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GENERAL INTRODUCTION

The main aim of the Investigations presented in

this thesis was to make a detailed study of mixed ligand

chelates of oxovanadium (IV) with some oxygen and nitro

gen donor complexlng agents. For the determination of

formation constants of these mixed ligand derivatives,

an information was required about the simple chelates of

ft*
VCT with the ligands involved in the present study. Alt

hough most of these simple chelates had been reported

earlier, a survey of literature revealed that in some

cases, e.g., catechol, chromotropic acid, mandelic and

lactic acids, a more comprehensive study was desirable

before an understanding of their nature could be claimed.

In such cases, therefore, a systematic physico-chemical

study was carried out for obtaining the data for the mixed

ligand systems.

Although tartrate and malate complexes of VO(IV)

have not been studied from the above point of view, inter

esting results obtained In the study of vanadyl-mandelate

and -lactate systems led to extend this work to the corres

ponding tartrate and malete chelates. These have received

a considerable importnnce in recent years, since in ammonia

solution and in the solid state the complex (NH4)2[V0(tart)]
(HgO) is the only example of vansdyl complex known to

exhibit, at room temperature, four distinct absorption bands



in the ligand field region (1000-380 mu ).

In the study of the mixed ligand systems involv

ing o-phenonthroline and ?,?,-dipyridyl as primary

ligands, it was found that the successive reactions in

the formation of mixed ligand chelates overlap. Deter

mination of the formation constants of these complexes

required a knowledge of equilibrium constants of the

reactions associated with the formation of the simple

VO-Phen and V0~Dipy chelates. Before investigating the

formation of mixed ligand chelates, therefore, it was

considered expedient to study the potentiometrie data

arising from the interaction of vanadyl ion with the

above nitrogen donor ligands. Due to the special charac

teristics of systems described in this thesis and also

dependent on the facilities available in our laboratories,

the study has been based mainly on potentiometry.

Although the major interest of the investigations

lay in the mixed ligand complexes, the subject matter of

the thesis has been divided for convenience in two separ

ate parts dealing with the simple chelates followed by

mixed ligand derivatives.

SIMPLE CHELATES OF OXOVANADIUM (IV)

At least one ligand atom Is Oxygen?

1-10
Oxalate ion readily forms complexes with oxo

vanadium (IV). These complexes are mainly of the types:
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VO(ox). xHj>0, Mg[V0(ox)g](xH20) and ^[(VO^OX^J (xH20).
Formation of the anhydrous compound (NH4)2[(VO)g(ox)3J
has recently been claimed11. Acompound with the empirical
formula VO(ox)(RgOx) (3H20) has been reported by Selbia

1?
and Holmes •

By using Job's method of continuous variations,

the reaction of VOT* with malonic acid has been reported

to produce a 1:1 complex. In alkaline solutions, malonato

complexes of the general formula M2[V0(mal)2] .xH20 have
been isolated by Schramm14. These derivatives have been
reported to give different coloured species when dehydrated

in stages.

Tartrate complexes of VO(IV) have been a subject of

research18"5*4 since the earliest days of vanadium chemistry.

Jprgensen25 has suggested that in the complex ion (Vo(tart)]
all the four oxygen atoms of the tartrate ion are coordina-

26
ted to the oxometal ion. Recently an interesting report ,

proclaiming the use of (KN4)2[vO(tart)] (H20) for the inhib
ition of cholesterol synthesis In brain tumors, has appeared.

Complexes of oxovanadium (IV) with other polybasic
pn ©Q JJQ 30

acids, viz., salicylic f phthalic , succinic ,

sebacic30, citric30"32, ascorbic33 and picolinic34 acids
have been pi-epared by treating a suspension of the organic

acid in carbon tetrachloride with VOCl3 under anhydrous

conditions. Mont and Martell35 have ntudied the Interaction
of vanadyl Ion with salicylic acid,5-sulphosalicylic acid

°.
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titron, 5-sulpho-8-hydraxyquinollne and salicyl

phosphate in aqueous medium. By using the potentiometric

data of the systems, formation constants of the chelates

have been determined. Stability constants of the vanadyl

Chelates of EDTA36""33, I9ftA | H.IMDA39, chroraotropic40
41

and glycolic acids have also been determined.

Salicyldehyde forms st ble chelates of the

type M2[V0(Sal)2l (xH20). Acomplex with p-amino-salicy-
ldehyde has also been syntheslsed . Reactions of VCr

with other hydroxyaldehydes(4-phenyl-, 5-chloro-, 5-bromo-,

3,5-dlchloro-, and 3,5-dibromosalicyldehyde and p-hydroxy-

naphthaldehyde) and their imines have been recently

45
reported .

46
Dutta and Lahiry obtained a rose-coloured para

magnetic complex ("vOBol with benzehydroxamic acid (BH).
They also reported ' a cream-coloured hydrate fvOQjTl

(H20) with quinaldinic acid (QH) and an isomeric olive-

green aquo complex [V0Q2(H20)]. Complexes of the type
r t 49[VOG2J have be?.i syntheslsed with guanylalkyl-and

guanylalkoxyalkylureas(GH).

Oxovanadium (IV) has been reported to form

several complexes with 8-diketones. Amongst these, the

blue-green bis (acetylacetonate) oxovanadium (IV) oomplex

has received an expensive attention. This compound was

50
first prepared in 1876 by Guyard . In 1900 the same

et e©

compound was syntheslsed by Gach . Morgan and Moss



formulated the complex as jVO(acac)2J. Rosenheim and
Mong17 claimed it to be in a monohydrate form, [V0(acac)2
(H20)]. Again, in 1964 Jones53 studied this complex and
concluded that the original formulation without water

molecule was correct. By using Bjerrum»s method, Trujillo

and Brito54 ob ained evidence for the formation of

VO(acac)* and j"vo(acac)^] complexes in aqueous solutions.

Recently, the vanadyl complexes of acetylacetone
ere

in aqueous and alcoholic solutions have been reported

to undergo slow oxidation by atmospheric oxygen. The

oxidation reaction has been claimed to proceed rapidly

with hydrogen peroxide. Other 8-diketones which form

complexes VO(IV) include: 3-cyanoacetylacetone | ?-
57 58

chloro-and ?-bromo-acetylaeetone ; acetyl methylacetone ;
fiO

benzoylacetone and its 1:1 adducts with bases.

8-hydroxyquinoline has been reported to form

complexes having 1:1 and 1:1? ratios of vanadyl to ligand.

Formation constants of these chelates hwe been determined

by Bjerrum's method. Magnetic moment of VO(oxlne)2 has been

measured • and the complex has been reported to form a

stable pyridine adduot.

Complexes of VC(IV) with Schiff bases formed from

8-dlketonea, ethylenedlamine and salicyldehyde have received

a considerable attention in recent years. Amongst the

complexes obtained from the Schiff bases derived from
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8-diketones, reference may be made of the complex bis

(acetyl acetonepropylenediiraino) oxovanadium (IV) which

has been reported to be the first compound of VO(IV)

to have been successfully resolved Into optical isomers.

70
More recently, Sacconl and Camplgli have studied the

interaction of Schiff bases formed from ring substituted

salicyldehydes and N-substituted ethylenediarainea.

Complexes with the general formula [jUSALen-NCRjR'̂ VO
have been syntheslsed. These complexes have been shown to

have a five-coordinate structure.

The ligand atoms are nitrogen:

71
Vanadyl ion forms strong complexes " with o-phenan-

throline and ?t2«-dipyrldyl. They are of two general types.
fte

The first contains one ligand molecule per VO entity.

The second type includes complexes containing two molecules

of ligand per mole of the oxometal ion. Sulphato derivatives

of the above complexes have been syntheslsed by Selbln and

Holmes ,7?!. The chloro-and bromo-derivstives have also been

p^pared . By the interaction of vanadium t trachloride

with o-phenanthroline and °,P*-dipyridyl (L), the complex

VGl.L has bean obtained. This complex on hydrolysis has

73been reported to yield V0C12L.

Complexes of blguanide and six different substituted

74
des have been reported .

general formula [V0(big)2(H20)J.

74
biguanides have been reported . These complexes have the
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75—77Chelates of tetraphenylporphlne and its
jft 78p-methyl-p-methoxy-t and p-chloro- substituted deriv

atives have been atudied and their infrared and visible

spectra recorded. A phthalocyanine oomplex has also been

V

79
reported •

MIXED LIGAND CHELATES

The study of mixed ligand metal chelates has

received considerable Importance in recent years, since

the formation of these derivatives offers an alternative

react Is* to hydrolysis and olation of the simple chelates

in which some of the coordination positions of the central

metal atom remain unfilled by the ligand molecule. In

the Th-SDTA chelate, for example, the EDTA molecule occ

upies six coordination positions of the metal leaving the
80

remaining two for hydrolysis and polymerization reactions.

In this case, therefore, bidentate ligands have been rep-
81orted zo combine with the metal chelate giving stable

mixed ligand derivatives.

When V0C204.?H20 complex is treated with neutral
ligands such as dimethyl sulphoxide (DMSO) or antipyrine

(Apy, 1-phenyl %3-dimethyl 5-pyrazolone), the two coor-

dinated water molecules of the complex are replaced by

the ligand molecules giving V0C204.*DMS0 or V0C2O4."Apy.

By measuring molar conductance in acetonltride, these
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complexes have been shown to be nonelectrolytic In

nature.

Mixed ligand chelates [vO(C12 HQR2)C?04,VO(C10H8H2)
CgOj containing o-phenanthroline or ".P'-dipyridyl as one
ligand and oxalic acid as another ligand have been synthes

is
ised by Selbin and Holmes .

Mixed ligand complexes of VO(IV) with Schiff bases

of the general formula

R

S 2

CH-N-CHjj - CH2 - qKx

formed from ring-substituted salicyldehydes and H-subst-

ituted ethylenediamlnes have been prepared by Sacconi and

Campigili70. These complexes have been shown to have the

formula [(X-SAL)(X-SALen-N(R)R*]vO, where the 3ubsti-
tuents R and R» are alkyl groups (except when R - R* "C^Hg),

benzyl groups and the terminal amino group -RRg is -H(CH2)4

(pyrrolidino) or -N(CH2)5 (piperidino). They are deep red

or violet in colour, except for those in which X * 5,6-benzo,

which are green. These derivatives have been shown to have

a hexacoordinate structure.
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PART II

SIMPLE CHELATES OF OXOVANADIUM (IV)

Section I- Oxovanadium (IV) Chelates of Catechol.

Section II- Oxovanadium (TV) Chelates of Chromo-
tropic acid.

Section III- Oxovanadium (IV) Chelates of Mandelic
and Lactic acids.

Section IV- Qxovan dium (IV) Chelates of Tartaric
and Malic acids.

Section V Oxovanadium (IV) Chelates of Iminodia
cetic acid.

Section VI- Oxovanadium (IV) Chelates of o-Phenanth-
roline and 2,2*-Dipyridyl.
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SECTION I

QKOVANADIUM (IV) CHELATES OF CATECHOL

Catechol, o-dihydroxy benzene, gives a 5-membered

ring on chelation. It, therefore, forms stable complexes

with a number of metals like copper "* . chromium , zinc ' t

nickel6"8, cobalt6"8, bismuth9*10, aluminium11, iron12,
zirconium ' , thorium and uranium .

17—*0
Oxovanadium (IV) has also been reported to

17
form strong chelates with catechol. Rosenheim and Mong

isolated vanadyl derivatives of catechol of formulae

Mg[V0(cat)£] (Hpcat)(xHgO) from alkaline solutions of
vanadyl sulphate containing an excesa of the ligand.

s» 18Recently a continuous variation study of V0S04 with

catechol revealed a violet 1:2 complex and a violet-black

li3 complex. In the latter complex, the third molecule

of the ligand has been reported to be loosely held and

is claimed to be catechol of crystallization. In another

19
study Trujillo and Cabrera , by treating vanadyl sulphate

with caustic soda (3 moles) in the presence of an excess

of catechol, showed the formation of complexes having

vanadyl to catechol combining ratios of 1:1 and li*. More

20
recently, Shnaiderman by a photometric study of systems

containing VO(IV) and polyhydroxy-benzenes, viz. catechol,

pyrogallol and gallic acid, showed the formation of 1:1

-r
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complexes in the pH range 4-6 above which complexes

containing I moles of the ligands per mole of VO(IV)

have been reported to be formed.

In view of the above, it was considered desir

able to carry out a systematic physico-chemical study
*♦of the interaction of VO with catechol under the

experimental conditions employed for the investigation

of the mixed-ligand chelates. Attempts were also made

to determine formation constants of the complexes for

med In the system.

RESULTS AWP DISCUSSIOM

Ourve 1 (Fig.l), for the potentiometric titrat

ion of an equimolar mixture of vanadyl sulphate and

catechol, exhibits a sharp inflexion at m * 3, where

*ra* represents moles of potassium hydroxide added per

mole of the metal ion. For the formation of a normal

1:1 chelate in accordance with the reaction:

two moles of KOH per mole of the metal salt are requi

red. An occurrence of inflexion point at m • 3 and the

non-preoipitatlon of the metal hydroxide In the system

Indicated that one of the water molecules of the aquo

chelate (I) undergoes dissociation. The hydrolytic



1 I 1

Pot ent i omet r i c titrations of 1

T>i = 5xlO"3W. Ionic strength = 0.1M

I
^ 5

vanadyl-catechol

system,
(KCl )* m = -moles of base

per mole of the -metal ion. In the lower buffer regions
portion of the curves for the neutralization of HCl present
in "VOCrZ) soln. has been eliminated, curve 0 represents
titration of catechol With KoH

T

.-/
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reaction may, thus, he represented as:

Q*-T0 ♦ ^0 *=± Q2>vo(oh)^h+ -(it)
(II)

The failure to obtain a titration breaks at m * 2 sugg

ests thst the formation of the hydroxo complex(II)

starts before the formation of the normal 111 chelate(I)

is completed. In the above equations and generally through

out this thesis, the water molecules of hydration have

been omitted for the sake of simplicity.

In order to investigate the presence of polynuclear

chelate species in the system21, potentiometric titrations
of 1«1 mixtures of vanadyl sulphate and catechol were

carried out over a four-fold concentration range. The

effect of concentration on the potentIometric dat , illus

trated by curves 1-3 (Fig.l) for the above titrations is

so slight th»t no polymerisation of the aet«?l chelate seems

to occur. The spread of the lower buffer regions seen in

these curves can be accounted for entirely on the basis of

variation of the concentration of hydrogen ions as a func

tion of concentration of the metal ohelate. Beyond the

cross-over of the curves at m " 3, the second buffer region

is displaced to higher pH values with a corresponding incr

ease in the concentration of the metal chelate. This shift

may be explained on the basis of the free alkali present
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in the system(I.e., the spread is due to the fact that

different quantities of KOH solution were required

to produce the same ,m* value s-nce the total concentr

ation of the metal chelate differed considerably).

In view of the above interesting results of the

interaction of one mole of catechol with one mole of

vanadyl ion and to verify the conclusion of the format

ion of mononuclear chelate species only In the system,

it was considered worthwhile to carry out a mathematical

analysis of the potentiometric titration data. The

method used for the determination of equilibrium const

ants is outlined belowi

If HgA represents catechol, complexation react

ion at initial stages of the titration may be represented

as i

VC?+ + H2A < fc VOA + 2H* ...(i)

Equilibrium constant K^ may be expressed asi

* . w Egg (1)

Although the hydrolytic behaviour of vanadyl Ions

is not fully known, however, taking the values of Xj.
Uand KV, reported by Rossotti and Rossotti ' for the

equilibrist



V0?* ♦ fi^O < > VO [OH] * ♦ H*

[V0[0H]+] [H+]
\ * po^f lo"6-0 ... (?)

1«

?♦

and ?V0S4 ♦ SHsO «=± (™ N )t +***

, [c™m)S;] M2 .10.6.as... (3)

it may be shown that in solutions of pH less than 3.5,

the amount of the hydrolysed species of the uncomplexcd

vanadyl ions is negligible as compared to the concentr

ations of the other species present in the equilibrium

mixture. But in this study, due to a little chelation

between vanadyl ion and catechol below pH 3.5, it was

considered necessary to account for the equilibria invol

ved in the hydrolysis of free vanadyl ions present in the

system. For this purpose, the values of hydrolysis const

ants defined by the equations I and 3, were employed.

If Tjj represents total concentration of all the

metal species and TA that of the various ligand species

and if Tqu be the concentration which the added base

would have if there were no reaction, we obtain the foll

owing equations for maintaining the material balances

*M * [Y0^] # [T°W] ♦ s[(^0[OH] )2+] +[v0a]
... (4)

0
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*CH • tH+J " [*1 ♦ «[(VO[OH] )*+] ♦ «[V0A] ...(5)
and

TA « [HgA] ♦ [VOAJ ...(6)

— P—
In the pH range studied, concentrations of HA", kJ and

OH" were negligible as compared to those of the other

species present in the reaction mixture.

Elimination of [vo[OH]+], [(VO [OH] )g+] and [VOAJ
between equations **~5 gives.

LHJ LHJ ,ns...(7)

Concentration of free vanadyl ions present in the equil

ibrium mixture may, therefore, be given by the expression,

[V^] . -* ^= ...(8)Hb +4ac

2a

where

pxicr6*68 v , 9 icr6,0 an,

c-£TM «Tog - [<]

After computation of the equilibrium concentration of

free metal ions, concentrations of the other species

preBent in solution may then be determined algebraically

from equations 4-6. The values of the equilibrium constant

M»f calculated from various points of curves 1-3 (Pig.l),
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are presented in Table I.

Table I

Curve 1(Pig.l), 1A -ig *5xlO~3M

m 0.80 0,28 0.36 0.44 0.52 0.60 0.76 0.92

pH 3.70 3.75 3.8? 3.87 3.93 3.98 4.06 4.10

-logK^.87 5.87 5.86 5.85 5.86 5.85 (5.79 5.64)

Average value of -log K^ * 5.86±0.01
*Values not included in the average.

Curve 2 (Pig.l)» *A * % * ?.5xlCTSM

a 0.20 0.28 0.36 0.44 0.60 0.76

pH 3.84 3.91 3.97 4.09 4.07 4.16

-log Ix 5.88 5.88 5.83 5.87 (5.7? 5.69)

Average value of -log Kx » 5.8810.0
* Values not included In the average.

Curve 3 (Pig.l), TA • TM * l.?6xl(T3M

m 0.12 0.20 0.28 0.44

p 3.92 3.98 4.0? 4.10

-log Kx 5.85 6.85 (5.79 5.46)*
Average value of -log K^ * 6.85±0.0
*Values not included in the average

Prom the above table it is evident that the relat

ively constant values of -log Kx could be obtained up to
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a pH of about four only regardless of the initial concen

tration of the reaction mixture. It is also obvious from

Table I that the value of the equilibrium constant is

independent of concentration of the metal chelate Indica

ting that the complex is present in solution mainly as

a monomer under the experimental conditions employed*

On the basis of the mathematical treatment, given

above, attempts were also made to calculate the value of

equilibrium constant Kv from the potentiometric date of

curve 4 (Pig.l) for the titration of vanadyl sulphate with

KOH in the presence of two moles of catechol. The results

of these calculations are presented in table II.

W a

Curve 4 (Pig.l)» TA - 2TM * l.Oxld" M

m 0.?8 0.36 0.44 0.5? 0.60 0.68 0.76

pH 3.60 3.66 3.70 3.74 3.78 3.82 3.86

-log Kx 5.85 5.86 5.83 5.81 5.79 5.79 5.78

Average value of -log % * 6.81*0.04

In this case also constant values of -log K^ could

be obtained up to a pH of about four only. This similarity

together with a close agreement in the values of the equil

ibrium constant, given in Tables I and II, indicated that

even in the presence of an excess of catechol a normal 111

chelate Is the only complex formed in solutions of pH$4.
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Stability of 1:1 Chelate

The stability constant, Kj^, of the 1:1 Metal

chelate may be defined as:

K • [v°* ]
" Rl[7j - (9)

If ^ and K represent the first end second diss

ociation constants of catechol, it may be shown that:

Kl
*MA * -J—;— ... (10)

al *2

where Kx represents the equilibrium constant defined

by expression (1).

Substitution of the values of Em (from tables I and

II average value of pKx * 5.85), Ks^ (lO~9'9)Tef'°3 and
K«g(10 ) * in the above expression corresponded

to a value of 16.?8 for log K^.

Hydrolysis of 1:1 Chelate.

A gradual fall in the values of -log K, above pH

of about four (table I), calculated from the potentiometric

titration data of the 1:1 vanadyl sulphate-catechol system

(curves 1-3, fig.l) together with a single inflexion point

at m * 3, indicated that the normal 1:1 chelate (I) under

goes hydrolysis with the formation of a hydroxo complex

and there is some overlap between the two successive
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reactions. The hydrolytic reaction may be represented as:

VOA ♦ H^O < •* VO(OH)A~ + H+ ...(ii)

The hydrolysis constant, X^, may be expressed as:

*,« L"<">*-3 M ... m
[VOAJ

The overall reaction in the system may be written ast

V08+ +HgA *H20 < & V0(OfI)A"" ♦3H*

The equilibrium constant for the above reaction may be

given by

Other pertinent equations aro,

TM -[v0S+]+[v0(aj)+]^[(V0[0H])|+]i-[V0A]+[V0(OH)A-]
... (13)

TCH*M " [***«*] #s[(V0[0rl])l+]+2[v0A]+3[v0(0H)A-]
... (14)

TA - [HgAJ ♦ [VOA] ♦ [tC(OH)A~] ... (16)

Here also, in the pH range studied, concentrations of HA",

1?~ and OH** were negligible as compared to those of the

other species present In the system.
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Blimination of [V0(0H)A J between equations 13 and

14 gives

3TM - Tqj, -[h*] • 3[vO?*]+?[voCaO*]+4[(VO[0H] )2*]+[v0a]
... (16)

Combination of equations 1-3 and 16 gives,

KiLH?AJ r-n?+i
\fy L J

... (17)

In a 1:1 reaction mixture, since TA * TM , from equations

13 and 15 we obtain

[HgA] « [vO**] ♦ [TO[OB]*] +?[(VO[OH])^] ..(18)

Combination of (17) and (18) and rearrangement of the

terms into the form of a polynomial yield :

afvO2*]3 «• b[vO?*]2 ♦ C[V0?*J - d «0 ...(19)

where

2K1xlO"6,88 4xl0"*6,88 Kixlcr6,° d4x10 "*w . "l— „ . J2

a* [•*]* fb" H^ *HJ?F~ * B?P *

2xl0~6'0e - 3 +P^1^ and d « 3TM - T^j - [H+J
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Knowing the value of K-^from tables I and II), equil

ibrium concentration of free vanadyl Ions present in

the solution could be determined by solving equation 19

?4with the help of Hewton's method of successive approx-

iaatlons using I.B.M. 16?0 computer. Concentrations of

the other species present in the equilibrium mixture could

then be calculated from the above equations. The values

Kj. and Kj. could thus be determined. Here also, in order

to detect polymerization of the hydroxo chelate (II),

these constants were determined over a four-fold concentr

ation range of the metal chelate. The results of these

calculations, obtained from the potentiometric data of

curves 1-3 (Pig.l) are given in table III.

Table III

Curve 1 (Pig.l), TA « TM • 5x10"" M

m 1.24 1.40 1.56 1.72 1.80 1.88 2.04 *.?0

pH 4.31 4.41 4.50 4.6* 4.68 4.73 4.86 6.05

-log KfcS.O? 6.07 5.04 5.09 5.12 6.08 8.09 5,18

-log KH 10J37 10.92 10.89 10.94 10.96 10.93 10.94 11.03

Average value of -log TL^ • 5.09+0.09 and

-log KH « 10.93l0.10
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Curve 2 (Pig.l), fA - TM - ?.5xlO~3M

a 1.24 1.40 1.56 1.7? 1.80

pH 4.45 4.54 4.63 4.73 4.80

-logKh 6.19 6.14 5.17 6.13 5.13

-logKjjU.05 11.00 10.99 11.01 11.0? 11.01 11.09 11.08

Average value of -log K^ • 5.1510,04 and

-log Kg - ll.03l0.06

Curve 3 (Pig.l), TA - TM * l.?5xld"3M

m 1.08 1.24 1.40 1.56 1.72 1.80 1.88 2.04

pH 4.46 4.62 4.62 4.74 4.83 4.87 4.95 5.1*

-logKfc 4.91 4.85 4.96 6.15 6.14 6.11 5.17 5.18

-logKH 10.83 10.75 10.85 11.00 10.99 10.96 11.05 11.12

Average value of -log Kfl • 5.06+C.l? and

-log KH » 10.94±0.18

Again, it is evident from the above table that the

values of p&h and pKg are almost independent of the concen

tration of the metal chelate Indicating that the monohydroxo

complex also does not polymerise under the experimental

conditions employed.

By the use of the equilibrium constants presented in

tables I-III and the equations given In the mathematical treat

ment of the data, it was possible to determine the distribution

of the chelate species I and II as a function of the total

metal chelate concentration and pH of the reaction mixture

26

1.38 ?.04 2.20

4.86 5.01 6.14

5.16 5.16 5.13



A<

3-6

7,1

*•*

*<<

«)
O Z°

O

t— r i ii ~T~ ~1 '

6-5

Fig.3. Distribution of chelate, VO(OH)A, as a
function of pH in 1:1 vanadyl-catecho I
system (curves 1,2 & 3, Fig.l).
Curve 1, TM = 5x10_3m
Curve 2, TM =. 2.5xlO"^M,
Cx\rve 3, TM - l .25xicr3><\.
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containing an equimolar concentration of vanadyl sulphate

and catechol. Figure 2 thus shows that formation of the

normal 1:1 chelate starts from a pH of about 3.6. Concen

tration of the complex becomes maximum around pH 4.7, above

which reaction (ii) becomes more significant (Fig.3), the

concentration of TOA, therefore, falls and ultimately as

the system approaches a pHH?, the complex is completely

converted into the hydroxo chelate VO(OH)A"*.

Interaction of one Mole of Vanadyl Sulphate

with two %oles of Catechol:

Curve 4 (Fig.l) for the potentiometric titration of

vanadyl sulphate with KOH in the presence of two moles of

catechol is throughout lower than the curve 1 for a similar

titration of vanadyl sulphate in the presence of one mole of

catechol. The lowering, however, Increases above pH of about 4

and a sharp inflexion occurs at m * 4. Inflexion point at m»4

is In accord with the reaction:

2-

70°+ ♦8Q-an~ *=* 0r"f<3j ♦ 4H+

(III) ... (lii)

The above conclusion is supported by a spectrophotometrlo

18
study reported by Bhattacharya and Bonerji . The relatively

constant values of pK-^, the equilibrium constant for the

formation of a normal 1:1 chelate, obtained up to a pH of

about 4 (table II), indie ted that the 1:1 complex (I) is the
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predominant metal chelate species present in the system

below pH of 4. The lowering in curve 4 (cf. curve 1,

fig.l) up to this pH may, thus, be accounted for on the

basis of the formation of 1:1 metal chelate formed as a

function of total concentration of catechol present in

the system. Above pH of 4, the 1:1 complex begins to

combine with another mole of catechol present in the

system with the formation of a 1:2 complex. Since the hydro

lysis of the normal 1:1 complex takes place in the same pH

range (table III) in which formation of 1:2 complex occurs,

a portion of the former may be converted into the mono

hydroxo complex (II) which by raising the pH of the solution

by the addition of alkali, in the presence of an excess

of catechol, is gradually converted Into the 1»2 complex.

Thus, three chelate species, viz., VOA, VO(OH)A and VOAp ,

appear to exist in the system. A single Inflexion point at

m * 4 Indicates that the successive reactions for the forma

tion of various chelate species in the system overlap.

Determination of ^ouillbrlum Constants

Rsaction for the formation of 1:2 complex may be

represented as:

VOA ♦ HgA < > V04~ + 2H*

Squilibrlum constant &>, of the reaction may be expressed as:

[TOAg-j [H*]8
v m . , , (?0)

[voa] [v]



K, the equilibrium constant of the overall reaction,

VO2* ♦ 2HgA 4 VOA*"* • *«*

may be defined as:

Assuming that only mononuclear metal chelate species

are formed in the system, the following equations for mater

ial balance in solution may be readily deduced:

tm - [Y0?+3 * [to<oh>+] • *[<™coo);n ♦ [•o*3 •
♦ [V0(0H)A~] +[vOA^f] ••• •*!

*oh ♦M * [•o(«)43 ♦ •[(•oC«3)J*] ♦ iM ♦

♦ 3[V0(JH)A"*] ♦ 4[V0A^-] ... (23)
and

*A • [H2A] # [Y0A] +[V0(0H)A-J ♦ t[T0aJ-] .. (24)

Elimination of |j0A2 J between (23) and (24) gives,

MA " TCfl * M " P[H2A1 - [V0(°«)4] -S [&*0tit] m
[V0(0H)AJ ... (25)

Combination of equations ?,3,1? and 26 gives,

2TA - t™ - M ♦ 5a, rvo2+i 42ai .fto**]8

2I 3EI [VO^J ... (26)

29

K» T—prfrT—=jf ••• W)
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Again, combining equations 1-3, 1°, 22 and 23 we get,

4TM -*m -[H*J -4[V0-J *3^J [V0-] 4̂ f+fr
^^ K3 • ^ W

... (27)

How substituting the value of [HgAJ from equation 26 in
equation 27 and then rearranging the terms into the form

of a polynomial we have,

where

and

jyj5 ♦ b[vo^J2 ♦ c[vo*+>d * o ... tm

a

?x

+ 14[H+J [B*J -h

+13
[H+J

FT
♦ Kn

*fU - T<M -w

♦12

[«n

%

OT
- 3

T0H + M- 41 •

_1 u

\

L"+]
- *.

Knowing the valuos of K^ , K^ (from equations 2 and 3) and
the equilibrium constants ag, and K^from tables I-III)£omputation

of the equilibrium concentration of the free vanadyl ions,
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present in solution, could be made by solving equation ^8.

Concentrations of the other species present in the equil

ibrium mixture could then be calculated with the help

of the above equations and the values of pK and pKp

could, thus, be determined from various points of the tit

ration curve. The results of these calculations are prese

nted in table IV.

Table IV

Curve 4 (Fig.l): TA - 2T„ - l.OxlO""^.

m 1.40 1.56 1.72 1.88 P.04 2.20 2,36 2.52

pH 4.17 4.25 4.34 4.43 4.53 4.66 4.79 4.89

pKg 8.01 8.06 8.22 8.17 8.09 8.15 8.16 8.02

pK 13.86 13.91 14.07 14.03 13.96 14.01 14.01 13.88

Average value of pK • 13.96^0.11 and pK^ * 8.11+0.06

In this connection it may be pointed out that since

the hydrogen ion concentration appears as the fourth

power in the expression for the equilibrium constant

(equation 21), an experimental error of only -0.02 pH unit

would give an appreciable deviation in the values of the

equilibrium constants. The accuracy of the values of these

constants, given in Table IV, Is, therefore, limited to

about -0.15 pK units.

After computation of the equilibrium constants,

distribution of the various chelate species as a function

of pH of the solution could be determined. This has been
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g.A. Distribution of chelate species VOA., VO(OK)A- and VOA2 (curves
1,2 &> 3 respectively) us a function of j?H in a 1:2 vanadyl-catechol
chelate systemCcurve 4-, F\.g.l).
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presented in Figure 4.

Stability of 1:2 Chelate

Formation constant KM. of the 1:2 complex and the

overall stability constant Kg. of the metal chelate

may be defined as:

[voa|-]
MA2 [VOA] [A ]

* [T0A?~]
X " [vo?+] [a*-]« •*' (30)

and

Using the equations 20, $1 and the expressions for Kft

and K„ , the diss
*2

may be shown that.

and K„ , the dissociation constants of catechol, it

and

*%% • g i ••• (31)
i

^ " Kfi KS '" (32>
*1 *2

Substitution of the values of Kg and K (from table IV)

and the dissociation constants of the ligand, reported
23by Heureux and Martell , thus, gave the values of

log Kjj. and log k' equal to 13.02 nnd "8.30 respectively.
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SECT I 0 j II

OXOVANADIUM (IV) CHBLA?B3 OF CHRONOTROPIC ACID

Although chromotropic acid (1,8-dlhydroxynaphthalene

3,6-disulphonate, DNS) complexes of oxovanadlura(IV) have
£5—?7

been reported earlier , a survey of literature reve

aled that a quantitative study of the equilibria involved

in the interaction of VO with BUS has not been carried

out. In order to have an understanding of the nature of

these sisnple chelates, therefore, it was considered worth

while to carry out a mathematical analysis of the potent-

24*
iometric data arising from the Interaction of VO with

DNS. For a comparison of the stabilities of these simple

complexes with those of the mixed ligand chelates,

attempts were made to determine formation constants of the

complexes under the experimental condition:-: employed in

the study of mixed-ligand systems.

RESULTS AND DISCUSSION

Curve 1 (Fig.5), for the potentiometric titration

of an equimolar mixture of vanadyl sulphate and chromotropic

acid (disodium salt, DNS) with KOH, exhibits sharp inflex

ion points at m m 1 and ra - 3. An inflexion point at m ••

is in accord with the reaction:

-O-Sv^ -Q,S-—

(I)
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Fig.5. Potentiometric titration? of 1:1 vanadyl-chromotropic acid(L
chelate systems with KOH(0.IN). Concentrations:curve 1,5x10-3R; curve 2,
2.5xlO-3M;curve 3,1.25x1C-3M. Curve 4, represents similar titration of
1:2 vanadyl. DNS system, curve 0, represents titration of DNS with KOH.
Ionic strength=C.lM(KCl). m=moles of base added per mole of the metal'
ion. In the lower buffer regions portion .f the curves for I

ition of ;!S1 present in VO(IV) soln. has been eliminated.
aeutra-
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The occurrence of a huffer region in the range m • I to 3

indicates a reaction of the type:

VO ♦ HgO < • >-^/VO(OHr*HT ...(ii)

-O^T
(ID

In order to verify the above conclusions, attempts

were made to determine the equilibrium constant K^ of

reaction (i) from the potentiometric data of the lower

huffer region and K^, the hydrolysis constant of the

chelate, represented hy reaction (11), from the data of

the upoer buffer region of the curve.

2-If HgA represents chromotropic acid, the equili

brium constant K^ may he defined as:

Kl " r.J8*ir_ .*-t ...(33)[y<?+] [VV-]

and the hydrolysis constant Kn may he expressed as:

[>0((H )*»-][■♦]

m [voaH

By using the mathematical treatment of data presented

by equations 1-8 in the vanadyl catechol system, the

values of K^ , obtained from various points on the lower
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buffer region of curve 1 (Pig.6) are given in table V.

IshleJt

Curve 1 ( Pig.5), TA - TM * SxlCf3!

m 0.80 0.40 0.60 0.80 1.00 1.S0 1.40

pH *.97 3.08 3.19 3.30 3.43 3.56 3.71

-logK^.OS 4.07 4.08 4.08 4.11 4.11 4.10

Average value of -log K^ • 4.09-0.0?

Hydrolysis Constant:

The hydrolysis const nt K^, defined by (34), may

be determined with the help of the material balance

equations:

TM - [V0AS~] ♦ [VOWA3-] ... (35)

T0H * [H*J " [^(OHJA3"] ... (36)

?A • [VOA2"] ♦ (jO(OH)A3"*] ... (37)

Values of K^, calculated from the potentiometric data

of the upper huffer region of curve 1 (Fig.5) are pres

ented in table VI.
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lable_JI

Curve 1 (Pig.5), TA » T„ « 5xlO~3M

m 2.2 2.3 2.4 2.5 2.6

pH 5.17 5.32 5.50 5.65 5.82

-log Kjj 5.66 5.68 5.67 5.65 5.64

Average value of -log Kn * 6.66*0.02

The success thus achieved in obtaining constant

values of the equilibrium constants (tables V and VI)

clearly shows that a normal 111 metal complex(I) is the

only chelate species formed in the lower buffer region

of the curve and in the upper buffer region the complex(I)

undergoes hydrolysis in accordance with reaction (ii).

Having established the nature of the chelation react

ions occurring in the system, it was considered of inter

est to investigate polymerization of the chelates formed

in the solution. Titrations of 1:1 mixtures of vanadyl

sulphate and chromotropic acid were, therefore, carried

out at various concentrations of the metal salt. Values

of the constants K^ and K^, determined from the tit

ration data of these curves (curves 2 and 3, Pig.5), are

listed in tables VII and VIII respectively.
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Curve 2 (Plg.5), TA - TH - 2.5xlCT3M

m 0.2 0.4 0.6 0.8 1.0 1.2 1.4

pH 3.15 3.26 3.35 3.46 3.58 3.71 3.86

-log^ 4.05 4.05 4.06 4.07 4.09 4.10 4.10

Average value of -log K^ * 4.07±0,03

Curve 3 (Pig.5), ?A * ?M » l.PSxlO^M

m 0.2 0.4 0.6 0.8 1.0 1.2 1.4

pH 3.34 3.42 3.50 3.60 3.71 3.84 3.97

-logl^ 4.02 4.00 3.98 3.98 3.99 4.01 3.97

Average value of -log B| • 3.99+0.03

Table VIII

Curve 2 (Plg.5), TA * TM * P.SxlCT5*
a 2.2 2.3 2.4 2.5 2.6

pH 5.10 5.29 5.60 5.67 5.80

-logKh 5.70 5.65 6.68 5.67 6.6?

Average value of -log K^ * 5.66^0.04

Curve 3 (Fig.5), TA * TM « l.?5xlO~3M
m 2.2 2.3 2.4 2.5 2.6

pH 5.06 5.25 5.44 5.66 5.78

-logKh 5.64 5.61 5.61 5.59 5.60

Average value of -log K^ • 5.61±0.03

37
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It is evident from tables V-VIII that the values

of pK^ and pK^ are almost independent of concentration

of the metal chelate, indicating that both the species,

the normal 1:1 chelate (I) and the monohydroxo complex(II),

do not polymerise to any significant extent under the

experimental conditions employed.

Stability of 1:1 Cholato

After determining equilibrium constant K^ of react

ion (i) (tables V and VII), formation constant of the

chelatei

[voa"-]

*" 'mm •••<38)
may be determined from the expression

hKg. •» • ' m ... (39)
al *2

where K and K represent the dissociation cons-
rt *

tants of the ligand (HgA ~), defined by

and

[ha3-] [k+]
... (40)

% [h*8-] -(41)
Substitution of the values of Ki (from tables V and

VII average value of pKx - 4.05), Kft (1CT5*34) and
*a*
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K (lO*"15'60)***^3 ln &9) SiT®8 a value of log t^
2

equal to 16.89.
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Analysis of the Potentlometrlc data

tf Curve 4 (Plft.6) j

Curve 4 (Pig.6) for the titration of a reaction

mixture containing 1:2 molar ratio of vanadyl sulphate

to chromotropic aoid is throughout lower than the curve 2

for the corresponding titration of a 1:1 mixture of

vanadyl sulphate and chromotropic acid, and shows inflex

ion points at ra «» 2 and m » 4. A similar nature of this

eurve with curve 2 in the range m • 0 to I is indieative

of the formation of a 1:1 chelate (I) (reaction 1) in

the system.

In order to verify the above conclusion?attempts

were made to calculate the equilibrium constant K^ from

the potentlometrlc data of the lower buffer region of

curve 4 by using the mathematical treatment employed

in the 1:1 vanadyl sulphate-chromotropic acid system.

?he results of these calculations are given in table DC.

Table IX

Curve 4 (Pig.5), TA » 2 TM * 6 Xl<r3M

m 0.2 0.4 0.6 0.8 1.0 1.2 1.4

n 3.03 3.12 3.18 3.26 3.36 3.46 3.56

-log^ 4.08 4.09 4.06 4.05 4.06 4.08 4.09
Average value of -log X«^ • 4.07+0.02
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The relatively constant values of pK-^ cf. table VII),

observed in Table IX, showed that even in the presence

of an excess of the ligand only a 1:1 metal chelate(I) is

formed in the lower buffer region of the curve. An

inflexion point at m * 2 thus indicated the complete

conversion of vanadyl ions in the system into the normal

1:1 metal chelate (T).

Beyond m » 2, lowering in the curve (cf. curve 2)

becomes more significant. In the range m * 2 to 4, the

curve may be interpreted in two different ways:

I. As this portion of the curve ( m * °-4) appears

to be a composite of the upper buffer region of curve I

for the titration of 1:1 chelate system and the curve 0

for the titration of the free ligand, a probable explanat

ion may be based on the assumption of the formation of a

hydroxo 1:1 complex of the type (II) (reaction ii) and the

neutralization of free ligand (one mole ) present in the

system.

II. Lowering shown by the curve in the range m * 2 to

4 and an inflexion point at m * 4 may also be accounted

for on the basis of the combination of Ijl complex (I) with

another mole of the ligand in accordance with the reaction:

-v

-v
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In order to characterize the reactions occurr

ing in the system, attempts were first made to analyse

the potentiometric data of the upper buffer region of

the curve on the basis of model X.

Prom the values of 10"*5,34 and icT15,60 for tha

dissociation constants of the phenolic protons of the

ligand, it is evident that only one proton of the

phenolic groups may dissociate under the experimental

conditions (see curve 0, Pig.6). Therefore, taxing into

account the reaction:

HgAS- < >HA3" ♦ H*

from the material balance, we obtain

TM " [v0*2~] ♦ [vOfOHH3-] ...(42)

fCB+ M * [VCKOHJA3-] ♦ [HA3"] ...(43)

TA - [HgA*-] ♦ [HA3"] ♦ [VQA^^^CHJA3-]
... (44j

In equation 43, Tqjj represents the concentration of KOH

added at any point in the titration beyond m * 2.

In reaction mixture containing a 1:2 initial molar

ratio of vanadyl sulphate to chromotropic acid, since

TA * 2 TM, combination of equations 40 and 42-44 gives

[VOWA3-] - T^ +[«*] - TM / ( x. £X , _#(45)
' *1
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Substitution of [vo(OH)a*~] from (45) in (4») yields

fK
[VOA2"] « T„ - Tqj - [H+] ♦ km— ...(46)

d^-V1)
al

Having determined the eonoentrations of the species

VOA*" and vO(0n)A3"\ the hydrolysis constant ^ may
then be calculated. Values of K^ , obtained from the

titration data in the range m • 2-4 are presented in

table X.

Curve 4 (Pig.5), TA * ?TM • 5xlO-3M
m 2.4 2.6 2.8 3.0 3.2 3.4 3.6

pH 4.74 4.93 5.03 6.22 5.38 6.57 6.76

^ -log Kh 5.32 5.26 6.17 8.10 5.06 6.02 4.97

A gradual fall in the values of -log Kh, observed v

in table X, indicated that the solution contained a

greater concentration of hydrogen ions than that would

be on the basis of postulate I. Potentiometric data were

than treated In accordanee with the model II as given

below:

Interaction of 1:1 chelate, VOA -, with another

mole of the ligand may be represented as

VOA8" ♦ HgA*- < y V0a£" ♦ ?H* ... (ill)
(III)
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Equilibrium constant Kg of the reaction may be

expressed as:

43

[VOA2*] [RgA2-]
... (47)

Since dissociation of a phenolic proton of the ligand

2
and the hydrolysis of VOA " (reaction ii) take place in

the same pH range in which reaction (ill) is assumed to

occur, talcing into account these factors, from the

material balance we obtain:

»M " [VOA8-] ♦ [vOtOHU3-] + [VQAg-] ... (48)

TCH * M " 1HaS"3 « [VQtOHjA3-] ♦ 2[V0A|-] ... (49)

ta » [%4^>^fc]*[viyi^]^[v^«)A^^[f^i5"]
... (50)

In a 1:2 VOSO. - chromotropic acid reaction mixture,

since TA • 2TM, from equations 48 and 50 we obtain

[VOA2-] ♦ [vOfOHjA3-] - [HgA2-]*^3^ ...(51)

Again from (49) and (60) we get

*A * T0H " CH*J " [h2*S"]*L?0a2"] •" (6?)

Combination of (34), (40), (51) and (52) yields
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(1+7^> <*a-*c«- Ml
[HgAS-]« — ... (53)

2+ -4f (K + K_)
[h+J al ^

After computation of [HgA/"], concentration of VOA may
be obtained from (52), and fvo(OH)AJ may then be calcul
ated from (34). Having determined [VOA^"] and (Vo(OH)A3"],
concentration of the 1:2 complex, JvOAp"], may be calculated
from equation 48. Values of the equilibrium constant Kg,

thus obtained from various points on the upper buffer region

of curve 4 (Pig.6) are presented in table XI.

Table XI

Curve 4(Pig.8), TA « 2TM • 5xlCf3M

m 2.4 2.6 9.8 3.0 3.2 3.4 3.6

pH 4.74 4.93 5.08 5.22 5.38 5.57 5.76

-log% 7.88 7.88 7.85 7.82 7.84 7.89 7.81

Average value of -log K^ • 7.85i0.04

The success thus obtained in calculating the equili

brium constant Kg and the failure to obtain constant

values of pK^ on the basis of model I (table X) streng

thens the validity of postulate II. Formation of a 1:2

vanadyl-chromotropic acid chelate is, therefore, believed to

occur in the system.
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Stability of 1:2 Complex

Having established the formation of a 1:2 vanadyl-

chromotropic acid chelate in the system, formation const

ant Kg. of the complex defined by

X
[<]

[to*8-] [a4-]

may be determined from the expression:

... (34)

*MAg " Ka f£a '•• (65)

Thus, substitution of the values of Kg (Average value of

pIU from table XI is eoual to 7.85), K (1CT5,34) and

KogdO-"10,00) yields a value of log !„. equal to 13.09.
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SECTION III

OXOVANADITJI (IV) CHELATES OP MAWPKLIC AND LACTIC AHTDS

Although complexes of vanadyl Ion with glycolic,

tartaric and citric acifls have been known28""3* since

the earliest Investigation of vanadium chemistry,

chelates of mandelic acid (phenyl-glycolic acid) have,
however, received little attention by the earlier

workers. Before carrying out a study of the mixed-ligand
systems Involving mandelic and lactic acids as ligands,
therefore, It was considered of interest to investigate

the nature of the simple mandelate and lactate complexes
of VO(IV) formed in aqueous solutions.

RESULTS A1TD DlSQPSSiai

VANADYL-MANDELATB CH3LA?B3

Curve 0 (Flg.6) for the titration of mandelic acid

with KOH shows a sharp inflexion at one equivalent of

alkali indicating the neutralization of carboxylic

proton of the acid. The a-hydroxy hydrogen atom of the

ligand thus remains unaffected under the experimental
conditions.

Curve 1 (Fig.6) for the titration of an equimolar

mixture of vanadyl sulphate and mandelic acid shows a

slight inflexion near m• 2 and a sharp inflexion at

about m» 3. Ahint of inflexion near m• t is indicative



IOO

£; ;J^e?>x0metric tltrafci™s of vanadyl-manielate chelate systems
v^Tv^^'i^S^T °^5xl°-3r'T in mandelic acid; Curve 1, 5xlO-3M ln
o i tL%?, .5rl0~ in maniielic acid;curve 2, 2.5x10"^ in VO(IV) and
^.5x10-^. in mandelic acii; Curve 3, l.^nxlCr^M in VO(TV) and 1 oSxlCrh*
m mandelic acid; Curve 4, 2.5x10-3m in VO(TV) and 5.0x10-3m in mandelic
acid. Curve A, comoosite curve of 0 and S. I lower buffer regions
portion of the curves for the neutralization Id ore-ent in VO(IV) solu
tion has been eliminated.

i-



47

of a reaction of the type:

.OH /\
VO?+ ♦ C8Hg CH *=* CgHg CH ^VO * H (i)

XCOOH CO
0

An inflexion point at about m* 3 is in accord with

the reaction:

ii •

In order to verify the above conclusions, attempts

were first made to analyze the potentlometrlc data on

the basis of reaction (i). If H^A represents mandelic
acid, dissociation of the carboxylic proton of the

ligand may be represented as :

HgA *S3ft HA" ***..•

K , the dissociation constant of the acid may be expre-
a

seed as

K.J)£LI£L ... w
H M

[HA']
Prom a plot of -log [h*] against log ——• (Pig.7)t

obtained from the potentlometrlc data of curve 0(Pig.6),
the value of pK& was found to be 3.39 as an intercept
on the -log[H+]axis. This value Is in good agreement with
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, , r-j-^
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[HaAj
Pig.7. Graphical evaluation of dissociation constants of Acids,

(Ionic Strength * O.lM KCl)

Cu

Cu

3urve 1, Mandelic acid (H«A);
Durve 9, Lactic acid (H«Aj.
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v a value of 3.41 reported by Bell and Waind .

The equilibrium constant K of reaction (1) may

be defined as

[VOA] [H*f
K « « - r——•— ... (57)

[VO2*] M

Prom the material balance we obtain

TM * [V0S+] + [VOA] ... (58)

T0H +

4-

[H+] W[HA"] ♦ S[V0A] ... (59)

TA « [H?A] ♦ [HA"] ♦ [VOA] ... (60)

?— —
In the pH range studied, concentrations of A , OH

and the hydrolysed species of vanadyl ions were negli

gible as compared to those of the other species present

in the system.

Combination of (56), (59) and (60) gives

j-^]. Si -Y - [•*) ... (sl)

After determining [HgA], concentrations of the species
present in the system may be determined with the help

of equations 58-60. Values of K thus obtained from

various points of the titration curve are presented in

table XII.
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Table XII

Curve 1 (Pig.6), TA •TM -5x10"3!!

m 0.8 0.4 0.6 0.8 1.0 1.?

pH 2.71 2.8? 2.98 3.15 3.35 3.55

-log K 3.39 3.46 3.65 3.89 4.0I 4.13

It is evident from table XXI that the above mathe

matical treatment of the data did not give constant

values of the equilibrium constant. A gradual increase

observed in the values of pK indicated that the concen

tration of hydrogen ions in the system was less than that

would be on the basis of reaction (i).

In view of the above, it was thought that the libera

tion of two hydrogen ions per mole of vanadyl ion (reaction i)

might take place in two overlapping steps. The following

reactions were therefore considered:

H

V08+ +C6Hg CH +=£ C6H5 CH ^VO* +H+ (lil)
COH CO

I ft

H
JK .0,

Vs OT yT0+ ^^ °6H5 CH /vo * H+ *iT>
VC0 xco

ft
11

0

Formation constant K-su. °* *ne chelate VQHA may be^ia
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defined as

[vcka]
"•* " [fO^l [HA-J - <6?)

In the initial stages of titration, considering reaction

(ill) alone, from the material balance we obtain

*M * [V0??+] + [V0H*+J ••• («3)

T0H T M * ["*"] * (VCHA**] ... (64)

TA * [**«*] * [HA"J ♦ [V0HA] ••• (fi5>

Combination of (56), (64) and (65) yields

[ha-] . *£* - la - M} ... (M)

Prom (64) and (66) we obtain \\>j.

I™**] • T^t{(T0H +M) <*a *[h*]) - Kft TAJ
"- ... (67)

Having obtained [vOHAj, concentration of the uncomplexed

vanadyl ions in the solution may be determined algebraically

from equation (63). Values of the formation constant KMHA

thus obtained from the potentlometrlc data of curve 1 (Pig.6)

are given in table XIII.
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Table XIII

Curve 1 (Pig.6), TA • TM •• 5xlCf3M

m 0.04 0.12 0.?0 0.28 0.36 0.44

pH 2.62 9.6? 2.71 2.78 2.81 2.86

[MHAl0S*MHA 3*40 3.40 3.47 3.44 (3.51 3.72)*

51

Average value of log Kg^ • 3.43 t 0.04
#

Values not included In the average.

Constant values of log KjjhA obtained In the range m • 0

to 0.98 showed the formation of complex of the V0HA+ type

in the system.

A gradual increase in the values of log Km^, obser

ved in table XIII, at m > 0.28 indicated the occurrence

of reaction of type (iv). If K represents equilibrium

constant of reaction(iv), we have

[voa] [h+]
K • r +-> • • • (68)

[VOHA J

Other pertinent equations are

TM - [vO**] ♦ [VOHA*] ♦ [VOA] ... (69)

T0H + CH+J * [HA~3 * [VOHA*] ♦ 2[VOA] ... (70)

TA - [H^A] + [HA-] + [VOHA4] ♦ [VOA] ... (71)

In a 1:1 vanadyl sulphate-mandelic acid system since

TA mTj|, combination of equations 56, 63 and 69-71 and



52

rearranging the terms into the form of a quadratic equa

tion we obtain

"•*«. b*V? <".♦•[<)> [v°?+]
- ^A " T0H " [H+J ' * £« "° "•(*»>

where

[H+]
X « 1 +

Concentration of the uncomplexed vanadyl ions in the system
he

may,therefore,/determined by solving the above equation.

After computation of [vOS+], concentrations of the
other species present in the system may be easily calculated

with the help of equations given above. Values of K so

obtained are listed in table XIV.

Table XIV

Curve 1 (Plg.6), TA • TM * 5xlCf3M

m 0.4 0.6 0.8 1.0 1.2

pH 2.8" 2.98 3.15 3.35 3.55

-log K 3.69 3.67 3.62 3.63 3.60

Average value of -log K • 3.64± 0.03

The success thus obtained in calculating the equili

brium constants for reactions (ill) and (iv) showed that

formation of VOA in the system takes place through an

intermediate formation of a chelate of the V0HA+ type.
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Here it may be mentioned that the liberation of a

second hydrogen ion (reaction iv) may also occur as

VOHA* ♦ H20 3PSfe VO(OH)HA ♦ H* (v)

But formation of chelate species of the VO(OH)HA type

may be considered less likely in view of the fact that

the unohelated vanadyl ion itself does not hydrolyae

below pH 3.5.

Having established the reactions taking place in

the system, it was considered worthwhile to investigate

polymerisation of the chelate species. Titrations of

equimolar mixtures of vanadyl sulphate and mandelic acid

were, therefore, carried out at two more concentrations

of the metal salt. Values of KjgjA and K, calculated

from the potent iometric data of curves I and 3 (Pig.6)

for titrations of ltl vanadyl sulphate-mandelic acid

reaction mixtures having concentrations of 9.5xlCT M and
•

1.25xlCT M of vanadyl sulphate respectively are presented

in tables XV and XVI.

Curve 2 (Plg.6), TA *TM *2.5xl(T3M

m 0.04 0.19 0.90 0.28 0.36

pH 2.87 ".92 9.98 3.01 3.03

log Kji^ 3.48 3.47 3.44 (3.60 3.81)

Average value of log K • 3.46±0.02
MHA

• Values not Included in the average.

«
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m 0.04 0.12 0.20 0.28

pH 3.14 3.18 3.91 3.94

log KMHA 3.44 3.43 (3.61 3.85)*

Average value of logK^ 3.46*0.08
* Values not included in the average.

Table XVI

Curve 2 (Pig.6), TA * TM • 9.6xlCT a*

m 0.4 0.6 0.8 1.0 1.2

pH 3,04 3.17 3.32 3.50 3.68

.og K 3.67 3.64 3.63 3.65 ,'1 , Ot

Average value of -log K • 3. 64 i 0.03

Curve 3 (Pig.6), tk - TM • l^SxlCT3*-

m 0.4 0.6 0.8 1.0 1.9

pH 3.26 3.37 3.51 3.66 3.83

-log K 3.67 3.64 3.66 3.65 3.63

Average value -log K • 3.65*0.02

Concentration independence of equilibrium const-

ants seen in tables XIII-XVI showed that the chelate

species do not polymerise under the experimental

conditions employed.

54
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Analysis of Curve 4(1 ig.6) for the titration of a
1.2 VanadvT'Sulphate - SHandello acid system wlthKOHi

The curve shows a hint of Inflexion at m * 3 and a

sharp inflexion at about m * 4. These Inflexion points

may be accounted for on the basis of the formation of a

111 complex (cf. curve 1, fig.6) and the neutralisation

of free ligand (one mole) present in the system. In

order to verify this interpretation,a calculated curve

•A* was obtained by the addition of abscissae of curves

0 and 2 (Plg.6). The resulting composite ourve A (shown

by dotted line in figure 6) was similar to the experi

mental ourve with a sharp inflexion at about m » 4, thus

indicating that there is no combination of the 111 vana-

dyl-raandelic acid chelate with another mole of the ligand

under the experimental conditions. Lowering of the lower

buffer region In the experimental curve, as compared with

the composite curve, may be accounted for on the basis

of mass action.

VAWADYL-LSCTATg CUBLATBSt

RESULTS AffS DISCUSSIOH

Potentiometric titrations of vanadyl sulphate in

the presence of lactic acid gave curves essentially sim

ilar to those obtained in the vanadyl-mandelate system.

In this case also, from the nature of potentlometrlc curves,



Pig,8. Potentiometric titrations of
with KOh(O.lN): Curve C, °.5xlCr3V
VO(IV) and fxlO-3M in lactic acid;
*>.5xlO-3M
in lac'ic

vanadyl-lactate chelate,system*
in lactic acid; 1, 5XlO-3M in
2,2.5x103m in VO(IV) and

lactic acid; 3, 1.25x10-^ in VO(TV> and l.*5x]
i; 4, 2.5xlO-3M in VO(TVi and n.OlQ-OM in lactic
curve of 0 and 2. Tn the lower buffer regions porl

foi the neutralization of "CI present in sol-
minated. m=moles of KOH added per mol the

A,
of the curves

uti >n has been
metal ion.

composite
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only a 111 metal chelate appears to be formed under

the experimental conditions. Prom an analogy of this

system with vanadyl-mandelate system, reactions

occurring in the lower buffer region of curves 1,2

and 3 (Pig.8) may be represented asi
H

V02+ + CH3 CH <=± CH3 CH VO* +H+ ...(1)
XCOOH XC0

I
H

^3 ^ /T0+ :e=± ^3 °C /V0 +H+ - (ii>
CO XC0
n V ••••'• ,
0 0

In the upper buffer region (m - 2 to 3) of curvesM^«.8)

a probable reaction!

/°^ «* /°\®<3 W .VO + HgO «== CH- CH /TO(OH)- + H* ...(lli)
xoo' Nso

a I

appears to take place.

Formation of the VOA type of chelate in two over

lapping steps, represented by reactions (i) and (ii), has

been established by a mathematical analysis of the data,

employing a treatment similar to that presented in the

vanadyl-mandelate system.

Dissociation constant of the carboxylic proton of

lactic acid, determined from a plot of -logJH*] against



[ha*]
log ——-- (pig.?), corresponded to a value of pK&

equal to 3.65. This value Is comparable with a value of

3.74 reported by Cannan and Xibrlck . Values of the

formation const >nt Kjjg^ of chelate VOHA"*" and the

equilibrium constant K for reaction (11), calculated

over a four-fold concentration range from the potentio-

metric data of curves 1-3 (Pig.8), are listed in tables

XVII and XVIII respectively.

Table XVII

Curve 1 (Pig.8), TA « TM * 5xl0~3

m 0.04 0.12 0.90 0.28 0.36 0.44

pH 9.75 2.82 2.88 °.95 9.99 3.06

log K,^ 3.15 3.14 3.17 3.19 (3.30 3.39)*

Average value of log Kj^ * 3.16±0.03
* Values not included in the average.

Curve 9 (PIg.8), TA -TM * 2.5xld"3M

m 0.04 0.12 0.90 0.28 0.36 0.44

pH 3.01 3.06 3.12 3.19 3.9g 3.29

log Kjj^ 3.15 3.19 3.21 3.91 (3.93 3.42)'

Average value of log Kj^ * 3.19X0.02

* Values not included in the average.

57



k-3,Curve 3 (Pig.8), TA « TM • 1.25x10'

m 0.04 0.12 0.20 0.98 0.36 0.44

pH 3.26 3.31 3.36 3.49 3.47 3.51
log Kjjjjj^ 3.18 3.17 3.91 3.23 (3.32 3.49)*

Average value of log KyRA * 3.20*0.03
» Values not included in the average.

Table XVIII

Curve 1 (Pig.8), TA - TM • 5xlO~3M

m 0.4 0.6 0.8 1.0 1.2

pH 3.00 3.18 3.38 3.57 3.76
log K 3.82 3.80 3.81 3.77 3.73

Average value of -log K * 3.77*0.05

Curve 9 (Pig.8), TA • TM « ".SxICT'm

m 0.6 0.8 1.0 1.2 1.4

PH 3.37 3.54 3.79 3.88 4.09

log K 3.84 3.83 3.81 3.74 3.76

Average value of -log K • 3.79*0.05

Curve 3 (Pig.8), TA • TM • I^SxICT'm

m 0.6 0.8 1.0 1.9 1.4

pH 3.59 3.73 3.90 4.08 4.24
-log K 3.74 3.81 3.80 3.81 3.74

Average value of -log K • 3.78*0.03

58
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SECTION IVy -------------- —

OXOVAKADIUM (IV) CHELATES OP TARTARIC

AHD MALIC ACIDS

Although many papers35"4 have appeared on tha
tartrate and malate complexes of oxovanadiua (IV), a quant

itative study of the equilibria involved In their formation

does not appear to be undertaken by the earlier workers.

In view of the Interesting results obtained in the study

of mandelate and lactate chelates of VO(IV), it was

considered worthwhile to extend this work to the tartrate

and malate complexes.

VANADYL-TARTRATE CHELATES

RESULTS AND DISCUSS I Off

Curve 0 (Pig.9) for the potentiometric titration of

tartaric acid with KOH exhibits a sharp inflexion at two

moles of alkali per mole of the acid indicating the neutral,

ization of the oarboxylic protons of the ligand. The alcoh

olic (OH) hydrogen atoms thus remain unaffected under the

experimental conditions. A single inflexion at two equi

valents of alkali shows that dissociation of the two carbo

xylic protons of tartaric acid takes place in two overlapp

ing steps.

Curves 1-3 (Pig. 9) represent titrations

of 111 mixtures of vanadyl sulphate and tartaric
—3 3j^ acid of concentrations 5x10 , 9.g %10 and
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1 2 -3 m *r * fi
fi^.3. Potentiometric tltrotions of vanadyl -tartrate chelate systems with.
KOHCO. IN): CuTve 0, 5xlO~3M in tartaric acid > curve 1, 5xlo 3Min VO(Tl)
and 5xlo"3M in tartaric acid; curve 2, 2.5xlo~3M in V0(Ti) and 2.5Xlo"3M m
tartaric acid; curve 3, 1.25xio~3.M in VO(VL) and 1.25xlO"3M in tartaric acid-,
carve 4, 5xLO"3M ir^VOCTM) and l.OxlO'^M in tartaric acid. In the Lower
buffer regions portion of the curves for the neutralization HCl present m
V0(l>O soln. has been eliminated.
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—3
1.25x10 I respectively. These curves exhibit two

inflexion points, one at m • I and the other at m • 4.

Occurrence of an inflexion point at a « 3 indicates

that either one of the a-hydroxy hydrogen atoms of the

ligand dissociates as a result of chelation with

vanadyl ion or that one water molecule of hydration

of the oxo-metal Ion undergoes dissociation to give a

hydroxo complex. If H^A represents tartaric acid having

two ionizable carboxylic protons and two weakly acid

alcoholic hydrogen atoms, formation of the above two

alternative chelate species may be represented as:

V02+ +H4A %=± VOHA- ♦ 3H* ...(1)
(A)

H«0
©. a v .

or VO ♦ H4A 3=£ VO(OK)HgA~ + 3H* ...(11)
(B)

The possibility of reaction (ii) may be considered leas

likely In view of the fact that the unchelated vanadyl

ion itself does not undergo hydrolysis below pH 3.5.

Occurrence of a buffer region In the pH range

5.5-7.5 and an inflexion point at m * 4 shown by the

curves indicate that either hydrogen atom of the second

hydroxy group of the ligand dissociates and the tartrate

ion acts as a quadridentate ligand as reported by

Jjlrgensen or a water molecule of vanadyl ion undergoes

dissociation In which case the tartrate Ion would behave



as a tridentate ligand as shown by Peldman and co-
48

workers in the uranyl-tartrate chelates. The

chelate species formed may thus be formulated as:

VOA55- , VO(OFI)HA?-
(C) (D)

Prom the potentlometrlc data alone it is difficult

to distinguish between the above two possibilities.

However, the formation of (C), reported by Jorgensen,

obtains support from the work of Selbin49.

Determination of Bcuillbriran Constanta

Dissociation Constants of Tartaric Acid?

Determination of equilibrium constants of the

reactions Involved in the interaction of vanadyl ion

with tartaric acid required a knowledge of dissociation

constants of carboxylic protons of tartaric acid under

the experimental conditions employed in the present

investig-tion. For this purpose, a procedure similar to

that described by Speakman50 is employed. The method is
briefly outlined below.

If K. and K represent the first and second
1 h2

dissociation constants of tartaric acid, we have:

V * r, .-» ••• ftl)%l M
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and

% * Lr ^ L ...(74)
[h3a-]

Other pertinent equations are .

fA « [H4A] + [HgA'] ♦ [HgA^""] ...(75)

Tqj ♦ [ H* ] - [h3A"1 ♦ ?[H0A?-] ... (76)

In the lower buffer region of the titration curve

(Curve 0, Pig.9), concentrations of HA , A and OH""

were negligible as compared to those of the other

specie8 present In the solution. Combination of (73)-

(76) gives t

r „-, *A -««- [O[HgA8-] - =rpp ... (77)

ss

Elimination of [h3A~] an* [HgA8"^ b.tw.en (74), (76)
and (77) yl.14.

M«{f„ ♦ [Hi} _ [Q {,.t -tg -gfl z

♦ \ \ — <78)
Hence a plot of Iff J LT0H *LH Jj as ordinate versus

^A-T0H-[H*J

LH+](TA-TCH-[H+]1•» * "* _*-• -M- should give a straight line of slope
* 2TA - 1^ - [H J



Pi .10. Graphical evaluation of dissociation constants of tartaric
acid (H4A) ( Ionic Strength 0.1 KCl)

X =

[H+](rA-T0H- [Hi)
(ma - toh - [r+J)

y =
[H+]S(T0H+ [H+])

(?TA " T0H - 1*1)



K and Intercept on *-i£ ±-& axis equal to
* 2TA -T0H -M
Kax Kap* Tlma thft values of pK& and pK from the plot
(Pig.10) obtained from the potentlometrlc data of ourve 0

(Pig. 9) were found to be 9.00 and 3.99 respectively.

These values are in close agreement with the literature34

values of 9,88 and 3.94.

Squillbrium Constantat

Having determined acid dissociation constants of the

ligand, equilibrium constants of the reactions were deter

mined as follows.

Equilibrium constant Z of reaction(i) may be

defined aat

r. [ggfl M' , .
[vo'+J [H4A] -<79)

Prom the material balance we obtain

TM" K1 ♦ [V<*<] ..-(80)

T0H *[H+] " [V~] * "["e**"] +3[VQHA-] ...(81)
?A - [H4A] +[H3A-] ♦ [H2A2-] t [V0HA-] ..(89)T,

In the pH range studied, concentrations of HA3" , A4""

and OH" were negligible as compared to those of the

other species present.

Combination of equations (73),(74),(81), and (89)

givesi
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[H4A] - ^ m i V ... (83)3TA ' T0H - [h+]

3+ Bl + al *2

Concentration of the chelate species may be given by

[V0HA-] -TA - [H4A] |l> ^i
'] M

T C ... (84)

After computation of [vOHA""J, concentration of free
vanadyl ions present in the solution may be determined

from (80). Values of equilibrium constant X thus obta

ined from various points of the lower buffer region of

curves 1-3 (Pig.9) are presented in table XIX.

Table XIX

Curve 1, (Pig.9), TA « TM » 5xlCT3M

m 0.98 0.44 0.60 0.76 0.92 1.08 1M 1.40

pH 9.53 9.57 o.61 P.65 9.68 <\73 9.77 9.83

-log X 5.54 5.54 5.55 5.55 5.51 5 58 5.53 5.58

Average value of -log X a 5.55-0.03

Curve 9t (Pig.9), TA - TM - 9.5xlcr3M

m 0.98 0.44 0.60 0.76 0.99, 1.08 1.94 1.40

pH 9.70 ?.74 9,77 9.81 9.85 9.88 9.92 9.97

-log X 5.57 5.59 5.57 5.58 5.58 5.55 5.55 5.57

Average value of -log X * 5.57±0.02
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Curve 3, (Pig.9), ?A » TM - 1.95xlCT3M

m 0.98 0.44 0.60 0.76 0.92 1.08 1.94

pIT 9.87 9.91 9.94 9.96 3.01 3.05 3.09

-log X 5.50 5.56 5.59 5.59 5.55 5.56 5.56

Average value of -log X • 5.55*0,04

Prom the values of the equilibrium constant(table XIX)

determined over a four-fold concentration range of the

metal chelate, it Is evident that the chelate is present

in solution mainly as a monomer under the experimental

conditions. A slight shift of the lov? buffer regions of

curves 1-3 (Fig.9) with a variation In the concentration

of the metal chelate may be accounted for on the basis of

variation of the degree of dissociation of the acid forms

as a function of concentration and no condensation of the

metal chelate thus seems to occur.

Soulllbrlum Constant for Reaction in pH Range 5.5-7.5

If we consider formation of the VOA" type of chelate

as reported by Jjrfrgensen and Selbin , the equilibrium

constant X1 of the reaction:

# „«,2- k „+
VOHA 4

may be defined as:

[V0A?-] [H+]
K. . L J L J ... (85)

jvoha-j
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Other pertinent equations are

TM " [V0HA"3 ♦ [VQA?-] ... (86)

T0H "^W-C011"] * [VOA2"] ... (87)

The results of these calculations are given in table XX.

Table XX

Curve 1 (Pig.9), TA * TM • 5xl0~3

a 3.16 3.39 3.48 3.64 3.80

pH 6.87 6.93 6.55 6.77 7.22

-log X» 6.59 6.56 6.58 8,01 6.58

Average value of -log K1 • 6.57*0.02

Curve 9 (Pig.9), TA * TM « 9.5xlCT3M

m 3.16 3.32 3.48 3.64 3.80

pH 5.86 6.91 6.49 6.77 7.16

-log X* 6.58 6.54 6.52 6.52 6.56

Average value of -log K* • 6.54*0.04

Curve 3 (Pig.9), TA • TM * 1.95xlCT3M

m 3.16 3.32 3.48 3.64 3.80

PH 5.87 6.98 6.54 6.85 7.17

-log X» 6.59 6.61 6.57 6.60 6.57

Average value of -log X1 • 6.59X0.09

Constant values of K', independent of concentration,

2-
showed that the mononuclear 1:1 complex, VOA , Is the
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only complex formed in the system under the experimental

conditions*

The above conclusions of the form?*tion of VOHA* type

of chelate in acid solution and the production of VOA

type of complex are supported by the preparative work

carried out by Conn and Jorgenoen38.

AJMHyfflp of forve 4 (?!*.?)

The potentlometrlc titration for a solution contain

ing 1.9 molar ratio of vanadyl sulphate to tartaric acid co

rresponded to a curve (curve 4, Fig.9) which would be

predicted for a mixture of the 111 chelate and free ligand.
therefore

Formation of a 1:2 complex/does not appear to take place.

Thle conclusion has been confirmed by the calculation of

equilibrium constant X (reaction 1) in a manner similar

to that used in the 1:1 system. The results obtained from

various points in the lower buffer region of the curve

axe presented in table XXI.

Tabla XXI

Curve 4, (Flg.9), TA • 9f^ « l.Oxld" M

m 0.9 0.4 0.6 0.8 1.0 1.2 1.4 1.6 1.8

pH ".36 ".39 ".43 *.47 ".51 2.55 ".58 9.g? fs.gs

-log X 5.39 5.36 5.38 5.40 5.4" 5.44 5.41 5.4" 5.44

Average value of -log X * 5.41-0.03

The value of -log X In the above table is comparable

with a vlue of 5.56 obtained in table XTX. The success

thus obtained in calculating the equilibrium constant X

it from the potentlometrlc data of the curve strengthened the



vith "KOHFi«.U. PotCr.tio»,etric titration, .of ^adyl-waat« ch.ljj.t. oyotoj. •«ith
(o!&: Curve 0 , 5xl<r*M inrtte"^,*"^^ 2.SlO?£ ^ mali
5xlo"3W in. malic acid; curve 2 2.5xlo^M in VoClV) and 2.5*l<

•io-3m in VC-OV) ar.d 1.25xlcT3M in-malic acid-, curvve

ons

c

4,

5xl0-3K in VOCIV) and
portion of the curves for the
has been eliminated.

neutralization of HCl present m VO(3V) soln.
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above conclusion.

VANADTL-MALATB CHBLATSS

SB3uIffS AND DISCUSSION

An inflexion point at two equivalents of alkali,

shown hy curve O(Ftg.ll) for the titration of malic

acid indicated that the dissociation of the two carbo

xylic protons of malic acid overlap to give a single

low pH buffer system. Acid dissoci tion constants of

the ligand (H3A),

[HpA-] [H+]
K - -Lg JL ~ ... (38)
*1 |H,A|

[BA2-] |tf]
—. ... (89)

ware determined by the slope intercept method described

in the vanadyl-tartrate system. The values of pK and
**1

p» were found (Pig.19) to be 3.?9 and 4.97 respectively.

Potentlometrlc titrations of vanadyl sulphate in

the presence of malic acid yielded curves essentially

similar to those obtained in the vanadyl-tartrate system.

The first inflexion point at m * 3 observed in curve 1

(fig.11) is In accord with the reaction:

V0?+ + HgA < > VOA~+ 3H* ... (1)

However, calculations of equilibrium constant K of the



X * io

-.12. Graphical evaluation of dissociation constants of
Malic acid (H3A). (Ionic Strength O.lM KCl

, ["K'A-'o:rM ) yy\2^^])
C^A-T0fr[H+]) c2TA-,r^i;

-f
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above reaction, using mathematical equations 79-84

given in the vanadyl-tartrate system, did not give

constant values as is evident from table XXII given

below.

Table XXII

Curve 1 (Fig.11), TA •TM •S.OxET3!!

m 0.90 0.44 0.60 0.76 0.9? 1.00 1.03 1.94

pH 9.69 9.80 9.87 *.95 3.05 3.08 3.13 3.*1

-log K 6.3? 6.47 6.56 6.68 6.85 6.89 6.98 7.07

A gradual increase in the values of -log K obser

ved In the above table Indicated that the concentration

of hydrogen Ions in the system was les* than that would

be on the basis of the liberation of three hydrogen

ions per mole of vanadyl ion as represented in reaction

(1). Attempts were, therefore, made to treat the potentlo

metrlc data on the basis of the formation of 70A~" in two

overlapping steps:

V0S+ +HgA «=± VOHA ♦ ?H+ ... (11)
and

->» —-..— „+VOHA 4 YOA" + IT ... (Hi)

Equilibrium constants 1^ and Kg for reactions (ii)

and (ill) may be defined as t

[voha] [h+] ?

%1"WJM~ -(90)
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TvoA-irHH
Kg • Lr JJ- J ... (91)

[VOHAJ

If KjmA represents formation constant of the chelate

YOHA, we have

[VOHAJ
*•»m $*} fci . -i99)

In the initial stages of the titration , if concentration

of the chelate YOA" is negligibly small, from the usual

material balance we obtain

fM " LV0^] * [TCMA] ••• <93)

TOH # [H+J * [^^ +^[HA8""] ♦ '[VOHA] ... (94)

TA " [H3A] • [H9A~] + [HA?"J + [V0RA] •• <95)

Combination of (88). (89), (94), and (95) yields

PT T IH I

M - —A" g"L J - m
8 + *1

Elimination of [HgA"] and [hA^ between (88), (89) and
(95) gives

_ ( Ka Kax % *)[YOHA] - TA - [H3A]|l ♦ pL ♦ ^ j ... (97)



VI

After determining [h3a) and [vOHaJ, concentration of the
uncomplexed vanadyl ions In the system may be determined from

equation (93). Bquilibrium constants U and Kjj^ may then
be determined. Values of these constants thus obtained over

a four-fold concentration range of the metal chelate are

presented in table XXIII.

Table XXIII

Our™ 1 (Plg.ll)lA . TM - «r-«

m 0.90 0.28 0.44 0.60 0.76 0.9? 1.00 1.08 1.94 1.40

pH 9.69 9.?? 0.80 9.87 9.95 3.05 3.08 3.13 3.19 3.30

-log^ 3.34 3.35 3.36 3.36 3.33 3.34 3.35 3.33(3.^7 3.15)*

logKMIU 4'" 4'91 4«90 4»90 4-9B 4«9? 4«91 4-^3
Average vilue of -log Kx * 3.34±0.02, logK]ffiJA-4.9?±0.01

Curve ? (Pig. 11), TA * TM • ?.5xlCT3M
• 0.?0 0.98 0.44 0.60 0.76 0.99 1.00 1.08 1.P4 1.40

pH ?.89 9.99 0.99 3.07 3#13 3#P1 3.26 3.30 3.36 3.46

-logKx 3.35 3.34 3.35 3.39 3.33 3.39 3.34 3.31(3.93 3.15)*

lo6%U. 4*91 4,9? 4'91 4»87 4»93 4»94 4.9* 4.96

Average value of -log Kx m3.35±0.04, log K^ • 4.9?t0.O3

Curve 3 (Fig. 11), TA « TM - 1.96xlCT3M

m 0.?0 0.98 0.44 0.60 0.76 0.99 1.0^ 1.08 I.94 1.40

pH 3.10 3.1? 3.19 3.?6 3.39 3.41 3.45 3.50 3.54 3.63

-log Kx 3.3? 3.35 3.35 3.36 3.31 3.35 3.35 3.33(3.?4 3.08)*

loSKMKA 4*94 4*91 4»91 4*90 4»95 4«91 4»91 4.93

Average value of -log Kx • 3.34±0.0*>, logK,^ » 4.9?±0.03
* Values not included In the average
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It is evident from the above table that constant values

of the equilibrium constants could be obtained in the

range m - 0 to m = 1.1 Indicating that in this region

only the VOHA type of chelate is formed in the system.

A gradual fall in the values of -log K, seen in

table XXII above 'm* values of about 1*1 indicated that

the protected complex VOHA undergoes acid dissociation

giving species of the type VOA" as represented by react

ion (iii). This conclusion was verified by a mathematical

treatment of the data outlined below.

Considering reactions (11) and (iii), from the

material balance we obtain

*M - [vo2*J ♦ [•«*] ♦ [VGA"] ...(98)

T0H - [H+] - [V~] ♦ ?[Ha2~J +»[tCKA] ♦ 3[V0A"] ...(99)

*A " [H3A] +[V"] +[HA*~] * [V0HA] ...(100)
♦ [VOA"]

In an equimolar mixture of vanadyl sulphate and malic

acid, since TA » TM , combination of equations 88-90 and

98-100 and rearranging the terms into the form a quadratic

we obtain

[Tps K+J8 +4- K+J - <3*A -»« -m >-0
... (101)
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where

Ka. Ka Ka ?Ka, Ka Kaa-j B.-. &n a, a, a0
X » 1 + rr-i + _x •-, 3 and Y - 3+ r-g ♦ g- h

Concentration of the uncomplexed vanadyl ions in the

system may, therefore, be determined by solving the

above equation.

Having determined JVO Jv concentration of the
other species present in the system may be determined

with the help of equations 88-90 and 98-100. Values of

the equilibrium constant K9 thus obtained over a four

fold concentration range of the metal chelate are prese

nted in table XXTV

Table XXIV

Curve 1 (Pig. 11), TA « fg * 5xlO"3M

a l.?4 1.40 1.56 1.7? 1.80 9.00 9.9 "#4 9.6

pH 3.19 3.30 3.49 3.55 3.61 3.79 3.98 4.914.51

-log Kg 7.51 7.57 7.57 7.56 7.5? 7.49 7.45 7.47 7.49

Average value of -log Kg • 7.5lio. 06

Curve ? (Fig. 11), TA • TM « 9.5Xicr3M

m l.?4 1.40 1.56 1.79 1.8O 1.96 9.20 ?.36 ".60

pB 3.36 3.46 3.58 3.69 3.79 3.90 4.13 4.34 4.65

-lOgKg 7.64 7.50 7.66 7.59 7.59 7.59 7.57 7.69 7.64

Average value of -log Kg • 7.60*0.06
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mM,Curve 3 (Pig.11), TA - TM - 1.95X10~dM

ft l.?4 1.40 1.56 1.79 1.80 1.96 ?.? 9.36 9.60

pH 3.54 3.63 3.70 3.84 3.90 4.03 4.9" 4.40 4.70

-logKg 7.70 7.66 7.5* 7.6? 7.61 7.61 7.86 7.59 7.58

Average value of -log Kg m 7.60+0.10

The success thus achieved in obtaining constant

values of the equilibrium constant is an evidence for the

formation of the normal 1:1 chelate, VOA", through an

intermediate formation of a protonated complex VOHA. It

is also evident from tables XXIII and XXIV that the values

of the equilibrium constants are almost independent of

concentration of the metal salt indicating that the chelate

species do not condense to give complex species of higher

molecular weight.

Hydrolysis of Vanadvl-Malate Chelate

Appearance of a buffer region between m » 3 and ra «4

in curves 1-3 (Pig.11) with an inflexion point at m • 4 is

in accord with a reaction of the type

VOA" ♦ HgO t&Sfc V0(CH)A?" ♦ H* ... (iv)

Hydrolysis constant, K^ , of the chelate may, therefore,

be expressed as:

* j™F) - (loe)



Values of K^ calculated by making use of the usual

material balance equations are listed In table XXV.

Table XXV

Curve 1 (Pig.11), TA * TM » 5.0xlO"3M

• 3.16 3.3? 3.48 3.64 3.80

PH 5.8? 6.96 6.57 6.77 7.19

P*h 6.54 6.59 6.60 6.59 6.57

Average value of pXn • 6.56X0.04

Curve ? (pig.11), TA * T„ * 9.5X10"3I

ft 3.16 3.3? 3.48 3.64 3.80

pH 5.86 6.?8 6.56 6.75 7.11

P*h 6.68 6.60 6.53 6.50 6.51

75

Average value of pKL « 6.541 0.06

Curve 3 (Fig.11), TA mTM * l."5 x 10~3M

ft 3.16 3.38 3.48 3.64 3.80

pH 5.80 6.91 6.54 6.78 7.11

pKfc 8.6? 6.54 6.59 6.53 6.51

Average value of pKn * 6.54±0.05

Analysis of Curve 4 (Fig.ll)

Potentlometrlc titration of vanadyl sulphate in

the presence of two moles of malic acid (curve 4, P1g.ll)
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showed inflexion points at m * 5 and 8. As the curve

is a composite of curves 0 and 1 for the titration of

free ligand and 1:1 vanadyl-raalate chelate system

respectively, combination of the 1:1 metal chelate with

another mole of malic acid does not appear to take

place.
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OXOVAHADIgS! (IV) CHELATES OF IMINODIACETIC ACID

In view of the success achieved in determining

eouilibriura constants of the reactions associated

with the formation of vanadyL-tartrate and and -malate

complexes, it was considered of interest to extend this

work to the chelates of iminodiacetic acid, a terdentate

ligand.

RESULTS AND DISCUSSION

A sharp inflexion exhibited by curve 0 (Pig. 13)

at one mole of KOH per mole of the ligand showed that

one proton of Iminodiacetic acid (TMDA) is strongly

acidic and the other proton remains unaffected In acid

solutions.

CHgCOOH CHgCOO"

HH+ - H < y HN+ - H ♦ ft*
^^ CHgCOO" ""^ CHgCOO"

, ^ [ha"]
By plotting -log[H J vs. log (Fig.14), the

|HgA|
first dissociation constant bK_ of the ligand was found

al
to be 2.87. This value is comparable with a value of

51
9,64 reported by Chaberek and Martell .

Curves 1-3 (Fig.13) for the titrations of equi

molar mixtures of vanadyl sulphate and iminodiacetic

acid over a four-fold concentration range of the metal
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Fig.13. Potentioraetric titrations of 1:1 vanadyl-iminodiacetic acid
(IMDA) systems with KO!l(0.IN). Concentrations: Curve 1, 5xlO-3?,f
Curve 2, 2.5xlO-3M; Curve 3,1. C5xlO-3M; Curve 4 and 5, represent
similar titrations of 1:2 and 1:3 Vanadyl-IMDA system, Curve 0
represents titration of TMDA with KOH. Ionic strength=»0.1M(KCl).
m=raoles of base added per mole of the metal ion. In the lower
buffer regions portion of the curves for the neutralization of HCl
present in VO(TV) soln. has been eliminated.
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salt, exhibit Inflexion points at'm * ' and 3. the

first inflexion point is in accord with the reactions

73

CHgCOOH CH2C0\
VO2* ♦ HN* H < > HN •> VO + *H*

^ C^COCT XCH2CO
0 ...(i)

(I)

Occurrence of a buffer region between a * 9 and 3 in

these curves showed a hydrolytic reaction of the typet

0 0

/0H2C0^ /QH2C°X
HN 4,V0 +H20 | >• HN- A,VO(CHr +H+

XCHgCO ^a?,0 ...(ii)
• (ID °

Curves4 and 5 for the titration of vanadyl sulphate

in the presence of I and 3 moles of iminodiacetic acid

are similar in nature to curve 1. In fact curve 4 is a

composite of the potentlometrlc curves 0 and 9, Formation

of a 1*2 VO-IMDA chelate, therefore, does not appear to

take place in the system under the experimental conditions.

Equilibrium and Formation Constants

Bquilibrium constant of reaction (i) may be given

by

[VOA] [H+j2

Values of K determined from various points of the lower

buffer region of curves L-3 (Pig.13) by making use of the

usual material balance equations, are presented in



table XXVI.

Table XXVI

Curve 1 (^ig.13), TA « 2?M * 5xl(T3M

a 0.2 0.4 0.6 0.8 1.0 1.2 1.4

pH 2.68 *.64 2.76 2.88 *.97 3.1? 3.?9

pK 3.08 3.08 3.03 3.01 3.01 3.02 9.96

Average value of pK • 3.0320.05

Curve I (Pig.13), TA • tg * ?.5xlCT3lI

a 0.2 0.4 0.6 0.8 1.0 1.2 1.4

pF ".77 «\85 ?.94 3.04 3.16 3.3? 3.60

pK ^.96 9.97 2.98 2.97 ^.97 3.00 ".98

Average value of pK * *.97i0.03

Curve 3 (Fig.13), TA * TM - 1.25xlCT3M
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a O.f 0.4 0.6 0.8 1.0 1.2

pH 3.01 3.08 3.17 3.97 3.39 3.53

pK 3.01 2.97 2.98 ?.97 2.96 9.99

Average value of pK » 2.96 Z 0.06

The relatively constant values of pK, indeoendent of

concentration, thus obtained, showed that a mononuclear

111 complex (I) is the only chelate species formed in

the system.

Having determined the equilibrium constant of
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reaction (1), formation constant K^ of the chelate

which may be defined as

[•q*3

was determined from the expression :

K

kma * r r
H ®2

Substitution of the values of K (10 •"* table XXVI),

K (1C^?•67) and K (lcr^l2)»f.51 gaye a value of
al ®2

8 80
10 for the formation constant of the chelate.

Hydrolysis Constant

Values of the equilibrium constant K^ of react-

ion (11), obtained from the potentlometrlc data of the

upper buffer region of curve 1-3 (Fig.13) are presented

In table XXVII.

TABL8 XXVii

Curve 1 (Pig.13), ?A •TM •5xlCT3M

a 2.20 9.9B ".36 ?.44 ?.52 2.60

pH 4.48 4.68 4.70 4.84 5.00 5.17

pKfc 5.05 4.99 4.94 4.96 4.96 8.00

Averpge value of pKj^ * 4.98 ± 0.07

mwtsivi of

ROORKEE,



Curve 9 (Fig.13), TA - TM - 2.5xlCf3M

a 2.20 2.28 2.36 2.44 2.82 2.60

pH 4.52 4.60 4.72 4.87 5.06 5.19

pKn 5.09 4.98 4.95 4.96 6.02 5.01
Average value of pK^ • 5.00 x 0.09

Curve 3 (Fig.13), TA - TM * 1.^5xlCT3M

• 2.20 2.o8 2.36 ?.44 *.52 ?.60

pH 4.47 4.61 4.75 4.83 5.04 5.16

6.00 4.97 4.97 4.91 4.99 4.97

Average value of pK^ m4.97 ± 0,03
P«h
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It is interesting to note that the chelates

of VO(IV) hydrolyse much more easily than those of

any other metal of the first transition series. It

is evident from the behaviour of the vanadyl chelates

studied in the present investigation that they prefer

combination with hydroxyl ions to a second raole of the

ligand. The only exceptions to this behaviour are the

very basic anions of catechol and chromotropic acid which

can compete with the hydroxy ion to form stable 1|2

chelates. Tiron, a ligand similar to catechol, has also

been reported to form a 1*2 complex.
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SSOTIOI VI

QXOVAN ADIUi( IV) CHSLATSS OF o-PHEHAHTHROLINB AftP
S.2»— MfffRTJg& *=

Although chelates of VO(IV) with o-Phenanthroline

52
and ?,2,-dipyridyl have been studied earlier , it was

considered desirable to analyse the potentiometric data

arising fro<? the interaction of vanadyl ion and these

ligands, since the successive reactions involved in the

formation of mixed-ligand chelates overlap.

RESULTS AND DISCUSSION

Interaction of VO' with one mole of
o-phenanthrollne""hvdro-chloride.

Curve 1 (Fig.15) for the titration of o-phenanth-

roline hydrochloride, 3howod a sharp inflexion at one

equivalent of KOH indicating that the ligand acts as a

monobasic acid. Acid dissociation constant Ka of the

ligand was found to be 10" which is in close agreement with

the literature value53 of lo~fc,CS.

Curve 3 (Fig.15) for the titration of vanadyl

sulphate in the presence of an equimolar concentration of

o-phenanthroline hydrochloride approaches an inflexion point

at about m * 3 . A single inflexion point in the curve

indicated that the reactions for the formation of a

normal 111 chelate and its hydrolysis overlap. It is

of course likely that at higher pH values the ltl com

plex may disproportionate into a 1|2 complex and vanadyl
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Pig.15. Potentiometrie titrations of the normal chelate systems of
Oxovanadium(IV) having o-phenanthroline hydrochlor.i ia (phen'i and 2,
2'-dipyridyl hydrochloride(dipy) as ligands. Curve 1, phen- 2*dipy;
3,1:1 VO-phen; 4,1:1 VO-dipy. All solutions are 2.5xlO-3W in ligand
at the start of the titration; m=*raoles of KO:T added per mole of the
metal ion. Arrows indicate appearance of a solid phase.
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hydrous oxide. From the nature of the curve, It seems rea

sonable to assume that since precipitation did not occur

in the system up to pH of about 5.9(vanadyl hydrous oxide

is precipitated frora vanadyl salt solution at pH of about

4.6), disproportl©nation reaction does not occur in the

lower buffer region of the system. clnce the chief purpose

of this study was to obtain the reaction constants which

could be used in calculating formation constants of the

mlxed-ligand chelates (part III), it was not considered

necessary to analyse the potentlometrlc data of the upper

huffer region of the curve or to study the formation of

higher complexes.

In the initial stages of the titration, if the

reaction be represented as

#

TO***Pf S^j L>0*+ * H+ ...(i)

equilibrium constant of the reaction may be given by:

. fagJSi (103)

where HL* represents protonated form of o-phenanthroline.

Formation constant Kj^ of the chelate may be expreased as

[vol8*]

Valu•• of log Kjtq determined from various points of the
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lower buffer region of curve 3(PJg.l5) by making use

of the usual material balance equations, are given in

table XXVTTI.

Table XXVIII

Curve 3 (Pig.15), TM» 1^ * *\6xlCT3M

a 0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7

pH 2.74 2.80 ?.85 2.93 3.00 3.05 3.10 3.21

log KML 5.85 5.87 5.91 6.86 5.90(6.19 6.68 6.98)*

Average value of log K^ » 5.88 i 0.03
* Values not included in the average.

The relatively constant values of log K^ obtained

between m * 0 and m « 0.4 indicated that in t is region,

I.e. upto pH of ??bout 3, only the normal 1:1 chelate (T)

is formed In the system.

Hydrolysis of the Chelate

A gradual rise in the values of log KML seen in

table XXVIII at m > 0.4 (pH > 3) indicated that the normal

111 metal chelate is comparatively more stable below pH

of about 3. As pH of the system is raised above this

value, appreciable hydrolysis of the chelpte sets in making

the solution more acidic than It would be In the absence

of hydrolytic effects. In the initial stages, if the

hydrolysis reaction be represented as

V0L2+ +Hg0 3 t VO (OH)L+ ♦ H* ...(ii)

Hydrolysis constant of the chelate may be expressed as
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[V0(0H)L*] [h*]
* • —i^s— -<io5)

TSquilibrium constant for the overall reaction:

V02+ ♦ HL* f Hp0 «=± V0(0H)L+ ♦ Mf*

may be given by

[vo(or)l*J[h+]2
Ku * ' ... (106)

From the material balance we obtain

TM " [vC^+] + [vol8*] +[v0(0H)Lf] ... (107)

TQH +M " N * [V0L^] ♦ 2 [V0(0H)L+] ... (108)
N

TL * [HL+] * [L] + [Y0L J + [70(ai)L+J ..(109)

In an equimolar mixture of vanadyl sulphate and o-phen

anthroline hydrochloride since T- •» T , combining

equations 104, 107-109 and the expression for acid diss

ociation constant of the ligand and rearranging the terms

into the form of a quadratic, we obtain

^[i**]* ♦ (i* ^) [*#♦] 4 «M -»« -[«*]}*
[H+]

(V -«—) =0 ... (lio)

Concentration of uncomplexed vanadyl ions in the system

may, therefore, be calculated by solving the above equation.
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After computation of [vCrj, concentration of other
species in the system may be determined easily with

the help of the material balance equations given above.

Values of pKj| thus obtained are presented in table

XXIX.

||blf xxi*

Curve 3 (Fig. 15), TM - TL « 2.5xlCT3M

a 0.6 0.8 1.0 1.2 1.4 1.6 1.8

pH 3.10 3.5>8 3.49 3.70 3.93 4.10 4.32

-log % 3.04 3.06 3.05 3.03 3.02 (".87 2.67)

Average value of -log KH * 3.04 - 0.02
♦Values not included in the average.

It is evident from the above table that the relat

ive constancy in the values of the equilibrium constant

could be obtained up to pH of about 4 above which a grad

ual fall in the values of pKH is observed. This is an

indication of a further hydrolysis of the chelate.

Interaction of YCT1' with one mole of 2,2,~dipyridyl dihydro-
omoAoa. •—• —

Curve 2(Fig.l6) for the potentlometrlc titration

of 2,2,-dipyridyl dihydrochlorlde showed a slight inflexion

at one equivalent of KOH followed by a sharp inflexion at

two equivalents of alkali. From the potentlometrlc data it

is evident that one proton of the ligand is strongly acidic

and is alaost completely dissociated under the experimental

conditions. The other proton is comparatively weakly acidic

as is evident from the value of Its dissociation constant
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.-5
equal to 3.16^x10 obtained from the titration data.

Titrations of vanadyl sulphate in the presence

of ?,2«-dlpyridyl hydrochloride (curve 4, Pig.15) gave a

curve similar In ne ure to that obtained for the VO-phen

chelate system. The curve approaches an inflexion point

at about m • 4. A marked difference between the titration

of this system and that of the VO-phen. chelate system is

that in this case no precipitation occurred at any stage

indicating that the hydroxo chelate species of VO-dipy.

are soluble under the experimental conditions. In this

case also, in the initial stages of the titration, the

reaction may be represented as:

V0S* + V^ +H+ 4=± V^VO2* ♦ 2H* ...(1)

In the mathematical treatment, HL may be considered to

be the ligand, since one proton of the ligand is compl

etely dissociated in the solution. Beyond m • 1, therefore,

the reaction may be expressed as

HL+ + VO2* 3=± VOL9* ♦ H* ...(ii)

9+Values of formation constant K^ of the chelate VOL ,

calculated from the potentlometrlc data of curve 4 (Pig.15),

are presented in table XXX.
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Table XXX

Curve 4 (Pig. 16), TM » TL « 2.5 x 10*3M

a 1.0 1.1 1.2 1.3 1.4 1.8 1.6

pH ".81 2.86 2.92 3.00 3.07 3.12 3.18

log Kgj, 6.04 6.09 6.10 5.08 (5.18 5.26 6.63)*

Average value of log KML * 5.08 ± 0.08
*( ) Vlues not Included In the average.

Like VO-phen chelate systea, here also it Is

evident from table XXX that constant values of the form

ation constant could be obtained up to pH of about 3 only

above which a gradual rise In the values of log Kj^ is

observed probably on account of hydrolytic effects in the

system. Thus the normal 1:1 chelate, VOL2"*" appears to be
coaparatively more stable below pH of about 3.

Hydrolysis Constant:

In the initial stages, if the hydrolytic reaction

be represented

VOL2" ♦ HP0 3=± V0(0H)L* + H+ ...(Iii)

or, if the overall reaction for the formation of V0(OH)L+

type of chelate be expressed as

VO2* ♦ HL+ ♦ H20 «=£ V0(QH)L* ♦ 2H+ ... (iv)

the values of equilibrium constant K^ of reaction (iv),

determined with the help of the usual material balance

equations (see page 85 ), are presented In t<ble XXXI.
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Table XXXI

Curve 4 (Pig.15), TA »TM « 2.5xlCT3M

a 1.6 1.7 1.8 1.9 1.0 1.1 1.? 1.4

pH 3.18 3.27 3.37 3.46 3.56 3.63 3.72 3.88

-log KH 3.43 3.42 3.37 3.38 3.37 (3.30 3.27 3.12)*

Average value of -log KH • 3.39 x 0.04

* Values not included in the average.

As observed in the VO-phen. chelate system, here

also, a gradual fall In the values of pKH seen in table

XXXI above pH of about 3.6 is probably due to a further

hydrolysis of the chelate. Since the object of this study

was to determine the equilibrium constants of reactions

which could be used in the determination of formation

constants of mixed-ligand chelates having ".^-dlpyridyl

as a primary ligand (Part III) analysis of the potentlometrlc

data at pH values greater then 3.5 was not considered necess

ary.



PART III

raXBDuLIGAND CHELA! BS OP QXOVAHADIUM (IV)

Socticn I- Mixoi-llgand Chelates of Oxovanadium(IV)
with o-Phenanthroline and Oxygen donor
Bidentate Ligands

Section II- Mixed-Ligand Chelates of Oxovanadium(IV)
with 2,2»-Dipyridyl and Oxygen donor
Bidentate Ligands.
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In view of the strong chelation of vanadyl

ion with o-phenanthroline and 2,2,-dipyridyl and a

fairly high stability of the hydroxo derivatives of the

1:1 vanadyl chelates of these ligands, they are expected

to form mixed-llgand chelates. Attempts were, therefore,

aade to study the interaction of vanadyl sulphate with

o-phenanthroline and 2,*»_dipyrldyl as primary chelating

agents in the presence of some oxygen donor ligands

such as catechol, tiron, chromotropic acid, etc, as

secondary chelating agents.

RESULTS AND DISCUSSION

In figures 16, 17, and 18, curve 3 represents

potent iometric titrations of vanadyl sulphate with KOH

in the presence of an equimolar concentration of catechol,

tiron and chromotropic acid respectively. These curves

may be interpreted on the basis of the formation of

normal 1:1 chelates and their conversion into the corres

ponding monohydroxo chelate species (see VO-catechol and

VO-DWS systems). Since precipitation does not occur in

these systems at any stage of titration, the hydroxy

complexes of these chelates appear to be stable over a

wide range of pH.
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Pig. 16. PotentiomctTic titrations of the normal and mixed
ligand chelate systems of oxovanadiumClV) having" o-pVienanthro-
line hydrochloride(j>hen. ) and catechol as ligands: Curve l.
phen.; 2^ 1:1 VO-phen.; 3, 1:1 VO_Ca±echol; 4,
catechol; 5,catechol. All solutions are 2.5x10"
the start of titration; m = moles of "KOH added per rnolc of the
metal ion. Arrows indicate appearance, of a Solict phase.

1:1:1 VO-phen.-
'3M. in ligand at
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Fig".17. Potent iometric titrations of the normal and mixed
li^rid chelate systems of oxovanaaium(IV)having o-phenanthro
line hydrochloride(phen.) ana tiron as ligands: Curve l,
phen.; 2, 1:1 VO-phen.; 3, 1:1 VO-tiron; 4, 1:1:1 VO-phen.-
tiron; 5, tiron. All solutions are 2.5x10 ^M in lig'and at the
start of titration; m = moles of ~K0H addea y>Qr mole of the
metal ion. Arrows indicate appearance of a Solid phase.

T
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Fig.18. Potentiometric titrations of the normal and mixed ligand
chelate systems of oxovanadium(IV) having o-phenanthroline
hydrochloriaeCphen.) and chromotropic acid(DNS; as ligands: Curve 1,

. ^ , . , i«r\ _i . o -i.i -\;n tvmc; . a i • i • i Vfl.nhp-n -TiNS •phen.; 2, 1:1 VO-phen.; 3, 1:1 VO_i>NS ; 4, 1:1:1 VO-phen. -D^S ;
5," DNS. AH solutions are'2.5xlo"3M in ligand at the start of
titration; m = moles of KOH added V^T mole of the metal
Arrows indicate appearance of a Solid phase.

ion,

T
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Potentlometrlc data of lower huffer regions of

the curves ohtained hy the titration of 1:1:1 VO-phen- '

seed, ligand systems with KOH were treated in accordance

with the following different postulates:

I. Formation of a mixture of two simple chelate compounds.

VC?+ ♦ HL4" 3=± VOL?+ ♦ H*
and

where HL represents protonated form of o-phenanthroline

(primary ligand) and HgA represents a secondary ligand.

II. Formation of a simple 1:1 chelate hetween the metal

ion and a llgana which has a stronger tendency for complex

formation. The other ligand may remain utohound in the

solution.

Ill(A) Oomhination of the metal ion with hoth ligands

simult<»neously to form a mlxed-ligand chelate in a single

step.

.+

(B) Formation of a mixed-llgand chelate In two over

lapping steps.

V&+ ♦ HL+ < E YOL*+ 3=± VOLA ♦ 2H+

On. the hasis of model It potentlometrlc curve for

the titration of mixed-ligand system would be expected to

lie hetween curves 9 end 3 for the separate titrations

mff "g A
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of the simple 1:1 chelates of the two Uganda. But in

all the three cases, curve 4 (Figs. 16,17 and 18) lies

below curves 2 and 3. Possibility of the formation of

a mixture of simple chelates of the two ligands present

in the system may, therefore, be ruled out. The above

conclusion obtains support from the fact that In the

1:1:1 VO-Phen-catechol system, a precipitate was observed

at pH of about 4. A mixture of the 1:1 chelates of vanadyl

sulphate with o-phenanthroline and catechol would have

given a soluble system at relatively low pH (pH^5.9).

In each case a considerable lowering shown by curve

4 as compared with the curves which would be obtained by

the titration of a simple 1:1 chelate system and the free

ligand rules out the postulate II as well.

In view of the above arguments, formation of a

mixed-ligand chelate, TOLA, seems to be the only explanat

ion for the unique nature of the curve (curve 4, Figs.16-18)

for the titration of the 1:1:1 VO-phen-secd. ligand system.

It now remains to be established whether the mixed-llgand

chelate is formed in a single step:

VO8* ♦ HL+ + H2A ^SSdfc VOLA +3H+

or it Is formed in two overlapping steps.

-H*v HgA^
VO** + HL* < > VOL?+ 3= VOLA + 2H+

From the potentlometrlc data and the stability constants



93

Re
determined for the chelates VOL and VOLA, it was

found that in the initial stages of the titration of

1:1:1 VO-phen-secondary ligand system, concentration of

the mixed-ligand chelate was much smaller than that of

VOL2*. In fact In the VO-phen-catechol system (Fig.16),

lowering of curve 4 (cf. curves I and 3), which is a

measure of the mixed-ligand chelate formation, occurs

beyond m * 0.4. Between m • 0 and m * 0.4, curve 4

remains identical with curve 2 (Fig.16) indicating that

no mixed-ligand chelate Is formed in this buffer region

of the system. Formation of raixed-ligand chelate, there

fore, appears to take place in two overlapping steps,

rather than in a single step. Although in the mixed-ligand

systems involving tiron (curve 4, Fig.17) and chromotropic

acid (curve 4, Fig.18) as secondary ligands, lowering in

the potentlometrlc curves (cf. curves I and 3) occurs from

the beginning of the titration, probably due to a higher

stability of the chelates of these ligands as compared to

that of the corresponding chelates of catechol, In these

cases also, by a mathematical analysis of the potentlometrlc

data it was found that at the initial stages of the titra-

2+tion, the concentration of VO-phen. chelate was much

larger than that of VO-phen-catechol^thus indicating the

formation of the mixed-ligand chelate through an intermed-
2+

iate formation of a simple chelate of the type VO-phen .

Determination of Equilibrium Constants

As shown in the VO-phen system, formation of 1:1
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VO-phen. chelate may be represented as:

vcf* ♦ L 3J=± yoLS+ ... (i)

Formation of the mixed-ligand chelate may be represented

hy the reaction

VOL** + HgA 3=£ VOLA ♦ 2H+ ... (ii)

Overall reaction for the formation of VOLA may be expre

ssed as:

VO8* ft HL* ♦ H8A *PS± VOLA ♦ 3H* ... (ill)

If K and K* represent equilibrium constants of reacti

ons (11) and (Hi), we have

[vola][h*]8
[vol2*] [h2a]

and

rV0LA][H*j3
K* »

k • ^—£;,.J _ ... (iii)

[vo2*] [hl*][h2a]
... (11°)

In a 1:1:1 reaction mixture of vanadyl sulphate, o-phenan

throline hydrochloride and a secondary ligand, from the

material balance, we obtain

T„ « [VO8*] ♦ [VOL2*] ♦ [VOLA] ... (113)

T0H * LH*J " W * [VOL2*] ♦ 3[V0LAJ ... (114)
TL • [HL*J ♦ [l] + [VOL8*] ♦ [VOLA] ... (115)

TA " [h2A] ♦ [•«•*) ... (116)
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In the lower buffer system, concentration of HA", A2"

and OH" were negligible as compared to those of the

other species present. As shown before (see page S4)

hydrolysis of 1:1 VO-phen.chelate was also considered

to be negligible below pH 3. Charges on the mixed-ligand

chelate species have been eliminated for the sake of

general i zat i on.

Combination of (113)-(116) and the expressions

for the formation constant K^ of VOL and the acid

dissociation constant of HL and re-arranging the terms

into the form of a quadratic yield

»«lW ♦{■ ♦ ^J3-] [O -}»•-««- M
( i + JmL ) - 0 ...(117)

Concentration of the uncomplexed vanadyl ions may, there

fore, be given by

/I
ivo8*]« ~b! Jb !4 ao
L J 8m

where

i for]
* * 8KML * a 9 * ~TC— and

|h*1c* (3TM - T0H * tH+J) (1 ♦ -TT^- )
Having determined [v(r*J, concentration of the other
species present in the reaction mixture may be easily
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calculated with the help of the equations given above.

Values of the equilibrium constants K and K', thus obta

ined from various points of the lower buffer region of

curve 4 (Fig.17) for the mixed-ligand system having tiron

as a secondary ligand, are presented in table XXXII.

Tabls XXXII

Curve 4 (F*g.l7), TA «TM «TL * 2.5xlO"3M

m 0.2 0.4 0.6 0.8 1.0 1.2 1.4 1.6

pH 2.61 2.66 ".72 2.77 2.83 ".89 2.96 3.03

pK 2.85 2.84 2.87 2.85 ".85 ".84 ".85 ".83

pK« 1.97 1.96 2.00 1.97 1.97 1.96 1.96 1.95

Average value of pK * 2.85 ± 0.02 ,

pK»» 1.97 t 0.03

Very similar results wsre obtained for the mixed-

ligand system involving chromotropic acid as a secondary

ligand. In fact virtually the same values, 2.86 and 1.97,

were obtained for pK and pK* from the potentlometrlc data

of curve 4 (Fig.18).

Equations 113-115 and 117 hold at pH « 3 of the

2+
reaction mixture, since hydrolysis of VOL has been

considered negligible In deriving the above equations.

But the potentlometrlc curve for the titration of a mixed-

ligand system having catechol as a secondary ligand

(curve 4, Fig.16) lies above pH 3. Therefore, considering
2+

hydrolysis of the chelate VOL , as shown in the inter

action of vanadyl sulphats with o-phenanthroline (see page 84),
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equations 113-116 becoas

T« " [*<?*] ♦ [VOL8*] ♦ [V0(0H)L*] ♦ [VOLA] ...(118)

TCH ♦ [H*] " M * [vol5>*] • 2[v0C"lf)L*] ♦ 3[V0LA] ...(119)

ta " [HL+] * lL] * \?°£*] ♦ [vo(a?)L*]
♦ [VOLA] ...(120)

From the above relationships It may bs shown that

[««L ^M *"»} t^]8 * [«*]<•«• *3M> *
[VO8*] - (3TM .tffl- [H*] )(*. * [H*])[H*] « 0

Concentration of the uncomplexed vanadyl ion may there

fore bs calculated by solving the above quadratic squat-

Ion. Concent rat ions of other species present In the

system may, therefore, be easily evaluated. Values of the

equilibrium constant thus obtained for VO-phen-catechol

system ere listsd in tabls XXXI7I.

TABLg XXXIII

Curve 4 (Pig.16), Hk • TM « TL » ".SxlCf^M

m 0.6 \8 1.0 1.2 1.4 1.6 1.8 2.0

pH 3.00 3.1" 3.24 3.34 3.44 3.56 3.66 3.78

pK 4.44 4.44 4.47 4.45 4.43 4.44 4.44 4.45

pK' 3.56 3.66 3.59 3.57 3.55 3.56 3.56 3.57

Average value of pK » 4.44 ± .03, pK'»3.56 ± ..03



9

In this system due to the appearance of a solid

phase near pH 4, calculations could not be made beyond

m - 2. The lower solubility of the mixed-ligand chelate

of catechol (VOLA) as compared to that of the corres

ponding derivatives of tiron and chromotropic acid (70LA2~),
Is probably on account of the fact that the former complex

is a nonelectrolyte whereas molecules of the latter two

complexes carry a charge of minus two. Formation of the

mixed-ligand chelate of o-phenanthroline and catechol at

higher pH values than that of the corresponding derivatives

of sulphonated catechols shows that the sulphonate groups

in tiron and chromotropic aoid have an effect of increas

ing reactivity of the aromatic hydroxyl groups in the

coordination with VC2*. This is also evident from the tit

ration curves of the 1:1 VO-secondary-ligand chelate syst

ems (Curve 3, Figs. 16-18).

A sharp inflexion at m • 3 in the potentlometrlc

curve for the titration of the mixed-ligand systems

(curve 4, Figs. 16-18), discussed above, may be explained

on the basis of the complete neutralization of a proton

of o-phenanthroline hydrochloride and two phenolic protons

of the secondary ligand liberated as a result of chelation.

Considering catechol as a secondary ligand, for example,

the overall reaction may be represented as:

Appearance of a buffer region in titration curve 4,



(Figs. 16-18) in alkaline solutions (m>3) indicated

an appreciable hydrolysis of the mixed-ligand chelate.

Stability Constants of Mixed-Ligand Chelates

Having determined equilibrium constants for the

reactions envisaged in postulate III, formation const

ants of the mixed-ligand chelates which may be defined

as

[vola]
Kmla'8 [vol2*] [a2-]

may be determined with the help of expression

K«iA * r r—
ai *2

whore K is the equilibrium constant of reaction

VOL2* + HgA < > VOLA ♦ 2H*

99

K„ and K_ represent the first and second acid diss-
al *2

oclation constants of the secondary ligand.

The overall stability constant of the mixed-ligand

chelate:

[vola]
KMLA •RlwFi

may be evaluated from the expression

a-» etn a
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where K* represents equilibrium constant of the overall

reaction

VO8* +HL* +HgA «=± VOLA +3H*

Thus by substituting the values of K and K' (from table

XXXII and XXXIII) and the dissociation constants of the

ligands (given in table XXXIV), stability constants of

the mixed-ligand chelates could be determined. These

constants and the values of the formation constants(K-.^)
2+

of the simple 1:1 chelates of VO with secondary ligands,

calculated from the potentlometrlc data of curve 3 (Figs.

16-18), are tabulated below:

Table XXXIV

Seed.Ligand -log K^ -logK lo*KMA lo*KMLA logKMLA

Catechol 9.20 U.93^°3^ 15.28 16.69 22.57

Tiron 7.66 1".48^54^ 16.61 17.19 23.07
Chromotropic acid 5.34 15.60^3) 16.89 18.09 "3.97

It Is evident from table XXXIV that the stabilities

of the simple and mixed ligand chelates of the above three

ligands are in the following order:

chromotropic acid > tiron > catechol

This is to be expected in view of a decreasing order in

the basicities of these ligands. Anion of DNS being the

most basic in character, forms strongest complexes whereas

the anion of catechol the least basic of the above three
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Fiff.24. Potent iometric titrations of the normal and mixed l^*nd
chelate systems of oxovanadium(IV) having- o-phenanthrol me hydro
chloride (Phen) and phthalic acidCPh.A) as ligands: i,Phen; 2,1.1
VO-Phen 3 l:lV0-Ph.A; 4,1:1 :1 VO-Phsn-Ph.A; 5, Ph. A. A, composite
curve of 1 &3; B,composite curve of 2 & 5. All solutions are
2 5xlO~3M in iltfaAd at the start of titration; m = moles of KOH
add** per mole of the metal ion. Arrows indicate appearance of a
Solid phase.
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*•♦ +i™s of the normal and mixed UgandFi4?2S. Potent iometric t itration ot tne 0.phenanthToline htfdro-chfiate systems of oxovanadinmUV; havm? o F L Phen; 2fHlchlorfdeCPnen) and oxalic acidCOx A) £^?A; 5,0* AA, composite

l&li" ZlVT^f^alTon! Arrows indicate appearance of
a solid phase.

.i
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Pip;.22. Potent iometric titrations of the normal and mixed ligand
chelate systems of oxovanadium(TV) having o-ahenanthroline hydro-

, oride(phen) and mandelic acid (MA) as ligands: Curve 1, ?>ien;
2, 1:1 VO-phen; 3, 1:1 VO-MA; 4, 1:1:1 VO-phen-MA; 5, MA; A,
osite curve of 1 and o; B, composite curve cf 2 and 5. Ml sol-
ions are 2.'5xlO"3M in ligand at the start of the titra" ion; n
of KOH added per mole of the metal ion. Arrows indicate apoea]
of a solid phase.



¥ltlll/V^TTiC titrJtio1}8 °f ^e normal and mixed ligand

appearance of
KOH added per mole
a solid phase.

3; B. ooipoaiie-ourre^rr^ £ ui eolS^ns"*
of the metal ion. Arrows indicate



Fig 20. Potent iometric titrations of the normal ana mixed-ligar,a
chelate systems of oxovanadivjm(IV; having o-phenanthroline hydro
chloride CPhen; and sulphosalicylic acid (SSA) as li<5anas : 1 Pnen-
2,1:1 VO-Phen; 3, 1:1 VO-SSA; 4, 1:1:1 VO-Phen-SSA: 5,SSA 'A'
composite curve of 1 & 3; B. composite curve of 2 & 5 All
Solutions ore 2.5xlo"3n in litfand at the start of titration-
m = moles of KOK added per mole of the metal ion. Attovms indicate
appearance of a Solid phase.

i,

*



^ 2^3 4
Fi?.19 . Potent iometric titrations of the normal ana mixed ligand
chelate systems of oxovanadium(IV) having" o-phenanthroline hydro
chloride (Phtm. ) and salicylic acia(SA) as ligTands: l,Phen. j 2,1:1
VO-Phen • 3,1:1 VO-SA; 4,1:1:1 VO-Phen-SA; 5,SA. A, composite curve
of 1 8% 3- B, composite curve of 2 &5. All solutions are 2.5x10 *M
in lig-and at the start of titration; m. = moles of KOH added per mole
of the m.etal ion. Arrovs indicate appearance of a solid phase.

>
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ligands, gives weakest complexes, 'he anion of tiron

helng of intermediate hasicity forms chelates which are

stronger than those of catechol and weaker than the

corresponding complexes of chromotropic acid. It is

interesting to note an unexpectedly higher stahility of

the above mixed-ligand derivatives as compared to that

of the corresponding simple 1:1 chelates.

MIXBB-LIGAHD CHELATES 0? 0X0VANA3)IUM(IY) WITH

Like VO-phen-dihydrlc phenol systems, here also,

the potentlometrlc data of the lower huffer region of the

titration curves were treated in accordance with the

three different postulates described on page 91.

In all these cases, since the curve for the titrat

ion of mixed-ligand system, (Figs. 19-?4, curve 4) is

throughout lower than curves I and 3, for the titrations

of 1:1 chelate systems of the primary and secondary ligands,

possibility of the formation of a mixture of two simple

chelates of the two ligands (postulate I) may, therefore,

be easily ruled out.

In order to test the postulate II and to character

ise the reactions occurring in the mixed-ligand systems,

two calculated curves, shown by the dotted lines in the

figures, were obtained. Curve Awas obtained by the addition

of the abscissas of curves 1 and 3 (Pigs. 19-?4) for the

potentlometrlc titrations of o-phenanthroline hydrochloride
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and the 1:1 VO-secd. ligand chelate system respectively

with KOH. In a similar manner horizontal addition of

curves I and 5 for the titration of 1:1 VO-phen chelate

and free secondary ligand respectively yielded the curve

B. These composite curves were compared with the experi

mental curve 4 (Figs. 19-?4) for the titration of mixed

ligand system.

VO-phen-SA: YO-phen-SSA: 70-phen-LA: VO-phen-MA Systems.

Potentlometrlc titrations of the mixed ligand

systems involving salicylic (SA), 5-8ulpho-salicylic (SSA),

lactic (LA) and mandelic (AA) acids as secondary ligands

(Figs. 19-22, curve 4) yielded analogous curves indicating

reactions of a similar nature. Comparison of the calculated

curves A and B with the experimental curve 4 shows that the

latter curve neither resembles in nature with curve A nor

with the curve B. Curve A (Figs.19, PI and 99) ahows infl

exion points at Vm* values of about 9 and 4. Curve B app

roaches an inflexion between m * 3.5 and 4.0. The experi

mental curve, on the other hand, exhibits a sharp inflexion

at m * 3. Formation of a simple 1:1 metal chelate of either

of the two ligands present in the system (postulate II)

may, therefore, be ruled out.

An inflexion point at ra * 3 exhibited by curve 4 (Fig.

19) is in accord with the reaction

'i
r> ** *v-f<rri

0 ..41)

♦3H*
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In the 1:1:1 VO-phen-LA (Fig.?l) and VO-phen-MA(Fig.??)

systems, the reactions may be represented as

<<?+ .

and

/
♦ CH-CH

3\

OH

eocH

COOH

^/CHCHg +3H
0 ...(ii)

CHC6Hg + 3H

...(iii)

An inflexion point at is » 4 shown by the titrat

ion curve for the 1:1:1 VO-phen-SSA system (Fig.°0) may be

interpreted on the basis of the liberation of three protons

in accordance with a reaction of the type (i), and consump

tion of one mole of alkali per mole of the ligand by the

strongly acidic sulphonic acid group present in 5-sulpho-

salicyllc acid.

The appearance of a solid phase at relatively low

pH in the above mixed-ligand systems offers a direct evi

dence for the formation of mixed-ligand chelates.

As indicated before (see page 93) in these systems

also by an analysis of the potentlometrlc data, it was

found that in the beginning of the above titrations, concen

tration of the simple 1:1 VO-phen chelate was much higher

than that of the mixed-ligand complexes. This fact and a

single Inflexion point exhibited by the curves showed that
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the formation of a VOLA type of chelate takes place

through the formation of a 1:1 VO-phen chelate i.e.

mixed ligand chelate ie formed In aceordance with the

model TTI B.

lie acid: VQ-phen-Phthaltc sol*

VO8* ♦ !
COOH

coou

a.

As shown in the mixed" ligand systems Involving

a«hydroxy carboxylic aclds^e see ndery ligandrf in
curve

these cases also the experimental^ (Figs. *3,?4) showed

a different nature then would be expected on the baeia

of the formation of a simple 1:1 chelate of either of the

two Uganda present in the solution. la flg.PS, for

example, eurve A, obtained by the addition of abscissae

of eurres 1 and 3, shows s start of inflexion at about

m • *. Ourve B, a composite of curves I end 5, exhibits

an Inflexion point at shout m • 5. The experimental curve,

on the other hand, showed a sharp inflexion at about m • S.

This, therefore, rules out the postulate II.

As Indicated in the VO-phen-SA system, one would

expeet an Inflexion point it a • 3 in curve 4 (Flg.?3)

on the easls of ths formation of a ehelate of the type

VO-phen-oxalate. Ths overall reaction may thus be repre-

sented as

IjL .0-0X #

/I N0-04v
0

This conclusion obtains support from ths work of Sslbin
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and Holmes58 who have isolated a compound VOCO^HgH^CoO^

Titration curve for the 1:1:1 VO-phen-phthalic

acid system showed a poorly defined sloping inflexion.
Aslight lowering of the lower buffer region observed
in the curve as compared with the composite curve I is
probably indicative of the formation of a weak mixed-
ligand chelate. The complex appears to be hydrolyse alm
ost immediately as pH of the system is raised to a value
of about 5.5.

Stability Constants

In the mixed ligand systems involving a-hydroxy

carboxylic acid as a second ligand, from the material
balance, we obtain

TM . [yd8*] ♦ [vOL?*] ♦ [VOLA] .- (I*1)
tl - [hl*] ♦ [l] ♦ [vol2*] ♦ [vola] ... mi

m*m ♦[*♦] - [vol2*] +[ha-] +[*MvolI) - (1°4)
In solutions of pH up to about 3, concentrations of
VO(CH)L+ , VOA and A*" were negligible as compared to
those of other apecies oresent. Combination of equations
Ltl~l*4 and the expression for the acid dissociation
constants of the ligands yields

KML(2Y-l)[v02*]2-(3XY-X-t)[v02+]-(3TM *m .&] IP* ' 0
... (1*5)
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where

X » l ♦ a «« and Y • 1 ♦ f
a ax

(K represents dissociation constant of carboxylic
al proton of a-hydroxy carboxylic sold)

Concentration of free vanadyl ions in the system may,

therefore, be determiner! by solving the above quadratie

equation.

After computation of [vCr*J, concentration of other
species present in the system, may be easily evaluated.

Values of the formation const-nts obtainsd for the mixed

ligsnd chelates having salicylic, 5-sulphosallcyllc acids

as secondary ligands are presented in tables XXXV, and

XXXVI respectively.

Table XXXY

Ourve 4(Flg.l9), TA - TM • TL - P^xlCT3*
pE^ «5.00, pK • *.88, pK * 13.40*86)

m 0.2 0.4 0.6 0.8 1.0 l«t 1.4 1.8

pH ^.67 *.62 p.67 *.73 ^.79 P.85 »*ft 3.01

logKMLA 13.31 13.33 13.36 13.34 13.35 13.37 1^.37 13.32
10gKJLA 19.19 19J& 19J34 19.22 19.^3 19,25 l<i25 19.20

Average value of log KMLA « 13.34 t 0.03 and

log Zfai - 19.*« J 0.03
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Table XXXVI

Curve 4 (Fig.20), TA « TM - TL • 2.5xlO~3M
pK^ • 5.00, pK- 2.50, pK » 11.59(ref*86)

*£ ^3

m 1.2 1.4 1.6 1.8 9.Q 2.2 2.4 2.6

pH 2.48 2.62 2.57 2.62 2.67 2.72 2.79 2.86

logKMLA 11.73 11.76 11.73 11.73 11.74 11.78 11.76 11.75
logKJj^ 17.61 17.64 17.61 17.61 17.62 17.66 11.63 17.63

Average value of logKMLA* 11.75 -0.03 and logKJj^-rz.esto.OS

In the mixed ligand system Involving 5-sulpho-

salicyllc acid (HgA) as a secondary ligand, HgA" was fons-

idered to be the chelating agent in the mathematical treat

ment given above, since the proton of the sulphonic acid

group was completely dissociated under the experimental

conditions.

Values of the equilibrium constant for reaction (iii),

calculated from the potentlometrlc data of curve 4 (Fig.21)

are given in table XXXVII.

Table XXXVII

Curve 4, (Fig.21), TA «TM »TL •?.6xl0~3M
pKa * 5.00, pK^ •3.64

a 0.4 0.6 0.8 1.0 1.2 1.4 1.6 1.8

pH 2.83 2.91 ?.99 3.06 3.16 3.27 3.34 3.48

-logK 4.03 3.98 3.94 3.94 3.93 4.00 4.04 4.04

-log K» 3.15 3.10 3.06 3.06 3.04 3.12 3.16 3.16

Average value of -logK= 3.99 - 0.05,

-logK»«3.11 ±0.05
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In the mixed-ligand system involving mandelic

acid as a secondary ligand, it was not possible to deter

mine the reaction constants, since a precipitate was

formed almost in the beginning of the titration.

In the 1:1:1 VO-phen-oxalic acid system dissocia

tion of both the protons of oxalic acid has to be taken

into consideration. Equations 123 and 1P4 then become

and

TA * [HgAj+fHA-] ♦ [A2"*] ♦ [VOLA] ... (1*6)

TOH +\f] * [V0I,2+] + W + [HA"] +2LA?"3 * 3LV0LA] «.(197)

With the help of the above equations and the expression

for the formation constant K^ and acid dissociation cons-

k tants of the ligands, it may be shown that

K^ (2Y-2S)[V02*]? ♦ JX(3Y-Z)-YJ [vO2*] -j»H -!„ -[h+]J
x XY * 0

where

[h+] Lh+J Lh+]X ml+ -1^- , Y * 1+ -^^ + ^ ^— and
a ax a} a^

2=2 +

*2

Concentration of uncomplexed vanadyl Ion may, therefore,

be determined by solving the above quadratic equation.

Other species may then be evaluated easily. Values of

formation constant of the 1:1:1 VO-phen-oxalic acid

chelate obtained from the data of curve 4(Fig.P3) are
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listed in table XXXVIII.

Table XXXVIII

pKft * 5.00, pKa • 1.91, pK • 3.89
1 si

m 0.2 0.4 0.6 0.8 1.0 1.2 1.4 1.6

pH 2.29 2.33 2.37 °.4l P.46 °.51 2.57 P.63

logKMLA 5.38 5.34 5.33 5.36 5.32 5.33 5.31 5.35

logKMLA 11,?6 11,22 11,n 11,!>4 n"*° 11,?1 11,19 U*W
Average value of log Xjjx^ * 5.34 ±0.03,

logK»MLA = 11.PP ± 0.03.

From tables XXXV, XXXVI and XXXVITI, it is evident

that the stabilities of the mixed-ligand chelates of

VO-phen with salicylic, 5-sulphosalicylic and oxalic acids

as secondary ligands, are in the following order

SA > SSA > Ox. acid

The anion of salicylic and 5-sulphosalicylic acids being

strongly basic, form complexes of high stability. Oxalic

acid, although gives • five membered ring on chelation,

forms a mixed-ligand chelate of low stability on account

of a lower basicity of the oxalate ion.
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33 °otentiometric titrations of norma] and raixe
-)vandium(IV) having °, 2'-:: jrridyl hydrochlt ' e(d1 ?) and ph

id (Ph.A) as ligands: curve 1, dipy; °, 1:1 O-dioy; 3, L:l 70-Pn
4, 1:1:1 VO-dipy-Ph.A; 5, h.A; A, composite curve of ,c<
cut-to of 9 and 5. All so] LO i ligand t 3tar
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Via 19 Potentiometric titrations of the normal an^ mixed ligand chelates
Pof*oxovanadiuma?)'having 2, 2'-dipyridyl hydrpchloride(dioy) and oxalic
acid (Ox. A) as ligands: Curve 1, dioy; 2, 1:1 VO-dipy; 3, 1:1 ™-0x^,

i.i.i vn_^nv Cnr 4- 5 Ox A- A. composite curve of 1 ana 3; B, cotdosit^Jirie of l£iT,°Ju'.SwS™ are B.SrfO-* in ligand at the start of the
illations: m-moiea of KOH added per mole of the metal ion. A,rov« iruhco*
cippca.TQ.nce op Q- solid, phase.

i
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PiS.31. Potentiometric titrations of the normal arid mixed ligand
chelates of oxovanadium(IV) having 2,2'-dipyridyl hydrochloride
(Mvv) and mandelic acid (MA) as ligands: Ourve 1, dioy; <s.{•.•>>
VO-dipy; 3, 1:1 VO-MA; 4, 1:1:1 VO-dipy-MA;5,MA; J, composite
curve of 1 and 3; B, comnosite curve of 2 and 5. All solutions
are 2.5X10-3M in'ligand at the start of the titration; m=moles
of KOH added per mole of the metal ion.Arrows indicate appear
ance of a solid phase.



Pie 30 Potentlometric-tltrations of the normal and mixed ligand
delates ofoxovanadium(IV) having 2,2'-dipyridyl hydrochloride
(diov) and lactic acid (LA) as Ligands: Curve 1, dipy, ., l.i
VC^dinv- 3 1-1 VO-LA; 4, 1:1:1 VO-dipy-LA; 5, LA; A, composite
curve of 1 and 3; 3, composite curve of 2 and 5. All solutions
are 2.5x1 Cr%. in ligand at the start of the titration; m=moles
of KOH added per mole of the metal ion.
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„,.„; Potenti-.tr!.-titrations of the.""^X^Jiwf^tWo
SSA; 4, 1:1:1 VO-dipy-SSA; 5, SSA, A, ^PO^ ^ in ligand at the start
osite curve of 2 and 5. Al^^^^/^le of the metal ion.
of the titration; m=moles of KOH aaae p«^
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Pig.28. Potentiometric titrations of normal and mixed ligand chelate
systems of oxovanadium(IV) having 2,2'-dipyridyl hydrochloride(dipy)
and salicylic acid(SA) as ligands: Curve l,dipy;9,.l:l VO-dipy; 3,
1:1 V0-3A;4, 1:1:1 VO-dipy-SA; 5, SA: A, composite curve of 1 and
3; B, composite curve of 2 and 5. All solutions are 2.5xlO~'5M in
ligand at the start of the titration; m=moles of KOH added per mole
of the metal ion.
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Pig.27. Potentiometric titrations of normal and mixed ligand chelate
systems of oxovanadium(IV) having 2,2'-dipyridyl hydrochloride(dipy
and chromotropic acid(DNS) as ligands: Curve 1, dipy; 2,1:1 JO-d1^
3 1-1 VO-DNS; 4.1:1:1 VO-dipy-DNS; 5,DNS. All solutions are 2.5x10 »
in ligand at the start of titration; m=moles of KOH added per mole
of the metal ion.
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^ig.26. Potentiometric titration of normal and mixed ligand chelate
systems of oxovanadium(IV) having 2,2'-dipyriiyl hydrochloride
(dipy) and tiron as ligands: curve 1, dipy; 2, 1:1 VO-dipy; 3,
1:1 VC-tiron; 4, 1:1 VO-dipy-tiron; 5, tiron. All solutions are
2.SxlO-3M in ligand at the start of titration; m=moles of KOH
added per mole of the metal ion.
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Pig.25. Potentiometric titrations of the normal and mixed ligand
chelate systems of oxovanadium(IV) having 2,2«-dipyridyl hydro
chloride (dipy) and catechol as ligands: curve 1, dipy; 2, 1:1
VO-dipy; 3, 1:1 VO-catechol; 4, 1:1:1 VO-dipy-catechol; 5, cate
chol. All solutions are 2.5xlO~3M in ligand at the start of tit
ration; m=moles of KOH added oer mole of the metal ion.
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SECTION II

HUSO IilGAKD CHISLATB3 OP OXOVANADIUM (IV) |Hj
8.8»-hfpfaipn, AND QfygMbONOfe MDBrfTATfe ClTOfoS

Potentiometric titrations of mixed ligand systems

involving SjS^dlpyridyl as a primary ligand correspon

ded to the curves (Curve 4, Figs. 85-33) essentially

similar to those ohtained for the corresponding 1:1:1

VO-Phen-Secd. ligand systems. As indicated in the 1:1

VO-dipy system (See page37 ), here also, HL was consi

dered to he the ligand, since one proton of dipyridyl dlhydro-

ohloride is strongly acidic and is completed ionized under

the experimental conditions.

Formation constants of the mixed ligand chelates

were determined with the help of the mathematical treat-
ligand

ment presented in the analogous VO-Phen-Secd/systems. The

results of these calculations are tabulated helow:

Tahle -XXXIX

System: VO-Dipy-Catechol.

Curve 4 (Fig.25), TA-TM*TL - 2.6xlCT3It

a 1.8 2.0 8.2 2.4 2.6 ".8 3.0 3.8

pH 3.14 3.83 3.38 3.4? 3.51 3.61 3.72 3.84

log KMLA 16.89 16.88 16.90 16.93 16.90 16.91 16.91 16.93

Average value of log KffiLA • 16.91 ± 0.08

System: VO-Dipy-Tiron

Curve 4 (Fig.*6), V^m"*! " "•5xlO"3M

m 1.0 1.4 1.8 8.2 9.6 3.0 3.4

pH 8.64 8.?4 2.86 8.98 3.18 3.30 3.54

logK,,^ 17.20 17.17 17.19 17.18 17.18 17.17 17.17
Average value of log Kjjj^ • 17.18 ± 0.0?
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System: VO-Dipy-DNS

Curve 4 (Fig.87), TA - T„ - TL - 2.5xlO-3M

• 1.0 1.4 1.8 9.2 8.6 3.0 3.4
PH 2.66 2.77 9.88 3.01 3.15 3.33 3.59

logKIILA 17-9B 17*97 18.01 17.97 17.98 17.96 17.94

Average valus of log KMLA « 17.97 t 0.04

System: VO-Dipy-SA

Curve 4 (Fig.88), TA - TM mTL * f».5xKT3l|

• 1.2 1.4 1.6 1.8 2.0 2.2 8.4 2.6
PH 2.68 2.68 2.74 2.79 2.86 P.92 9.99 3.07

log K,^ 13.18 13.13 13.12 13.19 13.15 13.19 13.20 13.19

Average value of log K^ - 13.17 ± 0.08

System : VO-Dipy-SSA

Curve 4 (Fig.29), TA « T„ - T^ - 2.6xl0~*M

m 1.2 1.4 1.6 1.8 9.0 2.2 2.4 2.6
PH 2.56 2.61 8.66 2.72 8.78 2.83 «.90 2.97

log K^ 11.37 11.35 11.36 11.3? 11.31 11.39 11.38 11.39

Average value of log K^ = U.36 ± 0.03
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SXPERIMBHTAL
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BXFBRIMEKTAL

QBNBRAL DESCRIPTION

A stock solution of vanadyl sulphate (VOSO^.

4HgO) was standardized hy titrating with a standard

solution of potassium permanganate using phosphoric

57
acid as a catalyst and ferroin as an indicator. In

58-65
order to prevent oxidation of vanadyl ions, known

volume of a standard solution of hydrochloric acid

(one mole) was added to the vanedyl sulphate solution.

Catechol, tiron (disodium catechol-3,5-disul-

phonete) and chromotropic acid (1,8-dihydroxy-naphth-

alene-3,6-disulphonate) were of Merk (6.R.) quality.

Lactic, tartaric, malic, salicylic, 5-sulphosalicylic,

oxalic, phthalic and iminodiacetic acids were of B.D.H.

reagent grade quality. Mandelic acid (B.D.H.) was puri

fied by recrystallis&tlon. o-Phenanthroline hydro-

chlorido and ?,?'-dipyridyl were of Merk (G.R.) products.

Potassium chloride was of B.D.H., Analar quality.

Aqueous solutions of the ligands were prepared

hy direct weighing and their strengths were checked hy

potentiometric titrations with a standard KOH solution.

To the ?,?*-dipyridyl solution two moles of hydrochloric

acid were added in order to start the titrations with the

amine dihydrochloride. The solution of KOH was standardized
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against potassium hydrogen phthalate.

pH measurements were carried out, using a

Cambridge pH-meter (NO 317044) equipped with calomel

and glass electrodes, standardized against standard

huffer solutions.

Known volumes of vanadyl sulphate, potassium

chloride and the ligand solutions were pipetted into

a titration cell. Conductivity water was added to

provide the desired volume and ionic strength (O.lM).

The reaction mixture was then titrated with standard

KOH solution (0.1N). The pH of the solutions were read

after each addition cf sm*ll increments of KOH solution

anu lapse of sufficient time for the attainment of

equilibrium. All titrations wei'o repeated at least two

times and agreement between ^he pH-readings of the

different titrations was usually within £ 0.0? units.

The solutions were stirred continuously by bubbling

nitrogen through them. Before and after each titration

the pH-meter was checked against buffer solutions of

known pH.



TABLE -1

TEMPERATURE • 30ll°C

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION! OF 2.5xlCT:
CATECHOL WITH O.lM POTASSIUM HYDROXIDE SOLUTION. IOftIC

STRENGTH • O.lM (KCl)

(Curve 0. Figure 1 )
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mi. of O.lM
KOH

PH Ml.of O.lM
KOH m

0.0 6.50 1.5 9.25

0.1 7.34 2.0 9.56

0.8 7.94 2.3 9.76

0.3 8.86 2.5 9.92

0.4 8.40 2.8 10.13

0.5 8.54 3.0 10.26

0.8 8.80 3.3 10.38

1.8 9.06 3.5 10.47
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TABLE - 8

TEMPERATURE • 30H°C
POTENTIOMETRIC TITRATION OF 50 ML. SOLUTION OF 5xl(T3M

IN VANADYL SULPHATE. 5xlCT3M IN HCl AND SxlO^M
IN CATECHOL WITH O.lM POTASSIUM

HYDROXIDE SOLUTION

IONIC STRENGTH « O.lM (KCl)

(Curve 1. Figure 1)
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ML.OF O.lM 1
KOH

pH
ML.OF O.lM

KOH
pH

0.0 8.65 6.0 4.41

0.4 8.79 6.4 4.50

0.8 |,tl 6.8 4.68

1.8 3.06 7.2 4.73

1.6 3.22 7.6 4.86

8.0 3.43 8.0 5.05

2.4 3.56 8.4 5.25

8.8 3.66 8.8 5.44

3.8 3.75 jr. " 5.75

3.6 3.87 9.6 6.10

4.0 3. 98 9.8 6.40

4.4 4.06 10.0 7.20

4.8 4.10 10.2 9.25

5.8 4.18 10.4 9.70

5.6 4.31 11.0 10.30



TABLE -3

TEMPERATURE - 30±1°C
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POTENT IOMETRIC TITRAT I ON OF 50 ML. SOLUTION OF 2.5xlQ-3M IN
VANADYL SULPHATE. 2.5xlCT3M IN HCl AND P.5xlO~3M

IN CATECHOL fflTH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH»0.1(KC1)

(Curve 2. Figure 1)

ML.of O.lM
KOH

pH ML.of O.lM
KOH

PH

0.0 8.98 4.8 6.30

0.4 3.18 4.9 6.48

0.8 3.45 5.0 7.85

1.2 3.71 5.1 8.86

1.6 3.91 5.8 9.10

2.0 4.07 5.3 9.45

8.4 4.25 5.4 9.70

8.8 4.45 5.5 9.92

3.8 4.63 5.6 10.10

3.6 4.85 5.8 10.45

4.0 5.14 6.0 10.70

4.4 5.55 7.0 11.00
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TABLE -4

POTENT IOMET

TEMPERATURE •30±1°C

ON OF 1.25xlCf3MRIC TITRATION OF 100 ML. SOLUTI

IN VANADYL SULPHATE. 1.25x10*^1 IN HCl A!11 1.25xlO"3M IN
SOLUTIONCATECHOL WIT 1 O.lM POTASSIUM HYDROXIDE

IONIC STRENGTH • O.lMfKCll

(Curve 3. Figure 1)

ML. OF O.lM
KOH

pH ML.OP O.lM
KOH pH

0.0 3.80 4.4 5.67

0.4 3.41 4.8 6.30

0.8 3.63 5.0 7.35

^ 1.8 3.88 5.1 8.25

1.6 4.08 5.2 8.65

8.0 4.15 5.3 9.00

2.4 4.31 5.4 9.85

2.8 4.52 5.6 9.50

3.2 4.74 5.6 9.70

3.6 4.95 5.8 10.10

4.0 5.30 6.0 10.40

-»
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TABLE -5

3MET

TEMPERATURE = 30±1°C

OFPOTENT I( RIC TITRATION OF 50 ML. SOLUTION 5xlO~3M IN
VANADYL SULPHATE. 5x10"15M IN HCl AND 1x10""'JM IN CATECHOL

WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH • O.lM (KCl)
(Curve 4, F1&U]re 1)

ML. OF 0.
KOH

1M
PH ML.OF O.lM

KOH
pH

0.0 2.65 7.6 4.53

0.4 2.78 8.0 4.66

0.8 2.92 8.4 4.79

1.2 3.04 8.8 4.89

1.6 3.18 9.2 5.05

2.0 3.33 9.6 5.20

2.4 3.43 10.0 5.37

2.8 3.52 10.4 5.50

3.2 3.60 10.8 5.71

3.6 3.70 11.2 5.90

4.0 3.78 11.3 6.18

4.4 3.86 12.0 6.50

4.8 3.91 12.4 7.00

5.2 3.97 12.8 7.82

5.6 4.08 13.0 9.15

6.0 4.17 13.4 9.85

6.4 4.25 13.8 10.25

6.8 4.34 14.2 10.55

7.2 4.43 15.0 10.95
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TABLE -6

TEMPERATURE • 30±10C

POTENTIOMETRIC TITRATTOW Qp 100 gfc ROimi(m OF 9.^1 CT*U
CHROMOTROPTC Af!Tn WITH O.lM POTASSIUM HYDRQXTnw

SOLUTION. IONIC STRENGTH • O.lMfiCQI)
(Curve 0. Figure gl

ML. OF O.lM
KOH

o.o

0.1

0.2

0.3

0.5

0.8

1.0

1.2

1.4

1.6

1.8

ML. OF O.lM
KOH

4.02 2.0

4.25 8.8

4.42 2.3

4.55 2.4

4.78 8.5

5.02 8.6

5.18 8.7

5.30 2.8

5.46 3.0

5.59 3.2

5.75 3.4

pH

5.93

6.18

6.38

6.70

7.34

9.24

9.60

9.72

10.80

10.36

10.48
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TABLE -7

TEMPERftTURB»30±l°C

POTENTIOMETRIC TITRATION OF 50 ML. SOLUTION OF 5xlO"3M IN
VANADYL SULPHATE. 5xlOT3M IN HCl AND 5xlO"3M IN CHROM

OTROPIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH •O.lM(KCl)

(Curve 1, Figure 5)

XL. OF O.lM
KOH

pH ML.OF C.1M
KOH

?*

0.0 8.37

1

6.5 3.97

0.5 8.46 7.0 4.29

1.0 2.54 7.5 4.86

1.5 8.64 8.0 5.17

8,0 8.75 8.5 5.60

8,5 8.85 9.0 5.82

3.0 8.97 9.5 6.11

3.5 3.08 10.0 6.55

4.0 3.19 10.5 7.49

4.5 3.30 11.0 8.29

5.0 3.43 11.5 9.15

5.5 3.56 12.0 9.79

6.0 3.71 13.0 10.30



ML.OF O.lM
KOH

TABLE m 8

•ERATURE • 30tl°C

POrENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF ?.5xl(T3M
IN VANADYL SULPHATE, ?.6xlQ-3M IN HCl AND 2TRX10"3M IN

CHROMOTROPIC ACTP WITH O.lM POTASSIUM HYDROXIDE
SOLUTION. IONIC STRENGTH • O.lM (XC^)

( Curve 2. yi^r* n)

0.0 2.66 7.0 4.34

0,5 2.73 7.5 4.83

1.0 2.81 8.0 5.10

1.5 2.89 8.5 5.60

2.0 2.98 9.0 5.80

8.5 3. 06 9.5 6.03

3.0 3.15 10.0 6.38

3.5 3.85 10.5 6.98

4.0 3.35 11.0 7.68

4.5 3.46 11.5 8.30

6.0 3.58 12.0 8.90

5.5 3.71 12.6 9.40

6.0 3.86 13.0 9.86

6.5 4.06 14.0 10.84

1
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TABLE -9

TEMPERATURE » 30*1°C

POTENT IQMBIRIO TITRATION OF 100 ML. SOLUTION OF 1.25xlCf3M
IK VANADYL SULPHATE. 1.25xlO~3"aiN HCl. AND 1.25xlCT3M

IN OHROMOTROPIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH • O.lM (KCl)

(Curve 3. Figure 5)

ML. OF O.lM

KOH
pH

0.0 2.94 4.5 5.78

0,8 3.06 5.0 6.24

1.0 3.80 5.5 7.28

1.6 3.34 6.0 8.10

2.0 3.50 6.5 8.85

2.5 3.71 7.0 9.35

3.0 3.97 7.5 9.82

3.5 4.31 8.0 10.10

4.0 6.06 9.0 10.45



TABLE -10

TEMPERATURE «30±1°C

123

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlCT3M
IN VANADYL SULPHATE, ?.5xlO"3M IN HCl AND 5x1(T3M IN

CHROMOTROPIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH • O.lM(KOl)

f Curve 4. Figure 5)

ML.OF O.lM
KOH

PH
ML. OF O.lM

KOH
pH

0.0 2.61 8.0 4.60

0.6 2. 68 8.5 4.74

1.0 2.75 9.0 4.93

1.5 2.83 9.5 5.08

2.0 2.89 10.0 5.22

2.5 2.96 10.5 5.38

3.0 3.03 11.0 5.57

3.5 3.12 11.5 5.76

4.0 3.18 12.0 6.10

4.5

5.0

5.5

6.0

6.5

7.0

7.6
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TABLE -11

TBMPBRATURK»30X1°C
POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 2.5xl(T3M

IK MANDELIC ACID |fljj O.lM POTASSIUM HYDROXIDE SOLm'ION
IONIC STRENGTH • O.lM (KCl)

(Curve 0. Figure 6)

ML.OF O.lM
KOH

0.0

0.5

1.0

1.5

2.0

2.8

8.4

8.5

PH

3.12

3.87

3.44

3.67

4.02

4.20

4.81

7.28

2 . O

2.7

2.6

3.0

3.5

4.0

4.5

6.0

8.32

8.76

9.00

9.40

9.78

10.02

10.16

10.84



TABLE - 1?

TEMPER. ;TU US » 30 ± 1°CPOTENT IOMBTRIQ TITRATE g fiQ ft* ^OTJIT rm n,
5x10' MIN VANADYL SULPHATE^ 6x1 Q"5^! fl HCl

.AHD 5x10" j IN MAWDBLIC ACID VTPH n,, i wr
POTASSIUM HYDROXIDE SOLUTION

ionic gMBBi 5 m mu
(Curve 1. fflffu^ s)

ML. OF O.lM
KOH
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0.0 ?.30 7.5 4.16

0.5 2.36 8.0 4.28

1.0 *.42 8.5 4.38

1.5 8.48 9.0 4.55

2,0 *.54 9,5 4.69

8.5 °.60 10.0 6.33

3.0 2.71 10.5 6.37

3.5 ?.88 11.0 7.49

4.0 ™. 98 11.5 8.26

4.5 3.15 1?.0 9.16

6.0 3.35 1?.5 9.54

5.5 3.55 13.0 9.80

6.0 3.67 13.6 9 . 96

6.5 3.79 14.0 10.10

7.0 3.95 15.0 10.35
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TABLE -13

POTENTIOMET

IN VANADY

RIC TIT RAT JON OF 100 ML. SOLUTION OF 2.BxlCT3M
L SULPHATE „ 2r5xlO"3M IN HCl AND 2.R*lfT3M i

IK MAND

SOLUT

SLIC ACID WITH 0 ,1M POTASSIUM HYDROXIDE

ION. IONIC STRENGTH - O.lM (KOI)

(Curve 2. Figure Ii

ML.OF O.lM
KOH PH ML.OF O.lM

KOH pH

0.0 2.58 8.5 4.51

1.0 8.68 9.0 4.67

2.0 8.79 9.5 4.80

2.5 8.86 10.0 5.30

3.0 8.98 10.5 6.00

> 3.5 3.04 11.0 7.03

4.0 3.17 11.5 7.70

4.5 3.38 12.0 8.26

5.0 3.50 12.5 8.72

5.5 3.68 13.0 9.18

6.0 3.77 13.5 9.46

6.5 3.93 14.0 9.66

' 7.0 4.10 14.5 9.82

7.6 4.89 15.0 9.95

8.0 4.40 16.0 10.15

"»
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TABLE -14

TEMPERATURE •• 3C±1°C
POTENT TITRATION OF 100 ML. S OLUTION OP 1.26xlCT3M

IN VANADYL SULPHATE. 1.25x1 0~3M IN HCl AND
POTASSIUM HYDR<

l.?5xlO~3M
IN MANDELIC ACID WITH 0.1| )XIDE

SOLUTION, IONIC STRENGTH - 0.1S! (KCl 1
( Curve 3. Figure 6)

ML. OF
KOH

O.lM
pH ML. OF

KOH
0.1.-J

SH

0.0

-

2.88 4.5 4.82

0.5 C # jfQ 5.0 5.31

1.0 3.09 5.6 6,50

1.5 3.22 6.0 7.80

2.0 3.37 6.5 8.53

8.5 3.66 7.0 9.08

3.0 3.97 7.5 9.50

3.5 4. Zp 8.0 9.75

4.0 4.55 9.0 9.90
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TABLE -16

laJPERATURB m 38 ± 1°0

POTlBtTIQf^TRIC TITRATION OF 100 ML. SOLUTION OP 2.5xlCT3M
IN VANADYL SULPHATB. *.5xlQ-3f4 IN HCl AND 5xlO"3M

IN MANDELIC ACID fflTH O.lM POrASSTUM ^TT^n.TnB

SOLUTION. IONIC STRENGTH • Q.!? (£01)
( Curve 4. Fiinira <n

ML.OF O.lM
KOH

0.0 P.54 9.0 3.89

1.0 ?.62 9.5 4.06

2.0 ?.72 10.0 4.?8

?.5 2.77 10.6 4.50

3.0 2.83 11.0 4.78

3.5 8.89 11.6 4.88

4.0 ?.96 18.0 5.04

4.5 3.0? &M 5.60

6.0 3.10 13.0 6.17

5.5 3.17 13.5 7.00

6.0 3.86 14.0 7.65

6.5 3.34 14.5 8.18

7.0 3.48 16.0 8.55

7.5 3.5? 15.5 8.98

8.0 3.63 16.0 9.'5

8.6 3.75 17.0 9.50



TABLE -16

TEMPER ATURB»30±1°C
POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlO"3M

IN LACTIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH « O.lM (KCl)

( Curve 0. Figure 8)
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ML. OF O.lM
KOH PH

ML. OF O.lM
KOH

pH

0.0 3.80 2.6 8.34

0.5 3.40 2.8 8.84

1.0 3.63 3.0 9.16

1.5 3.90 3.5 9.50

2.0 4.28 4.0 9.84

2.2 4.54 4.5 9.95

8.4 5.30 5.0 10.10

8.5 7.60 6.0 10.25



TABLE -17

TEMPERATURE « 30£l°C
POTENTIOMETRIC TITRATION OF 50 ML. SOLUTION OP 5xlO~3M

IN VANADYL SULPHATE. 5xl(T8M IN HCl AND 5xlQ-3M IN
LACTIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC 3TRBNQTH«0.1M(KC1)

(Curve 1. Figure 8)
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ML.OF O.lM
KOH

pH ML.OF O.lM
KOH

PH

0.0 2.38 7.5 4.55

0.5 2.44 8.0 4.61

1.0 2.50 8.5 4.70

>- 1.5 2.57 9.0 4.78

2.0 2.65 9.5 4.91

2.5 2.73 10.0 5.46

3.0 2.88 10.5 6.30

3.5 3.00 11.0 7.28

4.0 3.18 11.6 8.12

4.5 3.38 12.0 8.88

5.0 3.57 12.5 9.34

5.5 3.76 13.0 9.64

6.0 3.87 13.5 9.86

6.5 4.03 14.0 9.98

7.0 4.22 15.0 10.06

1
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TABLE - 18
t

TEMPERATURE • 30 ± 1 °C
POTENT IOMETRIC TITRATION 0 P 100 ML. SOLUTION OF 2.5xlO"3M

Bl VANADYL SULPHATE. ?.5xlO~3M HCl AND 2.5xlO"3M
B LACTIC ACID WITH 0 .IK POTASS.IUM HYDROXIDE

SOLUTION. IONIC STRENGTH = 0. 1M (KO
( Curve °. Figure 8 )

ML.. OF O.lM
KOH

PH
ML, OF O.lM

KOH
pH

0.0 ?.61 8.0 4.58

0.6 ? .68 8.5 4.61

1.0 9.76 9.0 4.70

1.5 ?.84 9.5 4.87

2.0 2.92 10.0 5.36

?.6 3.00 10.6 6.00

3.0 3.18 11.0 6.80

3.5 3.87 11.6 7.50

4.0 3.37 1?.0 8.04

4.5 3.54 12.6 8.44

5.0 3.78 13.0 8.85

5.5 3.88 13.6 5.16

6.0 4.09 14.0 9.40

6.5 4.?? 14.6 9.85

7.0 4.33 15.0 10.03

7.5 4.46 16.0 10.10
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TABLE -19

TEMPERATURE • 3Qtl°0

POTENTIOMEPRIO TITRATION OF 1QQ ML. SOLUTION OF 1.25xlO*3M
fij VANADYL SUL°HA?E. I.?5xl0-5M IN HCl AND l.?5xlQ-3% Bl

LACTIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH » O.lM ( KOI )

( Curve 3. Figure 8)

ML. OF O.lM
KOH PH

ML.OF O.lM
KOH

pH

0.0 2.90 4.5 4.77

0.5 3.00 5.0 5.25

1.6 3.36 5.5 6.50

2.0 3.59 6.0 7.60

2.5 3.90 S.5 8.35

3.0 4.?4 7.0 8.89

3.5 4.49 7.5 9.35

4.0 4.60 8.0 9.65
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TABLE -20

T8MPERATURE * 3CXtl°C

133

POTENT IOMETRIC TITRATION OF 100 ML. SOLUTION OF 2.5xlO"3M
IN VANADYL SULPHATE. 2.5xl(T3M g HCl AND 5x10 3M

IN LACTIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH * O.lM UCl)

(Curve 4. Figure 8)

ML. OF 0,
KOH

1M
pH ML. OF O.lM

KOH
pH

0.0 8.60 9.5 4.28

1.0 2.61 10.0 4.46

2.0 2.72 10.5 4.64

2.5 2.78 11.0 4.80

3.0
*

<J .op 11.5 4.94

3.5 2.93 12.0 5.06

4.0

4.5

5.0

5.5

5.0

6.5

7.0

7.5

8.0

8.5

9.0

3.01

3.10

3.20

3.30

3.40

3.51

3.62

3.72

3.84

3.97

4.1?

12.5

13.0

13.5

14.0

14.5

15.0

15.6

16.0

16.6

17.0

18.0

5.54

6.03

6.90

7.68

8 . cZ

8.76

9.84

9.60

9.88

9.95

10.10
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TABLE -21

TEMPERATURE • 3Qxl°C
POTSNfIOMETRIC TITRATION OF 50 ML. OF 5xlCT3M TARTARIC ACID

WITH O.lM POTASSIUM HYDROXIDE SOLUTION. IONIC STRENGTH*

O.lM (KCl)

(Curve 0. Figure 9)

ML.OF O.lM
KOH PH

ML.OF O.lM
KOH

pH

0.0 2.72 4.5 4.63

0.5 2.84 4.7 4.88

1.0 1. 98 4.8 5.42

1.5 3.14 4.9 6.46

8.0 3.31 5.0 9.25

2.5 3.51 5.1 10.17

3.0 3.72 6.2 10.28

3.5 3.97 5.4 10.50

4.0 4.84 5.8 10.78

4.3 4.46 6.0 10.80



TABLE -82

TEMPERATURE 30*1°C
.-3,

POrBNTIOMETRIC TITRATION OF 50 ML. SOLUTION OF 5x10

IN VANADYL SULPHA )'B. 5xlO"3M IN HCl AND 5xl0~3M IN
TARTARIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH • O.lM (KCl)

(Curve 1. Figure 9)
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ML.OF O.lM
KOH

pH ML. OF O.lM
KOH PH

0.0 2.30 7.6 3.15

0.4 8.32 8.0 3. <J5»

0.8 2.34 8.4 3.52

1.2 8.36 8.8 3.85

1.6 2.38 9.2 4.25

2.0 2.40 9.6 4.70

2.4 2.44 10.0 5.47

2.8 8.48 1C.4 5.87

3.2 8.53 10.8 6.23

3.6 2.57 11.2 6.55

4.0 2.61 11.6 6.77

4.4 2.65 12.0 7.22

4.8 2.68 12.4 7.95

5.2 2.73 12.8 8.90

5.6 2.77 13.2 9.50

6.0 2.83 13.6 9.77

6.4 2.88 14.0 10.10

6.8 2.98 14.5 10.48

7.2 8.99 15.0 10.70



TABLE - ?3

TEMPERATURE g 30*1°C
POTENT IOMETRIC TITRATION OF 50 ML. SOLUTION OF 2.5xlCT3I

^ ,-3.IN VANADYL SULPHATE. ?.5xl0"JM IN HCl. and 2.5x10'

IN TARTARIC ACID ft'ITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH*O.lM (KCl)

(Curve 2. Figure 9)

138

ML. CF O.lM
KOH PH ML.OF O.lM

KOH PH

0.0 ?.48 5.0 5.48

0.4 2.5? 5.2 5.86

0.8 8.57 5.4 6.21

1.2 2.61 5.6 6.49

1.4 2.65 5.8 6.77

1.6 2.70 6.0 7.16

2.0 8.77 6.2 7.95

8.4 2.85 6.4 8.50

8.8 2.92 6.6 9.05

3.8 3.02 6.8 9.30

3.6 3.23 7.0 9.70

4.0 3.53 7.2 9.o9

4.4 4.01 7.4 10.16

4.8 4.85 8.0 10.57
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TABLE - 24

TEMPERATURE • 3Q±1QC
POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 1.25xl0-3M

IN VANADYL SULPHATE. 1.88xlCT3M IN HCl and 1.8CxlO"3M
IN TARTARIC AOID WITH O.lM PQgASSTUM HYDROXIDE

SOLUTION. IONIC STRENGTH*O.lM (KCl)

(Curve 3. Figure 9)

ML.OF O.lM
KOH pa ML. OF O.lM

KOH PH

0.0 2.66 5.8 5.87

0.4 2.71 3.4 6.28

0.8 2.76 5.6 6.54

1.8 2.81 5.8 6.85

1.6 2.87 6.0 7.17

8.0 2.94 6.8 7.86

• .4 3.01 6.4 8.30

8.8 3.09 6.6 8.65

3.8 3.83 6.8 8.97

3.6 3.39 7.0 9.25

4.0 3.60 7.8 9.60

4.4 4.14 7.4 9.75

4.8 4.98 7.8 10.15

5.0 5.51 8.0 10.35



138

TABLE - 25

TEMPERATURE * 30 ± 1°C

POTENTIOMETRIC TITRATION OF P>0 ML. SOLUTION OF fiYirT3!*
IN VANADYL SULPHATE. 5xlCf3M IN HCl AND lxlCTPM TW

TARTARIC ACID WITH O.U[ POTASSIUM HYDROXIDE

SOLUTION. IONIC STB.ENGTH - O.lM(KCl)
(Curve 4. Fifl

ML. OF O.lM
KOH PH ML. OF

KOH
O.lM

pH

0.0 2.16 Q 1P.0 3.82

1.0 ?.21 1?.6 3.99

2.0 2.27 13.0 4.88

3.0 ?.36 13.6 4.52

4.0 ?.43 14.0 4.90

5.0 2.51 14.5 5.60

6.0 2.58 15.0 6.02

7.0 2.68 15.6 6.84

8.0 8.88 16.0 6.43

9.0 3.02 16.6 6.70

9.5 3.13 17.0 7.35

10.0 3.84 17.6 8.30

10.6 3.37 18.0 8.95

11.0 3.51 18.5 9.80

11.5 3.66 19. C 10.50



TABLE - 26

TEMPERATURE - 30±1°C
r-3,POTENTIOMETRIC TIT RAP ION OF 50 ML. OF 5xlO"JM MALIC

ACID WITH O.lM POPASSIUM HYDROXIDE SOLUTION

HYDROXIDE SOLUTION. IONIC STRENGTH*

O.lM (KCl)

(Curve 0. Figure 11)

ML. OF O.lM
KOH

pH ML.OF O.lM
KOH

PH

0.0 2.88 4.3 5.20

0.5 3.08 4.5 5.38

1.0 3.26 4.7 5.62

1.5 3.80 4.8 6.15

2.0 3.78 4.9 6.96

2.5 4.04 5.0 9.70

3.0 4.36 5.1 10.12

3.5 4.62 5.5 10.50

4.0 4.94 5.5 10.90
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HO

1

TEMP!

J2H -27

OF

5RATURE • 30±1°C
POTENTIOMETRIC TITRATION OF 50 ML. SOLUTION 5xict3m nr

VANADYL SULPHATE. 5x10"3 M IN HCl AND 5:

POTASSIUM HYDJ

cicr

ROXI

5M IN
MALIC ACID WITH O.lM DE

SOLUTION. IO>ITC STR>3NGTH*0.1Mf]

(Curve 1 . Figure 11)

ML. OF O.lM
KOH

pH ML.OF O.lM
KOH PH

0.0 2.36 7.2 3.65

0.4 2.40 7.6 3.84

0.8 2.44 8.0 4.00

1.2 2.50 8.4 4.14

1.6 2.56 8.8 4.35

2.0 2.69 9.2 4.63

8.4 2.63 9.6 5.00

2.8 2.67 10.0 5.50

3.2 2.7? 10.4 5.82

3.6 2.80 10.8 6.?6

4.0 2.87 11.8 6.87

4.4 2.95 11.6 6.77

4.8 3.05 12.0 7.12

5.8 3.13 12.4 7.70

6.6 3.19 12.8 8.*8

6.0 3.30 13.8 8.95

6.4 3.42 13.6 9.67

6.8 3.55 14.0 10.38
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TABLE - 28

TEMPERATURE • 3Q±1QC
POTENTIOMETRIC TITRATION OF 50 ML. SOLUTION OF ?.5xlCT3M

IN VANADYL SULPHATE,' 2.5xlO~3M IN HCl AND 2.5xlCT3M
IN MALIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH • O.lM (KCl)

(Curve 2. Figure 11)

ML. OF O.lM
KOH

PH
ML.OF O.lM

KOH P*

0.0 2.58 4.8 5.03

0.4 2.66 5.0 5.50

0.8 2.75 6.2 5.86

1.2 *£»o^ 5.4 6.28

1.6 2.92 5.6 6.56

2.0 3.07 5.8 6.75

8.4 3.1 6.0 7.11

8.8 3.36 6.2 7.65

3.2 3.58 6.4 8.10

3.6 3.83 6.6 8.60

4.0 4.13 6.8 9.08

4.4 4.52 7.0 9.76



*

142

TABLE-29

TEMPERATURE * 30±1°C
POTENT IOMETRIC TITRATION OF 100 ML. SOLUTION OF l.P5xl(T3M IN
VANADYL SULPHATS. 1.25xlO"3M IN EC1 AND 1.25xlCT3M IN

MALIC ACID WITH O.lM FQgASSIUa HYDROXIDE SOLUTION

ionic gaaifcOjjj (kci)
( Curve 5 Figure 11)

ML. OF O.lM
KOH

pH ML. OF O.lM
KOH F*

0.0 2.86 5.0 5.50

0.4 2.94 5.2 5.80

0.8 3.02 5.4 6.21

1.2 3.06 5.6 6.54

1.6 3.12 5.8 6.78

8.0 3.26 6.0 7.11

2.4 3.41 6.2 7.65

2.8 3.54 6.4 7.96

3.2 3.70 6.6 8.40

3.6 3.96 6.8 8.92

4.0 *J * *5 & 7.0 9.35

4.4 4.61 7.2 9.80

4.8 5.16 7.4 10. ?6
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TABLE -30

TEMPERATURE - 3C±1°C
POTENT IOMETRIC TITRATION OF 50 IL. OLUTION OF 5xlCT3M IN

VANADYL SULPHATE. 5x1CT3*M B r HCl AND IxlC^M IN SIALIC
ACID ffpj J!>.1M POT ASS Ii .'M HYDROXIDE 1JGLUT TON. IONIC

STRENGTH *

(Curve 4.

O.lM (KOI)

Figure 11)

ML.OF O.lM
KOH

pH ML. OF 0,
KOH

X ii pH

0.0 8.30 13.5 5.05

1.0 2.39 14.0 5.31

8.0 2.48 14.5 5.64

3.0 ?.59 15.0 6.10

4.0 2.70 15.6 6.50

6.0 ?.83 16.0 6.76

6.0 ". 98 16.5 6.99

7.0 3.15 17.0 7.25

8.0 3.34 17.5 7.70

9.0 3.58 18.0 8.25

10.0 3.85 18.5 9.00

11.0 4.14 19.0 9.76

1P.0 4.46 19.6 10.50

13.0 4.83 PO.O 11.00
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TABLE -31

TEMPERATURE • 30±1°C

POTENT I "iaSTRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlCT3M
IN IMINODIACETIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH * O.lM (KCl)

(Curve 0. Fig. 13)

ML. OF O.lM
KOH

pH ML.OF O.lM
KOH

PH

0.0 2.84 2.7 6.89

0.5 2.94 2.8 7.36

1.0 3.10 3.0 7.90

1.5 3.30 3.5 8.53

2.0 3.68 4.0 8.88

1. 3 4.04 4.5 9.25

?.4 4.60 5.0 9.70

2.5 5.46 5.5 10.16

M . 8 6.39 6.0 10.40
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TABLE -3?

TEMPERATURE * 30±1°C

POTENTIOMETRIC TITRATION" <)P 50 ML. SOLUTION OF 5xlO"3M
BJ VANADYL SULPHATE, 5x:Lig*M IN HCl AND 5x10"*3

IN IMINODIACETIC ACID WITH 0.1& POI'Ataxwi

HYDROXIDE SOLUTION. IONIC STRWGI'H»

0.1M( KOI )

(Curve 1, Fig.13)

ML.OF O.lM
KOH

pH
ML. OF 0.

KOH

1M
pH

0.0 2.38 8.5 4.77

1.0 2.43 9.0 5.17

8.0 8.49 9.5 5.34

8.6 2.53 9.8 5.50

3.0 2.58 10.0 5.88

3.5 2.64 10.5 6.78

4.0 2.75 11.0 7.34

4.5 2.85 11.5 7.80

6.0 8.97 12.0 8.14

5.5 3.12 12.5 8.38

6.0 3.29 13.0 8.65

6.5 3.47 13.5 8.83

7.0 3.75 14.0 9.00

7.3 3.86 15.0 9.26

7.6 4.16 16.0 9.46

7.7 4.30 17.0 9.67

8.0 4.48 18.0 9.85
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TABLE -33

TEMPERATURE • 3Q£1°C
POTENTIOMETRIC TITRATION OF 100 ML.SOLUTION OF 2.5x10

IN VANADYL SULPHATE. ?.5xlCT3M IN HCl AND ».5xlCT3M
IN IMINODIACETIC ACID WITH O.lM POTASSIUM

HYDROXIDE SOLUTION. IONIC STRENGTH»0.1M(KC1)

(Curve ?. Fig. 13)

k-3

ML.OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 2.55 8.5 4.79

1.0 2.60 9.0 5.19

2.0 2.66 9.5 6.35

2.5 2.71 9.8 5.47

3.0 °.77 10.0 6.86

3.5 2.86 10.6 6.50

4.0 2.94 11.0 6.95

4.5 3.04 11.5 7.43

5.0

5.5

6.0

6.5

7.0

7.3

7.6

7.7

8.0

3.16

3.32

3.60

3.70

3.96

4.11

4.26

4.39

4.52

1P.0

IP.5

13.0

13.5

14.0

15.0

16.0

17.0

18.0

7.75

8.02

8.26

8.40

8.61

8.90

9.12

9.30

9.50
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?I0MET

TEMPERATURE

34
* 30±1°C

|m •RIC TITRATION OF 100 ML SOLUTION ( l.?5xlO"3M

IN ]/AJADYL SULPHATE. 1.25x10"" IN HCl AND ,25xlCT3M

IN IMINODIACETIC ACID tflTH 0.1^.1 POTASS BJ1 HYDROXIDE

SOLUTION. IONIC STRENGTH « O.lM(KCl)

(Curve 3. Fig. 13)

ML. OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 2.67 4.5 5.16

0.5 2.78 5.0 5.75

1.0 2.89 5.5 6.70

1.5 3.01 6.0 7.35

'.0 3.17 6.5 7.87

?.5 3.39 7.0 8.30

3.0 3.66 7.5 8.64

3.5 4.08 8.0 8.85

3.8 4.30 8.8 9.10

4.0 4.47 9.0 9.28

4.3 4.83 10.0 9.40



TABLE -35

TEMPERATURE » 30±1°0

POTENTIOMETRIC TITRAflON OF 50 ML. SOLUTION OF 5xlCT3M
BT VANADYL SULPHAPB. 5xlO"3M B? HCl AND 1.0xlCTPM BI

IMINODIACETIC ACID .VITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC SJRSNGTH «- O.lM (KCl)

(Curve 4t Figp 13)
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ML. OF O.lM
KOH pH ML.OF D,1E

KOH *•

0.0 2.33 10.0 3.85

1.0 2.37 10.2 4.15

2.0 2.42 10.6 4.59

2.5 2.45 11.0 4.95

3.0 ?.48 11.5 5.13

3.5 2.52 12.0 5.36

4.0 2.67 12.5 5.71

4.5 2.61 13.0 6.35

5.0 2.65 13.5 7.07

5.5 2.69 14.0 7.51

6.0 2.75 14.5 7.81

6.5 2.81 15.0 7.99

7.0 2.89 15.5 8.19

7.5 2.96 16.0 8.47

8.0 3.05 16.5 8.61

8.5 3.15 17.0 8.75

9.0 3.29 18.0 8.97

9.5 8.49 19.0 9.'3

9.8 3.69 20.0 9.45
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TA3LB -36

TEMPERATURE « 3Qtl°C
POTENTIOMETRIC TITRATION OF 50 ML SOLUTION OF 5xlQT3M IN

1 ' • -i '• lK • ri
VANADYL SULPHATE. 5xlOT°M IN HCl AND 1.5x10" IN IMINO

DIACETIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH - O.lM(KCl)

(Curve 5. Fig. 13)

ML.OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 2.20 12.5 4.11

1.0 2.26 1?.7 4.39

2.0 2.30 13.0 4.71

3.0 2.35 13.3 4.91

4.0 2.4? 13.5 5.01

5.0 2.49 14.0 6.*5

6.0 2.57 14.5 5.49

7.0 2.69 15.0 5.83

8.0 2.73 15.5 6.69

8.6 .79 15.7 7.07

9.0 2.85 16.0 7.39

9.8 ?.92 16.5 7.65

10.0 3.01 17,0 7,95

10.6 3.11 17,5 8.17

11.0 3.24 18.0 8.37

11.5 3.41 18.5 8.57

12.0 3.63 19.0 8.75

12.3 3.85 20.0 8.97



TABLE -37

TEMPERATURE • 5Qll°0
POTENTIOMETRIC TITRATION OF IOO ML. SOLUTION OF P.SxlCT"!

IN o-PHENANTHROLBTE HYDROCHLORIDE WITH O.lM POTASSIUM

HYDROXIDE SOLUTION. IONIC STRENGTH • O.lM(KCl)
• 'i ' ' • ' * ' *

(Curve 1. Figure 15)

/so

159

.-3,

ML. OF O.lM
KOH

pH
ML. OF 0,

KOH

,1M
pH

0.0 3.80 1.8 5.38

0.2 4.06 2.0 5.58

0.4 4.28 2.2 5.82

0.6 4.48 2.3 6.07

0.8 4.64 2.4 6.27

I.C 4.79 2.5 8.40

-i.. I 4.9? 2.6 9.20

1.4 5.08 2.8 9.96

1.6 5.?2 3.0 10.??



TABLE -38

TEMPERATURE » 30±1°C

151

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF ?,5xlCT3M
P.P'.DIPYRIDYl, HYDROCHLORIDE WITH O.lM POTASSIUM HYDRO

XIDE SOLUTION. IONIC STRENGTH » 0.1! (KCl)

(Curve ?. Figure 15)

ML. OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 8.70 3.8 4.54

0.5 2.80 4.0 4.68

1.0 2.92 4.3 4.88

1.5 3.08 4.5 5.06

1.8 3.18 4.7 5.30

2.0 3.31 4.8 5.66

2.3 3.48 4.9 6.00

8.5 3.64 5.0 8.02

2.7 3.80 5.1 9.30

3.0 4.00 5.3 9.80

3.3 4.21 5.5 10.10

3.6 4.35 6.0 10.46
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TABLE -39

TEMPERATURE »30H°C
POTENT IOMETRIC TITRATION OF 100 ML. SOLUTION OF P.SxlO^M IN
VANADYI MUT.PHATE AMD 0.5x1^0 o PR^l ANTHROLPfS HYDRO

CHLORIDE YT"H O.lM aTtTASSlUM HYDROXIDE SOLUTIOH^IOWIC
STRENGTH • O.lM (KQl)

(Curve 3. Figure 15)

.-3,

ML. OF O.lM
KOH

0.0

0.4

0.8

1.2

1.6

2.0

2.4

2.8

3.2

3.6

4.0

4.4

4.8

6.?

5.6

6.0

ML.OF O.lM
KOH

pH

2.74 6.4 5.75

2.82 6.6 5.94

2.94 6.8 6.20

3.04 7.0 6.56

3.15 7.2 6.90

3.28 7.4 7.26

3.45 7.6 7.66

3.62 7.8 7.99

3.78 8,0 8.o5

3,94 8.4 8.60

4.10 8.8 8.88

4.?7 9.? 9.18

4.47 9.6 9.50

4.79 10.0 9.84

6.03 10.4 10. (P

5.35 11.0 10.30



153

TABLE -40

TEMPERATURE « 30±1°C
POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlO"3M
«•————— ——— ' '" —— m Til in I ~mm~mmm in

IN VANADYL SULPHATE. ?.5xl(T3M BT HCl AND ?.5xlCT3M IN
2.2«-D^^YRIDYL HYDROCHLORIDE flITH Q.1M POTASSIUM

HYDROXIDE SOLUTtOE. IONIC STRSNGTH«Q.r.T(KCl)

(Curve 4. Figure 15)

ML. OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 2.3? 9.0 4.06

1.0 2.40 9.5 4.24

?.o 2.46 10.0 4.46

2.5 2.63 10.5 4.80

3.0 ?.57 11.0 5.18

3.5 2.63 11.5 5.50

4.0 2,70 12.0 5.89

4.5 2.75 12.6 6.50

5.0 2.81 13.0 7.05

5.5 2.92 13.5 7.56

6.0 3.04 14.0 8.?5

6.5 3.18 14.5 3.75

7.0 3.37 15.0 9.26

7.5 3.56 15.5 9.70

3.0 3.7? 16.0 10.05

8.5 5.88 17.0 10.50
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TABLE -41

TEMPERATURE « 3Q*1°C
POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF ".SxlO"3!,\ 1

BT VANADYL SULPHATE. ?.5xlO"JM IN HCl AND ?.5xl(TJM IN

CATECHOL WITH O.lM POTASSIUM HYDROXIDE SOLUTION.

IONIC STRENGTH»0.1M(KC1)

(Curve 3. Figure 16)

ML.OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 2.65 7.5* 4.88

0.5 2.81 8.0 5.10

1.0 2.98 8.5 5.36

1.5 3.20 9.0 5.63

2.0 3.43 9.5 6.22

2.5 3.60 9.8 6.50

3.0 3.70 10.0 7.25

3.5 3.80 10.? 9.*5

4.0 3.98 10.5 9.75

4.5 4.07 11.0 10.30

5.0 4.15 11.5 10.70

5.6 4.23 1?.0 10.95

6.0 4.35 12.6 11.10

6.5 4.50 13.0 10.81

7.0 4.65 14.0 10.35
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TABLE -4?

TEMPERATURE » 3Otl°0
POTENT IOMETRIC TITRATITN OF 100 ML. 30LUPI0N OF 2.5x1(T3M

IN VANADYL SULPHATE. ?.5xlO~3M IN HCl. ?.5xlCT3M IN
o-PHBNANTHROLINB HYDROCHLORIDE AND 2.5xlCf3M IN

CATECHOL WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH • O.lM(KCl)

(Curve 4. Figure 16)

ML. OF O.lM
KOH pH MLiOF O.lM

KOH PH

0.0 2.42 8.5 4.15

0.5 2.48 9.0 4.54

1.0 8.64 9.5 5.00

1.5 2.60 9.8 5.35

2.0 2.66 10.0 6.00

2.5 2.74 10.? 6.50

3.0 2.84 10.5 7.90

3.5 2.9? 11.0 7.75

4.0 3.00 11.5 8.06

4.5 3.12 1?.0 8.30

6.0

5.5

6.0

6.5

7.0

7.5

8.0

3.24

3.34

3.44

3.55

3.66

3.78

3.96

12.5

13.0

13.5

14.0

14.6

15.0

16.0

8.54

8.36

9.?9

9.98

10.36

10.58

10.70
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TABLE -43

TEMPER ATURS*3Q*1°C

POTENT IOMEDRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlO"*3s4
Bi VANADYL SULPHATE. ?.5xl0~3 •! F HCl AND Q,5xl0~3 '

IN TIRON WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH « 0.1 • (KCl)

(Curve 3. Figure 17)

ML.OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 2.60 7.5 3.94

0.5 2.66 8.0 4.08

1.0 P.70 8.5 4.34

1.5 2.76 9.0 4.64

2.0 ?.8? 9.5 4.91

2.6 2.38 9.8 5.15

3.0 ?.96 10.0 5.56

3.5 3,03 10.? 6.50

4.0 3.11 10.5 7.?5

4.6 3.18 11.0 7.85

5.0 3.?6 11.5 8.35

5.6 3.35 1P.0 9.?5

6,0 3.46 1?.5 9.65

6.5 3.58 13.0 10.?0

7.0 3.74 14.0 10.75



TABLE -44

TEMPERATURE • 30*1°C
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POMi5IOMETRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlO*3M
IN VANADYL SULPHATE. 9.5X1CT3M IN HCl. ?.5xlQ-3M BT
o- PHBSANTHROLBTE HYDROCHLORIDE AND ?.5xlCT3M IN

TIRON WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH -O.lM (KCl)

(Curve jt Figure 17)

ML. OF O.lM
KOH

pH ML.OF O.lM
KOH

pH

0.0 2.40 9.0 3.65

1.0 ?.45 9.5 3.94

2.0 2.5? 9.8 4.27

2.5 2.57 10.0 4.65

3.0 2.61 10.? 5.34

3.5 9.66 10.5 6.16

4.0 2.72 11.0 6.9?

4.5 P.77 11.5 7.34

5.0 9.83 1?.0 7.90

5.5 2.89 1?.5 8.3?

6.0 2.96 13.0 8.70

6.5 3.03 13.5 9.26

7.0 3.11 14.0 9.8?

7.5 3.91 14.5 10.28

8.0 3.3? 15.0 10.44

8.5 3.47 16.0 10.60
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TABLE -45

TEMPERATURE • 30*1°C
POTENTIOMETRIC TITRATIOP OF 100 ML. SOLUTIOE OF P.5xl(T3M

TIRON WITH O.lM POTASSIUM HYDROXIDE SOLUTION. IONIC

STRENGTH « O.lM ( KCl ). (Curve 5. Figure 17)

ML. OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 6.20 9.9 8.44

0.? 6.55 2.3 8.62

0.4 6.82 2.4 8.83

0.6 7.06 2.5 9.?0

1,0 7.38 2.6 9.5?

1.2 7.64 2.7 9.30

1.4 7.68 9.8 «Ta »jO

1.8 7.99 2.9 10.07

2.0 8.18 3.0 10.?0



TABLE - 46

TEMPERATURE 30tl°C

159

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 2.5xl(T3M
IN VANADYL SULPHATE. 9.5xlcr3M IN HCl. P.6xlCT3M IN

O-PHBSANTHR'LINE HYDROCHLORIDE AND P.SxlQ~3M IK
CHROMOTROPIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH » O.lM (KCl)
(Curve 4. Figure 18)

ML. OF O.lM
KOH pH

ML.OF O.lM
KOH PH

0.0 2.43 9.0 3.60

0.5 2.46 9.5 3.91

1.0 2.60 9.8 4.95

1.5 2.54 10.0 4.80

2.0 2.58 10.2 5.38

2.5 ?.69 10.5 6.50

3.0 ?.65 11.0 7.9Q

3.5 2.70 11.5 7.65

4.0 2,73 1P.0 8.00

4.5 2.77 12.5 8.?8

5.0 2.83 it) • <*/ 8.58

6.5 9.88 13.5 8.85

6.0 • • e Srw 14.0 9.20

6.5 3.03 14.5 9.51

7.0 3.09 15.0 9.90

7.6 3.90 in. 5 10.16

8.0 3.98 16.0 10.44

8.8 3.45 17.0 10.75



TABLE - 47

TEMPERATURE • 50±1°C

160

,-3.POfBNTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 9.5x10 "M IN

VANADYL SULPHATE. ?.6xl(r3M IN HCl AND 2.5xlCT3M IN SODIUM
SALICYLATE WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH » O.lM(KCl)

(Curve 3. Figure 19)

ML.OF O.lM
KOH PH

ML. OF O.lM
KOH PH

0.0 3.00 6.0 5.40

0.5 3.09 6.5 5.6?

1.0 3.19 7.0 6.00

1.5 3.30 7.3 6.25

2.0 3.41 7.5 6.60

2.5 3.56 7.7 7.00

3.0 3.74 8.0 7.80

3.5 3.9? 8.5 8.71

4.0 4.?3 9.0 9.38

4.5 4.65 9.5 9.90

5.0 5.00 10.0 10.30

5.5 5.?3 11.0 10.35
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TABLS —|3

TEMPERATURE - 30±1°C

POTENTIOMETRIC TIT! 100 ML. SOLUTION OF ?.5xlO~3M IN
VANADYL SULPHATS. ?.5xl0 ^1 IN HCl. 2.5xlO"3M IN r>-=>Hi3NAN_

THROLBIE HYDROCHLORIDE AND fjM<f*|| BT SODIUM SALICYLATE
EUl.toliflTAH OLOTION. TnwTr- <w*TaniTff«

0.11! (KCl)

(Curve A. Figure 1?)

ML. OF O.lM
KOH pH ML.OF O.lM

KOH i PH

0.0 9.69 7.0 4.99

0.5 8.57 7.3 4.66

1.0 2.62 7.5 5.28

1.5 " .67 7.7 6.85

2.0 2.73 8.0 6.36

2.5 2.79 8.5 6.82

3.0 ?.85 9.0 7.96

3.5 ?.98 9.5 7.76

4.0 3.01 10.0 8.30

4.5 3.10 10.5 8.68

6.0 3.?? 11.0 9.06

5.5 3.37 11.5 9.56

6.0 3.56 12.0 10.10

6.5 3.83 13.0 10.54
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TABLE -49

TEMPERATURE • 50±1Q0
POTENT IOMETRIC TITRATION OF 1QQ ML. SOLUTION OF 9.5X1CT3M

SALICYLIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH • O.lM (KCl)

(Curve 5. Figure 19)

ML.OF O.lM
KOH

pH
ML.OF O.lM

KOH
pH

0.0 3.00 2.0 3.88

0.8 3.03 ?.? 4.24

0.4 3.07 2,3 4.90

0.8 3.15 2.4 5.7?

1.0 3.20 2.5 9.14

1.? 3.32 ?.6 9.70

1.4 3.41 °,7 9.88

1.6 3.50 *?.o 10.06

1.8 3.60 3.0 10.98
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TABLE-50

TEMPERATURE • 30±1°C
PQPBNTI0M3TRIC TITRATION CF 1QQ ?TTL. SOLUTION OF 2.5x1 CT3M IN

VANADYL SULPHATE, ?.5xlCT3M IN HCl AND P.5xlCT3M IN SULPHQ-
SALICYLIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH • O.lM (KCl)

( Curve 3. Figure ?Q)

ML.OF O.lM
KOH

PH
ML.OF O.lM

KOH PH

0.0 P.52 8.5 5.41

1.0 2.64 9.0 5.67

2.0 2,77 9.5 6,06

3.0 2,90 10.0 6.75

4.0 3.07 10.? 7.40

4.5 3.?0 10.5 8.00

5.0 3.31 11.0 8.65

6.0 3.67 11.5 9.96

6.5 3.94 19.0 9.70

7.0 4.3? 1^.5 10.04

7.5 4.30 13.0 10.38

8.0 5.16 14.0 10.90
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TABLE - 61

TEMPERATURE • 30 !t 1°C

POTENTIOMETRIC TITRATION OF J100 ML. SOLUTION OP 2.5xlO"3M
BI VANADYL SULPHAPE. ?.5xlO~3M IN HCl. 9 ,5xlO~3M BI

O-PHENANTHROLINE HYDROCHLORIDE AND 9fgxlCT3M IN
SULPHOSALICYLIC ACID WITH O.lM POTASH[UM

HYDROXIDE SOLUTION. IONIC STRENGTH-

« O.lM (KCl)

( Ourvft A. Plarpn^
ML. OF O.lM

KOH PH
ML. OF O.BI

KOH PH

0.0 2.19 11.6 3.47

1.0 2.22 12.0 3.78

2.0 P.26 1°.3 4.05

3.0 2.31 12.5 4.31

4.0 °.37 12.7 4.78

6.0 9.44 13.0 5.64

5.5 2.48 13.5 6.40

6.0 8.58 14.0 6.80

6.5 2.57 14.6 7.19

7.0 2.68 B5.0 7.60

7.5 2.67 15.6 8.00

8.0 2.72 16.0 8.30

8.5 2.79 16.5 8.61

9.0 8.86 17.0 8.90

9.5 ?.94 17.5 9.24

10.0 3.03 18.0 9.60

10.5 3.14 19.0 10.20

11.0 3.88 20.0 10.58
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TABLE -5?

TBMPERATURE»30±1°C

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF P.5xlO~3M
SULPHOSALICYLIC ACID WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRENGTH - O.lM(KCl)
(Curve 5t Figure ?0)

ML.OF O.lM
KOH

0,.0

0,.5

1,,0

1, 5

2, 0

s« 5

3. 0

3. 5

4. 0

pH

2.69

9.68

2.64

2.70

2.77

9.86

3.10

3.30

ML.OF O.lM
KOH

4.4

4.6

4.8

4.9

5.0

6.1

5.9

5.4

6.0

pH

3.57

4.06

4.76

6.48

9.30

9.93

10.08

10.18

10.48
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TABLE -53

POTENT IOMETRIC TITRATION OF 100 ML. SOLUTION OF 9.5xl(T3M BT
VANADYL SULPHATS. 9.5xlQ"3M IN HCl. 2.5x10~3M IN o-PHENAN-

THROLINE HYDROCHLORIDE AND 9.5xlQ-3M IN LACTIC ACID WITH
O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH - O.lM (KCl)
(Curve 4. Figure 21)

ML.OF O.lM
KOH pH ML.OP 0.1 :

KOH PH

0.0 8.48 9.0 4.10

1.0 2.57 9.5 4.36

2.0 2.66 10,0 4.73

2.6 2.71 10.5 5.34

3.0 9.76 11.0 5.86

3.5 2.83 11.5 6.26

4.0 2.91 19.0 6.66

4.5 9.99 12.5 7.00

5.0 3.08 13.0 7.3?

5.5 3.18 13.6 7.62

6.0 3.97 14.0 8.04

6.5 3.38 14.5 8.54

7.0 3.48 15.0 9.00

7.5 3.61 15.5 9.34

3.0 3.74 16.0 9.60

8.5 3.90 17.0 9.90
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TABLE -54

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF Q.5xlCT3M IN
VANADYL SULPHATS. ?.5xlfT3M IN HCl. 2. 5x10~3M BT o-PHENAN-

THROLINE HYDROCHLORIDE AND ?.5xlQ~3M BT MANDELIC ACID
WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH , O.lM (KCl)
(Curve 4. Figure 99^

ML.OF O.lM
KOH

ML.OF O.lM
KOH PH

0.0 8.44 8.0 3.18

1.0 2.5? 3.6 3.30

8.0 2.60 9.0 3.46

2.5 2.64 9.5 3.68

3.0 ?.69 10.0 4.14

3.5 2.74 10.9 4.60

4.0 ?.79 10.5 5.64

4.5 2.81 10.7 6,26

5.0 c .83 11.0 8, 96

5.5 P.86 11.5 8.52

6.0 2.90 12.0 9.4?

6.6 2.95 12.5 9.76

7.0 3.01 13.0 9.90

7.6 3.08 14.0 10.00
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TABLE -55

TEMPERATURE • 30±l0fl

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 9.8xlCT3M
IN VANADYL. SULPHATE. 9.5xlCT3M IN HCl AND ?.5xl(T3M IN*""

OXALIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH » O.lM (KCl)

(Curve 3. Figurft 93^

ML. OF O.lM
KOH

ML.OF O.lM
KOH PH

0.0 8.83 8.6 4.1?

1.0 8.30 9.0 4.6?

2.0 2.36 9.5 4.86

8,5 8.40 10.0 5.?4

3.0 2.44 10.6 5.54

3.5 2.48 11.0 6.00

4.0 2.54 11.5 6.36

4.5 2.60 1?.0 6.56

5.0 2.67 19.5 6.80

5.5 °.78 13.0 7.04

6.0 8.86 13.5 7.30

6.5 ••. 98 14.0 7.54

7.0 3.16 14.5 7.75

7.3 3.30 15.0 8.94

7.5 3.42 15.5 9.68

7.7 3.66 16.0 10.10

8.0 3.74 17.0 10.40
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lAobn » 58

TEMPERA CURE * 30J10C

POTENTIOMBTRIC TITRATTON OF 100 iSL. SOLUTION OF 2.5xlO~3M
BT VANADYL SULPHATE. 2.5xlO"gM g HCl. ?.5xl(T3M IN
O-PHBNANTHROLINS HYDROCHLORIDE AND 8.5xlCT3M "iN

OXALIC ACID WITH 0.14 POTASS IU HYDROXIDE
SOLUTION. IONIC STRENGTH*O.lM (KCl^

(Curve 4. Figure 93)

ML. OF O.lM
KOH pH

0.0 2.13 10.0 4.00

1.0 2.18 10.? 4.35

9.0 2.?3 10.5 4.90

2.5 ?.?6 11.0 6.61

3.0 ?.?9 11.5 5.95

3.5 ?.33 19.0 6.??

4.0 2.37 12.6 6.45

4.5 P.41 13.0 6.60

5.0 2.46 13.5 6.75

5.5 9.51 14.0 6.88

6.0 2.57 14.5 7.15

6.5 2.63 15.0 7.33

7.0 9.71 15.5 7.65

7.5 9.77 16.0 8.15

8.0 9.90 16.5 8.60

8.5 3.03 17.0 8.94

9.0 3.90 17.5 9,80

9.5 3.51 18.0 9.85

9.8 3.76 19.0 10.40
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IABL1 - 87

VtEJRIC

TEMPERATURE - 30±1°C
'')' .•*-; re TITRATION OF 100 ML. SOLUTION OF 9.5x1CT3M

GLUTTONOXALIC ACID WITH O.lM ]POT ASim HYDROXIDE 3

I ONIC STRENGT f - O.lM(KOl)

(Curve 5 , Figure 23)

ML.OF O.lM
KOH PH ML.OF O.lM

KOH pH

0.0 2.65 4.0 4.19

0.4 2.73 4.4 4.40

0.8 2.80 4.8 5.09

1.2 2.88 4.9 5.59

1.6 2,97 5.0 7.63

2.0 3.10 5.1 9.48

2.4 3.26 5,2 9.75

8 .8 3.43 5.3 9.97

3.9 3.64 5.4 10.10

3.6 3.85 6.0 10.60
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TABLE -58

TEMPERATURE * 30±1°C
jUTIONPOTENT IOMBTRIC TITRATI ON OF 1 0 ML. SOI M ".5xlCT3M

IN VANADYL SULPHATE. ?.5xlCT
1

• 1 XI HCl AND n 5x1(T3! D
POTAS3IU - HYDROGEN PHTHALATE WITH 0. IE po;JAflSIUJ

HYDROXIDE SOLUTION^ IONIC IirufCT]1 »o,,1M(KC1)

(Curve 3. Figure ?4)

ML.OF O.lM 1
KOH

pH
1SJL.OF 0,

KOH

1
X

PH

0.0 8.86 6.5 4.54

0.5 2.94 7.0 4.64

1.0 3.03 7.5 4.77

1.6 3.1? 8.0 4.9?

2.0 3.9" 8.5 5.10

9.6 3.3? 9.0 5.94

3.0 3.44 9.6 5.49

3.5 3.60 10.0 5.64

4.0 3.78 10.6 5.90

4.5 3.96 11.0 6.40

4.8 4.09 11.5 7.97

6.0 4.?? 19.0 8.38

5.1 4.?7 19.6 9.05

5.3 4.33 13.0 9.68

5.5 4.39 13.6 10.18

6.0 4.46 14.0 10.46
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TABLE -59

TEMPERATURE • 30±1°C
iUTION OFPOCSNTIOMEfRlC TITRATION OF

VANADYL SULPHATE. 2.5xlO~3M
100 ML. SO] 9.5xlO"3M IN

IN HCl. 9, 5xlCT3M
IN POTAS

IN o-PHENAN-

THROLtNE HYDROCHLORIDE AND ?.5xlO"3M SIU.T HYDRO-

GEN PHTHALATE WI O.lM POTAS; HYDROXIDE SOLUTION

IONIC STRENGTH * 0.121 (KOI)

(Curve 4. Figure 24)

ML.OF O.lM
KOH

pH
ML.OP O.lM

KOH
pH

0.0 » 2.56 | 9.2 5.?4

1.0 9.66 9.6 6.41

2.0 2.78 10.0 5.56

3.0 2.92 10.4 5.72

4.0 3.11 10.8 5.88

4.4 3.20 11.? 6,06

4.8 3.30 11.6 6.36

6.2 3.4? 1?.0 6.6?

5.6 3.53 1?.4 7.10

6.0 3.66 1?.6 7.46

6.4 3.8? 1?.8 7.76

6.8 3.98 13.? 8.20

7.2 4.16 13.6 8.54

7.6 4.36 14.0 O* w

8.0 4.59 14.4 9.?0

8.4 4.8? 14.8
•

9.48

3.8 5.04 16,0 9.58
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TAKLB -60

TBMPBRATURS » 30±1°C

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlcT3M
PHTHALIC ACID WITH O.lM POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH • O.lM (KCl)
(Curve 5. Figure ?4)

ML.OF O.lM
KOH pH ML.OF O.lM

KOH PH

0.0 P. 91 4.0 5.09

0.4 3.00 4.4 5.36

0.8 3.12 4.8 5.89

1.8 3.25 4.9 6.30

1.6 3.40 5.0 7.7?

8.0 3.61 5.1 8.84

2.4 3.91 6.9 9.60

2.8 4.36 5.4 9.86

3.? 4.6? 5.6 10.10

3.6 4.85 6.0 10.45
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TABLE - 61

TEMPERATURE » 30*1°0

POTENT IOMBTRIC TITRATION OF 100 ML. SOLUTION OF 9.5Xl(T3M
IN VANADYL SULPHATS. ?.5xlO"3M IN HCl. ?.5xlCTgM IN

2.2«-DrPYRIPYL HYDROCHLORIDE AND ?.5xlCT3M BI
CATECHOL WITH O.lM POTASSIUM HYDROXIDE

SOLUTION. IONIC STRSNGIH«0.1M(KC1)

(Curve 4. Figure 25)

ML.OF O.lM
KOH

ML.OF O.lM
KOH

pH

0.0 9.34 1 10.0 3.79

1.0 2.40 10.6 3.84

2.0 2.48 11.0 3.97

9.5 2.83 11.5 4.14

3.0 2.58 19.0 4.41

3.5 2.64 19.6 4.99

4.0 P.70 13.0 5.78

4.5 2.76 13.5 6.30

5.0 8.83 14.0 6.68

5.5 2.92 14.5 6. 98

6.0 2.99 16.0 7.P6

6.5 3.08 15,5 7.54

7.0 3.14 16.0 7.84

7.5 3.?3 16.5 8.""

8.0 3.3? 17.0 8.69

8.5 3.4? 17.5 9.18

9.0 3.51 18.0 9.88

9.5 3.61 19.0 10.50



i

Primary ligand t 8, 2«-DIpyridyl

P^ VOLACatechol
(HgA)

VOL2* + A2"

Tiron VOL2" ♦ k*~
(HgA2")

Chromotro
pic acid

VOL8" + A«-

(HgA2")
Salicylic
acid (HgA)

VOL8* + A8-

Sulpho-
salicylic
acid (HgA)

VOL2* + A3-

Mandelic VOL2* 4 H»A
acid (HgA) 2+

• HL' ♦ HgA

8-
VOLA

2-
VOLA

VOLA

VOLA"

VOLA + 2H

H^ VOLA + 3H*

Lactic VOL8 + H©A «=£ VOLA + 2H
acid(HgA) g * .

VO** ♦ HL* ♦ HgA ?=

Oxalic
acid (HgA)

VOL8* + A8"

VO8* ♦ L + A8"

* Log K values.

It is interesting to note an unexpectedly higher

stabilities of the above mixed ligand derivatives as

compared to those of the corresponding simple ltl chelates.

VOLA + 3H

OLA

VOLA

2u3

16.91*

17.18*

17.97*

13.17*

11.36*

3.53

2.95

3.98

3.40

4.63*

9.71*
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TABLE -6?

TEMPERATURE • 30tl°C

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF ?.5xlCT3M IN
VANADYL SULPHAS. 2.5x10~3g IN HCl. P.5xlO~3M IN ?.2»-

D1*YRIDYL HYDROCHLORIDE AND 2.5xlCT3M IN TIRON WfTH
O.lM POTASSIUM HYDROXIDE SOLUTION. IONIC STRENGTH*

• O.lM(KCl). (Curve 4. Figure ?6)

ML.OF O.lM
KOH

pH ML.OF O.lM
KOH PH

0.0 ?.30 10.0 3.30

1.0 2.36 10.5 3.41

2.0 2.42 11.0 3.54

2.5 2.46 11.6 3.70

3.0 P.50 12,0 4.00

3.5 2.54 IP.5 4.66

4.0 2.58 13.0 5.58

4.5 9.61 13.5 6.10

5.0 2.64 14.0 6.40

5.5 ?.69 14.5 S.68

6.0 2.74 15.0 6.96

6.5 8.80 15.6 7.28

7.0 2.86 16.0 7.69

7.5 ?.92 16.6 8.10

8.0 2.98 17.0 8.64

8.5 3.05 17.5 9.99

9.0 3.19 18.0 9.94

9.5 3.21 19.0 10.60
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TABLE • 63

TEMPERATURE « 30*1°C

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 9.5x1 Cf3M
IN VANADYL SULPHAS. 9.8xirT3^ 17 HCl. P.SxlO"3^ IN

2.2'-DI,PYRinYL HYDROCHLORIDE AND ?.5xl(T3a IN
CHRONOTROPIC ACT") WITH O.lM POTASSIUM

HYDROXIDE SOLUTION. IONIC STRENGTH**

O.lM (KCl)

(Curve 4. Figure 27)

?.6

3.C

3.6

4.0

4.5

5.0

5.5

6.0

6.5

7.0

2.48

9.5?

9.56

9.60

9.63

9.66

?.71

2,77

?,82

9.88

11.5

12.0

1?.5

13.0

13.5

14.0

14.5

15.0

15.5

16.0

16.6

17.0

17.6

18.0

19.0

I£L.OF 0,
KOH

1M
PH ML.OF O.lM

KOH
pH

0yO 2.30 10.0 3.33

1.0 2.36 10.5 3.45

2.0 9.44 11.0 3.59

7.5 2.94

8.0 3.01

8.5 3.09

9.0 3.15

9.6 3.?3

3.78

4.10

4.78

5.90

6.40

6.89

7.99

7.78

8.P9

8.56

8.90

9.26

9.66

10.06

10.50
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1ABLB -64

TEMPERATURE • 30±1°C

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 2,6xl(T3M BT
VANADYL SULPHATE. P.SxlCT3MIN HCl, 2.5xlO"3M 9.oi_

DIPYRIDYL HYDROCHLORIDE AND 2.5xlCT3M IN SODIUM SALIC-

YLATE wr11 O.lM POTASS lU! HYDROXIDE SOLS' [ON.

i 3HIC STRENGTH » OtlM (KQl)
Igure 28)(Curve 4. F

ML.OF O.lM
KOH PH ML.OF O.lM

KOH pH

0.0 2.41 9.5 3.94

1.0 P.48 ".O 4.12

2.0 2.56 10.0 4.?8

?.5 2.59 10.9 4.50

3.0 9.69 10.5 *. 5t3

3.5 2.68 11.0 5.61

4.0 °.74 11.5 5.99

4.5 2.79 12.0 6.30

5.0 9.86 18.5 6.98

5.5 ?.92 13.0 7.49

6.0 2.99 13.5 7.80

6.5 3.07 14.0 3.19

7.0 3.13 14.5 8.48

7.5 3.?9 15.0 8.88

8.0 3.34 15.5 9.36

8.5 3.50 16.0 9.88

9.0 3.68 17.0 10.44
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TABLE -65

TEMPERATURE • 30±1°C

POTENTIOMETRIC TITRATION OF 100 ML.SOLUTION OF 2.5xlQ-3M IN
VANADYL SULPHATE. P.5xlCf3M IN HCl. 2.5xlCT8M IK 2.P«-PIPTR-

IDYL HYDROCHLORIDE AND ?.5xlO~3M IN SULPHOSALICYLIO ACID
WITH O.lM POTASSIUM HYDROXIDE SOLUTION. IONIC

STRENGTH • O.lM (KCl)

(Curve 4.Figure 99)

ML.OF O.lM
KOH

»H ML. OF O.lM
KOH

pH

0.0 2,14 13.5 3.40

1.0 2.18 14.0 3.70

2.0 2.?3 14.5 4.15

3.0 2.28 14.8 4.50

4.0 2.32 15.0 4.75

5.0 9.38 15.2 5.20

6.0 2.44 15.5 5.40

7.0 2.49 16.0 5.95

7.5 2.59 16.5 6.45

8.0 9.56 17.0 6.85

8.6 2.61 17.5 7.16

9.0 2.66 18.0 7.54

9.5 2.72 18,5 7.86

10.0 2.78 19,0 8.16

10.5 2.83 19.5 8.60

11.0 2.90 90.0 8.95

11.6 9.97 ?0.5 9.95

12.0 3.03 ?1.0 9.70

1?.5

13.0
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£||LJ -.66

pftTTJKTTOMWPRlC TITRATION OF 100 ML. SOLUTION m 9.6xlO*3M

Ifl VANADYL SULPHATE, ,2,5x10""3M IN HCl. ".5x10"'5M IN 9.9*-

DIPYRIDYL HYDROCHLORIDE AND P.BxlO^M H LACTIC ACID
WITH O.lM POTASSIUM HYDROXIDE SOLUTION, TONIC

STRENGTH • 0; 1M (KCl)

eure 30)/ (Gjrv.e_4.i_Fi

ML.OF O.lM
KOH

pH
ML. OF O.lM

KOH
pH

0.0 2.29 11.6 4.09

1.0 ?.36 19.0 4.30

2.0 2.43 1?.6 4.58

3.0 8.51 13.0 4.96

4.0 9,6? 13.5 5.44

5.0 ".74 14.0 5.79

5.5 9.80 14.5 6.10

6,0 9.87 15.0 6.4?

6.5 ?.95 15.5 6.30

7.0 3.04 16.0 7.06

7.5 3.12 16.6 7.36

8.0 3.?1 17.0 7.68

8.5 3.31 17.5 3.04

9.0 3.40 18.0 8.50

9.5 3.49 18.5 9.04

10.0 3.65 19.0 9.51

10.5 3.78 19.5 9.80

11.0 3.93 PO.Q 10.10
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TABLE - 67

TEMPERA PURE « 30±1°C

POTENTIOMETRIC TITRATION OF 100 IL. SOLUTION OF 9.5xlQ"3M IN
VANADYL SULPHATE. P.5xlO"3M IN HCl. 9.5xlQ~3M IN P.?t,

DIPYRIDYL HYDROCHLORIDE AND ".5xlCT3M IN MANDELIC
ACID WITH O.lM POT ASS BM HYDROXIDE SOLUTION

IONIC STRENGTH • Q,1M (KCl)

(Curve 4. Figure 31)

ML. OF 0.11
KOH

ML.OF O.lM
KOH

pH

0.0 2.3? 9.5 3.28

1.0 r. . 38 10.0 3.36

2.0 ?.44 10.6 3.44

3.0 ?.51 11.0 3.56

4.0 2.59 11.5 3.7"

6.0 2.70 1?.0 3.99

5.6 2.75 19.5 4.39

6.0 2.79 13.0 5.?4

6.5 2.86 13.5 6.00

7.0 9.93 14.0 6.8?

7.5 3.00 14.5 7.94

8.0 3.07 15.0 9.10

8.5 3.12 15.5 9.84

9.0 3.90 16.0 10.08
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TABLE -68

TEMPERATURE • 30±1°C

POrBNTIOivIETRIC TITRATION Qg 1QQ ML. SOT.1IT fON e.Bxl0~3M In
VANADYL SULPHATE. P.Bxl(T3M IN HCl. ".SxlCT3^ IN 9.o«.

DIPYRIDYL HYDROCHLORIDE AND 9.5xl0~3M IN OXALIC ACID
fflTH O.lM POTASSIUM HYDROXYS SOLUTION

IONIC STRENGTH • 0.1.-.1 (Km )
(Curve 4. Flgun* 3P)

ML. OF O.lM
KOH

0.0 2.19 IP. 5 4.08
1.0 2.16 13.0 4.50

".0 9.20 13.5 5.05
3.0 2.25 14.0 5.60
4.0 2.30 14.5 6.00
5.0 9.36 15.0 6.31
5.5 2.39 15.5 S.50
6.0 P.43 16.0 6.70
6.5 9.47 16.5 6.85
7.0 2.5" 17.0 6.95
7.5 9.57 17.5 7.17
8.0 2.63 18.0 7.30
8.5 9.70 18.5 7.59

9.0 2.76 19.0 7.80

9.5 ".84 19.5 8.10
10.0 P.93 ?0.0 8.60
10.5 3.04 ?0.5 9.15
11.0 3.18 P1.0 9.63
11.5 3.38 99.0 10.39
19.0 3.64 93.0 10.60
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IABH8 -69

TE tPERA?URE*3G±l°C
POTENT IOMETRIC TITRATION OF 1 00 ML. SOLUTION OF

BJ HCl. P.5xlCT3iiI
?.5xlO"3M Bl

IN 9.?»-DIP-VANADYL SULPHATE, 8.BSlf"*H
YRIDYL HYDROCHLORIDE AND 2„ 5xlO"3M IN POTASSIU: HYDROGEN

PHTHALATE WITH 0T1M POTASSIUM RYnnnXTpl? ffifflfflTX

(
IONIC STRENGTH»0.1M(KC1)

(JifWF? 33, Curve 4)

ML.OF O.lM
KOH PH

ML.OF O.lM
KOH pH

0.0 ?.45 11.0 4.60

1.0 ?.53 11.5 5.06

2.0 ?.6? 19.0 5.?7

3.0 ".78 19.5 5.48

4.0 9.8? 13.0 5.60

5.0 2.96 13.5 5.28

5.5 3.04 14.0 6.00

6.0 3.12 14.5 6.24

6.5 3.99 15.0 6.70

7.0 3.39 15.5 7.0?

7.6 3.44 16.0 7.98

8.0 3.87 16.5 7.64

8.5 3.72 17.0 8.?0

9.0 3.89 17.5 8.70

9.6 4.08 18.0 9.22

10.0 4.30 19.0 10.1?

10.5 4.54 90.0 10.52
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A

Summary of the

CONCLUSIONS

from

the present investigations

Mmi W? V*W T-™AND CHELATES OF OXOVASADIUM (IV)

WITH 30MB OXYGEN AND NITROGEN DONOR LIGANDS

SIMPLE CHELATES OF OXOVANADIUM(IV)

Oxovanadium (IV) Chelates of Catechol.

Potentiometric titration of vanadyl sulphate with

KOH in the presence of an equimolar concentration of

catechol showed a sharp inflexion at m * 3, where Vm*

represents moles of KOH added per mole of the metal Ion.

For the reaction

^♦Os *** (Pyo +**• -(i)
(I)

two moles of KOH per mole of the metal ion pre required.

Consumption of an extra one mole of KOH to the Inflexion

point and non-precipitation of metal hydroxide in the

system indicated the occurrence of a reaction of the type:

V<

>V0 +. HgO 3JKE

^^ (ID
The failure to obtain a titration break at m • 2 indicated

that the reactions (i) and (ii) overlap.

By comparing the potentiometric curves obtained over
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a four-fold concentration range of the metal chelate,

it has been concluded that the chelate species do not

polymerize under the experimental conditions employed.

Bi order to verify the above conclusions, a math-

smatical analysis of the potentiometric data was carried

out. Calculation of the equilibrium constant of reaction

(i) ( Kx • [VOA] [H*]y [VO8*] [H2A] ) gave constant values
up to pH of about four, above which a gradual fall in the

values of pK^ was observed Indicating the commencement

of the hydrolytic reaction (ii) in the system. The values

of pK^ were found to be independent of concentration

of the metal chelate.

After determining the equilibrium constant of

reaction (i), formation constant of the chelate (Kj^ *

[VOAJ / [VO2*] [a2""] ) was determined with the help of the
expression

Kl
*ma = r k.

*1 *2

where K and K represent the first and the second
al *2

dissociation constants of the ligand.

Bi view of a gradual fall in the values of pl^

observed above pH values of about four, attempts were

made to analyse the data by taking into account the reac

tion (ii). The hydrolysis constant of the chelate

( Kfc * [V0(0H)A"*][H+] / [V0A])and equilibrium constant
(% - JVQ(CH)A"][h"K]3/ [v02+] [H2A] ) were calculated
with the help of the materiel balance equations. Constant
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values of these constants obtained from various points

of the curves showed that the species (I) and (II) are

the only chelate species formed in the system. The

concentration independence of the hydrolysis constant

showed that the monohydroxo chelate species(Il)also do

not polymerize under the experimental conditions.

By the use of the equilibrium constants of the

reactions and equations for the material balance, distr

ibution of the chelate species (I) and (II) as a function

of pH of the reaction mixture could be determined.

Interaction of one mole of vanadyl sulphate
with two moles of catechol.

Potentiometric titration of vanadyl sulphate with

KOH in the presence of two moles of catechol showed a

sharp inflexion at m * 4. This is in accord with the

reaction

ro2VO +2 k>CH «-

... (iii)

In the initial stages (pH < 4), however, the titration

data were in accord with the liberation of two hydrogen

ions per mole of vanadyl ion indicating the formation of

the normal 1:1 chelate (I) in the system.

A gradual fall in the values of p£,, calculated

above pH values of four, has been explained on the basis

of the interaction of the 1:1 chelate with another mole
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of the ligand:

VO +
AOH

0

II
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2-

♦ 2H

.. (iv)

Equilibrium constant of the above reaction was

determined by tfking into account the hydrolytic reaction

(Hi), since hydrolysis of the 1:1 complex occurred in the

same pH range in which the formation of 1:2 complex took

place.

Having determined the equilibrium constants for

the reactions , distribution of the various chelate species

as a function of pH of the solution could be determined.

Oxovanadium (IV) Chelates of Chromotropic Acid

Potentiometric curve for the titration of an

equimolar mixture of vanadyl sulphate and chromotropic

acid (1, 8-dihydroxynaphthalene 3, 6-disulphonate, DNS)

exhibited inflexions at m • ? and 3. The first inflexion

point is in accord with the reaction

ro2*vo*T + VO ♦ 2H ... (i)

Ths second inflexion point has been explained on the

basis of the reaction

-°jS-s_
<Jo.

-OjS

VO + RgO VO(OH)"" + H*
... (ii)
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Constant values of the equilibrium constant K^ of

reaction (i), calculated in the range 0 < m < 2 and

the hydrolysis constant K^ of the chelate (i.e. equili

brium constant of reaction (ii), calculated from various

points on the upper buffer region of the curve, supported

the above conclusions.

After calculating the equilibrium constant of

reaction (i) formation constant of the chelate was deter

mined.

Interaction of 1:1 VO-DNS Chelate with
another Mole of DNS.

The curve obtained by the titration of a 1:? mix

ture of vanadyl sulphate and DNS showed inflexion points

at m • 2 and 4. The first inflexion point corresponded

to the formation of 1:1 chelate (reaction i)»

By a mathematical treatment of the data of the

upper buffer region of the curve (i.e. m * °-l)9 interac

tion of the 1:1 complex with another mole of the ligpnd

has been shown to occur. The reaction may be represented

-O3S
N.

-O3S
/

-0,S
3 \

VO ♦
s

-03S

+ 2H

Formation constant of ths It? complex has been determined.
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Oxovanadium (IV) Chelates of Mandsljc
and Lactic Acids.

Potentiometric titration of a ltl mixture of

vanadyl sulphate and mandelic acid (or lactic acid)

yielded a curve with a slight inflexion at m * 9

followed by a sharp Inflexion at about m • 3. The

first inflexion point is in accord with ths reaction t

V02+ ♦ C-HrCh" ^^ CAHRCff ^VO + 2H+
6 6 ^COOH 6 8 ^C0X

II

0

Bi the initial stages of the titration, however, the

reaction has baen shown to proceed as

1

VO + C-H-CH ?= C*HKCH ^ VO ♦ H
6 * ^COOH 6 8 ^CO^

0

Calculation of formation constant (Ejqj^) of the protona-

ted complex VOHA (i.e. equilibrium constant of reaction

VO ♦ HA"" 4— VOHA*) gave constant values of log K^^
up to about m - 0.?, above which a gradual rise in ths

values of log %gA was observed indicating the occurrence

of the reaction
H

CgHgCff "^VO* ISafe CgHgCH^ ^)V0 ♦ H+
I
co' w • *^00'

1
Above ,m» values of 0.2, therefore, attempts were mads

to analyse the data by taking into account the acid

dissociation of the complex.
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The success achieved in obtaining constant values

of equilibrium constant of the reaction (K • [VOAJ [h*] /
fvOHA j) supported the above conclusions, i.e., formation

of the chelate VOA takes place through an intermediate

formation of a protonated complex. The concentration

independence of the reaction constants showed that the

chelate species do not polymerize under the experimental

conditions employed.

Potentiometric curve obtained by the titration of

a 1:2 mixture of vanadyl sulphate and mandelic acid (or

lactic acid) was similar to the calculated curve obtained

by the addition of abscissae of separate curves for mandelic

acid and the 1:1 vanadyl sulphate-mandelic acid system,

indicating that the interaction of 1:1 metal chelate with

another mole of the ligand does not occur in the system.

The buffer region in the titration curves between

m • 2 and m =3 has been explained on ths basis of the

reaction t

OgHgCff ">0 +HgO 3=* CgHgCjT ^VO(OH)"* +H+
ii

0 0

Oxovanadium (IV) Chelates of Tartaric and
Malic Acids.

Titration of an equimolar mixture of vanadyl sul

phate end tartaric acid (H^A) showed inflexion points at

• * 3 and m • 4. The first inflexion point has been
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interpreted on the basis of the reaction

VO2* ♦ H4A ~=* VOHA" ♦ 3H+

The liberation of three hydrogen ions per mole of vanadyl

ion in the system has been verified by a mathematical

analysis of the potentiometric data.

The occurrence of a buffer region between m • 3

and m • 4 in the titration curves indicated that either

hydrogen atom of the second hydroxy group of the ligand

dissociates and the tartrate ion acts as a quadridentate

ligand or a water molecule of the vanadyl^undergoes diss

ociation to give one (or possibly a mixture) of the foll

owing species :

VOA2* , V0(OH)HA2"

2
Formation of the VOA • type of chelate species obtained

support from the work of Jorgensen and Selbin. [Acta

Chem. Scand., 11, 73(1957)| Chem. Rev. 65, 153(1965)].

Bi the range m » 3-4, therefore, the reaction has been

represented as

VOHA"" 'Ihi tit VOA2" + H*

Determination of equilibrium constants of the

reactions showed that the values of the constants were

Independent of concentration indicating that the chelate

species do not polymerize under the experimental conditions.

The potentiometric titration for a solution cont-
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aining 1:2 molar ratio of vanadyl sulphate to tartaric

acid corresponded to a curve which would be predicted

for a mixture of the 1:1 chelate and the free ligand (one

mole). Formation of a 1:2 complex, therefore, did not

appear to take place.

Vanadyl-Malate Chelate

Like the vanadyl-tartrate system, in this cass

also, the titration of an equimolar mixture of vanadyl

sulphate and malic acid (HgA) yielded a curve with

inflexions at m • 3 and 4. The first inflexion point

indicated the reaction t

02* +H3A ?=£ VOA" +3H+ ... (1)V

However, calculations based on the above reaction did not

give constant values of the equilibrium constant

( K• [V0A""][H+]3/ [vesP^j [h3aJ ). Agradual rise in the
values of pK was observed indicating that the concentratinn

of hydrogen ions in the system was less than that would be

on the basis of reaction (i). Attempts were, therefore,

made to treat the titration data on the basis of the form

ation of VOA" in two overlapping steps:

VO2* + HgA 1 £• VOHA ♦ 2H+ ... (ii)
and

VOHA *= VOA" ♦ H+ ... (iii)

In the initial stages of the titration (m < 1.1), the pot

entiometric data were in accord with the reaction (ii). A
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gradual fall in the values of pKx (Kx • [VOHAJ [h*]2 /
[VO J[HjAJ ), calculated above »m» values of about
1.1, indicated the occurrence of reaction (iii) in the

systsm. This fact and ths success achieved in obtaining

constant values of the equilibrium constant of reaction

(iii) showsd that the chelate VOA" is formed through

the formation of the protonated complex VOHA.

Ths buffer region betwssn m " 3 and m * 4 in ths

titration curves has been explained on the basis of the

reaction t

VOA" + Hg0 "=± VO(OH)A" ♦ H+

The potentiometric curve obtained by the titration

of vanadyl sulphate in the presence of two moles of malioA

and did not give any indication for the combination of the

Itl complex with another mole of the ligand.

Oxovanadium (IV) Chslatss of ^odiaostlc A<?ld (IffiM)

Analysis of the potentiometric curves obtained by

the titration of vanadyl sulphate In the presence of an

increasing molar concentration of IMDA showsd that in ths

pH range 2.5 - 4.5, a normal ltl complex is formed in

accordance with the reaction

VO2* ♦ HgA 3P=fc VOA ♦ 2H+

and a monohydroxo derivative resulted in the pH range
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4.5 - 5.5.

VOA +HgO ?2± VO(QH)A" +H+

Bi this case also the data did not give any indication

for the combination of the 1:1 complex with another

mole of the ligand.

Bx general, the data obtained in the study of

simple vanadyl chelates indicated that they prefer

combination with hydroxyl ions to a second mole of ligand.

The only exceptions to this behaviour are the very basic

anions of catechol and chromotropic acid which can compote

with the hydroxyl ion to form stable l|l chelates.

SttHHvfB °f Yanadyl S**11*^* wlth o-Phenanthroline

In both cases, in the initial stages (pH < 3) of

the titration of vanadyl sulphate in the presence of an

equBaolar concentration of the ligand, the reaction

VO2* + HL* ~=£ VOL2* + H+

(where HL representsprotonated form of the ligand)

has been shown to occur. As pH of the solution is raised

above a value of about three, appreciable hydrolysis of

the chel te sets in making the solution more acidic than

it would be in the absence of hydrolytic effects In the

system. In the pH range 3-3.6, the hydrolysis occurs as:

VOL2+ + HgO "=± V0(OH)L+ ♦ H*

Above pH values of about 3.6, a gradual fall in ths values
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of the hydrolysis constant was observed indicating

further hydrolysis of the chelate. Since the object

of this study was to determine equilibrium constants

of the reactions which could be used in the determin

ation of formation constants of the mixed ligand chelates

containing o-phenanthroline and 2,?'-dipyrldyl as prim

ary ligands, analysis of ths data of higher pH values

was not considered necessary.

The equilibrium constants for the simple chelate

systems studied in the present research are listed in

tabls I.

Ligand

Catechol
(HgA)

Table I

Reaction

VO2* +RgA
VO2* 2-

♦ A

VOA ♦ HgO

Chromotropic acid VO2* +HgA1
(HgA2") „J?+

VO ♦ ii

VOA2" ♦ HgO
2-

VOA
2-+ HgA

VOA2" + A4"

-log K

VOA + 2H 5.85

VOA 15.28»

VO(OH)A"+ H* 5.10

VO2* ♦ HgA +HgO ?±V0(0R)A*+3H*10.97
VOA+HgA T^ VOAg" +2H* 8.11
VOA +A2" ?^ V0a|" 13.02*
VO2* + 2A2" *^± V0i£- 28.30*VOAg5"

VOA*" ♦ 2H*

VOA2"

V0(0H)A3~ +H*
- VOAf" + 9H*

: V0A2~

4.05

16.89*

5.64

7.85

13.09*



Mandelic acid
(HgA)

Reaction

2+
VO + HA"

VOHA

VOHA"

VOA ♦ H

Lactic acid VO8* + HA" f* VOHA*

VOHA* i5± VOA + H*

Tartaric acid VO2* ♦ H4A 3=£ VOHA" +3H*
(H.A) ,..,...», g +

* VOHA «=z VOAK + H

Malic acid
(H3A)

VO2* +HgA
9* 9

VO ♦ HA "

VOHA + 2Hi

VOHA

VOHA «= VGA

VOA* + HgO ?

Baino&lacetie
acid (HgA)

02H

vo2*
* K2A

2-
♦ A

VOA + HgO

.2+
o-phenantholine VO 4 L

(HL*) „J2+

VO(OH)A2" + H*

voa + m

- VOA

VO(OH)A" +H*

,2+
I—* VOL"" 5.88*

V0Z* +HL* +HgO +£ V0(0H)L*+2H* 3.04

8,2«-dipyridyl VO2* + L 4=^ VOL'
*H1 * VO8* +HL* • HgO & V0(0H)L*+2H* 3.39

8+

* log K values.
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-log K

3.45*

3.64

3.B3*

3.78

5.56

6.57

3.34

4.92*

7.67

6.65

2.99

8.80*

4.98

6.03*
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HIKED LIGAND OHRLATBS OV OXOVANAUTITM (TV)

Potentiometric titration of vanadyl sulphate in

the presence of an equimolar concentration of o-phenanth

roline hydrochloride and a secondary ligand (catechol,

tiron, chromotropic acid, salicylic acid, mandelic acid,

lactic acid and oxalic acid) showed a sharp inflexion at

m • 3. By a mathematical analysis of the titration data,

formation of mixed ligand chelates has been shown to occur

in two overlapping steps

VO2* + HL* VOL2* + H*

VOL2* + HgA VOLA + ?H

In the systems involving catechol, salicylic acid, oxalic

acid as secondary ligands, for example, the overall react

ions may be represented as:

8+
VO** +

vo2* +

vo2* +

±A

-H

fcl

COOH

COOH

+ 3H

+ 3H

♦ 3H

In the mixed ligand system containing 5-sulphosalicylic

acid, the titration curve exhibited an inflexion point
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at m » 4. This is in accord with the reaction

vo2* *tkf'H * Cy* ^X^v^Y^) *IX A><3ooh *^oY ^ vooV +4HY\j ho-s^/^ vSj A so-
V ^ Xlf • 3

The potentiometric curve for the titration of the

1:1:1 VO-phen-phthalic acid system showed a poorly defined

sloping inflexion. In this case, the titration data ind

icated the formation of a weak chelate.

Titrations of mixed ligand systems containing

?,2,-dipyridyl as a primary ligand corresponded to curves

similar to those obtained for the analogous VO-phen-secd.

ligand systems. On account of the presence of two moles

of hydrochloric acid in solution of 9,f»««dipyridyl, the

titration curves for the 1:1:1 VO-dipy-secd.ligand systems

exhibited an inflexion point at m • 4. In these systems

also, formation of mixed ligand chelates takes place in two

overlapping steps.

The equilibrium constants of the reactions for the

formation of mixed ligand chelates are listed in table II.

Table II

Primary Ligand t o- Phenanthrolins

Secondary Reaction -log K
ligand

Catechol VOL2* +HgA ?=^ VOLA +2H* 4.44
(HgA) 2

VO ♦ HL^ ♦ HgA «== VOLA + 3H* 3.56



A
Secondary
ligand

Tiron

(HgA2")

Reaction

VOL2* + A2"

VO2* + L + A2-

VOL2* +HgA2" 5P
' ♦ HL* +HgA2

VOL2* + A4"

OLA

VOLA

VOLA2" + 2H*

VOLA2" ♦ 3H+
2-
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-log K

16.69*

82.57*

VOLA

8.85

1.97

17.19*

23.07*ro2** L ♦ AT

2-4- 2- ——
Chromotropic VOL ♦ H«A 4—

2—Acid (HgA ) YQ2+ + HL+ + 8 %± yoLA2- + gH+

Salicylic
acid (HgA)

Sulphosali-
cylic acid
(HgA)

VOL2* ♦ A4"

VO2* + L +A^

VOL2* + A2" *

VO2* ♦ L + A8"

VOL2* + A3"

ro2* «• L ♦ A*

VOL2* +HgA

2-
VOLA'

VOLA2" + 2H*

2-
VOLA

2-
VOLA1

VOLA

VOLA

VOLA"

~ VOLA"

2.85

1.97

18.09»

23.97*

13.34*

19.22*

11.75*

17.63*

VOLA ♦ 2H precipitate alm
ost in the begin-
ing.

Mandelic
acid (HgA)

Lactic acid
(HgA)

VOL2* +HgA
VO2* +HL* +HgA

VOLA ♦ 2H1 3.99

3.11

Oxalic acid
(HgA)

,„«,2+ 2-VOL*T + k'

ro2* + L ♦ , 2-

VOLA + 3H1

VOLA

VOLA

5.34*

11.82*
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