytes for which ion-

association cannot be neglected ín high concentratj-on, the expression

for the diffusíon coefficient is

úr,þ

x l-a (oo
L

(t +m ffl ot1 n ( tD"'!
tDo Ð)

L
1

D;]+A,+a.) +2('x)
(24e)
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e¡hich is the equation used by l{ishaw and Stokes (41) to sÈudy the diffu-

sion of armnonium nitrate in concentrated solutions. The degree of dis-

sociation was roughly estimated from the conductivity. The value of

Þ: for Lhe ion pair r,¡as taken to be 1.5 x 1O-5 crn 2""é1, from the mobi-tz

lities of the separaLe ions, by considering them to merge into an ellip-

soid. Assuming Ëhat the ammonium nitrate was unhydrated, the diffusion

coefficients of the salt calculated from the above expression agreed

wiËhin 2% wLluh Ëhe experimental values, up to 6 molar.

To develop a diffusion equation vrith hydration effect suitable for

this work on the concentrated solutions of amines, it is convenient to

regard Èhe degree of ionic dissociation as zero, and the díffusing en-

tity as Ëhe predominat.ing hydrated amine molecule. If one sËarts from

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

amine molecule, one eventually obt.aíns

D = ,;^ + (t -o.orl/,,^)l- ,o 
',ott 

n ( 'I, ^i J"
áhn 'L \ Do- 

-K)J I Q5o)

where nfiO i-s the hypoËhetical limiting diffusion coefficient of hydrated

amine molecule in solvenË r¡rater, and aU is Ëhe activity, as computed

from the unhydrated solute on the convention of binary mixtures. Multi-

plying out the product in the above expression and neglecLing the square

term in (.018 m) for not too concenËrated soluËions, the equation simpli-

fies to

(2s1)I 
o;^

lÌ.
D tu

d P^rn

D, according to Ëhis

vs. m will give a
_ãY -Ao" )
2 

_ BA/

If Ëhe theory fits the experimental values of

equation, a ploË of the quantity , (+,) (#r) 
,

straight line ¡¿ith intercepË DfiO and slope 0.036 (

+ o.otl^(+- 4o;^,
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From the kno,¿n values of ofO and Dfir6, the hyciration parameter h can be

calculated.
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II 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 tiermodynamic properties by total

vapor pressure measurements, liquid-vapor equilíbrium composition experi-

menËs, and the irreversible Ëhermodynamic properties by the diaphragm

cell technique and conducLance measuremenL. ConducËivitíes of dilute

solrrtions of the amine hydrochlorides were also determíned to supplement

those of amine solutions, so that Ëhe degrees of dissociation and the

ionization constants of Ëhe weak bases rnight be determined. The visco-

sities of the mixtures r4/ere measured since viscosiËy was an indispen-

sible factor in the studies of diffusion and conduct.ance. My research

was directed Ëo obtaining a comparison of the physical properties among

these systems and to correlating them, in order to establ-ish the degree

of hydration of the amines. The experimental temperature chosen for the

compl-etely miscible sysËems monoethylamine-water and diethylamine-water

was 25oC. Since mixtures of monoethylamine and water containing more than

about 70 mole % of amine, boiled at 25oC, as established by this rvork, mea-

surements were not extended beyond this upper limit; also the extent of

liquid-vapor equilibrium experiment at 25oC was confined to the range

for which the compositions of the condensed distillates did not exceed

the same limiË. For the system triethylamine and water, the experimenËal

temperature rdas L7oC, where they were miscible in all proportions. These

liquid systems, notably triethylamine-water and diethylamine-water ex-

hibiË lower criËical solution temperatures, or in oËher words, the solu-

bility of one liquid in the other decreases with increasing temperature.

They show a conrnon thermodynamic behaviour and this is presumably deter-
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mined by Ëhe same pattern of molecular interaction in solution. These

amines contain nitrogen atoms vhich can interact rnrith hydroxyl groups of

!¡aËer molecules through hydrogen bonding. ExaminaËion of many binary

systems in Ëhe literature reveals in general that the effect of pecula-

rities in the behaviour of a eompound at the criËical region extends in-

Ëo the homogeneous region for large intervals of composiËion and tempera-

ture. The horizontal portion of the vapor pressure-composition isotherm

rerdains practically unchanged at a considerable distance from the cri-

tical soluÈion temperature. A study of the total vapor pressure over a

binary mixLure belor^r its miscibility gap vras desired in this research.

It was also of inËerest t.o invetigaLe to what extent such reversible

thermodynamic property influenced the nature of the irreversible pro-

cesses, especially diffusion, below Ëhe 1o¡¿er criËical temperature.
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III EXPERI}IA}MAL

III.A Materials

l-. ConductivÍtv ila"ter

I¡Iater of specific condr-ictance in the

was obtained by passing ordinary distilled

mineral-izer model BD-l with a nixed be<i of

2. Amines

order of 1 x 10-6 ohrn-l",n-l

rüater through a Bantam de-

ion-exchange resins.

The amines r'Iere the best conmercia'1 products._ Triethylamine, rnono-

ethlzlarnine and 7O*t.i/" of monoethylamine in aqueous soltuions\¡rere obtained

from Eastman Organic Chemicals, and diethylamine'from the tr'isher Co.

Triethylamine and diethylamíne rvere reíluxed v¡ith sodiuin and sodiur.r hyC-

roxide pellets and luere finally distilled. The fractions used distilled

at temperatures BB.Bo+O.5oC and 55.7o+0.5oC for triethylamine anrJ di-

ethylamíne respectively. irreighed sarnples of the distÍ11ed amines neu-

tralized the Ëheorecical amount of hydrochloric acid with in i+0.2'L, using

methyl red as the indicator. Monoethylanine rvas used ¡,¡ithcut further

purÍfication, because of its volalile nature

3. Amine llydrochlorides

The hydrochlorides i.ìrere prepared from the resultíng amines by neu-

luraLízíng chemically pure hydrochloric acid solutions with slight excess

of amines. The exces-s quanËities r¡/ere expelled by gently boiiing or-f

the solution uniil Èhe condensate di<i not turn red liËmus paper blue.

The hydrochlorides were twice recrystaLLized from conductivity Ì..¡ater

and dried at 110oC before they were pul.verized and kept in desiccator

with phosphorus pentachl-oride as the desiccant.

4. Potassium Chloride

Fisher certified A.C.S. potassium chloride was used without further
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purificaËíon in cal-ibration of the conductance cells and the diffusion

cell. It was dried at 115oC overnight and cooled in a desiccator.

III.B. Preparation and Analysis of Solutions

1. Amine Solutíons

Aqueous stock solutions of known concentrations of trieLhylamine

and dieËhylamine r^/ere prepared by mixing conductivity water and amines-

in known masses. The concent.rations in wt.%, mole 7" and molalíty were

cal.culated. From the measured densit.ies of the solutíons at the experí-

mental temperaËures, the molarities were also computed. A stock solu-

tion of monoethylamine about 70 mole % in amine rías prepared by dissol-

víng the amine in conductivity T^rater. DiluËe solutions of monoethyl-

amine rnrere prepared by diluting the stock solution Their concentra-

tions r¡ere determined by volumetric analysis, by neutraLizíng knov¡n

weights of amine soluËions with standardLzed hydrochloric acid solutions,

Ëhe excess of v¡hich ¡¿as back titrated, using sLandardized sodium hydro-

xide solutions and methyl red as the indicator. The results of dupli-

cate samples r.rere reproducable r^¡ithin 0.1%. From the densities of the

solutions at the experimental temperature, the concentratíons in any

unit could be obtained. Using meËhyl orange as the indicator and the

analyËical procedure given by l^IelcherO4) hydrochloric acíd solutions of

various concentrations from 0.lN to 2N were standardizeð againsË re-

agenË grade sodium carbonaËe r¿hich had been heated in an electric furnace

at 290oC. Sodíum hydroxide solutions of 0.05N and 0.lN were standardized

by titration againsE hydrochloric acid of knorvn concentration using bromo-

thyrnol blue as the indicator. Very dilute solutions of the amines \.^/ere

made up by diluËing 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 meas.urenents, diffusion measurements, liquid-vapor equili-

brium composítion determinat.ions and the disrillate thereof, trere ana-

Lyzed volumetrically as described above. With the aid of preconstructed

graphs of density vs. composition, the concentrations of the solutions

in molariÈy could also be found.

2. Amine Hvdrochloride and Potassium Chloríde Solutions

. Amine hydrochloride solutions for use in conductivity measurements

were prepared by dissolving rveighed quantities of the salts in conduc-

tivity l{ater of knom specific conductance. The weíghings of the hydro-

chlorides were made with a microgramatic MetLler balance. Because the

hydrochlorides rvere hygroscopic, especially that of monoethylamine, it

r'ras necessary Ëo take a series of readings in weíghing against time and

extrapolaËe to zero time when Èhe desiccator rras opened, to compensate

for the gain in weighË, due to adsorption of moisture and the possible

drift of Ëhe mechanical zero of the balance. Solutions of mass up to

about 3 kg. could be weighed by using a solution balance of sensitívity

of 10 mg. The densities of the soluÈions r.rere determined at the experi-

mental temperature and the concentrations in molarity \^/ere computed.

Standard potassium chloride solutions for calibration of the con-

ductance ce1ls !¡ere prepared by dissolving weighed quantities of the

salt ín known amounts of conductivity r.raÈer. For diaphragm ce11 calibra-

tions, the solutions rrrere made up in a similar manrì.er. The concentra-

tions of the solutions at the end of a díaphrag¡u 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-

tiËies of the soluËions, and from the density daËa of the solutíons given
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by the InLernationel Critical- Tables.

III .C Therrnostats and Batirs

Several r.rater baths r+ere useC in thís research. The vapor pressure

measurements v¡ere made in a three feet tal1 cylindrical sËainless steel

bath wiLh 1.-rng vertical glass rvindo-*u. This bath permitted the mancmete::

to be immerseci completely. A I horse poner stirrer in series rvith a

poruerstaË stírred ihe 'çvater very rue11. The Èemperature could be control--

leci at a1 t heights to.+0.005oC using a mercury-tolue.ne thermoregulatorr' 
.

a solid state relay, a l25-i^7atL heating source ahd a ccoling coil .

The thermostat for dj.ffusion experiments r¡/a.s a rvel-l- insulated con-

tainer of about ten gallon capacíty. The temperature control was eifec-

te<i by the use of a Sargent thermonitor of model ST incorporaied vrith an

auxiliary reiay, a 100-v;a.tt heating source end a coolÍng coil in l¿hi-ch

r¡zaLer of temperature 2.oC bel-ov¡ the experimental tempera-ture \,ùas círcula-

tgC intermiËtently by a 1or.r poi^/er pump. Stirring r,¡as achieved by using

a 1/100 horse por.rer stirrer

Trvo water baths side by side were used by liquid-vapor equilibriu¡n

composition measurements. The bath ín which vapor satura.tioa toolt place

was regulaLed at the required temperature. Another bath in which pre-

saturation vras under v/ay was maintained at a slightly higher temperaiure

from 10 to 5oC. Both \ùere controlled effectively by mercur-v-Ëoluene re-

gulators ,¡ith solid state relays, stirrers, heating and cooling elements.

For conductance r,¡ork "Marcolttoil was used as the thermostatic fluid

to eliminate extrarie.ous capacity ef fect(95). A low \"/attage heating e1e-

ment a.nd a cooling unit r¡ere operated alternately by a relay wíth a mer-

cury-toluene regulator.

The temperatures of all the baths rvere determined by Beckrnann ther-
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momelers v¡hich had 'ueen calibrate<l aga.i-nst a standard plat.ínum ::esis-

tance thei:monreter using a Muel1e:: bridge. The fluctuation of tempera-

ture in a1 I cases i¿as ruithin 0.005cC.

III . D Dens ity Measurenrerrts

The riensities of the test solutions r.¡ere determined with 0str¿a1d-

Sprengel type pycnometers of approximately 25 ml capacities, calibrated

aË the required experinental tenperatures. ?re-cooled and homogeneous

solution was ferl into the pycnometer by using a filling bottle and appii-

cation of e sLov¡ .stream. of ccmpressed air. After the solution was in

thermal equilíbrium ivith the bath, the ¡nenisci in the capillaries were

brought Ëo narks, and the two ends of the capillaries were capped. tr^iater

adhering to Lhe ual1 lvas renroved -t¿ith-acecone. The pycnonteter \"/as trans-

fered to the balance case and brought to equílibrium whenever it rvas

possible without spilling due to therinal expansion. In the case of tri-

eihylaminer\.^/ater, weighing rvas done before the pycnometer ruas warmed up

to room Lemperature to avoid spilling. Since the calibration of the

pycnometer had been done in a closely simiLar condition, it was believed

thaË ther-e \¡/a_s no significant error introciuced in this respect.

III.E Viscosity Measurements

Viscosities of the soluticns lrere measured by means of a Cannon

and Fenske type \riscometer(96) with run time for vrater of about 400 sec-

onds. This type of viscometer is a modification of the OsEr,rald visco-

meter in that the upper and lower bulbs 1ie on Lhe same vertical axis to

reduce Lhe error in the mean heaci caused by deviation of the visconeter

from the vertical posiLion. The exacL position of the viscometer in the

bath was fixed b¡r using a clamp holder. It was calibrated aE 17oC and

25oC with run time reproducable ¡¿ithin 0.05%.
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III.F Vapor Pressure Measurements

The vapor pressure of the solutíon \¡/as measured by a statÍc differ-

enËial method in which the difference between the vapor pressures of the

solution and that of pure r.rater r¿as determined with a differential rnano-

meter. This method had been devised by Gibson and Adams e7) , and its

technique improved by Shankrnan and Gordon(98).

The apparatus used in this v¡ork is sho¡+n in Figure 2. In this appa-

ratus Êhe original auxiliary flasks containing water, as used by Gibson

and Adams to approach equilibrium by condensation of water vapor on the

solution, were dispensed ¡¿ith. This was because volatile liquid míx-

tures, rather than salt solutions, r¡rere dealt r,¡ith in this experiment.

It seems appropriate for the auxilíary flask to contaín the same test

solution as Ëhe main flask but, this arrangement had no advantage over

the use of one main flask, r¿ith extra amount of solution. As long as

the solution v¡as ín equilibrit¡m vriËh its vapor, and the solution vras ana-

Iyzed after completion of the experiment, there vras no need for the sub-

sidiary flasks. The inÈernal diameter of Ëhe manometer Ëubing r¿as 20 mn

to avoíd capillary effect. Since vacuum pump oil, diethyl phthalate,

n-buËyl phthalate and other manometer liquids were soluble in the amines,

it was necessary to use mercury as the manometer f1uid. The heights of

the manometer liquid were measured r¿ith a cathetomet.er v¡hich could be

read to *0.05 n'r'u.

At the beginning of the experiment, the solution must be degassed.

30 nl of the solution were placed in the flask of B0 ml capacity. The

outgassing was accomplished by freezing the solution in liquid nitrogen,

Ëhen evacuating until the residual pressure was less than 0.001 rmn Hg or

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



Figure 2. Dif ferentia-l- Manometer
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Figure 3. Then the soiiá ivas.melted, the freeziirg and evacuating pro-

cedure r,/ere repeated five t.imes before the flask ruas detached and nìoun-

ted to the differential manometer. The same treetnrent T,,/as appiied to

pure rcater as i:he refe-rence liquid in another flask. Having evacuated

the manometer to about 1 micron, it rvas placed in the thermostat. The

liquids in the flasks r,{ere agitated by magnetic stirring. The stopcock

to Ëhe solvent, 54 in Figur:e 2 was opened. AfËer an hour of equil ibra-

tiorr, manometer readings were ta-ken until a steady value v¡as obtaíned.

Finally the stopcock to the solution, S, r,ras opene-d, and the consËanË

difference in pressure after 30 minutes çv-as rneasured. Stopcocks 53 and

54 were closed before the manometer r^ras removed frcm the bath. Samples

of the solution were analyzeC and the concentre.lion of the soluËlon in

equilibríum iviEh its vapor was determined.

Ail t-he vapor pressure measurements in mrr Hg v¡ere reciuced to OoC

by the use of standarci formulae. The precision in the measured vapor

pressure r,¡as within 40.1 nrn Hg.

III.G DeterminaËion of Vapor Compositions

The compositír:ns of the vapors in equilibrium with the j-iquids of

knourn compositions -were determined by an isothermal distillalion folloived

by condensation and analysis of the distillates. The apparatus sho'¡n in

Figure 4 was essentiail-y that used by Bichoi¡sky and Storch (99) , and

Pearce and Snoru(100), with slight modificatíons. It consísted of a series

of eigb.t unit.s in the saturator part and eight units in the pre-saturator

part. Each unit in ¿he saLurator Iùas constructed and used as follows.

Nitrogen r,¡as fed into the unit through a short central tube "a", tapered

dovrn to 2 mm capillary. AL Ëhe tip of the capillary the strearn oi nitro-

ge-n broke inio bubbl-es r¿hich passed up a sligåtly incline<i tube 5 mm in



Figure 3. Vacuum Line
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Figure lr. Apparatus for Isothermal Dístj-llation
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di¡meËer and B0 smo 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 v¡as drawn from the botLom of the saturator and carried

by the niËrogen bubbles up the slanting tube to the surface of the liquid.

This kept the solution circulating and ensured Ëhat the nitrogen that

came out of Èhe capillary made contact with fresh solution. The gas li-

beraËed from the bubbles as they burst then passed back over the surface

of the liquid to the tube "cr', leading eiËher to the next saËurating

unit or finally to the trap. This type of saËurator had the advantage

that the bubbles had to travel in the solution and keep contacL wíth the

liquid for a comparatively long duration, so that equilíbrium could be

approached more effectively. Each tube in the saturator was provided

vith a vertical tube I'e" for filling and emptying. This had a r.rater-

tight ground glass cap. The capacity of each saturating unit was 40 m1

when fiIled.

rn 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 3litres per hour. Ihe presaturator r^/as kept at a tempera-

ture from 1 to 5oC above that of Èhe saturator. The choice of the bath

temPerature for the presaturator was such thaÈ there r¡ras negligible net

accumulation or def icie ncy of amine in the saËurator as found out from

analysis of the solution afLer the experiment \./as over. The vapor then

passed Ëhrough each unit of rhe saLurator and finally into the trap.

Connecting tubes outside the thermostats betrveen t\./o saturators and that

leading to the trap r^rere warmed by coils of Nichrome resistance wire

heated by a six volt copper oxide rectifier Eo avoid condensation of the

vaPor. Ihe trap shown in Figure 4 consisted of a glass tube 200 nun in
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length and 25 ¡mn in diameter with an internal tube 6 nrn in diameter. It

was fitted with a ground glass joint to permit. attachment to, and re-

moval from, the saturator, and was maintained aË suitable temperatures

in a dry ice-acetone baËh for trieËhylamine-r,rater and liquid nitrogen-

eËhanol bath for other systems. AfËer about 5 ml of disËillaËe T,ìrere

collect.ed, the distillate and the liquid in the saturator v¡ere analyzed.

If the concentration of the amine in the saturator did not change by 3%

of í-Ës original value, the mean value of the initial and final values

was taken to be the concentration in equilibrium with the condensed vapor,

oËherwise a nev/ temperature of the presaturating bath was re-set and the

experimenË vras repeated.

ïII.H Conductance Measurements

A Leeds and Northrup conductivity bridge shown in Figure 5 r'¡as used

to measure the resistance of the solution. It r¡/as a modified version of

the familiar trrlheaLstone bridge, adapted to alternating current measure-

menË, with inclusion of the "lnlagner groundrr, a device which elíminated

the current leakage at the detector terminals. Signals of I 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-

cËor. Measurements of resisLance could be made well within one ohm in

ten thousands.

Conductance cells of Ëhe type reconnnended. by Jones and Bollinge¡(1011

were used. They were made of Pyrex glass with the leads and filling

tubes suffíciently far apart to eliminate errors due to the Parker effecË.

A Shedlovsky quartz cell of the original design(102) r." employed for

very dilute salt soLutions. Polarizatíon errors were reduced by platini-

zatíon.



Figure 5. Leeds and Northrup Conduct.ivity Bridge
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The cel1 conscants r¿ere determined

solutions of poËassium chloride made up

Bradshaw(103).

measuring Ëhe conductance of

the. standards of Jones and

by

to

Since the amine solutions had high vapor pressures even when chilled'

rinsing the cells with amine solutions r,rould result in changing the ori-

ginal concentrations of the solutions. To minimize this, dry conductance

cells were used wíthout 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 T¡rere compensated by plotting the measured

resistance against Ëime for two hours and exËrapolating the later portion

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

III.I Diffusion Measurements

The diffusion coefficienËs vrere measured by Stokesr magneËically

stirred diaphragm cell metho¿(104). The cell is shown in Figure 6. It

r,ras made of þrex glass and had tl¿¡o compartments each having about 50 ml

capacity. The sintered glass diaphragm was of No. 4 porosity, 40 rmn in

diameter and 2 nm thick. Each comparËment conËained a stirrer of Ëhin

wal1 glass tubing, 3 rmn in diameter and of length slightly less than the

diameËer of the diaphragm. Inside each stirrer fine iron wires of equal

length were sealed. ,The number of wires sealed \¡rere so adjusËed that

Ëhe stirrer in the upper compartment sank and that the lor¿er floated.

They made contact only gently with the diaphragm to avoid excessive mecha-

nical wear of the diaphragm. The solutíons in the compartments vrere

sËirred by the rotating moLion of the sLirrers d.riven by a permanent horse

shoe magnet outside the cell, to ensure homogenity and to Prevent Lhe

format.ion of stagnant'layers on the diaphragm.

A slight modification of Stokest cell r,ras made. Instead of the



Figure 6. Stokes t Diaphragm Cel1
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rubber sLoppers, the necks oi the ce1l rvere cl-osed l.rith capillary bore

stopcock at ihe bottom and r^¡ith a fine-capillary plug at the top. The.'-

rüere provideC r.¡i-th teflon sleeves s1-ightly J-ubricated with high r.acuum

silicone grerse. The evaporation oÍ sol-r,'ent or solution 'blas neglígible.

Remcval of all air frc¡r the pores of the diaphragm hras necessarJ¡

for a1l díffusion measurernents. In order to effect this removal- of air,

iË was necesslry to degas both solvent and solutiorr, In this research

the solvent \,/ater r+as degassed by evacuating the flask containing the

sclvenf: ior a period of half an hour v¡l:lile it v¡as being warmed. Since

the conLpositions or'the solutions might change very rnuch froil the ar-rLi-

cipateci val-ues by such r pto""d.rt", these solutions ,,vere degassed by

f.reezíng theni in liquid nitroge.n, then evacrrating for half an hour. The

stopcock to the vacuìrm line was then closed, the contents of the fl-ask

melted, aad tlie sanre pi:ocedure cf freezing and eve-cuating repeated. The

degassed solvent was then piaced in the diffrrsion cel1 and about 500 m1

of solvent suckeC through ihe diaphragrn. The cell r.¡as inverted and an-

other 500 nl of <iegassed solvent \.,/as then passecl- through the diaphragm.

After this procedure, the loruer coinpartment was filled ruith solven't and

was stopperecl , uraking sure that there Ìíere no bubbles trapped. The upper

comPartment Þ-as half filled'v¡ith solvent and then evacuaLed through the

neck unLil the solven'u boiled. The vacuum r^¡as re-leased abrupily and ar-

mospheric pressure then forced the solvent into the diaphragm pores.

This procedure was repeated several Limes, after which the cell- \^ras coin-

pleteLy filled r.rith solvent and stoppered.

In order to keep the ciiaphragm in the degassed condition in all sub-

sequent transfers of solution or solvent to and from the cell compart-

ments, special side-ho1e pipett.es reconmend.ed by Janz and Mayer(105) !¡ere
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employed. rn a side-ho1e pipette, a hole about 1.5 nun in diameter was

made approximately 3 ûm above the sealed tip. Thus the delivery of liquid

was horízontal, not only minímizing the possibility of aír bubbles being

forced into Ëhe diaphragm in rapíd 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 acíd and the volumes

of the compartments \dere measured prior to the diffusion experiment. The

Ëota1 volume of the degassed cell was obËained by weight calibration with

r,/ater. The volumes of the compartments excluding the diaphragm pores

¡,¡ere ca1 ibrated with mercury since it did not T/üet the diaphragm and did

not penetrate into the pores due to surface tensÍon. The volume of the

diaphragm pores vras evaluated from these calibrations. Then the effec-

Ëive volumes of the compartments røere calculated.

Before starting the experíment, the solvent and solutions r¿ere

brought to the experimental temperature. Since the amine solutions had

a smaller density Èhan that of r.¡ater, the former was placed in the upper

compartment. First Ëhe solvent-filled cell with stirrers r^¡as put in an

upright position in the thermostat, leaving the neck above the water.

After thermal equilibration the capillary plug vras removed, and the sol-

venE in the upper compartment removed. Having rinsed this compartment

four times each ¡¿ith 25 ml amine solution, it was completely filled and

stoppered. The filled cell was aligned betr¿een the poles of the horse

show magneË and the stirring started. AË Ëhis moment the iniLÍa] time

¡.ras noted. The duration of the prediffusion run v¡as determined by the

Gordon criteríon(106) , t * 4, depending on rhe magnirude of rhe di-
D

fussion coefficient õ and the thickness of the frit 1. The diffusion
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'dala of previous runs gave rough bui safe prcjections of the cnoice of

pradiffusion cj-rne ior subsequeni fuÌlsr rangÍ-ng fror¡. Lhe order cf 2 hcurs

to 15 hours. After the prediffusion þeriod r.{as over, the cell was raised

ur"rtil the upper neck was above the r¡ater leve1 . Thc e->:posed capillary

piug was removed and dried, The solution in the upper cùmpartiltent was

withdrarvn. A-fter rinsing it four tirnes, the cornpartment r,7as filled up

with the solution. Again this soluËiorr was transferred totaily from the

con.partnlent and preserved for later analysis. Its concentration found

røas tal',en as the initíal concentl:atio,rr of Ëhe dif f us ing soiution ' A

final filling with the sEock solution follorued, and the neck was tempor-

arily stoppered with a short ground glass stoPPer havíng a capillary

bored stopcock, The ceil rn¡as then inverted for a short time, the stopper

unit of the originally lovrer compartment \.^/as removed and the half ceil

rinseci anci re-filied rvith fresh solvent. After thj-s ha1 f ce1l was Plug-

ged, ihe entíre celi rvas restored to its original position, l'¡ith the

appropriate compaltnent up. The tenLporary sËopPer lIas replaced by the

fine-capillary plug. The cetl r,/as norù install-erl under the magnet. ÍIhen

stirring was staried, the diffusion experimerit r,zas under way. The time

at which the final rinsing with sol'¿ent r,,Ias completed was taken as the

zero Í.or timÍng the cliffusion exPerÍment.

When the diffusion experiment was 
.completed, 

the ce11 was positioned

to expose partially the upper compartment. The solution in this rvas rvith-

drawn for analysis. The cell r+as then remcved from the bath and inver-

Ëed. The stopcock on the lo..u'er plug was opened, prior tc the removal of

Ëhe plug to avoid sucking back of the liquid from the ottrer side of the

diaphragm. Finally, the boitom stopper -rùas removed and the solution

withdrarvn for analysis. The moment at rqhich the latter comPartmenl \tas
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opened r,ras. the end of the diffusion experinent

The stirring rate rvithin the cel1 was 60 r.p.rn., suf ficiently rapld

to prevent the fcrmatlon of stagnant solution layers in the r¡iciniiy of

the ce1l diaphragm, since Stokes(104) reported that any rate betrvee-n 25

to 80 r.p.m. rvas sufíicient. The alignment of the diaphragn cel1 r¿as

such Lhat the diaphraflrn \^ras in a horizontal plane. According to Stokes(104),

deviations of one or ir^/o degrees from tire hoiizonta,l would result in a

bulk flo'r¡ erroÍ of less than 0.2"n of the t.otal transport, and hence suffi-

cienËly accurate aiignment of the cell was rnade by eye.

Thediaphrag:nice11conStantpinEquatíorr(260)appearinginrhe

next chapter \,ras ca1 ibrated at 25oC by using'a-pproximately 1 molar Dotas-

sium chl-oride solutions in the lorver compa:rtment ancl pure llrater in the

upper one. The diffusion coefficients of potassium chloride for ce11 cali-

bration ât 25oC ha..,e beei-, tabulated by stokes (107) from Ëhe data of il.arned

and Nuttall(lOs) an<i of Gosting(109). Cell constants obtaine.J by diffus-

ing KCl counter-gravitationall-y to the upper conpartment with Ëhe celi in

normal position and iriverted were found to be identical. This indicated

that the diaph::agm ivas isotropic with respect to the opposite directions

of diffusion. Unfortunately, since the existing diffusion data for potas-

sium chloride and other salLs at lower t"*porát-,rre \,üere insufficient, the

caiibration of the ce1l at 17oC could not be carried. out. I was conpelled

to use the cell constant at 25olC in the diffusion measurements of tri-

ethylarnine at 17oC. Considering the formal dependence of the ce1l con-

stant on the dimensions of the frit and the cel1, it was likely that a

change in Lemperature by 8oC rvould not produce any significant change in

the cel1 constant.

The a'Lirition of the diaphragm due io action of the sCirrers, and
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t,he enia::gement of the por:es from the flov¿ cf ihe i-iquid in wasiling and

alkaline attack by the am:-nes Cu-ring e:<perirnen¡-s caused the cell con-

stant to change wílh Lime. Therefore Ehe cell rvas calíbrated once after

every three runs, and the ce1l constant rùas interpolateci for each e:<-

perime;ltel run.

lihen all the previously mentioned precautions r'lere applied and the

error in analysis r,¡as kept belotr A.2%, a precision of about !0.5% in

Èhe ini-.egral di-ffusion coefiicient def ined by Equation (260) could be

expected. The concentrations of the test sclutions we-re kept above 0.05

molar because sllrface transporE in the diaphragm would lead to consider-

able errors belor,v this concentration, as pointed out by Stokes (104) 
.
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IV TREATÌ"IEI\ru 0F EXPERLMENTAI DAT¿\ lti\D RESIiLTS

IV.A Densities an<l R.el-ati-.¡e T/iscosicí,es

The densities and relatir¡e viscosities, that is, the ratios of vis-

cosities of sol-utions to those of pure trater at the experimental tempera-

tures are given ir: Tables 1, 2 and 3 as functions cf moie fraetion, mo-

lality and molarii¡r. The relations betr¿een the Censìties and mole frac-

tions of the three sysËerûs are presented in Figure 7. The relative vis-

cosities are ploited against nolalities ín Figure B t,elor¿ m = !2, and

against molarities in Figure 9.
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TASLE 1

Densities and Relative Viscosities for the System
Monoethylamine-I,Iat er at 25oC

xi
Mole Fraction

Amine

m

Molal ity

c

Molarity

d

Dens ity
1*r

RelaËive
Vis cos ity

0.0000

. 0.0000899

0.0001535

0 .00307 5

0.0007403

0.001721

0 .003688

0.00938

0.01878

0.0396s

0.06486

o.0994

0.1319

o .L7 6L

o.2270

o.2934

0.3866

0.4998

0.6639

0.0000

0.00499

0.008s2

0.01707

o.04LL2

0.0957

0.2055

o.5255

L.062

2.292

3 .850

6.L2

8.43

11.87

16.30

23.05

34.98

ss.47

109.7

0.0000

0.00497

0 .00849

0 .01701

0.04091

0.0949

0.2025

0 . s064

0.999

2.024

3.159

4.55

5.7r

7 .08

I .40

9 .80

LI.32

L2.64

L3.97

0.977r

0.997L

0 .997 0

0.9970

0.9967

0.9961

0.9948

0.9910

0.98ss

0.974s

0. 9631

0.9488

0.9350

0.9156

0.8936

0.8669

0.8337

0.7986

0.7570

1.000

1 .002

1 .005

1 .011

1 .020

1 .043

1.111

L.22L

1.498

L.445

2.265

2.5L0

2.595

2.477

2.L86

1 .708

L.L97

0.718
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TABLE 2

DensiËies and Relative Viscosities for the System
Diethylamine-!{ater at 25oC

Mole FracÈion
Amine

m

Molality

c

Molarity

d

Dens ity

1^ut

Relative
Viscos iËy

*
N8

0.0000
0 .0001435
0 .0004283
0 .000BBB
0.001187
0.00164s
0.002107
0.003720
0.006131
0 .009597
0 .01290
o .oL7 57

0.02905
0.04580
0.06127
0.1014
o.1442
0.2019
0.2795
0 .40s0
0.5014
0. sB8B

o.7023
0.8019
0 .9057
0 .9504
1 .0000

0 .0000
0. 007 96

0.02378
0.04933
0.0659
0.0914
0.1171
o.2072
0.3424
0.5378
o.7zsL
0.9930
1.661
2.664
3.585
6.264
9.349

t4.04
2L.54
37.77
s5. B1

79.49
131.0
224.6
s32.8

t062
æ

0 .0000
0.00795
0.02366
0.04897
0.0654
0.0904
0.1157
0.2029
0.3313
0.5117
0.679\
0 .9099
L.444
2.T5I
2.733
3.98s
5.009
6.052
7.046
8.075
8.576
B. 899

9.188
9.361
9.484
9.52
9.s6

o.997r
o.997r
o.9967
0.9963
0.9960
0.9956
0.9952
0.9937
o.99L7
O.9BBB

0.9863
0 .9828
0 .97 52
0.9646
0.9544
0 .927 6
o.9022
0.8735
o.8426
0.8044
0.7809
0 .7 629
o -7422
o.7263
0.7115
0 .7054
0.6989

1 .000
1 .001
1 .005
1 .016
1 .030
I .033
1 .050
1 .080
t.L34
t.225
1 .309
L.439
t.782
2.293
2.696
3.364
3.589
3.424
2.8L9
T.822
L.274
0.935
0.648
0 .493
O.3BB
0.3s4
0.323
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TABLE 3

Densities and Relative Víscosities for the System
Triethylamine-irlater at LToC

Mole Fraction
Amine

m

Molality

c

Molarity

d

Dens ity

lna

Relative
Viscos Íty

x
x8

0 .0000
0 .00004694
0.00007498
0.0001797
0.00041s0
0 .001238
0.002134
0.004069
o.007294
0.01s42
o.02346
0.03146
0.05177
0 .07 93s
0. 1146
0.1620
o.2313
o.3372
0. s381
o.7L07
o .797 5

1.0000

0.0000
0.00260s
0.004162
0.00998
0 .02304
0.0683
0.1210
0.2268
0.4034
o.8692
L.334
1.803
3 .031
4.784
7.181

10.73
L6.70
28.29
64.66

136.3
2t8.7

0.0000
0.002602
0. 0041 56
0.00995
0.02295
0.0688
o.LL92
0.2207
o.3847
0.7878
1.150
1 .480
2.204
2.989
3.757
4. s18
5.279
5.999
6.694
6.992
7 .087
7 .213

0.9988
0 .9898
0.9987
0.9987
0. 9985
0.9978
0.9969
0.9953
0.9926
0.9861
0.9788
0.9702
0.9s02
0.9272
0.9034
o .87 82

0.8502
0.8191
0. 7809
0. 7588
o .7 496
o.7299

1 .000
1 .000
1 .001
1 .001
I .008
L.023
r.062
L.I2B
t.24s
1 .583
L.92L
2.257
3.049
3.764
4.031
3.876
3.235
2.L42
0.989
0.601

O.3/+6



Figure 7, Densities of Amine Solutíon;
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Figure 8. Relative Viscosities of Ar¿ine

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

Solutions vs. Molarities.
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IV.B Total Vapor Pressu::es and Partial Vapor Pressures

The' total vapor pressures for the th;:ee systerûs at their experinien-

tal- temperatures are given in Tables 4-6 and presented graphical l-y i-n

FÍgures 10, 11 and 12 respecti.¡ely. The liquid-vapor equilibriuin- com-

positions are listeci in Tabl-es 7, B and 9, an<l shor¿n graphically in

Figures 13, L4 and 15. From large scale versions of these figures, value-s

of total vaÞor Þressures and liquid-vapor equilibrium compositons ¿'.t roun-

' ded concentretions of the liquid phase v¡ere obiained. From these values,

the par:tial vapor pressures of amines and r¿ater were calculated on the

basis of .Dalton's law, ví2., for arnines

?u = 'åf (252)

. *t .,rr¡here År- ís the mole fraction of amine in vapor phase, and

p is the total vapor pressure

The results are iabulaled in Tables 10, IL and L2, and plotEed in Figures

10, 11 and 12.
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TA-ELE 4

Total Vapor Pressures of the System
Monoethylarnine -lilater at 25oC

vjê
^B

Mole Fractíon
Monoethyl-amine

P

Total Vapor
in nnn

Pressure
Hg

0.00000
0.00971
0.01878
0 .03960
0.0648
0 .0993
0.1316
0 .17 56
0.2260
0.29L4
0.346L
0 .3853
0.44'05
0.4966
0.577
0.656
I .000

23 .t s(1.10)
27 .7
31.6
40. B

53.s
74.1
95.6

L26.8
166.7
228.5
287 .9
339 .5
426.5
502.0
610.5
717 .6

106,6 
(111)



Figure 10. Vapor Pressures of Monoeihylamine Solutions

vs. Mole FractÍons of lrlonoethylanine at 25oC.
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TABLE 5

Total Vapor P-ressures of r*he System
Diethyiamine-I{ater at 25oC

Mole Fraction
Diethylamine

P

Total- Vapor
in mm

Pres sure
T{o

)É

vs

0 .00000
0.0I196
o.025L4
0 .04001
0 .0s48
0 .081 6

0.1347
0.1.96A
0.2546
0 .3330
0.3877
0.45¿t4
0.542
0 .630
0.698
0.769
0 .850
o.923
0.965
1 .000

23 .7 s(rro)
34.2
4s.3
56.3
65 .3
lLq
86.4
97 .l

107 .1
LzL.4
13r. .9
t4s.r
t62.6
L79.5 -

L91.2
202.9
2L5.4
226.7
233.4
238. B



Figure 11. Vapor Pressures of

vs, l4o1e Fractions

Diechylamine Solutions

of Diethylamine at 25oC.
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TABLE 6

Total Vapor Pressures of the System
Triethylamine-l,iater at 17oC

rt

ivÍole Fracticn
Triethylarnirre

P

Total Vapor Pressu::e
in nun" llg

0 .00000
0 .00489
0.00994
0 .01531
0 .01850
0.02470
0.03423
0.0706
a "L427
0.2185
0 .2958
0.3779
0.4644
0.531
0.609
0 .691
0"774
a.841
0.905
0.9s6
0.988
I .000

t4.sI 
(110)

26.1
JO. I
45.9
49.r
51 .9
52.5
52.7
52.9
trî t

53.s
53. B

54.0
54.1
s4.4
54.6
s4.9
54.9
54.0
52.0
48.6
46.7



I'igure 12. Vapor Pressures of Triethyl-aniine Solutions

vs " Mole Fractions of Triethylarnine at L7oC.
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TABLE 7

Liquid-r/apor Equilibrium Compositions for the System
Monoethylamine-trdater at 25oC

*.
7

É̂

Liquid Composition in
Mole Fraction .{mine

ìfl,,.x.B

Vapor Composition in
Mole Fraction Amíne

0 .0000

0 .0084

0 .0199

0.0331

0.04s8

0.0560

0 .0650

0 .0758

0 .0913

0.1020

0 .000

o.r52

0.276

0 .388

0.481

0.535

0.584

0.635

0.793

0.725



Figure 13 
"

Liquid-Vapor -Equilibrium Compositions for

the System Monoethyalmine-Water at 25oC,
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TABLE 8

Liqrricl-Vapor Equilibrium Compositicns for the System
Diethyiamine-IoJater at 25oC

*
7:e

Liquid Coinpositíon in
Mole Fraction Amine

xv
nB

Vapor Ccmposition in
Mole Fraction Arr'ine

0 .0000
0.0093
0.0248
o . o+çlo
0.0893
0. 169
0.250
0.334
0.4r2
0.497
o.596
0.696
0.788
0.897
0.950
1 .000

0 .000
o.250
0.4,87
0. 635
0.712
0.770
0.813
0. B4s
0.876
0. 902
0.937
0.947
0.962
0.980
0.990
I .000



Figure 14. Liquíd-Vapor Equilibiium Compositions for

the System Diethylamine-ï,Iater at 25oC.
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TA3LE 9

Liquid-Vapor Equilibrium Contpositions for the Systen
Triethylamine-lùater at 17oC

.*
ry"
''B

Liquid Composition in
Mole Fraction Arnine

Vì¡

^B
Vapo:: Composition in
Mole Fract.ion Amine

0.00c0
0 .0048
0 .0099
0 .0149
0.0248
0 .0499
0,1011
0.L97
0.348
0.496
0.64¿r
0.793
0 .858
0.924
0.975
1 .000

0 .000
0.443' 0.607
0.689
o.722
0.729
o.732
0 .735
0.738
0.742
0.749
0.772
0.783
0 .830
0.905
1 .000



Fig.u-,:e 15. Liquid-Vapor Equilibrium ConposiLions for

Ëhe System Triethylainine-IüaËe¡ at I7oC.
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IV.C Activities and Activicv Coeffícients

The lv'ater activities and amine actívities in the usual ruay were ob-

Ëaíned by dividÍ-ng the partial vapor Þressures of the components by the

vapor pressures of pure water and the amine respeetively. The vapor pre-

ssures of pure r^/ater at 25oC and 17oC ro¡ere oblained from the r.¡ork of

Keyes 
(110) . These values are

þ; = 23.?l mm Hg ot 25'ç ; 14'51 *m i15 ^t t7"C

From the vapor pressure of pure monoethylamine at 25oC, 1066 nun Hg ac-

cording to Bittrich(lll), that of pure diethylanine at 25oC, 238.8 mm i{g,

and of pure triethylamine at L7oC, 46.1 nm Hg, both measured by me, the

activities and acti-ríty coefficíenËs, i.e., the qrrotients of the activi-

ties to the mole fractions at rounded concentrations r,/ere comÞuted and

girzen in Tables 13-15.

Afier converting the mole fractions into molalities, the logarithms

of amine activities rüere plotted against the logarithms of molalities in

Figures 16, 17 and 18, since these curves are useful in the theoretical

treatment of diffusion. The water activiEies of the sysLems as func-

t.ions of molarities were presenËed in Figùre 19 through 2L. The mean

activity coefficient of the free ionic species, 
f* 

involved in the eva-

luation of the basic ciissociation constants appearing in Equation- (73),

requires a preliminary computation'of the stoíchiometric mean activity

coefficienË of the I'aminium hydroxide" , l, , as given by Equation (70),

which in turn necessitates an estimation of the constant Ç expressed

in Equation (66). Unfortunately, a finite value of ka for each amine

could not be obtained because, on the one.hand, from the measured partial

pressllres of amine it appeared that they are proportional directly tc

mole fraction rather than to the square of the mcle fraction in the di-
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lute region, and hence

othe:: hand, e.,len Hei-ir;.rr

are proportional to 7;

1ution, but to perfo::ra

tI
the limit of 4-.-a; appears :r.i=iniie; oir lhe+; x;
s 1ar..'iinplies ihai iire vapor pressures of amine

for these dissociating t'solutes'r in e:<treme di-

the highl-y accurate vaDor Ðressure measuremenLs

i.n very dilute soi-utions anci de,--ive fror¿ tlrese the proportionality con-

stant is experimen:al1y, a nìatter of great dír'fÍculty. Therefore the

mearr ionr'-c activiiy coeffi-cients of the aminíurn an<i hydroxyl ions'.+ere

not obtainecl . llenci:, for tire estimation of the mean activity coeff icients

requirecl in the calcul-ation of the dissoci¿¿tion constants, I ha-ve to re-

sort to sorne other nie-ans. Evaluation of Lhe activity coeffí.cienl of the

undissociated species by Equation (7/+) had to be pcstponed untíI the <ie-

gree of dissociation r,;as availabl-e, as meniionecl, irr the section ciea.ling

with conductivitv
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TABLE 13

Activítie-s and Activity Coeffícients for the System
ì4onoethyla¡nine-trüater at RcunCed Concentrations at 25oC

#
/B

Mole Fraction
Amine

ân

i¡Iater
Actívity

f

tÀ

I^Iater Activity
Coefficient

a
B

Amine
rrctivity

f-
Ð

.{mine Activity
Coefficient

0 .00

0.c1

0.o2

0 .03

0 .04

0 .05

0.06

0 .07

0 .08

0.09

0-10

1 .000

0.989

0.987

0.979

0.973

0.968

a.952

0.926

c.909

c.897

O. BB4

1 .000

0. 999

1 .007

L .003

1.013

1 .019

L .013

0.996

O.9BB

0 .986

0 .982

0 .0000

0.0041

c .0083

o.oL24

0.0168

0 .0215

0.0266

0.0323

0 .0380

0.0442

0 .0502

0 .41

0.42

0.¿lLL

0.419

0.430

a.443

0.46L

0.475

0.49L

0.502
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TASLE l-1r

Activitie.s and Activity Coefficients for the System
Diethylamíne-T¡Jater at Rounded Concentrations at ?-soc

Mole Fraction
Anine

I¡iater
Actívity

'*

A

l¡later ActívÍ-ty
Coefficient

"B

Amine
Activity

_f
rB

Arnine Àctivity
Coefficient

xs

0 .00
0.01
0 .02
0 .04
0 .06
0.08
0. 10
0. 15
0.20
0 .3c
0 .40
0.50
0.60
0.70
0.80
0. 90
0.9s
1 .00

1 .000
0 .990
0.980
0.959
0.946
0.935
0.926
0 .906
0 .882
0.816
0.733
0.635
4.529
0.424
0.311
0.181
0. 101
0 .000

I .000
1 .000
I .000
0.999
1 .006
1.016
L.029
L.A66
1 .103
1.165
I.222
L.270
7.322
L.4L3
L.5s4
1 .810
2.022

0 .0000
0.0377
o .07 47
0 .140
0.189
0.2L9
0.24L
0.284
0.321
0.402
0,490
0.582
0.675
0.759
O. 83B
0 .915
0.956
1 .000

3.77
3,7r
3 .51
3.L6
2.74
2.4L
L.89
1 .606
1.339
L.226
L.t64
L.L24
1.C85
1 .048
1 .017
1 .006
1 .000
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TABLE 15

Actii,'ities ancl Ac t.ivity Coef f icients f or the Sys tem
TrietÏiylamine-L'Iateil at Rounded Concentrations a'c LToC

Mole Fraction
Arnine

ârÂ

l¡Iater
Act i-vity

I{ater Activity
Coefficient

ag

.{mine
Activity

' .*rB

A;nine Activity
Coefficient

.v
t.AvÐ

0.000
0 .005
0 .010
0.015
0.020
0.030
0 .050
0.100
0 .200
0'.300
0 .400
0.5cc
0.600
0 .700
0.800
0.900
0.950
1 .000

I .000
0.988
0.983
c.988
0.983
0 .990
0.982
0.975
0.970
0.970
o "964
0.962
a.943
0.920
0 .866
0.716
0.49
0 .00

1 .000
0.992
0.993
1 .003
1 .004
L.OzL
1 .034
1.C83
L.2L3
1 .386
1.61
L.92
2.36
3 .08
4.33
t- .L6
oo

0 .000
0.256
0.470
0.667
0.770
0.815
0.821
O. E2B
0 .836
0.844
0.852
0 .860
0.870
0:.885
0.906
0.936
0.965
1 .000

51 .3
47 .0
44.s
38.5
)7t
L6.42
8.28
4.LB
2.8I
2.t3
L.720
1.450 '

t.264
I .133
1 .040
1.01_7
I .000



Figure 16. 1-n a3 vs. ln m for Aqueòus }íono-

ethylamine Solutions at 25oC.
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Figure 17. ln a, vs. ln m for Aqueous Di-

ethylarnine Solirtiond at 25oC.
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Figure L8. ln a, vs. l_n m for Aqueous Tri-

ethylamine Solutíons at I7oC.
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Figure 19. trüater Activities of Monoethylamine SolutÍ_ons

vs. Iulolarities of }fonoethylamine at 25oC.
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Figure 20. lla.ter Activities

vs. Molarities of

oL-" Diethylamine SolutÍons

Diethylamine at 25oC.
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Figure 21. trrlater Activities of Triethylamine Solutj-ons

vs. InIolarities of Triethylamine at 17oC.
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IV.D Concluctiviliec and Disscciatíon Corrstents

1. Prelimiriary Values of Equiva_L""t C""¿""tr"."" tl Arnine Hydrochlorides

The experimental equivalent conducfances cf the hydrochlorides oÍ

mono-, di-, and trietlr.ylarnine, ín rvhicli tf.u hyarolysis ef fect has not

been al-1ov¡eci fo::, ere presented as functions of their stoichíometric con-

centrations in Tables 16, 17 and 18 respectivel-y. Thg preliminary values

of the limiting conciuctances of the salts r^/ere found by pl"otting the equi-

valent conductarrces against the square roo.ts of the concentrations arrd

extrapciatíng the resulting curves to inf inite dilucion. These are shor,rn

in Figures .22, 23 and 2l¡ respectively. Values of the limiting conduc'

tances thus obtainecl are as foll-o..^¡s;

(nronoethylamine hyclrochloride ai 25oC) = L22.85 cm2ohm-l equi1.1

(diethylamine

(triethylamine

In order Ëo calculate

droxides[ by rneans of Ëhe

sary to have the límiting

ride ions. Values of the

cally interpolated values

Robinson and stoke t(ttz¡ ,

Àin-= 198.3

^o 
-= 76.35'cl

From these values and those

limiting equivalent conductences

These are

hydrochloride- at 25oC) = 112.90

hydrochloride at lToC) = 9L,20

the limiting conductances of the r!aminiurr hy-

Kohlrausch 1aw, (Equatíon (f;g)), it is neces-

equivalent conductivities of hydroxyl and chlo-

ionic conductivities at 25oC and the graphi-

at l-7oC were obtained from Labl-es given by

namely

25oC; L67 .L at LToC

25oC; 64.47 at 17oc

the hydrochlorides, the prelirninary

ilaminium hydroxides" ï'rere derived.

tt

at

at

of

of
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Equivalent Conductances
ín Aqueous

TAELE 16

of Monoethylamine Hydrochloride
Soiutions at 25oC

4
¿ xte

in }foles Der Litre ,-1
l_n cm onm -iequlvalerìt *

Uncorrected
for Hydrolysis

Corrected
For llydrolys is

Uncorrecteci
for Hydrolysis

Corrected
for Hydrolysis

(0 .0000)
0.8591
3.6080
4.9227
8.313
8"757

17.L92
2!.042
31 .895
37 .205
s4.76
97 .92

158.41
246.65

(0.0000)
0. B5B7
3.607L
4.92L7
B . 311_

8.7 56
17 . 190
21 . 0lr0
3L.892
37 .202
54.7 6

97 .92
158 .40
246.64

(L22.85)
L22.04
r27 .r2
L20.87
L20.28
I20.23
119 .19
LLg.77
LL7 .93
LL7 .55
116 . s0
ttí.57
LLz.57
1l_0.37

(L22 .7 6)
L2L.9B
12L.09
t20.87
L20.26
120.2L
LL9.i7
!L8.7 6

LL7 .92
LL7.54
Lr6.49
LL4.s6
1L2.56
110.36



FLgure 22. Equivalent Conductance vs. 4€ for Mono-

ethylamine Hydrochloride in Water at 25oC.
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Equivalent Conductances
in Aqueous

ÎABLE i7

cf Diethylainine Hydrcchloride
Solutions at 25oC

cxto

in Mol-es per Libre
^

.2,-:--l1rì. Crrl Onm equlvalent -

Uncorrected
for }lydrolys is

Corrected
fcr Hydrolysis

Uncorrected
for llydrolysis

Corrected
for liycirolys is

(o . oooo)
1 .1304
4 .047 0
8.967

L6.278
25.t40
35.832
63.37

120 .03
2t5 .7 5
4L3.7L
63L.2
913.7

(o . oooo)
1 .1301
4.0464
8.966

L6.277
25.L38
3s .830
63.37

120.03
2L5 .7 5
41-3.7L
63L.2
9L3.1

(1 12 . e0)
tlz.O2
111.17
L10 .33
r09.45
108.66
107 . B8
L06.27
103 .9s
LOL.24

97 .34
94.23
9L.L7

(trz.B2)
111.98
111.1s
111.31
L09.4¿¡
108. 66
107 . BB

LO6.?_7
103.95
L}t.24

97 .34
94.23
9t.L7



Figure 23. Equi',ralent Conductance vs .

ethylamine Hydrochlai:ide in
^fc for Di-

Water at 25oC.
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TABLE 18

Equivalent Conductances of Triethvl.amine Hydrochloride
in Aqu-eous Solutions at 17oC

c x,o

in lrloles per Lítre

A
,, _1

in cm'ohm - equivaleni
-1

Uncorrected
for Hydrolysis

Corrected
for HydrolJ'sis

Uncorrected
f or l{ydroiys is

Corrected
fcr Hydrolysis

(o . oooo)
0.8468
2.1855
4.1264
7 .83ó

L2.603
24.999
55 .10

L07 .26
L50.62
253.77
350.42

(0 .0000)
0 . 84ó5
2 . 1850
4.t2s7
7.835

L2 "602.)/, oo7

55 .10
LO7 .25
L50.62
253 .7 6

350.41

(e1 .20)
90 .5i
90.20
89.74
89.29
88.73
87.76
B6.iB
84.24
82.96
80.63
78.93

(e1.14)
90.49
90.18
89.72
89.28
88.72
87.75
86.L7
84.23
82.96
80.63
78.93



Eígure. 24. Equir,'alent Conductance vs . ^l¿ for T::i-

ethylamine Hydrochloride in tr^Iater at I7oC.
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À" n.or.{t'*onoethylaminium h1.,d::or:idet' at 25aC) = 244.g

.oA'*n,o,r(t'diethyi-aminium hydrcxide" at 25oC) = 234.9

Au,.orr(artethylaminium hydroxide" at 17oC) = 193.8

Z=__ptg$*r¡gly 'f_eþçå_gf Conductances of I'Aminiun Hydroxide" and

Approximated Dissociation Constants

In Tables 19, 20 and 2L, the specific ccrnductences of the r¡eak bases

are given. The solvent corrections have not been applied to these con-

ductivities, and therefore ere approximatíons to the true values. The

equivalent conductances l,rere conìputecl . From ihe approximaËed concluc-

Ëé-nces of t-he I'aminírrm hydroxidesrt previously obta'rned, the degrees of

dissocialion r,¡ere roughly calculated. By using the Ostrvald d.ilution 1ar,¡

and a free hand extrapolatíon, preliminary values of basic dissociation

constant 
.for 

the amines rvere founci; they are

Monoethylamine at 25oC = 4.8 x L0-4 moles litre-1

Díethylamine at 25oC = 1.1 x 10-3 moles litre-1

Trietiiylamine at IT)C = 4.8 x l0-4 moles litre-l
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Specific Conductances of
Solutions rvithout

TA3LE 19

"Monoethylaminiun Hydroxide" in Aquecus
Sol-vent Correction at 25oC

in l,Ioles per Litre

L x104anc

. -1 , -'lln cm -onfn *

hl rel

Relative iiiscosity

o .0a2037 2

0.a04972C
0 .008495
0 .017009
0 .040912
0 .09488
0.20254
0.5064
0.9992
2.024l,
3.1594.
4.5532
5.714
7.079
8.397
9 .801

11 .316
12.639

1 . B6B9
3.2269
4.4028
6.472

I0.377
15.974
23 .010
33.482
38.789
36.288
27 .L60
L6.290

9 .8s6
5 .089
2.448s
1 .0188
0.3862
0.20L4

-
1 .002
1 .005
1 .011
1 .020
I .0113

1.111
L.22t
r.498
L.845
2.265
2.51_O
2.595
2.477
2.186
1.708
L.L97
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TAsLX 20

Specifíc Conductances of t'Diethylaminíum HydroxiCerr in Aqueous
Solutions r¿ithout Sol-r¡ent Corrections at 25oC

.c

in Þioies per Li-tre

x io4
tÁn<

. -1 - -l].n cm -ohm - Relative Visccsity

'l ,
ß2ì

0.007935
0 .00995s
0.023662
0.048966
0.06537
0.09044
0.11566
0.20285
0.33L29
0 . 5117
o .67 91
0 .9099
L.4439
2 .1508
2.7 334
3.9849
5.009
6 .065
7'.047
8.075
8.576
B .900
9.188
9 .361
9.555 (1007" amine)

5 .683
6.46!

10.708
15 .886
L8.44L
2t.695
24.430
31.359
37 .640
42.256
44.085
44.L62
10 104JO. I OL

27 .903
l-9.706

7 .804
3 .003 7

0.8746
0.2204
0.0931
0 .0486
0 .0175
0 .0029
0.0003

I .001
1 .001
1 .005
1.016
1 .030
1 .033
1_ .050
1 .080
I. IJ+
L.225
1 .309
L.439
L.782
2.293
2.696
3.364
3.589
3.424
2.819
L.822
L.274
0 .935
0.648
0.493
0.323
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TABLE 21

Specific Con/,uctances of "Triethyaminiur,r HyCroxide" in Aqueous
Solutions'.vithout Solvent Co::rections at 17oC

c

in l"loles per Litre

L x104
L;1c

. -1 , -1an cm -onm -

n
'*l

Relative Viscosity

0 .004156
0.009953
0.022953
0 .06816
0.11917
0.22066
0.38469
0.7878
1 .1501
L .47 95
2.2038
2.9887
3 .7 569
4.s779
5.279
5.999
6.694
6.992
7.2L3 (100% amine)

2.3777
3.9285
6.2r3

ro .7 40
13.856
L7 .585
20.415
20.204
t6.652
13 .540

8 .210
4.t993
L .7 63tv
0.5497
0.1167
0.026l-
0.0080
0 .0004

I .001
1 .001
I .008
1 .023
L.062
L.T2B
L.24s
1 .583
L.92L
2.251
4.049
3.764
4.03r
3.876
3.235
2.L42
0.990
0.601
0.346
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3. Final Values of Equivalent ConducËances

From the above obtaíned values of dissociation constants of amines

and Ëhe ionization constants(113) of water at 25oc,1.01 x 10-14, and

aE L7oCr 5.33 x 10-15, the effect of hydrolysis upon the conductivity

hras computed for each salt by using Equations (184) and (186). In gene-

ral, these correct.ed values are practically unchanged for higher con-

centrat.íons, and in very dílute solutions, the conductances are close to

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

24, limíting conductances r^¡ere obtained. These are

(monoethylamine hydrochloride at 25oc) = I22.76 cm2oh*-1 
"q,ri.rl1

(diethylamine hydrochloride at 25oC) = LLz.B2 cm2oh*-l .qrrivll

(triethylamine hydrochloride at lToC) = gL.L4 cm2oin*-l .q.rirrll

and differ from those uncorrected by less Lhan O.I%. Since subsequent

improved values of basic dissociation constants do not alter the correc-

tion factors appreciably, iE is therefore sufficient to tabulate these

conductances ín Tables 16, 17 and 18 as the true conductivities of these

salts against the corrected stoichiometric concentratíons of Ëhe 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 traminium hydroxides"are as follows:

(monoethylaminium ion at 25oC) = 46.4L "t2oh*-1 
eq.rivtl-ent-1

(diethylaminium ion at 25oC) = 36.47

(triethylaminíum ion at 17oC) = 26.67

(monoethylaminíum hydroxide aË 25oC) = 244.7

(diethylarninium hydroxide at 25oC) = 234.8

(triethylaminium hydroxide at 17oC) = 193.8

It

ll

ll

It
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For anunonium .1 on and er¡rnonium hyciro.xide ac 25oC, the iimiting con-

ductances are 73.55 QLz) anë, 27î.9 (ii2)respectiveiy. The decrease iir

the 1ímiting conductance in going from anmonia to triethylamine is rnain-

1y due to Lhe size difference of the conducting species.

4. Basic Dissociation Const-ants cf Amines

The methorJ of finding the dissocia.tion cons_tants of amines is essen-

tially that of Shedlovsky and Kay, luith modifications incluciing the water

activity and molar actir/iiy coefficient of amine. According to Equation

(73),. the basic dissociatiorr constant is

K=

The Shedlovsky-Kay

loÒo L

t. ,.
d,'c flt

(t-d-)îLoo

equation beccraes

¡oao l- = ¡oooLo )

LI

üË";
s(â)

Ir
A" V'i al

LJ.
K' c'

L4l

It
)!

Kt c'

fis'p('-

L."il'
L t)[,-

[ - ft'rl'toco L +.o

s5)'lí

here the symbols have their signifícances given previously. Since the

method is founded on the Shedlovsky conductance equation, (122), which

is valid for solutions of ionic strength less than 0.01, the method rvill

not be applied to amine solutions of concentrations considerably higher

than d-c = 0.01. I have found that Lhe relative viscosity of solution

plays an irnportant role in obtaining the straigiìt line relationship

when the Siredlovsky-Kay plot is carried out, as ryi1l be shorvn later.

Therefo::e in ihe fo1-lowing calcr-rlations and presentations, emphasis is



T34

laíd on the seL'of data.for r¿hich the specifl'-c conductence used is the

product cf the rneasureci ccnductance and the relatir¡e viscosity. This

is eqr-rival-ent io obtaining a set of conducLance d.ata rneasureC in a sol-

vent of unit reletive viscosity. Comparison betv;een the conductances

viscosity coi:rected an,l uncorrectecl wili be given in graphs later.

To proceed v¡ith this method of finciing the solvent corrections for

tlie three sysierns, first, the constants B1 anci 82 appearing in the Fuoss-

Onsa-ger equacion, i.e., Equalion (116) r..rere calculated froin the dielec-

Ëric constants of rvater giverr by ivfalmberg and Marlzott(114),

B1 = 0..2300 ar 25oC; 0 .2268 ar 17oC

B, = 60.65 at 25oC; 49.74 ar 17oC

From the 1ímiËing concluctances of Èhe I'aminium hyd.roxides" abo.v-e, Ehe

values of (Bf Ñ + B2) v¡ere calculared,

Bf d o 82 = Ll.6.9 for ,,monoethylaminiun hydroxicleil at 25oC

= LL4,7 f.or t'diethyLaminium hydroxide,, at 25oC

= 94.0 for 'ttriethylaminium hydroxide" ac 17cC

Then the necessary quantities involved, nanely, 
# 

and 7 of Equation

(171) L{ere computed r¿ith tTre inclusion of the rel-ative viscosity facüor.

From the interpolarron table for s(¡) given by bagget"Ol¡, values of

S(¡) for each concentration rvere obtained. The degree of dissociation,
*

ö S¿.r was Ëhen evaluated- Ñ ''l'
The mean actívity coeff:-cients of the free ionic species ryere cal-

cul-ated by using the Davies equatÍon,

,t-s
a

with A = o'51

The ionic strengt

tl/ =(r

I5 at

h here

- /tz,z,lJì \
-f, í- - -c.3 I jr ¡+,{t /

25oc ; o.5o+5 o.i t7"ç.

was set equal to dC
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The molar activity coefficients of the free a.mine rnolecuJ-es r,¡àre

evaluaieci accor<1ing to Equations (l+¡ and (75) . An exampie of obtain-

ing the limi-ting value of < (\i)- for monoethylanine is given ir,
ø

Figure 25 r^,here c(f¿(l .is plotr-ed. against c. Since the vapcr pres-
a8

sures of amines in very dilute solutions r,zere not determined. due to ex-

perimental <iiffÍculty, I v¡as obliged to use the data for higher concen-

trations, where c{- can only be calculated appro:iinatel-y, - + A1-

though such an e.xtrapolation, from the plot¡ may leaci Ëo only an approxi-

mate lÍrniiir,g value of k, nevertheless the activity coefÍicient in any

dilute solution is the ratio of k to Ehe value read off from the curve

ín this partic'.rlar concentration, and is faírly ínsensitive to the varia-

tion of k, provicled the slope in the dilute::egion i-" not exceptíonally

large. In all- cases, the- activity coeffj.cients of arùine molecules irr

dilute solutions are close io unity and the fact that they are practi-

caliy unity in very dilute solutions justifies the neglect of this ternr

by many rvel1 lcnorvn authors

The r^¡ater activities the aqueous amine solutions v¡ere obtained

from Figures 19, 20 and 2I , and -.vere equal to uniËy ín dilute solutíons.

plotted against the viscosity corrected specifie conductances. The plots

are entirely sinilar tc the final plots subsequently shown which give

rise to the dissociation constants, except Èhat the former give the sol-

vent colrection.s Lots for the aqueous arnine solutions. îhese are

4.5 x 10-6 for monoethylamine solutions

3.5 x 10-6 for <iiethylamine solutions

4.0 x 10-6 for triethylanine solutions

of

ff
&

"å!,

ity coe

ltt
l{ith these activ

quantities, values of

r r¡7ât€r activities and the oiTier

, - 
î 

trã|" $rere calculated, and

!¡LÞ
L

I
.e

c

)

1C1

"r
5g

and
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The ernpirical corrections are several times larger than ihe origína1-

specific conduclance of r{ater used -"¡hich ccntained some carbonic acid,

because the amines conl.¡erted the r¡eak acid into the completely Í.onized

salts.

The true specif ic conductances of sol-utions rvere then compt'-ted.

The stoichiomet-,:ic concentraiions of the amines r¡ere a1 so corrc'-cted for

the portions of a.mines conr¡erte<l into salts by the method belor^r, using

monoechylamine solution as an exarnple. By using the linriting conductiv-

ity of monoethylaminium ion in a previous secticn, and those of HCO! and

CO3- ions(115) at 25oC, Èhe concentrations of bica::bonate and cartronate

weïe esti¡na.ted by the relacion L"-:-E_
Aoro,,

zar-ion is complete entirely to bicarbonate oi: carbcnate. These concen-

traiions are
-5

Cbicorbr,'¡ate = 4'1 x to

Cco.bon¡q'lÊ =2,ÕxlO

The concentratj-on of monoethylaminium ion is d,c " From the estimatecl

dissociaticn constanL of monoethylamine, K = 4.8 x 10-4, the !-on pro-

duct of r,rater and the dissociation constants of carbonic acid, vLz.'
_'t 1

Kl = 4.4 x 10-7 arrd Kz 
-= 

4.7 x 10-rr, the follo¡7ing equilibria can be

f ornrul ated,

la^;n;um+J [H.o.-7

,- assuming that neutrali-

4¡ &..1 x to'

-5

d- [n c o;J
,iàe"J[l.ca3) ["o-inir¡n 9,1dro

f o^iniunt J Cco;-J

t -d.

o(

t-d.

I rt.- r o11

[ ( o{-J
Í- nco-1L' 3J

= 2,3
frrcor-1 f "æ,^;,, ì urn tTrl,oxiát)

Since the degree of dissocíation is less ti-ran 0.4 f or the mosi: dilute
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monoethylamine solution, tiie ratio t'lo;'),-_ is larger than 3.
In co;J

There-

fore for simplicíty I assumed that oorcion of base was completely corr-

verted to dibasíc saIt. The correction for monoethylamine solutions is

therefore 4.0 x 10-5 rather Lhan 4.9 x 10-5, and was constantl-y sub

stracted from the concentrations of monethylamine to obtain the corrected

values. In a similar nanner, correctiorrs lound for diethylamine and iri-

ethylamine solutions ai:e 3.3 x 10-5 and 4.7 x 10-5 respectively.

Wíth the corrected concentrations and specific conductances, neiv

values of À , î , S(l), d and y-l-, for rvhich the ionic strength ín-

cludeC the contribution from the salt, were cai-cul-ated. In Tables 22,

23 and 24, the rel-evant quantities are given and the finai plots of

corrected specific conductance vs . It- ftrr,(,- ft t*#?
are shown in FÍgures 26-28. PoinÈs in 1or^¡ concentraLion regions lie on

sÉraight iines -r¡hich intercept the origins. The slopes tr\7ere measured.

Knowíng the limitÍng conductances, the basic dissociation coiìstan.ts rrrere

ca1 culated. These ¡rre

4.57 x l0-4 for monoethylamíne aL 25oC

1.02 x 10-3 for diethylanrine at 25oC

and 4.93 x. 10-4 for triethylarnine at LT)C

Separate calculations, negl'ecting the viscosity factor, rvere also

made ior the three systens. The results are given in the same figures.

It is obvious thaL. without víscosity corrections, deviations from the

sËraight lines are nuch larger than those rvith the same corrections in

higher concentrations. In less dilute solutions, for which values oi

dc are stil. I less than 0.01, and therefore still -'"'ithin Ehe rvoricing

range of Ëhe Shedlovsky conductance equation, the Ceviatícns of the vis-

cosity corrected values frcn the straight- lines are presumably due mainly
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to the decreases of <iielectric cons iants as the neutral amine rrìolecul_es

become inore ancl more parts oi the solvent media for the moving ions,

i.vhen the ccricentrâtion increases
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Figure 26. Sliecilovsky-Kay Plot for Aqueous Mono-

ethylamine Solutions at 25oC.
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Fí¿ure 27. Shedlovsky-Kay Plot for Aqueous

Diethylamine Sol.utions at 25oC.
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Figtrre 28. Shedl-ovsky-I(ay Plot for Aqueous Tri-

ethyl.arniue Soiutions at L7oC.
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IV.E Ðiffusion CoefficienLs

The theory for calculaEiag the diffr-rsion coefficients for concen-

tration dependent systeûìs from diaphragm celi experiments r,/as given by

Go.ao.r(106) ancl extended by stokes(104,107,116). The principle assump-

t.ions of r-he theory are as follorvs: (1) The diaphragrn is considered to

be equivalent to a collection of parallel pores, i.ê., the diffusion

process Ís assumed to be unídirectional. (2) The concentrations of the

solutions al:e assun.Ìed to be unifornrly constarÌt up to the diaphragm, ané,

(3) stagnant layers on the surface of the diaphragtr do not exj-st. (lr)

Transport from one compartûìent to the other is only by diffusion. (5)

There is no st:eaming through the dj-aphgrain or surface transport effect

along the pore r¡alls. (6) The diaphragm assllnres a steady staie through

out the experirnent, i.e., -there is no gain or loss of solute from the

diaphragm. (7) The volumes of the tivo solutions are assuined constant

during Ëhe expe:.'iment.

In a diaphragrn cell diffttsion measurement, there is a set of four

concentrations, C t 2 a3 > Cr ) c"-- øl. where c1 and c2 represent the

initial concentrations, and c, and c4 denote the final concentrati-ons.

Let the volume of one compariment of the ce1l associated r¿ith the rnore

concentrated solution, c1 or c, be V1, and the volume of the other com-

partmenÈ ,r¡ith rhe less concentrated solution, c2 or cO by Yr. Let the

pores ha.¡e a total effective cross-sectional area A, and an average

length 1. LeL c' and crrbe the concentrat.ions of the more concent;ated

and less concentrated solutions at any tine during an experiment. A_t

time t = 0, ct = "1, aird ctr = czj at Ëhe end of the experiment cr = 
"3

and cr' = "4. The rates of change of ct and c" are related to the fltix

J(t) by



and

g
dT

Ac"

= - Jetl
A
v,
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(2s3)

(2s4)

(2sB)

as the time-

F= rÐL
vL

A combination of the trqo relations gives

(2s5)

value

the

Í. v+t

<t - <,t (256)

for J(t) = -Ofi is 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 conËact with the more concentraEed solut.ion. From Equatíons

(255) and (256), one obtains

át-,(c'-<") (2s7)
4+

By integraËing this equation subject to the boundary conditions, one

arrives at

ol (c'-.")
dr -- 4a A (+, - ü")

By introducing the time dependent quantíty D(t), i.e., the average

of the diffusion coefficient D with resPect to concentration over

concentration range ct to c'r prevailing in the experimenË, then

¿t ,I'
Drc) = -\ [' , r, = - -! - (', {ç)^,ct'c"J.. c''<" )-c" x=o

f) f,'un, ̂ ,

ffusion coefficient õ

A lt
-t- 

+
T. \V,

= +(+," i)-D'Ð

cr-cz
cs '',t

Defining the diaphragm cell integral di

average of õ(t), i.e.,
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v J-IrlJo

cons t

ion is

Dttl /c

ant Ê f or

obtained,

(zse;

ihe folloiuingand rvrÍting the

<ii f f us ion cel I

ceL l

equat

+
t t'L -D = -!- I Ottl .i.trl uo

I rc;D=* -l oac
C-,- Cùi, J-( tr."

Alt*r_l
{\v, vrJ,

Ct - c¿
(260)

Ft cJ-c+

The- value D calculated from the initial and final concentrations

and time by the above expression is a complicaled double average which

is not eesy to convert inune<liaLely into tlie mo::e fr-rndamental differen-

tial diffusion ccefficieni D. Fortunately it has been shown by Gordon(106)

ancl conf irmed by stokes (1-01r, L07,LI6), chat a negligible error is int::o-

rl.uced in all. ordinarl' c¿ises if ínstead of using the exact relation,

(26L)

the integrand is treated as having a constant value equai to its vaiue

ryhen the concentratíons ct and c" are b-alf-r¡/ay betr.reen their initÍ.ai and

fínal v-alues. This ccnstant value- is equal to ñ by virtue of the inte-

grated form of the abor¡e equation and calculabie from Equation (260),

ancl is re1ateri to the differentiai diffusion coefficient by

(262)

Try-n ef e
(,*ct ct-+<v

C^' =

FurËher to resolve D

gral díffusion coeificient

vanishingly sho::t duration

into D, it is expedient tc define a

as that '..¡Lich l¡oulcl be obtained in

r,¡ith initial concentraLions c and

,h

cl
2_4

new inte-

a run of

zeTo où
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opposiËe sides of the

-D" 
=

aphragm,

.C
{ o á,

J
o

h ypothetical

denoted ¡y ño

oa

I

c

I"

Í.'

The values of ño in such

trations c*r and c-, are

Dtru) =

6oK n) =

experimenËs with

("*,) 
"rd ño (cr,,)

(263)

initial concen-

respectively

(264).l

c ùrt

L
C ni'

c;

Ddc

Åc
¡à

D
(265)

By means of

(266)

it follovrs f that

(267)

In this formula D, cm, and c*,, are experimental quanËities. If in some

way values of ño("oo,,) can be esti-urated and hence or õo("*'), then the

differential diffusion coefficíenË can be calculated by using an equi-

valenË form of Equation (263). This can be done by successive approxi-

mations to find true values of ño1.*,¡. The first step is to plot D vs.

c1 and exËrapolate the curve to the NernsË limiting value at infinite

dilution. From this curve approximated values of lo(c*,,) are first de-

termined for each run and substituted in the square brackets of Equation

(267). fhe resulting values of ño("*') are then plotted against c*r;

this curve gives a better approximation to the true value o¡ õo(c*,,).

The processes of substiËution and fresh plotËing are repeated until con-



stant values of Do(.,n') are obtaineci. From these

rential- diÍfusion coefiicient D can l:e calcula-ted,

or (264) is readil-y differeniiabie to give

Ðo (c*, )

s ince

150

data the diíÍe-

EquaÈion (263)

(268)

(26e)

Ð=õ"+c â6"
dc

-- áDo
^/( adcD = õ"*ä

The diaphragin cel1 integral diffusion coe-fficients for the Ëhree

aqueous arnine systeiris are given in Tables 25-27. Val-ues of c-r and cr,,

r¡ere ca1 culateci. To obtain epproximated valr-res of ño(c*,,), values of

ñ .." 
", 

viere plotted. Curves rùere extrapolated to the NerrLst Limiting

values cal-culated from Equation (201). These-are

Do = 2.0C2 x 10-5 for rnorroethylamine at 25oC

= t.ø40 x 10-5 fcr diethyiamine at 25oC

= L,!92 x 10-5 for tríethylami-:re at 17oC

The graphs of õ against cl are similar to the plots of õo(c*,) vs. cm,

shown in Fígures 29-3L. From these last plots values of Do(.*,,) ancl

- *-o, .accorciingly D"(.*') were determíned. In all casesr. three.series of

approximations are sufficient to give constant values of io of Equation

(267). Values of H were conputed from these figures. By using Equa-

tion (268), the differential diffusion coefficient.s r,/ere calculateci.

Tables 28-30 sumnarize Lhe necessary cluantities from r.¡hich the values of

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

diffusion coefficients as functions of concentration are given.
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InËegral Díffusicn

TABLE 25

Coefficients fcr
at 250c

Aqueous Monoethylamine Solutions

cz=o

c^
J

t1 c.
4

cmt Cmtt F
-')in cm'

+

]-n sec

-trDxlO'
-t-1an cm-sec -

0.1130
0 .2589
o.44LL
0.7840
1 .334
2.270
3.490
4.680
s.404.
5.929
7 .200
8.598
9.7tt9

LL.366
L2.639
L3.956

0 .0836
0.L934
0 .32 t-7

0.5916
1 .020
1 -l /Jñ

2.725
3.683
4.206
4.632
5.776
6.845
7 .827
9.L23

10 .306
LL.234

0.0338
0.0145
0.1280
0 .2L7 3
0 .355
0.598
0 .889
L.116
1 .351
t.470
1 .633
2.029
2.26L
2.688
3 .087
3 .657

0 .0983
0.2262
0.3840
0 .637 B
L.i77
2 .005
3.108
4.L82
4 .805
5.28L
6.468
7.722
8.788

ta.245
Lr .47 3
L2.600

0.0169
0 .0373
0 .06110
0 .1087
0.178
0.299
0.445
0.558
0.676
0.735
0.817
1 .015
L.L32
L.34Lt
L.544.
L.829

0 .3840
0 .3802
0 .3790
0.3t-75
o .37 50
0.3742
0 .37 34
0.3718
0.3848
0.37r3
0.3706
0.3695
0.3690
0 .3685
0 .367 5
0 .3670

17 L7 80
168300
L7 5440
!69560
L66200
L72860
i66260
165840
L74L20
180480
L65720
t7 6i60
170280
169140
1 6 1280
L597 20

L.245
L.216
L.L92
1.156
l_.116
1 .062
1 .009
0.974
0.95?_
0.938
0.900
c.890
0.894
0.913
0.904
L.044
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Integral Ðiffusion

TABLE 26

Coefficients for Aqtieous
at 250C

Díethy1-amine Solrrtions

cL=o

C.
5

co (ro',' C,,m
Ê
t.-2

bl cù1

t
i^ gec

x tc'
r -l

cr:r-Se^c

D

ln\

o.La72
0.2042
0.2045
0.3488
0.3530
o .541I
0.6329
0.8054
!.L669
i.224.9
L.6415
1 .7005
2.L438
2.6556
3 .307 B

3 .882.
4.628
5 .387
6.207
6.96s
1.tz+
8.480
9.?-25
9 .55s

0.0761
0.1522.
0.1511
0.2552
0.2592
0 .4130
c.4899
0.6086
0.9607
0 . 8912
1 . -?8i2
I .3386
1.6210
2 .018r-
2.6L09
3.107
3 .820
4.452
5.079
5,9L7
6.63s
7.522
8.137
8.46s

0.0345
0 .0575
0 .0596
0.1036
0 . 1033
0.1491-
o .I57 2

0.2L72
0.2250
0.3670
0.281r8
0.3980
0 .3s33
0 .7 tzc
o .77 86
c.848
0.915
1 .070
1.283
1.270
1.365
1"305
L.645
1.884

0.0916
0.i732
0.1778
0 .3020
0. 3062
0.4805
0.56L4
0. 7068
1 .0638
1 .0581
1.5514
1.5196
1.982-t;
1 a/,10

2.9594.
3.495
4.224
4.920
5.652
6.44L
7.180
8 .003
8.681
9 .010

0.0173
0 .0288
0.0298
0 .051.8
0 :0s17
0.0746
0 .078ó
0.1c85
0.L225
0.1835
0.1424
0 . 1990
0.L767
0 .3560
0 .3893
0.424
0.4s8
0-535
0.642
0.63.5
0.683
0.653
0.823
0.924

0.3530
0.3/+19
0.3526
O.349tt
0.3s12
0.3477
c.3399
a.3472
0.3457
V . JJÖ¿

0.3357
c.353s
0 .334 5

c .3305
0.3284
0.3266
0 .3230
0.32L5
0.3L97
0.3167
0 . 3152
0.3139
0.3452
0.3444

2837 40
247 800
2527 20
27 522t
268560
255180
228840
26L840
17 67 60
336840
1 6 8600
239640
1 70160
3557 40
321900
329340
3l_s680
3 55500
398040
3444A0
325200
255960
244080
24r3BO

9.4s
9 .09
9 .03
8.70
8.67
O.L¿

8.27
I .93
7 .5i
7 .46
7 .t3
6.99
6.66
6.07
5¿q
5 .03
Lv ,57
4.07
J.OJ

3.77
3.73
J.öt
4.L7
/, /,o
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TÆLE 27

Integral Diffusion Coefficienis for Aqueous Triethylamine Sol-utions
AL LTOC

CZ=Q

P
.-2

ør Cf¡)

cr ct a; c^' C,,fn
t

b^ Se<

\
D x lo-
' ì -,t^ Crn S¿<

0 .07 s4
0 .1001
0.1948
0.4512
0.6500
0.9L92
t.L047
1 .3837
r.5644
1 .5989
2.L86A
2.906
3.658
4.416
5 .071
s.804
6.330
6.984
7 .2L3

0 .0532
0.0847
o.L49r
0.3510
0 .5060
0 .7 396
0. B9B9
L.Ll¿¡6
L.2BL5
L.3295
L.9468
2.718
3.4t5
4.204
4 .77'-o
5.534
6.042
6.64t
6.972

o.024L
0.0163
0.0510
o.IL32
0.1538
0.1950
4.2226
0.2925
0. 3090
0.2927
0.2560
0.226
0.282
0.246
0.351
0 .333
0.360
0.487
0.47L

0.0643
0.0924
0.L720
0.404r
0.5780
0.8294
0.9sr-8
L.2491.
t.4230
L.4642
2.0664
2.8i2
3.537
4.310
4.924
s.669
6.T86
6.8L2
7 nQ'ì

0 .012 1

0.0082
0.0255
0.056ó
o .07 69
0 .097 5

0.1113
0.L462
0. 1545
a.L464
0.1280
0.113
0 .141
0.L23
0.t76
0.t67
0 .180
O 2 L-1,

0.236

0.364s
0 .3665
0.3647
0.3622
0 .3616

.0 .3611
'0.3605
0.3650
0.3646
0.3s98
0.3587
0.3s83
0.3580
0.3575
0.3571
0.3s62
0.3555
c.3s49
0 .3s43

405000
1611r00
322200
3267 0A
323 700
3 12060
525860
409680
423180
403660
3L4640
254280
3 18600
350620
329280
2567 40
242520
268860
1 58700

6.4s
6.26
5.84
5._53
5.24
4.64
4.L7
3.48
3 .08
2.98
2.26
7.69
1 .36
1"
1.16
1 .20
1 ?5

1 .33
1 aq



Fígtrre 29. ño r" . c for lvlonoethylamine :Ln

Aqueous Solutions at 25oC.
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Figure 30. ño ,rr. c for Díethylamine in

Aqueous Solutions at 25oC.
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Figure 31 . lio r" . c for Tr:iethylarnine ín

Aclueous Solutions at !7oC.
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Integrai Diffrrsion Coefficients for Runs of Vaníshingly Short Du::ation arid
Differential Diffusioi-r Coeíficients for Monoeth,r'lamine in Aqueous Solutions

at 25oC

(=c^, -Dolr,r\ * tot

.)-1tn cm*sec

ê

Dicn;,)x Io

.2-lrn cm sec *

, Ð"r,o'' dc
.2-1
lfi CÌll SeC

D x ta5

.2-1an cfn sec

C,,
lYr

0 .0983
0.2262
a.3844
a.æ78
L.177
2 .005
3 .108
4.T82
4. BOs
5.28L
6.488
7.722
8.788

t0.245
II.47 -7

L2.600

0.0169
0 .0373
C .06110
0. 1087
0.178
0.299
0.445
0.558
0.67a
0.735
0.817
1 .015
L,L32
1.344
I.5t¡4
t.3?_9

L.285
I.275
L.265
1.251_
I.234.
L.2L6
L.L94.
I.179
L.L69
L.1.65
1 .158
I.l-44
1 .137
T.T22
1 .109
1 .093

-0.025
-0.036
-0 .049
-0 .059
-0 .080
-0.099
-0. r14
-0. 128
-0.136
-0.145
-0. 106
-0 .046

0 .035
0.169
4.377

L.227
1.190
1. i55
1.113
L.054
0.986
0.921
U.O/J
0.8¿"7
0.825
0.826
4.877
0 .960
1.109
L.3Lr4

L.252
L.226
7.20¿t
L.L72
T.L34
1 .085
I .035
1 .001
0 .983
0.970
0.932
0.923
0.925
0 .940
0.967
1.051
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TABLE 29

Integral Dif"usion Coefficients for Runs of Vanishingly Shcrt Duration and
Differential Diffusicn Coefficients for D:'-ethylarnine in Aqueous Solutions

at 250C

(=C ,tr
ó"¡, ¡¡, té
.¿-l
Oâ cñ ,tÂ

þicu,) t ro-
, ¿ -th1 Cf4 Sec

c 46' , to'
dc D V ÌA

.¿-i
1â arñ tec

c ,n,
. I -lh1 (m tec

0 .0916
0 .t7 82
c.L778
0.3020
o.306'2
0 .480s
0.5614
0.7068
1 .0581
1 .0638
L.5rt4
1 .5196
L.9824
2.34L9
2.9594
3.49s
4.224
4.920
5.652
6.44L
7. L80
8.003
8.681
9 .010

0.0173
0.0288
4.0298
0.0518
0 . 0517
0.0746
0 .07 86
0 . 1086
0.1835
0.1125
0.L421¡
0.1991
o .L7 67
0 .3560
0 .3893
0.424
0.458
0.535
0.642
0.635
0.683
0.653
0.823
0.942

0.957
0.923
0.918
O.BB9
0. 886
0 .845
0.846
0.816
0.776
o.7iL
0.733
0.726
0 .689
0.641
0. s91
0.547
0.5c0
0.454
0.433
0.416
0.415
0.423
0.453
o "484

1 .011
0.995
0 .995
0.979
0.979
0.967
0.963
0.945
0.9L7
0.942
0.928
0.913
0.919
0.872
0.867
0.862
0. Bs4
0 . Blr0
0.826
0.827
0.820
0.825
0.800
0.787

-0.452
-0 .060
-0 .060

0 .068
-0 .070
-0 .083
-0 .087
-0 .09s
-0.115
-0.115
-0.1-42
-0.L42
-0 .203
-0.230
-0.254
-0.262
-0.262
-0.236
-0.180
-0.086
0.021
0.191
0.639

0. 905
0.863
0 .858
0.821
0.81_6
0.762
0.759
0.72L
0.66L
0.656
0.591
0"584
0 .486
0.477
0.337
0.285
0.238

. 0.218
0.235
0.330'
0.436
0. 61,1
L.092



159

TÁ3LE 30

Integral Díffusion Ccefficíents for Runs of Vanishingly Short Duraticn and
Differential Diffusior.r Ccefficients for Triethyl-amine in Aqueous Solutions

at l_70c

C=C ,
lyt'

-ù6P{c;) xto
. z ^-lA1 çm,îtL

-D"ir,r,¡ x to6

' 2 -llÌt Qrn A.È<

DXtO

; ç-lsec-,

C,I
lh

rÃo Lc'fr xto"

r2-¡
'tã Um Sa¿

0 .0643
O.O921t
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0.5780
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0 .0c82
0 .02ss
0 .0s66
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0.111.3
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0.151r5
0.L464
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0.1130
0 . 1/r11
0.1232
o .I7 5l
0.1667
0.1798
0.2435
0 .2355

6 .6r
o.Jb
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5 .69
5.4L
4.84
4.40
3.79
3.40
3.29
2.52
1 .87
1 .5s
L.36
1.33
t.34
1 .39
L.4.9
1 .98

1 n1

7 .38
7 .L5
6.64
6 .50
6.35
6.25
6 .10
6 .05
6.10
6.L7
6.25
6.10
6.23
5.95
6 .00
q o(
5.82.
5 .83

-0.48
-0.51
-0 .59
-0.65
-l.7Lt
-2 .08
-2.52
-2 .80
-2.66
-2.63
-2.I9
-L.67
-1.1s
-0.58
-0.16
0.39
0.7 7

1.19

6. i3
5 .85
5.45
5 .04
4.27
¿.to
t_ .88
0.99
0.74
0.66
0.33
0.20
0 .40
0.78
1 11

L.73
2.L6
2.68



Figure 32. D vs. c for Monoethyl-amine

Aqueous Sol-uËions 
' at 25oC.
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Figure 33. D vs. c for Diethylamine in

Aqueous Solutions at 25oC-
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Figure 34. D vs. c for Triethylamine in

Aqueous Solutions at |loC.
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V DISCUSSiON

V.A Thernodyna;:íc Consisiencv in Vepor- Pressirre lfeasureneni: s

The partial vapo:: pressures of a-niin-es and r^¡ater, an.d hence the acti-

vity coefficients iir Tables 13, 14 and l-5 were deríved fron the tota.j- va-

Por pressures ancl liquid-vapor equilibrium coinncsiLicns, assuiaing the

va1idíty of Daltcn's 1at¡. Since the acÈivity coefficj-ents of the two

comPonents in a bi.nary system are related to'each otlier through the Gibbs-

Duhem equation, the internal consistency of the activity coefficients can

be checked. From lhe acti',rity coefficients of arnines in these tabi.es,

values of water activity coe-lficíent for these systems r.¡ere calculaieá

by means of the Gibbs-Duhem equation, and ccrnpared rv-ith the valLres pi:e-

viously obtained. In all cases the a'r.,erage cleviations are in tire orcler

of 1'L%, and this is about the'uncertainty of ttre experimental measure*

ments. For the systens: di-ethylamine-r,¿ater and triethylamine--vrate::,

Iarge deviatíons arise r,¡here the iuol-e fractions o-i arnine are trígher than

0 .3 or 0. 9, where the partral vapor pl:essLlres of r¡¡ater are 1o-,¡. Fo1:

example, a differerlce ín 6% is found in concentrated solutions oí diethyl-

amine and. triethylamine har,,ing mole f::action 0.95. In víew ôf, the de-

creêsíng relaÈive accuracy with which partial pressures of w-ater can be

determined in this range, the results in vapor pre-csl-lre measurements in

general are consisteni and satÍsfactory

V.B lggp"risrn rf Res"lts Meq.sr:rernents and Deríved

Thermodynamic Quant ities

1. Ifc.¡n_ogthylamj.ne-trIacer at 25oC

e--Val9g-Eg-q-ryæ-€-

VaPor pressure measurer.rents for the syster¡ mcnoethylamine-r.7ater re-

ported in literature are scanty. Butler'(117) deternined tire partial pres
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A Comparison of
Dailey and Fels

TABLE

the Partial Pressures
ing(118) wíth ihe Data

JI

of ìfonoethylaini.ne Accordi;rg to
of Tiris investigation at 2.5oC

l¿

"B

Mole Fration A¡.riire

+, Partíal ?ressure in nun flg

*t1o ""u *t*-ãenO- Tiris ifork

0 .01

0.02

0 .03

0.04

4.5

9.1

L3.7

18 .3

4 .lt
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TA3LZ 32

Excess Chemical Potential. anci Excess Free Energy of

Monoethyl-amine and (/ 'Ð Moles of I,later

i'iixinc xI M¡les of

at 25oC

/,{E
Excess Chemical Potential

in Ca1. G

Excess Free Energlr
of }Ií.xing in Cal.

l¿
x'.B

Mole Fraction
Amine

Amine I^iater

0.00
0 .01
0 .02
0.03
0 .04
0 .05
0.06
0 .07
0 .08
0 .09
0.10

oô-o-oLo
-5L4
côo

-5L6
-499
-482
-458
-44L
-422
-3 B5

0
0

' L1
t.4
-É

l_0 .9
7.5

-2.0
-6 .8

oâ-o.L
-i0 .9

0
-5
-6

-t4
-13
-L4.
-22
-34
_/,2

-46
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sure of monoethylamine at 25oC for a very dilute solut.ion 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 soluËe in Ëhe condensate. By a similar method, Dailey and Felsing(118)

measured the partial pressures of monoethylamine in aqueous solutions in

the mole fraction range of amine from 0.004 to 0.04 at 25oc. 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 Mixin

The excess chemical potential

energy of mixing GE are given

of component i, lf , and the excess

by the expressions,free

and

Æ = Rr!^f:

crl = Ånr*fÏ " x! ar !"i
(270)

(27L)

excess quanti-

data on Ëhe

on vaPor pres -

excess enLropy

From Ëhe activity coefficients in Table 13, values of the

ties were calculated and are given in Table 32. Since no

heat of mixing exist for this system, nor sufficient, data

sure for an evaluation of the temperature coefficient, the

of míxing .cannot be computed.

2. Diethvlamine-Lrlater at 25oC

a. Vapor pressure of pure diethylamine

The vapor pressure of diethylamine was found to be

238.8 rmn Hg at 25oC in good agreement r¿ith the value 237.2 nun 9f Bolas(119)

Pohland and Mehl(120) made six measurements from -41oC to 21oC and estab-

lished an analytical expression for the amine. This equat.íon gives a
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. TASLE 33

A Comparison of the ?artial Fressures

Dailey and Feising(11-8) r'¡ith the Data

o! Diethylamine According to
of This Investigation at 25oC

+.x-
D

Mole Fraclicn Amirie

'þe Partj.al Pressure in rrun Hg

Daiiey and Felsing This l.'lork

0 .01

0 .02

0.04

o.l

18.5

36.8

9.0

L7 .7

33 .5
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Figure 35. Excess Therrnodynamic Functions for the

Systern Diethylamine-i',rater at 25oC,
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value 235.5 ïmù at 25oC. Static and dynamic nrea-suler¿euts by Copp and

Everett(12f) in the teinÞera-L.ure range 15oC to 5.5cC gave by interpoiation

a val.ue at 25oC of 235.7 mm Ìig. BittrichQ22) carried out e series of

meesurements from 2ioc to 96oC rvhich lead tc ¡¡ va'lue of 234.0 r¡m at 25oC.

My value is thus about 3 rr'n or 1.3% higl:er than the average of crther

workers.

b. Total Vapor Pressures of the Systern Dj.eth).larnine-tr'Iater

The only r.¡ork in the lite::ature on total vepor pressure meesure-

ments of diethyl-amine-water is due to Copp and Everett(i21). Thei.r ex-

periments rvere conducted at 56.80o, 49.10o anci 38.35oC. I attempted to

extrapoiar;c to 25oC, but the result rües not satisfacLory, because the

plot of 1og p against reciprocal temperature diJ not give a smooth cur:ve.

g. Part.iai Vapor ?re

Using tlre same mc-thod as for nionoethylamine, Daley anci Fe1-sing(118)

obtained partial pressures of d,iethylamine in the ciilute corrcenii:ation

region. Their higher values at rouncled concentrations are coîrtpared r,¡ith

mine in Table 33. The average discrepency Ls 6"/",

,J. Excess TB:r¡nodynamic Funct.ions

The excess chemical potentials ancl fre-e ener gy of mixing r,¡ere ca1 -

culatecl by means of Equations (270) and (27L). The only available heats

''ris system at 25oC are those of Copp anci Evere-t(121)'of maxrng ïor tr u are tnose or (

Using their figures, the excess entropy of miring-rvas calculated. Since

the accuracy claim,ed for the hears ot- mixing is about 4?á, I estimated

th.e derived entropies Lo have about 5% uncertainty. The-se excess func-

Ëions are shorvn in Table 34 and are presented graphically in Figure 35.

3. Triethyla¡nine-Water at 17oC

a. Vapor Pressure of Pure Triethylamine

.Lattey(l-23) gâve a value 50.1r nun compared wíth a loruer value 46-7 wt
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in this ::esearch. The- wcrk of Pohland and ì.Íehl (LzA) resulte,C ia a highcr

vaiue, 53.2 r"r,. Thonpson and Linne[tts analytícal e,xpressíon gives 17.9

mm in close:: a.gr:eernent r.rith rry value. Inie.rpol-ation from Kohl_el:'s re-

sults Q25) at 0o, lCo anci iSoC ¡zielCecì, the sar¡e value as mine. Copo anrl

Everett (121) surmnarized their f inclings in an express ion. viz . , EcÌnarion

(2) ín their publ'íc.rr-'ion. This equation ga.re 3OB nur at 17oC and must

therefore be rn:'-sprinted. Fort,.1natel)r the va.pcr pÍessure of prrre tri-

ethylamine in association with the total vapo:c pïessure neasurenìents fo,:

the systecr tr-iethylanine-ethano]- aL 31t. E5c, 49.600 ¿,në, 64., B5oc by ccpp

and Everett prcduced a straight Iine relalionship when the logarÌthm of

pressure vras plottecl against the reciprocal of absolute tempe-rature,

Extrapolation of this straight line 1ed to 46.2 mm at 17oc, A series of

measurerûen{-s in the temperature range 13.53o to 79.i2oc by Krichevsicii

et al" G26) gave 1r5.3 rrun at 25oC. Bit!-,:icli (L22',\ clec,ucecl a vapor prerjsui-e-

temPerature relation fronl experinrents ín the hígh terrììleratì.rre range, 50o

to 59oC. This predicts 46./t nrn at I7oC, suf f iciently close io rol¡ -¡al-ue.

Recently, christie a'd crisp('L27> rneasured Llre vapor pressure of the

amirre in a higher but molîe narrorv temperature renge. The only presenta-

tion is in con<iensed graphical forrn i,¡hich does not rvarL:ent a satisfac-

t,ory extrapôlation to 17oC . Ho,i.rever: it suf f ices to sa)¡ tll at v¡itirin

agreenleni with the rna"jority of the abo-¿e mentioned sourc.es, the general

correctness of the vapor pressure of triethylarLine in this ryorlc has been

es tabl ished .

il Toial Vanor Pressures of the Svstenr Triettrvlemine-l^.Ie-te::

The total- vaPor pt:essures for this system over the entire concentra-

iion range r¡7ere investigated by Lattey(123) at 160, i8o , Z0o and 2)oC,

by Roberts and llayer(l28) at 0o, 13o, 16o ancl 1BoC, and by Kohler(G25)
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Comparison oi

IABLE 36

Liquicl-Vapor Equil íbrium Conrpos itions
Triethyl-amine -Ilater ai 1.7oC

f or i-he Sys tem

4
+\f

xø
IuIole i'raction ¡tnine

Ín ilapor

Roberts and Maye:: 
(L28) This t¡Ior:k

Mole Fractj.on Amine
in Liquid

0 .05

0. i0

4.20

0 .30

0.40

0. s0

0.60

0.742

0.742

c.742

0.743

0.748

o .7 52.

0.758

0.729

0.732

0.735

0.737

C.7¿rA

^ 
-7 /,')

o.748
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at 0c, 10c end L8oC. I(riehevskii et al , 
(1?6\ a.lso nlade ñìeasurements be -

-'
1o'*'0.08 ieolc fractíon of amir-Le in the range l-0o to 25oC, Values fo: the

total vapor pressui:e at lToC anci at rounCeci conceritraticns r¡ei'e obtaincd

by interpolatíon a.nci are compa::ed rvíth tliis research in Tabl-e 35 . Lat-.ey' s

results are consi-qtently higher tiran inine by an a\/erage of 1.8 mm, but

Kohlert s are cons istently lorver: by .L . I r¡:¡n. Krichevskíi' s vapoi: pressures

at l-ovr concentratr'ons di-ffer frorn mine by l mm on the aveÍage. Hovever,

there is very good agreernent ¡uithin 0.3 mrnron the average, betr¡een the

set of vapor pressures by Rober:ts and Mayer(128), and that obtaineci in

ny work. Roberts arrd llayer felt that Latte¡"s hígher readiirgs urere pro-

bably due to a less conplele removai of air.

c. Liquid.-Vapor .EEgltfllj rg_ççgpos it j.ons etg_ lg4lel ./Spg$r9r¡lggq

The only e.xperimental liquici-vapor equilibriur¿ conìpositions in the

liierature for this systern aïe thcse of Roberts ancl }fayer(128) at 0o, 13o,

160 and lBoC. Values at IToC were inter:polaced and are listed irr Tabie

36. The vapor conrpositions in terms of amine detennined by me are ior,¡er

than theirs by- an average oÍ L.3%.

ParËial pressures, calculaEed from total pressure data and liquid-

vapor equilibrium compositions of R-oberts and Mayer at 17oC, are given

ín Table 37. LatteyQ23) and KohlerG25) resolveci their total vapor

pressures into part'lal pr:essures of components by an approximation pro-

cess ori the basis of the Gibbs-Duhem equaLion, Dalton's law and tire assun-

ption of ideal gas behaviour. Interpolation cf iheir partial pressures

gave the values at 17oC in Table 37. The discrepency betrveen Roberts

and lufayerts and mv rvorlt is mainly due to the díffel:ences in the measured

líquid-vapor eqtiilibriurn compositions, sínce both seEs of total pressures

are almcst identical. The partíal pressures of aniine according to Laitey
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are higher, and those of r,rater are lc\'rer, cornpared rvith my røork. This is

because a higher value Íor, pure airiine aild ¿.i ioi;er value íor-- pure vJater

were employed b¡r them in carryinÉj oLlt the approximal:ion procedur:e to ob-

tain che païiiai pressures for the mixtures. Although Kohler;s total-

pressures in general a.re- lorve:: than ni-ne the measured vapor pressure of

pure v/ater is r¡uch higher than that I have aclopted froin a bette:: estab-
/'1 1 rì\lished standard by Keyes\¿¿v/, As a result, Kohlerrs partíal pressures

for,vater are higher and chose for am-rl-ne are loi,¡er in compa::isorL rvith a1l-

other r¿ork. There. is no doubt, hot,rever, as to the internal consi.stency

of the partial \¡apcr pressllres, as given by Koh-ier as well as by Lattey,

for this system.

d. Excess Thgrrnodynamic Fun_ctiors_

. Using the activit.y coefficients of Table 15, the e:çcess chemical po-

tentials and free e.nergies of mixi;rg were conpuiecl . The heats of mi:iing

for thís systen at 10oC were der:ived by Koirler(i25) by dífferentiation of

his vapor pressure data at 0o, 10o and 1BoC. Copp and Everett(l2l) mea-

sured <iirecLiy the heats of mixírrg at 15oC. Matizen and KustovaG29) re-

peated these measurements, at the same tempe.rature, but principally in

the lorv triethylanrine concentratÍon region. The most recent work aL 15oC

ís due Lo Betrand C! Cl.(i:O) . I believe this work gives the besr ther-

mal data presenLly available for this sysrem over the fu1l concentraticl

range, ju<iging from its internal consistency, the scatterÍng of points

and tl-re better accuracy claj-med" By incorporating the heats by Betrand

et al. at 15oC for 17oC, val-ues of excess eiltropy cf mixing rvere calcula-

ted. TabIe- 38 girres the eiçcess funct'i cns . Figure 35 shoi,¡s Ehe relation

betr+een these quantities. Since according to n"ttu.,d lhe estimated maxi-

mum uncertainty for the heats is 10 cal. per nole and 1% uncertainty in
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Eigu,:e 36. Erce-ss Thermodynamic Functions fcrr the

SysËein Triethylarnire-I^Iat-er at L7oC.
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acÈivity ccefficieÍìi--s cau.ses anct.her maxiûrlrnr <liffererrce about 6 cal" per

mole in the resultin.g e:;cess chemical potenti els, the calcr:iated excess

entropies and TSa are believed co i:e eccufate r.¡ithin 0.05 ent::opy unÍts

and i6 cal. respectir¡e1y,

4. General Discussion

A1 1 these systelns exhibit n<¡nideality on mririrrg. The activity co-

eff icients of monoethylainilre. calcul-atecl from the partial pressures, be-

lorv mole ír.actíon of amine 4= O.i, are less than unity. A comparison c;f

the total vapor pressLlre curve i+ith that of icíeai behaviour, sito.,rn in

Fi.gure 10, sho¡'¡s that negative deviation exists beL.oru mole fraction of

amine of about 0.65, above this, tirere is some evi.Jence of positive de-

viation. Tire other tl/o systems shor¿ positive deviatíons from the ideal

vapor plressure curve Í-n Fígures l-1 and 12. The behaviour of triethl'l-

anrine-i+ater- is nuch more prcnounce,l . The total pressure rises sharoiy to

*l= 0.03 and reaches a plateau r¿ith smal1 slope in the region x*= 0.03

and 0.85. This is consistent 'ytith the characteristics cf systems having

l-ower critical solution tempel:atures. For partial niscíble liqui<l at

teniperaLrlres slightly higher than the critical temperartu::e, it is thermo-

dynamically necessary that each of the trso phases, at eeuilibrium must

have the same che;nical potentials. The partial pressures for each com-

ponent a::e identi-c.al , and hence the total pressuj:es are equal . The misci-

bility Eiap may extend to cover a wide concentr,stion range. As the tempe-

rature decreases Eo tl:.e critical tenìpereture, the partial pressures are

constant over a wide r:ange oi composition. It is experinrentally founcl

thaÈ this feature persists rrrore or less even if ihe temperature is further

lorvered by 1 cr 2 degrees, as Cemonstrated in Figure 12 for triethylamine-

water, r,.¡hicÌr has a loru'er critjcal temperature at 13.3og(L26). For di-
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et,hyle-mine-\^reter v¡i'iich rtras a. ior^'e:: criticai te-inFerai:.u::e a::ouni U+OaC(L?L),

the equalit-¡z 6¡ r/apor pressure d.oes nol per:s i-s t at :.oom tenpel:ature.

The large relati.¡e viscosity of ainine solutioirs and the riegative

values of the heats of ni.'<ing, for Lhe sys leins dieth-ylanine-yratel: aril tri-

ethylamine-r'/ater. aie sonìe indicaÈions that strong mol-ecu'!a:: interaction

takes place(134)" Perhaps this interaction is best expresseci by the ex-

cess entropy of mixingr',vhich is a ureasure ojl ord.er e-nd disorcier. In

both cases, the posi-tive excess iree energies of mixing auerrlent the heats

of niixing to give large neãäLive.¡aj-ues oí excess entropy" These entro-

pies suggest that the arnines are hyd::atecì to â considerable exient. Judg-

ing fr:om the rnagnitrr.de or" the excess quantity lot both mixtures, the de-

grees of hydra.tion are sim.ila::.

c. _ Eif:sj_.:i
The graphs of di.ffe..renLial dj-ffusion coefficiei-its against mola::i'cies

for the açli-nes are shor¿n in Figure 32, 33 and 3li. Aithough the tempera-

tures arê i-rot tire sarne, the sirapes oi the cui-ves bear some sirnil-aiity.

In general, the <iiffusion coefficient decreases frorü mo¡roethylornine to

Ëriethyiamíne. This is in qualitatí.ve agreenent r+iih rvtrat is expected

from a consicleration of the s Lze of the molecule and the viscosíty of th.e

solution, triethylamine being largesi ancl its solutíon most víscous. The

position of the minimurn sTrifts gradually from ab<¡ut c = 6 to c = 3 or

roughly from m =, 10 to m = 4, in going fror,r mcnoethylamine to triethyl-

amine. It is interesting to note that at their minirra the inagnitude cf

the diffusion coefficierits ,lirninishes from abotrt 1x 10-5.*2 p.= 
""". of

monoethylamine t.o I x 10-6 c.,.2 per sec. for diethylamine and to i x 10-7

a
cm'per sec. for triethllamine, anC this is very 1ow in comparisc'rn ruith

that trsuall-y found , ví2., l- :l L0-5 .o2 p"t 
"".. This is in acco::dance at
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least qualitatívely with the concept that the driving force for diffusion

is the gradienË of chemical potential or logarithm of activity, as can be

seen by refering to Figures 16, 17 and 18, lrhere the gradient is shown.

Most remarkably, for triethylamine the minimum occurs where the plot of

1-n a against ln m is almost horizontal. Also, Krichevskii and Tsekhan-

skaya(131) found the diffusion rate to be very smal1 for triethylamine.

I attempted to fit the experimental diffusion coefficients into the

Hartley-Crank equation, i.e., Equation (25I), in order to calculate the

hydration numbers for the amines. As this equation implies that the

diffusíng entíty is amine rather Ehan t'aminium" cation and hydroxyl anion,

I did noË attempt the treatment for very dilute solutions, for which the

degree of dissociation is more tlnan 2 xo 3%. By transforming molarity

into molality as the independent variable, the values of $lf and re-ornm

lative viscosity were evaluated from Figures 16, 17,18 and 8. Table 39

summarizes these quantities. The Hartley-Crank plots are shown in Figures

37r 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 Ëhe

sËraíght line portions of these curves, at low concentrations, values of

Ëhe inrercepr, o3O, and rhe slope, 0.036 ,Oä?O - n Di.q) of Equation (251)
2

were obtained. Hypothetical values of DfiO, i.e., the diffusion coeffi-

cient of the amine molecule at infinite dilution are

L.2L x lO-5 c^2/sec for monoethylamine

8.9 x L0-6 .*2/""" for diethylamine

6.4 x 10-6 "*2/"." for triethylamine

using the self -diffusíon coefficient of water, oär', Q.43 * 10-5 
"*2/

at 25oC and 2.01 x Io-5 e^2/sec at 17oC given by Partington, Hudson

BagnallQZ)), hydration numbers for Ëhe amines were calculated. In

at

at

at

zsoc

25oc

r70cand

By

sec

and
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TABLI 39

Data Rele\-ent to tl're lIa:i:l-ey-Crarrk Plots

Monoethylamine e-t 25oC

Dicthylamine at 25oC

Trl

0.3952
0.6665
1.195
2.270
3.773
5.48L
6.592

0.5033
0.5923
o .7 556
L.L72
1_.178
l.t-52
1.767
2.4r0
2 QLQ

4 .003
5.092
6 .885
7 .164

d !,'c-
7E;;
0.97
0.97
0.97
t .06
1.10
L.t4
L.T4

5n
Ð x t0 'l*!

1 .555 1 .080
1.1r3 1.135
1 ,05rr L .2.50
0.986 L.474
0 .92L I .820
0.873 2 .160
0.847 2.330

0.762
0.7s9
0.72.7
0. ó61
0.656
0.591
0 .584
0.486
0.4!7
0.337
0 .2Bs
0.2_38
0.218

L.zLO
I.250
1 .330
1 .530
1.535
i.830
1 .835
2.L70
2.430
2.840
3.L45
3.440
3.520

0. 50lr
0.427
0.276
0. 183
0.099
0.074

Ål'" o'
D --xlotÀ Lt't 4

1.16
L.t2
1 .06
0. 93
0.81r
0.78
0.74

-- 'Á!''''n 5
1,,,t Ð zrî rto

L.?.5
L.27
L.32
7.39
L.52
7.65
1.73

Triethylamine at l-7oC

c.94
0.94
0.94
0.93
0 .93
0.90
0 .87
0.78
0.68
0.5'2
0 .1r1
0.37
0.37

0.88
0 .88
0.58
0.44
0 .07
0 .01

0. B1

0.80
0.76
0.7L
0.tL
0.66
0.6s
0.52
0.62
0.65
0. 70
0.54
0. _59

0.57
0.49
0.48
0.tr3
L.4.
7.O

ßoo
I .01
L.O2
l- .09
1 .09
L.2!
1 .20
l. J.l
1 .50
I .86
2.L9
2.20
2.06

0.425I
0.6191
0.9181
1.071
L.468
L,7L6

L.260
1.410
1.635
r.740
2.035
2.205

6.72
0 .69
0. 7B

0.75
L.O

15 .0



Figure 37. Hartiey-Crank Plot for Monoethylamine ac 25oC.
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Figure 38. Hartley-Cranh Plot for Diethylarnine at 25oC,
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Ëhe abse-nce oi viscos ity f actor, ihese nuü'ibers ¿ii:p-

3.8 fol nciroe thylaninc ¿t _ 25oC

6 . 0 f or d íeth-y iamine at 25oC

and 1û for tríethy !.amine a.t lToC

However, if cire vj-scosity factcr;.r is int:oduced i:rto tlie calcrrlaiion, the

hydration numbers for mono-, di-, and triethylaniine lvil1 .be negatíve,

*1.0, -3,.8 and -4.0 respectively. Tirese do not have any physical mean.-

ing. There is an unknc,¡n elrror introduced by taking tÏre bulk viscosity

as the viscosity ex1>eríenced b¡r discrete díffusing molecrr.l.es" The sane

difficulty arises .¡ith.the effect of víscosity in conductance. The re-

latíve r¡iscos ity v;il1- probably mi.níniize this error if the solution has - a

víscosity very close to that of the solvent, or the solution is very di-

lute, for the <leviation frcm the truth nray be canceilecl co a consiclerable

extent by talting the ratio of tr.¡o bul-k viscos itie-s . This is rvhy in iirany

cases the inclusion of the relative viscosÍty in theoretical equati-ons

can fit the expe-rimental di-ffusion coefficients and conductances better.

In hígh concerì.tr-ations, horvever, where the relatir,'e viscosily is much

he inclusion of i.t as agreater than unity, e.g., the_ amíne soiutions, t

multiply:'-ng factor does not. account accurataly lor the true effect. Judg-

ing from the hydration numËers derivecl in both ca.ses, it seems that this

factor cver coïrects the .theory, despíte the fact that ít gives the besË

straight line fit for the diffusion coeffícients up to 7 ¡¡rolal-, for lnono-

ethylamine.

If the viscosii:y factor is omit.tecl , the equaEion fits the experi-

mental data i¿ithin tI%, belorv 2 m for monoeth¡ilamine, within 4-2% belov

1.5 r:r for diethylamine, ar-id -16% below 1m for triethylamine, The order

of hyclration ín this s,-ries of amines is Ëri
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ment uiÈh the conclusion of Somervill"(132).

When repeating the vrork of Pickerinr(133) on the freezing point

curves of the aqueous amine solutions, Somervillu(132) found that the

aûines could exist as solid hydrates at low temperatures. The formula

of the hydrates v¡hieh contained the greatest proportion of r¿ater and gave

definiËe maxima on the freezing point diagrams were MeNHZ.3H2O, MerNH.

7l1ZO, MerN.10H2O, EtNH2.54H2O and ErrNH.BH2O. The posirion of rrierhyl-

amíne v/as not cert.ain. From the Ëherrnal analysis of triethylamine-r¿ater

over the ful1 concentration range, Kartzmark(134) found that the only hy-

draËe which could exist as a solid at 1o¡+ temperature is the dihydrate.

The freezing point curves for whích ice is the crystallLzing substance

lie below the ideal curve. On the assumption that the deviations from

the ideal curve v¡ere entirely due to hydration, Somerville estimated the

relative degree of hydration for the amines. Although the hydratÍon nura-

bers so obtained do not agree vrith 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 l"ras not made by Somerville, but, since the curve

belor"¡ 1 mola1. does show a greater deviation from ideal behaviour in com-

parison with mono-, and diethylamine, this is some indicaËion that the

tertialy amine is more hydrated in less concentrated soluËions. The hy-

dration of the amine ín solution is usually ascribed to hydrogen bonding.

As the bonding is necessarily weak, the loss of stabiliËy of the hydrate

in solution, at higher temperature is to be expected. The hydration num-

bers at roon Ëemperature will presumably be sma1ler.

Among the amines, monoethylamine has the highest hypothetical diffu-

sion coefficíent at infinite dilution. ExaminaËion of diffusion data in
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the 1iterature reve¿rls an inc:eaie cf abori: 25% írt value wheo tentpera-

ture increases b,u' 10oC. Even ivitir chis all-or.¡ance, the hypothe,tical di-

f fusion coef f icienL of tríeþ,hyLarnine is still- the sr,allesf-. This ís en-

tirely due to the size difference oi the ¡nolecules. By regarding the

diffusing entity u" ;'.*iníum'r and hycir:.oxyl ioirs, f:he Nernsc lirniting

values calcr-rlateC by using Equation (201) arÞ-

anc

2.O02 x 1O-5 "*2 
p"t ,.". fo: rnonocthylanine at 25oC

1.640 x 10-5 "*2 p"t 
""". for diethyla,'oin-e et 25oC

I.7g2 x 10-5 .*2 p"r 
""". for triettiylamine at 17oC

These are hígher thar-r the corresponding hl,poihetical values. This is due

to the exception:i high mobility of hyclroxyl ion ruhich enters ínto the

cal cula-tion of Nernst 1ímitirrg values.

D. Dissociation Constants

The clissociation constants obtained in my Ì,Jcrk are 4,57 x 10-4 no1es

per litre for monoethylamine, 1.02 x 1013 moles per l-itre for diethylamine

at 25o ano' 4.93 x 10-4 mcles peï litre for ti:iethylaminc at l7oC. These

agree well r.¡ith the values obtainecl by Soinerville G32), Ablard et a1. 
(1-?5),

Everett and trrlynne-Jones (136) , Evans and Hamann(137) , de Li-gny(133), van

der Linde et al. (139), Moore(140) and l{anssc.-,(i4l) . There Ís no doubt

Ëhat for this series of sui:siituted amnronias, diethylamine is the strong-

esf- base and anrnonia is rhe r.reakest, K = L.77 x 1C-5 moles per litre ar

25oç(i42). This "abnormal" trencl of base streng;h in aqueous solutions,

di> tri^-mono

According to Palit,.since nitrogen is strongly e1-ectronegative compared

wiLh hydrogen, Ëhe bonding electron pairs in N-H bonds in amrnonia v¡ill be

drarvn closer to nítrogen, and hence *-he hydrogen aLoms will acquire wealc

positive charges, Approachi-ng hydrogen íon is attracterl by the unslìared
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pair of electrons but repelled by the three positively charged hydrogen

atoms. As a result of Ëhis, ammonia behaves as a weak base. If one or

more hydrogens are substituted by groups, the strength of the resulting

base wil-l depend on three factors, (1) the polar factor or the electron

attracËing por/ier of the replacing group, (2) the repulsion factor, i.e.,

the repulsion between the remaining hydrogen atoms around the niËrogen

atom and the approaching hydrogen ion, and (3) the availability of the

unshåred pair of electrons as influenced by Ëhe steric interference be-

tween the unshared pair and the alkyl group presenL around the central

nitrogen atom. The first factor which depends on the inductive effect is

knor¿n to be very weak \dith alky1 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 Lwo hydrogen atoms. This diminut.ion of repulsion causes an in-

crease in the base strength of ethylamine. The increment of strength,

on passing to diethylamine is 1ess, since Ëhe compensating steríc factor

is increasing. For triethylamine, the steric factor is enough to compen-

sate for the repulsion effect, and a decrease in strength is observed.

IË appears that a balance of two opposing factors is reached at the secon-

dary amine r+hich is therefore the strongest base in this series. This

behaviour seems to be contrnon to other series of alkylaníne(l43). By using

the correlaËion between substitutenË effects and reaction rates and equi-

libra developed by HammeËJI44) and Taft(145), HallQ46) found that the

secondary amine should be Ëhe strongesË base in a given series of alkyl-

amines.
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VI SIJ}MARY

Certain physical properties of the systems, ethylamine-v¡ater and

diethylamine-r¿ater both at 25oC, and triethylamine-water at 17oC have

been studied experimentally.

The total vapor pressures were measured by a different.ial manometer

using mercury as the manometer fluid and v¡ater as the reference liquíd.

The liquid-vapor equilibrium compositions were determined by isothermal

aii saturation methods. The partial vapor pressures, activities and

activity coeffícients, calculated on the basis of Daltonts lavr are thermo-

dynamically consistent. The relevant excess thermodynamic functions r¿ere

also obtained.

The densities and relative viscosities were found experimenËally.

The conductances of the amines and hydrochlorides in aqueous solutíons

TÀ7ere determined. CorrecËions for the formation of aminium carbonaËes and

the hydrolysis of the halides were made. By using the Kohlrausch 1aw

and the method of Shedlovsky and Kay, basic dissociation constants for

Èhe amines \¡¡ere computed. The base strength of Ëhis series r^ras found to

conform to the usual Èrend for other series of aliphatic amines.

The diffusion coefficients of Lhe :mines were obtained by using

Stokesr dÍaphragm cel1 method. The larger the síze of the molecule is,

the smaller is the diffusion rate. Hydration numbers and hypothetical

diffusion coefficients at infinite dilution for the amines r^¡ere evaluated

by using the extended creatment of Hartley and Crank. These values are

l-ower than the corresponding Nernst limiting values for the reason of

exceptionally high mobiliËy of hydro>ryl ion.
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