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f>'L*"V'551<> n the last few years, the stability constants for
\qg O\b

veral hundred systems of complex ions in aqueous solution
have been measured., However, few values for heat and
entropy changes in the formation of comrlexes have been
reported, although in several published discussions, the
need for such information has been remarked, Ko full
realisation of the fundamentals of comrlex formation may be
achieved without thie information.

The rajority of known heats of formation of complexes
have not been measured by direct celorimetry but derived
from the varlation of stability with temperature, by the
thermodynamic relationships,

RT 1nkK° &« -AF® = -AH® - 7AS8°
dink® _ - AH
ar RT
As more data are produced, it is becoming increasingly
obvious that little reliance may be attaéhed to the results
found by this method.

As 1llustration, the results obtained by inderendent

workers for the formation of the two well defined comrlexes
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of Cu2+ with ethylenediamine range from a value of 30% less
than the calorimetric value to one LO% in excess of the
calorimetric value.

Although it was realised that the method could not
yield results with accuracy approaching that of calorimetry,
1t was felt that they would still be of value if the errors
d1d not exceed * 107, Two of the most accurate and reliable
methods of measuring stability constants, viz. the
determination of solubilities and the Bjerrum potentiometric
method using a glass electrcde, were therefore employed at
a series of temperatures to f£ind heats of formation of some
metal ammines.

The solubilities of silver bromate and iodate in
solutions of pyridine and 2:6-lutidine were measured at
0%, 25°C, ana 40°C, and from the calculated stability
constants, the heats of formation of the silver ammines were
derived. They were found to be ~~ 157 lower than the
calorimetric values.

The system coprer-ethylenediamine was reinvestigated,
by the glass electrode method. 8tability constants were
measured at 20°, 25°, 30°, and 40°C. The derive: heats of
formation were found to be ~~ 147 greater than the eslori-

metric values in this case,
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Considerable care was taken to minimise activity
effects, to avoid irregularities in the behaviour of the
gleas electrode, to exclude carbon dioxide from solution
and to reduce other experimental errors as far as possible.

To see whether more accurate results could be obtained
for another system, heats of formation were derived for

2+ and ethylenediamine; here the value

complexes formed by Ni
for the tris-comrlex was found to be almost 507 larger than
the calorimetric value,

A eritical examination of the theoretical assumptions
made in the calculation of heat changes from pH measurements
leads to the conolusion that there must be experimental
errors, &8 yet undetermined., Although values of A H
- calculated from the temperature coefficients of stability
constante are unreliable, (due, rrincirally, to the small
temnerature renge over which it is rossible to make stability .
measurements), measurements of free energy changes by the
glase electrode method differ little from the atandard free
energy changes, When combined with heats of formation
measured calorimetrically, the resulting entrory changes

t 2 e.u,

do not differ from standerd quantities by more than
Heats of formation were measured directly in & twin
micro-calorimeter, in each vessel of which wes mounted an

all-glass hyrodermic syringe actuated by an external
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micrometer screw~gaugs. Overall heats of formation were
measured by observing the heat given out when a small known
weight of concentrated metal solution was 1naected into
e large volume of amine aolutibn eontaining excess ligand.
Reveral different types of metal ammine systems were
studied by calorimetry in conjunction with glass electrode
measurements in aQqueous solutione of ionic strength 0,10
at 25°C. In the discussion of resulte, emphasis is laid
uron the fact that the interacting ions and molecules are
surrounded by sheaths of water molecules, The comrlete or
rartial destruction of such sheaths involve changes in
energy and entropy which must be taken into account when

interpreting the observed overall hest and entropy changes.

Silver Ammines.

The increase of polarity of the nitrogen atoms in the
series of methyl-substituted pyridines, |

ryridine  3-picoline < 2-picoline ~ L-picoline < 2:6-lutidine

ie shown by the increasing heats of reaction with: hydrogen
ion, and corresponding increases in the free energy. Entrory
changes are small and nearly the same value for each base
(~ + 6 e.u.).

With silver-ion, the stabilitiee of the bis-conrlexes

are found to increase in the above order.
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PK, (a measure of the affinity of a base for hydrogen
ion) varies linearly with logﬁz (a measure of the affinity
of a base for Ag'). However, the heats of formation of
Ag(2-ricoline)} and Ag(2:6-lutidine)’ are found to be
amaller than the heat of formation of the less stable
comrlex As(rYridine); . It is suggested that this 1s due
to the faot that the 2-methyl grours interact with the
hydration sheath of the silver fon., 8ome of the hesat
peaulting from the formation of the metal-ligan: bonds will
be absorbed in the "melting" of hydration sheath. The
released sclvent narticles cause an increase in the entrory
of the system. The entropies of formation of the two
complexes containing 2-methyl grours are more positive than
the entrory of formation of Ag(pyridin@);.

The lowering in the heat terms due to hydration is
comrensated by the increase in the entrory terms, so that
stability constants do constitute a more reliable measure
of metal-ligand bond strength than do heats of reaction in

aqueous solution,

gomrlexes of Diamines.

The sume compensation effect is shown by the tris-

2+ 24

ethylenediamine complexes of zn°* and Ca°*. 7n

» which is
more highly hydrated than Cdz* (as shown by its more negative



entropy of solution) forme the more stable complex. waevfrp
the heat of formation of its tris-comrlex (-15,52 K.cal/g.ion)
1s smaller than that of the tris-comlex of Cd2* (- 19,74
K.oal./g.ion), although there can be little doubt that an*
forms the stronger metal-ligand bonds,

The destruction of the larger water gheath around the
zine ion in the formation of its tris-complex results in
the entropy change being more positive for an* ( + 2.6 e.u, )

than for Cd°* ( - 16.9 e.,u.).

Five- and 8ix-iMember Rings.

Both heat and free energy changes are larger for
l:3-d1aminoprorane than for ethylenediamine in the reactions
with hydrogen ion. However, complexes of the divalent
traneition-metals with 1l:3-diaminoprorane are found to be
less stable than those with ethylenediamine. This is an
examrle of the general phenomenon that chelate complexes
containing six-member rings are less stable than comrarable
chelates containing five-member rings. The lower stabllity
of six-member rings has previously been generally attributed
to an entrory effect. The present measurements show that
for coprer comrlexes, at least, it is the heat term ang

not the entropy term which changes with size of ring,
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comrlexes of 1:10-Fhenanthroline.

Heate of formation of the tris-rheranthroline complexes
of Pe2*, N12*, 2n®* ana ca?*, were determined calorimetrically.
The values taken in conjunction with free energy measurements
show that the ferrous complex has an abnormaslly large
negative entropy of formation comprared with the tris—complexe&
of the other three catiéns. The abnormally high stability
and the diemagnetism of the ferrous tris-complex have been
attributed to "inner t&po“'jdzhshpB bonding, end it is
suggested that this bonding could cause & high charge density
upon the periphery of the complex with an attendant partial
"freezing” of solvent particles around it. This hyrothesis
also accounts satiasfactorily for some recently publ@shed
figures for the entropies of activation in the racemisation

of the complex ions B‘e(plrmman)z+ and Ni(phenan)z*.
3 3
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NOTE.

All thermochemical data in this thesis are given
in terms of the thermochemical calorie, equal to 4.1833

international joules or L4.1840 absolute joules.



The ecrliest studies of comrlex ions in aslution were
concerned with rhysiscl rrorerties such as colour, ortical
rotery rower &rii cor.uctivity, pttier than energlers of
formation. Werner hased nhisz ooorlinstion theory, diScussod
in hic book "kew Jdaess in inorgunic “hemistry", on such
remi-qualit tive data, uny obeervutione were nede on
com- lexee in the scild state, but usue.!ly the cowrlex which
erystellieer out of solution 1s merely the most insoluble
gnc 1ot the mont ctable orecier, In adulition the ~royerticeo
af Bolitli 2owrlex colte are i cart .ue to the ' rorertier of
the urnior. gasuresentes of eneryy changes 1uvolve the
unkrniosn cnergy of the lattlce,

come of the Mrai woriers ~ho used what may bhe denor’ o
as .odern aubtaoce o ctudy comrlex fonle ecuilibria in
solutisn were Julep, Hodldnder, *bes,. urnd thelr coworsers {(4)
at the turn i the century. They menaures the conecentration
of frae metal lon i1 a ¢omrlex solutiorn .ith electrodes o7
elerantery metal though ohly & liglited numbipr, chlcfly eilver,
mercury «:. zinc, could be siudied oy this Lyre © rotertt -
metric methou., “tadilit, corstuar.s 8o abtuined werc of
doubtful validli, beocuuse of 1neor lete knowludpe of activity

ef'f'ects =»ng jJunciion rvoterntlisls,



Although it had been dercnrirated that whoie series of
complexes which could be isolated were formed by successive
rerlacenents of one l1li,and by uznothrer, no considerztion seens
to have been given to solutions in which ceveral spraecies of
comr lex ions were coexlnting in dyrunice equilibrium until
1920, «inun . 3jerrum (2) sug:ccied a curies of "reversible
atce: reactiors" {or cuch eguilibria.

The work of .. 3jerrum znk the publicetion of his book
"Letal sumine rormation in Aqueous Soiution” (3}, peve grect
{ayetus o tie chemnistr; of comrlex ions in solution. The
wajority of wor<ers in this riela in recent yeurs have
adopted J. Bjeru:'s technisue using the gpluss electrode,

J. Bjerrum e.rhasised und developeu E. 3jerrum's theory
that comylex foemation Likes place In rever 1ble siers,

Conslder 4 solutiorn 1n «wuich o metal ion, ¥, is in
e uiliobrium with a cosplexing agent, L. ctlectrical charges
are onitted for jcner:lity.

The foilowing urecles coexlet in solution:-

,', L, ;‘:1\1’ fiﬂaz ® *» 2 8 B " B S e s ﬂd “Y{:;.{.‘

The reversible ste;r .quilldbria are represc. ted as follows: -
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tach stage is related to a equilibrium constant, Kn
. ] " -
= .
ey B] figp,y- o
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where

n has integral values from 1 to K, where N 18 the maxizur
coordination number of the rctal ions.

rx is the molar activity coefficient of the srecies X, and
the concentration of X, [x], refers to g.kol./1. or g.ion./1.
Rn is termed the thermodyna:ic stability constant for the
grecies MLn.

Kg is terme: the concentration or stoichiometric stability
constant and is given by:-

e (1]

= [&Ln‘].] m ceses 2o

L, the comrlexing agert, is eslled generilly, the ligand,

A further common notation is that ﬁh. the overall stability

constant is given by:- _
B, = 1T Yo

l1-—>n

€Cofle
ﬂ3 = K. Ky K

J. Bjerrum introduced the conce;t of the formation curve
which is now the grarhical rerreserntation of how complex

formation takes place which is in current usage.



n is rlotted against plL.

T is the degree of formation of the syster.

[eomr lex-bound ligand] G, - [L]
v [Totel metal] - C,

Cx is the total concentration of X in all its for:s
in the solution.

py = -log [L]
J. Bjerrum showed how values of Kl’ K, etc. could be
ealculated from such curves for the courlex systems 8o
revresented.

J. Bjerrum also enrhasised the fact that many ligands

§+' etc.. Stability

are conjugate bases of weax aclds, LH*, LH
constants of comrlex ions of such ligande may be determined
by measuring the rH of solutions containing metsal ion and
ligand. This is the basls of the Bjerrum glas: electrode
method and may be regarded as the stul, of the competition
between metal ion, ¥, and hydrogen ior, H', for the ligand, L.
Although under the most favourable conditions, concen-
tration of hydrocen ion 1s most accurately measured by the |
hydrogen electrode, in most metcl-complex syatems it rroves

unsatisfactory (3) and the glass electrode is used almost

exclusively by contemrorary workers.



At the present time many hundreds of stability constants
for widely varying tyres of metal-ligand systems are known.
In some recently rublished reviews the data have been
collected (4), (5), (6), (7). However, different workers
have measured stabilities at different temreratures and in
different ionic backgrounds, thus renderir; imrossible direct
comparison of resuits. In addition, moet stability constante
are not thermodynamnic quantities but, more nearly,
concentration constants,

For the reaction

:*ﬁl.n«t—L—-eMLn_‘_l
The free energy change is given by

"A Fn+1 = M‘n%*l * s 00 3.

-A F, ., 18 given in cal,/g.ion or cal./g.mol.
where R 1s the gas constant in cal./g.mol./oc
T 18 the temrerature on the XKelvin scale.
2 + 1 1s the thermouynamic stability eonstant derivea from
molar activities,
-OF, 1= RTInK, . = -Aﬂn*1+TASn+
coees U

- F is the decrease in free energy of the syste:,

1

- A H 18 the decrease 1n heat content of the aysten,

+ A 8 is the increase i1 entrory of the syster,



I sever:sl rublished discussions concerning fecLors
deter~ining the stability o com lexee, in the ahnence of
ai& for enthaelry end entrovy c¢han. es, A us been assumed
to be either negligibl. or constarnt (7, (8 ,(9;,(6L;, and
- A <y coliculetes from ﬁTln.ax, where K® ie not therwodyreie,
hae heen t:xen to he a zessgure of the stren,th of bonding
netween me.wnl ion &n. 11gan&;

Very fe« valuc “or enthal y snd entroyvy changes in
vae foristior of complexes .ro «nown &nd the urgent need
for such dst: has been rexapsied DY w number of wor:ers, (4,
(73, (33, (21), (BL).

I 19h%, 4r this ledoratery, ir. .. . Y1lliere
meusure: the atadbility oonetante of e lexes of etlhylene~
4tp ire #ith sone divolent wetols (Coz’, ﬁiz', Qua* ar . an*j

g6t neversl Cifferent te epstures,

Froov. earn. L,

log K = — a ¢ B ceiae B,
2o 303 2T 2.305 R

If - A H i consgtant ovey the small tem eradture range

wiere “'s ars messurel ( h0°82, then & lot 1 log o

spul et 1/T wil. give ¢ alr igbt line of slore - 4 %/2,304R.
& i noet eonvenienuly esleulated fro.. thne eguation

A o Qi =_QOF S




By this method .illieme found enthalpy an. entrorpy
chenges in the formation of the metal-amnines (10),{(11). For
the heat of formation of the curric bis-ethylenediamine
comprlex, #%illiums obtained th; result . -AE&E = 35,750
eal./g.don. Prom two stability constants measured by Bjerrum
at 15°C anu 25°C, using Cu/ilg electrodes, the value
-AHy, = 26,100 e¢al./g.1on can be calculated (12). Although
Bjerrum's result is lieble to error because it was derived
from only two measurements at a short temrerature interval,
it 314 seewm the more rrobable, since #¥illiam's result gave
an entrory of formation of A 8yp = ~-31, whieh was sueh more
negative than ex:ected. When in 1952, Basolo (13) rublished
a value, aleso obtained by the glass electrode method, of
-AH,, = 17,200 cal./g.lon (which gave AS,, = +35) it was
considered that this method could not be relied uron, and
it was decided to try other methods of measurin; stability
sonstants at different temreratures to find reliable values

of A H and As.

Thé Score of the Present Research.

The present research is described and uiscussed under
the following sections.
gtion I. 8Stabilities of silver-anmines oy a solubility
method.



Section II. Stabilities of comrlexes of ethylenediamine

and l:3-diaminorrorane with some divalent metals by &
glass electrode method.
Bfection I1I. Stablilitiea of silver uzumines by a glase electrode

method.
Section IV. Heats of formation by calori.etric measurement.
Section V. Enthalry &and entrory changes in the formation

of some comrlexes of divalent metels with 1:10-r henanthroline

8eeotion VI. Discussion of results.

Section VII. Exrericental details.

Section I.

The solubility method used was si:ilar to those used
by Vosburgh (14,15,16) and ¥onk (°1) for silver comrlexes.
The solubilities of silver bromate and silver iodate were
measured in solutions of amines between 0°C ana uo°b. ¥ork
done 4n Dr, Bell's laboratory had shown that the method
gave good velues for A Hend A 8. It was decided to study
the silver complexes of ryridine and its methyl derivutives.
From a knowledge of A7, AH, anc AS for the formation of
comprlexes of one metal with & series of closely related
ligands, 1t should be roesible to draw conclusions coneerning

the effect of rolar and eteric factors uron comnlex stability.



In the methyl-pyridines the rositionsof the methyl grouns
determine the rolarity of the nitrogen atom. 2-iethyl

grours may be the cause of steric rerulsion o f both the
silver ion (which is a large cation, I = 1.26 A), and of a
second ligand with a 2-methyl group. In the series of
methyl-ryridines choeen for investigation, viz. ryridine,
2-ricoline, 3-—~icoline, h-picoline, 2:6-lutidine, the

effects of both steric and polar factors should be detectable.
since with monodentate ligands, silver forms only two tyres
of complex ion, AglL* and AgLl, K, and K, can be calculated

easily and unambiguously.

Section 11.

it was declided to reinvestigate and imrrove the glass
electrode method used by %“illiems and Basolo in an endeavour
to obtain reliable values for O S and A H, The ayraratus
and technique were changed and the correr-athylenediamine
and nickel-ethylenediamine systems were studies at tem eratures
bet~een 20°C and 40°c. Both coprer and nickel have large
hects of resctipn with ethylenedliamine, 80 that ploté of
log K against -%— have large slores.

The stabilities of complexcs of sinc anu cadmium with
ethylenediamine and of cojrer and nickel with l:3-dilamino-

cporane at 25°C were slso measured in order to study the
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effect of chelate ring size uron stability.

Section 111.

The acid dissociation constants of the methyl- yridines
were measurea by the glass electrode method at 25°c. The
atabilities of the eilver comylexes of the same amines were
aleso measured by the glass electrode at 2§°C.

The reactions, N +
+ H —> AH

A + agt—> angt

(where A rerresente amine)
are in some ways analogous, and it has been suggested that
the affinity of an a:ine for & proton is rrorortional to its
affinity for a silver ion (as measured by the free energies of
the above:reactions). The entrory changes in the reactions
were calculated from these date and the enthalpy data from
Section IV (see below) and the isvortance of the entrory

terms assessed,

segtion IV.

Heats of tormation-or comnlexes in solutlion may be
measured directly in a suitable ealorimeter. Such & calori-
meter which had been designed and conatructed by uUr. D. 7.
Evans (22), was kindly loaned by Dr. R.E. Richards to

facilitate the production of new dats while s aubétantially



identical apraratus was being constructed in our laboratory.
The technique used was to release a small volume of metal
solution into a solution containing a large excess of ligand
and from the heat generated, the overall heat of reactiocn
was calculated. The results obtained dy this method were
used, in the first rlace, as a check on the resultse from
Sections I and II, which were shown to be considerably in
error. The overall heats of formation of the silver-armines
and the complexea of ethylenediamine with the divalent
metels listed above, were measured in the calorimeter. 1Iu
addition, by releasing & small volume of acid solution into
a large volume of amine solution, heats of neutralisation

of the amines used as ligands were measured,

rive and S5ix Member Rings.

N12+' Cuz*, an’

and Cdz*

, Peadlly form comrlexes with
ethylenediamine, &tability constants were messured by the
glase electrode method cni overall heats of formation were
measured in the celorimeter.

These complexes contain 5-member rings whereas com—lexes
of 1l:3-diaminorrorane contain 6-nember rings and are of lower
stability. It has been suggested by Schwar _gzenbach (23)

that the lowering of stability is rrimarily an entrory effect.
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The stabilities of complexes of Riz* and Cuz* with 1:3—
diaminoprorpane were measured by the glass electrode method.
Only the heat formation of curric big-l:3-diaminorrorane,
which in formed in low amine concentrotions, could be
measured oslorimetric:lly. Shortage of material made it

1 osslble to measure the heat of formetion of nickel
trig-l:3-diaminorropane, However, for eurric comrlexes, the
lower stadility of the six-member rirg is shown to ve

princirally an enthal:ry &nd not an entropy effect,
Section V.

The heats of formetion of the trig«com;lexes of
1:10~phenanthroline with Faz*, ﬁig*, ﬁnz* and cdz* were
measured calorimetrically. #rom the free energles of
formation measured by D.H. Yellor (24), the entrople: of
formation «ere celculated,

It 1ies well known that ?ez* behaves abnormally when it
forme comylexes with 1:10--henanthroline, aince 1t forms
an extrermely stable counrlex (log. 13 3 ~ 21) where K3> iy F.l
(24, 2%). The tris-comrlex is diamagnetic, indlcuating
dzsr3 hybridisation (26). The devimtion of Eeg* from ite

normal behaviour ie well illustrated when the enthalpy



and entroyy of formation of 1ts tris-corrlex with rhenan-
taroline are comrared siih those of the tris-complexes of

the sothier irFree etals,

Section VI.

Conrlex ircrmxatioc:. in agueous solution taxer rlace
hetveen hydruted srecies, the genercl reection beirng
rerrecented bhy: -

. I - An-m)e . ey

wrere y, z, cnd to some exteunt X, &re unknown gquartitics.
The vaiues of - A ¥, ~-AH and A5 found for the v.riocus
systems investigal: d are discucned in this section with
rarticular refererce to hydration,

#inally some wertion 1s made of these results in

conrection with xinetic ciudies of comrlex #fopruastion, which

are rarl.ily increasine in imrortance at the rresent ti: o,

I3
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SECTION 1

In agqueous solution, the monovalent silver ion forus
only two tyres of comrlex ion with & monodentate ligand (3).

For the fons AgA® + AgAj, the thermodynamic stability

constants are given by:-

[AgAt] Lot o R
K * = = K M % os 00 7-

[he} ) £ s
K = T T _As__,_ A e

‘nd the overall constant,

[rea3]  Taghr .@a_z
> ™ [ +J[A]2 fﬁg"’. .2 = 2 . + fA‘? I

where K°, K°, and 3¢ are stoichiometric constants.
1 2 2

In dilute solutions of low ionic strength, fA, the activity

an
coefficient of the amine, which is,uncharged srecies, is unity
All the ions have unit charge and rAg*. ngA*’ and rAgAﬁ must

be very sinilar in magnitude,

f + f + ) o -+
Thus the ratios, Agh ’ Ag A2 ’ and AEAZ

should not deviate arrreciably from unity. In solutions of

silver ion and monamines, it is thus rossible to arrroximate
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closely to thermodyrnamic stabilit, constants by using

concentration stability constants,

The Solubility Metliod.

This method was develored by La Mer (28) and by
Leviea (29) and recén;ly it has been used for comnlexes of
silver by Vosburg (1k4,15,16) and by Monk (21).

when an amine solution is saturated #ith a sraringly
soluble silver salt, a determinstion of the concentration
of the anion of the silver salt in the saturated colution
combined with & knowledge of the solubility product of the
salt rermite the concentration of frec silver ion rresent
in solution to be calculated. The difference hetween the
total concentration of silver in solution and that -resent
as the free ion i¢ then the amount of silver which has formed
& comrlex with the amine.

Solutions of different comrositions mey be yrerared by:-
(a) Alterin; the concentrstion of the amine,
(b) Using different silver salts so that different solubility

products arply. |

Adyantages of the method.

(1) stability conatants can be meusured as accurately
by this method as by any other method.

(2) The stability constunts 80 measured are very nearly
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thermodynanic quantities, or at least refer to solutions of
low and constant tfonic strength.

(3) The a paratus used is simple and can be used
without modification at any temr erature between 0° ana h0° .

The method's special applicability to the silver ammine
systems is for the following reasons:-

(1) The two sparingly soluble silver salts used were
the 1odate and bromate, which can be determined very accurately
by iodimetric analysis.

(2) The bromate ie sbout forty times as soluble as the
iodate, whioch allows solutions of all degrees of formation

to be rrepared,

Theory of the Solubility Method.

The solubllity of & sraringly soluble salt at a given
temrerature in solutions which do not contain species
caprable of complex-formation, depends uron the s80lubility
reoduct of the salt, on ion-rair formation and the ionie
strength of the solution. It is necessary to determine
the effect of these faetors upon the solubility before the
effect of amine concentration upon solubility may be
discussed. Firstly, an account will be given of the effect

of neutral salt concentration upon 80lubility,



Solubility Troduct,

When a silver salt, AgX, in aqueous solution 1s in
equilibrium with the so0lid ealt, the relationshi~ holase:~
R ™ 2
[-".& ] . [x ]- ft = S L3R 2R AN ) 100

fz is the mean activity coefficient of the cation and anion.

S 1is a constant, the solubility rroduct.
There is also present in solution, the ion-pair Agx*, #hich
bears a formel charge of zero and is assumed to have an
activity coefficient of unity.

For the lon-rair, Agx®,

M—%j' ‘f = Kpgx .... 11.

[4ex

vKAgx is8 the thermodynemic dissociation constant of the

- ion-pair,

The relation between mean activity coeffiq;cntt_rt, and
ionic strenzthL7LL_.

When the ionic strength of the solution 1s increased
by adding & neutral soluble electrolyte, the solubility of

the silver salt inceresses, because r* is decreesed.

The ionic etrength,/(,& = 3 Z C1 Zf veee 12.
VA

th

where C; 18 the concentration of the i ionic srecies of

7
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chiurge 21.
Several egquations have been formulated for the relationshir
between/UL and ti__.

The equation which was tested end used in this work was
ti: . of Daviea (30).

At 25°C, for a uni-univalent electrolyte,

-logw 1‘* = 0.50{_']—7%_/;_ - G?O/UL} eaes 13,

| +
(At 0° ana 40°C, the rarameter 0.50 has the values 0.49 and
0.52 resrectively).
To test the applicability of the equation, measurements of
the solubility of silver bromate and silver lodate were
made in solutions of potassium nitrate atl 25°Cc. If the
equation 1is valid, calculations of eolubility product in
solutions of different lonic strength will give 8 constant

value for ¢, the solubility rroduct.

Calculation of Solubility Froducts.

In an ageeous potaasium nitrate solution of concentration

CﬁNO3, saturated with a silver salt, concentralion cAgx’
there will be four kinds of ion-paire present:-

xnos*. Kx®, Agx®, and AgﬁOB*

Having zero charge, the ion-pairs 4o not contribute to the

jonic strength of the solution.
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The anion of the silver salt is determined by analysis,
and for electroneutrality, CAS = Cy, 80 for the solution,
the total concentrations of the two cations (CK and CAg) and

the two anions (C Ox) are known. It is required to

NO3 and
f£intl the concentrations of free ions.

The thermodynamic dissociation constants of the ion-
raire at 25°C have been meagured by Monk (:<1) and Davies (31).

The valuee are given in Table I.

TABLY I
Jon-ralr Dissociation Constants at 25%.
S8ilver Potassium
Salt N03 BrO; 104 NO5 BPO3 IO3
log K 1.5 0.5 1.4 2.3 2.0
Ref, 31 21 21 31 3 31

For an ion-pair, YZ*,

+ -
KYZ = M] . f2 11.

7] ‘ e

The concentration dissociation constant, Kcyz. is given by:-

Ko

Yt |z~
Yz © ¥7 veoe 1.

Taking logarithms,
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Applying the Daviee equation, 13, &t 2500.

log Kcyz =  lopg K. +._£&QL_.~ 0.2 «... 16.
KYZ 1 +J—- /kk

The uccurcte lonilc strength of ithe solutionyﬂkAcc » 18
given osy:i=-
/Aiﬁcc = [Ag*] + [l“] + [ﬁ*] + [HOE;l

2

. 17.

The ion-veirs are yresent in vory low coneentration, s to

a close first apr-proximation,

M= vagx * Cknos
Using this vilue of//J. in egn, 16, the concentrition
disso-iation constents oFf the four ion-rnuipes ray be calculated.

For the silver colution, the following equations

arrly: -
e, et [x) Ko Sl llos] e | [e][x7]
e et 73 [enogm] R R
K| [t 3
K"mo;:,z[ ] [+<3]
[m«o;

And &also:-

¢,, = [pe*]+ [mxt]s [remos*]
(k] [xrogt ]
¢, = [x7] + [v2] + [gn ]
Cpg 5 = [N07] + [xmoi]+e  [nenct]

| @]
i
r—
-~
&
| W
+



By substitution in, and reerr.ngement of, these eirht
ejuations, it 1s possible to arrive at the follo.ing

exrrescions for free ion concentraitions,

[ X-] = cx
1+ [x7]+ [507] 1+ [x7]+ [wc7]
+C C (o c
N KKNO3 KAgx KAgN03
‘_NO;] = .
1+ c,/kS + C./K,
K KIB} N +:1103
1+ [x7] + [wo7] 1+ [x7] 4 [NO—-]
. C c ) c
Vo K/\i‘-;o 3 cg;;x KAgHO 3
[AE;] = CAg
1+ Ox/% pgx * C; 0.+ SugNo,
1+ [%ﬁ] + [Kﬁ' 1+ [wF] + IK+]
c (o (&
K, x Kxx K N0 5 Ko,
[K+] = CK
1+ Cy/ Ky + cNox/x o,
10 [ag*] [K*] 1+ {A Lag'] + [K+]
) TR

21

16.

. 20.
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These equations are used for calculations on silver bromate
solutioné, where X~ = Brog. |

The equations become of somewhat simpler form for silver
lodate, because of the non-existence of the ion-pair AgIOBt.

The eguations are of a very convenient form. At the
highest ionic strength used (~~,0.10), the whole denominator
is less than 1.05. Accurate values of the free ion
concentrations are obtained using total ion concentrations,
(CIOR)’ instead of free ion concentrations, [IOh], in the
lower fractions, and no successive approximation is necessary.

Having calculated the concentrations of the free ions,
the accurate ionic strength,/u,_\cc » i8 calculated by egn. 17,
and log riz is calculated from eqn. 13,

Hence the solubility product, S, by eqn. 10.

The @Gonstancy of Solubility Product.

Vaiues of 8 calculated by this method are ndt consfant
but increase slightly with ionic strength of solution (see
p.179.). This is due to the fact that the constants of the
Davies equation were chosen primarily to give an exrression
of the widest applicability and for individual salts it is
naturally possible to fit the data by changing these

rarameters.
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Vosburgh (14,16) used two such eguutiong in his worg
on the solubilities of silver 1odate anu silver brcmite
in yotassiuni nitrate solutions at 25°C. No allowarce wus

nude for ion-raip foroation.

Silver lodate - log f2” = 1,012y + 0.320
- 1+ /b& /

Silver “rcematc -~ log f‘?i e ﬂ%@a O‘ZO(W
- l s /u

These equati .iia were aprlied to our results and founi

to give less concistent values for 3 than did the Devies
ecuation.

Instead of {:rting our own emrirical equatirns we
rreferred to use the Davics eguation for two reooons: -

(1) Uver tiec small range of lonic strengths in the
amine solutions, (0.203 to 0.017 for Agﬁrsj and 0.0001 to
0.0015 for &gIQB), the ecuation does pive constant values
of 2,

(2) &n cxuect emrirical equation for Kﬁos solutior”
wouli not necersarily be correct tor cmnine golutions,

es-ecially if lon-rair formation were 1:rored,
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The Colubility of a Silver ©clt in Amine . olutions.

vethyl-pyridines are very weak zases (n.107) and
londico only to a very st 11 uxtent in agueous soluilon.
In the weukeest sclutlions used, the rerc:ontage of ifonised
far:, AH*, wees only 0.3%. In all cases it was roucible to
write C'A = C,, where C'A is the total amine jlaced in
solution and CA is total amine avulisble for forming comnriexes
with Ag+.

A silver salt, AgX, 1s wire soluble in a&an amine solution
than in water, because Ag+ lons are removed as Agﬁ* and AgA;.
when the amine solution is satur:ted wiih sllver selt, tic

foliow#ing srceles arc present:-

rgty X7, s %, apat, agal,

A,
([&g*] 15 less than in weater and [x“] sreater. )

Froi: egna. 10 and 11,

[Agf‘] = ?/KA&X (a constant) ceae 22,

or & glven ..merature, [ﬂgx*] ic & constent inderendent
of ioric strength and readily calculated,
The total concentr .tion > the anion, CX, is Jleter inegy
by anulyeis of the solution.

The concentration of free anion, [zf]is given by

[X-] = Cy - [Agxt]



By elcctrical neuvtrality,

[x7) = [’ « [ag®al + [264,]

so, ¢, = [az*] + [ag*2] + (™2 ] + [ rx~]

ut C,. = [ng*] + [22ta] + [ &*a,) + [eer-]
e 23

Bo, Oy = C,. = Cpy (totel corcentrotion of

silver salt in solution).

The ionic strength of solution is:-
/u, = {[Ag*] + [A,gA""] + [Agﬁ;] + [X-]}
= Cpgx - [%27)
Using this value of/L& ’ ft is caleculated by the
Davies egqn. 13,
since [ag*] [x7] 22 =5 ... 10.

an¢ since[(”], £ , and s are known, [2g"] 1c csleulute..

how

CAg = (Ag;*} + [Ag?\:’] + L gA+3 + [&gi\;] cees 2l

C, = [A] =+ [ﬁ,ga"’] + 2[*.gﬁ.§] ces. 25,
sy egna 7 an. &,
Coy * [ra] + [text]+ k [o*10a) « g%, [2*][A]2 ... 2ua.

c, = [a] + x0Tl T+ 2k k(8610077 .ee. 25,

In the two equuations above, 24a and 2%a, there are three

unk:owns, Kl, KZ’ &nd [ﬁ]. Kl and KZ are constants and, by
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taking a series of amine solutions, [A] 1o variea, 1 and £,
are founu by a series of succeansive arrroximations which

sre brlefly deccribed nclow: -~

stthous of Successive Mrvroaxdiations,

#rer ollver 1o0::te (the less noluble salt) .iasolver
irn the strongest anine solution, conditions are most
favourable for .he ormetion of the AgAE eowrlex. For
firding an srproximat: value of {3 oy o€ assumrtion is
made that the solution contains an unim ortunt coneentration
or AgA"’.

Thern 0103 = [A@"'J +[3.£ff“i§]
[A_] = C, - 2[‘\8521

e C, - 2C

A~ %105 4 2[2g%]
Then 3, = 16 - [r&*] 26

[2] (¢, - 2010, + 2[ag’])

The rough value of ﬁg , iz used for fluuing Kl from
bromate solublility messurenents wicre the formation of Agﬁ*
is favoured. Subtraction of egn. 248 i'rom egn. 2u8 glves

Z[AS*][ }J + [A] - quj - C, + cAg - [Amuﬁl =0

which is & quadratic in [A]. tence [4] for ench nromste
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solution. 8ubtractior of eqgn. 24 from syn. 25 glves -

[«ga*] = 2c, - 2[ax*] -cC, + [4] - 2[1"] ces 224
Kow .
Ky = [ﬁ@A ] ceu 7.
[ﬁgg ][fx]
S0 Ky= 2, -2[ME] -y e [A] - 2[8") g,
[4g*] [a]

Kl 1s 2rleuiated for each bromate solution and the cveruge
value is used t2r131MLF?2 in the soluti:as of uilver 1odate.
-earrangement of eqrn. 29 giveu:-

1 .. o~ o oo o+
fal= ¢, 2,g 2[Ag"] .

1 - H1[AE+J

Fence [A] is founu for each loduate solution.
The conecentr:ation of [AgA*]i& found by

[.ﬁ,gA"’] = 5’{1{"’"5-'.’] (Al Y
*inally, corcentration of AgA; is calculsated by: -

[agal ] = Cag - [re2=] - [aga®] - [ae*] ... 2u.
All values are known for the ctleulation of

B, = [ag'a,]

lag*] [41¢ T

The average value of S, for the iodate solucions is foum

and used to rfind & more accurate vilue for Kl‘

K, and /32 are recaloulated until ticy give mutuslly consistent

values. Then, K, = /égz/xl
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~he Arreratus.

Earlier workers in this fie!d saturuted solutions by
shakin, solvent with exces: solid in stor-ered flasks for
several heours in a thermostut., Sawrles of so.ution were
filtered off and analysed, but oftern the result= were not
coreletent end several reasons f'or this .aave been suggecteo,

e.4. The crystals 7 s0lid disinte_rite and fine
rarticies, in sus-ension, rass through the filter. (14).

Silver ions exchange with sodium ions in tie glase. (32).

In our exrerimenis, saiturators o the tyye useu oy
¥on« ané Davics (21,29) wer. used. 4 dlagram »f one is given
or- naite p.ZS (fig. 1). It is ~ade of Pyrex glass and fitted
with gr.ouri-glass storrerc.

¢slutdion is rlaceu ir bulb, A, 7Tt slowly flows throu-h
the colu:n of solld mi.ver salt, €, which restes on & filtepr
rad of Gooch asbestos, which, in turn, rests on & rad of
glass wool. Folution colleets in 1imb, 2. The solution is

withdrawvn from 2 by rirette.

3uilding the Column,

Small rieces of glasrs wool were drorred down Lhe tnbe
an. amred down with & glass rod., CSecondly, dcoch aabest-sco
was dror-c¢u down the tubs and tamyed down to for: & second

layer, ¥ech laver was &bout nalf & centinetre ir thickuess.
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Dry powdered sidwer silver salt was rlaced inside bowl, A,
above the column, and distilled water joured in to fill the
column and the bottom of the bowl. The bowl was gently
agitated so thut the solid settled slowly down the tube,
forming & regularly racked column, free fron charnnels and
air rockets, At least half a litre of water wus rassed

through it to wash out the “"fines",.

Temrerature Control.

at 25°C ana 40°C, the saturators were susrended in a
thermostat, whose temrerature was regulated to : 0.02%.

At OOC, the saturators were rlaced in a large Dewar
vessel, containing & mush of ice and distilled water, stirred

by an air Jet.

Treraration of solutions.
rotassium Nitrate Solutions.,

Accuretely weighed amounts of rotassium nitrate were

dissolved in accurately weighed smounts of distilled water,
(from 1 gm. to 10 gm. of yotaseium nitrate in 1000 gm. water).
A density correction was arrlied to exrress the
concentration in terme of moles rer litre. In the most
concentrated solution, molality and molarity differed only

by 0. 51 ]
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Amine Solutions.

Accurately wei . hed amounts of the amines were rlaced
in standard flasks and made ur to 1000 ml, with distilled
water, 8ince the strongest soluticn was about 5 gm. rer
litre, no density correction was made, the solutions being

assumed to have unit density.

Exrerimental Frocedure.

The rocedure is the saeme whether the solvent 1s rure
water, rotassium nitrate solution, or an amine solution.

100 ml. of solvent were placed in bulb, A, The vessel
was stoprered and rlaced as deerly as possible in the water,
(or 1ce), so that the urrer surfaces were covered.

At uo°c, this submerseion is of great importance, since
water vapour rarldly condenses on the inner walls of the
vessel above water level, altering the constitution of the
solutions.

The column was built to such a derth that 100 mi, of
solvent rassed through 1t in an hour, At Ooc, the solvent
wasg more viscous, and & little suction wae aprlied at the
mouth of 1limd, B,

The solution was removed from B by ;irette and returned
to A. At uo°o, the rirette was rreheated, so that crystals
of the silver galt were not deposited from the hot solution

onto the ¢0ld walls of the rirette,
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It was found that a solution usually became saturated
arter ragsing threugh the colu.n three times., After the
third time, two serarate samples of solution were withdrawn
from B, by rirette, and analysed, Analyeis was by the
fodimetric titration described below. The familiar volumetric
method was adapted so that welghts, and not volumes, of
solutions were measured, gi#ing more accurste anelyses,

The remaining solution in 3 was agaln rassed through
the column and two more samrles were snalysed. If the
analyses of these latter samprles did not agree wic: .those
of the former, the golution was agaln reassed throuéh the
column and analysed.

Usually, five or six oconsistent analyses were yerformed

to obtain the best result.

Iodimetric Titration

Samples of bromat::iodate solutions were treated with
excess s80lid rotassium lodide and about 10 ml. of 2N suly hurie
acid. The iodine liberated was titrated with aged standard
5/100 sodium thiosul-hete solution #ith starch solution as
indicator.

weight Titrution Procedure.

The titrations were performed in light, 100 ml, conical
flusks fitted with ground glass storrers, The flasks wepre
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cleaned with chromic acid and distilled water, rinsed with
acetone and dried by compressed air. They were weighed to
the nearest milligram on an air damped balance, Each
titration required four weighings,

The main volume of sodium thiosulphate solution was run
in from a 50 ml. burette. The last nhalf millilitre of sodiuu
thiosulphate solution at the end roint was run 1n'from &
ieroburette which read to 0.005 ml.

The weighings were carried out as follows: -

Mrst Jelghing.

Stoppered dry empty flesk ........ s ececesansessesase A gl

The sample of solution to be analysed was run into the flask.

Second _Weighing,

ctorrered £lask ¢ SEMT1E. .. .v. .o itsecrstnssnoncnons B gm.
10 ml. of sulphuric acid and 0.2 gm. of potassium lodide

were added to the samrle in the flask.

Third Weighing.
stoppered flask + sample + KI + Hgﬂou...... ....... eoe C gu.

The flask now contained iodine in yellow solution. Standard
sodium thiosulrhate from the 50 ml. burette was run into the

flask until only the last trace of yellow colour remained,

Yourth Weighing.
Storrered flesk + samrle + KI + H?Sou + standard thio-

B“l!‘hate. #2000 00 D Eﬁ‘i.
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Starch solution was added, whereupon the solution
becare blue. Aatandard sodium thiosulrhate frow the miero-
burette was run in drop by drop until the blue colour Jjust
disap-eared,

Let the volume of standard solution from the microburette
be x ml., No appreciable error is introduced by assuming that
this small volume had unit density.

Then (B - A) gm, semple soln. = (i'-C + X) gm. standard

soiiun, thiosulnhate solution.

e

The sodiﬁm thiosulr..ste solution iu standardised in
terms of the number of gm. ions of iodate which are equl-
valent to 1 gm, of sodium thiosulphate solutlon,

The number of zm. ions of iodate or bromate ions in
the above sample of solution are found from the weight of
standard sodium thioceulphate solution used in the titration.

Por the ~urrose of atandardising the N/loo sodium
thiosulrhate solution, a solution of rotamsium iodate of
aprroximate strength K/,, was mede ur accurately. About 2 gm.
of dry rotassium iodate were weighed to the nearest tenth of
a milligram and dissolved in 1000 gm. of distilled water,

The thiosulrhate solution was titrated against 5 gm,

samrles of the rrerared ilodate solution by the weight method.
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In estimations of silver bromate or silver iodate,
silver lodide in fine susprension ceused & bluish orzlescence
which obscured the final disappearance of the starch-blue
colour. To sharren the colour change, & few drops of &
yellow dye were added., (Actually, brom-cresol green, which
is yellow in acid, wae used). The end-roint was now the
change from blue-grey to yellow solution and oecurred over
the addition of 0.01 ml. from the microburette,

The excess "AnalaR" potassium iodide, added in each
titration, was shown to contain no i1odate > blenk teste .
The weight added was about 0,2 ;m. rer titrpation, since
larger amounts were found to give a mauve ende-roint, giving

less consistent values for the determination,

Errors in Determination.

The strength of the standard sodium thioauiphata solution
altered with time and was standardised againest the standard
rotassium 1odate solution each day before use., The estimations
were consistent to one rart in a thousand, The sodium
thiosulphate became steadily weaker by about 1! rer week.

In all caseas, bromate solutions gave resulis, cn

analysis consistent to ' 0.17., Iodate solutions could not
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be estimated with such rrecision, especially at OOC, where
some solutions were as weak as l/MOOO mole/litre. Errors

varied from t 0.1% to : 0.3%.

Since in no amine solution investigated was the
strength of the silver salt greater than 3.5 gms/litre,
only a second order error was introduced by setting molarities

equal to molalities.

Results of Solubility Product Investigations.

The solubilities of silver bromate and silver iodate
were measured at 25°C in aqu: bus solutions of potassium
nitrate. Results are given on, r.1J9.

Graphs of the increase .f solublility with increasing
strength of potassium nitrate are given orposite pp.3e37.
The results of other investigators have been plotted on the
same graphs for purposes of comparison.

The discrerancies lie outside the renge of experimental
error and this 1s almost certainly due, not to systematic
error, but to real differences in the solubilities of the
samples used.

As illustration, the meagured solubilities of silver
iodate in water at 25°C found by various workers are given

below in Table I1I.
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Solublility o

Solubility

g.m0l

/1. x 10“

1.79

l.769
1.768
1.7°7
1.785
1.78

1.776

#ean deviastion

1,705

* 0.005

> AglOs in daier at 25°,

Jorkers

Kohlrausch
Keefer
Fresent work.
Vosburgh

Li and Lo
SNk

Xolthoff

veference

(33)
(34)

(14)
(35)
(21)
(32)

36
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From the solubllity rroiuect investigations, the

following resulis were obtaincd: -

Solubilitiesr 5 “ilver Salts in iater. g.mol./1.

Salt. 0%:. 25°¢. 40 e.

Ag ar0,  3.012 x 10 £.155 x 107 1,30 x 1077
Ag 105 6.855) x1070 1765 © 107 3.0505) x 107"

todubllity Troducts of “ilver Saltes.

Vvalues of log. 5.

%
e d

cult 0~ 25% 40°¢.
Ag Bro; G941 5.7310 [.136
Ag 105 9, 6720 28,1920 %, 940

Silver Bromate Ion-tair.

The concentratin: of Ag Br@3L 16 a constant at & giver

tenmrerature, ¢iven by the ecuation:-

" g ' -4 - oF
log [4&,(3!'\,&3 ] = log 9 lop KA@I75‘3P».3 ... 18sm.
Founui.

g.mol./1. 0. 25°¢, 40°0.

*

[« Bros*]  0.00u0147 0.000108 0.000309



2-0

S\(‘Stem‘, ﬂgt Pxﬂd(ne.
ar 0° 25°C 4 40°C.
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silver Ammines.

The stability constants for tie comrlexes of silver with
ryridine and with 2:6-lutidine were measured at 000, 2500
and 40°C. The results of solubility mensurements at these
temperatures are given on r71.180-5 . A ty:ical grarh of
the veriation of solubility of silver sait «~ith coneentration

of amine 1s given oprosite .2l .

Pormation Curves.

The grarhical plot of the degree of formation, E, against
the negative logarithm of concentration of free ligand, rA
is the most generally.used reans of rresentin, results for
systems of ccmylex ions. From meapurements by the pH method,
vA and n are intermediete quantities in the calculation of
stability constants, where total metal, total amine, and
free amine concentrations are known. In the solubility
method, total metal, total amine and free metal concentrations

are xnown,

How n = [Total ligend ] - [Free ligand]
[Total metall

In calculating n for solutions of silver-am:ine, since the
ion rair ﬁgx*, rlays no rart in com: lete formation,
n = C, -~ [A]
Chg - [hext]




2.0

System, Ag™-2:6- Lutidine.

at 0° 25°440°C.
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From eqns., 248 and 25a, n is given by the familiar

expression: - |
o= K [a] + 2ﬁ2[ﬂz

p R Kl[A] + ﬂz\'_ﬂlz

Using values of K; and 3 , found by the solubility
method, and caleulating n for selected values of pA,
formation curves are rlotted.

The actual exrerimental pointe are plotted on the
same grarhs,

The two grephs are opposite pr.38 359.

From the variation of log K with temperature, the
entrory and enthalry changes in the reactions were calculated.
Grarhs of log K against LAT are given opposite rr.40,4l.

The best straicht line for points at the three
temreratures at which observation:s were made, wa: calculated
by the method of least squares., It was assumed that T was
a variable measured without error, whereas log K was &
variable containing errors. The standard deviations of the
values of A 8 and A H so calculated were also determined.
The results are giien in Tables I1II and 1V.

The values of A H;, were found to be not identical
with those found by direct calorimetric measurement, r.q"]

No other silver~ammines wer studied by this method.
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lceults nr Silver-Ammines by the Solubility .2thel.

¥
.

Reactiong: -

1. agt &+ A — agat
2. AgA' + A —— AgA

1.2, Ag+ + 2A — AgAg

Woodeh  TIT

Silver &ith Tyridine

Log K -ars -84 b8
Reaction 0% 25% 40°c cel./g.1on cal/s.don cal./f.ion
1. 2.393% 2.017 1.813 2,750 5, 660 - 9,8
2. 2. 350 2- 065 lo ‘(ué 2, 8’00 e 500 - 5-7
1.2, L.743 L.O&2 3,659 5,550 10,160 - 15.5

roen 2evietiorn.

Av t 30 esl./g.ton
AH Y 20 cal./g.ion
As T 0.15 cul./g.1on/°C
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Resction OOC

1. 2,822
2. 2.655
lo 2. 5-&77

T4 IV,

e ATy - - m—— -

4

Silver witl 236-Lutiline

11’);_[ K

e N
2300 LOVC

2.497 2.330
2.38, 2.220
L.881 L.550

'ean Neviation.

-a5*®® 4w AS
cal./g.ion cal./iy.don cal.f.ion

3, 250 4, 225 - 3.3
6, 650 9. 0'4:: - 8.0

AF : 30 c2l./g.don

At Y20 emfeiton

As Y 0.10 ecal./g.10on/°
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eterminution of Heate o: "urocilion 2f wibglerneuisiine

s o e

LQuraexes by @ fivon slectrade retid.

8ince =1lliems firset ecsured wnthalpy c¢hanyec in the
formation of eorr lexes oI ethylenediamine with alvalent
troneitior metuls of the irst long rerioa, by messuring
stebility constantes at different tereratures with the glass
electrnie, severzl other inderendent worker:, using esscoticlly
the same method have published results for tie sarme cvstens,
The system which has heen exa: incu wmore freguently than any
other, is that of curric ifon wit: cth lenedie~ine., Rerorted
values for enthal. y changes are given in chronologieal »ruer
in Table V (r.43.) and disagree widely fro. one another,

guch large discordancies in «AH vaiues are of'ten fouri
wi.en the reaults of several inderendent workers on &ny one
ayetem are comp&raea, The disoreranciec sust be mainly due
to systematic errors incidental to the use of the yleacs
electrode and therc nus been no general or full realisation
of the unoerteirtics of the method, .t the saqwe time 1t rust
be yointceu out that measurencnte by divierent worccra scldo:
refer to the sume ionic strengths or aalt concentratiorne an.
an evsluation of such factors mmet be taken Intoc aceount,

1t wes deoided to reinvestigate the syste., correre-

ethylenediamine under the saine conditione of ionic stren;ih
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and conceniration as those used by R.J.P. .illiaxs to find
whether or not the glass electroie method coculd be used to
yield reliable values of A .

The &attraction of the method is that it allows the
neasurenent of enthalpy ohanges in the formation of each
complex s;;'eome present in the solution., It is usually not
esay to find such enthalries by direct calorimetry, The
chief shortcoming of the method is that even for reactions
where -Aii 18 large, the change of stability constant with
temrerature is small,

e.g. For a reaction where =~A7 = 10,000 eal./g.mol.

From the egn. dink _ -AH
- —
aT RY"

it may be calculated that over a temrerature interval of 1096,

say 20°c to 30%, log % will change by ~ 0.25 units.
4lthough the glass electrode method is one of the most

accurate methods for measuring stability constants, the

error in log K, even in careful, accurate :or: is about

f_ C.03 units. It can readlly be seen that although this

rerresents a small rercentage error i log K, over a small

temperature range the resulting error in A H can be quite

large. However, for sove of the many systc .s for which
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stabilities only have been measured, values of enthalpy
changes, uncertain even to ' 10Y, would, nevertheless, be
of interest.

The theoretical assuwrirtions and roints of exrerimental
technicues which could be resronsible for errors in A\ H and
might account for the wide variations noted in Tadble V, (r. )
for coprer-ethylenediamine will be examined eritically here,
with esrecial reference to our own measurements on complexes
of corper and nickel with ethylenediaumine.

The system correr-ethylenediamine was first chosen for
investigation for several ressons: - ,

(1) The two comg-lexe; formed are very stable (log /J' 5V 20)
(2) The Formation curve is symmetrical about n = 1 (as
would be exrected for a system where N = 2),

2+ and Cuﬁng* are

(3> The heats of formation of both Cukn
very large.
(En is an abbreviation for ethylecnediamine
Tn is an abbreviation for 1:3-diaminorrorane).
These three factors are favourable because: -

(1) Two and only two well-defined comrlexes are formed.

* 2. djerrum has shown srectrovhotometrically, thet a
tris-ethylenediamine comrlex of curric coprer does exist; but
it 1s Lighly unstable (log Ky = ~-1.0) and is not rresent in
dilute amine solutions such &s those used here (12).
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(2) It is relatively easy to calculate values of K, and K,
from a symmetrical formation curve.
(3) Large heats of formation cause the rlot of log K against
l/& to have an arrreciable siore.

Preliminary calorimetric measuremnents made by J. 3jerrum

(38), then available showed

for Cukn®* - AH, = 13,000 cal./g.low
for CuEng* - Aﬂlz = 25,100 cal./g.ion

In the first rart of this section the technigue of the
rH titration method &nd the arraratus in which the titrations
were made will be described with esrecial reference to the
behaviour of the glass electrode at different temreratures,
the consté8ncy of liguid juncetion rotential, the staﬁdardisation
of the electrode éyatem and the accuracy with which vH may

be determined.,

The Glass Flectirode Method.

The rrincirles of the method are well known and have
been given in full in several accounts (3, 39, L1). 3riefly,
by measuring the rH of a solution containing known amounts
of metal ion, acid and amine, and from a knowledge of the

acid dissociation constants of the amine, the degree of
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formation of the ayste:, n, and the concentration of free
amine present, [A], are calculated., From a series of such
meagurements the formation curve can be drawn for the
system (n against pA) and from it the stability constants
of the metal ammine complexes are calculated. By making
measurements at different temperatures, the variation of
stability with temperature is found and hence enthalpy
changes.

villiams devised 2 method suitable for amines available
only in very small cuantity., Amine, metal-ion and acid
were mixed in known gmounts and the pH of the mixture
measured at a serles of rising and fallin; temreratures,
A known amount of acid was added snd the pH again measured
at intervals over tie same temrerature range. The process
was repeated for different concentrations of total acid
and in this way curves relating pH to composition of
solution could be plotted for each of & number of temreratures.
In the course of this work it was found that the glasa
electrode was subject to "thermal hysteresis". (42).

In the prresent method, to avoid any irregular behaviour
of the glass e¢leotrode dus Lo changes in temrerature, the

apraratus was mounted in a water thermostaet and the whole
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formation curve for the system was measured at one temrerature
using the 14 titration method, Before readings were tagen
at a different temperature, the clectrode system was allowed
to "settle down" for a reriod of time at that tem erature.

A descrirtion of the apparatus and of the procedure
of standardisation of the glass electrode i: glven on pr.
The accuracy with which <'s are determined depends primarily
upon how precisely the pH is measured. In the apraratus
used, pH coula be measured to t 0.01 units at temperatures
vetween 20°C and 4oYC. ueasurements were made at 2060. 25°C,

30%, and 40°C.

Titration Froecedure,

All solutions were made u in bolled-out distilled
water and the intrusion of atmoapheric C02 was prevented by
tubes of "Sofnolite”. Wwhile a run was in progress, soluticns
in the reaction cell were rrotected by bubbling nitrogen,
which had been freed from COy through them,

kthylenediamine solution of strength ~~ 1.0 K was added
to the solution in the cell from a microburette which could
be read to 0.002 ml.

The rre;aration of meterials used in these exreriments

is described on r.Ib.
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-ciu Dlssociation Constants of Eth lene.iis.ini,

After standardicing the electro.e, the cell wus rirsed
out several times with distillc. water and 25 ml. of standard
.l of wccurately known strength (~~ _.10 N) was riretted
into the ceil. &uccessive volumes i ethylenediarine soluticr:
were added Trom the microburette, and after ezch acfdition,
the rolutiorn was stirred end the steady 1 H which it attained
¥as read on the PH neter. (Solutions,excert ahcn very aci-s
or al:aline, gave steady readings a.most instantaneously).
Curves of pH againct volume of amine solutior sdoed were
rlotted axnu from the roint of greatest slore, the anire
strength wvas cslculated., The daiss+ociation constants were
calcelated by the wethou described on .19 . Rerlicate
exreriments were rerformed at each tem;erature and runs

wer.: founi to be highly rerrcducible (i.e. to 0,01 nH units).

Stabllity Conste. ia,

Titrations were rerformed with 25 ml. of wetal-acid
solution in the reaction cell. The metal-acid solutions

contained: -
O.40 . H1Cl

0.60 & K¢l
G005 M metul sulrhate.

The "ArzlaR" crade :xctal salis used were anslyscd by standard
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anglytical rrocedur.s and solutions made uyr accoraingly.
Ethylcneuiaiire soluti~sn, previously starnderdised by

pH titration, wus audeuw in succescive incrernenis from the
iicroburette with stirring and the resulting pH velues
reas on the meter, The mean o. several runs,(which were
again bhighly rerroducible), wes taken ut each ter:eravure,
The cilcul&tion or the forration curves is described on p.33.

and the ccoleulation of stebility corctants on 1.85

npparatus.

A diagrem of the apraratus used (fig. 2) is given
orrosite. A cell, 3, of about 50 ml. capacity containing
25 ml. of solution 1s connected with a saturated caloael
electrode, C, by cayilllary tubin; filled with saturated KC1
solution from tie reservolir, A.

The whole celi syutcm is mede of pyrex ;lass.

The saturated KC.L solution makes contact with tne actal-
acid-umine counylex solution in B through & sinterea glass
rlug, P.

In the rubber bur,, R, ¢re mounted:-

A cariliary tube, N, t:rough wiaich nitrogen is rassed.

The glass electrode, G.

A srall glass stircer, 8, driven by a s..l. electiric

motor.
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The tip of the microburette, ., rasses through‘a closely
fitting orening in the bung and dips just below the surface
of the solution, The reaction vessel may be drained by
removing the microburette and lowering a small suction tube
into the cell.

The rotential of the cell was measured on a standard
"Cambridge" pH meter of the valve electrometer tyre which gives
direct readings of rH. The commections between the pH meter
and the electrodes were screened leads of which the coprer
sheathing was earthed. The cell was mounted in a water
thermosteat, which could be set at any temferature between

20°c and 40°C to * 0.02%.

The Ionic Strength of Solutions,

Many workers have used "ealt backgrounds" of high
strength (~ 1 k) to keep activities of the srecies in solution
constant. However, in solutions of such high ionic strengths,
aotivity coefficients will deviate consliderably from unity.
For our solutions, we chose an ionic background of concentration
0.10 HKCl. This was the lowest concentration in which ionic
strength, and hence activity coefficients could be kept constant.
It «~as also the highest concentrition of x.:1 at which the

rHs of buffer solutions were asccurately known, p. 97 .
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Hyaroeiilorlc acld us used in r:iing uyr acid solutions.
In such solutione, the cureccrtratior of KC1 wue adjusted
80 that [HCl] + [Kul]' = 0.1 M. This ensured that
[Cl-] was always the cume,

2*, the metal with which comrlexes

The concentration of ¥
were tor.ed, wes alwerys 0.005 ¥, which rade vnhe totel ionic
ntrength of solution, 0.12. The amine solutions { [A] ~ 1 u)
were rrue wp in 0,10 M KC1 ro thet when acditions of smine
(a neutral species’' were made from the microburette, the

solution 17 the cell, althouygh dilutc. ¢liphtly, still .sd

arn doniz background T [Cl'] = 0.1CN.

Jun2tion Botential.

it i= imrossible to eliminate the junction potential

in & cell of this tyre., It occure at the dotted line below: -

Comrlex Glass Klectrouie
solution (N/ZO q01 |Ag('}1/Ag )

Bs/, :;15 | Satd. KOl

This ro.entluy, being unkno+wi, musi be kept constant.
Saturut..) rotassium chlori’ic is widely used in selt bridges
to give amull constant Jjunction jotentials oecause: -

(a) The potassium 2nd chirride ions have almout
exactly ecual mobilities,

(b) -‘eccouse of ite high concentration (~AvL.2 #), almost
©1l the current across the junction #iil be carried by the

¥kt and c1” ions.



'he rotential acroer sueh a junction hae been estimsted
to be 1.0 mv., which, in terzs of tH, is 0.016 units (43).

~urther, to minindce changes in Junction rotentiul with
chunging comyositior of comprlex soluticn, the chloride ion
concentration was ket constant st 0,10 ¥ as ceseéribed above.

Static liqguia-liguid junctions deteriorate with time,
Lut by using & sintered glase vlug, in which the jurction
e corstralnec, it wos found tnat no measurable ceteri ratlion
too< rlace dusing a titration run, taki:. ususlly about
2 hours,

This wes dcemonstrated in two wuys.,

(1) it the end of & run, on turning tar 7, so that a
little fresl. suturuted KC1 soluiion flowed through the rlug,
there =~ no ohservable change in roternvial of _he cell.

(2) The soiution, at the 2nd of the rup, was removed
from the cell which wag Lren rinsed out with distilled
water, The rlur~ wae [lushed with KU1 from the reservoir
and the solution roiplaced in the cell., ixactly the sane 1H
readin; wes obt&ined &s at the end of the run,

Thi.e & readily rerrcuaucible sgtable conctrained liquid

jurctio.. was rrowuced at the plug ¥,
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The hLlectrodes,
Calomel Electrode.

A saturated calomel electrode was made ur in comrartment
C. The saturated XKCl solution made direct contact with that

from reservoir A by way of the capillary tube, -,

The Glass ilectrode,

The glasas electrode functions as an electrode reversible
to hydrogen ion. The relationship between tH and its
measured rotentiel is a straight line of slore 32/2.303 P.
Glass electrodes suffer from ¢ertain disadvantages when
comrared with hydrogen electrodes. These are:-

(1) High Resistance.

The internal resistance of & cell contalning a glass
electrode lies between 105 and 107 ohms. Beceuse of this
fact, the e,:.f. of the ¢ell must be measured on a valve
electrometer which takes no current Irom the cell. Sueh
electrometers are not as acgcurste as direct rotentiometers
which are used with hydrogen electrodes,

(2) The Alkali iffect.

in alkaline solutions of the alkali-metals where
pH > 9, the glase electrode is not rerfectly reversible
to hydrogen ion and that ion alone, due to the effect of the

alkali-metal 4ions on the glass bulb.



X}

(3) Asymmetry Fotential.

If an Ag/AgCl lu/io HCl tyre glass electrode is rlaced
in a solution of R/lo HCl, it will not have sero rotertial.
This small deviation from zero, which may be rositive or
negative, ie known as the asymmetry potentisl, IV , and is
due to several factors, of which the main one is internal
strains in the glass bulb,

TT waries slightly from day to day end alters abrurtly
if the temperature of the bulb is changed raridly.

However, it le possible to use hydrogen electrodes in
very few metal-amnine systems due to "roisoning” (3) ®o
the glass electrode is always ueed in such systems. The
first dissdvantage listed abovecannot be overcome, but the
other two were mininised.

(2) A recently developed electrode, the "Doran, Universal
tyre¥, wns.uaed which functions reversibly at all pHe from
O to 13.

(3) The electrode was standardiseu each day before'use with
buffers of which the rH was accurately known., When mearure-
ments were made at a different temrerature, the electrode
system wag allowed to "settle down" for .a day or two at

that terrerature before readirn. s were taken.,
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fonote o v

Originally the definiticn of rH by “grensen (L4) referred
to the conceotration of hydrogen ion, [%4],
pii = - log [H']
However, electrodes reverseivble to Aydrogen 1lon ceasure the

activity of Lydrogen ion, as given by the Nernst eguatio,

, . 27
£ = ‘E‘O + =3 in a,+

The modern meaning -7 pH 1&:~

pH = - logags = -~ 1oglo[r§*]. £+

The rresert concert of pH (or paH, as it is oftcn teried)
an. the standards oy which it is defined are discussed by

Bates (43).

Buffer Solutions.

Before any measurement wus made in the cell, the electrade
was standardised on a buffer solutiorn of known hydrogen ion

activity.

Three buffers recomcnded by the xationei Burcau of

2tandards were use€d. These wWere:e
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ABLE ¥V

pH_of Buffers in N/;Q Kcl at Different Temperatures.

Materials 20% 25°¢ 30% 40°C  Ref.
“/20 Potassium hydrogen
Phthalate 3,927 3.930 3.940 3.982 (45)
l‘/20 Potaesium dihydrogen
Fhosphate

i/ 6,733 6.718 6,702 6,690 (46)
20 Disodium hydrogen
Thosrhate

W100 sodtum Borate 9,157 9.107 9.068 &.99&8 (47)
(Borax)

All three buffers contain common substances which are
readily obtainable in a high state of purity. The pH values
are known very acocurately over & range of strengths of
rotassium and sodium chlorides at all temperatures between
0°c and 5000.

Buffers with a salt background of u/10 K1l were used 80
that the liquid junction rotential should be as closely alike
as 1o8sible to that which was ;resent during the actual
exreriment, |

The 1H range covered by the buffers was that over which

experimental pH measurements were made (apart from a few

readings between pH 9 and rH 10.).
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Trocedure of Standardisation,

After standardising the rH meter on one buffer - usually
the rhthalate -~ the ri's of the other two buffers were
measured in the cell., At all temreratures at which measure-
ments were mede, the ris of the buffers were almost invariably
found to be within 0.01 pH units of the apprbpriate values
given in Table VI,

On the ocne or two occasions when this was not so, it
waes found that rinsing the glass eleetrode with acetone,
or standing it in H/lc HCl rapidly restored its revérai-
bility,.

After each pH titration, the buffers were again put
into the cell and their rH's remeasured toﬁeheek the
standardisation of" the eleotrode. In the very few cases
where correct readin;s on ihe bpuffers were not given, the

results of the runs were discarded,

The rH meter,

The meter wag of standard commercial design and will
not be described here. pH could be read to 0.005 units,

but only significantly to 0,01 pH.



From this .ccount of the «rraratus, it can be seen
that for any solution where 4 <§ pH <§,10, it is rossible

* U.01 pH units at .ny

to measure tie 1H to within
tem ersture between 20°C and uo°c. It war found that

rezuings for titrution runs were reyroducible to 0,01 ri

59

units and only very rarcly #as & difference of 0.02 pH unite

found for any one reading.
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Results for the System of Hydrogen Ion with Ethylenediunine.

The method of culculation of the dissociation corciants
of onium ions of ethylenediamine is discussed on p. T79.
The velues of the negative logaritnms of the dissociation
constants, K,.,, awnc pk , found at differcut temperatures
AH AH,
are given in Table VII.

For the resctions,

-

1, Engt —> En + !

2. Enﬂg*  —— nnﬂ* + H+

1.2. EnH§+ ——> En 4+ 24"

values of AP, AH:an:. A 8 calcul:ted from the variation

of < with T are given in Table VIII. Plots of X d

AH 87

pkK againt 1/T are given oprosite p. bl .

AH,
Por comparison, values for pKs found by inderendent
wor<cers are giver in Table IX, Heats of discociation are

given in Table X.
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Resulte for the Dystem of gop er--thylerediamine.

The results of the rH neasuremente are ;iven on r .190-3
The method of calculation of the formation curve is discussed
on .83, and the Zerivaetion of stability constants from
the curve on r.85 . The formation curves sre given orrosite
r.bA , and the steb!lity conctants are giver beliow in
Table XI. The variction of log K, and log X, with terrerature
are shown in the graph oprosiie p,05 , eni calculated vilues
of Ar, A, snd /8 are given in Table XII. Values of
log Kl aﬁa lop Ka at 2500 rerorted by inderendent workers

ar: given in Table X11I.
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TLE3LE XTI

ftebiifities of Comrlexes of Correp aith Wthvierediamine in

Acuesue “olation «f Jonic ttreneth 0,13. C1™

= 0.10-
Temy. 20°¢ 25%; 3090 40°
log K, 10.53 10.37 10.1; 9. 85
log X, 9.03 8.387 &.87 £.35
103/32 19,56 19.24 18.89 18, 2C
TABLE _XII

Tormation of Compiexes of Corver with -thyleneulamine at 2{2§.

cai./g.lon cal./r.don cal./g. 101./°C.
~ AFy = 14,130 - OHy = 14,600 43 = -1.6
- A o, = 12,090 - A, = 14,100 A 8, = = 6.7
- A Py, = 26,220 - 4 B, ,= 28,700 A Byp= = 8.3
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The System of Nickel-Ethylenedisamine.

when the present results for enthalyy changes obtained
by the glass electrode method for correr-ethylenediamine
were compared with those obtained by calorimetric methods,
(Table V) the difference of 147 was regardied as unsatisfactory.
It was felt thét better agreement between values measured
by thie method and calorimetric values might be obtained
for another system. The system chosen was that of nickel
with ethylenediamine in which three well defined stable
complexes are formed. The heat of formation of each complex
ie large and the calorimetric values are known (38). The
rH titration method was used at 20°C, 25%, 30°C ana u40°C,
and the results of the pH measurements are given on pr.la4-7.
Calculated formation curves on which the exrerimental pointe
are rlotted are given opposite p. b7 . The stablility constants
found are given below in Table XIV and O 7, AH and A8
for each comrlex &t 259 are glven in Table XV. Plots of
log K against 1/.1. are given orpoeite r.b8. Valuee of
stability constsnts and heats of fortation rerorteu by

inierendent workers are given in Table XVI, p. b9.
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ptablilities of Jomplexes of Nigkel with Ethylenedlamine in

cgueous <olutions of Ionic Strength, 0,13,

Temr.

log Kl
log K2
log K3
log 3

20°c 25°%

6.23 6.06

u' 15 3 L 93
TABLE XV

[ea” ] 0,10 .

30%¢
7.17

5.90

3473
16,80

40°
6. 86

5.59

3.4d
15,86

“ormation of Complexeas of Nickel with Fthylenediamine at 2599.

cal./g.1on
-A Fl = 9,980
-AFZ = 5,260
-AF3 = 5.3@

cal./g.ion

—Aﬂa = 120 950

-Axn; 41, 230

cal./g.1on/°C

10.6

A 8y
682 = -~ 15.6
As3 = - 33

ABRB = - 59
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Factors Affecting the Calceculation of Enthalr

ies and Entrories

from Stabilities Determined by the Glass klectrode lethod.

The serious disagreement between the results obtained for
the Leats of formation of cornrlexes of nickel with ethylene-
diamine and those measured calorimetrically showed that,
although care and rrecautions had been taken in exrerimental
measurenents, no reliability could be rlaced uron values of

AHand AS obtained by the glase electrode method.

Apart from a consideration of methods of minimising
experimentel error, an engquiry must bhe made into the assumgtions
which are made in the calculation of stability constants and
into any other factors which eould influence the validity
of exrerimental measurements, and in rart, at least, account
for the discreparcies in the data rerorted in Tables V and
XVI.

Relevant factors are dlscussed below under the following
headings.

Anion interaction.

The variation of Al ani AS with teniperature.

The effect of ionic strength uron amine discsociation
constanta,

The use of "non-thermodynamic" amine dissociation

constante in the calculation of & formation curve.
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The derivation of stability constants from formation
curves,

The variation of stability constant with ionic strength,

Anion Interagtion.

If the anion of the background salt interacts in any way
with the metal ions or ligand grou-e of a comrlex system, the
stability constants measured for that system will be different
from those measured in solutions in which a different back-
ground salt has been used.

Bjerrum (49) has shown that the rresence or absence of
barium nitrate has no effect on the acid diesociation constants
of ethylenediemine (excert for that exrected from the variation
of ionic strength, see pr. 8l ). Verhoek (41) has demonstrated
that 1f the background salt is changed from rotassium nitrate
to protassium chloride, there is only a very small effect.

This occurs in high concentrations qf chloride ion when very
small concentrations of chloride complexes are formed with
copr er and cadmium., uith nitrate ion no such interaction
takes 1lace, and this 1s the anion most widely employed,
There is & growing rractice of uasing rerchlorate ion in salt

backgrounis, because its tendency to ionie comrlex formation

is extremely small.
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The Variation of A Hand A S with Temrerature.

The thermodynamic relationshir,

o] o 1]
- A Fm = ln K,g = - _Aﬁ + _Aj‘_ XEE 300
RT R

RT

arrlies rigorously at sll temperatures, where;-

AH; is the standard enthalry change at 7° Kelvin,

AS°T is the standard entrory change &t 7° KXelvin

AFg is the standard free energy change &t ™° Kelvin,

K.g is the thermodynamic equilibrium constant at p° Kelvin,
for an unsrecified reaction in aqueous solution for which the
standard change in the specific heats of reactants and

rroducts is Acg .

1t AH® and A 8° do not vary with temrerature, the
plot of log K° against 1/, is & setraight line.

However, O H° and A 8° are not necessarily constant.
Their variatione with temperature have been represented by
the series: -

AH® = A-Br -Dr% 4 .......

AF® = A+ BT InT -CT -DI° .on....,

AC) = =B =-2DT 4 .i.....

As® = (C-B)-BlInT-2DT ........

where A, B, C and D are constants.
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Everett and Wynne~Jones (50 and Harned (51) have
demonstrated that the terms involving » and higher terms are
quite unnecessary to represent reactions in solution. The
variation of stability constant is adequately represented by

the equation

o
-_A—F = ano = - A - B lnT -]-_2 se e 31.
RT RT R R

and o
JAY: | = A - BT

+AG; = - B

A8® = (C-8)-31nT.

trus A H° varies linearly with temrerature whereas A 5°
varies with ln T. ¥Whether there are cr;reciable changes

in A H® and A s° for the small temreruture range (0 - 50%)
over which 1t is rossible to measure stability constant, will

depend on the size of the conatant B, i.e. on the magnitude

0
of Acp.

The Value of A g_:,_

It has been found for charge neutralisation reactions in

aqueous solution, that & cg is relatively large™ (52,76).

% In this context and in future discussion, the words,
"large" and "small" refer to the numerical value of the
quantity mentioned and not its algebraic value.

e.8. - 2 18 said to be "larger" thun - 1.
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Such is the case in the dissociation of water;-

H0 —> H* + OH
where ACg - 40 cal./g.mol. (52)

i}

This fact 1s readily exrlained, if, as in the treatment of
Frank and Fvans (53), ionic rarticles are regarded as having
small "icebergs" of water frozen round them.

Thus the ione, H' and OH™, will have molecules of water
frozen around them which have to some degree lost, trans-
lational, rotational and vibrational energy, so the specific
heat of the rroducts of the dissociation will be lower than
that of the undissociated molecule,

For the same reason, there will be a decresse of
entrory in the diaaociation due to freezing and ordering of
the wsater moleculee into the ionic "iceber.s".

For any uncharged weak acid in aqueous solution, the
entrory of the first dissociation, ie ap?roximately a constant,

1.e, for the reaction HA —> H* 4+ A~

8 ~ - 22 cal./g.mol./°C.
This generalisation 1s Known as Titzer's rule (52},
In a dissociation reaction, when .here is no change in

the number of charged rarticles, ZSJ;’will be exrected to

be small,
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For the ammonium ion,

From these considerations, in none of the following reactions:-

EnHt — mn ¢+ HY
xen2t — vt + En

P
uEng* —> ¥™n“" + En

mni" —> MEr;+ En

would a large value of A c; be exrected,

wor the first reaction, a value of A Cg = - 9.6 has
been found (55).

The reaction

snuz" —> Eng" + o

i{nvolves & change in the number of ionic rarticles but not
a crarge neutralisation. The value of A C; for this would
be expected to be intermediate between that for Eng* (- 9.6,
and that for a weak acid ( ~ - 40). The value found (5%)
1s - 17.5.

A c; has not been determined for any metal anmine

system. “rom the above considerations, A cg would be ex-ected

to be small. If it were as large as A cg = - 20 units,
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then over a range of 50°O, the variations in enthalry and

entropy changes would be

A 3‘2’73 - A “gas = - 1000 cal./g.ion

A grarh of log K° against 1/'1‘ for such a reaction would
have a small curvature, However, 1f the best straight line
were drawn through roints found between 0°c and 50°C, the
values of A H® and A s° founa by arrlying egn. 30, would
be very close to A 5298 and A 8398’ Since A Cg is
exrected to be small, egn. 30 shoula rerresent exrerimental
data accurately at any given temperature, and it is
characteristic of the results in the literature that plotis
of log K against 1/'1' for the metal ammines give reasonably
good straight lines, although the slopes of the lines differ
considerably. These differences cannot be due to the

variation of A Hor A S with temrerature,
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The Acid Diesociation Constants of Ethylenediamine and

their Variation with Jonic Strength.

The formation curve of s metal amnine cannot be found
unless the acid diessociation constants of the amine are known,
Although the technique and calculatlons for finding
dissoclation constante are generally known, it is prorosed
here to consider them with esrecial reference to ionie

strength. No such treatment seems t: have been published in

the literature,

Acid Dissociation Constants of Amines.

For a dibasic amine, such as ethylenediamine, the
successive dissociations of the two onium ions may be
rerresented by the eguilibria:-

Aﬂg+ ——> AH" + #'
A —> A  + o

Thermodynamic dissociation constants are given by the equations'

K - [Aif"l [H‘] ’ M . fH+

cees 32,
M [am2*] £pi2?
[A] [H*] £, . Ly
Kag ™ . ' cee. 33,
[AH ] fAH'

where, as before, p.5 , fx is the activity coefficient of

srecies X.
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The concentration dissociation con.:tente of the 2 ux ions

are gliven by: -

C = [aw*] [w*]
K E—~ ., [ 2K 3’40
AHZ [Aﬂz’]
2
o
and K:H = [‘J ‘[d.] e e sy 3;.
- 2]
Now pK = - log K.
So: - c |
FKAHZ, = Plam, " 108 Dagt _ 14 g0+ 108 *emg* ... 36.
pKAH = ngH - log fﬁ - log fH+ + log fgﬂ+ cose 37

The degree of foriztion of an amise, EA, is defined:-

ﬁA = CH - [H+]
EA ee.. 38,

In the exreriients made ere, [H*] 13 negligible coirared
with C,, when pH > 4.

So above il = 4,

2 = Cy
A e, ceen 39,

it cun readily be shown that ﬁA is relsted ¢s the concentration

dissociation constante L, t.e¢ ex-ressicns,
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KQ 2 - n,
& H* - é se e w.
ARy [+] (A, = 1) + ®a Xan
(#*]
o H‘] -(1 = nA) (2 = nA) [H‘.]
Kg = | Kas, ..o b1
ﬁA
These equations reduce to:-
n, -1
pxgn = - log [H+] + 103 _A'b_. e e Ll2
2 ‘ 2 - n,

rrovided that T < ﬁA < o,

and 8.
pKﬁH = = log ‘H*] + log ke — evee 43
l - n,

provided that a, < 1.

The general rrocedure for measuring dissociation constants
is to measure the prH of solutiona of known ascid and amine
conoentrations (varying the amount of amine yreesent rrogres-
sively by titration from a microburette). ﬁA is calculated
by eqn. 39. Using whichever of eqns. 42 or 43 arrlies
depending on whether ﬁA is greater or less than unity, and

assuming that rH is & measure of hydrogen ion goncentration,

dissociation constants are calculated which are neither
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coneentration nor thermodynamic constants, They are, in
fact, mixed (Brgnsted) dissociation constants (KB), and +111

be defined here &s follows:-

. [}Hﬁ] &+ a [AH"'][H+ -fﬂ’

x5 eee. L
ABZ [Aﬂ§+ ] [Ang’f’

B (Al agp (Al (6] e
Kiy = [AH*] = _—‘[Aﬁ*] es.-o U5,

From eqne. 34, 36, L.

So,

B

rK = T
A52 AHE

- log £+ = pkK + log f
E iy AH, AHY - log rAH§+
¢ e 0 e L‘-6.
From egns. 35, 37, 45,

pxiﬂ - pKﬁH - 108 fi# =K,y + log £, - log f, .4

eeoe L7,

B
Since £ varies with ionic etrength, xAHQ and KB are not

AH
etrictly constants. There are geveral values for the

dissociation constants of ethylenediamine given in the
liter=ture, and it is of interest to sec if the menner in which
they vary with ionic strength is exrlicable. Values taken
from the literature are given in Table IX, p. be.
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- ' D
The First Dispociation Constant, X, ..

B |

A 1is uncharged,so log £, = O, (at least at low ionic strengths).
pKAH is & constant,

80 pKﬁH = gonet, - log rAH+,

Thus pxzﬂ will be expected to vary with lonic strength as

- log £,,+. The gimrlest relationshir between ionic strength,
/&L, and the mean aotivity coefficlent, rt, of & single
charged body, is

- log f* = 0-5 'J/M

1 +£;I
This equation (see r.I18.) (from which higher terms in

I/;.have been omitted) will not be expected to arply at high

fonic strengths. However, & plot of pKﬁH against (i;z/ﬂ +-i;:)

is given op:osite. A line of slore 0.50 is drawn on the

grarh and it can be seen that the variatlon of Kz

g With
fonic strength is accounted for quite satiafactorily by the

rough theoretical treament given above.
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The Segond Dissociation Constant, Kgﬂ -
2
PKay pK log £, .+ - log £,,2+ 17
2 Aﬂz L 2 1 2 o e e 7.

Ang* i1s & doubly charged ion, and its activity coefficient

is ziven by

- log £, 2+ = 2.0 Juu

2 1+ /AL
So ngﬂz = Const, + LEJQ
1+ /M

Values of pKiHZ are rlotted against (%/l +J/4_A_) on the

graprh opposite 1.82 . A line of sloye 1.50 is drawn on 1t,
and egain the results of experiment are seen to agree fairly
well with theory.

It must be estressed that it is values of Kiﬂ and Kﬁﬂz

which are used in calculating the formation curve, They are
measured in solutions of ionic strength of the same value &s
that in which the metal ammine is investigated, It will now
be shown that correct veluec of n and rA can be calculated
using values of KBAHand Kﬁaz and rH meter readings without

edditional assumprtions concerning the values of individual

activity coefficients.
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The Use of Kgn and Kiﬂp in the Cealculation of a vormation Curve.

From a measurement of the pi, i.e. the activity of
hydrogen ion, 8ty in & solution containing amine &and metal,

the degree of formation of the amine is calculated:-~

5, = i ;A[H*] ceus 38
¢y = [#*) + [aB*] + 2(s8)* eeeo UB.
c, = [A) + [ag*] + [a3*) ceeo L9,
n, ° Lai) » ”Mfi] eee. 50,

[A] + [aB*] + [Aﬂg"’]

Although n, is defined in terms of goncentrations of the

various species, it is clear from egns. L4 and 45, that ﬁA

is glven exactly by the exrression,

B 2
K:, .8+ <+ 28

ﬁA = Aﬁg H If es e 51.
KB B B

2

Thus tie true value of ﬁA cen still be ealculated from a

knowledge of the hydrogen ion activity of the solution and the
. B B

mixed constante KAH aunu KABZ’

The degree of formation of the metal ammine, n, is

given by :~



n =
“u
- c. - [#*]
So. n = O - TTR- .. 52,

This last ex:ression includes the concentration ot

hycrogen ions (wiich i: unknown).

3ut, above TH 4,

C
no= A i ... 53

M

n thus refers comrlecuely to concentrations and not to

activitier,

The Free Amine Conecentration, [.].

From ecns. 3B and 49,

- 8t DT e - ag)

DA
Thus [A] 18 ‘urely a concentritioc: term.

Frot eqns. LL and 45,

o+ .3 .3
[4] = Y - [4"] “ﬂng - “ap
n - B 7
A S - fam, * fan, -t v @ gt
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The term,
B B
K K
AHg AH oL
KB B B 2
K + K., 8+ + 88 _+ = oso. 5h.
AH2 AH AH2 ] H
Above pH = l].,
[A] = Cﬁ/ﬁ ¢ d LR I 55.
A

Fxact values of the aoncentration of A may be

caloulated from measurements of activity of hydrogen ion

by glase clectrode and the mixed constants Kiﬂ and Kiﬁ'
2 ..

Thus the Bjerrum pH method is fundamentally sound for
solutions of any ionic strength, for although the exrerimental

values of both p!! and Kzﬁz and Kﬁﬂ involve activity terms,

the derived formation curve refers to comrlexed and uncomplexed

metal ion and 1ligand in terms of concentrations and not

activities,

The Derivation of 8tebility Constants from rormation Curves.

In some of the ra-ers in the literature where full
exserimental data have been published, it has :een shown that
bhe use of faulty methods of comrutation have led several

authors to give velues for stability cor-tants hich arenot
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The deet" valuee deducible from the experimental curve., In

several commonly used methods, only a few of the exrerimental
roints (e.g. those about 7 = §, 1 and 1) are used in the
comrutation of Kl and Kz' A critical survey of the various
methods hes been made recently by H., Rossotti and H. Irving
(57) end their "correction-term" method was used in the
rresent work for systems where N = 2,

For formation curves where N = 3, and where log K2 -
log KB‘QL 2, the curve fromn = O to n = 2 may be treated by
the "correction-term" method. From N = 2 to n = 3, the
eqn. {(49) which aprlies is

log Ky = PA - log %{—%

in this way the stability constants for nickel and ethylene-~
diamine were calculated,
Faulty computation of stability constants might well be

a factor eauaing some of the discrerancies in Tables V and

XVI.
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The Stabllity Constants of Complexes of ¥Metals with imines

and Their Variation with Ionic Strength.

The constants obtained from formation curves are

concentration constants and not thermodyne:aic consetants,

C

Kl = Kl . fU2*°fA o 80 7-
rMA2+

K, = K, f£..2+ f | .,

2 2 . M hd A asens :jc
£.,.2+
A,

The activity coefficients of M2¥, MA®Y, and ﬂA§+, will all
be much of the same megnitude in dilute solution and will
vary with ionic strength in a closely simllar manner. £ is
an uncharged srecies and its activity coefficient is assumed
to be unity in solutionﬁ of low ioniec strength. However, in
solutions of high ionic strength ( ~~ 1M), £, may deviate
elightly from unity, (Bjerrum (12), has demonstrated the
deviation of fEn from unity 4n high strengths cf ethylene-
diamine. )

]

Thus, although the fractions tu‘*. rA/f 0, &nd
ualt

fnﬁ"’fA/r 24 have values very close to unity (esrecially at low

M2

ifonic strengths), concentration stability constants will be

exrected to vary slightly with lionic strength,
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From the data given in Teble XIII, p.lb for Cu’t - En,
both log Kg and log Kg are seen to increase in a fairly
regular manner with fonic strength. A plot of log /3 D against

/M for the systenm cuz* -~ kn is glven oprosite 1.88.

The Variation of Stability Constant with Temperature.

The measured constants, Kc. vary with ionic strength and
this variation ecannot be exrected to be the same at different
temreratures, since activity coefficients vapry with temrerature
At two different temreratures, the stability of a comrlex

ion may be rerresented by fig. 3. ('1’1 ) T2).

| > Yy

'.ogKh %
I
0 /1*
/A _

Fig. 3.

The standard heat of formation of the cowrlex, - A K,
may be given by the change of log %o at /u = 0 (i.e. where
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Kﬁ = Kn)' represented by X, by the equation,

cllnl(n

- zgﬂg
aTt R’l‘2

2.3035. R. '1‘1. ‘1‘2
(Tl h Tz)

i.e. -Aﬂ: = X .

when A !{: is calculated from )f measured in ionic strength,
f'.l*, the heat of reaction will be given by:-

-Aﬂ: = ¥y .

2.303 R. T;. T,
(Tl = Tz)

- An: will not be the astandard heat of reaction. It is
not kxnown how the concentration stability constant of any
com~lex of metal and amine varies with ionic strength at
different temperatures, so no estimate of how - AH: varies
with ionic strength can be given., However, such information
is knovwn for amine -rroton systems,

Everett and Pineent, (55) used a double Harned cell

with hydrogen electrodes to make accurate measurements of

x%

AR

diamine (Hn) at various ionic strengths and temperatures.

and Kﬁﬂ for ethylenediamine (En) and hexamethylene-
2

For the dissociation constant

Koy = Kag« fpr Tyt el 3L,
£

Ag*
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3

tr.e fraction "A . £ + will be very close to unity.
H /rAH*

Fverett and Pinsent found that a plot of pKiH againsefA
gave a straight line, and in this way extrapolated to pKAq

at‘/L = Q.

(Thie is a parallel to the way in which log K°

1l
for Cu’* - En varies linearly with M)

Valuea of A H® at each ionic strength have been
calculated from the variation of ch with temperature. Their
results are given beiow in Table XVII.

TABLE XVII.
The Dissoclations of cthylenediamine and ilexsmetiiylenediamine
at 30°c.
PES é g‘m/g Yo pKS Oy
. . cal./g.don
0  9.784 11,620 10,763 13,920
0.10 9.613 11,920 10.795 13,970
0.15 9,827 11, 950 10,814 13,980
0.20  9.650 12,020 10. 827 13, 580
0.25 10. 6Lk 14,000
0.30 9.871 12,060

Thus measurements ofPKc in solutions of ionic strength 0,30

give a result for the enthalry change 2° greater than the
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thermodynamic velue, A HS for ethylenediamine. For
hexamethylensdiamine, the value of A H* derived from
solutions of‘/AA = 0,25 1s only %% dirferent from A H°.
Drawing the analogy between amine-rroton reactions and
amine metal reactions (r.75.) it is rossible to generalise
and rredict that derived values of A H from solutions of
several ionic strengths should not differ by more than about

57 for values of /UL less than 1.0.

Summary.

From the oonsideration of factors other then exrerimental
error, it hes been demonstrated that, although the glass
electrode method is not expected to yield standard heats of
formation, it shouid, in the absence of exrerimental error,
give enthalry changes which differ by less than 107 from
Alygy-

In the ahsence of other explicadble reasons, the wide

2+ _ “n and Hiz* - Bn

asrread of values for A H in the Cu
systems shown in Tables V and XVI (rr1.43,69.) muet for the
most part be Que to some systematic error of method, if not
tc casual exrerimental errors.

Errore in ri measurement aprear directly in values for

the rcid dissociastion constants of the amine as can be secen
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in egne., 42 and 43. “hen the enthalrny changes for the
reaction of ethylenediamine .ith hydrogen ion (Table X, p.bd.
are stucied, the variations among the results are seen to

be amaller than those amon; the metals ammines,

EH and Kﬁﬂg
determination when formation curves and stasbility constants

Errors in « will add to errore in pH

are calculaeted for metal ammine systems, so the sprreed in
A4 values for such systems will be exrected to be larger
then those in syetems of amine with hydrogen ion. It 1s
si;nificant that Basolo and McIntyre who found low values
of AH for the reactions of ethylenediamine with hydrogen
ion, (Table X) also found low heats of formution for both

2+ Cunng*, and NiEnZ*

Cukn , NiEn3* anu msng". (Tables V
and XVI). W%illiams obtained a high hest of formation for
Fni*, and aleo obtained high heats of formation for CuEn"*,

mm?,mm“

, ana N1En3*.

In the nickel-ethylenediamine system, the fact that
nearly the same results for A H, and A i, were obtalned
in the 'resent work as were found by #illisms under the
same conditions of ionic strength (Table XV1I) is suggective
of some systematic exrerimental error, as yet undepermined.

In all, it was decided that with ordinary commercial

glase electrodes and vH meter: it wae iny ssmldble to obtaln
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reliaeble values of A H and A &, and the method was
abandoned.

With hydrogen electrodes, where e,m,f's ..y be measured
with much greater accuracy, the values of log < so determined
are corresrondingly more reliable, If measurements are
made at a series of ionic strengthe cnd extrarolations nade
to zero ionic stren.th, log K° mey be found at a series of
terreratures, and hence A H°. The valuesof A HC:, and A Hg
found by Everett and Finsent (-.) for ethylenediamine agree
very well «ith the values found calorimetrically (see Table X).
However, there are very fes comrlex solutions in which it
is rossible to use the hyurogen electrode. Campini and
Martell (53) have used 1t recently for the system Caz"'—
ethylenediaminetetraacetic acid in a series of eolutions at
different ionic atrengths and temreratures. It is to be

anticirated that their result for A H will be founit to be

very close to A ®°,

Free knergies by Gluss ilectrode Method.
C

%hen the values of log K~ at 25°C for the systems

cu®t kn or N1%% En measured by inderendent workers (Tables
XIII and XV1) are cosyared, it is observed that 1o, #°

increases slightly with inereesing ionic ctrength., As



illustration, the values of log 132 for Cuisng"" taken from
Table XIII have been Flotted against ilonic strength in the
grarh oprosite r.88 . A straight line may be drawn through
the results, 1Its slope in terme of free energy units is
about 1000 cal./g.ion per unit of ionic strength., If
stability oonstants, and hence AFP* ®, are measured in an
ionic strength of 0,10 at £5°0, the results must be within
200 cal. of AFge

If free energies found in this way are combined with
valuee of AH* found by calorimetry at 25°c. the entrorpies

of reactions calculated by the eguation:~

Aﬂ' AB‘ - AFﬁ 6.

= ves s

T

are expected to be within a unit of the standard entropy
changes, i.e, A sgga.

when it had been shown that the glass eleetrode method
was unsuitable for finding enthalpy changes, it was decided
to obtain entropy values by combining free energies, derive
from measurements of stabllity constants with the glass
electrcde, with values of AH measured cealorimetrically.

A descrirtion of the calorimeter and measuremente made

with it are given in Seoction IV, p,(08.

N

d
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Stabllity constants, ot 2500, in 0.10 i XC1l solutiomn,
were measured by the titration methois for the following

syastems: -

?nz* - elhylenediamine.
caz* - ethylenediamine.
Ou2+ - 1l:3-diamircrrorane.
84°* - 1:3-dtandnoyrorene.

The dirsociation constants of 1:3- uninorro: ane were also
measured. Calculated formution curves with the ex-erimentszl
roints on the plots are _iven orposite pp.q59b194. The
results fron: which these curves were derived are given on
r'r.{'.g-:;-_?;}. The results for fornation constanis are given

below ir Table VIII.
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“ABL . XVIIT

Diesociatiorn {onstants any Stabllity Constants i:. Aqueous

solution of Ionie Ttrength 0,13, [717) = 7,10 N .t 2077,

i

System log Ky log K, log K‘B log ﬁ 3
zn?* - En 5. 64 .48 1.81 11.93
) 2+ > 1, ¥ i
bd - I‘..n '40&24 3. 8&1 2.03 10. 7_)
M2 - n 6.26 5.15 1.13 11.54
h log /3
cu?* - Tn 9. 68 7.14 16.22
TRy "Aaln
g* - mn 10.00 7.12

4t - Tn 10.63 8,76
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Silver Ammines.

The heats of formation of the complexes Ag*(pyrigine)z
and Ag*(236~1utidine)2 were measured by direct caloriﬁetry
(p.130) and when comrared with the values found by the
solubility method.they were found to differ markedly.
Results are given in Table XIX.

IA§LE XIX.
Heats of fgrmation.(h»[&ﬂlgl of silver snmines at Zﬁfgﬁcangggg)

Comrlex | Calorimeter Bolubility
Ag*(ryridine), 11, 810 10, 160
Ag (lutidine), 10, 750 9, 050

Several reasons may be rut forward t¢o explain why the
solubility method does not give the same enthalry values s&s
those from direct calorimetry.

Firstly, there may be some eystematic exrerimental error,
although this error will be exre.iud to be smuller than that
in gless electrode methodse, Secoidly, two of the assu:rtions
made in the calculation of A H sre not strictly true.

These are:

(1) That log K's are thermodynamic constants.

(2) That A H ana QO 8 do not vary with tcurerature,
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#hen 1t beoémc clear that the solubility method did not
give reliasble values of A H, two lines of research were
oren. One was to try to £ind &8 method of measuring stabilit;
constants whiclh would give reliable values of AH. Some
work had already been done with the glass~electrode on some
aysfemw of silver with methyl-ryridines (59). The value
of = zkﬂlz = 9,25. cal./g.1on so obtained for Ag+(?yr1dine)2,
is 22% lower than the celorimetric value, which indicated
that the glass electirode method might be no more reliable
here than it was in the systems Cu2' - kn, Ni1°% - «n.

%ith & silver electrcde it would be rossible to measure
stability constants at differentvbemperatures. However, both
the solubility method and the Ag electrode method are
"gentrzl-ion methods”, i.e, the rrinciral guantity measured

is the Iree metal ion. Some of the same assumrtions made in
the solubility method woula have to be made in the Ag electrode
method.

The second line of research was that of using a calori-
meter with the object of obtaining defiritive heats of
formation of silver amminee directly. This latter course
was taken. The measurements made ¢nd the results are :iven

in Section IV. Heats of formation were combined with free

energies to calculate entrories,



Stability constants of tic silver ammines were
measured at 25°C in O.1C ¥ Klios by (he Class Zlectrode
~ethod. A full acccunt of the work is given in Section

II1.

99
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SECTION III

Stabilities of Sllver Ammines by the Glass rlectrode XNethod.

It was suggested on 1r.Q. thet a knowledge of the free
energien, entropies and heats of formation of the comrlexes
of a closely related series of amines with the same metal
should lead to a recognition of the rart rlayed by rolar and
steric factors in complex formation., When it was found that
the solubility method did not give reliable values for A H,
it was decided not to use it for measuring stability constants,
but to use the gless elecotrode method inestead, There were
two reasons for this:-

(1) The solubility method was rather laborious and the
glass electrode method, though much gquicker, gave results of
nearly the same accuraecy which agreed well with those obtained
by the former method (see p,.\07T),

(2) In connection with the study of polar effects, the
acid-dissoglation conetants of the amines werc measured by
glass electrode, and it was felt that comrarisons between
these results and values for silver ammine stabllities would
be more aprlicable if both sets of data had been measured by
the same method.

In a8 constant ionic strength of 0,10 which ﬁas always

0.10 ¥ with resrect to nitrate ion, the acid dissociation
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constants and stabllity constants with silver were measured

for the following amines at 25°C,

Nﬂj. ryridine, ‘-plcoline, 3-picoline, 4-ricoline, 2:6«lutidine,
In aadition, the dissocliation constant of 2:4:6-co0llidine

was measured, but because it was only slipghtly miscible with
water, 1t was impossible to determine the stability of its
complexes with silver 1ion,

From the theory of substitution in the benzene nucleus
and from calculations such as those made by Coulson and
Longuet-Higgins (60) and by lewar (61), the availability of
electrons on the nitrogen atom, i.e, its rolarity, 18 known
to increasce along the serles: -
ryridine < 3-nicoline < 2-ricoline ~ L-ricoline < 2:6-
lutidine < 2:4:6-0011iuire.

Amines form O bonds with metal ions by @onating the lone
pair of electrone from the nitrogen atcic, and from a
counsideration of the rolar effect, the stabilities of silver
anmines should increase in the order:-

Fyridine < 3-piccline <u~p1coline

Silver is a relatively large cation (r = 1.26 3) and
when 2-picoline forms a comrlex with it, there may be some
rejrulsion between the 2-methyl grour uanJu the silver ion,

thus causing a lowering of stability. when the second
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2-ricoline molecule interacts with silver ion, there masy also
be a repulsion betweer. the two 2-methyl grours in the ocomrlex.

If such steric factore obtain, then the order of
stabilities will be

2-1icoline < L-ricoline
since rolar factors are nearly equal,

It 1s impossiblc to predict what position in the order
of stabilities 2:6-lutidine should occupy, since both polar
attractions and steric rerulsiones are greater than for
2-ricoline,

There are two further asyects of the stabilities of
the silver am:ines which are of considerable interest. These
are; -

1. The relationshi:r of K, to K,.

2. The ratio of Kl and KAH‘

The Relationshir of Kl to Kz.

Very few cases are inown where the successive stability
constants for a comrlex system, Kl’ Kz, K3 etc. do not deerease
steadily. In many systems the regular decrease can be
exrlained almost entirely on statistical grounds (3). The
statisticael calculation involves the assumrtion that the metal

ion has n identical points of attachment for n successive
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ligand grours. 1In actuél rractice, the attachment of even
the»firet ligand grour to the metal ion must alter, though
roasibly to only a small extent, the distribution of both

the electrons in the ions outermost electronic shell, and the
water molecules in the sheath of hydration, so that symmetry
is reduced. Ho ever, large deviations I'rom the statistically

rredicted ratio Kn/x( ), can indicate aprreciable changes
n+1

in the electronic structure of theion with successive attach-
ments of ligand grours. This roint is further discussed in
connection with comrlexes of 1l:10-rhenanthroline (r.133).

It has been known for some time that for . o:t complexes
of silver, log «; 16 slightly smaller than log K,, whereas
statistically, log (KL/KZ) = log 4 = 0.60, (4). It has been

suggested that this 1s due to an sp orbital hybridisation (9).
It is of interest to observe the effect of rolar and steric

factore uron the ratio KL/KQ'

The Ratioc of Kl to KAH’

There is & similarity between the two reactions:-
A + B —> an'
A+ Agt———y AAg+
There should be & correlation between the affinity of

amine for hydrogen, measured by RTpK, ., tnc the arfinity of
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amine for silver ion, measured by RT log Kl‘
For silver amlnes Ky, "~ K,
So, RT log Ky ~~ % RT 1'03/62
Larseon (62) measurei (3 , for about twenty different
silver amines in aqueous alcohol and found a rough correlation
with basic strength,

Britton and “1lliems (63) denied the existence of such
& relationshir.

In 1948, Bruehlman and Verhoek (59) determined stability
constants of various silver ammines and using these and
other data, established that the ratio loz B,/ log K,
was conatant in certain grours of amines, Thelr exrerimental
results are shown in the gra:h or:osite. (fig. 4.).

It is of interest to determine whether regularities
are arrarent in ratios of both heats and of entrories of

formation for silver ammines and onium ions.

pxperimental Frocedure.
Apparatus.

The cell used was identical with that described on 1.50.
arart from the following modification. It was necessary to
use saturated rotassium nitrate solution instead of saturated

rotassium chloride solution. A salt bridge of agar-agar-
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Jelly containirn; KNO; wes built, in the tube ¥, (r.so.),
which connects the calomel cell to the rest of the arnaratus.
The reservoir, A, contained saturated KNO3 solution, which
comr letely filled the caprillary tubing from the agar-bridge
to the rlug 7.

Frocedure.

The rrocedure was that of the standard pH titration
method, of which detalls are given on p.1‘l.. All measurements
were made at 25°C. Amine solutions of strength ~ 1 i in
0.10 i KRO3 were run into the reaction cell from the micro-
burette, In the determination of base constanta, 25 ml. of
gtandard 0,10 ¥ nitric acid was placed in the cell, JFor
stability conatante, 25 ml. of acid-metal aolutién WaES
rlaced in the cell,

The concentration of metal-acid solution for all amines

L 2R

HN05 = 0,08 M,
In all solutions, the concentration of Noi' was constant
= 0.10 N to keer the liquid Jjunction potential as constant
as rossible (see - .53 ). The preraration of solutions is

described on .17V . Results for rH runs are given on 11.200-S.
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The celculated formetion curves, on which exrerimental
roints have been rlotted are shown opposite rr.107, 200,202,
Trke method of calculaticr of base ccrnstants was that
described on ;.19 . “tebility constants were caleulated
by the "correction term" method. (see p.8b ). Results are

giver in Table XX, . 107

Results.

The aiscuesion of the results rerorteu in Table XX
will be deferrec until ¢cetion VI, i .13%

The resulis 'rom solubility reasurerents at 25° have
been rerroduced here v comnrarison and ere in good agreesent
with those obicined by the 1H eti.od.

The stability consturnte from the solubility ethod
refer to solutions of very 'ow ionic strength, which sugrests
that for silver ar ines, K® veries 1ittle vith fonic atrength;

i.e, 1t 1irrlies thiet the racios: -

. »4:;, g"' . f”\'k anu ngA"" . fA

4

+
AgA2

are effectively constant for ionic strengths of values urp

to 0.10 at lesust,
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e Base Dissociation Constants and Stebility constants of

Jiiver Comploexen Of some Amines agmgi°0 n G.10 1 Nitrate

Ligand

Ammoniea
Pyridine
3-Picoline
2-Fieoline
li-¥icoline

2:f-Lutidine

2:l4:6-Collidine 7.41

PK,

9.38
5.30
5.72
6.05
6.0¢%
S 71

solubility Method.

ryridine
2:6=-Lutidine

Loy Taet 3 0w oo
\"w)lut&vrab.

log Kl

3.48
2,02
2.10
2. 30
2.24
2.49

log K2

3.78
2.10
2,13
2.22
2,28
2.43

1 K2

2.07
2.38

log f3 ,

7.26
4,12
4.23
.52
L.52
e s

IS ]

105/352

4.08
4.66
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SECTIOK IV

eate of rormation of Complexes in Solution.

Very few heats of formation of complex ions have been
rerorted in the literature, although the desirability of
obtaining such infornmation has been frequently remarked. 1In
most discussions concerning the factors influencing the
gtabilities of a series of complexes either heats of reaction
have been assumed to be identical (23,37,64), or entropy
changes have been suprosed to be unimportenf, (8). Again,
arsuments have been bagsed uron enthalry data obtained by
unreliable methods such as those examined in Sections I and
11. (9,23,37,53). Only recently have direet calorimetric
measuremnents been made of enthalpy changee in the formation
of comrlexee in solution. (38,48,67,68).

Ry using solutions containing different concentrations
of ligand and measuring the heat of interaction for each cone
with a solution of metal ion, it is rossible to set up a
series of simultaneous eguations, from which, by using the
successive stability conatants for the system, individual
heats of formation for each comrlex ion rresent can be
calculated. This technique hae been used by Staveley (4&)
and Latimer (68).
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It was considered, however, of more interest to measure
the overall heat of formation for as many systems ss possible,
rather than to measure the integral heats of formation for
a amall number of systems,

The results so obtained for the resction of metal ion
with & large excess of ligand are unambiguous in that they
do not derend upon the knowledge of independent stability
constants,

All heat changes were measured in solutions of ionic
strength, /bL = 0.10 at 25°C, and when combined +ith the
free energies measured at the same temperature in solutions

of the same ionic strength by the equation,

AH® - Ac®
AS“ = 298 cove 6.

the entropy changes so calculated, although not thermodynamic
quantities, are direetly comrarable,
The apraratus used for all the measurements was a
twin miero-calorimeter., Concurrently, the construction of
a similar twin calorimeter with only minor modifications,
was undertaken, with the assistance of two other workers,
(Messre. J. Knight and D. Rutley). Although construction
of the second calorimeter has been c<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>