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ABSTRACT

n the last few years, the stability constants for 

veral hundred systems of complex ions in aqueous solution 

have been measured* However, few values for heat and 

entropy changes In the formation of complexes have been 

reported, although In several published discussions, the 

need for such information has been remarked* Ho full 

realisation of the fundamentals of complex formation may be 

achieved without this information*

The majority of known heats of formation of complexes 

have not been measured by direct color!metry but derived 

from the variation of stability with temperature, by the 

thermodynamic relationships,

RT In K° m - AF° « - AH° - T A 8°

d In K° m - AH° 

dT RT

As more data are produced, it is becoming increasingly 

obvious that little reliance may be attached to the results 

found by this method*

As illustration, the results obtained by Independent 

workers for the formation of the two well defined complexes
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of Cu with ethylenediamine range from a value of 30% less 

than the calorimetric value to one W4 in excess of the 

calorimetric value.

Although it was realised that the method could not 

yield results with accuracy approaching that of calorimetry, 

it was felt that they would still be of value if the errors 

did not exceed * 10£. Two of the most accurate and reliable 

methods of measuring stability constant s, viz* the 

determination of solubilities and the Bjerrum pot entiome trie 

method using a glasr electrode, were therefore employed at 

a series of temperatures to find heats of formation of some 

metal ananines*

The solubilities of silver br ornate and iodate in 

solutions of pyridine and 2:6~lutidine were measured at 

0°0, 25°C, and UO°C, and from the calculated stability 

constants, the heats of formation of the silver ammines were 

derived. They were found to be ~ 1515 lower than the 

calorimetric values.

The system copper-ethylenediamlne was re Investigated, 

by the glass electrode method. Stability constants were 

measured at 20°, 25°, 30°, and fyO°C. The derivea heats of

formation were found to be r^ 114% greater than the calori­ 

metric values in this case.



Is/

Considerable care was taken to minimiee activity 

effects, to avoid irregularities in the behaviour of the 

gift0a electrode, to exclude carbon dioxide from solution 

and to reduce other experimental errore as far as possible.

To see whether more accurate results could be obtained 

for another system, heats of formation were derived for 

complexes formed by Hi and ethylenediamine; here the value 

for the tris-complex was found to be almost 30 ' larger than 

the calorimetric value*

A critical examination of the theoretical assumptions 

made in the calculation of heat changes from pH measurements 

leads to the conclusion that there must be experimental 

errors, as yet undetermined. Although values of A H 

calculated from the temperature coefficients of stability 

constants are unreliable, (due, principally, to the small 

temperature range over which it is possible to make stability 

measurements), measurements of free energy changes by the 

glass electrode method differ little from the standard free 

energy changes. When combined with heats of formation 

measured calorimetrically, the resulting entropy changes 

do not differ from standard quantities by more than * 2 e.u.

Heats of formation were measured directly In a twin 

micro-calorimeter, in each vessel of which was mounted an
*

all-glass hypodermic syringe actuated by an external



micrometer screw-gauge. Overall heats of formation were 

measured by observing the heat given out when a small known 

weight of concentrated metal solution was injected into 

e large volume of amine solution containing excess ligand. 

Several different types of metal armnine systems were 

studied by calorlmetry in conjunction with glass electrode 

measurements in aqueous solutions of ionic strength 0.10 

at 25°C. In the discussion of result e v emphasis is laid 

ujon the fact that the Interacting ions and molecules are 

surrounded by sheaths of water molecules. The complete or 

partial destruction of such sheaths involve changes in 

energy and entropy which must be taken into account when 

interpreting the observed overall heat and entropy changes,

Silver Ammlnee,

The increase of polarity of the nitrogen atoms in the 

series of methyl-substituted pyridines,

pyridine ( 3-picoline <* 2-picoline ~4~picoline <f 2:6-lutidine

is shown by the increasing heats of reaction with hydrogen 

ionf and corresponding increases in the free energy, mtrory 

changes are small and nearly the same value for each base 

( *j + 6 e,u,).

With silver-ion, the stabilities of the bis-con^ lexes 

are found to increase in the above order.
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pKAH ^ a meaeure °* tne affinity of a base for hydrogen 

ion) varies linearly with log {3 2 ( a measure of the affinity 

of a base for Ag*). However, the heats of formation of 

Ag(2-Ticoline)g and Ag(2$6-lutidine)* are found to be 

smaller than the heat of formation of the lees stable 

complex Ag(ryrldlne)^ . It is suggested that this is due 

to the faot that the 2-methyl groups interact with the 

hy drat ion sheath of the silver ion* Some of the heat 

resulting from the formation of the metal-ligan^ bonds will 

be absorbed in the "melting** of hy drat ion sheath. The 

released solvent rartlcles cause an increase in the entrory 

of the system. The entropies of formation of the two 

complexes containing 2-methyl groups are more positive than 

the entropy of formation of Ag(pyridlne)t.

The lowering in the heat terms due to hy drat ion is 

compensated by the increase in the entropy terms, so that 

stability constants do constitute a more reliable measure 

of metal-llgand bond strength than do heats of reaction in 

aqueous solution*

Complexes of Diarolnes.

The same compensation effect is shown by the tris- 

ethylenediarnine complexes of Zn and Cd2*. En2*, which is 

more highly hydrated than Cd2* (as shown by its more negative



entropy of solution) forme the more stable complex. Hbweyer,
1

the heat of formation of Its trie-complex (-15.52 K.cal/£»*on )
A .

IB smaller than that of the tris-conjjiex of Cd (- 19* 7k
2+K.oal./g.ion), although there can be little doubt that 2n

forme the stronger metal-11 garni bonds.

The destruction of the larger water sheath around the 

zinc ion In the formation of Its trie-complex results in
9.A.

the entropy change being more positive for Zn ( + 2.6 e.u.)
24-

than for Cd ( - 16,9 e.u,). 

Five* and Six-Member Hlngs.

Both heat and free energy changes are larger for 

l:3-diaialnopropane than for ethylenediamlne in the reactions 

with hydrogen ion. However, complexes of the divalent 

transit ion-metal a with l:3-diaminopropane are found to be 

less stable than those with ethylenediamlne. This is an 

example of the general phenomenon that c he late complexes 

containing six-member rings are less stable than comparable 

chelates containing five-member rings. The lower stability 

of six-tnember rings has previously been generally attributed 

to an entrory effect. The present measurements show that 

for copper complexes, at least, it is the heat term and 

not the entropy term which changes with size of ring.
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gomplexes of l;lQ-Phenanthr^llne,

Heate of formation of the tris-thenanthroline complexes 

of Fe2*f Ni 2* f Zn2* and Cd2<f f were determined oalorlisetrloally, 

The values taken In conjunction with free energy measurements 

show that the ferrous complex hae an abnormally large 

negative entropy of formation compared with the tris~coraplexes 

of the other three cations. The abnormally high stability 

and the diamagnetisni of the ferrous tris-complex have been
2 1attributed to "inner type** 3d Usl^r bonding, and It is

suggested that this bonding could cause a high charge density 

upon the periphery of the complex with an attendant partial 

"freezing" of solvent particles around it. This hypothesis 

also accounts satisfactorily for some recently published 

figures for the entropies of activation in the racemlsatlon 

of the complex ions Fe(phenan)?4* and Hi(phenan)f*.
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NOTE.

All thermochemical data in this thesis are given 

in terras of the thermochemical calorie, equal to U 

international joules or k. 1814-0 absolute joules.



The earliest studies of comrlex iona IB solution were 

concerned with rhysicsl rroi^ertlee such as colour, ortlcal 

rotery rower arj conductivity, ptujer than energies of 

formation. Warner baaed his coordination theory, di5cueawd 

in Mr booK "He* Ideas In .inorganic ^hemlstry", on ouch 

Reml-qualitative data. any obecrvutlor.r wers made on 

complexes in the so: Id £;tet , but USUGJ iy the CO'HT l<ex which 

cr^Lttelllecr out of solution is merely the rno^t Insoluble 

end rot the nsosBt rtabie r^-eeler. In adult ion the rporcrties 

of oolla &.:•  ":? lex c'«ltB are in -art -.^ue to the ^ roi-ertier- of 

the bnior. eaeure^ente of energy changes involve the 

energy of the lattice*

of the 1'lret wor^cre T/ho used what fray be deacr;-. oed 

as? u.odern atitaoa." to r.tudy oocnrlcx ionic equilibria in 

solution were : ;:ul^r, 4odlanderv *be>-,, ar.a their coworicerB (1; 

at the turn of the century. They measured the concentp&tion 

of frae metal ion ii. a cornrlex solution «ith electrodes of 

ele^flmtfiry metal though only s lijaiteci number, chiefly silver, 

mercury ^:.J ?ii*c, eould be etudled ay thi? Lye f* poter.tiv- 

metric method* i-'taoillt^ oorntur«a ao catuined were or 

doubtful v&lidlt./ bcoi*uee of Inco^ lete knowlod^e of activity 

effects f:nd junclion r



Although it had been demonstrated that whole series of 

complexes which eould be isolated were forced by successive 

replacement e of one li^and by another, no consideration seer: 

to have been given to solutions in which several species of 

com? lex ione were coexisting in dynamic equillbriura until 

1920, *,nt;f; ». djerrum (2) aufcvceted a r-vries 01' "reversible 

Btc-r reactiorfi" Tor such equilibria.

The work of C. Bjorrura and the publice.tlon of hie book 

"Mttal ^uiA:ine formation in A^ueout Solution" (3}§ g^vo gre&t 

imr-etue to the ohe^lstr.y of comr-lcx ions in aolution. The 

majority of work.er« in this x'iela in recent years have 

adopted J. BJCP:"U..;. *B technique using the £lur>s electrode.

J. Bjerruiri e^r-hasised ;jnd aevelopea K. 3jerrum f e theory 

that comr-lex f^,t*mation luKea place in revu >; r'lble steps.

Consider a solution in ^i:ich a metal ion, K, ie in 

equilibrium with a co-.iaplexing agent, L. Electrical charges 

are on.it ted for g-cncr-idity.

The following Bpeciep coexiot in solution:-

The reversible step equilibria are repre^c. ted ae follows:-
Kl

Si * L ^ ML

  "* '



Each stage is related to a equilibrium constant,

K] *MLn 
where K_ « = ——— - —— • —————— — • . . • • 1

n has integral values from 1 to H, where N is the maximum

coordination number of the metal ions.

fx is the molar activity coefficient of the species X, and

the concentration of X, [x], refers to g.&ol./*- or g. ion./l

Rn is termed the thenaodynasiic stability conotant for the

species MLn «

K^ is termea the concentration or stolchiometric stability

constant and is given by;-

- n .*» " « L "•••

Lf the comrlexing agent, is called generally, the ligana.

A further common notation IB that , the overall stability 

constant is given by:*

e.g,
• iv n •

J. Bjerruffi introduced the concert of the formation curve 

which is now the graphical rerreservation of how complex 

formation takes place which is in current usage.



n ie plotted against

n is the degree of formation of the system.

_ [oomilex-bound ligand] 0^ - [LJ 

11 * [Total metal ] * C^

Cx is the total concentration of X in all its for IB 

in the solution.

m -log IL]

J. Bjerrum showed how values of Kp Kg etc. could be 

calculated from euch curves for the complex systems so 

perresented.

J, BJerrum also emphasised the fact that many ligands 

are conjugate bases of weak acids, LH*, LH2+ , etc.. Stability 

Constanta of cornt lex ions of such ligands may be determined 

by measuring the rH of solutions containing rr&tal ion and 

ligand. This is the basis of the Bjerrum glasr, electrode 

method and may be regarded as the Ptud^v of the competition 

between metal iont Mf and hydrogen ion, H*, for the ligand, L.

Although under the most favourable conditions, concen­ 

tration of hydrogen ion is most accurately measured by the 

hydrogen electrode, in most met&l~oorarlex systems it proves 

unsatisfactory (3) and the glass electrode is used almost 

exclusively by oontemrorary workers.



At the present time many hundreds of stability constants 
for widely varying types of metal-ligand systems are known. 
In some recently published reviews the data have been 
collected (k) 9 (5), (6), (7). However, different workers 
have measured stabilities at different temperatures and in 
different ionic backgrounds, thus rendering impossible direct 
comparison of results. In addition, moat stability constants 
are not thermodynamic quantities but, more nearly, 
concentration constants*

For the reaction
L ——n 

The 'free energy change is given by

-A Fn ^ , is given in cal./g.ion or
where & is the gas constant In cal./g.mol./°C
T is the temperature on the Kelvin scale.
<n ^ is the thermoaynamic stability constant derivea from
molar activities.

« • • • • *T

F is the decrease in free energy of the system. 
H Is the decrease in heat content of the system. 

+ A 8 IB the increase if entrory of the system.



It> several rubllfchel aiacuisslcmfi concerning factors 

determining the stability of comrlexee, In the absence of 

data for enthalpy arid entroiy charges, A hus been assumed 

to be either negligible or constant (7 }, (& ;» (9), (6k} 9 «*nd 

~ A ^f enlculfctcu from HTln ;;*, where K* ie not ther-nodyre-.-ic, 

ha e been t? *ten to be a measure of the strength of bonding 

between metal ion an, llgan&*

Very few value-- for enth&l-y and entrory chanf-ea in 

«ue rorfiStlor: of qoiuflexcB :>rc. Known end the urgent need 

for such datr, has been rerrarfccu by u number of workers,

.•«In 19U-» lr this laboratory* Dr.

iarea the stability :;orf-tair;te of C:D/;\* loxep of ethylone* 

dle-.ine *5th r>o.;?.© dlvrlent s«t-..lB (Co2*, N

at B© v e j»6 1 <,' 1 f f erent t e r< - a r s t ure s.

r. k.

r K « " -f ^ __ ..... 5.
2.303 .*T 2.303 R 

If -AH 1© eonf&t&nt ovor the anali tern; e*^tu.r*s range

< f a are rceaeureii { ^^ U0°o; f then n   lot r log K

1/T wil. give t: stuv.l&bt line of el ore - A 

$ it- most corvenlei';uly calculated fro.*, the equation

<> ,
tf.



By this method Williams found enthalpy and entropy 

changes in the formation of the metal-ammines (10), (11). For 

the heat of formation of the cuprie bls-ethylenediaraine
•

complex, willltittci obtained the result , -AH12 m 35,750 

cal,/g«*on. pram two stability conetanto measured by SJerrum 

at 16°C ana 25°C, using Cu/llg electrodes, the value

-AH12 m 26f 100 cal./g.ion can »e calculated (12). Although 

Sjerrum's result is liable to error because it was derived 

from only two measurements at a short temperature interval, 

it did seem the more probable, since William* 8 result gave 

an entropy of formation of A 8^ « -31* which was r.uch more 

negative than ex ected. When in 1952, Baaolo (13) published 

a value, also obtained by the glass electrode method, of

-AH12 m 17,200 oal./g.ion (which gave As12 » 4-35) it was 

considered that this method could not be relied upon, and 

it was decided to try other methods of measuring stability 

constants at different temperatures to fina reliable values 

of A H and A3.

The Roo of the Preent Research.

The present research is described, and aiscussed under 

the following sections.

Section !• Stabilities of silver-animinee by a solubility 

method.



Section II. Stabilities of complexes of eth,ylenedlanine

and ls3-diaminor<roT>ane with some divalent metals by a

glaes electrode method. 

Section III. Stabilities of silver a rninea by a glees electrode

method.

Section IV. Heats of fowaation by calori metric measurement. 

flection V. Enthalry and entropy change B in the formation

of some complexes of divalent met alp with l:10-t henanthroline 

Section VI. Discussion of results. 

Section V\ I* Experimental details.

Section .

The solubility method used was similar to those used 

by Vosburgh (H*t 15f l6) and Monk (PI) for silver complexes. 

The solubilities of silver brotaate and silver lodate were 

measured in solutions of amines between 0°C and fyO°C. Work 

done in Dr. Bell's laboratory had shown that the method 

gave good values for A H and A 8. It was decided to study 

the silver complexes of ryriaine and its methyl derivatives. 

Prom a knowledge of A ?9 AH, anu As for the formation of 

complexes of one metal with a series of closely related 

Uganda, H should be rosslble to draw conclusions concerning 

the effect of T olar and steric factors uron complex stability.



In the raethyl-iyridines the positions of the methyl groups 

determine the polarity of the nitrogen atom. 2-t4ethyl

groure may be the cause of steric repulsion of both theo 
silver ion (which is © large cation, r • 1.26 A), and of a

second ligand with a Z-methjrl group. In the series of 

raethyl-ryridines chosen for investigation, vis. ryridlne, 

2-ricolinef 3—icoline, £i*piooline, 2:6-lutidinet the 

effects of both Bteric and polar factors should be detectable. 

Since with monodentate Uganda, silver forms only two tyres 

of complex ion, AgL* and AgL^, K^ and K^ can be calculated 

easily and unambiguously.

Section II.

It was decided to reinvestigate and improve the glass 

electrode method used by Williams and Basolo in an endeavour 

to obtain reliable values for A 8 and A H. The ayr aratus 

and technique were changed and the coprer^ethylenediamine 

and nlcicel^ethylenediamine systems were studiea at tern* eratures 

between 20°C and UO°C. Both eoprer and nickel have large 

heats of reaction with ethylenediaminet so that plots of 

log X against -y- have large elopes.

The stabilities of complexes of sine ana cadmium with 

ethylenediamine and of coirer and nickel with l:3~dlamino- 

rrorane at 25°C were also measured in order to study the
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effect of ohelate ring sise u on stability.

Section HI.

The acid dissociation conatants of the methyl- >yridines 

were measure a by the glass electrode rnethou at 2i?°C. The 

atabilitiea of the silver complexes of the same amines were 

also measured by the glass electrode at 2$°C*

The reactions, A + H*———> AIT

A + Ag*——> AAg* 

(where A represents amine)

are in some ways analogous, and. it has been suggested that 

the affinity of an aiine for a proton is proportional 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 data and the enthalpy data from 

Section IV (see below) and the importance of the entropy 

terms assessed*

section IV.

Heats of formation of complexes in solution may be 

measured directly in a suitable calorimeter* Such a calori­ 

meter which had been designed and constructed by or* D. -\ 

Evans (22), was kindly loaned by Dr. R.K. Richards to 

facilitate the production of new data while a substantially
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Identical apparatus 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 orerall heat of reaction 

was calculated. The results obtained by this method were 

used, in the first place, as a check on the results from 

Sections I and II, which were shown to be considerably in 

error. The overall heats of formation of the sllver-ar/jaines 

and the complexes of ethylenediamine with the divalent 

metale listed, above, were measured in the calorimeter. In 

addition, by releasing a small volume of acid solution into 

a large volume of amine solution, heats of neutralisation 

of the amines used as Uganda were measured. 

Five and Six Member Hinge.
o» ^ . ,

Hi , Cu , Zn and Cd , readily form complexes with 

ethylenediamine. Stability constants were measured by the 

glass electrode method and overall heats of formation were 

measured in the calorimeter.

These con^plexee contain 5~nmti$ber rings whereas complexes 

of !:3-<llanrtnoTro.pane contain 6 -member rlngf? and are of lower 

stability. It has been suggested by Schwa r^senbach (23) 

that the lowering of stability IB rrimarlly an entrory effect
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the stabilities of complexes of Hi2* and Cu2* with 1:3- 

diaminopropane were measured by the glass electrode method, 

Only the heat formation of cupric bi6-l:3-dia^i^orrorane f 

which in formed in low amine concentrations, could. be 

measured oalorimetrically* Shortage of imterisl made it 

IM- oBaible to measure the heat of formation of nickel 

tri8~l:3~diaminorropane. However, for cupric comrlexea, the 

lower stability of the six-member ring is shown to be 

principally an enthalpy and not an entropy effect.

Section v.

The heats of formation of the tri t -com? lexes of

itlCHphenanthroline with Fe2*, Ki^f ^n2* and Cd2* were

measured calorimetrically. From the free energies of 

formation measured by B.H. Mellor (24) » the entropies of 

formation were calculated.

It is well Known that Fe behaves abnorrnally when it 

forme complexes with l;10«rhen«nthroline, since it forms 

an extremely stable complex (log.jS^ ^ 21) where IU ^ &p 

(2k9 25). The tris*comrlex is diamagnetic, indicating

hylkridisation (26)* The deviation of i<*e* from it 

normal behaviour is well illustrated when the enthalpy

s
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ana entrory of formation of Its tris-corr.i lex with rhenan- 

turollne are courared dUh those of the tris-consplexea of 

the other cfc^ee .r&tels.

Section VI.
MMPW»MNMMHMBiWWM«»T.WJ«kw*Sbt

Complex i'crsatioi, in aqueous solution takec rlace 

bet.veen hydrated speciee, the general reaction being

represented by:-
/ \

(x + y - r.jHgO + zH^O

where y, 2, tnd to some extent xt are unknown quantities. 

The values of - A Ff -AH and As found fox the various 

systems inveatlgat d are dlsouraed ir* this section with 

particular reference to hydration.

finally some mention is made of these results in 

connection with kinetic studies of complex formation, v/hich 

are rari-ily increasing in irm ortance at the r resent tirt*.
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SECTION I

In aqueous solution, the monovalent silver ion forms 

only two tyres of complex ion with a monodentate ligand (3}«

For the ions AgA* + AgAt, the thermodyriamic stability 

constants are given by:-

tA*A+J . W- _ .0 V* ?
j* .A "" **n * <« . •<* * * • • * '

AgA*

nci the overall constant 9

• • • • «?•

where K? 9 K?» and/6| Gre etoichiometric constants.

In dilute aolutiona of low ionic strength, f., the activity
an

coefficient of the amine, ^hich is^uncharged srecieB, is unity 

All the lone have unit charge and f^*. fAgA*, and fAgA? 

be very similar in magnitude.

Thus the ratios, ***** , fVAg f and

. A Agt A" 

should not deviate ayrreciably from unity. In solutions of 

silver ion and monamines, it is thus possible to approximate



closely to thermodynamlc stability constants by using 

concentration stability constants.

The Solubility Method,

This method was developed by La Mer (28) and by 
levies (29) and recently it has been used for conmlexes of

•

silver by Vosburg (!Uf 15tl6) and by Monk (21).

When an amine solution is saturated with a sparingly 

soluble silver salt, a determination of the concentration .. 

of the anion of the silver salt in the saturated solution 

combined with a knowledge of the solubility product of the 

salt permits the concentration of free silver ion present 

in solution to be calculated* The difference between the 

total concentration of silver in solution and that • resent 

as the free ion IB then the amount of silver which has formed 

a comrlex *-ith the amine*

Solutions of different compositions may be prepared bys-

(a) Altering the concentration of the amine.

(b) Using different silver salte so that different solubility 

products apply.

Advantages of the method.

(1) Stability constantP can be measured as accurately 

by this method as by any other method.

(2) The stability constants so measured are very nearly



thermodynardc quantities, or at least refer to solutions of 
low and constant ionic strength.

(3) The a paratus used is simple and can be used 
without modification at any temperature between 0° and J*0°C.

The method's special applicability to the silver ainrnlne 
systems ie for the following reasons:-

(1) The two sparingly soluble silver salts used were 
the iodate and brornate, which can be determined very accurately 
by iodimetric analysis*

(2) The bromate ie about forty times as soluble as the 
iodate, which allows solutions of all degrees of formation 
to be rrepared*

Theory of the Solubility ISethod.

The solubility of a sparingly soluble salt at a given 
temperature in solutions which do not contain species 
oapable of complex-formation, depends upon the solubility 
r '3duct of the salt, on ion-pair formation and the ionic 
strength of the solution* It is necessary to determine 
the effect of these factors 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 solubility.
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Sqlubi11ty f roduc t,

When a silver salt, AgX, In aqueous solution is in

equilibrium with the solid salt, the relationship holds:-

[A£+] . [ X~] . f* « 8 .... 10.

f is the mean activity coefficient of the cation and anion.
x.

8 is a constant, the solubility product.

There is also present in solution, the ion-pair AgX*, which 

bears a formal charge of zero and is assumed to have an 

activity coefficient of unity. 

For the ion~rairf

KA x is the thermodynamic dissociation constant of the 
ion-pair.

The relation between mean activity coefficient^f , and
ionic streni-thf U. .

7
When the ionic strength of the solution is increased 

by adding a neutral soluble electrolyte, the solubility of 

the silver salt increases, because f is decreased.

V1 2The ionic strength, /A « J ) C^ Zj .... 12,XA 
/

A, V

where C A is the concentration of the i ionic syecies of



charge Z^.

Several equations have been formulated for the relationship

between M, and f .

The equation which was tested and ueed in this #ork was 

tiu . of Daviea (30)*

At 23°C, for a uni-univalent electrolyte,

-log1Q f * 0*50 - 0.20/xl .... 13* 
x j

(At 0°C and UQ°C, the parameter 0.50 hae the values 0»U9 

0.52 respectively).

To test the applicability of the equation, measurements of 

the solubility of silver bromate and silver lodate were 

made in solutions of potassium nitrate at 2$°C. If the 

equation is valid, calculations of solubility product in 

solutions of different ionic strength will give a constant 

value for £-, the solubility product.

palculat i $n of .. SQlubilit.y^groduot s.

In an aqueous potaaaium nitrate solution of concentration

KNO,, saturated with a silver salt, concentration C
^

there will be four kinds of ion-pairs present :~

t KX* f AgX*, and A

Having zero charge, the ion-pairs do not contribute to the 

ionic strength of the solution.



The an! on of the silver salt is determined by analysis, 

and for electroneutrality, C*^ » C~, so for the solution, 

the total concentrations of the two cations (CR and C.) and

the two anions (C, and Cx ) are known. It 18 required to

fint the concentrations of free ions*

The thermodynaralc dissociation constants of the ion- 

rairs at 25°C have been measured by Monk (^1) and Davies (31 )• 

The values are given in Table X,

TABLJS I

DiaBoclatln Constants at 25°C.

Salt

log K

fief.

N03

1.5

31

Silver

BrOj 10^

0.5

21 21

Potassium

NO;
l.k

31

aro;

2.3

31

105
2.0

31

For an ion-pair,

The concentration dissociation constant, KCY_, is given by;

Taking logarithms,

log. ^ » log K°yz 4 2 log f ....



Applying the Daviee equation, 13, at 2£> C.

C + — /a - 0.2 AX , ... 16.
/log K Yz

The accurate ionic strength of I he solution, U , ie 

given by:-

XA./ ̂ ^i
'

*] •. [HO-]
• • • • <L f

The ion-psi*^ are present in vor,y low concentration, so to 

a close first approximation,

Using this value of /U. in eqp. 16, the concentration 

diseoeiatiori cont-tants of the four ion-r,airr> 'ray be calculated. 

For the silver Eolution, the following equations

Kc

KCKK<>3 =
I .3

And also:-

C K * ] + [iCv 1 ] + [KK03* J 

[x~J -t- [.•**] + [sgX1- J
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By substitution in, and rearrangement of, these ei?-;ht 

equations, it is possible to arrive at the following 

expressions for free ion concentrations.

U/l

[«*]

If C

A KAgX

[rj+ [»or] i + [x-J

[*o-J i. [x-J

CX/XlgX

C ^i^
C
vVAA

' KX

.. 18,

[NO;] » .... 19.

.... 20.

• • . • fi 1.

3
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These equations are used for calculations on silver br ornate 

solutions, where X~ « BroT.

The equations become of somewhat simpler form for silver 

iodate, because of the non-existence of the ion-pair AglO^*.

The equations 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,

, instead of free ion concentrations, [lOi\], in the 

lower fractions, and no successive approximation is necessary.

Having calculated the concentrations of the free ions, 

the accurate ionic strength, U , is calculated by eqn. 17,
2 and log f is calculated from eqn. 13*

Hence the solubility product, 8, by eqn* 10. 

The Constancy of Solubility Product.

Values of 8 calculated by this method are not constant 

but increase slightly with ionic strength of solution (see 

This is due to the fact that the constants of the 

Davies equation were chosen primarily to give an expression 

of the widest applicability and for individual salts it is 

naturally possible to fit the data by changing these 

parameters.



Vosburgh (1U,16) used two such equations ii\ his wore 

on the solubilities of silver lodate ana sliver brcrrute 

In potassium nitrate solutions at 25°C. No allowance W&B 

n&de for ion-rair for at ion.

silver lodate - log f2 « 1* ^ Q.32GAA
1 1 *

2 ^ I * OI2 «W1--^ 0.20*,Silver ^i'om.itc - log f

These equati :iiv3 were apylied to our results and found 

to give le&8 eoiu:iatent values for 8 than did the Davles 

equation.

Instead of ljrT.iiig our own empirical equationp we 

preferred to use the Davles equation for two re^r.ons:-

(1) Over tne sirall range of Ionic strengths in the 

amine solutions, (0.003 to 0.^17 for Ac^rO^ and 0.0001 to 

0,0015 for *.gIO,}, the ecuatlon does ^ive constant values 

of «.

(2) An exact emrlrical equation for KKO^ solutior^ 

woula not necennarlly be correct for anlne eolutlonB, 

es-eclally if ion-pair formation were if;rorejl.
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The {Solubility ..of a Silver vc It in Amine » olutions,
MM»<MM><«fcaBM<B««M»«*^M«a«a«MIII««M»»»«>--^t»-*.«>^b»M»»«IMMI H'I|»»»»III MJ> HHIillPi JM»'raW»a»»«m»*j«*»'i,m»ii iiaH^.-qa^^KMf-^**-**** "<• *M*ii»«H i IH m»imnn»i '!•* -»- -«• .!•»*-«• -*a> •*» W-1 •*! I •* **^

f/ethyl-pyridines are very weak bases (r».107^ am 

ionico only to a very si . 11 extent in aqueous Bolution. 

In the weakest solutions used, the rerc ntage of ionised 

f ;>r;.f AH*, fi-ae only 0.3t. In all eases it WSB roi-xible to 

write C 1 . « C^» where C f . i« the total amine j laced in 

solution ana C . is total amine available for forming complexes 

with >g*.

A silver salt, AgX, ie nr >re soluble in an amine solution 

than in water, because Ag* ionB are removed as Ag/.* and /gAt. 

When the amine solution is saturated wiuh silver r,alt 9 tr.e 

following siecies arc present:-

A«*, X~, Ag.-*, A £A* f AgA^, >.

la less than in water and [x~] greater.)

i;j eqnn. 10 ar*ci

X ( a constant) .... 22.

or a given ^.mierature, [AgX*] lr a constant indererident 

of ionic strength and readily calculated.

The total concentration ^f the anion, GX, is xletep . 

by analysis of the solution.

The concentrfation of free anion, [x"] is given by

- [AgX*]



By electrical neutrality, 

I*"] -

so, cx *

But CAg
..... 23

So, Cv * 0,^ * C A ^V (total coreentpotiOn of
A «g AgA

cilver 8alt in nolution). 

The ionic strength of solution is:-

s CAgX -

Using thic value of AA , f is calculated by the 

Davies eqn. 13,

Since [Ag*] [ X"*] f2 « S ..... 10. 

and since [i~J, f^> and S are known, ^Ag* ] is calculate,.

CAg * CA^i ^ ^"! + L SA^] 4 t^gAj] .... 2k

0A « [A J + AgA4 ]* 2gAj] .... 25 

By eqna 7 an..* 6,

CA « [A] *

In the two equations above, 2I*a and 2pa, there are three 

unknowns, K^,, K^> &nd [*] . :\^ end K 2 are constants and, by



taking a series of amine solutions, [A] iii varie^. ^ and 

are founu by a series of Kucceaslve approximations which 

are briefly described below:-

Sfiethoas of successive /rf rjxl.-uitionB.

When silver io.-;cte (the less fiOluble salt) .liesolvee 

in the strongest aitine solution, conditions are most 

favourable for ihe /'or^etlon of the AgAt co^r-lex. For 

f if ding an arproximat-3 value of O > ^ne assumption is

niaae that the solution contains an uni;nrortant concentration 

or' AgA*.

Then

[A] * CA - 2

CA - 2C I03 4 2

.... 26 .
Agl (CA - 2C IQ ^ 2 [Ag J)

The rough value of A ^ is used for fiauing K, 

brornate solubility measurement s wi ore the formation of AgA* 

is favoured. Subtraction of eqn. 2ka i'rom egn. 2^a gives

*l f 1 + IA] - [V] - CA + c - [A^-] . o

which is a Quadratic in [A], Hence £/] for er^eh oromste
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solutioru Subtraction of eqn. 2k from eqn. 25 gives :-

- 2CAg 

Kow
x « [AgA*] ... 7

So K . 20 - 2[Akfc] - C * [A] -

[Ag+J

K T is oc'lcul ited for each bromate solution and the overage 
value is used to f ind j3 2 in the solution of uilver iodate. 

:* earrangeir?ent of eqn. 29 givei-:-

A 4 2
TIT —— —— - ——— — —————— . • • t. *• > '

* J

! f ence [A3 "' s founa for each iodate solution. 

The concentration of [AgA^lir found by

[AgA+J - ^[A^ITA] 

Finally, corcer^tration of AgAg is calculated

[AgA* 1 = CAg - [Ag)'] - [AgA+J - 

All values are icnown for the calculation of

The average value of / o for the iodate solutions is fOvi

and tsaed to find e more acciirate v.^lue for K^.

K and ^, are recalculated until ti.ey give mutually consistent

values. Then, K ? « I 2/K\
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The ATparatug.

Earlier workers in this field saturated solutions- by 

shaking solvent with excess solid in nt ordered flasics for 

several hoars in a thereat at. Pamrles of solution were 

filtered off and analysed, but often the results #ere not 

c-jrsistarit cuvid several reasons for thir. ;iave been sugger.tea.

e.£. The crystals >/' solid disintegrate and fine 

particles, in suspension, pass through the filter. (Ik}.

Silver ions exchange #ith eodium iona in tlie glass. (3<?).

In our experiment.a, sacurators oi* the tyy e useu :>y 

Mon*t and Davios (21,29) were used. A diagram of one is given 

or-osite r. 28 (fig. 1). It is ^ade of Pyrex glass and fitted 

with gr.;UM-glasB storrerc.

Solution Is rlacea ir bulb, A. It slowly flows through 

the colum of solid silver salt, C, which rests on a filter 

rad of Gooch asbestos, which, in turn, rests on a f ad of 

glasR wool, Solution collects in limb, 3. The solution is 

withd^a^vn from 3 by pipette.

the Column.

Saall r iecee of glasr wool were drorred down Uie tnbe 

and iamred down with a glasr rod. Secondly, Oooch ajbest^r 

was dror T c,i down the tube and tami ed down to for:;, a second 

layer. fSech layer- was about half a centinetre in thicknesB.



Dry powdered silver silver salt #as 'laced inside bowl, A,

the column, and distilled water loured in to fill the 

column and the bottom of the bowl. The bowl was gently 

agitated so that the solid settled slowly down the tube, 

forming a regularly racked column, free from channel? and 

air rockets. At least half a litre of water was rassed 

through it to wash out the "fines 11 .

temperature Control.

At 25°C and UO°C, the saturators were suspended in a 

thermostat, whose temrerature wee regulated to * O.Q2°C.

At 0°C, the saturetors were placed in a large Dewar 

vessel, containing a mush of ice and distilled water, stirred 

by an air Jet.

Preparation of solutions. 

fotaeeiuiyJUtrate Solutlong,

Accurately weighed amounts of potassium nitrate were 

dissolved in accurately weighed amounts of distilled water, 

(from 1 gnu to 10 gm. of rotassium nitrate in 1000 gm. water).

A density correction was applied to express the 

concentration in terms of moles rer litre. In the most 

concentrated solution, molality and molarity differed onlj 

toy 0.5".



Amine Solutions*

Accurately weighed amounts of the amines were placed 

in standard flasks and made ur to 1000 ml, with distilled 

water. Since the strongest solution was about 5 gni* rer 

litre, no density correction was made, the solutions being 

assumed to hare unit density,

er^mental Procedure •

The rooedure is the same whether the solvent is rure 

water, potassium nitrate solution, or an arnine solution.

100 ml. of solvent were placed in bulb, A. The vessel 

was stoppered and r laced as deeply as possible in the water, 

(or ice), so that the urrer surfaces were covered,

At UO°C, this submersion is of great importance, since 

water vapour rapidly condenses on the inner walls of the 

vessel above water level, altering the constitution of the 

solutions,

The column wae built to such a depth that 100 ml* of 

solvent yassed through it in an hour. At 0°C, the solvent 

was more viscous, and a little suction #as ap* lied at the 

mouth of limb, B.

The solution was removed from B by rirette and returned 

to A. At UQ°C, the pipette was rreheated, so that crystals 

of the silver salt were not deposited from the hot solution 

onto the cold walls of the rirette.



It was found that a solution usually became saturated 

after passing through the colu.n three times. After the 

third time, two separate samples of solution were withdrawn 

from 8, by rirette, and analysed. Analysis was by the 

iodimetric titratlon described below. The familiar volumetric 

method was adapted BQ that weights, and not volumes, of 

solutions were measured, giving more accurate analyses.

The remaining solution in s was again passed through 

the column and two more samples were analysed. If the 

analyses of these latter samples did not agree wiv i those 

of the former, the solution was again rassed through the 

column and analysed.

Usually, five or six consistent analyses were performed 

to obtain the best result.

T 1 t rat ion
and 

samples of bromateAiodate solutions were treated with

excess solid potassium Iodide and about 10 ml. of 28 sulr hurlc 

acid. The iodine liberated was titrated with aged standard
«r
/IQQ sodium thiosulphete solution &'ith starch solution as 

Indicator.

Weight Titratlon Procedure.

The titratione were performed in light, 100 ml. conical 

fl&sfcs fitted with ground glass stoppers. The flasks were



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 thlosulphate solution was run 

in from a 50 ml* burette. The last half millilitre of sodium 

thiosulphate solution at the end point was run in from a 

microburette which read to 0*003 ml.

The weighings were carried out ae followss- 

First Weighing*

Stoppered dry empty flask ..>...., .................. A

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

Second Weighing.

8tor r ered flask + sanrr le. ...,..................,.*... a gm.

10 ml. of sulphuric acid and 0.2 gm. of potassium iodide 

were added to the sample in the flask.

weighing.

Stoppered flask + sample + KI + H^SO^ . ............... c

The flask now contained iodine in yellow solution* Standard 

sodium thiosulphate from the 50 ml. burette was run into the 

flask until only the last trace of yellow colour remained.

Fourth weighing.

Stoppered flask + eamrle 4 KI + H2 SQ, + standard thio-

suit hate, ....... $



Starch solution was added, whereupon the solution 

became blue. Standard sodium thiosulrhate frorr the micro- 

burette was run in drop by drop until the blue colour juet 

disappeared.

Let the volume of standard solution from the microburette 

be x ml. Ho appreciable error is introduced by assuming that 

this small volume had unit density.

Then (B - A) gm, sample soln. = (£-c + x) gm. standard

sodium thiosulphate solution.

The sodium thiosulf. te solution ia standardised in 

terme of the number of gm* lone of iodate .vhich are equi­ 

valent to 1 gin. of sodium thiosulphate solution.

The number of go;, ione of iodate or bromate ions in 

the above sample of solution are found from the weight of 

standard sodium thiosulphate solution used in the titration.

For the r^urroee of standardising the N/IQQ sodium 

thioeulphate solution, a solution of rotaseium iodate of 

aprroximate strength H/2Q w®® made up accurately. About 2 gm. 

of dry potassium 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 ^re^ared iodate solution by the weight method.



yitratlon End~}; aint.

In estimations of silver brornate or silver iodate, 

silver iodide in fine suspension caused a bluish op&iescence 

which obtcured the final disappearance of the starch-blue 

colour. To sharpen the colour change, a few drops of a 

yellow dye were added. (Actually, brom-cresol green, which 

Is yellow in acid, was used). The end-roint was now the 

change from blue-grey to yellow solution and occurred over 

the addition of 0.01 ml, from the microburette.

The excess "AnaleH" potassium iodide, added in each 

tltratlon, was shown to contain no Iodate by blank tests. 

The weight added was about 0,2 £in. per titration, since 

larger amounts were found to give a raauve end* oint, giving 

less consistent values for the determination.

Errors in Determination.
*

The strength of the standard sodium thiosulphate solution 

altered with time and was standardised against the standard 

; otassium iodate solution each day before use. The estimations 

were consistent to one iart in a thousand. The sodium 

thiosulphate became steadily weaker by about l.t rer week.

In all cases, brornate solutions gave results, en 

analysis consistent to * O.I/. Iodate solutions could not



be estimated with such rrecision, especially at 0°C, where

Borne solutions were as weak as l mo^e l^*re - Errors 

varied from * 0.16 to * 0

Since in no amlne 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 molallties.

Results of Solubility Product Investigations.

The solubilities of silver bromate and silver iodate 

were measured at 25°C in aqu< ous solutions of potassium

nitrate. Results are given on, p.

Graphs of the increase of solubility with increasing 

strength of potassium nitrate are given opposite pp.3fe.S7* 

The results of other investigators have been plotted on the 

same graphs for purposes of comparison.

The discrepancies lie outside the range of experimental 

error and this is almost certainly due, not to systematic 

error, but to real differences in the solubilities of the 

samples used.

As illustration, the measured solubilities of silver 

iodate in water at 2$°C found by various workers are given 

below in Table II.
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II

Solubility 31' Agio* in Water at 25o

Solubility

g.&10l./l. X

1.79

1.768

1.7-7

1.765

1.776

I'ean deviation

torkere

Koblrausch 

Keefer

Present work, 

VoBburgh 

Li end Lo

Xolthoff

Reference

(33) 
(3U)

(14)

(35) 
(21)
(32)

1.7i»5 * 0.005





BESPITS.

From the solubility rroauct Investigations, the

following results were obtained:-

L'±._2? . 1i1 ver ..Sal t a. IT i n . va t e r. f. mol. /1 .

Salt. 0°C. 25°C. I*0°C. 

Ag Br03 3.012 x 10~3 4*. 155 ^ 10"3 1.3:0 x 10^

Ag I03 6.6.3(5} xlO~3 1.768 x 10Wi 3-030(5} x 10'

rroducts of silver Salt s.

Values of log, 8.

Halt 0°C 25°C

Ag BrO, 6.69U1 5.7310 

Ag I03 9.6720

Silver ...aroiaat e

The concent ratio:,: of Ag BrO-* is a constant at a give

temr epatui»e f i,iven by the equation:-

r.

log *3P03 - log Ag;irv3 ... lfia 

Founa.

g.mol./l- 0°C.

,& BrO,1 ] O.OOU0147 0.000106 0.000309





Atnmines,

The stability constants for the complexes of silver with 

ryrldine and with 2:6-lutidlne were measured at 0°Cf 25° C 

and i*0°C. The results of solubility measurements at these 

temperature a are given on TT JfcO-5 » A ty* leal graph of 

the variation of solubility of silver salt ,vlth concentration 

of amine is given opposite T

Forisation Curves*

The graphical plot of the degree of formation, n, against 

the negative logarithm of concentration of free ligand, pA 

is the most generally v used rreans of presenting results for 

systems of complex ions* From measurements by the pH method, 

iA and n are intermediate quantities In the calculation of 

stability constants, where total metal, total amine, and 

****e amiflg concent rat lone are known. In the solubility 

method, total metal, total amine and free metal concentrations 

are iuiown.

How n * [Total liganxi] - [Free ligand]

\Total metal]

In calculating 5 for solutions of silver-amndne, since the 

ion rair AgX*, plays no part in com lete for^ration,

5 « CA •» [A ]

CAg - [AgX*J
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From eqns. 2Ua and 25a, n is given by the familiar 

expression:-
25 « KZ [A] * 2/32 [>1

Using values of K^ and /3 2 ^ound by the solubility 

method, and calculating n for selected values of pA, 

formation curves are * lotted.

The actual experimental points are plotted on the 

same graphs.

The two graphs are opposite

From the variation of log K with temperature, the 

entropy and enthalpy changes in the reactions were calculated. 

Grarhs of log K against 1/p a*"e given opposite FT. 40, 41.

The best straight line for points at the three 

temperatures at which observations were made, was calculated 

by the method of least squares. It was assumed that T was 

a variable measured without error, whereas log K was a 

variable containing errors. The standard deviations of the 

values of A 8 and A H BO calculated were also determined. 

The results are given in Tables III aM IV.

The values of A H12 ^ere found to be not Identical 

with those found by direct CG lor i metric measurement, r 

No other silver-amnines wer studied by this method.
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gv?jp §lr3.ver~An]mlne8 by the

Reactions;-

1. Ag* + A —— ̂  AgA*

2. AgA* 4- A ——— »

1.2. A ^ 2A

Ill

BJlver a>ith ?y ridin

Log K -AF2 ^r -AH AS
Reaction 0°C 2f,oC UO°C cal,/g-ion cal/g.ion caL/fe.lon

1. 2.393 2.017 1.813 2,750 5,660 - 9.8
2. 2.350 2.06f? 1.6o6 2f 800 -4,500 - 5.7

1.2. k.7k5 k.Ote 3.699 5,550 10f l60 - 15.5

A F + 30 cal./g.ion

AH * 20 eil./g.ion

* 0.15 cal./g.lon/°C
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i_&.: .is.
Silver wit* 2; 6-Luti3ine

lc>-r K -A* 298 -AH 
Reaction 0°C 2!>°C 1*0 °C cal./g. ion cal./£.ion

1. 2.622 2.U97 2.330 3,¥>C I*,t20 - k.7
2. 2.655 2.36k 2.220 3,250 k,225 - 3-3

1.2. 5.k77 k.881 k.550 6,650 9f Ok:: - 8.0

^ean ^eYlatlon.

* 30 ccl./g.lon

AS * 0.10 cal./g.



of ....Bea or 'o rr. i ion of Kt I ;

leaes b^ a *Usu:»:s £lectroae method

Since illiame first measured enthalpy changes in the 

formation of oomrlexea of ethylenediainine with aivalent 

transition metals of the rirst long rerioa, by sieaBu: 

stability constant® at different temperatures with the 

electrode, several other independent worKerr, using essentially 

the same method have published results for tie aarne systems* 

The system which has been examined more frequently than any 

other f is that of currie ion with et^'lenediaxine. Herorted 

values for enthairy changes are given in chronological oraer 

in Table V (p«4-3.} ®»<i disagree widely froi one another.

Such large discordancies in -AH values are often foun 

v<Len the results of several Independent workers on any one 

ayctem are comparer, the dlsoreranciea must be mainly due 

to systematic errors incidental to the use of the glaps 

electrode and there ;^r, been no general or full realisation 

of the uncertainties of the method. At the same time it ?;.u? 

be $ ointea out that measurements by dl^'erent worier^ ecldot. 

refer to the some ionic strengths or salt concentrations an 

an evaluation of such factors Biust be taken into account.

It wes aeelded to reinvestigate the syate., cojFer- 

ethylenealamine under the sa^e conditions of Ionic atrer^ th
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and concentration as those used by R.J.P. llllazas to find 

whether or not the glass electrode method could be used to 

yield reliable values of A :.;.

The attraction of the method Is that it allows the 

iiieasurement of enthalpy changes in the formation of each 

complex sreoies present in the solution. It Is usually not 

easy to find such enthalpies by direct calorimetry. The 

chief shortcoming of the method is that even for reactions 

where -Aii is large, the change of stability constant with 

temperature is small.

e.g. For a reaction where -A TJ « 10,000 cal./g.mol. 

From the eqn. d In K ~AH
dT JHT

it may be calculated that over a temperature interval of 10°C, 
say 20°C to 30°C, log K will change by ~ 0.25 units.

Although the glass electrode method is one of the most 
accurate methods for measuring stability constants, the 
error in log K, even in careful, accurate ^vork. is about 
* 0.03 units. It can readily be seen that although this 
represents a small percentage error ir. log K, over a strjall 
temperature range the resulting error in A, H can be quite 

large. However, for so^e of the many systo s for which
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stabilities only have been measured, values of enthalpy 
changes, uncertain even to * 10*, would, nevertheless, be 
of interest.

The theoretical assumptions and points of experimental 
techniques which could be responsible for errors in A H and 
might account for the wide variations noted in Table V, (r. ) 
for coprer-ethylenediaizdne will be examined critically here, 
with esrecial reference to our own measurement6 on complexes 
of copper and nlcKel with ethylenediamine.

The system eoprer-ethylenediamine was first chosen for 
investigation for several reasons:- 
(1) The two comrlexes formed are very stable (log 
(<?) The Formation curve is symmetrical about n « 1 (as 
would be expected for a system where N « 2).

9* o.(3> The heats of formation of both CuJSn and CufinJ are 
very large,

(En is an abbreviation for ethylenediamine 
Tn is an abbreviation for l:3-dian2inopropane). 

These three factors are favourable because:- 
(1) Two and only two well-defined complexes are formed.

91 J. djerrum has shown sreotrophotometrically, that a trie-ethylenediairdne complex of cupric cop er does exist; but it is highly unstable (log K^ « -1.0} and is not present in dilute ami lie solutions such as those used here (12).



(2) It is relatively easy to calculate values of KI and 

from a symmetrical formation curve,

(3) Large heats of formation cause the riot of log K against

l/« to have an aprreciable slope.

Preliminary calorimetric measurements made by J. Sjerrum

(36), then available showed

for CuEn2* - AHX « 13,000 eal./g.loi: 

for CuEn|* - A H12 « 25,100 eal./g. ion

In the first part of thie section the technique of the 

rH titration method and the ajrraratus in which the titratlons 

were made will be described with especial reference to the 

behaviour of the glass electrode at different tenireratures* 

the constancy of liquid junction potential, the standard! eat Ion 

of the electrode system and the accuracy with which rH nay 

be determined,

The Glass Electrode Method.

The rrimsirles of the method are well known and have 

been given in full in several accounts (3f 39f Ul). Briefly, 

by measuring the rH of a solution containing known amounts 

of metal ion, acid and a mine, and from a knowledge of the 

acid dissociation constants of the amine, the degree of



formation of the system, n, and the concentration of free 

amine present, [A], are calculated* From a series of such 

measurements the formation curve can be drawn for the 

system (n against pA) and from it the stability constants 

of the metal amralne complexes are calculated* By making 

measurements at different temperatures, the variation of 

stability with temperature is found and hence enthalpy 

changes.

•illlamR devised a method suitable for amines available 

only in very small quantity. Amine f metal-ion and acid 

were mixed in known %mounts and the pH of the mixture 

measured at a seriee of rising and. falling temperatures.
t <

A Known amount of acid was added and the pH again measured 

at intervals over the same temperature 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 a number of temperatures, 

In the course of this work it was found that the glass 

electrode was subject to "thermal hysteresis". (U2).

In the present method, to avoid any irregular behaviour 

of the glass electrode due to changes in temperature, the 

apparatus was mounted in a water thermostat ana the whole



formation curve for the system was measured at one temperature 

using the pH titration method. Before readings were tauten 

at a different temperature, the electrode ayntern was allowed 

to "settle down" for a reriod of time at that tern erature.

A descrirtion of the apparatus and of the procedure 

of standardisation of the glass electrode it: given on pi. 

The accuracy with which K's are determined depends primarily 

upon how precisely the pH is measured* In the apparatus 

used, pH could be measured to * 0*01 units at temperatures 

between 20°C and UO°C. Measurements were made at 20 C, 25°C, 

30°Ct and UO°C.

Titretion Procedure•

All solutions were made u r in boiled-out distilled 

water and the intrusion of atmospheric C0 2 was prevented by 

tubes of "Sofnolite". While a run was in progress, solutions 

in the reaction cell were protected by bubbling nitrogen, 

which had been freed from 002 through them*

Sthylenediaznine solution of strength ^ 1.0 M was added 

to the solution in the cell from a microburette which could 

be read to 0.002 ml.

The preparation of materials used in these experiments 

is described on r.



clii Dissociation^Constants of Stlxylen_e.ii.a^_i n^>

After standardising the electrode, the cell was rinsed 

out several times with distiller *ater and 2f> nil. of standard 

Ki of accurately known strength (~~.10 N) was riretted 

into the cell. Successive volumes of ethylenediairine solution 

were added from the microburette, and after each addition, 

the rolutlon #ae stirred and the ste&dy j H which it attained 

was read on the ftt .-..eter. (Solutions, excer t «hc-n very acia 

or alceline, ^ave steady readings a unost instantaneously). 

Curves of pH against volume of amine nolution edoed were 

plotted ana from the joint of greatest slo^e, the an;ir:e 

strength *iras calculated. The dissociation constants were 

calculated by the i^ethoa described on p.*fS . Rerlicate 

experiments were rerfarmed at each temjerature and runs 

werv; found to be highly reproducible (i.e. to 0.01 pH units).

Stability Constg.t.;.

Titrations were performed with 25 ml. of «:etal-acid 

solution in the reaction cell. The metal-acid solutions

c jntained;-
0.1*0 , MCI

0.60 M KCl

0.005 «? metal sulphate. 

The "AralaR 11 ^rade >netal salts used were analysed by strnndard
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analytical procedures and solutions made ur accordingly. 

Ethylcneuia, line solution, previously atarfderdiBea by 

pli titration, aas atiaeci iii succeed ve increments from the 

n-icroburette with stirring and the resulting pH values 

reaa on the meter. The mean o_* several runs, (which were 

again highly reproducible), was taken at each terra erasure. 

The c ileulanion 01' the forrratioi. curves is described on p. 

and the calculation of stability cer^-tants on j.85

apparatus.

A diagram of the apparatus used (fig. 2) is given

A cellf B, of about 50 ml. capacity containing 

23 ml. of solution IB connected with a saturated calomel 

electrode, C, by capillary tubin,' filled with saturated K!C1 

solution from the reservoir, /.

The whole cell syLitc-a is made of pyrex ^ias.?-,.

The saturated KCI solution makes contact %ith t:^e ^.etal- 

acid-ainlne coriirlex solution in B through s sintered glass

rlug, P.

In the rubber bur ? , H, ore mounted:-

A capillary tube, N, through waich nitrogen is passed.

The glass electrode, G.

A err.all glass stirrer, S, driven by a a.^li electric 

motor.
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The tip of the mlcroburette, ;«, passes through a closely 

fitting opening 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 potential of the cell was measured on a standard 

"Cambridge" pH meter of the valve electrometer tyre which gives 

direct readings of rH. The connections between the pH meter 

and the electrodes were screened leads of which the copper 

sheathing was earthed. The cell was mounted in a water 

thermostat, which could be set at any temperature between 

20°C and UO°C to * 0.02°C.

The Ionic strength of Solutions.

Many workers have used "salt backgrounds" of high 

strength (~1 U} to keep activities of the species in solution 

constant. However, in solutions of such high ionic strengths, 

activity coefficients will deviate considerably from unity. 

For our solutions, we chose an ionic background of concentration 

0.10 MKCi. This was the lowest concentration in which ionic 

strength, and hence activity coefficients could be kept constant. 

It «as also the highest concentration of KOI at %hich the 

rHs of buffer solutions were accurately known, p. 51 •



52

Hydrochloric acid ;;a?> used in rr.Aing up acid solutions. 

In r>ueh solutions, the coreentratloj- of KC1 sue adjusted 

so that [HCI] -f [KOI] • 0.10 If. This ensured that 

[Cl J was always the set me.

The concentration of M , the metal with which complexes 

were ror/iea, wee always 0.005 M, which r.ade the tot£:I ionic 

strength of solution, 0.12. The airine solutions ( [A] ~ 1 M) 

were nfiue uj in 0.10 21 KOI co that when additions of eraine 

(a neutral species = were made from the rnicroburette, the 

solution ir? the cell, although dilutee ^liphtly, still .tad 

an ionic background jf [Cl"] « 0.10N.

Junction Potential.

It ir imr-OBslble to eliminate the junction potential 

in a cell of this type. It occurs at the dotted line below:-

Sctd. KC1 Complex 
solution

Glass Electrode
HO!

This TO'-entii>j. t being unknown, niusi, bo kept constant. 

Saturate fOtaRsluni chlori K; is widely used in salt bridges 

to give snu^ll constant junction jotentials aecause:-

(a) The potassium end chloride ions have almost 

exactly equ^l mobilities.

(b) ^eeause of Itfi high concentration (s^k.2 W) p almost 

all the current across the junction #iil be carried by the 

K* and Cl"" ions.



i'he potential acroer such a junction ha& been e8timated 

to be 1.0 mv., which, in teraB of pH, IB 0.016 units (U3).

further, to minimise changes In junction rotential with 

ch&nging comjoeltior^ of complex solution, the chloride ion 

concentration was kept constant at 0.10 U as ^escribed above.

Static liquid-liquid junctions deteriorate with time, 

but by using- a sintered glass rlug, in wh ch the junction 

..a?- constralnec, it W&F, found tnat no Lneasurable aeteri ration 

took place during a titration run, taki;. usually ebout 

2 hour*.

This *as demonstrated in two we ys.

(1) /t the end of a run, on turning tar T, BO that a 

little fresl. saturated KC1 aolucion flowed through the -lug, 

there **~ no observable change in potential of -he cell.

(2) The solution, at the end of tiie run, was removed 

frosj the cell which #as u:en rinsed out with distilled 

water. The plu? was flushed with KCl from the reservoir 

and the solution replaced in the cell. Exactly the saiue jH 

reading was obtained ^B at the end; of the run.

ThtB a readily reiroauolble stable conr.trained liquid 

jurctio. was produced at the plug ?.



1?he siectrodes*

Calomel Electrode.

A saturated calomel electrode was made ur IE compartment 

C* The saturated KC1 solution made direct contact with that 
from reservoir A by way of the capillary tube* <%

The Glass Slectrqde,

The glass electrode functions as an electrode reversible 

to hydrogen ion. The relationship between rfi and its 
measured potential is a straight line of slope HT/g 303 p 
Glass electrodes suffer from certain disadvantages when 
compared with hydrogen electrodes* These ares-
(1) Hi gh Hesi stance.

The internal resistance of a cell containing a glass
5 9 electrode lies between W and 10^ ohms* Because of this

fact, the e. r.f. of the cell must be measured on a valve 

electrometer which takes no current from the cell. Such 

electrometers are not as accurate as direct potentiometers 
which are used with hydrogen electrodes*

(2) The Alkali Effect.
In alkaline solutions of the alkali-metals where 

pH ) 9t the glass electrode is not perfectly reversible 

to hydrogen ion and that ion alone, due to the effect of the 

alkali-metal ions on the glass bulb.
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(3) Aeymmetry Potential,

I n /10 HC1 tyre glass electrode IB rlaced

In a solution of N/10 HC1» ** wil1 not haye 8ero rotential. 

This small deviation from zero, which may be positive or 

negative, IB Known ae the asymmetry potential, TT , and is 

due to several factors, of which the main one is internal 

strains in the glass bulb,

TT varies slightly from day to day and alters abruptly 

if the temperature of the bulb is changed rapidly.

However, it is possible to use hydrogen electrodes in 

very few metal-ansrdne systems due to "rolsonlng" (3) to 

the glass electrode is always used in such systems* The 

first disadvantage listed above cannot be overcome, but the 

other two were minimised.

(?) A recently developed electrode, the "Doran, Universal 

tyre", was used which functions reversibly at all pHs from

0 to 13.

(3) The electrode was standard!sea each day before use with 

buffers of which the pH was accurately known. When measure­ 

ments were made at a different temperature, the electrode 

system was allowed to "settle down' for a day or two at 

that temrerature before readings were taken.



A . Kote on rli

Originally the definition of rH by ^reneen (kk) referred 

to the concentration of hydrogen ion, [ if1 ].

pH - - log [H+]

However, electrodes reversible to Hydrogen ion measure the 

activity of hydrogen iori, as given by the Kernst equation,

In

The modern meaning of pH ia:~

pH » - log a « - lo« 1 - fH*

The T re psent concert of pH (or paH, as it IB often termed) 

anu the standards oy which it is defined are discussed o^- 

Bates

Buffer 8olutione>

Before any measurement was made in the cell, the electrode 

was standardised on a buffer solution of known hydrogen ion 

activity.

Three buffers reoomn ended by the National Bureau of 

standards were used. 'Vhcee were:-



TAflLS VI

of Buffers in K/10 K.C1 at Bifferent_________ 

Materials 20°C 25°C 30°C UO°C Ref.

M/"v 20 Potassium hydrogen
Phthalate 3.927 3.930 3.9UO 3.962 (U5)

x 
6.733 6.716 6.702 6.690 (U6)

_

Sodium Borate 9.157 9-107 9.066 6.996 (U7) 
(Borax)

All three buffers contain common substances which are 

readily obtainable in a high state of purity. The pH values 

are known very accurately over a range of strengths of 

rotassium and sodium chlorides at all temperatures between

0°0 and 50°C,
if/Buffers with a salt background of ^10 KC1 were used so

that the liquid junction potential should be a® closely alike 

as rossible to that which was jresent during the actual 

experiment.

The pH 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,).



procedure of standardisation,

After standardising the pH meter on one buffer - usually 

the phthalate - the pH's of the other two buffers were 

measured in the cell. At all temperatures at which measure­ 

ments were made, the pHs of the buffers were almost invariably 

found to be within 0.01 pli units of the appropriate values 

given in Table VI.

On the one or two occasions when this was not so, it 

was found that rinsing the glass electrode with acetone, 

or standing it in H/^0 HC1 rapidly restored its reversi­ 

bility.

After each pH tltratlon, the buffers were again put 

into the cell and their rH's remeaeured to check the 

standardisation of the electrode. In the very few cases 

where correct readings on the buffers were not given* the 

results of the runs were discarded*

The rH meter,

The meter was of standard commercial design and will 
not be described here. pR could be read to 0.005 units, 
but only significantly to 0.01 pH*



?ro:n this account of the 'rparatus, it can be seen 

that for any solution where k -^ pH ^L 10, it IB roselble 

to measure tie T H to within * 0.01 pH units at L ,,ny 

tern er^ture between 20°C and I*G°C. It wai found that 

rec.'iings foi tltr^tion runs were per reducible to 0,01 pH 

units and only very rarely was a difference of 0.02 pH unite 

found for any one reeding.
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Results for the System of Hydrogen Ion with Ethylenedia^ine .

The method of calculation of the dissociation cor.^ants 

of onium ions of ethylenediamine is discussed on p. 79. 

The values of the negative logarithms of the dissociation

constants, pK* Hf and P^AH f ^oun(i at different temperatures 

are given in Table VII. 

For the reactions,

1. EnH* ——— > En + M"

2.

En ^ 2H+

Values of A P, AH fina A S calculated from the variation 

of r- with T are given in Table VIII. Plots of P^AH &&& 

pK AM againt !/„ are given opposite p. bl .
Allrt *

For comparison, values for pKs found by independent 

workers are j'iver. in Table IX. Heats of dissociation are 

given in Table X.
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TABLrJ VII

Pi emaciation Constants for Ethylene l^c ; iae lr, . .ueoua

^ ' ••» t :. ;.ne o T'.^ilc Strength ̂ 0.1^.^^ 1,0111 » Q.J^ ...•_

Temp. 20°0 25°C 30°G i*0°C

10.15 10.00 9.36 9-60

PKAJ| 7.26 7.12 7.00 6.75

cal./g. Ion cal./g.lon cel./g. ion/°C.

F-j^ = 13f 660 ^ H x = ll vA.% A8X » - 7.3

A P2 = 9,710 A H2 =10,900 A S2 » ^^4.0

P12 = 23,370 A H12 = 22,350 A S12 « - 3-3
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TAfV.v IX

t''J •. • gpclit 1 "y Constant A tor ,1'thglene-liaml ne., at. 23 C.

62

Hydrogen

H

tf

If

Hydrogen 
Electrode

Hydrogen 
Mectrode

Ionic 
Strength
A

Glass
Electrode 0.005 .066

Workers

6.8$ Everett

Ref,

9.95 6.87 (36)

7.13 Williams (10)
7.1^ T'resent ftoric

7.U7 Basolo (13)
7.3U CfirlBOi: (Ul)

7.30 Carlson

1.13 .302 10.16 7.U7 Bjerrum (12)

7*U9 Bjerrxim
Idler ard 

Awards (56)

0.13
0.13

0.76

o.7a
1.26

.265

.265

.11.68

.1*68

.532

9 0 •") 
• l/ 1̂

10.00

10.16

10.02

10.17

aiectrodu 1.U3 .5U6

.552 10.17



A-iLh X.

Tne I iftBoolatioii of &thyl &int at 2^

Method Ionic
Strength Interval AH, AH

Workers
12

Kef.

i at ned 
Cell
Glass 
* 1 ect roue

M

"
»
«t

or iori- 
meter

*t

0

s 0.005

0.13

0.13

0.7B

1.110

0.10

0.10

60° 11, 820

1+0° 11,200

^0° 13,100

20° I.],^0

25° 6,1 JO

6° 16, 500

11, 910

ll,94o

11,820 10,670 22,690 Everett

10,700 -1,900 fclntyre

1C, 150 23,2% miiamB

10,900 resent
Work

7,590 15,770 BaBolo (ij)

(k9)

11,910 10,9UO 23 f ci50 ftaveley
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Results for the 3yr,tem of

The results of the pH measurements are $ iven on p*-. 190-3 

The method of calculation of the forniation curve is discussed 

on p.fr<5 , and the aerivation of stability constants from 

the curve on r.85 • The formation curves are &iven oprosite 

r. bA- t an<^ the stability constants are given below in 

Table XI. The variation of log K^ and log KP with te^yerature 

are shown in the graph opposite p.feS , ana calculated v< lues 

of A ?t A -i, and A B are given in Table XII. Values of 

log K, and lop K, at 25°C retorted by index endenc workers
«!• £»

are given in Table XIII.
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TABLE XI

Mobilities of ComtlcxfaB of £orrer Aith xt *yler.e<3.iarnine in

" = 0.10.ACUCOUP "oiation <>f Ionic

Terar . 20°C

log Kx 10.53

log K^ 9.03

logyg^ 19.56

strenpth

25°C

10.37

8.87
•

19. 2'*

0.13.

30°C

10. lj

8.87

18.89

9.65

a. 35
18.20

TABLE XIJ 

Formation of Coniexes of Gorier v»ith i'.thyleriea.iamlne at 2 f °C .

./{7. ion oal./g. i

-IU.600 AS1 - -1.6

- A 2 = I2 » 0^° ' A H2 = ^» 100 ^ S2 * " 6 ' 7

= 26,220 - A S= 26,700 A S r - 6.3
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The System of Hlckel~jBthylenediainlne.

When the present results for enthalpy changes obtained 

by the glass electrode method for coprer~ethylenediamine 

were compared with those obtained by calorlraetrlc methods, 

(Table V) the difference of 1U^ was regarded as unsatisfactory. 

It was felt that better agreement between values measured 

by this method and calorimetric values might be obtained 

for another system* The system chosen was that of nickel 

with ethylenedlamlne In which three well defined stable 

complexes are formed. The heat of formation of each complex 

Is large and the calorlmetrlc values are known (36). The 

rH tltratlon method was used at 20°0f 2$°G§ 30°C and t|0°C, 

and the results of the pH uieasurements are given on pp.i94-"7, 

Calculated formation curves on which the experimental points 

are plotted are given opposite p. b7 * The stability constants 

found are given below in Table XIV and A F§ A H and A B 

for each complex at 25°C are given in Table XV. Plot© of

log K against 1/j* are given opposite p. fe>8 . Values of 

stability constants and heats of formation reported by 

independent workers are given In Table XVI, p.
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TABLE

Stabilities of Jonrf lexes of lUa. yt .gthlenediainlne ID

-GUOOUB oolutl

Temp,

log K!
log K2

log K*

log ,

oiis of Ionic

20°C

7.48

6*23

4.15
17*66

Strength.

25°C

7.32

6.06

3.93

17*31

0.13.

30°C

7.17

5.90

3.73

16.80

re*~ ] • o, 10

l40°C

6.86

5.59

3.41

15.66

TABLE XV 

formation of Complexes of nickel with Bthylenediamine at 25°0<

cal./g.ion cal./g.ion cal./g*

j^ = 9t980 -AHX = 13,180 A 81 - - 10.6

= 6,260 -AH2 =12^50 A82 r - 15.6

- 5,360 -AH3 =15,100 A83 = - 33

= 23f 60° "A H123 U1 » 23° A 8123 =
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Factors Affecting the Calculation of Enthalries and jgntrories 
Stabi 11 ties Determined b the Glass Klectrode Igethod.

The serious disagreement between the results obtained for 

the heats of formation of cornrlexes of nickel #ith ethylene- 

diamine and those measured caloriraetrically showed that, 

although care and rrecautior.B had been taken in exrerimental 

measurements, no reliability could be rlaced uton values of 

A H and A B obtained by the glass electrode method.

Apart from a consideration of methods of minimising 

experimental error, an enquiry must be made into the assumption* 

which are made in the calculation of stability constants and 

into any other factors which could influence the validity 

of exrerlmental measurements, and in rart, at least, account 

for the discrepancies in the data reported in Tables V and

XVI.

Helevant factors are discussed belov? under the following

headings.

Anlon interaction.

The variation of A H and A S with temperature.

The effect of ionic strength upon amine dissociation

constants.

The use of "non-therraodynaniic" airdne dissociation 
constants in the calculation of a formation curve.



The derivation of stability constants from formation 
curves.

The variation of stability constant with ionic strength.

Anion Interact ion*

If the anion of the background salt interacts in any way 
with the metal ions or ligand grou B of a complex 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 presence or absence of 
barium nitrate has no effect on the acid dissociation constants 
of ethylenedlamine (except for that expected from the variation 
of ionic strength, see r. 81 }. Verhoek (41) has demonstrated 
that if the background salt Is changed from potassium nitrate 
to potassium chloride, there is only a very small effect. 
This occurs in high concentrations of chloride ion when very 
small concentrations of chloride complexes are formed with 
cop er and cadmium. Mth nitrate ion no such interaction 
takes place, and this is the anion most widely employed. 
There is a growing jraotice of using perchlorate ion in salt 
backgrounds, because its tendency to ionic complex formation 

is extremely small.



The Variation of A H and A s_wjlth.TetiB^epature« 

The thermody natal c relationship,

in K » - f + .... 30
RT 8T R

allies rigorously at all temperatures, where j-

Af*£ is the standard enthalry change at T° Kelvin. 

AS°T IB the standard entropy change at T° Kelvin 

m IB the standard free energy change at T° Kelvin.

Is the thermodynarnic equilibrium constant at T° Kelvin, 

for an unspecified reaction In aqueous solution for which the 

standard change in the specific heats of react ants and 

products Is A Cp .

If AH° and A 8° do not vary with temperature, the 

plot of log K° against 1/T IB a straight line.

However, A H° and A 8° are not necessarily constant. 

Their variations with temperature have been represented by 

the series j-

H° • A - BT - DT2 4-

AP° « A+BT In T-CT-DT2

Ac0 » - a - 2DTp
A 8° m (C - B) - B In T - 2DT 

where A, B, C and D are constants.



Everett and Wynne-Jones (i>0 ; and Harned (51) have 

demonstrated that the terms involving D and higher terms are 

quite unnecessary to represent reactions in solution. The 

variation of stability constant is adequately represented by 

the equation

K « - . in T +-.
RT RT H R

and
AH° m A - flff

+ AC£ . -B

As° « (c - a) - a in T.

Thus A H° varies linearly with temrerature whereas A 8° 

varies with In T. Whether there are appreciable changes 

in A H° and A 8° for the sera 11 temperature range (0 ~ 50°) 

over which it is T or. Bible to measure stability constant, will 

depend on the size of the constant 3, i.e. on the magnitude 

of A c£ .

The Value of A c^.

It has been found for charge neutralisation reactions in 

aqueous solution, that A c is relatively large*

* 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.g. - 2 is Bald to be "larger" than - 1.



Such Is the case In the dissociation of water:-

1^0 —» H* + OH" 

where A 0° » - 1|0 oal./g.mol. (52)

This fact IB readily explained, if, as In the treatment of 
Frank and Evans (53)> Ionic particles are regarded as having 
small "Icebergs 1* of water frozen round them.

Thus the Ions, ff and QH~, will have molecules of water 
frozen around them which have to some degree lost, trans- 
lational, rotational and vlbrational energy, BO the specific 
heat of the products of the dissociation will be lower than 
that of the undissociated molecule.

For the same reason, there will be a decrease of 
entrory in the dissociation due to freezing and ordering of 
the water molecules Into the Ionic "Icebergs**.

For any uncharged weak acid in aqueous solution, the 
entrory of the first dissociation, ie approximately a constant.

I.e. for the reaction HA —>• H* + A~
8 ^ - 22 cal./g.mol./°C. 

This generalisation is Known as ^1 tier's rule (5<0.
In a dissociation reaction, when .here is no change in 

the number of charged rartlcles, AJ^ will be expected tor*

be small.



For the ammonium ion,

H20

0.6

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

En * H+ 

M2* + Kn 
"*" + En

** En

would a large value of A C° be expected*

For the first reaction, a value of A 0^ » - 9«6 has
JF

been found (55). 

The reaction

a charge neut rail eat ion* The value of A C° for thia would
involves a change in the number of ionic particles but not

° for

be expected to be intermediate between that for SnH* ^~ ^ ; 

and that for a weak acid ( ^^ - UO). The value found (55)

is - 17.5.
A 0° has not been determined for any metal arrjnine P

system, i^rom the above considerations, A C^ would be expected 

to be small. If it were as large as A C » - 20 units,



then over a range of £>0°C, the variations in enthalpy and 

entropy changes would be

- A HS23 • - 1000 cal./g-ion

- -A s° « - 3.U cal./g.ion/°G.

A graph of log K against 1/y ^or such a reaction would 

have a small curvature. However, if the best straight line 

were drawn through rolntB found between 0°C and 50°C, the 

values of A H° and A s° found by applying eqn. 30, would

be very close to A B^od anoi ^ 8296* Since A c£ is 

expected to be Bmall, eqn. 30 shoula rerresent experimental 

data accurately at any given temperature, and it is 

characteristic of the results in the literature that plots 

of log K against 2/« for the metal ana-nines give reasonably 

good straight lines, although the elopes of the lines differ 

considerably* These differences cannot be due to the 

variation of A H or As #ith temperature.



The Acid Dissociation Constants of Ethylenedianiine and 

their Variation with Ionic Strength,

The formation curve of a metal airanine cannot be found 

unless the acid dissociation constants of the a mine are known. 

Although the technique and calculations for finding 

dissociation constants are generally known, it is proposed 

here to consider them with especial reference to ionic 

strength* Ko such treatment seems t have been published in 

the literature*

Acid Dissociation Constants of Amines*

For a dibasic amlne, such as ethylenedlamlne, the 

successive dissociations of the two onium lone may be 

represented by the equilibria:-
—— * AH"*1 * H*

AH4" —— > A + if 

Therraodynamic dissociation constants are given by the equations

[H+7

KHjj*]_ fA . rH+
• • • - 33*

where, as before, p,3 » f^ is the activity coefficient of 

species X*



The concentration dissociation constants of the :i uss ions 
are given by:-

K° - 
2

-*J
* Js*

and C _ T- J [H JXV it i * *>* — — ———— - ——— — ——[A. 1 ']

How pK • - log K.

^ - log f * i0« Af* .... 36

The degree of formation of an ami/,e f »A> is defined:-

H - Q H -
CA

In the exreri?ient8 made -ere, H*] is negligible 
with C H , when pH

Ro above

" = ®H/A * ^CA .... 39.

It ctn readily be shown that n"A is related fcj the concentration 
dissociation co net antt bj- tiie expressions,



2 -

u -
l**l

AH AH .... W.

Theee equations reduce toi-

P AH
*i

J
2 - nA

provided that 1 nA < 2.

and
- log log .... 43

provided that HA < 1.

The general procedure for measuring dissociation constants 
is to measure the pH of solutions of known acid and amine 
concentrations (varying the amount of amine present progres­ 
sively by titration from a microburette). n. is calculated 
by eqn. 39. Using whichever of eqns. k2 or if3 ayrlies 
depending on whether HA is greater or less than unity, and 
assuming that rH is a measure of hydrogen ion concentration, 
dissociation constants are calculated which are neither



concentration nor thermodynamic const ante. They are, in 
fact, mixed (arjrfnsted) dissociation constants (KB )f and ,vill 
be defined here as follows:-

B [Atf»] aa+ [A**] [H*J . f H+A** » ————————— « ———————• . , . .

J

M M .Va»+
* •* •.»•[AH +] [AH*]

From eqne. 3k9 36t 
so,

V AH Atf - log

Prom eqns. 35p 37,

PXAH " PKAH - log V tt PKAH * 1QS fA

Since f Taries with ionic strength, K H and ^B are not
2 AH

strictly constants. There are several y a lues for the 
dissociation constants of ethylenedlamine given in the 
literature, and it is of interest to see if the manner in which 
they vary with ionic strength is explicable. Values taken 
from the literature are given in Table IX, p.
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The First DlMoolatlon Constant. 

rKAH '

A is uncharged, so log f. • Of (at least at low ionic strengths).

is a constant,
O

so pKAU « const* - log f AU+.An *• An •

Thus pKjj will be expected to vary with ionic strength as

- log ^AH+* ^ne elmT ieet relationship between ionic strength, 

XX t and the mean activity coefficient, f . of a single 

charged body, is

This equation (see r.lS. ) (from which higher terms in 

AJL have been omitted) will not be expected to apply at high 

ionic strengths. However, a plot of pK® against (-Xu/l -t- Jui)H - -t- ju

is given OPI osite. A line of slope 0.50 is drawn on the
» 

graph and it can be seen that the variation of K^H with

ionic strength is accounted for quite satisfactorily by the 

rough theoretical treament given above.
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The Second Dissociation Constant, K?T, .

.... 17,

is a doubly charged ion, and its activity coefficient 
given by

i +JM

80 « Const.

Values of ape rlottad against 0/Ju/l H-^u) on the

graph opposite T . 82. . A line of alope 1.50 is drawn on it, 

and again the results of experiment are seen to agree fairly 

well with theory*

It must be stressed that it is values of KAl/ and K7An

which are used in calculating the formation curve* They are 

measured in solutions of ionic strength of the same value as 

that in which the metal eunmine is investigated. It will now 

be shown that correct value? of n and rA can be calculated
TJ JS

using values of K ^and X^g and fH meter readings without 

additional aesumptions concerning the values of individual 

activity coefficients.



a 8
The Use of K~ and K in the Calculation of a ^orroation Curve.

From a measurement of the pH, i.e. the activity of 
hydrogen ion, a.,*, in a solution containing amine and metal, 
the degree of formation of the amine is calculated:-

. OH -
CA

C H • [H*] + [AH*] * 2[/H|*] .... US.

CA • [A] «•
- [Afl*j

* [A] * [AH+J

Although n. is defined in terms of concent ret ions of the 
various species, it is clear from eqne. kk and k5, that 
ie given exactly by the expression,

Thue the true value of rL can still be calculated from a 

knowledge of the hydrogen ion activity of the solution and the
t» n

mixed constants K ana

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

given by 5-



________ -[A]n = ——————-—————————-———

So n 35 GA -

This last exi ression includes the concert rat ion 
hydrogen ione (which ii unicnovm). 

, above pH ^»

n . °A - .________ 11 .... 53

n tJ.UR refers comrle^ely to conceutratiom and not to 
activities.

he Free Amine Ooncentrationf 

From eons, 3^ and U9,

[A] = c :. -
5A

Thus [A] is ^urely a concentrLtior tern?,

M eqns. ij-U and i*5»

[A]
3i* ,y ; , ^ KAH ' KAH * KAH- V * H4



The term,

IT ~&. if*-* «•» .A. A A'AH * *AH2'*J!* * * H+ * • •••

Above pH » k,

[A] • C fVfg 0^ .... 53.
A

Kxaot values of the concentration of A aiay be 
oaloulated from measurements of activity of hydrogen ior.

a ft
by glass electrode and the mixed constants K?H and K?H-

Thus the Bjerrum pH method is fundamentally sound for 

solutions of any ionic strength, for although the experimental 

values of both pi! and KJ£H and K^H involve activity terms,

the derived formation curve refers to comrlexed and uncomplexed 

metal ion and ligand in terms of concent rat i one and not 

activities,

The Derivation of Stability Constants from Formation Curves.

In some of the pa-era in the literature where full 

experimental data have been published, it has been shown that 

frhe use of faulty methods of confutation have led several 

authors to give values for stability constants //hich are nob



86

the*beat M values deductible from the experimental curve. In

several commonly ueed methods, only a few of the experimental 

rointe (e.g. those about n * i, 1 and 1 ) are used in the 

computation of K^ and Kg. A critical survey of the various 

methods has been made recently by H. Rossotti and H. Irving 

(57) and their "correction-term** method was used in the 

present work for systems where N « 2.

For formation curves where H « 3» and where log Kg - 

log K, ^- 2, the curve from n»0ton«2 may be treated by 

the "correction-term" method. From n » 2 to n « 3t the 

eqn. (U9) which ap lies is

log *3 • pA - log ^ I g

in this way the stability constants for nickel and ethylene- 

diamine were calculated*

Faulty computation of stability constants might well be 

a factor causing some of the discrepancies in Tables V and 

XVI,



8T

The Stability Constants, of Complexes of Metal B with Amines 

and Their Variation w|th Ionic Strength,

The constant 8 obtained from formation curves are 

concentration constants and not thermodynanic constants.

f .... 7.

K • K f

The activity coefficients of U2% MA2* f and ^ f will all 

be much of the same magnitude in dilute solution and will 

vary with ionic strength in a closely similar manner. A is 

an uncharged species and its activity coefficient Is assumed 

to be unity in solutions of low ionic strength. However, in 

solutions of high ionic strength ( ~ 1M), fA may deviate 

slightly from unity, (Bjerrum (12), has demonstrated the 

deviation of f ™^ from unity in high strengths of ethylene-

dlamine. )
Thus, although the fractions M2*. *A/f 9 andr *

rt8** A/+ 9 have values very close to unity (esrccially at low r *

ionic strengths), concentration stability constants will be 

exrected to vary slightly with ionic strength.
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From the data given in Table XIII, p. lab for Cu * - En, 

both log K^ and log ICJj are seen to increase in a fairly 

regular manner with ionic strength. A plot of log A 2 against 

M for the aysteai Cu * - Kn is given oprosite r. 88,

The Variation of Stability Constant with Temperature*

The meaaured constants, K , vary with ionic strength and 

this variation cannot be exrected to be the same at different 

temreratures, since activity coefficients vary with temperature 

At two different temperatures, the stability of a complex 

ion may be represented by fig. 3.

T

Fig. 3-

The standard heat of formation of the com: lex, - A H?, 

may be given by the change of log K^ at u, « 0 (i.e. where



G • ILj, represented by X, by the equation,

dT RTZ

2.303- H. T t . T 
i.e. - Af m X . ———————— ± ——

When A H? is calculated from K measured in ionic strength, 

11*, the heat of reaction will be given by:-

2.303 H. T T, 
- AH* m y .

- AH? will not be the Btandard heat of reaction. It is 

not known how the concentration stability constant of any 

corn-lex of metal and amine varies with ionic strength at 

different temperatures, so no estimate of how - AnJJ varies 

with ionic strength can be given. However , such information 

is known for amine -proton systems.

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

with hydrogen electrodes to make accurate measurements of

® and K?« for ethylenedlaraine (Sn) and hexamethylene- 
AH 2

dl amine (Hn) at various ionic strengths and temperatures. 

For the dissociation constant

* KAH * H .... 3U.



f»
the fraction A . ^H*/* . will be very close to unityH ' rAH*

Everett and Plnsent found that a plot of pK^« againetu 

gave a straight line, and in this way extrapolated to PKAT, 

at XX * 0. (This IB a parallel to the way in which log K? 

for Cu - En varies linearly with M )

Values of A H* at each ionio strength have been 

calculated from the variation of pK with temperature. Their 

results are given below in Table XVII.

TABLE XVII.

The Dissociations of ^thylenedi&rnine and jfexainetiLylenediamine

at 30°C.

jA H« pKutok A H«_ 
cal. /g.ion cal./g.ion

0 9. 7Bk

0.10 9.613

0.15 9.627

0.20 9.650

0.25

0.30 9.671 12,060

c Thus measurements ofpK in solutions of ionic strength 0.30

give a result for the enthalpy change 2' greater than the

11, 620

11, 920

11,950

12,020

10.763

10. 795

10.811*

10.627

1G.6UU

13,920

13,970

13,960

13,960

14, 000



therrnodynamic value, A H°, for ethylenediaraine. For 

hexamethylenediamine, the value of A H* derived from 

solutions of >U « 0.25 IB only J* different from A H°.

Drawing the analogy between araine-rroton react lone and 

amlne metal reactions (f. 75. ) it is rossible to generalise 

and rrediot that derived values of A H from solutions of 

several ionic strengths should not differ by more than about 

5 Ti for values of Ax less than 1.0.

Suiamary*

From the consideration of factors other than experimental 

error, it has been aemonstrated that, although the glass 

electrode method is not expected to yield standard heats of 

formation, it should, in the absence of experimental error, 

give enthalpy changes which differ by less than 10'£ from

In the absence of other explicable reasons, the wide 

spread of values for A H in the Cu2* - 8n and Ni 2* - En 

systems shown in Tables V and XVI (rr»43,W.) must for the 

most part be due to some systematic error of method, if riot 

to casual experimental errors.

Errors In rH measurement appear directly in values for 

the acid dissociation constants of the a mine as can be seen



In eqne, U2 and U3. 'ben the enthalpy changes for the 

reaction of ethylenediandne ^ith hydrogen ion (Table X, p 

are stuaied, the repletions among the reeults are seen to 

be smaller than those amom: the metals ansnines.
B BErrors in xfw and K?u will add to errors in pH

determination when formation curves and stability constants 

are calculated for metal ansmine systems, so the spread in 

A >i values for such systems will be expected to be larger 

than those in systems of a mine with hydrogen Ion, It is 

significant that Basolo and Mclntyre who found low values 

of A H for the reactions of ethylenedlamine with hydrogen 

ion, (Table X) also found low heats of formation for both

, CuKn2*, and KiEn2*, NiEn2* ana KiBn. (Tables V 

and XVI). Williams obtained a high heat of formation for 

", and also obtained high heats of formation for

MiEn2*, and NiEn|"*'. 

In the niclcel-ethylenediamine system, the fact that 

nearly the same results for A H^ ana A H2 were obtained 

in the r resent work as were found by Williams under the 

same conditions of ionic strength (Table XVI) is suggestive 

of some systematic experimental errort as yet undetermined.

In all, it #as decided that with ordinary commercial 

glass electrodes and rH meters it »ae irr ;ssible to obtain



reliable values of A H and A S, and the method «ras 
abandoned.

With hydrogen electrodes, whepe e.ra.f *s ^.ay be measured 
with much greater accuracy, the value© of log A eo determined 
ape correspondingly mope reliable. If measurements ape 
made at a series of ionic strengths and extrapolations lade 
to aero ionic strength, log K° may be found at a eeries of 
temrepatupes, and hence A H°. The values of A ff^, and A H| 
found by Evepett and Pinsent (>!/) fop ethylenediarnine agree 
vepy well <vith t*5® valuer found calopimetpically (see Table X). 
However, there ape vepy few complex solutions in which it 
is rossible to use the hydrogen electrode. Caaini and 
Martell (5&) have used it recently for the system Ca — 
ethylenediamlnetdtpaacetic acid in a series of solutions at 
different ionic strengths and temreratupes. It is to be 
anticirated that their result for A H will be found to be 
very close to A H°.

Free Knerglea by .QXass Klectpode Method.

When the values of log K at 25°C for the systems 
Cu^ En or Hi - Kn measured by independent wop*ceps (Tables 
XIII and XVI) ape con raped, it is observed that lot; K° 
incpeaeee slightly with increasing ionic strength. As



illustration, the values of log j8 2 ^<>r CuEng* taken from 

Table XIII have been plotted against ionic strength in the 

graph opposite p.8fc « A straight line may be drawn through 

the results. Its slope in terms of free energy units is

about 1000 oal,/g.ion per unit of ionic strength. If
_* f e stability constants, and hence Ar , are measured in an

ionic strength of 0*10 at ^5°0, the results must be within 

200 cal, of

If free energies found in this way are combined with 

values of AH* found by calorimetry at 25°C, the entropies 

of reactions calculated by the equation:-

.... 6.

are expected to be within a unit of the standard entropy 

changes, i.e. As?

when it had been shown that the glass electrode method 

was unsuitable for finding enthalpy changes, it was decided 

to obtain entropy values by combining free energies, derived 

from measurements of stability constants with the glass 

electrode, with values of AH measured oalorimetrically.

A description of the calorimeter and measurements made 

with it are given In Section IV, p,ios.



c*•3
a 
C

£

I "^ "**Lu LU

^^ ̂ A

V)

7)

N

o «\

O
ct



Stability constants, cat 2$°C, in 0.10 M KOI solution, 
were measured by the titration methoi for the following 
systems: -

2* ?n - ethylenedlamine.

Ca * - ethylenediamine.
p.

Cu - 1 j 3 -

The ctirsociation constant r of 1:3 •-'- uninopro? anc were aloo 
meaeured. Calculated formation curves with the ex erimentsl 
points on the plots are c Iven opposite pp.SS/lb.WH* The 
results from which these curves were derived are given on

1|g7_<|) I99-9J. The results for formation coi stants are given
below in Table VIII.
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h XVIII

i Constants ana Stability Constants i;

solution of Ionic ntren^th 0. ii-JLiLJ. , J5L~• £0 H ~t

System log Kn log K« log IU log fi

- En 5.64 4.4S 1.81 11.93

- £n '4.64 3.B6 2.03 10.71;

- Tn 6.26 4.15 1.13 11.54

Cu24 - Tn 9.68 7.14 16.52

T.K.,, TK»,fAil AII2

H* - Kn 10.00 7.12

d+ - Tn 10.63 6.76



Silver Airgnlnee.

The heats of formation of the complexes Ag*(pyridine) ?
' .'• ^

and Ag*(2:6~lutldine) 2 were measured by direct calorimetry 

(p.i3(X) and when compared with the values found by the 

solubility method they were found to differ markedly. 

Results are given In Table

TABLE XIX. 

Heate of formation - A H) of silver amaines at

Calorimeter Solubility

Ag*(pyridlne) 2 11,610 10, 160 

Ag (lutidine) 2 10,750 9,050

Several reasons may be rut forward to explain why the 

solubility method does not give the same enthalry values as 

those from direct calorimetry.

Firstly, there may be some eysteasatic experimental error, 

although this error will be expected to be smaller than that 

in glass electrode methods. Secondly, two of the aseu -tione 

made in the calculation of A H are not strictly true.

These are:

(1) That log K f e are thermodynamic constants.

(2) That A H ana A B do not vary with temperature.



When It became clear that the solubility method did not 

give reliable values of A Ht two lines of research were 

open. One was to try to find a method of measuring stability 

constants which would give reliable values of A H. Some 

work had already been done with the glass-electrode on some 

systems of silver with methyl-pyridines (59). The value 

of - AH12 m 9,250 cal./g.lon so obtained for Ag*(ryridine) 2 , 

Is 22* lower than the calorlmetric value, -vhlch Indicated 

that the glass electrode method might be no more reliable 

here than It was in the eyetemB Cu * - Kn, Ki * - £n.

ith a silver electrode it would be possible to measure 

stability constants at different temperatures. However, both 

the solubility method and the Ag~ electrode method are 

"centre!-Ion methods'*, i.e. the principal quantity measured 

is the free metal ion. Borne of the same assumptions made in 

the solubility method would 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 definitive heats of 

formation of silver ammlnes directly. Ihis latter course 

was taken. The measurements made tnd the results are ;riven 

In Section IV. Heats of formation were combined with free 

energies to calculate entrories.



Stability constants of the silver axnraines were 

measured at 25°C in 0.1C M XNO~ by the Glass lilectrode

ethod. A full account of the work is given in Section 

III.
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Stabilities of Silver Ammines by t he >. Glass ̂ ^leotrQde Method .

It was suggested on p. 9. that a knowledge of the free 

energies, entropies and heats of formation of the complexes 

of a closely related series of amines with the same metal 

should lead to a recognition of the part played by polar 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 glass electrode method instead* There were 

two reasons for this:*

(1) The solubility method was rather laborious and the 

glass electrode method, though much quicker, gave results of 

nearly the same accuracy which agreed well with those obtained 

by the former method (see p.tof).

(2) In connection with the study of polar effects, the 

acici-diseooiation constants of the amines were measured by 

glass electrode, and it was felt that comparisons between 

these results and values for silver aramine stabilities #ould 

be more applicable if both sets of data had been measured by 

the same method*

In a constant ionic strength of 0.10 which was always 

0*10 U with respect to nitrate ion, the acid dissociation



constants and stability constants with silver were measured

for the following amines at 25°C,

HHy pyridine, .-piooline, 3-picoline, U-iicoline, 2s6~lutidine<

In addition, the dissociation constant of 2:U:6-collidine

was measured, but because it was only slightly miscible with

water, it was impossible to determine the stability of its

complexes with silver ion*

From the theory of substitution in the benzene nucleus 

and from calculations such as those made by Coulaon and 

Longuet-Higgins (60) and by Dewar (61), the availability of 

electrons on the nitrogen atom, i.e. its polarity, is known 

to increase along the series:- 

ryridine ( 3-picollne ^2-picollne ~U-picoline 

lutidine

Amines form cr bonds with metal ions by donating the lone 

pair of electrons from the nitrogen ato^b, and from a 

consideration of the rolar effect, the stabilities of silver 

airmlnes should increase in the order:-

Fyridine ^ 3*picoline ^ U-Picoline

Silver is a relatively large cation (r « 1.26 A) and 

when 2-picoline forms a complex with it, there may be some 

repulsion between the 2-methyl group and the silver ion, 

thus causing a lowering of stability. When the second
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2-picoline molecule interacts with silver ion, there rnay also 

be a repulsion between the two 2-?nethyl groure in the complex.

If such steric factors obtain, then the order of 

stabilities will be

2-7 icoline ^ U-ricoline 

since polar factors are nearly equal*

It is impossible to predict what position in the order 

of stabilities 2;6-lutidine should occupy, since both polar 

attractions and steric repulsions are greater than for 

2-ricoline.

There are two further aspects of the stabilities of 

the silver airlines v*hich are of considerable interest. These 

are:-

1. The relationshir of K^ to K2«

2. The ratio of K^ and KAJf.

The Relationship of K to K.

Very few cases are mown where the successive stability 

constants for a complex system, K,, K2 » K* etc. do not decrease 

steadily. In many systems the regular decrease can be 

explained almost entirely on Btatistical grounds (3). The 

statistical calculation involves the assumption that the metal 

ion has n identical points of attachment for n successive
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ligand grout B. in actual practice, the attachment of even 

the first ligand grour to the metal ion must alter, though 

possibly to only a small extent, the distribution of both 

the electrons in the ion's outermost electronic shell, and the 

water molecules in the sheath of hy drat Ion, so that syrnmetry 

is reduced. Ho ever, large deviations from the statistically

predicted ratio ICA. , can indicate aprreciable changes
n «• 1)

in the electronic structure of the ion with successive attach­ 

ments of ligand groups. This point is further discussed in 

connection with complexes of l:10-phenanthroline (p. 133).

It has been known for some time that for ••> .t complexes 

of silver, log tU IB slightly smaller than log Kg, whereas

statistically, log (%/& } * log k * 0*60* (U). It has been

suggested that this is due to an sp orbital hybridisation (9), 

It is of interest to observe the effect of polar and steric 

factors uron the ratio K-

The Ratio of K-^ to

There is a similarity between the two reactions:*

A + H+ —— > AH* 

A «*• Ag* —— ±

There should be a correlation between the affinity of 

amlne for hydrogen, measured by RTpK,,,, &nd the affinity of
*i' 1 1 i.
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amine for silver ion, measured by jRT log

For silver amines 1U ~

So, ST log KI ~ £ HT Iogy62

Larsson (62) meaeured j3 2 for about twenty different 

silver amines in aqueous alcohol and found a rough correlation 

with basic strength,

Sritton and Williams (63) denied the existence of such 

a relationship

In 15&8t Bruehlman and Verhoek (59) determined stability 

constants of various silver ammines and using these and 

other dataf established that the ratio log /&£/ log KAH 

was constant In certain groups of amines. Their experimental 

results are shown in the gra. h op oslte. (fig. U. )•

It is of interest to determine whether regularities 

are aprarent in ratios of both heats and of entropies of 

formation for silver ammines and onium Ions.

Experimental Procedure. 

Apparatus,

The cell used was identical with that described on p. SO. 

apart from the following modification. It was necessary to 

use saturated potassium nitrate solution instead of saturated 

r otasslum chloride solution. A salt bridge of agar-agar-
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jelly containing KNC, was built, in the tube j?f (p. SO. ), 

which connects the calomel cell to the rest of the apparatus. 

The reservoir, A, contained saturated KNG* solution, which 

comrletely filled the capillary tubing from the agar-britige 

to the plug F,

Procedure.

The procedure was that of the standard pH tltration 

method, of which details are given on p. 1-9 . All measurements 

were made at 25°C. Amine solutions of strength ~ 1 M in 

0.10 li KNO* were run into the reaction cell from the micro- 

burette* In the determination of base constants, 25 ml* of 

standard 0*10 M nitric acid was placed in the cell* For 

stability constants* 2f> ml* of acld-netal solution was 

placed in the cell,

The concentration of metal-acid, solution for all amines 

was:-
m 0.02 M.

« 0.08 M.

In all solutions, the concentration of NOJ^ was constant 

m 0.10 N to keep the liquid junction potential as constant 

as possible (see • .53 ). The preparation of solutions is 

described on j;,m . Results for pH runs are given on rr. 200-5,
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The calculated formation curves, on which experimental 

points have been -plotted are shown opposite pr.*O7f 200,

The method of calculation of base constants was that 

described on r.~79 . Ste.bil5.ty constants were calculated 

by the "correction ter-n" method, (see r»8b ). Results are 

given in Table XX, - . »07.

Results.

The discussion of the results reroi'teu in Table XX 

will be deferred until action VI, j .

The results i'rom solubility fc.eaaurementa at 25° have 

been re? reduced here ? >i* comparison and are in good agreement 

with those obtained by the jH :etl^xi.

The stability constants from the solubility - ethod 

refer to solutions of very low ionic strength, which suggests 

that for silver air. \ines, K° veriee little *^th ionic strength; 

i.e. it irrirlies tlK-t the rauios:-

f * . f f* »+ . f»
r.g ,:' Snti A"A______Ajt "-

f

are effectively constant for ionic strengths of values up 

to 0.10 at least.
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TABLf

jie_3aee DiBBpciiation OonBtantB, andStebilitff Constants ,of

'liver Qomploxes^or some Amlno8__at 2$°C ,in 0.10 II JUtrate

Ligand pIL log KT log K-? log

^ononia 9.38 3.U8 3-78 7.26

Pyrldine 5.30 2.02 2.10 U.12

3-Picoline 5.7? 2.10 2.13 *4.23

2-Ficoline 6.05 2.30 2.22 iu52

n-Ticollne 6.09 2.2U 2.28

?.:f ~l\itidine 6.71 2.U9 2.43 

2:4:6-Collidlne 7

Solubility Method.

log Kx 1:- K2 log

Fyridine 2.02 2.07 4.08 

2:6-Lutldine 2.50 2.38 4.63

107
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3SCTIOK IV 

Seats of Formation of Complexes in Solution.

Very few heats of formation of complex ions have been 

reported in the literature, although the desirability of 

obtaining such information has been frequently remarked. In 

most discussions concerning the factors influencing the 

stabilities of a series of complexes, either heats of reaction 

have been assumed to be identical (23,37,6*1), or entropy 

changes have been supposed to be unimportant, (6). Again, 

arguments have been based upon enthairy data obtained by 

unreliable methods such as those examined in Sections I and 

II. (9»^3§37t53)* Only recently have direct calorimetric 

measurements been made of enthalpy changes in the formation 

of complexes in solution. (3&,U6,67,68).

By using solutions containing different concentrations 

of ligand and measuring the heat of interaction for each one 

with a solution of metal ion, it is possible to set up a 

series of simultaneous equations, from which, by using the 

successive stability constants for the system, individual 

heats of formation for each complex ion present can be 

calculated. This technique has been used by Staveley (U6) 

and Latimer (66)*



It was considered, however, of more interest to measure 

the overall heat of formation for ae many systems ae possible, 

rather than to measure the integral heats of formation for 

a small number of systems.

The results so obtained for the reaction of metal ion 

with a large excess of ligand are unambiguous in that they 

do not depend upon the Knowledge of independent stability 

constants*

All heat changes were measured in solutions of ionic 

strength, Xx * 0*10 at 23°C, and when combined *ith the 

free energies measured at the same temperature in solutions 

of the same ionic strength by the equation,

m AH* - AO* 
As » .... 6.

the entropy changes so calculated, although not thermodynamic 

quantities, are directly corsr arable.

The apparatus used for all the measurements was a 

twin micro-calorimeter. Concurrently, the construction of 

a similar twin calorimeter with only minor modifications, 

was undertaken, with the assistance of two other workers, 

(Messrs. J. Knight and D. Rut ley). Although construction 

of the second calorimeter has been completed, as yet no 

heats of formation have been measured with it and no account,
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other than that of the first calorimeter and the modifications 

made to it, will be given here. A detailed description of 

the twin micro-calorimeter hae been already published (22), 

and BO in the description of apparatus, minor constructional 

details will be omitted* So that small volumes of metal 

solution could be introduced into a large volume of amine 

solution, a glass hypodermic syringe, which was actuated by 

an external micrometer screw gauge was mounted in each 

vessel of the twin calorimeter.

In the present section, the apparatus will be 

described, the method of operation and calculation of results 

will be illustrated with reference to a tyrical run, and 

factors affecting the accuracy of the method will be 

discussed. Results obtained are given in Table XXH p.iM.

Apparatus.

In the drawing of the apparatus, given opposite p. \\\ , 

the syringes and their mountings have been omitted for the 

sake of clarity.
The twin calorimeter consists, effectively of two 

calorimeters, which are, as far as is practically possible, 

identical. Each calorimeter vessel is a Dewar flask, D.



T ke Twin Micto-CaUmmete*.
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Both vessels are supported from a common brass plate, from 

which they are separated by rubber gaskets. Tapped rods (R) 

project vertically below the tor rlate, and by means of t#o 

sliding padded base plates (R), upon which considerable force 

may be exerted by thumb screws, each Dewar is pressed against 

its gasket so that a pressure* and vacuum-tight seal is 

formed between it and the top plate* Inside each calorimeter
**

is a etirrer, (8), an electrical heater (H), a thermel (T), 

and a hypodermic syringe*

The stirrer rods and the rods for actuating the syringes 

pass through pressure- and vacuum-tight "Wilson seals'* (W), 

in the top plate* Solutions in the calorimeters come in 

contact with glass surfaces only* The whole apparatus is 

mounted in a water thermostat at 25° * 0.003°C.

The Dewar Vessels*

The flasks are of the silvered type, each of 300 ml. 

capacity and as nearly identical in heat capacity and in 

thermal leakage coefficient as could be made* The eame 

volume of solution was always used in the calorimeters. This 

volume, about 300 ml, was run in from a constant volume pipette

In one calorimeter, there is also a subsidiary thermel



ihcn each contained 300 ml. of water , the difference 

in heat capacities of the two calorimeters was round to be

The thermal leakage coefficients were found to be very 

email ( ~ 0*0006°/rain/°C) and differed by only 2£.

Thermels.

The main thermal, which indicates the temperature 

difference between the two calorimeters, is constructed of 

19 chromel-constantan junctions and one copper -const ant an 

junction so that no external thermal potentials are caused. 

The Junctions are pressed against the flat bottom of the thin 

glass sheath in which they are mounted, embedded in naphthalene, 

and insulated from one another by "Bafcelite" varnish. The 

copper output leads, (L) are joined through a resistance 

network to a photo-electric galvanometer amplifier similar 

to that described by Preston (69).

At full sensitivity, a difference in temperature of 

k x 10 °C between the two calorimeters causes a deflection 

of 1 mm. on the scale of the secondary galvanometer.

A secondary thermel of k chromel-constantan junctions 

is mounted in one of the calorimeters, for measuring the 

difference in temperature of the contents of the calorimeter



and the water of the thepmostat. It le connected directly 

to a galvanometer; a 1 mm. deflection is equivalent to a 

temperature difference of 0.001°C.

Sftippeps.

Eac** stippep le a thin rectangular sheet of Pypex 

glass, (an POX. 6 cm. x 3 cm.) fused to a thin glass tube. 

Just below the top plate, the glass tube IB joined to a 

stainless steel poa which passes through a "Vilson Seal", 

lubricated by sllicone grease. Both stipreps ape dpiven at 

the same speed ( ~ 150 P. p.m.) by flexible cables attached 

to the same shaft of a synchronous motor suitably geared down.

Heaters.

Each heater (value ~ 92 ohms) consists of UO gauge 

Eureka wipe, (which has a very small temperature coefficient 

of resistance) wouial upon a varnished copper fopmep, and 

inside a closely fitting, thin glass jacket. Both current (c) 

and potential (P) leads ape soldered to the coil. The 

resistances of the two heatepe differ by only 0.03^. Resis­ 

tances of the heaters were determined when the standard 

heating current was passing through them, by measuring the 

potential dpot across each, using a Tineley" vepnlep 

rotentiometep.
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Electrical Heating,

The heating current IB supplied by accumulators. It 

runs through a standard resistance ( /x/ 20u>) and a dum&y 

heater, which has the same resistance ae the heaters in 

the calorimeter to within 0.05^. The value of the current 

is kept constant by balancing the potential drop across the 

standard resistance against a western Cell. On switching 

the current from the dummy heater to either of the heaters 

In the calorimeter, a stop-watch is simultaneously actuated 

by an electrical relay* The stop-watch reads to O.OP sees. 

The arrangement is similar to that described by estrum 

and Robinson (70).

Hypodermic Syringes.

In place of the bulb holders and breakers used formerly, 

an "Agla" glass syringe was mounted in each calorimeter. 

The mode of attachment to the top plate (T) is illustrated 

in the diagram opposite p. n*.

The barrel (8) of the syringe Is clamped in the lower 

end of a brass tube (B), which is bolted to the top plate. 

A micrometer screw gauge (Bl) is clamped Into a brasstube (3) 

the lower end of which is clamred to the "Wilson" seal.



Syringe Nozzlep.

The glass nozzles (N) provided with the syringes were 

found to allow some diffusion to take place between the 

solution inside the syringe and that surrounding it. 

Accordingly the tips of the nozzles were drawn down to very 

fine jets, from which effectively no diffusion was shown to 

take place (by the use of very concentrated solutions of 

dyes).

The position of each syringe Is adjusted BO that when 

fully charged with react ant, the face of the piston is just 

below the level of solution in the Dewar vessel, ensuring 

that the whole contents of the syringe are at the same 

temperature as the solution in which reaction took place.

The Capacity of the SyringeB.

Each syringe delivers very nearly 0.5 ml. of solution. 

The movement of the screw gauge is 50 revolutions. For each

revolution there are 50 scale divisions. Thus one scale
•Ji 

division corresponds to a volume of 2 x 10^ ml. In all

experiments, additions corresponding to only U8 of the 50 

scale divisions were made. By filling the syringes with 

mercury and weighing the successive volume B delivered at 

scale readings of 12, 2Uf 3&» and UB units, the bores of 

the syringe barrels were found to be regular to the extent,



116

that no one aliquot differed in weight from any other by 
more than 1.5 parts in a thousand.

For the overall scale reading, 0 - k^ units, the weight 
delivered was found to toe reproducible to two parts in five 
thousand. The concentrations of solutions were known in 
terms of weight, see ppjTfc-^ and so it was not necessary to 
know the volumes, but only the weights of solution delivered 
by the syringes. A correction was applied because contents 
of syringes weighed at 2O°C (room temperature) were 0.1 
greater than the contents at 25°C (in the calorimeter).

Procedure.

The preparation of solutions and their analyses are 
described on pp»t75-7-

In the following account, the calorimeter in which reaction
•V

takes r lace is referred to as A, and the one containing 

solution without ligand as B.

Syringe A is filled with metal solution ( ~ 1 M), and 
its contents corresponding to US scale divisions are weighed 
accurately. Syringe B is also filled with the same metal

solution*
Ligand solution is run into A from the constant volume 

pipette. An equal volume of solution of background salt of 

equal concentration to that in A, is run into B. Both
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solutions are preheated to 2U*9°C before plaeing in the 
calorimeters. The calorimeters are screwed tightly into 
place against the top platea*

The apparatua ia immersed in the thermostat, the 
stirrers switched on, and using the electrical heaters and 
the subaidiary thermal, the calorimeters are brought to 
the seme temperature about O.OU°C below that of the bath 
temperature. For about one hour, the apparatua ia allowed 
to settle down* A linear drift in the temperature difference 
between the two calorimeters ia observed on the scale of 
the secondary galvanometer of the main thermel. The drift, 
whioh is mainly due to differences in heat a of stirring, ia 
between 0.1 and 0,5 cm/min. (k - 20° x 10 /rain.). Readings 
are taken every minute and the drift plotted. After about 
ten readings, the gauges on A and B are screwed down from 
scale reading 0 units to 12 units, and electrical heat 
switched into 3 to bring the two calorimeters to the same 
temperature. Drift readings are taken for the next ten or 
fifteen minutes. Usually reaction was rarid, and three
minutes after injection of reactant solution, the drift waa

one 
again linear. However,/reaction took about twenty minutes

to reach completion, (see r. ^7.), and BO drift readings were 

taken for forty minutes.



A further amount of electrical energy,(heating current 

switched on\about four seconders put Into B and a third 

set of drift readings plotted*

A typical trace is given opposite p.iao.

Three more sets of measurement e are made for re act ant 

injection from the syringes for screw gauge readings 12 to 

2kt 2k to 36* and 36 to 48.

At the end of the run, current is passed through the 

heaters wireiin series, and from the resultant small difference 

in temperature of the calorimeters the difference in heat 

capacities calculated. A correction for this difference is 

arpiled accordingly.

After stripping down the calorimeter, syringe A is
s

refilled with metal solution, and the contents (from 0 to U6) 

rewelghed. This is a precaution, taken to ensure that the
1

barrel of the syringe has not'altered in alignment since 

the commencement of the run*

To illustrate the procedure and calculation of results, 

details of a typical run are given below.
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The ffeat of Formation of Corper'-giB-jCthylenediuirine in 
Aqueous 0,10 M KCI Solution at 23°C,

Solutions Used*

300 ml. of 0.10 M KCI solution in calorimeter B. 
300 ml. of 0*05 « ethylenediamine in 0*10 M KCI solution 

in calorimeter A*
Syringes filled with a solution of copper perchlorate. 
Contents of syringe A at 20°C

before run » 0,5661 g*
t ^

Contents of syringe M at 20°C
after run * 0,5659 g*

Mean content » 0.5660 g*

3y electrolytic analysis, (see r

1 g. of copper soln. s 0.049^1 g. Cu = 7.833 x 10"4* g.ion,Cu2**'.

At 25°Cf syringe A delivers k.k$0 x 10"4* g.ion

Typical Trace

The trace is plotted opposite p.i£0 f from the 
following readings j~
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Time Pcale reading

0

1

2

3

4

5

6

7
8

cm.

2.00

1.61

1*23 

0.81 

0.4G 

0.01

o.ao
2*0-12 units of Cu eoln.

injected. 

49.58 eec. heating in B.

11

12

13

- 0.95
- 0.70
- 0.32
- 0.13

Time

rain.

15
16

17
lii

19
20

21

4.01 eec.

24

25
26

27

28

29

30

31

Scale reacting

Ci.i.

+ 0.51

+ ,92

4- 1.26

+ 1.69

4^ 2.11

4- 2.50

+ 2.91

heating in %

- 16,30

- 15.93
- 15.54
— Xb. 12

- 14.72

- 14.36
- 13.94
- 13.53
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Traoe

The plot is given in the graph oppoeitep.l2.O-

Between the 8th and 9th minutes* copper solution was 

injected from 0 * 12 divisions into calorimeters A and B*

The heating current was run into beater B for U9«5e eec. 

Between the 21et and 22nd minute heating current in B for 

U.01 eec.

It can be seen that at the time of reaction, slightly 

more heat was put into B than was generated in A*

U.01 sec* in B causes a temperature change of y cm. 

on scale.
^M> '

x cm. = / x U.01 sec. heating

Thus, heat generated in A= U9*5& * U»Q1 x 3.13 aec. heating
in B20* 

eec* heating in B.

It was found that, because there are only very small 

temperature changes in the calorimeters, the slopes of traces 

of fore period, after period and final period were usually 

very nearly equal and no difficulties were found in extra­ 

polation.
The second addition of heat to B, is, in effect, a 

calibration of the galvanometer scale in terms of heating time.



It was found that it was only necessary to calibrate once 
during a run.

For the four additions of copper solution in this 
experiment the heating times were:

48.96 sec*

49.12

49*06

49.09

Total 196.25

The heat capacity of A was found to be 0.21> less than B* 
Corrected total heating time « 195*63 sec.

1 sec, heating in B is known to give 0*05676 oal. 

Heat generated in A • 11*119 oal*
PA.All the Cu ion added has been converted into CuE 

(as can be calculated from stability constants)* 
Thus, the heat of formation of ;

4.430 x 10*4* g.ion CuSnj** « 11*119 oal. 
Heat of formation of *

CuBn|* - 2^,100 cal.g./ion.
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General Consideration?,

The heat produced by the dilution of the metal salt 

solution in A IB small compared with the heat of reaction* 

By performing a similar injection of metal salt solution in 

Bf the heate of dilution cancel out one another.

In one sense, each of the four additions of metal ion 

constitutes a separate experiment. However, it was felt that 

taking an average of the four results was not justified, 

since errors in analysis of the metal solution and in the 

measurement of the difference in heat capacities of the two 

calorimeters would affect each result in the same way and 

would not average out. Instead, the consistency of the 

four results was regarded as confirmation that complete 

complex-formation was talcing place in the reaction.

A second run was always rerformed with reaction in B, and 

compensation by electrical heating in A, Usually good agree­ 

ment between the two results was obtained. When the results 

differed by more than 0«3'» three* and in some cases, four 

runs were performed*

It was suggested that the use of syringes might cause 

heating effects resulting from the flow of solution through 

an extremely fine jet and from the movement of the piston* 

When a syringe-full of water was injected into a calorimeter 

containing 300 ml. of water, no observable alteration of
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the linear temperature drift was found, showing that no 

such heating effectB occurred.

Solutions Used,

All solutions used were made up in distilled water from 

which the carbon dioxide had been boiled out* The solutions 

injected from the syringes were of such concentrations that 

12 unit additions gave neat8 of reaction corresponding to 

electrical heating condensation times of about 30 seconds*

frletal Sulphate Solutions*

"AnalaR" sulphates of the divalent metals were used* 

However, it was found that when nickel and copper sulphate 

solutions were used* measured heats of formation with 

ethylenediamine were larger than expected and not reproducible. 

Solutions of CuSOj, and Hi SO, deteriorated vapidly, becoming 

cloudy within a few hours. These facts may be explained 

by postulating the formation of basic-salt type aggregates in 

aqueous solution, which give rise to a certain acidity, 

Perchlorates of nickel and copper were used, reproducible 

results were obtained and no rapid deterioration of the 

metal solutions took place.

All solutions were made up and analysed on the day on 

which they were used (see p. 115).
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Acid solutions*

Hydrochloric acid was used in all experiments upon the 
heats of neutralisation of amines. The preparation and 
standardisation of acid solutions are described on p. 173.

Araine solutions.

Heats of Mixing,

For the cine and cadmium complexes of ethylenediamine 
and for the methyl-pyridine complexes of silver, to ensure 
complete formation of the highest complex species, it was 
necessary to use a mine solutions of strength ~ 1 M*

It was first observed in the reaction of hydrogen ion 
with pyridine, that in solutions of pyridine of concentration

0.10 If, high results for the heat of reaction resulted* 
The extra heat produced was found to be due to the heat of 
mixing of water with the concentrated arnine solution. When 
a syringe-full of water was injected into 1 M pyridine 
solution, the heat produced was found to be 0*151 cal. For 
2:6*lutidine, the heat produced was 0.159 cal. When these 
heats were subtracted from the total heats measured in the 
interaction of hydrochloric acid with molar solutions of 
pyridine and 2s6~lutidine respectively, the heats of 
neutralisation so calculated agreed well with those measured 
in 0,10 M solution* In aralne solutions of concentration
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0.10 M and less, there is no measurable heat of interaction 
when water is injected from the syringes.

By making preliminary measurements of the heat changes 
caused by the interaction of molar solutions of the methyl- 
ryridines with water, corrections were calculated which were 
subtracted from the heats generated when aqueous solutions 
of silver ion were injected*

With 1.2 i{ ethylenediamine solution the heat produced 
by the injection of US units of water from a syringe was 
only O.OU6 eal. This correction was applied in the results 
for Sngn* and

Heat Capacity Kf foots.

When an amine solution of concentration ~ 1 M was 
placed in calorimeter A, it was found that the heat capacity 
of calorimeter A was ~ 1 v smaller than that of B. In such 
cases extra amine solution (about k ml. } was added to the 
contents of A to make its heat capacity approximately equal 

to that of B ( * 0.2£).

Slow Reactions.

After an injection of reaetant, by following carefully 
the arift of temperature difference between the two calori­ 

meters* it is possible to estimate at what time after
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injection the reaction is complete, i.e. when the drift 

becomes linear* The slow reactions found are given below 

in Table XXI.

TABLK XXI.

Complex formed. Appro*, time of complete
reaction (mln.)

Ag(2-rieoline)<! l*.0 - U.5

Ag(2:6~lutidine)£ 5.5 - 6.0

Hi(ethylenediaraine)|* 3.5 - U.O

Cu(l:3-diaminepropane)^ 17 - 19

24.Hi(l53-diaminopropane)£ 23 - 25

Decree of Format ion of Complexes.

The concentrations of amine solutions used in almost 

all oases gave complete complex formation. In the few 

cases where this was not true, a correction was applied, 

the assumption being made that the heat of overall formation, 

^H, « could be calculated to within 0.1' by the
1. . «B

relationship
AH m N. AH,

n 

provided n > 99.5? N.
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Nickel-(Is 3-diaminopropane),.

It was impossible to obtain sufficient supplies of 
1:3-dlaminopropane to make up a suitable solution ( > 1 
in which to find the heat of formation of Nl(Tn)«*, However, 
measurements in dilute solution showed that a slow reaction 
took place*

Results*

Measured heats of formation of the complex ions are 

given on the following pages and discussion of their 

significance will be deferred until Section VI.



TABLE XXII

Amine - flydrogen I pn Reactions at 25°C In Agueoue solution

of Ionic Strength 0.10.

Ion Formed

SnH+

2-Picoline

Background Amine -AH. oal./g.ion* 
Salt Concentration

0,10 8 KN0

0*10 K KC1

0.10 X KOI

Pyridine if 0.10 X XH0

0.10 n KH0

3-Pleoline if 0.10 H KKO

0.10 H KN0

2:6-Lutidine if 0.10 B

2tU:6*Colli- 0*10 K KH0
dine

0*10 M 

0.10 M 

0.10 M 

0.10 M 

0.10 M 

0*10 M 

0.10 M 

0*10 M 

0.10 M

12»U50 *

11* 9^0 *

12,6^0 * 1*0

5,090 ^ 20

6,330 * 20

6.000 + 20

6,300 ^ 20

7»U90 * 30

8,U90 * 30



1*0

TABLE XXIII

ilaat of Formation of mivur-^mdnw at 23°C in 0* 10 a

.Solution*

Ion Formed Araine - ^^ oal./g,lon
Concentration

0,20 M 13fi*80 * 50

Ag(pyrldine)* 1.0 1 11,810 * 50

Ag(2:picollne)2 1.0 M 11,120^50

Ag(3:picoline)* 1.0 M 11,820 * 50

: icoline)* 1.0 M 12,370^50

1.0 U 10,750 * 50
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IBL*. XXiV.

Heat.a of formation of the Divalen^ ,^etal Ammineg at 25°C

in 0,10 I KC1 Solution.

Ion Formed Araine - ( •£. of f ornsation)
Concentration

+ 0,05 M 25,080 * 80

|* 0*10 M 27,210 + 80

;* 1.20 M 15,520 * 50

;4 1.20 M 19,7UO * 80

Cu(Tn)^ 0.05 M 22,870 * 80
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SECTION V. 

Complexes of l;10«-Phenanthroline.

If the stability constants of complexes of divalent ions 
of the first transition series are plotted against atomic 
number of the central ionf there is a monotonic increase, to 
a maximum at copper* Irvlng and Williams, who first observed 
the relationship, have since shown (5) that for over sixty 
different complexlng agents there is a "natural order" of 
stabilities. It is

Mn < We < Co < Ni <* Cu > %n
Steric factors lead to an all-round lowering of stabilities 

but do not often cause deviations from the natural order (13).

Irregularities can be caused by "orbital stabilisation", 

( 9 ) and it is the anomalous behaviour of ferrous iron with 

large organic aromatic ligands which is considered here.

The successive stability constants of complexes of the 

divalent metal lone with 2:2'-dlpyrldyl and IjlO-phenanthrolirie 

have been measured in this laboratory (2k) by a partition 

method. The results for phenanthroline are given below in 

Table XXV*
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TABLE XXV.

Stability Constants of Complexes of l;10-rhenanthroline 

Measured at 25° in Aqueous Solution of Ionic Btren&th 0.10*

Mn2+ Fe2+ Co24 Hi2* Cu2+ Zn2+ Cd2* 

log K, 4.80 5.85 7.02 8.00 6.62 6-30 5.17
>. JL

log K2 4.10 5.30 6.70 6.00 6.57 5.65 4.83
i. •.

log K3 (5.40) 10.0 6.38 7.90 5.02 5.10 4.26 

Iogy63 14.30 21.15 20.10 23.90 20.41 17.05 14.26

The first stability constant, Kp is seen to fall in 

the natural order for all the elements* For the addition of 

the second ligand, oopper ie abnormal. The third constant, 

Ky and the overall constant, /3,, show abnormalities for 

both copper and iron.

With dipyridyl, the same abnormalities and the seme 

stability order is observed.

i.e. For ferrous iron, K*

and for A, Ni > Fe > Cu > Co > 2n > Cd > Mn

The abnormal behaviour of copper has beeen explained 

elsewhere (24) and will not be commented upon here.



the outer electronic structure of the ferrous ion 

3dUsn c
Magnetic susceptibility measurements show that the para* 

magnetism of the ferrous ion due to the four unpaired 3d 

electrons is not altered when colourless weak trie-complexes 

are formed with ligands such as ethylenediamine.

The ferrous tris-phenanthroline complex, which is an 

intense red colour, has been found to be diamagnetie (26). 

There can be little doubt that there has been an electronic

rearrangement, such that two 3d orbitals become vacant and
2 "5

are available for forming octahedral 3d UsUp bond of strong

"inner hybrid" type*

3d
• :i:i LJ

Ua
D

UP
MilPe i•'» ' « ' ' i ____

bonding orbitals.

Confirmation is provided by the resolution of ferrous 

tris-phenanthroline complexes into stable optically active 

antipodal forms (73).

The large increase in stability when the third ligand 

becomes attached to the ferrous ion, and the usual positions 

of K-, and K« in the natural order, strongly indicate that



hybridisation does not ooour until the attachment of the 

third ligand. This has been confirmed by reoent work of 

Basolo and Dwyer (72) who find that on heating the solid 

diamagnetie tris-co plox, one molecule of ligand may be 

eliminated; the bis-complex resulting is found to have the 

same paramagnetlsm as the free ferrous ion (5*2 B.fiS. )•

Magnetic susceptibility measurements on the trie-complexes

of the other transition metal-ions show that none of them
P * 

employs inner 3d iteitp bonding (27, 73)* Vosburgh and

Cooper (7k) have shown that the addition of completing

agent s , ammonia, ethyl enediamine and phenanthroline to
2* aqueous solutions of Ni ion causes only very slight

decreases in its paramagne tiara ( ^ 5>) $te to quenching of 

orbital components.
- 2+The ions, Zn and Cd , have full inner d-orbitals

n .
and like the transition metal ions (apart from Fe ), form 

bonding orbitals of the "outer hybridised" type,

2*The abnormal stability of Fe(phenan)^ is due to "inner 

orbital" stabilisation and this increase in bond strength

is expected to give a large heat of reaction.
o , 

The heat of formation of Fe(phenan), in aqueous solution

at 25°C and M » 0. 10, was measured by the calorimetric method 

described in Section IV.



For purposes of comparison, the heats of formation of 

the tris-phenanthroline complexes of Ni f Zn and Cd * 

were also measured under the same conditions* The results 

are given in Table XXVI, r.r57f and discussed on p. 15*U

Experimental.

The ligand solution (300 ml) contained phenanthroline, 

of concentration 0*01 M, which was 100:' in excess of that 

required for complete complex formation, when 0*5 ml. of 

metal solutions of strength ~ 0.5 M were injected*

For the ferrous solution, "AnalaR" grade sulphate was 

used, with the addition of a small amount of hydroxylamine 

hydroehloride. The solution remained clear for the duration 

of the experiment but precipitated ferric hydroxide on 

standing. Ionic background was provided by 0*02 II sodium 

acetate and 0*08 U potassium chloride. When using cadmium 

solutions, 0.08 M potassium nitrate was used instead of 

potassium chloride 9 since [cd(phenan),l Clg is only 

sparingly soluble*



Metal Ion - AH

2£, 970 t 

26t 800 * 100

* 100

19»300 * 100

/3T

TABLE XXVI

Heats of Formation of Tris-Pfrenanthpoline ^o:ir'Iexep at
25°C in an Ionic rtreix.r-tfr of Q»1Q.
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SECTION VI. 

Discussion

Although, In previous sections, solvent interaction 

has not been represented in equations for the formation of 

complex ions, it is a factor of primary importance in aqueous 

solutions. nevertheless, provided the activity of water 

remains constant, the relationships derived from the Bjerrum 

treatment of equilibria for successive complex species are 

still valid (7)* All types of solute species, whether ionic, 

or uncharged, are surrounded by a sheath of water molecules* 

Frank and Evans (53) have shown that the process of hy drat ion 

is similar in many ways to the freezing of a patch of water 

round each species in solution. This formation of micro­ 

scopic "icebergs 11 ie accompanied by an attendant decrease 

in heat content and entropy of the water molecules due to 

their lose of translational freedom, and, to some extent, 

restriction of rotation (llbration)* (75,76).

The equilibria to be discussed below are mainly those 

between ions and uncharged ligand molecules, for which the 

general reaction is representedj-

+ nL(yH20) —» W.^(3H20) + (x + j -



Exact values cannot be assigned to x, y and z. For 

a specific metal ion, different experimental methods of 

determining x, such as mobility, water transport, dialysis, 

etc. give results, which although of the order expected, are 

not completely concordant* (77).

It might be expected that entropies of solution of 

gaseous metal ions should give a direct measure of x* 

However, Prank and Evans (53) pointed out that although an 

ion may have an inner sphere of hydration containing a 

definite small number of water molecules, immediately outside 

this sphere will be a region of disorder, since the orien­ 

tation of water molecules about the ion is such that the 

ion-water entity cannot "fit" into the tetrahedra of water 

molecules which characterise the structure of water at room 

temperature (7St79)»

For uncharged bodies, Frank and Evans have shown that 

entropies of solution are not directly related to polarity 

of the molecules but are closely related to their sizes.

Monatomic ions have entropies of solution of about the 

same value as unc arged bodies of the same size. However, 

because ion-water bonds are far stronger than water-water 

interactions, the heats of solution of monatomic ions are 

between seven and ten times as large as those of uncharged 

bodies of the same size*



In reset tone In aqueous solution, the enthalpy and 

entropy ehangae due to the "melting*1 and "freezing" of the 

sheathe of hy drat ion around the i&teraoting particles 

obscure those due to the forroation of aetal-ligand bonds.

Ligand molecules, when forming complexes in aqueous 

solution, displace water molecules from metal lone, i.e. 

the ratchee of froeen water surrounding the ions are "melted", 

A heat of format Ion, measured in aqueous solution will be 

the difference between two terms, via. the heat produced 

in the fon&ation of metal-ligand bonds and the heat required 

to "melt" the water in the ion'® sphere of hydration. 

Hntrory changes also will be differences between two terms; 

vi-?. the entropy lost by the ligand grouts and metal ion 

on completing and the entrory gained by the system due to 

the setting free of water molecules.

The free energy for formation is given by the usual 

thermodynamic relationship between heat and entro y:-

- AF • -AH + TAB

A highly hydra ted ion may have a small heat of complex 

formation (*AH) with a ligand because of the large amount 

of energy required to destroy the ion's hy drat ion sheath. 

However* this liberation of water molecules will result in 

a large positive entropy, so that the free energy of 

formation may yet be large*



HI

Another ion, with little hy drat ion, may have large heats 
of formation with L, but AS will be small, or negative, 

and the free energy of formation not large. This "compen­ 

sation effect", where, in aqueous solution, a small heat of 

reaction due to high hy drat ion of the metal ion is balanced 

by a relatively large entropy of formation, is illustrated 

by the reactions of ethylenediamine with Hi , Zn and Cd .

The following values, given in Table XXVII, were found 
for the formation of tris-ethylenediamine complexes at 25°C.

TABLE XXVII

The Formation of Tris-Sthylenediamjne Complexes at 2g°C in 

Aqueous Solution of Ionic Strffi&th, Q,13t [ci~] « 0.10,

Metal Ion - AF - AH As
K. eal./g. ion K. eal./g. ion cal./g. ion/^C.

23. k
16.3
14.7

27.2

13.5
19.7

- 12.7
+ 2.6
- 16.9

YQtaimlrekii (60) has calculated the heate of formation 

of tris*ethylenediamine complexes in the gaseous state. A 

parallel aerie® of values for the heate of hy drat ion of the 

gaseous metal ions (81) are also given in Table XXVIII below.
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Reactions; 9
X ' "(8)

2.

K. oal./fi-ion Fe Co Hi Cu Zn Od

- A Hx 342 372 363 372 323

1*68 1*97 507 507 U91

It can be seen that the re la tire affinity of metal ion for 
ligand, i.e. ability to form strong raetal-ligand bonds 
deoreasee in the orders-

Hi2* > Zn8* > Od2*

However, the heats of formation of the trls-ethylene- 
diaraine complexen in aqueous solution are in the order,

Hi2* > Cd2+ > Zn2+ 

2* 2*.The anomalous order of Cd and 2n is probably due to 
the following reason:-*

Zxf* ion is smaller than Cd * ion and has a larger patoh 
of "frozen" water associated with it (as shown by its more 
negative entropy of solution)



«•• (A) - AS,.. (91)

Zn2+ 0.72 - 25.1*5 

Cd2<f 0.96 - 14.60

On forming complexes, although Zn2* forms stronger metal-
2+ ligand bonds than Cd , more energy is required to destroy

the hy drat Ion sheath about Zn than that surrounding Cd ,
n.

BO that the resulting heat given out (-AH) for 2n(En)|

is smaller than for Cd(En)| ,

However, the destruction of the large hy drat ion sheath
g. O-

of %n causes Zn(Kn)t to have an entropy of complex
!?<*•formation about 20 e«u. more positive than that for Cd(£n)| .

The "compensation effect" is such that for the free 

energies of formation, the original order of affinities is 

restored
i.e. HI2* > Zn2* > Od2+

For the divalent ions of the transition-metals, it has 

been shown that for over sixty different ligands, the free 

energies of formation of complexes in aqueous solution fall 

into a "natural order" (see P.I^.) (5).

Mn < Fe < Co < Hi < Cu > Zn.

This is the order expected from consideration of bond-forming 

power such as heats of hy drat ion and ionisation potentials



of the gaseous metal ions. Ho complete aeries of heats of 

formation in solution for the complexes of the metals in the 
"natural order" with the same ligand are known. However, it 

is very doubtful whether any regular order would be observed. 

Even for two such closely related ligand groups as ethylene- 

dlaxnine and l:3~diaminopropane, irregularities appear* 

From the data given in Table XXXIII, p.157, it can be seen 

that when free energies of formation for the complexes of 

both En and Tn are compared, the natural order is followed:-

vis. Cu2* > Jfi 2*

When heats of formation are compared:-

for Tn, Cu2* > Hi2*

but for Sn, Hi2* > Cu2*

Again, the effect of hy drat Ion is to obscure one of the 
fundamental aspects of complex formation. Recognising the 
important, and often complex role played by hy drat ion, some 
consideration will now be given to the systems which have 
been investigated*

Silver Amines*

From first principles, it is obvious that one of the 
principal factors governing the strength of a metal-ligand 
bond is the availability of electrons at the donor atom, 
i.e. the negative polarity of the donor atom.



Basicities of Amines.

The polarity of nitrogen atom in an amine is often 

conveniently measured by the free energy of dissociation of 

the conjugate acid in aqueous solution* In some cases, 

hydration effects cause the observed result to be far diff­ 

erent from that expected from an assessment of polar factors. 

One of the most familiar examples ie the unexpectedly weak 

basicity of tertiary amines, compared with the basicity of 

primary and secondary amines* Brown has suggested that this 

ie due to a Back- Effect, (100), i.e. to the steric repulsion 

which occurs when, in consequence of onium ion formation, 

the groups at the back of the amine molecule are forced 

closer together* Brown has also stated, (101), "the ability 

of hindered amines to react with aqueous acids is not 

noticeably affected because of the low steric requirements 

of the proton1*. Bell, (65), however, has shown that in 

non-polar solvents the expected order of basicities applies,

** c ' Primary ( Secondary ^ Tertiary

It thus appears that Brown's explanation is not valid, 

since the Back-Effect should apply equally to non-aqueous 

solutions*





Davies and Hetaer (102) have demonstrated that the 

basic strengths of some baser, in aqueous solution, which 

are lower than expected from a consideration of the polarity 

of the nitrogen atom, are explicable in terms of eteric 

hindrance of the hydrated hydrogen ion which they suggest 

exists in water as

H

*o — H —
/

from the infra-red evidence of Rode bush (103).

This ionic entity might be expected to be subject to 

some Bteric interference from 2-methyl groups in pyridlne 

derivatives, and the slightly lower basicity of 2-picoline 
when compared with U-picoline may be attributed to this 

effect,
(The stabilisation of onium ions by hydrogen bonding 

suggested by Trotman-Dickenson (62,63) cannot cause anomalous 

basicities in a series of closely related series of amines 

such as the ryridines, where it is found that the correlation 

between the polarity of the nitrogen atom and the free 

energy of association #ith hydrogen ion in aqueous solution 

is most marked. } The mono tonic increase in polarity with 

substitution of methyl groups (in either the 2- or the im­ 

position) is sho#n in the surprisingly regular plot orrosite. 

Results for the amines are given in Table XXIX.
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T.AHLK XXIX

The Format Ion of Conjugate Acids (Qnium Ions] of Bases at 25°C 
in Aqueous Solutions of Ionic strength 0.1Q. [ IK)I ] « 0. 10 K.

Reaction: -

XH2°

Base log KAH - 4 P . -AH4wil A ^^^* »* ^^^ **fr -^

K.cal./g.ion K.oal./g.ion cal./g.ioi/T3.

Ammonia

T^yridine
2-Picoline

3*Picoline

U-Picoline
2:6-Lutidine
2:U:6-Collidine 7.U1

9.38

5.30
6.05
5.72
6.09
6.71
7.U1

12.700

7.22

6.2U

7.80

6.30

9.15

10.01

12. U5

5.09
6.33
6.01
6.30

7.U9
8.U8

+ 0.8

+ 7.1
+ 6.4
+ 5.9
* 6.7
^ 5.5
4 5.1

Data for acid dissociation constants in close agreement 
with the above have been published recently by Gero and 
^arkham (18) and toy Herlntgton (19). ReferenceB to earlier 
and less reliable data are given by Golurnbic ana Orchin (20). 
Entropy changes are email and of such a sign as to favour 
the reaction leading to the attachment of basic ligand to 
proton, see p.74 f and with the variations in - A P from



Stabilities of Silxiev

ftase

5-0

Z:6-Lut.

I
4-6

4-4

4-Pic. r?) 2-Pi1C.

5-3 S-S 6-0



reaction to reaction, there are closely corresponding 
variations in -^H« The slight differences in the entropy 
changes are probably due to the fact that each methyl-pyridine 
in the series has a different shape, and so will have a 
different "fit" into the structure of water from each of its 
neighbours. Ammonium ion has the most negative entropy of 
formation probably because it is a smaller ion than any other 
in the table.

The Ratio of pKA« to log /3 2*

The plot of pKAH against logyS2 (shown opposite p. 1 43.) is 
a straight line for the silver complexes of the pyridines,
p. I(H> The monotonic "increase in polarity of the nitrogen 
atom per methyl group is accompanied by a proportional 
increase of stability in each silver-ammine. If there were 
any appreciable steric hindrance from 2-methyl group inter­ 
actions, the resultant decreases In Iogy82 for Ag(2:picoline)2 
and Ag(2:6-lutidine) 2 would c8Use the points for these 
complexes in the graph opposite to be well below the line 
drawn. For the overall complex formation reactions, the 
following results were obtained. Table XXX.



TAILS

Fgrtrat 1 on ...of ̂ i ly€r_ TAiminee at £5°C |n _Ag^eouB Solutiori of

Ionic ^trenih 0.10. iio 1 « 0.10

Reaction:-

Amine ~ A F - A H
K.oal./g.ion K.oal./g.ion

Afoaonia 9.90 13. US ~ 12.0

ryrldin* 5«6l 11.81 - 20. d

c^-Ticoline 6.16 11.12 - 16.6

3-Plcoline 5.77 11.82 - 20.3

U-rieoline 6.16 12.37 - 20.6

2:6-Lutidine 6.70 10,75 - 13*6

The large negative entropies which oppose the formation 

of the silver amminee, are probably due to two complementary 

factors,

(1) Silver ion i» not highly hydrated (91);

(2) Translation®! and possibly some rotational entrory 

are lost by the llgand groups on oomrlexlng with silver ion.

; nmonle has a much smaller molecular weight than pyridlre 

BO losses of translational entroiy »ill be Braaller in the 

formation of Ag(WH»)t than in the formation of A£>(p;/r)t
j c» ^
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Pyridine, 3-picoline and U-pieoline, on forming complexes 

with silver ion may be expected tc lose almost equal amounts 

of entropy due to the restriction of freedom of raovenient. 

All three will be expected to alter the hy drat ion sheath of 

the silver ion to the same extent. The results in Table XXX, 

show that, as anticipated, the entropies of formation of 

complexes of silver ion with these amines are virtually 

identical ( ~ - 21 e.u.) The silver ammine of 2-picoline 

has a more positive entropy of formation, ( *>/ - 16,5 e.u.) 

than those of pyridine and the other picolines. This may be 

attributed to the interactions of the two 2-methyl groups 

with the hy drat ion sheath of the silver ion. The steric 

effect of these groups will be to displace water molecules 

from the silver ion, and this freeing of solvent particles 

will result in a positive contribution to the entropy of 

formation of the complex. With 2j6-lutidirie, a larger dis­ 

placement of water molecules will occur, causing a yet more 

positive entropy contribution, which is indeed observed 

(AS ~ - 13-5 e.u.).

The polarities of the amines (Table XX) increase in the

order

pyridine ( 3-picoline ^ 2-picoline ** U-picoline <^2:6-lutidine. 

and the strengths of metal-ligand bonds presumably increase 

in this order. For pyridine, 3-picoline, and U-picoline the



increase is reflected in the heats of formation of the 
ammlnes (although the value of ~ A H for the complex of 
3-r-icoline seerae somewhat low. )

The greater interactions of 2-picoline and 2:6-lutidine 
with the hy Oration sheath of the silver ion, cause a greater 
"melting** of solvent, so that resultant heats of formation 
are smaller than those of the other ammlnes. However, by 
the "compensation effect** (p*l4l. ) the free energies of 
formation of the amine complexes increase in the order expected 
from the order of bond-strengths anticipated from the 
increasing polarities of the donor atoms*

The Relationship of K to JC-

The faet that K^ ~ Kg has been suggested to be due to 
the hybridisation of the orbit ale of silver ion to linear 
sp type and the formation of O~ covalent type bonds with 
the amines (see p. 103).

In two recent papers, (65,36), the distinction has been 
drawn between two types of polarity of the nitrogen atom,

(1) The pclarity as measured by the energy of associa­ 
tion with hydrogen ion - i.e. in the formation of a covalent
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bond. This is the sense in which the word polarity has been 

used in the previous discussion*

(2) The polarity as measured by the ability of the 

nitrogen atom to enter into hydrogen bonding » largely an 

electrostatic attraction (68). This ability is measured by 

the change in the 0-D stretching frequency when amines are 

associated with deutero-methyl alcohol and also by the heat 

of interaction of amines with chloroform in non-aqaeous media,

(69).

It is found that a primary amlne and a pyridine which 

have similar polarities of type (2), have widely different 

polarities of type (1). Ift for a series of pyridines 

and primary aliphatic amines, pK^fi (polarity type (1)) is 

plotted against either 0-D frequency shift, or heat of 

interaction with chloroform, (polarity type (2)J^ a graph 

such as that shown diagramatically in fig. 7. results.

T



I S3

The position of the ryridine bases relative to the 
aliphatic amines has been attributed to the fact that the 
lone pair of electrons on the nitrogen in pyridine nuclei 
contributes to the stabilisation of the ring by resonance, 
and on forming a o ova lent bond by accepting a proton, some 
of the resonance energy of the ring is lost, resulting in 
a lowered value of pKA^ (87).

In the grarh opposite p. 104-, it was shown that for both 
primary amines and pyridines, the plot of log fi 2 against 
pKAH wae a sln£le straight line* which shows that in bonding 
of amine to silver Ion, polarity of type (1) is displayed 
by the nitrogen atom* This is strong indication that amine- 
silver bonds are covalent in character, and further evidence 
for the postulated sp hybridisation of the orbitals of the 
silver ion*

In table XXX, p.iiq, it can be seen that for the 
complexes of silver with 2-picoline and 2:6-lutidine, K2 is 
slightly smaller than KI. This ma ' be indicative of slight 
intermolecular repulsion between 2-raethyl groups. 
Alternatively interactions of the methyl groups with the 
hydration sheath of the silver ion may account for this 

small effect.
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Five* and Six-Member

The results obtained for the dissociation of the conjugate 
acids of othylenediamine and Is3-diamlnopropane are given below 
in Table XXXI.

TABLE XXXI

Reactions:
(1) Mf —— » A + H+ 

(a) AH^* —— > AH* + if

lUeal./g.ion. cal./g-lon/°C.

In 10*00 7.12 13. 6k 9.70 11.94 10. 9U* - 5.6 4-4.1 

Tn 10.63 8.76 14.50 11.94 12.64 ~ 6.2

* staveley (46)

From these figures^ it is apparent that l:3~diaiainopropane is 
a stronger base than ethylenediandne, and that its nit rage n 
atoms, being more polar, should form stronger metal-emlne bonds.

However, stability measurements (Table XXXII) show that 
it is ethylenediamine which forms the more stable complexes.
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TABLg XXXII

Reaction log K^ log Kg

Cu and En 
Cu and Tn 
HI and Kn 
Ni and Tn

log log R

10.37

9.66

7.32

6.26

6.67

7.17

6.06

U.15

3.93

1.13

19. 2k

16.62

17.31

11. 5U

Chelatioii by ethylenediamine forms a five-member ring, whereas 

ohelates of l:3~diaminopropane are six-member rings, eee 

figs.8, and *}, opposite p.151.

The relatively lower stability of six-member ring 

ehelates compared with five-member ring ehelates is a 

general phenomenon which has been observed in complexes of 

diaraines, amino-acids, dicarboxylio acids, diketonee, 

dioximes, salicylaldehyde derivatives ana complex ones. An 

extensive survey of the data has been made by H. Irving (99).

An explanation of this stability difference between 

five- and six-member ring complexes has been put forward by 

Schwarzenbach (23). The theory ie based on what would 

appear to be unreliable data found by the variation of stability 

constants with temperature. The extra stability of five- 

member rings is attributed completely to a more positive 

entropy of formation. The less positive entrory of foriaation



of six-member rings is calculated statistically from the 

premise that when a bidentate llgand containing a five atom 

chain IB Joined by one end to a metal ion, its other end 

will have a smaller probability of chelating by forming a 

second metal-ligand bond than will a ligand haying only a four 

atom chain which is also joined by one end to the metal ion. 

"Teats of coordination are assumed to be the same for all 

metals and for rings of all sizes, and althour i some of the 

inferences of the theory are untenable in the light of recent 

experimental evidence, the lower stability of six-member 

ohelate complexes compared with five-member one late complexes 

is usually attributed to the entropy effect in contemporary 

discussion*

It is not proposed to criticise this theory in detail 

but merely to make the following observations:-

(1) For the diamine complexes of copper, and nickel it 

has been found that differences in stability are principally 

due to heat terms and not to differences in entropy changes 

of formation,

(2) In heat and entropy terms for complex formation in 

aqueous solution, hydration effects may not be ignored 

completely.
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TABLE XXXIII

Reactions:
2*CM ^

tn 2* H1 {.«) H

K2A(aq> ->

" 3A(aq) ->

-,, . 2* 011 A2(aq)

u< . 2* M1 A3(a«)

Copper 
-AF -AH

Sn 26.2 25.1 

Tn 22.9 22.9

K. cal./g.ion

Nickel 

TA8 -AF -AH

(En-Tn) 
Diff.

3.3 2.3 1.1 7.7 5.9

Bjernan (38)

H2°

H2°

TAB

1.1
0

23. k 

15-7

27.2 

21.3*

- 3.6 

- 5.6

- 1.8

The importance of the heat term and the smaller signifi­ 

cance of the entropy term is apparent.

An explanation of limited application has been put forward 

for the copper complexes (39). Cttpric copper forms square 

rlanar d BP hybrid bonds (108). From geometrical considera­ 

tions, there is a probability of steric hindrance between the 

hydrogen atoms on neighbouring nitrogen atoms in the six- er: ber 

ring complex. This probability is absent in the five-memher 

ring chelate. The photographs of molecular models opposite 

illustrate this argument,



Sterlc hindrance between the, six-member rings, with 

consequential weakening or the raetal ligand bonds, accounts 

satisfactorily for the results obtained for the ouprie- 

complexes of the diamines.

However, for tetrahedral comiplexee, and for ligands which 

have no hydrogen atoms attached to the donor atoms, the theory 

is not applicable*

Heither theory is satisfactory in explaining the lower 

stabilities of six-member rings compared with five-member 

rings which have been observed for a large number of ohelate 

complexes. Until many more heats and entropies of formation 

have been measured, it will not be possible to suggest a 

general explanation of these phenomena, nor to substantiate it, 

Many factors must be taken into account, not the leant of 

which is the statistical effect emphasized by Schwar^jsenbaoh. 

Although it is dangerous to draw inferences from ratos of 

formation of complexes (65), the slow rates of formation of 

Cu Tnf* 4* Hi Tii?*, p»ia7, indicate that the attachment of 

the second nitrogen atom of l:3-dlan.j.nopropane to the metal 

ion occurs only after a certain interval of time, as might 

be expected from the statistical considerations of 

Sohwar^zenbach.

/ factor which may be of importance but which does not 

seem to have been recognised, is that the six-member ring is



buckled and in constant transition* between the "chair" and 

"boat" form, whereas the five-member rings are nearly planar 

and only slight buckling may take place.

The restriction of movement in five-member rings would 

cause a release of heat energy* There would also be a loss 

of entropy for the same reason. Six-member rings, haying far 

leas restricted motion, would lose correspondingly less heat 

energy, and less entropy. The entropy loss on forming a six- 

member ring will be Increased by the statistical effect, and 

by the fact that the llgand groups, being heavier than those 

forming five-member rings9 will lose more translation*! 

entropy. The total effect of the "buckling" factor should be 

to increase the relative stability of the five-member ring.

HydratIon effects such as the loss of water molecules from 

around the donor groups and the "fit 1* of the complex ion into 

the structure of water cannot be assessed and no tentative 

hypotheses will be put forward.

Complexes of If^O-Phenanthroline.

If the standard entropies of solution of metal lone, 

are added to the entropy changes of formation of their 

complexes with a given llgand in aqueous solution, then the

No raoemates have ever been found for these 
ohelatea*
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values resulting, although not standard entropies of the 
complexes formed, will all differ from the standard values 
by the same amount. The difference will be the standard 
entropy of the ligand. The apparent standard entropies are 
designated by 5" in Table XXXIV. Figures for 5jj are those 
given by Latimer (90,91). However, for Hi2*, the most 
probable figure in the literature (none is given by Latimer) 
is the one given by Barvinok (92), and this is the one used.

TA3LE XXXIY
- AF - AH * AS _^ §2 5

Metal K«cal./g, ion K.eal«/g. ion oal./g. ion/w

- 27.1 ~ 30.9

- 29.3 - 10.0

- 25.5 - 13.0

- 1U.6 - 13.9

28.83

32.56

23.23

19.50

29. 97

26.80

19.47

19.30

- 3.e
19.3

12.5

0.7

Although the central metal ions have slightly differing 
ionic radii, because of the large sixe of the phenanthroline 
molecules, the tris-phenanthroline complex ions have 
effectively identical radii. The complexes bear identical 
charges and should have very similar standard entropies.



The complexes of Hi 2*, £n2* and Cd2*, do have the same values 
of 5 within limits of experimental error. The significantly 
more negative value of 5 for the ferrous complex is most 
probably due to ItJbeing more highly hydrated. This would 
occur if the ferrous complex had a higher distribution of 
positive charge upon Its periphery. From considerations of 
rates of racemleatlon In various salt solutions and from 
studies of redox potentials (93), it has been suggested that 
considerable fractions of charges borne by complexes of 
rhenanthroline are distributed over their outer surfaces. 

Because the metal-ligand bonds in the ferrous complex
o z

are of "inner*9 3d kakj type, it will be expected to have a 
higher charge distribution upon its periphery than those of 
complexes with "outer" Us4p^Ud bonds far the following 
reasons:~

(1) 3y the Pauling principle of electroneutrality of 
the central ion (96), because of the highly covalent nature 
of "inner orbital" bonds (&*) f practically the whole charge 
of the central ion will be spread over the periphery of the 
complex, whereas for the "outer orbital" bonds, which are 
more ionic in character, only partial neutralisation of the 

central ion takes place*
(2) in complexes in which Ud orbitals are used for 

bonding, the region of overlap is not equidistant between the



donor atom and the metal ion out relatively closer to the 

ligand (9k). In "outer" complexes, the lone pair electrons 

will be displaced smaller distancen from the nitrogen atoms 

than in "Inner" complexes, so that there will be smaller
»

residual positive charges on the ligand groups in the complexes 
using UaUp\d bonding.

(3) Nyholm has shown that come double bonding takes 
place between transition metal ions and aromatic Uganda

i

containing nitrogen atoms. Besides the lone rair, cr type 

bond, there is also some TC bonding of d-^—prs type, 

in which the d-electrone of the metal ion are involved* It 

has been shown that the TX bond contribution to the bond 

strength increases along the series,

Fe < Co < Hi 

as the number of d-eleotroris of the central ion increases (95)*

In the TT bond, there IB a tendency for the electrons 

of the metal ion to be displaced towards the ligand so that 

the residual positive charge on the'ligand will be lowered. 

The effect will be least for the ferrous ion.

The first and second considerations are two different 

statements of fundamentally the same effect.

Prom these considerations the more negative entropy of 

the ferrous complex is readily accounted for.



Superficiallyt the high heat of formation of the ferrous 

complex may be attributed to the formation of strong "inner 

orbital* bonds. However, a considerable fraction of - AH 

probably results from the "freezing1* of water molecules round 

the complex ion. If it were possible to measure the heat of 

formation in a non-polar solvent, it is to be anticipated that 

although - A R would be smaller, A S would be more positive, 

so that by the "compensation effect", the stability of the 
ferrous complex would still be abnormally high.

Phenanthroline is a weak base (pK^ « 5*0) (2U) and yet 

it forms very stable complexes. Like the pyridinee, r.153 » 

its affinity for proton Is low, probably because with the 

removal of a lone pair of electrons from one of the nitrogen 

atoms into a c ova lent bond, some of the resonance energy of 

the phenanthrollne molecule ir lost. The stability of the 

complexes must be due to rapt la 1 double bonding. Several 

canonical structures may be drawn in which a nitrogen atom hes 

an unfilled 2p orbital and with which the 3d electrons of the 

central atom can Interact.
Thus the very factor which causes phenanthrollne to have 

a low basicity (Its high aromaticity), le that which enables 

it to form partial double bonds with transition metal ions. 

Kthylenedlamlne, which is strongly basic, is a fully saturated 

compound and cannot form H" bonds. Its complexes have lower 

stability than those of phenanthrollne.
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Rates of SacerrlBtttloE and Pi escalation of the Trle-Phenanthro-

Une CoRggexea of Hi and ?

Several papers have been pub 11 shed recently concerning 

rates of raeemlsatlon and dissociation of cora^lexes of 

l:10-phenanthrollne. The re finite for nlokeloue and ferrous 

lone are of especial interest in connection with tl e fresultr 

for heats and entrories of formation reported in Table JOQcIV.

For the ferrour tria-co^lex, the rate of z»acemi©&tion 

IB about ter times aa great as the rate of dissociation. 

Thua raeemlsation must proceed by an intramolecular mechanism 

in addition to the dissociation mechanism* It has been 

suggested, by Duvies and Dwyer (104) that the intramolecular 

rrocese coulu b« an axi ansion of the complex, such that the 

covalent 3d UsUr bonding is destroyed and a labile i ordeal ly- 

bonded aggregate is formed in which the ligand rr./a-c may 

easily rearrange before the complex returns to the non- 

activeted stable state.

It is Known that the dissociation of the first ligand
2* 2 ^group from Fe(phenan)t causes the destruction of the d SJT 

hybrid bonding (72), leaving a rather unstable bls»comrlex (2U) 

Daries (66, 10U) has suggested that the aotlvnted states for 

both dissociation and raoeadeation cannot be very disoimilar.

In the exyanslon of the ferrous trlB-cor-lex from an 

"inner" comtlex to a loose ionic aggregate, It :r^y be supposed
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that the oonjplex passes through a theoretical intermediate 
state, corresponding to an "outer" orbital type of complex. 
The process of activation inay be represented,

Fe(phenan)|* Sl > Fe(phenan)|* B2 > |W(rhenan)2*1

Bending 3<i2fcs4p3 81 Us%>3W2 S2 "ionic" Type

The measured energy and entropy of activation, &_» andire
respectively, will be given by?-

*

2*The racerrdsation of Hi(phenan)« proceeds solely by 
dissociation (105), but presumably the activated state is a 
loose ionic aggregate similar to the activated form of the 
ferrous complex.

Ki(phenan)|* B^ JNi(phenan)|'l'l 

4sJ*p3W2 S3 "ionic"

Reported values for energies and entropies of activation are 
given in Table XXXV,
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TABLE XXXV

j£- |_

The Energy (K ) and Ent ropy (8 .) of Activation of
*

Decomposition of Tpis~Phenanthroline Cocfelex Ions.

Ion Dissociation Ref, 

E* K.cal./g.lon S* cal./g.ion/°C.

32 * 0.5 28 + 2 (106) 

Hi2* 25 1 0,5 2^ 2

25 (107) 

RaoemiBation

Fe2* 29 * 2 21 t 7 (106)

31 (107)



For the ferrous complex, both the heate and entropies 

of activation of both raoemisation and dissociation are 

nearly equal and indicate that the two processes may be 

similar*

The theoretical intermediate "outer" complex of
2»

Fe(phenan), should have a standard entropy comparable to 

those of Zn(phenan)|*v Cd(phenan)**t and Ni(phenan)i*, 

i.e. § ~ -12 <Ma./g.ion/°C.

The entropy of activation of the "outer" ferrous complex, 

Slf is the difference in the standard entropies of the "inner" 

and "outer11 complexes. The standard entropy of the "inner" 

complex isf~ 31 cal./g.ion/°C. t so that*
^u

JL

The expansion of the "outer" ferrous complex to 

activated ionic state should be accompanied by an entropy 

change comparable with the entropy of activation of the 

nickel complex* whose stable form is an "outer orbital** state.

i.e. _fc *

From these considerations it is to be predicted that 

the difference in entropy of activation of the nickel and 

ferrous complexes, dS* f will be given by the following 

equations;-
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•* + S* ~ 8*

19 cal./g.ion/°C.

It is seen in Table XXXV, that within the limits of 
experimental error, the difference in the entropies of 
activation of the ferrous and nickel complex is ~ 20 oal./ 
g.ion/°C.

The conclusion may be drawn that the large entropy of 
activation of the ferrous tris-phenanthroline complex ion is 
due primarily to its abnormally high degree of hy drat ion. 
In addition, it ia to be eacpeoted that ZnCphenan)** *nd

2«Cd(phenan), , whieh have the same standard entropies as 
Kl(phenan)?* f in aqueous solution, will, like the last eomplex 
ion, have small entropies of activation.



SECTION VII 

Experimental 800tion*

Preparation of Materi.ajte* 

Amines.

All the bases used were supplied by Messrs. B.B.H. Ltd., 
and, with the exception of l:10~phenanthroline, were purified 
in the following manner.

The amine was refluxed over freshly ignited barium oxide 
for several hours and then distilled in an all-Pyrex apparatus 
through a short fractionating column. The middle fraction, 
boiling over a range of 0.3°0 was collected. Before the 
purification, air was displaced from the apparatus by 
flushing it out with nitrogen* Precautions were taken at 
all stages in the transfer of amine during the preparation of 
solutions to exclude atmospheric carb or dioxide.

Liquid bases were stored over KOH pellats in dark, 
tightly stoppered bottles, and distilled when required*

The boiling points of the amines are given in Table 
XXXVI. ijlO-pbenanthroline was rurified by recrystallisation.

Ammonia solutions were prepared by dilution of 
concentrated "AnalaJT grade anmonia solution with boiled out
distilled water. The concentrations were determined by 
titratlon against standard acid.
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TABLE XXX?I

Boiling PointB of Amines at a Pressure of...760

according to 3eilsteln.

Amlne B* pt.
°0.

Ethy lenedlamine 116.5 

1:3-Dlaminopropane 135 • 5 

Pypldlne 115.3 

2-Picoline 129.0 

3~Piooline 

U-Plcoline 

2s6*Lutidlne 

2:Us6-Collidine 171.0
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Amine Solutions.

After distillation, the purity of an amine was 

determined by dissolving a known weight in freshly boiled-out 

distilled water and titrating with standard hydrochloric 

acid (see r. »13).

Weighed quantities of amines were placed in standard 

flasks, together with calculated weights of the appropriate 

back-ground salt, made up to the standard.volume with boiled* 

out distilled water, and their molar concentratlone calculated 

from a knowledge of their previously determined percentage 

purities (in all cases > 9<3/).

The pH titration by which base dissociation constants 

were determined, p.4-<) 9 served as a cross-check on the 

concentration of amine solutions*

Vessels in which amine solutions were stored were 

protected from atmospheric C02 by "Sofnolite" guard tubes. 

Amine solutions were transferred from one vessel to another, 

by means of a continuous system of glass tubing through which 

nitrogen was blown so that any contact with the air was 

avoided.

Silver Salts. 
Silver Bromate.

One gram molecule of "AnalaR" grade potassium bromate 

was dissolved in three litres of distilled water in a Pyrex



beaker and heated to 60°C. The solution was transferred to 

a dark-room and continuously agitated by an electrical stirrer 

while one litre of molar "AnalaB* grade silver nitrate solution 

was slowly introduced drop by drop. Complete addition took 

almost two hours.

The fine white suspension of silver brornate so formed was

digested on a hot plate for twenty four hours. After standing,
was

the finely crystalline bromate/washed with distilled water by 

decantatlon several times. It was collected on a coarse 

&intered~glas& filter and washed with large quantities of 

distilled water. This washing, besides removing all potassium 

and nitrate Ions, also dissolved the smallest particles of 

solid present in the aggregate (known as "fines").

Silver lodate.

This was prepared in molar quantities by the same method 

as the bromate. (In this case silver nitrate solution was 

added to hot potassium lodate solution).

The precipitate still remained floeculent, and after 

digestion settled out very slowly. The silver iodate was 

collected on a fine glass filter, washed with distilled water, 

dissolved In the minimum volume of dilute ammonia solution and 

evaporated to dryness on a water bath In a dark room (21).



The plates of solid produced were broken up, washed in 

the same way as the broraate and kej t in a desiccator with 

the complete exclusion of light,

Solutions of Standard Aoid«

Approximately 0*1 K solutions of hydrochloric and nitric 

acids were prepared by dilution of the concentrated "AnalaR" 

grade solutions with bolled-out distilled water. They were 

standardised by titration against weighed Quantities of 

borax (sodium borate) whose preparation is described below. 

The indicator used was brom-eresol green. Results were 

reproducible to one part in a thousand and were identical 

with those obtained by titration against roasted sodium 

carbonate,

Borax (Sodium yefrraborafre Tetrahydrate).

"AnalaB" grade borax was r eery stall! sed from distilled 

water below 50°0. It was collected on a sintered glass filter 

and washed with distilled water, and placed In a desiccator 

over a solution saturated with sucrose and sodium chloride. 

Borax is practically non-hygroscopic and could be kept 

indefinitely in this nanfcer.



Buffer Solutions.

Borax prepared by the above method and "AnalaB" grade 

potassium hydrogen phthalate, potassium dihydrogen phosphate, 

dlsodium phosphate and potassium ehloride without further 

purification were dissolved in boiled-out distilled water to 

give solutions of the concentrations given in Table VI, p«57.

Metal Solutions for aH titrationa*

Solutions except those eontaining silver ion were 

prepared by dissolving weighed quantities of "AnalaR" 

sulphates of the metals, potassium ehloride and standard 

hydrochloric acid in distilled water so that all resulting 

solutions had the following composition:-

MSe^ « 0.005 g.mol./l.

HC1 « 0.0k g.mol./l.

KC1 * 0.06 g.mol./l. 

The following "AnalaK" grade salts were used.

Ou 86 , 5H20

Hi

Zn 

3Cd

The exact water content of each salt is not known so each salt 

was analysed before making up solutions. In some cases, check 

analyses of the concentration of metal ion in the prepared 

nolutions were performed.



Solutions of Silver Nitrate,

"AnalaR" grade silver nitrate has a specified purity 
of at least 99.9 ; this was confirmed by electrolytic 
analysis, p. 176* The silver solution was prepared by 
dissolving a weighed quantity of "AnalaR" grade silver nitrate 
and a volume of standard nitric aeld in boiled-out distilled 
water so that the composition of the resulting solution was,

Ag N03 * 0*02 If

H HO, « 0.06 M

Metal solutions for ualorifoetrlo Experiments,

The solutions used were of various concentrations between 
0*5 and 1.0 M. Ho back-ground salt was added and solutions 
were made up by dissolving weighed quantities of "AnalaR** 
grade sulphates, (whose exact cation content had been determined 
by standard analytical procedures) in known weights of boiled- 
cut distilled water* "AnalaK" grade silver nitrate was used 
for preparing solutions of silver ion. Bach solution was 
freshly prepared on the day on which it was used*

The reasons for using the perchlorates of copper and 
nickel instead of the sulphates have been given on p«)Z4 . 
Because of their great solubility and extreme hygroscopieity. 

the crystalline perchlorates were not prepared*
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Gopper Perohlorate

17 OP 18 ml. of 70"% "AnalaK" grade perchloric add were 

diluted to 50 ml., and excess "AnalaR" grade cuprlo oxide 

added. The mixture was warmed gently until neutral to litmus, 

The solution was filtered first through a filter-taper and 

secondly through a coarse einte red-glass filter, this latter 

to remove fine flbree of paper which could block the fine 

jets of the syringes. The resulting solution, diluted with 

boiled-out distilled water to a volume of 166 ml. was ^ 1 M, 

and was analysed by electrolysis (see below).

Perchlorate Slution*

No "Analafi" grade nickel oxide was available. Nickel 

nitrate was roasted, first gently and finally strongly to 

dull red heat. At higher temperatures, ( > 700°C) a grey 

form of the oxide is formed which i& insoluble in acids* The 

oxide was broken up and washed well with distilled water to 

remove any remaining nitrate ions* The oxide was dissolved, 

filtered and diluted as described above, although it was found 

necessary to boll the mixture for a few minutes to reach 

complete neutralisation*

Electrolytic Analysis.

The modern technique of eleetrodeposition provides a 

rapid and highly accurate method of analysis for solutions of
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metal ions. Complete deposition is achieved rapidly by using 

rotating platinum electrodes ( ~ TOO r.p.m.}, hot solutions 

and high electrolysing currents (5 - 10 amps.}

Weights of solutions from a weight burette were 

electrolysed with original type Band's electrodes under 

conditions which are fully described in the book by J. 3. Sand 

on gravimetric electrolytic analysis (17). From the measured 

weight of metal deposited on the cathode, the concentrations 

of solutions in terms of gram mole, per 1000 g* of solution 

were calculated* The period of electrolysis was between a 

quarter of an hour and half an hour. Analyses were found to
»,

be consistent to one part in two thousand and agreed very well 

with those by standard gravimetric procedures. For example, 

analyses of samples of a niekel solution by precipitation of 

the dimethyl glyoxime complex gave a result O.K lower than 

that obtained by electrolytic deposition.

When cadmium and zinc solutions were analysed, the cathode 

was first plated with copper to prevent any alloying of the 

platinum. In all cases, at the end of the analysis, exhaustion 

of the electrolyte solution was confirmed by addition of 

standard colorimetric reagents, or by increasing the depth 

of the electrolyte solution by addition of a little distilled 

water and looking for any dulling of the freshly irnnersed 

cathode surface.



In the following tablee of solubilities, the eolumn 

headings hare the following eignifioanoe.

0KNO

AgBr03 '

1*9*} 

[A ]

[AgAj]

pA

n

8

total concentration of potassium nitrate, 

total concentration of amine taken*

total concentration of silver bromate (or silver 

iodate) found by analysis of the saturated solution.

Concentration of free silver ions. 

Concentration of free amine molecules. 

Concentration of free Isl complex 

Concentration of free 1:2 complex.

Ionic strength. 
* log [A]

Degree of complex formation.

Calculated value of the first stability constant.

Calculated value of the overall stability constant. 

the solubility product.

All concentrations are given in g.rool. x 10^ per litre

or g«ion. x 1CT* per litre.
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Results of i>H Titrations.

The data obtained by glass electrode measuremente were 

somewhat extensive. A typical fully detailed table le given 

for the system Zn - En at 2$°C. Data have been condensed 

and reported in the standard manner employed in the literature 

I.e. experimentally determined values of n and pA have been 

tabulated and these values have been plotted on formation 

curves calculated by the "Difference Method", p. 8fo . The 

good agreement between the experimental points and the theor­ 

etical curves demonstrate the validity of method of 

calculation of stability constants employed. Some of the 

curves are presented in the relevant sections; the remainder 

are shown opposite the appropriate tables.



2+ System. %n - Ethylenedlamine.

Temperature 25°C. 

Contents of Oell.

25 ml. of Solution Zn 80^ . 0.005 M
HOI . 0.040 M 

KOI . 0*060 M 

Tltrant.
Ethylenedlandne solution, 0.704 M.

Range« 6.3 to 10.0.

P H CA 5A PA a 
g.moL x 10 /I.

6.33
6.53
6.63
6.72

6.80
6.88

6. S3
7.0,2

7*09

7.16
7.2U

2.222

2.3U5
2.kk6
2.575
2.690
2.787
2.884
2.967
3.092
3.202

3.332

1.8U7
1.803
1.760
1.715
1.675
1.635
1.597
1.557
1.516
1.U76
1.1*28

6.110
5.81*4
5.658

5.U73
5.329
5.186
5.063

U.943
4. 824
4.708
4.579

0.253
0.411
0.516
0.6m

0.614

0.900

0.996
1.093
1.187
1.276

1.375



2* "" (eont.

PH

7*31
7.38
7.44
7.53
7.60
7.68
7.95
8.15
8.42

8.69
8.92

9.10
9.29
9.42
9.53
9.64
9.74
9.88

9.94

CA
g.BtOl*X 102

3.439
3.551
3.641
3.771
3.869
3.974
4.284
4.476
4*706
4.962
5.317
5.690
6.357
6.871
7.607
8.413
9.310

11.222
12.07*

5A
A.

1.391
1.352
1.321
1.276
1.246
1.212
1.120
1.071
1.027
0.979
0.932
0.891

0.633
0.780
0.723
0.668
0.615
0. 524
0.490

PA

4.469
4.362
4.272
4*141
4.042

3.933
3.587
3.350
3.048
2.762

2.492

2.309

2.118

1.978
1.849
1.741
1.644
1.490
1.434

n

1.465
1.545
1.600
1.675
1.730
1.780
1.002
1.973
2.037
2.091
2.163
2.236
2.307
2.403

2.475
2.540
2.595
2.677
2.710



System. Cd «• Sthylenedlanilne

Temrerature
Contents of

,

Tltrant.
PH Bonfire.

n

0.070
0.166
0.244
0.456
0.623

0.744
t ,

0.883
1.118
1.265

1.545

25°C.
Cell

25 ml. of solution
Cd 80^ 0.005 M
fSl 0.040 M

KOI 0.060 M
Ethylenediamine solution, 1.153 M.
6.3 to 10.0.

PA

6.125

5.615
5.250

4.953
4.801
4.636

4.493
4.205
4.062
3.741

n

1.824
2.082
2.279
2.472
^.615

*

2.663
2.749
2.800

»

2.883

•

PA

3.364
•.

2.846
2.491
2.160

1.604

1.729
1.573
1.408

«

1.137



ne

Temperature 20 W 

Contents of Cell.

Titrant.

25 ml. of solution, Cu 80^ 0.005 M.
HC1 0.0395 M. 

KC1 0.0605 M. 

Ethylenddlaislne 8olutlonf 0.696 M.

PH Ran^e,

E

0.152
0.20U

0.313

0.367
0.1*22

0.1*81

0.536

0.593
0.650
0.762

0.878

3.& to 5.8.

pA

11.551
11. 189
10. 909
10.610

10.720

10. 629

10.539
10.^29

10.3U9
10.169

9.989

£

0.992

1.105
1.216
1.328
1.1*2

1.558
1. 666

1.776
1.876

1.955

SA

9.810
9.631
9.UU1
9.261
9.082
6.893
8.722

8.W5

8.071
7.623



Syetem. Cu** - Ethylenedlamine

25°0.

Titrant.
PH Range.

E

0.205
0.314
0.368
0.423

0.462

0.537
0.593
0.650

0.706
0.762

0.821

0.478

0.932

25 ml. of Solution,

Hthylenadiamine Solution

3.7 to 5*7

PA

11. 110

10.756

10.631
10.546
10.452
10^361
10.263
10.180
10.085

9.994
9.^93
9.814
9.712

n

0.991
1.046
1.107
1.156
1.216

1.327

1.440
1.555
1.660

1,766
1.652

1.931

Cu 80^ 0.005 M

BC1 0.0395 )
KC1 0.0605 i

, 0.696 M.
.

pA

9.635

9.534
9.460
9.362
9.271
9.100

f

8. 917
, **

S. 733
8.496
8.321

7.919
7.722



2*System* On - flthvlenedlainlne*

Temperature 30

Contefltg of cell.

°0.

25 na. of Solution Cu 80^ 0.005 M

HC1 0.0395 M

KC1 0.0605 M

Tltyant. Sthylenedlamine Solution

PH Range. 3.

n

0.206

0.315

0.369

0.1*24

0.462

0.536

0.594

0.650

0.706

0.762

0.621

0.676

0.932

6 to 5.

PA

10. 931

10.603

10.U60

10.371

10.260

10.1d6

10.091

10.010

9.910

9* 620

9.720

9.6UO

9.540

c.

n

0.990

1.045

1.100

1.160

1.217

1.326

1.436

1.553

1.654

1.760

1.636

1.914

, 0.696 K.

PA

9.460

9.360

9.290

9.191

9.100

8.936

6.752

6.574

8.392

6.156

7.766

7.215



£06*9 069*1
09*1 *£ 2t?g*T
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System. Ml - gtoylenealamlne

Temperature

Contents of

fltpant.
PH fiance.

n

0.202

0.349
0.421
0.492
0.570
0.648

0.793
0.938
1.072
1.208

1.330
1.451
1.565
1.667
1.759
1.836

20°C.
<W-

25 ml. of Solution

Kthylenediandne Solution,

5.3 to 8.5

PA

8.488
7.891
7.713

7*574
7.455
7. 336
7.139
6.942
6.746
6.571
6.396
6.223

6.070

5.918

5.749
5.600

n

1.906
1.968
2.013
2.061

2.108

2.138

2.170
2.213

2.302

2.432
2.555
2.644
2.725
2.823

2.880

HI 804

HC1

KC1

1.035

pA

5.453
5.308
5.166
5.044
4.923
4.605
4.706
4.617
4.452
4.300

4.112

3.905

3.711

3.515
3.237

0.00486 M

0.0392 M 

0.0606 M



2*

Temperature.
Contents of

Tltrant.
pH Range.

£

0.193
0.332
0.482

0.554
0.632
0.782
0.918

1.047
1.191
1.301

1.415
1.510

1.637
1.702

1. 793

25°C.
Cell.

25 ml. of

«L 80^
Solution

Ethylenedlamlne Solution
5.3 to 6.5

PA

8.225

7.768
7.426
7.301
7.194
6.996
6.610

6.623
6.460
6.285
6.112

5.960
5.820

5.750
5.603

n

1.854
1.927
1.975
2.034
2.066

2.110

2.135

2.181

2.258

2.361
2,451
2.550
2.651

2.773
2.851

HC1

KC1

, 1.035

PA

5.407
5.205
5.082

4.971
4.850

4.734
4.637
4.553
4.377
4.288

4.046
3.842

3.643

3.445
3.170

0.00486 M 

0.0392 M 

0.0608 M



- F/th/leneaiamine,

Ternterature

Contents of

Tltrant.
pR jRanize.

n

0.185
0.316
0.472
0.532
0.617
0.720
0.773
0.896
a. 022
1.174
1.273
1.380

1.470

1.6u4
1.646
1.743
1.804

30°C.
Cell.

25 ml. of Solution

Ethylenediaralne Solution,

5.3 to 8.5

PA

8.003

7.543
7.266
7.148
7.050
6.932
6.854
6.677
6.502
6.347
6.174
6.001
5.851
5.701

5.553
5.406
5.362

.

n

1.886
1.940
2.008
2.031
2.080

2.095
2.150
2.218

2.290

2.345
2.455
2.580
2.721

2.824

2.870

2.910

Ni 80^ 0.00466

HCI 0.0392

KC1 0.0608

1.035 M.

PA

5.110

4.999
4.896
4,776
4* 663

4.567
4.488
4.305
4.158
3.976
3.777
3.576

3.375
3.115
2.870
2.910



Tfemperature

Gontente of

Tit rant.

pH Range.

n

0.159

0.301

O.U39

0.506

0.577

0.752

0.863

0.988

1.078

1.210

1;292

1.U15

1;506

1.627

uo°c.
Cell.

25 ml. of Solution

••••»

Hi SO^

BQ1

KC1

Sthylenedlandne Solution, 1.035 M.

5.3 to 8.6.

pA

7i653

7; 236

7.000

6.882

6.76U

6.538

b.klk

6.21*0

6.086

5.93U

5.801

5.652

5.50U

5.357

n

1.691

1.821

1.905

1.985

2.079

2.115

2.228

2; 268

2.360

2;U85

2 . 600

2.728

2.832

pA

5.232

U.968

Ui731

**.536

i*.3U9

U;171

U.OU1

3.838

3.658

3.U50

3.252

3*008

2.752

O.OOU86 H

0.0392 « 

0.0608 fc



System, Gti - ls3-Dia:rdnoproFane.

Temperature 25°C.
Contents of

Tltrant.

pH Harare.

n

0.061
0.230
0.328

O.U21*

0.525
0.621*

0.723

0.622

0.917
1.012

— ^r -^ »

Cell.

25 ml. of Solution

Cu 80^

H31

KC1

Ij3-Diamlnopropane Solution, 0.5*

5.1 to 7.5.

PA

10.9U1*
10.223

9.986

9.605

9.626

9.UU6
9.266

9.01*7
8.727

8.1*08

n

1. 108

1.202

1 . 298

1.389
1.U76
1.570
1.667
1.71*8

1.830
1.902

pA

8.069

7. 770

7.550
7.351
7.172

6.993
6.81&
6.626

6.1*18

6.161

0.001*75 M 

O.OUO M 

0.060 M
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System*

Temperature 25°G.
Contents of Cell. Hi 80^ 0.001*92 II

25 ml. of Solution, fiCl O.Q¥> M

KC1 0.060 M

TUrant. 183-Dlarainopropane, 0.536 M« 
PH Range. 7.0 to 10,80.

n

0.186

0.266

0.3U6

0.1*29

0.507

0.590
0.671
0.807
0.936
1*032
1. 169
1.280

1.363
1.U97

pA '

6.969
6.731
6.552

6.37k
6.236
6.098
5.981
5.666

5.klk
5.106

U.78U
U.506

U.361
i*.l6l*

A

1.580

1.68U

1.793
1.61U
1.8U9
1.9UU
2.102
2.11*0

2.203

2.238

2.277

2.327

2. mo
2.1*60

pA

U.ooo
3.803

3.596
3.558
3.1*20

3.095
2.081
1.892
1. 768
1.661

1.539
1 . 1*23

1.292

1.190
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Sstem AM - Anmonla.

25°C«
ffoPt.ntB iff pell. Ag »03, 0.020

0.080

Tltyant, Ammonia Solution, 1.U50 

Range. 6,2 to 8*0

n
0,210

0.355
*

0.6U1
0.785
0,928
1.071
1.21U
1.355
1.U95
1.633
1,761
1.876
1.9UO

PA

U.27

U.07

3.9U
3.8U
3.75
3.66
3.58
3*50
3.U1
3.32
3.20
3-01
2.83
2.63



201

Syst enii AK* - ?y r i di ne.

Temperature 25UC.

Contents of Cell*
Ag

25 ml* of Solution

Titrant. Pyridlne Solution, 1.060 M*

f H Range.

n

0.161

0.312

O.U65
0.613

0.757
0.893
1.012

1.1U6
1,21*6

3.1 to 5.2.

PA

2.8i*

2.60

2.UU*

2.32
t

2.22

2.13

2.06

1.97
1.90

<•»n

1.337
1.1*29

1.503
1.619
1.663

1.732
1.770

1.795
1.856

pA

1.81*

1.78

1.72

1.60

1.55
1.1*8

!.¥>

1.33
1.25

0.020 M 

0.080 M
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201

System, Ag* ~J?-Plcollne.

Tenrrerature 25°C. 

Contents of Cell. Ag H03 0.020 M 
25 ml. of Solution Q

TItrant. 2-Flcollne Solutionf 0.9^7 M. 

Range. U.U to 5*9*

5

0.311

0.518

0.673

0.785
0.953
1.077
1/202

1.313
1.U08
1.1*83
1.553
1.621
1.697
1.781
1.836
1.885

PA

2.79
2.62

2.50

2.U1

2.31
2.21

2.13
2.05

1.98

1.90

1*83

1.76

1.65

1.55

1.U3
1.3U



203

System* Ag* ~ 3-Plcoline.

Temperature, 25°C.
Contents of Cell.

Titrant.

£H Range*

n

0.2UO

0*390

0.5&L

0*681

0.821*

0.955

1*079

1.190

1.297

25 ml.
Ag HO^ 0.020 M

of Solution,

3-Picoline Solution, 0.983

k.O to 5.6

pA

2*77

2.58

2.U5

2*33

2*21*

2.15

2*07

1.99

1.92

1

1.388

1.U61

1.535

1.625

1*665

1.735

1.781

1.818

1*81*1*

**

HK03 0.080 M

M*

pA

1.85

1.73

1.72

1.67

1.61

1.51

1.1*2

1.31

1*22



Temperature 25°0*
gontents of Cell.

25 ml. of solution

Tityant, U-Piooline Solution, 0.977 M.

pH Sange. U.3 to 5.9.

H

0.235
0.390
0.5^6
0.700

0.346

0. 981

1.117
1.240
1.350
1.442
1.530
1.600
1.668

1. 752
1.801
1.826
1.650

pA

2.92

2.71
2.57
2.47
2.36

2.27
2.19
2.11

2.03

1.96
1.89

1.62

1.74

1.65
1.55
1.42
1.33



205

25°C.

Contents of Cell. H03 0.030 M

25 ml- of solution

Tit rant. 2f6-tutldlne Solution, 0.92U

pH Han^e, U.6 to 5*6*

n PA

0.220 

0.380 

0.538 

0.6^5 

0.845 
0*988

1.125
1.256

1.375 
1.U88

3.25
2.99
2.82
2.70
2.58

2.U7
2.37
2.28

2.20

2.12

precipitation
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