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lji©.! acidity constantor 'mercury (l)

/ ’ ■■ i’ ’ ■■ „ - ' i ' i 1  ̂
has,? "been determined "by I’orsling, Iiietanen and Sillen as

J  5 + 0 * 3  ! :■ ■"'/? ■'
10 - at 25*0°C p.B{ing the titration method dfdcri’bed "by

3 5
Sillen , Iheir method requires a knowledge of the liquid 

function potential of the cell, which they*'obtained with a 

precision of four percent* j(

As the determination is critically influenced, 

hy the liquid junction potential of the cell,, the present work was 

undertaken to determine this valus vdth greater precision and 

hence obtain a "better value for th.6 acidity constant of mercury (i)

. Jhe liquid junction potential was determined 

to a precision of about one percent and the acidity constant found

J. -u H  0°12 - !j
to he 10 f  at 3 0»0° 0 »

Using the titration method an attempt was 

made to determine the §,cidity/constant for silTar long, ffihis was 

found to "bis negligible hut sell approximate value of the solubility 

product Of silver hydroxide ’■/as obtained*



Hydrolysis is the term applied to any reaction 1 

involving the interaction of water with, an ion or molecule.

A suitable metal ion when dissolved in water forms 

a hydrate which can lead to the formation of an acid solution. This 

phenomenon, known as aquo-acidity, can "be explained in terms of 

the- acid-base concepts postulated by 3ronstad and Lowry 3 6 

This theory defines an acid as a molecule or ion containing hydrogen 

which can he donated as a proton to a suitable acceptor, and a "base 

as a mpiecul^ or ion capable of accepting a proton, Thus,the 

re3 ationship between an acid and a base can be represented by the 

simplified reaction,

A " &  B + H+

Acid base proton

Although a substance may be inherently an acid it

can only function as such i f  there is a base present which can accept

the proton. The following equilibria is thus necessary

At +  B] ^  A2 +  Ife

B2 is termed the conjugate base of the acid A-| » ‘‘shile Aa is the

conjugate



3c

conjugate acid of the base ,1

The hydrgted metal ion act3 as a Lewis acid in 

,:the presence of water "by liberating a proton fi'om one or more of 

: the liganded-water molecules

Me(K20)2+ + HgO & [He(Eg0)n-1 (OH) ] +  h30+

or less precisely,

Mex+ + H20 &  Me (OH) (x'“:l)+ + H+

She equilibrium constant for this reaction

X= aMe(OH) (»-l)+ oajj  ̂ !

aHex+ o aH2 0

is termed the hydrolysis constant, or "better the acidity constant, 

Ka , for the metal ion Me.

She extent to which the above hydrolysis reaction

takes place depends on the proton liberating power of the hydrated

metal ion, Thus a metal ion which has a relatively high charge and

small ionic radius such as iron (1X1) will be extensively hydrolysed

and consequently very acidic in solution, On the other hand an ion

such as iron (tl) having a lower charge and higher ionic radius has

2 8
a much weaker acidic reaction in-aqueous solution ,

' This difference /



This difference in,acidity is due to the strength 

of the metal-oxyl.en ’bond in the hydrate and the resultant weakening

/; 1 
of the oxygen-hydrogen bond in the co-ordinated water molecule. A 

proton can thus he more easily liberated from a hydrated metal ion 

of large charge and small ionic radius,

5?hi.s theory gives an over simplification of the 

mechanism of hydrolysis as it fails to take into account the formation 

of polynuclear complexes during the hydrolysis of most metals.

Ihus it was generally accepted for many years on 

the basis of the Bronsted-Lowry acid-base concept!+-hat during the 

hydrolysis of iron (ill) the uncharged hydroxide was formed.

Fe3+ + 3 % 0  3* Pe(OH)3 + 3B+

Many workers have attempted to explain their results 

on the basis of this reaction. However, as pointed out by Silien3 5 

this requires either microcrystala or a true solution of the hydroxide, 

both of which can be ruled out by applying the law of mass action 

even to crude measurements,

Erom deviations in both spectrophotometric and 

magnetic measurements it was evident that other species, possibly 

polynuclear complexes, formed by the reaction v /



' 1 " ^

■ •5»

'*7 xFe3* + yH20 fr #  5'ex(OH)sV̂ 3x~y)+ +  ^  

existed,

ii 1 7
Hedstrom using glass and -redox electrod&s 

showed that the dinuclear complex wae. actually formed as the ttain 

product together with two mononuclear complexes. The latter were 

more evident at lower concentrations of iron (ill)

S W *  +  &  i,e(0H)2+ +  jjf i 0g K j =-3.05

Pe 0H2+ + H>0 &  PeCOE^" 4* E** log K 2 = -3.26

2Pe3+ +  2H20 #  Pe2 (0K)J+ +  2H+ log Z 3 = -2.91

where K is the respective acidity constant.

Iron (ill) is not unique in this respect as most

- ' cations eg. Be2 + , il^ +  , U0|+ , Cw**, In3+S form polyauclear

complexes in aqueous solutions. Por instance the hydrolysis of

3
indium (ill) is given by Biedermann as

(n + 1) In3+ + 2nH20 In [(0H)2In ] ^  + 2nS+

Although the acid-base concept of Bronsted and 

Lowry does not take into account the formation of polynuclear complexes 

it gives an acceptable mechanism for hydrolytic phenomena.

The dogree of acidity of a metal ion will be

influenced by the extent of complex formation of the metal ion with

its associated »•*•*»#



its associated anion. Thus hydrolysis is usually carried out on the

nitrate or perchlorate which generally do not form complexes with.
\\

metals, ~ \ )

Methods of lorestigati on.

There are several methods available for the 

study of the hydrolysis of metal ions. However many of these 

methods such as ion exchange, ebcllioscopy and cryoscopy are not !!

very accurate and only give an indication of the type of complex

5 »

formed . Pour methods viz! solubility, conductivity, liquid-

liquid partition and potentiometry have been used fairly

extensively.

The solubility of the metal oxide or hydroxide 

in solutions of varying acidity has been used to investigate the

21 j  «

hydrolysis of metal ions eg. silver and mercury (IX) . The 

hydrolysis of mercury (i) cannot be investigated by this method as the 

hydroxide on precipitation disproportionates into water, mercury (II) oxide

and mercury /

6 o



and mercury , The solubility method is limited te\ studying 

mononuclear species and is therefore not recommended for systems 

where polynuclear complex formation is suspected.

Conductivity measurements, also, are of limited 

application. Measurements cannot be made in solutions of constant" 

ionic strength as the bulk electrolyte would carry most of the 

current. She ionic mobilities of the ligand and cduplexed ion are 

dependant on the composition of the solutioni and consequently, 

in the absence of a constant ionic medium, this leads to difficulties

I
in computing the results. This method can be tised for investigating 

the hydrolysis of-metal ions which hydrolyse appreciably in aqueous 

solution, as the concentration of the highly mobile hydrogen ions 

can be measured against the background electrolyte.

. f t

The solvent extraction, or liquid-liquid partition, 

method is of particular importance in investigating metal ion hydrolysis 

at low concentrations of the reacting species. Thus the method is 

useful for studying the mononuclear hydroxo complexes of metal,ion 

systems in which polynuclear complexes predominate at higher

concentrations. The method is not very accurate, but nevertheless, <:

1' '

approximate values

34*



approximate values of faononuclear hydrolysis constants can 'be 

determined.

The potentiometric method is" the most accurate 

^and widely applicable technique available for investigating the
i

hydrolysis of metal ions. The hydrogen ion or hydroxyl concentration;: 

in the reaction solution, is measured potent!ornetrically with either 

the glaps, hydrogen or quinhydrone electrodes. Other hydrogen 

Indicator electrodes eg. metal oxide electrodes, are seldom used' 

as they are not- sufficiently precise for this type of investigation. 

The glass electrode is generally preferred to the hydrogen or 

quinhydrone electrodes as the latter two often reduce the metal ion 

under investigation.

In many instances,' the glass electrode is used 

in conjunction with othe: ~ methods such as solubility, conductivity and 

calorimetry, Where possible the glass electrode is used together 

with the metal ion indicator electrode. Sillen and his school in 

Stockholm use the glass electrode and a metal electrode in their 

"titration method" of determining hydrolysis constants  ̂5,

In the titration method both the total metal

ion concentration and the ionic strength are maintained constant,

whilst the ^



The metal ion and hydrogen ion concentrations 

are determined using the half-cell

He 5 CMG10J I  0fflaC104

G-lass Slectrodaf (C~ x& ~>h) Ma** /

The calomel reference electrode was of' the type .■

C.E. = Hg , H&C12J toaCl "

Thus the overall cell is

I I aMMex+ f ■_>
(-)O.E. |l fCMaCIO* [ blif + CMC-107 I Me (+)

f | (c~ xa -h)M Ha+ { Glass Electrode

; Prom the above cell we have for the meta1.

electrode "

E = E0 *f SI In + E*
xj? '■

Ej is the liquid junction potential and Eo is a constant for the

\
cell which can he either evaluated,or eliminated.'- |

Liquid Junction Potential. ! '

When two solutions of the same electrolyte are

in contact with each,, other the more concentrated will diffuse into

the one of lower concentration. If the cation moves faster than
the /  ...........

whilst the hydrogen ion concentration is varied.



the anion, it will tend to diffuse ahead of the anion causing the less 

concentrated solution to become positive with respect to the more 

concentrated. A similar type of diffusion occurs at a heterionic 

■boundary. In a concentration cell this separation of charges 

causes a potential, the liquid junction potentials to be set up 

across the boundary,

, "  This potential can usually be ^eatly reduced,

or even eliminated, by connecting the two half-cells through a

salt bridge containing an electrolyte, such as potassium chloride

or ammonium nitrate, in which the cation and anion have approximately

the sante mobility. The concentration of this electrolyte is generally

greater than the concentrations of the cell electrolytes, and will

thus be responsible for carrying almost all the current across the

1 3a « a -ab
boundary or junction , i,

This type of salt bridge is seldom empolyed in 

hydrolytic equilibria studies as the liquid junction potential is 

not reproducible, and often the bridge electrolyte precipitates or , 

complexes one or more of the ions in the test solution. Thus for 

nost investigations, the inert electrolyte used to maintain a 

constant ionic strength in the test solution (ies sodium perchlorate)

is also

■' 1 0  *



is also used in the bridge.

liquid, junctions have "been classified into four

1 /*
groups "by Guggenheim according to the way in which, they are formed.

Ihere are, however, some indefinite arrangements which are difficult 

to classify. She four type & according to Guggenheim are!

1) Constrained diffusion junction

2) Jtee diffusion junction

3) Blowing jimction

. U)- ' Continuous mixture junction.

In the constrained diffusion type junction the 

two solutions are separated "by a porous plug or membrane and diffusion

occurs across this c^stant thickness transition layer. Mixing

/ /  !! 
occurs only in thi(<; transition layer, ;

ji

A free diffusion junction is established by j

j;
allowing the two solutions to meet at an initially sharp boundary, I,

j;

and then allowing them to diffuse freely, The well defined boundary ; 

cannot be maintained. Nevertheless, the liquid junction potential jj

2 7 il
is reproducible and can be used for accurate measurements .

She flowing junction was investigated by Lamb and Larson 

' and subsequently /  . . . . . . .



12.

\' o f.
and subsequently "by Mac limes and Teh ; , ffhe junction is formed 

in a I  - tube by allowing the two solutions to stream towards each 

other and flow to i^aste in parallel streams. The /transition layer 

is therefore very thin. Although the flowing: junction has proved 

to he very reproducible t it is not often used, as it ..requires fairly 

large amounts Of solution, and also calls for considerable manipulative 

skill',. .

Ihe flowing junction may be regardad as a limiting 

condition for the continuous mixture junction which is defined by

Guggenheim as: 11 the composition at jany point of the transition layer
i ' ’-\

is a linear combination of the compositions of the extreme liquids,

or in other words, any point of the transition layer may be regarded

as a mixture in certain proportions of the two extreme liquids11» This

2 9
junction is unstable and is not practicable ■;

In the cell used by Sillen and coworkers there 

are tv;o junctions viz! sodium chloride sodium perchlorate and 

sodium perchlorate - t.est solution, ffhe potential of the former 

junction will be very small and=will remain constant throughout the 

determination. For the second liquid junction, the potential will be

dependant on /  ...........
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dependant on the" composition of the test solution

In the determination of the acidity constants

according to Sillen the total metal ion concentration is kept 

constant while the hydrogen ion concentration is varied. As l&fe 

( M S I  have a very high mobility, the liquid junction potential 

■between the test solution and bridge solution will alter appreciably 

with the changing hydrogen ion coaoe'ntration.

changed while the metal ion concentration, together with the total 

ionic strength, was kept constant. Hence the only changes in the 

potential in the above cell were due to the effect of the hydrogen 

ion concentration;on the liquid junction potential.

In computing their results Biedermann and Sillen 

assumed that a continuous mixture boundary existed at the junction,

Using a type of junction which could be classified

4
as a free diffusion junction, Biedermann and Sillen determined the

liquid junction potentials of the system

(+)

The concentration of the hydrogen ions was

and used /



/ 
/  ■ 
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14~0

1 8  '

and used a simplified form of the Henderson ecuation. * Vizs

%  "= " ~ HT In (1  + dh )
F  0

where " 0 is thenionic strength

r h the hydrogen ion concentration

and d is a variable which can be determined experimentally,

Biedermann and Sillen found a value 

d =  1 ,95 ^  O.os. Although d may also be calculated by the 

Henderson method based on equivalent conductances, viz:

%C104 “ AffafllO/

ANaClO 4

this leads to a value d = 3*3 ^or sa®0 system, The difference - 

in these values v/as attributed by Scedahl and Sillen1 1 to a general 

leveling of ionic mobilities in electrolyte mixtures.

Present Investigation,

The determination of hydrolysis constants 

according to Sillen.1 s method is -very largely dependant on the 

accuracy with which the liquid junction potentials can be evaluated.

Using solutions /



1 5  o

Usi&g solutions:, v.-ith. ionic strengths of 3000 mM

Biedermatm and Sillen determined d to a precision-of about ty percent,

A few experiments carried out on solutions with ionic strengths of

500 mM and 1000 mM gave results "which, seemed to show that, within.

experimental errors, the liquid junction potential can with good

approximation be considered as a function of ^ /i  (I being the ionic

strength) only", ie. d is independant of the ionic strength. On

1 3 .
this assumption Jorsling, Hietamen and Sillen determined the 

acidity constant for mercury (l) in a solution with an ionic strength 

of 500 ntf-I. ^he acidity constant was found to be k = 10 -**9 “3

The present investigation was undertaken in, an 

attempt to obtain a more precise value of the acidity constant for 

mercury!; (l ) , Shis required the determination of the liquid junction 

potential as precisely, as possible for solutions of ionic strength 

of 500 rnti.

In the present work d was determined for three 

systems involving the metal ion half-cells Ag^/Ag; Hgf^/Hg and 

Eg?f, H # +/pt. The Values of ,\d for each system were determined to a 

precision of less'than one percent. The hydrolysis constant of

mcrcury ( i ) j  . . . . . . .



16 «

mercury (l) was found to "be between 1 ,0x10’*'’ and 1 .7X10"^ 

ie. fcjj = 10“ 5 ° 12 —°°1 20 Hie, best value was found/?to "be 1 , 6x10" ^

Islo attempts have been made to study the 

hydrolysis of silver using allien*s titration. The- solubility of 

the oxide has "been studied by Britton** and Jellinek and G-ordon 20 

using silver electrodes, Britton and Wilson? used & glass electrode 

in conjunction with the silver electrode. Jaucherre12 determined the 

hydrolysis constant for silver using the glass electrode. Ho other 

attempts have been made to study the hydrolysis of silver potentio- 

.metrically,

The hydrolysis of silver perchlorate was investigated 

by Sillen's method. Che hydrolysis proved negligible* However an 

approximate value-of the solubility product of silver hydroxide 

was obtained.



. ' - !?■> '

E X I- JB H I li 3„ H I  A 1.

A. Liquid Junction Potential.

1. Systems Investigated.

The effect of the hydrogen ion concentration 

(hmM) on the liquid function. potential was measured by means of the 

cell

, (-) C.E /  500 mMlTaOlC^/' S . /  . Electrode reversible to
jnetal ion in S.

C.E. is the calomel electrode HggClg ; MaOlo S, the test 

solution, was composed as follows-.

S = .. a mMMe3̂ ;  h aKS*; 500- m  Ciqp and (500 - ax - h) mM 

where mM is the concentration in aillimoles/litrs and Mex+ is a 

metal inn of charge x,

Ehe metal -ions used were silver, copper (IX) 

and mercury ( I ) .  IThe redox systeis mercury (l) - mercury (li) was 

also investigated. In the. latter system the composition of the test 

solution was

8 = binMHgs+ J OiKKg2* ; hmME**;' 500mM C1Q~ and

(500-20-23 ~h) 24QJ&+

2, Preparation and /



^ • Preparation and. Behaviour of Electrodes.

eu Silver Electrodes.

The behaviour of a silver electrode depends 

on its previous history and mode of preparation. Several types’ of 

electrodesowere prepared hut most did not give satisfactory results.

Silver wire prepared according to Koltoff and 

Furman 2 ^and Clark? 0 did not give steady or reversible results when 

immersed in silver perchlorate solutions.

Platinum wijfe, sealed into -glass tubing and;

elecirolytically coated with silver from a potassirua silver cyanide

. 3 o
solution, has "been used successfully hy many workers, _ Ifilsson 4 

amongst others, used this type of electrode satisfactorily although. - 

equilibrium was not attained rapidly.

Wien such an electrode was lightly .coated tilth

silver chloride hy electrolysis in a dilute hydrochloric acid

solution, equilibrium was reached almost instantaneously in silver

t 1
solutions. It was subsequently found that Ekedahl and Sillen 

had used this type of silver electrode in determining silver ion 

concentrations, ,,

$he electrodes /



She electrode® used in this work were prepared 

according to Brown? . As it was found that equilibrium is reached  ̂

slowly if the silver chloride deposit is too thick, chloridation was 

carried out for five tor ten minutes and not for thirty minutes as 

described lay Brown*

b. Mercury Electrode.

The potential of mercury (I) solutions was 

measured by a pool of mercury in the reaction vessel. Contact was 

'made with the mercury pool "by a piece of platinum wire sealed through 

the bottom of the''vessel into a side arm filled with mercury (Pig. l ) .

Equilibrium was reached after a few minutes, ~ 

d. Mercury Redox Electrode.

The mercury electrode cannot be used for 

determining the concentration of mercury (II) as the reaction 

Hg?* + Hg(l) &  Hg|+ 

takes place. This reaction has an equilibrium constant

[Hgl+] = 130

Attempts were /  . . . . . . .



Attempts were made to measure the potential of 

the mercury, (l) - mercury (il) couple using a bright platinum foil 

electrode, SiCfe foil waB welded to platinum wire sealed into glass 

tubing. Contact with the lead to the potentiometer was made through 

mercury in the tubing, She potential of the system was found to drop 

consistently oyer a few days. Shis was attributed to the imperfect 

seal between the glass and platinum. She solution and mercury come 

into contact through diffusion and the ensuing reaction between the 

mercury (il) and mercury causes a drop in the potential.

So overcome this difficulty the foil was \«relded 

to a six inch length of platinum wire sealed into glass tubing five 

inches long. Contact between'the platinum \irire and potentiometer 

lead was made using a screw connection.

Before each experiment the platinum foil was

cleaned in hot concentrated nitric acid, washed well-in distilled
1 , )} 

water and then heated to redness in an alc.chol flame.-

Shis electrode attained equilibrium immediately 

and did not fluctuate more than a few hundredth of a millivolt on 

standing for an hour.

d, CoppeA Amalgam /  . .  -....
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" .  f  
d» Copper Amalgam Electrode,

As high, purity copper wire or foil could not be 

obtained, copper amalgam was used for measuring the potentials of 

copper perchlorate solutions.

Generally equilibration between an electrode and 

solution is greater if the amalgam of the metal is used

Biedermann and Sillen4 used the copper amalgam 

electrode in evaluating liquid junction potentials* Although they 

found that the electrode was easily polarizable in solutions of high 

acid strength, the electrode gave steady and reproducible potentials 

in copper perchlorate solutions where the acidity was less than

■I
Biedermann1 s and *3ille2ifs work could not be 

repeated* Although the copper-amalgam was prepared in fee same 

manner, steady potentials could not be obtained, On standing for a few 

hours red crystals settled out on the amalgam surface,

■)
Berecki-Biedermann also failed to obtain 

, equilibrium with this electrode, She attributed the red crystals 

which, settled out on her amalgam to copper oxide formed by the reaction 

Cu2+ +  Ouj Hg(s) + H20 £  Ctt20{g) + 2B+ 4* Hg(l)

3/ ............



? 1 All reagents used .were of A.R. or equivalent ‘

grade, Riedel-de~Haen perchloric acid was preferred on account of 

its low chloride content,

a* Stock Solutions,

Sodium Perchlorate.

Sodium perchlorate was prepared by the slow 

addition of sodium carbonate to a mechanically stirred, ice-cold,

60$ perchloric acid solution until neutral to narrow range B.D.H. 

indicator paper, i'he solution was then boiled to expel carbon 

dioxide and the:warm solution filtered to remove a white insoluble 

residue, which l?as most probably potassium perchlorate.

i?he sodium perchlorate concentration was 

determined by yaesing an aliquot through a cation exchange column 

in its acid form. The liberated hydrogen ions were titrated with 

standard sodium hydroodde,(solution using bromo cresol purple as 

indicator. Two ion exchange columns were used viz* Amberlite I.H , - 120 

and Zco-korb 225* Identical results were obtained using both columns.

3* Preparation, and_ Analysis of Solutions.

The total /  . . . . . . .



The total perchlorate concentration, in. all 

solutions used was determined by the, above method,

Silver Perchlorate..

Excess of freshly precipitated silver oxide was

added to hot (above 70°C) perchloric .acid,-,and the solution .

filtered through a sintered glass crucible* The solution was

analysed for the silvei* Ion concentration by Voihand’ s Method.

The free acid ms, determined by precipitating 

the silver with sodium chloride. The silver chloride ‘was filtered off 

and the filtrate titrated r;ith standard sodium hydroxide solution.

It is essential that the silver chloride be well washed as it retains 

the free acid.

The silver oxide was precipitated from a silver 

nitrate solution with sodium hydroxide. After filtering and washing 

with water, it was dissolved in concentrated perchloric acid and 

reprecip:ftated with sodium hydroxide. This cycle was repeated, until 

the oxide was free frott nitrite. " , -

Mercury (l) /  . . .



Mercury (J.) Perchlorate. . ' L

. Bed mercuric oxide v;as dissolved in. excess

perchloric acid and the solution shaken with triply distilled

„ , „ 2 9  ?3 2
mercury-ior twenty-foux hours At this stage only minute traces

of mercury (II) could be detected,

She mercury (l) concentration was determined by 

titrating sodium chloride dsing btomO phenol blue as an adsorption 

indicator , If the fr&a acid strength in the- solution is greater

t)ian 0*04m it. must first be neutralised with sodium carbonate.
!■ ' f ■

The free acid concentration was determined as 

in silver perchlorate Sbove.

Mercuric Perchlorate.

A weighed amount of mercuric oxide was dissolved 

in a known excess of standard perchloric acid and the solution diluted 

to the required- volujne in an I1 A51 - grade standard flask.
: ■ ' ■ j - ■ 

r /  '

Hydrogeii sulphide gas,was passed through an

aliquot of this solution precipitating mercury (il) as the s

- , which was /  . . . . . . .

/{ 
// ‘



which was filtered off. The filtrate was boiled to expel hydrogen 

sulphide and, after cooling, titrated wi-th standard sodium hydroxide 

solution giving the total acid plus mercury (ll) concentration in 

the solution, '

These results and those obtained using the ion 

exchange method agreed to 0,2$.

OoTrper Per chi eg ate. -

Excess copper oxide was added to hot 6o^ 

pel chloric acid and the solution filtered through a sintered glass 

funnel.

The copper concentration was determined

iodometrieally.

Perchloric Acid.

Concentrated perchloric acid was diluted to 

approximately 211, and standardised against a standard sodium hydroxide 

solution using bromo cresol purple as indicator.

b. Test Solutions /



b . Test Solutions»

Two solutions were -prepared for each titration 

by suitable dilution, of the above s*w„ock solutions. Sable 1 gives 

the concentration 6f each specie present in the solutions.

The solutions were analysed as above,

4. Apparatus.

Two types of salt bridges were used, both

employing O.^M sodium perchlorate as the bridge electrolyte.
/

Type I . ' 1

'' Connection between the test solution and the

calom&l electrode was made via two bridges, through a vessel 

containing a 0 . 5M sodium perchlorate pool (i’ig. l ) .

The first bridge, be tv/eon the test solution 

and sedium perchlorate' pool, was an inverted U-tube sealed at the 

two extremities with asbestos fibre. The bridge was filled with 

O.JJU sodium perchlorate through a funnel fitted on the bend. The 

junction formed by this bridge could be classed, according to 

Guggenheim's classification, as a constrained diffusion junction.

The sodium



Table 1

S y s t e m S i S g d

i;  / i
2 . 1 f t

2 . U 5

A g + / A g 1 0 . 0  m M A g + 1 0 . 0  m M A ^ " 2 . U 3

H 9 0 . 0  n M f f a + 3+ 9 0 . 0  m M E ^ 2 . 1 ®

2 . 1 * 3

2 , 5 ^

5 . 0  m M H ^ * 5 . 0  m M H g | + 2 . 5 2

H 4 + / H g 1 7 ;  9 0  m N H * 5+ S 9 . 3  n M H + 2 . 5 3

1 }.7 2 . 0  m l v i 3s a + 2 . 5 2

2 , 5 5

nm — m- * - r - l u  . + v , j  .1 ,  -  w i iv iM  *«• .r  1 u 1 ■

2 . 5 2 . 5  B i M H g | + 2 . 5 2

H g | ^ ; H g p + / p t 2 , 5  o M H ^ +
2 . 5  m M H ^  + 2 . 5 3

1 3 . 5 6  m K H +
U S 9 . 6 5  h M E 1* 2 . 5 H

i l - 7 6 . 0  X P M B T s t * "
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Kie sodium perchlorate pool and the calomel 

electrode were connected by an agax1 gel bridge saturg.ted with sodium 

chloride. ~ ;

' S ■ ■ i

This bridge had several disadvantages which will 

be discussed later (page 34- ) . Type IX bridge was used in preference 

to this type.

Type I I ,

Ihe bridge described by Forsling, Hietansn and

«. 1 ^
Sillen was modified slightly (Figure 2).

(i) Electrical contact with the mercury pool of

n
the calomel electrode was made through a platinum wire 

sealed between a side arm and the base of the electrode 

vessel. She side arm was then filled with mercury. This 

„ modification facilitated the preparation of the calomel 

electrode.
i ii ■

(ii) Contact bet ween the sodium chloride solution

of the calomel electrode and the sodium perchlorate solution 

in the bridge was made around the three-way tap, Tq , which

was greased /





was greased on the outer edges only. During a titration 

was kept Open and Tg positioned as shorn in the inset 

in Figure 2. Syphoning was found to take, place from the

waste pipe above I 2 through 5^ into the reaction vessel. 

Shis flow was prevented '5y attaching.a short length of 

rubber tubingt closed with a screw clip, to the waste pipe.

The quick-fit joints, and J2 , were held 

firmly with hooks and rubber bands to prevent leakages.

To facilitate the filling of the side arm to 

the right of with sodium perchlorate solution a funnel 

was fitted above T]|.

The tap T^ and quick-fit joint Jg, which were 

below the level of the water in the thermostat, were coated with 

water repellant silicone grease,

Before each determination the apparatus to the 

left of Tg, was flushed with iJM sodium chloride solution and to the 

right of T2 with 0.9-1 sodium perchlorate solution. The side arm to 

the right of S? was filled with 0.5& sodium perchlorate solution, 

fitted through the stopper in the reaction vessel and then joined

(iii)

(iv)



i 29*

to J2 by the quick~fit joint. I 5 was opened and 3?2 positioned 

as in the inset in Figure 2 . The junction was a "J~type,( 

described by Biedermann and Sillen 4 .

She apparatus was immersed in an earthed water 

thermostat controlled at J>0»•(££ 0 .05°0 with a toluene—mercury

regulator. The water in the thermostat was stirred with a Stuart- 

Sumer pump.

The pott .Is were read on a Pye Vernier S
. - X .

Piacision Potentiometer in conjunction with a Pye galvanometer.

Hitrogen was bubbled through all solutions 

to prevent oxidation and to assist in the mixing' of the test 

solutions, She nitrogen was freed of oxygen "by passing over heated 

copper +ur&ings arid was then saturated with water vapour by passage 

through, a vessel containing a 0 . 5H sodium perchlorate solution immersed 

in the thermostat,

The reaction vessel used for the mercury (i) and 

copper (ll) systems is as shown in Figure, 1, A similar vessel 

withotit the side arm v/as used for the other systems. The reaction 

vessel was fitted'with' a rubber stopper bored.to take the salt bridge

junction, /  ........



junction, an electrode and nitrogen inlet.

5. Procedure.

Initially 5G.0 nils of Si (Sable l) were placed 

in the reaction vessel in the thermostat and allowed to stand in 

contact with the respective electrode for approximately-thirty 

minutes for equilibrium to be attained. The hydrogen ion concentration 

was then altered by small additions of Sg. After each addition of 

S2 approximately ten minutes were allowed to elapse before determing 

the potential of the cell*

Since the metal ion concentration was maintained 

constant throughout the titration the changes in the potential of 

the cell are due to the effect of the replacement of sodium ions by the 

more mobile hydrogen ions on the liquid junction potential.

Details of a typical titration for each system 

are given in/Iables 2, 3 and

6* Calculations /  . . . .



gaMe. g. (?lgs 3a s 3b ) . 

Silver Heotrode.

mis S -2 E mV „ E 0+EimV
J

-El
3

—El/
3/6 0 01 5

—E'

10  /60*1 5_i h mM ^ 0 0  mM 1

0 4os.4o 348,25 0 0 0 0
°

2.0 H05.96 345,s i 2.44 Q„04g 6 0.098 12 .2 5  ; 0.0377

4.0 U0 3 .9 3 3H3 .7 8 4.47 O.O7U3 0.187 o' 36.30 0,0726

6.Q 4-02.21 342.06 ' b.19 0,1029 O.26S 52.50 0.1050 |

s.o 4oo.69 3U0 .5 4 7.71 0.1282 0,344 67.59 0.1352

10.0 399.33 339.1S 9.07 0_.150S 0.4l6 si, 67 0.1633 ;

12.5 397.85 337.70 10.55 0,1754 0.497 98,00 0.1960 5

15.0 396.62 336.47 1 1 .7 8 0.1958 0.570 1 1 3 . 0s 0,2262

17.5 395.51 335.36 ' 1 2 ^ 9 0.2143 O .63S 1 2 7.0 4 0,2541 \

20.5 394,34 33^*19 l4.0o 0.2337 0.713 1)42.48 0 .2S50

22.5 393.68 333.53 14 .72 0,2447 0.757 152.07 0,3041

25.0 392.90 3 32 .75 15.50 0.2577 ' o.Sio 163.33 0,3267

27.5 392.22 332.07 16 .18 0.2690 0 .S5S 173.87 0.3^77 :

30.0 391.50 331.35 16,90 0,2810 0.910 183.75 0.3675

32.5 390 .92 330.77 1 7 . Us 0.2906 0,953 193.03 O.3S6I  1

35.0 390.37 330,22 18,03 0.2997 0.994 201,76 0.1(035

37.5 3^9.91 329.76 is . 49 0*3074 1.0 30 210.00 o.teoo

to.o 389,46 329.31 18,94 0.31U9 1,065 §17-78 0.4356 ■



ffiabla 3> (Pigs. 4a» tyb) 

Mercury 11? c tr o de.

mis S2 + mV E0+E^mV
J

-E.mV
0 ^3/^0 *1 5 10

b mM ^ 0 0  mM

0 11*53.70 432.67 ' 2*23A 0.0371 0.089 17*90 OrO35S

2.0 1+51.55 430.52 4.3S 0.0728 0.1S2 36.03 0.0721

4.0 449.67 428.64- 6.26 o.io4i 0.271 5 c # 82 0.1056

6,0 448.04 427.01 7*29 0.1312 0.353 68.4l 0.1360

S.O 446 .,64 425.61 9.29 0.1544 0.427 S2.92 0*1658

10.0 445. 4o 424.37 10.53 0.1751 0.4-96 96.47 0.1929

12.5 444.o4 423.01 11.89 0.1977 0.577 112.18 0.2244

15.0 442.S3 421. SO 13.IO 0 .217s . 0.651 126.68 0.2534

IT.5 441.69 420.66 14.24 0.2367 0.725 i4o*ii 0.2802

20.0 440.84 4l9.Si . 15*09 0.2509 0.782 132.59 0.3052,-

22,5 440.02 418.99 15.91 0.2645 0.839 164.20 0.. 32814

25.0 439.22 las.19 16.71 0 .277s 0,895 175.03 0.3501

27.5, 43s.60 417*57 17.33 0.2881 0.941 185.17, 0.3703

30.0 437.91 4l6.SS ! 18.02 0.2996 C.995 194.67 0.3S93

32-5 437.27 416.24 18.66 0.3102 1.043 203.60 0.4072

35.0 436.75 415.72 19.13 0.31S9 ' 1.084 212.01 0.4240

37.5; 436.24 . 415.21 19.69 0.3273 1.124 '219.93 O.4399

4o.o 435.76 414.73 20.17 0.3353 1.165 227.41 0.4548



ffaMe 4 . (Jigs, 5a, 5b). 

Mercury Bedox giectrode.

o

mis S2 . mV"

I J
~ E m V  

3

---— — —j.

“ E* L ' 
iy & 0*15

—E
10 3/6 0-1

ii nM ^■fcoa mM

0

”J ii 

571.95 1.50 0,0249 0.059 13.95 0.0279 !

1.0 570.90 P.A7 "O.OUli 0.099 23.28 ; 0.0W 6 ,

2.0 569.93 3.52 0.05S5 o a 4 4 32.25 0.0645

3,0 562.95 4.50 0-.07US o a s s 40.SS 0.0S1S

4.0 56S . 00 5*45 0 ,0.906 0.232 49,19 0*09S4

5.0 567.15 6.30 o.io47 0,273 57.19 0.1144

6.0 - 566.32 7.13 0.11S5 0,314 64.92 0.129s

7.0 565.60 7.S5 0.1305 0.351 72.37 0.144?

S.o 564.89 6.56 0.1423 0. 3SS 79.56 0*1591

9.0 5S4.19 9.26 0.1539 0,425 86.51 0*1730 :

10.0 563.52 9.93 0.1651 0.462 93.23 0.1S65

„ I1 *? 562.71 10 .74 0 .17S5 0.507 102.90 6.2058

13.0 561*90 11.55 0.1920 0,556 312.11 0.2242

14.5 561.12 12.33 0.2050 0.605 120. S9 0.241S

16.0 560.46 12.99 0*2160 0 .644 12$,27 O .25S5

17.5 559 13 . 5s 0 . 225s 0.631 137.20 0.2746

20 „0 55S.92 14 .53 0. 2*116 0 .744 l49*S6 0.2997

22.5 557.93 15.46 0.2570 Q.S07 /
//

161. 5S O.3232

25.0 557.30 16,15 0 . 26S5 0.S 56 172.52 0.3450

27.5 556,64 16. SI 0.2795 0,903 132.75 0.3655

3C.0 556.00 17.45 0.2901 0.950 192 .34 0.3^47

32.5

L

555.36 is . 09 0,3007 0.997 201.35 0.4027



31.

6» Calculations and He suits*

•(-) G A  j

lor the cell 

x+
Me; (+5

■where Me is Ag or , we have*the following equation.

+  .RV In aMfSs:+ + Ei<mm» ■ ■ t)
x$-

is .

?>0 + s i  ia Cm**?’ ] + %  . . . . .

x f  : . :

Si *r B2 In f M©X+ ........
J ■ 's3\

For the redox system Hg2„+ , Eg£+/pt the equation io

a 2*

® “ A  ' + --£2. ln J & +  +  tfj . ■
■■ J "  ^ 4 +

' ’ * ; * o v +  Sf in - t M f g j .  +  % — '*
. TP:  - [ % f j

la . s ’* ' «  1 /  +  E® In  fHga+ ........
J J " f  lgg^+

j.

*  •  £X<3*̂

I* (c£tr)

. .  (Vo)

.* (21))



In this investigation [ H g ^ ]  =  Cfigp+3and thus equation (X^b) 

reduces to

s *  s 0 + aj

Prom equation (la)

33 ~ §  ln [M e*+ ]  = E0 +  eJ

l'\
tOliUs by subtracting the Herhst term from tlie measured value of 

i
E, (E0 + E j )  is obtained.

Since the liquid junction potential tends to 

zero as the hydrogen ion concentration tends to sero, S0 can he .. 

evaluated by extrapolating the graph of (30 + Sj) versus the hydrogen 

ion concentration to zero acidity, 0?hus the value of the liquid 

junction potential °at any particular hydrogen ion concentration can 

be obtained by subtracting S0 from the corresponding value of 

(Bq + EjJ•

She extrapolations for l*he t&pSe sjs+mbs silver, 

asreury (l) and the aercury (i )  - mercury (l i ) '•ouole ax^ gx\en in . 

Figures 3 (a ) , *f(a) said 5(a) respectively. | - ,

i’he simplified /

V'
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She simplified Henderson eauation (page lH)

I

E-j =  In  (l  + *t!i } • * .......... .. *» (3)
J . f  * b -

I
reduces to n „ J

, 3j =  “ 60.«15 log(l f  .......... . . . . . ( H )

at 30. 0°C and ah ionic strength of _500. raja i f  the potentials of the ■
<- il

above cells are given in millivolts. j

;!

Assuming that the activity coefficient terms

in equations (2a) and (2b) are negligible 10* the activity coefficients

1
are very close to unity, E^ can be replactsd by Ej and equation (H)

rearranged as f ol.lows; •-

!

6 0 «1 $ 1 = ‘ . * ( 5)

She values of d given in. Sable 1 were obtained

from equation. ( 5) by the method of least squares, d can also be

—1 J > h /
obtained from the slope of the graph (10 0 «1 5 “ -*-5 versus 500

as shown in Figures 3(t>) , H(T>) and 5(*> tile fchree systems studied. 

She values of d obtained by both methods agreed very closely.

She values listed in Sable 1 are for the type II  salt bridge, as 

the results obtained for the type I,bridge were erratic and non- 

reproducible.



o



o







At low hydrogen ion concentrations 

(ie . h lOisfii) equation (3) can be rewritten in the form

si = - dh mV

which reduces to 

E •

7 . : Discussion.

The erratic results obtained using the type I 

salt bridge was attributed to several factors, The level of the: , 

test solution was not constant and consequently syphoning took place 

through, the sodijum perchlorate bridge. The direction and rate of 1 

this flow depended on the relative levels of the test solution and 

the sodium perchlorate pool.

The sodium chloride in the agar bridge diffused , 

into the sodium perchlorate pool, and was transferred by the syphoning 

process and by diffusion to the asbestos plugs, where it precipitated 

the metal ion causing a large increase in the liquid junction potential.

The .asbestos plugs also deteriorated with use,

and hence the bridge was not suitable for a Series of determinate or •;,

Although /  . . . . . . .

2 . £03x500
h aV ____ .... (6)



il  though this "bridge would "be satisfactory for 

general work involving liqjpi'd junction potentials, it cannot be used 

for accurate work involving potential changes of the order of a few 

hundredths of a millivolt. | This bridge was therefore not used in the 

subsequent determinations ol'f the hydrolysis constants.

The type II  salt bridge was found to behave very 

Satisfactorily after a;few modifications vere made (cf. page 2 7 ) .

Thtf average values of d obtained for the three

systems studied (Table 1) were silver 2 .U3 . &  2 and the

mercury (l) - mercury ( I I )  couple 2 .53 , wer*  ° * tained

with a precision of l e s s , than one percent. The overall value for d 

was 2 M  ± 0 .07 ; Biederaann and Sillen4 found an overall value of 

d =* 1 .95  ± 0 .08 . They made no distinction between the individual 

systems studied, but do, however, state that the value of d, and 

thus the liquid junction potential, is independant of metal ion

present.

The values obtairsd for d in the present work 

lie  v/Unin the same experimental range as the values obtained by 

B i e d e r m s n n  and Sillen, v i z .  4 percent.

Although^ /  ........ .»



Although the values of d obtained for the 

individual systems would indicate that d is dependant on the metal 

ion.employed, the difference obtained 'between the silver system and 

mercury systems could possibly be attributed to the differencesin 

the activity coefficients of ihe:'ioiis. Biedermann2 has found 

evidence in support of this theory.

figure 6 shov;S the variation of the liquid 

junction potential with the hydrogen ion concentration, The values 

for the mercury (2) -* mercury (.II) couple are lower than for silvor 

and mercury (l)» This could be. attributed to a slight inaccuracy in 

the determination'of E0 (Figure 5a). Nevertheless these points^do 

follow a pattern similar to those of the mercury (i )  system. The 

points lie -very close to each other at the lower acidities but tend to 

spread at higher acidities. This could be accounted for on the bp.sis 

of changing activity coefficients,

\ - »
The inaccuracy in the assumption that Ej = Ej

is also evident from Figures 3b , Hb and 5^. ■©» points plotted fall 

on a slight curve. However a straight line can be drawn through these 

points with good approximation. The effect of the activity coefficients

is thus very small and equation (p) can be employed with good accuracy.

Biedermann /  . . . . r . .

- 7 - 361>



o



Biedermann and Sillen determined d at 25»0 G 

using solutions with ionic strengths of 3000 mM. A few determinations 

were done at 500 mM and 1000 mh\ The hydrogen ion concentrations, 

vrere varied "between u find 600 mMs 0 and 50 ^  ^00

the above ionic strengths respectively. All these concentrations gave

the same value for d v iz , 1 .95  ^  0 .0S, \

'' The present work was carried out d.t 30*0°0 with

an ionic strength of 500 mM. The hydrogen ion com o r a t i o n  range vms

0 to 220 mM. The value obtained for d . v i z .  2 .4S ^ ' 0 , 0 7 .  was almost 

25 percent higher than the value obtained by Biedermann and Sillexu

According to the definition of d viz.

a _  A-HCIĜ . - ^Na0104 

AifeG104-

it should be dependant only on the,.conductivities of the electrolytes 

on either side of the junction. .Thus only those factors which 

influence the c o n d u c tiv ity  of an electrolyte would be expected to 

affect d. Two such factors are the temperature -Laid the ionic strength

of the solution. ,1

Biedermann and /  . . . . . . .



, Biedermaim and Sillen found d to bs independant 

of the ionic strength. She value obtained for d ie , 1.95 was 

considerably lower than the value d =  3*3 » calculated from the

conductivities of the pure components in a J000 flM solution. Hkedahl

1 1 ' " 
and fallen attributed this to a general leveling of the ionic

mobilities in electrolyte mixtures. If  this were so it would "be expected;]

that the leveling of the ionic mobilities would not-"be as pronounced

in 'solutions of lower ionic strength ie* d would he greater in a "

500 mM perchlorate solution than in a 3000 solution.

Although the ionic conductances of all electrolytes

increase with increased temperature *- this effect is less noticeable with

I ob
the more mobile ions .s and-consequently ( at higher temperatures one 

would expect a decrease in the value of d, For two different 

temperature conditions the difference in the values di and d2, viz.

Ad, is given by

A\ji+ _ A X 0l0-

whore the AX terms represent the increase‘in  each of the ionic
;l ■ ■ , ..

co iductances. As AXg+ is smaller than ^  and- AXq^q-, A d is

'l'

\\ consequently /  . . . . . . .



consequently negative * However, the value, d — 1,95> obtained by

Biederi&aim and Sillen at 25«0°C was smaller than, the value.,

d = 2 .4S , obtained in this work at 3O.O°0. r So explain the difference~

between these values, it must be assumed that d is dependant on t M

physical structure of the junction, and also on. the ionic strength of 

o 78*
the solution , 2hus d must "be a function of,-.-the temperature t the 

physical nature of the junction, and the ionic strength of the 

medium, in addition to the ionic mobilities of the ions involved.



B. Hydrolysis of Mercury j_l).
Ti

1 . Procedure. ' .

3?he procedure adopted for the determination

of the hydrolysis constant for mercury (l) was the same as that.

described by For sling, Hiet&aan and Sillen1 3 , Shis method, the

"titration method'*, makes use of the cells

Hg, Hg2Cl2, ; k MFaCl /  500 mfflaOlQ* /  Hgf+ , /  Glass '

Electrode;

Hg(l)

to measure the concentrations of mercury (l) and hydrogen ions.

She results in the present work, ware based on 

six, titrations. Each titration required three solutions, S i, S2 and 

which were prepared by the dilution of the stock solutions 

described previously. She concentrations of these solutions i»  are 

given ir labls 5* Each solution was 500 mM in perchlorate, ffhe - 

total perchlorate in each of the solutions, and the hydrogen iOn 

concentration in solution S^» were determined as described before. 

She concentrations of the hydroxyl'ions in Sg and the hydrogen ions 

in S^ wore determined with potassium hydrogen phthalate and 

standard sodium hydroxide solution respectively.



410

As the concentration of mercury (I ) in the

dilute solution? could not be determined with accm.v,v , ,’the 

concentration vras assumed to be that obtained by dilution of the 

stock solution. The concentration of the mercury need not be 

known accurately.

The titrations were, at first, carried out in two 

parts. She f i n t  part was an acid-base titration involving solutions 

S-[_ and Sg. No mercury was present in the reaction vessel. ]?rom this 

titration a relationship was obtained between the potential of the 

calomel e?ectrode - glass electrode cell and the logarithm of the 

hydrogen ion concentration. This, relation was used to Obtain the 

hydrogen ion concentration of the test solution in the second part 

of the titration. Injthe second part, solution was added to the 

solution in the reaction vessel and metallic mercury introduced.
\ ■ \ 

iEhe potentials of the calomel electrode - glass electrode aJid 

calomel electrode - merci\ry electrode were determined after 

equilibrium had been attained.

Additions^of Sg and S^ were then jnage in such

a manner that the ratio S^/Sg vi;as the same as the initial ratio,

S3/(s^ +  Sg). Thus the total mercury concentration uas kept

r. \ constant j $ . . . . . .



The glass electrode was found to be 

insensitive to the small changes in tin hydrogen ion concentration 

experienced in the hydrolysis of mercury (l ) .  It was therefore 

not used in subsequent titrations. The analytical hydrogen ion 

concentration was employed together with the rather accurate 

potential s obtaine'd with, the mercury electrode,

The initial, acid-base titration,was therefore 

not carried out. At5 the start of the titration, solutions and Sg 

were placed together with Sj in the reaction Vessel. Metallic 

mercury was then added and titration carried out as above.

Table 5 gives details of the concentrations and 

volumes of each solution used. Table 6 gives detailed data for 

titration 5 . The first column in Table 6, viz} x.mls, gives the 

volumes of S-j added. For each volume of an equal volume of S2 

was added. The addition was stopped when a permanent precipitate 

formed.

Theititrations were carried out at 30.0°0

using the reaction vessel sht>wn in Figure 1 , -Nitrogen i purified 

!; as in /  ............

constant throughout the titration.



H+afcl

UO.QO

40.00 

Uo.oo 

1+0.00 

to.'oo

40.00

TalJle 5 •

Survey o f  Titrations.

Symbol^ 
Fig.
7



j/w table 6.

Detailed Bata, for gitration 5 .

x  mis E mV h, mM ....  lo g h  . 6 l  mV
5

kxlO M

0 424.98 5.86 0.7679

2 .00 425.08 5.03 0.7016

4.00 425.19 4-. 26 0.6294

6.00 425.27 V 3 .55 0.5502

7.03 425.32 3.21 0.5065 0

8 .00 425.36 2 .89 0.4-609 0 0.20

9.00 425.39 2.58 0.4116 0.01 0.90

10,00 425.41 2 .28 0.3579 0.03 1.56

11.00 425.43 1.99 0.2989 0.05 1.6l

12 *00 425.46 1.71 0.2330 0.06 1.18

12.50 425.45 1.57 0.1959 0.09 1.55

13-00 425.44 1 .4 4 0.1584 0.11 1.77

13-50 425.45 1.30 0.1139 0.12 1.52

1H. 00 425.44 1.17 0.0682 0.15 1.55

14,50 \ 1*25.42 1.05 0.0212 0..19 I .63

15.00 425.39 0.918 -0.0372 0.23 < 1.67

15.50 \ 425.36 0.794 -0.1002 0,28 1.56

16.00 425,29 0.671 -0.1733 0.37 1,61

16.50 425.17 0.551 -0. 25SS 0.50 1.68

1 7 . 00
' ,\

425.03 0.432 -0.3645 0.66 1.47

17.50 4i4^69\ 0.315

\

i...— .— «— -

-0.5017

L______

1.01 1.38

-:
'im



as in the previous experiments, was passed through the test 

solutions,

2 . Calculations and Be fruits. ; \

The calculations given by Porsling, Hietanen 

and Sillen were used.

Mercury (I)  solutions prepared from the 

mercury (XI) solution by equilibration with metallic mercury always 

contains flight amounts of the mercury (II )  salt.

The equilibrium reaction 

Hg?+ +  Hg (1) Hgf* ' ■

has an equilibrium constant

ko = Csgi+][H ^ +] - 1 =  132 ,k ± 1 (ref 13) (7 ),

Although this equilibrium constant is large ie,

the concentration of-., mercury (II )  is small, there will be

1 7
sufficient mercury ( l l ) , which is fairly strongly acidic , i n .  

the solution to affect the determination of the hydrolysis of the 

mercury ( 1) ,
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It is therefore necessary to take into account - 

the acidity due to the mercury (ll) present, '

The hydrolysis oQ[mercury (IX) is given by Hietanen

and Sillen 1  ̂ as ’ /? ' \- ‘ |-

Hg5*  + H20 &  Hg 0H+ +  H+  -■ «  [HgOH+j h. [h#*]--1 =  0.20 nM (S) ^ 

H # +  +  S k  0 ^  Eg( OHfc h “2Ht qf* [ Hg( OH'k ] h Dig2*] -*1 '& 0.50 bK (9) j

- ’ ' " ' ’n - ' ' ' J  I
Since the hydrolysis of mercury (£) is small the |[{, 

only product can he assumed to he Hg£"'0E*’ ie.

Hg|+  +  % 0  3* RgzGB* +  B+ k =  [Hg20Bt] h [ K g ^ ] "1 (10) ^

Assuming that the total mercury concentration
r ■

is y, then '

y =  [Hgf1*] +  [Hg'203+j +  CHg^+l +  [EgOItKS +  [llgCOEfe]

Substituting equations (S),  (9) and (10) in 

this equation, we get

y = [Hgl+ ] +  [llg2+] 4- Mi-1 [**?+] +  01 h”  [Hg2^] +  02 h [ h # +]

= [ Hg|+  ] + kh~1 fagf*] +  ko™1 tHg|+] +  qih 1 [Hg|+] + <32 h ko [ Hgf+]

«  Ch©+]' (i \  kh“  ̂ + V 1 (i +  <nk~1 +  Q2h“*? )) -Q

\ ;  _ =  Dagf4*] /  . . . . . . .



=  [ H g ^ ]  ( 1  +  * )  ( 1 1 )

where t  =; W T 1 +  k0~* (l  +  qih“  +  & br )

For the coll f

(-) G.E. /  laO lQ jH g f^ ' H^/Hg (+) 

we have the equation 

E =  En +  Ei +  IS, ln l-Hg§+ 3

From equations (ll) and (12) at 30-0 0

E = E0 4- Ej H* 30.OS log y *- 3°*oS lo§  ̂ ^

By s u b s t it u t in g  the value d = 2.53 obtained in  

the. previous section we have from equation (6) (page 3*0

El - -O.132I  2a

" Substituting this value in equation (13)

b = e0 - 0.132111 + 3 0 .0s lo g y  - 3 0 .0s log  w

to arbitrary Talus for h is taken (say h' = 3.21)

»here the hydrolysis of mercury (1) is aotf-isiule. ®>ls relue, 

la. h ' = 3 .21 . and the corresponding values 11 and + ’ are then

substituted in equation (lH) giving



o

E ’ = E0 - 0.1321 h} +  30.0S log y ~ 30.08 log (1 + t ' ) (15)
f)

Equation (l4) is now subtracted from

equation (15)

E - E = 0.1321 ( h - h 1) +  30.03 log 1 (16)

r w
ie . [i

E 1 - E + 0.1321 (h r - h) =  30 .OS log 1 +1^ _  6 E (17)

6E = : E t - E 4- 0.1321 ( h 1 - h) 0-7a)

6E = 30.OS log 1 +\lf frft)

^ E  is obtained from equation (17?-) f °r each, 

value of h and the corresponding potential. E 1 is the potential 

obtained, for the cell when k ' =  3*21. Table 6 shows, the values of 

&E for titration 5 (°f* ®able 5)•

In Eigure 7 the values obtained for &E  are 

plotted against log h for each titration. The curves were calculated 

from equation (17b) using different values for k. The heavy dots 

are those values quoted by Eorsling, Hietanen and Sillen (ref. 13> 

Table 2b)*
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92na acidity constant, k , for mercury (l) can be 

calculated for each individual reading 'by rearranging equation (15) .  

ffiiese values are shown in [Table "6 for titration 5-

3. Discussion, ?,
r w w m i u w u r t j w w .

As pointed out by For sling, Hietaneu and Sillen1 3

previous investigators failed to bake into account the effect of the

acidity of mercury (ll) when determining tLe hydrolysis of mercury (l) ,

ffiius the values quoted for mercury (I) are often high. In .Figure 7 'kk©

effect of the hydrolysis of mercury (XI) is shown by curve 3 ie . when

no hydrolysis of mercury (I) occurs (k *= 0 ).

i !  ■ •

As can be seen from Figure '( the values of 6jB»

plotted against log h, are grouped around the curve calculated for

k =  1,6 x ic f^ .

Although good agreement is obtained between the /  

values of k calculated from equation (15) f ° r the individual readings 

of each titration (c f . Sable 6) ,  the correlation between successive 

titrations is fairly poor. "



Ihis lack of correlation could "be attributed to the 

inaccuracy in attaining the reference hydrogen ion concentration exactly 

equal to 3*21 mM and' the corresponding inaccuracy in the reference

j /  
potential of the cell* Ihe low values obtained for titration 4  could jl

. ' , " n ■ 7
he attributed to these effects* /

' ' ' ■ /
//

She hydrolysis constant cannot he determined vif'th 

very great- precision by this method as the effect of the hydrogen fons, 

liberated hy hydrolysis is not taken into account* ji

Ehe hydrolysis effect at ths higher hydrogen ion 

concentrations is small and consequently no reliance can he pieced on 

the values for &E when the hydrogen ion concentration is greater than 

1,50 ssM. n i

Better agreement is obtained between the individual 

results of each titration than was obtained by Forsling, Hietanen and 

Sillen. Figure 7 shows the relation between their results (dark dots) 

and the present work. A better overall correlation was /achieved between 

the values of k of successive titrations than was indicated by Forsling, 

Hietanen and Sillen, who obtained k =  10~?±o>3 , whereas the value in 

the present work was 10“   ̂°12 ~  0 2« Ihe better correlation in this

■work can /

' 1 4-8 o ■■ °



work man “be attributed to the more precise evaluation of the liquid 

junction potential, o

Ihe higher value for the acidity constant -in 

this work is prolbably due to the higher termporature used.



°* gydrolyslls of Silver.

j| - '•
1 . Procedure.  ̂ _

!i ' She titration method of Sil’Ien was used in an

attempt to ,'Jneasure the hydrolysis of silver ions.

if .

“ She concentrations of the solutions used are

given in- Table 7* These solutions were prepared from stock solutions -

and analysed'as "before. ", /

As the changes in the hydrogen ion concentration

were found to he less then those experienced with mercury (X),tha

glass electrode could not be used. The titration was therefore

carried oui; as in the previous section using the cell

/  - - , ■ • _ ■ •. - 

(-) O .S . /  HaOiO* 7  Ag+, B+ /  Ag (+)

The equation for this cell at 30.0°Q is

E =  S0 +  E-j +  60.15 log [Ag+ ]

The silver electrode was of the same type as 

those used to determine the liquid-junction potential in section A* 

The electrode proved to be very accurate and reliable.

Approximately /  . . . . . . .



n Approximately ten minutes were allowed to lapse

between additions of reagents 'before the potential was determined to

alldw the test solution to attain equilibrium,

\)

2 . Besults.

Erom equation (6) (page 3'-+)

Ei ■ “  - 60.15 dh 
2.303

1

=  r 0.1269 h

where d =  2,5+3 obtained previously.

She cell equation

E =  E0 +  Bj +  60.15 log [ Ag+  ]

can be rearranged to

E +  0.1269 h  =  E0 +  60.15 log [ Ag+  ]

lable 7 shows the Value of the potential after 

correcting for the liquid junction potential- She last two figures 

in the alkaline region, could not be adjusted as the :dependance of 

the liquid junction potential on the hydroxyl ion concentration was

not known. -



Oonmositlon_of Solutions,
in— im r  i r  i- ii t  i t i  ' V f i '  i ‘r* nr ■ I'nm m iiw  . .

Sx 500 mMClCr4., HCvOO mME*' (25*0 a ls ) 

s£ 500 mMcio~4 masr „ (2 3.5  mis)

S j 500 inZ-io 10” 4. 10/ JO. ,  5.03 al-LAg+

E&ftle 7*.

mis ■’ 1—
f

>
■
% 

-l
__

__
__

I
If 3  mV. (S-Ej)mY

0
- ii 5 ,2s

\:

370.23 370.90

2.0 k.k5 370.3^ 370.90

i 0 3 .6s 370. **5 370.92

6.0 2.96 370.55 370.93

S.o 2.30 370.62 370,91

10.0 | 1.69 370.69 370.90

11.0 1.39 370.73 370.91

12.0 1,11 370.76 370.90

13.0 0. 8k 370.79 \\370«90

1^.0 0.57 370,8k 370.91

15.0 0.31 370.S9. 370.92

15 .5 0 .19  r 370. S9 370.91

16.0 0.065 370, S9 370.90

16,2 0.03,7 370.89; 370.S3

To*k 0.032 »M0E“ 370.89 ~

16.6 0.129 nM)H- 370.so



As can be seen the adjusted values for the cell

potentials remair. constant u&til the alkaline region is reached. .. 

Precipitation starts a+f this point. Ihere thus appears to be no 

indication of hydrolysis of silver, -■

Assuming that maximum solubility of -the precipitate jj 

occurs at 0 .032 nM in OBT ie , just before the potential of the cell 

changes rapidly, the solubility product car. be evaluated. Ihus ” _

s0 - I Ag**] [ air.]
3

= 0.0025 x 0.032 x 10 

, =  S x  1CT 8 

ie . pKg^ - ~7»10

ffiii*? value agrees c-osely with those quoted in

the literature b

-oK0 obtained from other Nitrations ragged 
bo

between 6 .8  and 7*2. ,

3. Discussion. 11

SillenV method for the determination of

hydrolysis constants is not sufficiently sensitive for the

determination of /



determination pf the hydrolysis of silver ions. Eh© effect is very -

««all» and- has 'been investigated "by a feif workers using rather

indirect methods, f'^h® values obtained show very poor agreement

HTip- present investigation is inconclusive, and no conclusions can "be

drawn regarding "the existence of the AggOS^ ion as claimed hy

21
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