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Abs tract 

Titrimetric analysis of solutions of nickel(II) 

chloride and citric acid, H3 L, has led to the character­

ization of four complexes in the acidic pH range NiL-, 

N . I IL Ni· H
2 

L + j N . L 4 -1 i - , , c:\ n c i , 2 . 

Equilibrium constants for the formc1tion of these 

complexes are reported. Results from a visible 

spectrophotometric study zae analysed in terms of these 

four complexes. 

The stability and possible structures of the 

complexes are discussed and compared with other nickel-

carboxylic acid complexes. 
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Introduction 

Nickel (atomic number 28) is a member of the first 

transition series of elements. This series includes the 

elements vanadium, chromium, manganese, iron, cobalt and 

copper, all of which are considered as essential 

elements for plant and animal nutrition (1-5). · Nickel 

and titanium are the only members of this series of elements 

not yet universally considered as essential, although 

there is mounting evidence that nickel may be essential 

( 2, 6-10, 100) . 

1.1 NICKEL IN VEGETATION 

Nickel is ubiquitous in the earth and its waters. 

It constitutes about 0.008% of the earth's crust, the 

highest levels being found in igneous rocks, which average 

approximately 0.1% nickel. Of the igneous rocks, the 

ultrabasic rocks provide th e principal sources of nickel. 

These rocks are high in magnesium and iron, but contain 

little silica, and the nickel level varies from 0.016% in 

basalt up to an average of 0.20% in peridotit e (11). 

Rocks forming the upper part of the earth's crust 

supply most of the material from which the soils are 

formed, and there f or e the composition of the soils d e pends 

on the composition and distribution of various rock 

types. Farm soils throughout the world contain nickel in 

the range 0.0003 to 0.1% (11). The higher levels of nickel 

are found in soils of ultrabasic origin (92), and levels 

of nickel in soils derived from serpentinite and peridotite 

subsi:rates have been reported as high as 0.8% (12, 13) . 

1 
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Nickel is widely distributed in plant tissues and 

has long been considered a normal constituent (14). The 

nickel concentration in most natural vegetation is in the 

range 0.05 to 5 ug/g on a dry weight basis (15). Nickel 

is normally toxic at levels greater than 50 ug/g (15), and 

the desire to make fertile large areas of barren ultrabasic 

land has led to wide research on the toxicity of nickel. 

This field has recently been reviewed by Mishra and Kar (14). 

All trace elements found in plant and animal tissues, 

whether essential or not, result in symptoms of toxicity. 

Nickel is no exception. Symptoms of nickel toxicity 

include: chlorosis of the leaves, necrosis, stunted growth 

of roots and shoots, deformation of various plant parts, 

unusual spottings; and are usually accompanied by a host 

of growth abnormalities (14). 

Several plant species are known to thrive in ultra­

basic soils and generally accumulate nickel to abnormally 

high levels, levels far in excess of those considered toxic. 

These species form a unique group of plants and there has 

been interest in their plant chemistry as a result of this 

accumulation. Brooks (16), has reviewed the accumulation 

of nickel by plants and has listed thirty-five species 

which are regarded as hyperaccumulators; that is, the 

nickel content of the dried leaf material is greater than 

0.1%. Several of these species are recotded in Table 1.1, 

along with several non-accumulating species found over 

similar substrates. Most of these species are of the 

genera Alyssum and Homalium. Recent work has resulted 

in the discovery of further Alyssum accumulators and 

identified a further genus, Phyllanthus, as a dominant hyper­

accumula tor ( 17, 18 ). These three genera account £or about 

two thirds of the nickel-accumulating species, leaving the 

other third spread roughly e venly throughout about a dozen 

other genera. 

The geographical distribution of the species is also 

of int e rest, in that the Alys s um hyperaccumulators are to 

be found almo~t exclusively ove r the serpentine substrates 

of the Eastern Mediterranean, and the Homalium and Phyllanthus 



Table 1 . 1 Representative Nickel-Accumulating 

P lant Sp ecies 

1. Non-Accumulating 

Species 

Hebe odora 

Cass i nia vauvilliersii 

Leptospermum s c opariurn 

Artemisia scoparia 

Avena sat i va 

Sp innacia oleraca 

ug/g Ni dry weig h t 

11.6 

12.0 

8.6 

10.0 
l 7.2 - 30 

4.2 

2 . Hype r accumu la t ors 

Species ug/g Ni dry wei ght 

Homa l ium franc i i 1 4 500 

mathienanum 1694 

ka n a l iense 9420 

Hybanthus austroca l edonius J. 37 50 

Alyssum alpestre 3640 

bertolonii 13400 

corsicum 10000 

Rinorea bengalensis 17500 

Psychotria dovar:rei 47000 

Sebe:rtia accuminata 11700 
2 

1 . Plants showed signs of nickel tox i city. 

3 

Reference 

29 

29 

29 

14 

1 4 

14 

Reference 

32 

]2 

32 

J'J 

17 

1 7 

17 

1 6 

16 

12 

2 . Latex was 25.7% Ni on a dry weight basis . 



4 

species over similar ultrabasic soils in New Caledonia. 

Other accumulating species have been found sparingly in 

South East Asia, Western Australia, and Central Africa. 

Plant species which survive in hostile environments 

are able to do so as a result of tolerance mechanisms. 

These mechanisms generally take the form of either re­

jection of the metal so that no nickel is abiorbed by the 

roots; or the storage of the metal at a particular site 

where it may be sequestered by complexation with naturally 

occurring ligands (30). 

In th e case of the nickel accumulators, the former 

mechanism is obviously not operating. There is evidence 

that nickel is readily absorbed by the plants as the 

divalent hexaquo-cation, and is not strongly absorbed 

when chelated. (14). The absorption of nickel by plants is 

regulated by: (a) the total amount of available nickel 

in the soi 1; and ( b) the proper ti"es of the soi 1, notably 

pH and organic matter content. These two conditions 

appear to be interdependent, in that the soil conditions 

regulate th e amount of exchangeable nickel present. 

Once absorbed by the plant, the nickel is probably 

complexed immediately in order to reduce its toxicity. 

Nickel is known to form chelat e complexes with proteins, 

amino acids and organic acids ( 53, 89). Unidentified 

anionic complexes of nickel occur in xylem exudates of 

such plants as tomato, cucumber, corn, carrot and peanut (19). 

Tiffin found that iron (III) in several plant exudat es 

showed the same electrophoretic behaviour as anionic 

iron (III) - citrate complexes, but suggested that amino 

acids may act as carriers for nickel, as nickel shows 

a particul a r affinity for nitrogen containing ligands 

(20, 21). However, no associ a tion between nickel and 

amino acids was fo und in studies of Hybanthu s s pecies 

from New Caledonia (22). Re cent work on a number of 

Alyssum species suggests that the nickel is bound to the 

dicarboxylic acids, malic and malonic acids ( 23, 24,25, ). 

The presence of an a nionic citrato complex uf ni.ckel has 

been suggested in s e veral species of the genera Seberti ~, 
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Figure 1.1 Th e Structure of Carboxylic Acids Implicat e d 

in Studies of Nickel-Accumulating Plants 

Common Name 

Citric acid 

Malanie acid 

Malic <\Cid 

Structure 

CH2 -COO!-l 
I 

HO-C - COOH 
I 

Cl--1 2 -COOH 

/COOi-I 

CH2 

~COOH 

CH2-COOI-I 
I -

HO-CH - COOi-i 

Systematic 103 Name 

2-hydroxy 1,2,3 propane­

dicarboxylic acid 

rnethane-dicarboxylic acid 

hydroxy-1, 2 e thane 

dicarboxylic acid 



6 

Hybanthus, Homalium and Geissois, all from New Cal e donia 

(16, 25,26,27). Spectral results suggest that in the 

hyperaccumulators where the nickel/citric acid ratio is 

generally greater than one, a 1:1 nickel:citrate species 

exists. 

There is some speculation that the nickel is not 

immediately ch e lated by citric acid, although it is 

probably stored as such (27). If the nickel is trans­

located as the citrate complex, then unless the plant has 

other specific mechanisms for the exclusion of both copper 

and iron, one would e xpect these two elements to be accumu­

lated also, as they form chelate complexes with citrate of 

greater stability. This assumes that the stability of the 

complex is important in translocation. However, this may 

not necessarily be so. A carrier and exchange mechanism 

for the uptake and storage of nickel has been suggested (27). 

A similar mechanism has b een postulated for zinc resistant 

plants (28). However, this suggestion appears to overlook 

th e availability of the metal ions for the upt~ce by the 

roots. The pH of serpentinite stibstrates is near neutral 

(pH is in the r ange 6 .5 to 7.0) (29), hence the concentrat­

ions of the aqu a ions of iron (III) and copper (II) will be 

conside rably re duced becaus e of the formation of hydroxides. 

In vitro, nickel hydroxide does not precipitate until a much 

higher pH than do ir on (III) and copper-hydroxides (90) . 

Due to thes e suggestions of the possible rol e o:f nickel­

citrate complexes in some of the nickel-accumulating plant 

species, it was considered that a more complete study of 

nick e l and citric acid complex formation would b e in order. 



1.2 FORMATION OF NICKEL-CITRATE COMPLEXES IN AQUEOUS 

SOLUTION 

7 

A compl ex may be defined as a species formed by the 

association of two or mo r e simpler species, each capable 

of independent existence in solution ( 31). Each comp l ex 

has a certain stabi lity which describes the degr e e of 

associ ation wh i ch occurs i n a solution containing th e 

speci es in equ ilibrium. Quantitatively, the stabil i ty 

of a compiex ML is defined by the equi li br i. um cons tant 

for the reaction. 

M + L ML 

where Mand Lare the free metal and ligand respectively. 

Then 

K o = a.ML 

aM aL 

where K O is the thermodynamic equilibrium .cons tant and 

a i i s the a c ti vi t y o f t h e spec i es . Now a i = 'c( i Ci , wh e re 

Ci is the concentrat i on of species i , a nd ~i is th e acti vity 

coeffi ci e nt of the s pecies relating the c oncentration t o 

the ac ti vity . Therefore 

CML t ML 
0 

CM CL °tMCL 

= KC 0 
0 ML 

tM 5L 
wh e r e Kc is the concentration q u otient for the react ion . 

As ti i s a f unc tion o f the solution' s t o t a l i o nic s t rengt h, 

K0 and Kc a re r e lat e d . by a functi on of i o ni c s t r e ngth, I. 

i . e . 

= f( I) Kc 

Concentr a ti o n q uotient s a re gene rall y dete rmi ned from 

s tudie s contain i n g r e latively l arge conce nt rati on s o:f some 

iner t e l ec trolvt e 
~ ' i n order 

ionic s treng th a s pos sible. 

to maint a in as ne~r cons ta n t 

Th is backg r o und e l e c t r o l y t e 

mus t not f o rm insolubl e s pecies or complexes with the 
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reactants under study. The thermodynamic equilibrium 

constant may then be det e rmined by extrapolation to in­

finite di 1 u ti on (I= 0) of concentration quo ti en ts, deter-

mined at a number of ionic strengths. In this work 

however, the equilibrium constants for all species are 

those concentration quotients determined in~ background 

of potassium chloride to bring the total ionic strength 

to 0.1 M. 

The formation of complexes between nickel and citric 

acid is complicated in that citric acid has three acidic 

protons, and hence, there is scope for the formation of 

protonated complexes. If citric acid is considered to be 

a triprotic acid, H3L, where L3 - is the citrate ion (see 

Section 3.1 for discussion on ionization of the fourth 

proton), and M the metal (in this case nickel), then the 

following reaction scheme summarizes the equilibria under 

consideration in the pH range 3 to 8: 

p M + r H L q 

Here, and in subs equ e nt e quilibrium and mathematical ex­

pressions, char g es hav e been omitted for clarity. 

The e quilibrium constants for this scheme are of the form: 

= 

[M]P[HqL]r 

Two examples from th e general scheme are: 

M + HL MHL 

Then p = q = r = 1 and 

I/ M 
"'- MHL = 

[ MHL] 

{ l\ i] [ HL] 

Similarly, for 

.? j\'j + 2 HL 

[ i'I2 ( HL) 2 ] 

[ rv1] 2 [HL] 2 
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Other equilibr ia relating various complex species can be 

characte rized with knowledge of the protonation constants 

of the free ligand . 

For example, for the equilibr ium 

ML 
K 

Ml-IL 

ML + H 

KM 
MHL 

MHL 

I 
L 

<. HL 

Nickel-citric acid complexes of the stoichiometry 

MH2L+, MHL , ML- , MH _ 1L2-, and ML~- have been character ­

ized, a n d stabili ty constants for some reported (34-43 , 

53). Note that MH_ 1L2 - is a complex species where either 

the hydoxy prot~n , or a proton from a co-ordinated water 

molecule, has been displaced (46). Most of the studies 

were done at a temperature of 25°C , with experiments being 

conducted over a wide rang e of electrolyte backgrounds, 

including KN03 , NaC104 and NaCl. 

constants ar e s h o wn in Table 1. 2. 

The report ed equilibrium 

Fie l d et al, (34), ca rried out potentiometric experi-

1ne nt s u s ing a glass e l ectrod~ to determine the hydrogen ion 

concentration . Mixtures of n i ckel nitrate and citric acid, 

at r at i os of nickel to citr ic acid greate r th an on e , were 

s tudi<:~cl. The expe rimen ta l d ata was ana lysed in ·terms o f 

the c ompl ex spec i es ML a nd MHL, and it was r e ported tha t 

no evidence for the exist(~nce of l\·1H2 L+ cou l d be found. 

However, the point was made that if t h e equilibrium constant 

was small, then th e species may well b e present in too low 

a concen t rcition for it to b e det ected under their experi­

me ntal conditions . 

An earli er study ( 35 ) 
+ reported the ·species MH2L, 

along with ML- and MHL, in s olutions over a range of 

n ick e l-ci t ric acid ratios . Th e pH was measured u si n g a 

g las s e l ec trode wi th calomel reference e l e ctrode . Hoi.-vever, 

:i.t was th e n ass umed that the meas ured pH wa.s the negative 

logarithm of th e hydroge n i on c oncentra tion a nd this would 

impar t a systemat ic e rror as described in Section 2 .4. 

Another study h as r eport e d equi librium cons t an t s fo r 

ML a nd MHL calcul a t cd from ti 1:ra.tion d atc1 where ni c kel was 



Table 1.2 Reported Equ il ibrium Constants of Complexes 

of Nickel and Citric Acid at 25 ° C 

10 

Background 

E.lectrolyte 

fvJ 
log I( ML J KM 

.og MHL Reference 

·-
N03 ' 

0.1 M 5 .50 3.34 34 

NaCl04, 0.1 jV\ 1 5.54 3.30 1. 75 35 

NaCl, 0 .1 M 5.11 3.19 36 

NaCl04 , 
., 
.L M 4.30 2.90 1.45 91 

--
N03 LL ? ~ 2.90 1.55 

' 
.. ~.::, 37 

-
NO 3 ' 

4.54 39 

1. At 2 0°C 
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in ten-fold excess of citric acid (36). In this work, it 

was also assumed tl1at tl1e measured p}{ is the negative 

logarithm of the hydrogen ion concentration. Calculations 

were incl.uded to sl1ow that this probably imparte<j an error 

in the log of the equilibrium constant of the order of 1%. 

With to-day 1 s computational ai.ds and knowleclge of the behav­

iour of electrolyte solutions, this is a rel~tively high 

error. 

A group of workers in the Soviet Union (37) have 

studied the con1plex formation by a cation exchange method. 

Solutions of nickel nitrc:lte and citric acid were allowed 

to equilibrate after being shaker1 with a cation exchange 

resin. The equilibrium constants were then calculated by 

consi.deration of ·the distribution of the species between 

the resin and solution. The reported value for 

.. K/VI --log ML 4.25 appears low and could well be a function of 

the n1ethod, or due to dif.fE?rer1ccs in ionic strength~which 

was not reported. 

Further spE~ctrophotorn('tric ,0,nd potentiometri.c studies 
- ?_ 

have reJJOrTed evidence for tl,c species MHL, ML, ;,nd MH_ 1 L-

(33, 39, -kl, -HJ, 38, 91). In one of these (39), ca.lculations 

at pH 6, wt1cre it was assumed tha·t all MHL would be neutral­

ized and tl1at the hydroxy prottJri was still intact, resulted 

i11 an equilibriu,n constant for the formation of ML- This 

value is qu.i tc lovJ compared to more rec.ent vvo:rk and may 

well be dL1e to tl1e presence of acetic acid/sodium acetate 

buffer. 

There is mounting recent evidence to su9cJest the~ 

formation o:f comp] e>-:es where the ratio of metal: ligand is 

not l: .l. 
') 

The isc>J.ation c>f 1:hc species ML- anc1 M(tilJ)~- from 

solution has bcc-~n .::cportcd (38). No i.ndication of the 

r;,tio of 11it:!<el to ci.t1:ic ac:id mixed initia1.ly was given, 

bLtt i.1: cLtric ~cid is r,,·cscnt j_r1 lar00 cxcc~s, ther1 the 

forrn~-1. tion of th<? ]_;_:,. t 1:1:?r spc~cies woulrl be prornotc.·d. Eacly 

Russian studj_cs 
4- . . 

Elnd ML2 in t:1c 

i11 the ,:.:_.lk:tJ.i.nc 

( 42, 50) report the evidence of t.Joth ML 

10\\; pl-l r,:-i,--)(JP, 

rc:>oion. 

c.1nd the fonnatior: uf MH_ 1 L 
") ~-· 
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Spectral studies (27) suggest the presence of complexes 

with nickel:citrate ratios of 1:2, and another reports a 

complex of stoichiometric ratio 3:2 at pH 7.5 to 8.5 (42). 

Al though their pres enc(? has been :i.i1d.ica ted spect:ro­

photometrically, no equilibrium constants have been report­

ed for complex species of nickeJ.:citric acid _stoichiometry 

1:2. Additionally, no equilibrium constants for polymeric 

species have been reported. Campi that no 

evidence could be found for species of the formula M2HnL 

or M(HnL)m where m > 1, while a recent spectral study in­

dicates that a species of nickel:citric acid ratio 3:2 may 

be present ( 42) .. 

Recent studies of the interaction of copper and citric 

acid have indicated the presence of both species with a 1:2 

nickel:citric acid ratio and dimeric species (33, 45). 

Bottari, in a very extensive study (45), has reported the 

stepwise forrnation constants for nine copper--citric acid 

complexes. The fonna tion of hic1her ratio complexes may 

be facilitated by the fact that the study was carried out 

with ex:ce~~ s 

CuL, CuH--,L. 
L ' 

cirric acid. 

CuL-;., CuHLr), 
.::~- , £,..-

The reported species i~clude: 

Cu(HL);:!, Cult 3 L2 , Cu(ll2 L) 2 , Cu 2 H_2L, 

They found no cvidence'for the species CuHL. 

This conflicts with the results of other workers (33, 35,46, 

48). Other reports of polymerjc species include: 

Cu2L2 (46), Cu2L2, Cu2(H __ 1 L)2 (47), and C:u2L (35). 

Evidence has been reported for a cobalt-citric acid 

complex of the form Co2(HL)2 (38), while several studies 

have reported equilibrium constants for CoL, CoHL, CoH2L, 

CoH __ 1 L, ( ') r. -:,3. 4,J. ,:I c,) 1· t' ...)_),.:;; ,·~,-t-~' .!. addition to complexes of 1:2 

cobalt--citric acid ratio (::iO, 51,52). 

The: iron (111)-citric acid cqui1ibri,c\ have been wcol.l 

documented (46, 81.}84---n7) ,:,nd cquiJ.ibrium constants have 

been reported for the folJowin9 species: FeH2 L, FeHl., FeL, 

FeH_ 1 L 1 
cL r.'I'] ··) ,, e 2 , "e, t- _ 1 L. 2 , ( Fdl __ l L) 2 . 

In the solid state, complexes of more complicated 

ratios of nickel to citric acid have been characterized. 

Complexes with n:i.cke1:citr:ic acid ratios 3::2, 1:2, 1:1 hc,ve 

l·)e~-1 yc~1-~r1~c1 (03) " -- ,,-:, J .L. -_. _)t_.J ...... '-"- --~ -,;, • In~ recent x-ray characterization 
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(94) at -156°C, the structure of a complex with a nickel-

citric acid ratio of 4:3 has been determined. Carbon-13 NMR 

studies (95) have produced evidence for a discrete complex 

of nickel and tetraionized citric-acid with ratio 8:6. 

In the C--13 NMR study, molecular weight determinations in­

dicate that studies o:f these complexes in solutions of 

very high ionic strength (concentrations of bbth components 

were 0.100 M) should be interpreted in terms of monomeric 

tra.nsi tion m(?tal complexes o:f triionized citrate, and tetra­

rneric complexes of tetraionized c~trate. 
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l. 3 THIS ~vom<: 

Previous equilibrium studies have resulted in the 

characterization of two nickel:citric acid complexes MHL, 

ML citric acid). There have been occasion-
. . . + 4- 2 

al paper s reporting evidence for MH2 L , ML2, MH_1L -

However, those studies hc:\Ve not be en able to .characterize 

these species, the report e d equilibrium constants varying 

\Videly. The majority o f studies have been carried out in 

solutions where nickel i s in excess, and this could account 

for the lack of evidence £or species other than those with 

1:1 nickel-citric acid ratios. 

The object of this study was to reinvestigate nickel­

citric acid equilibria, and to determine the equilibrium 

constants from the data for solutions over the range of 

nickel concentrations from l x 10-3 mo11-l t o 3 x 10- 3 moll- 1 , 

and the range of nickel:citric acid ratios from 1:0.84 up 

to 1:3. The background elect rolyte u sed, KCl, is one which 

is more a ppropr iate to physiological conditions in the 

nickel-accumulating species. 

Th e range o:f solutions was subject to extensive study 

by pot e ntiom e tri c titrat ions and s pectrophotometric tech-

niques. Tj_ trc1ti on data were analysed with the aid of 

computer programs (listed in App e ndix 2), in order to 

calculate equilibrium constants from p{H+] measurements . 

Visible spectra of solutions with a giv~n ratio were record­

ed over a wide pH range 1 allowing interpr e tation of the 

spectra based on the distribution of speci e s present, given 

the equilibrium c onst a nts which we re determined as outlined. 
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E >< perirnental 

2. 1 MATERIALS 

\vherever possib1(?, Ana.laR grc,de chemicals were used. 

If the chemicals were not suitable as primary s tanda.rds, 

stock solutions were prepared and standardized in an appro-

priate manner. The: source and trr~atment o:f each chemical 

is outlined below. 

Nickel Chloride 

As nickel chloride (NiC1 2 .6H20) is not a primary 

sta..Ddard, a one molar stock solution was prepared using 

BJ)l--I /\-~aJaR n·icl·=>l ~11·1c·l·1·dP (r 0 p<··rtp·:1·· • .1--U' . . • u •. ·" ~ '··. . J. . ..:. '-'· J ~ • ,_ (_ assay not less than 

98.0%), and the resulting nickel concentration determined 

gravimetrically as the dimethylglyoximate, as described by 

Voge.l (54). 

0.2%. 

Citric Acid 

The conc(cntra tion was known to a prc~cision of 

Throughout this investigation, a sample of Mallinckrodt 

AF< rea9<2nt citric acid (C6Hg07 .l-120) was used without further 

purification. Since the ch0mical is not anhydrous, tests 

were carried out to determine the best method of handling 

the chemical. ]~ese included analysing samples of the acid 

which h._::.\.ci been dried under a vacuum a.t room temperatu:ce £or 

two hours, dried at 110°C for one hour, and samples without 

any pretreatment. TheS(2 s,uilples were a..nalysecl both ti. t1:i--

metrically and microanalytically. The sample dried at 110°C 

decomposed. 

Table 2 . .1.. 

The results of these tests are recorded in 

Jj 
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Table 2 . 1 Analysis of Citric Acid After Drying 

Sample us e d 

without 

pretre atment 

Mi croanillytical 

Results l 

%C ·- 34 . 46 + 0.06 

%H = 4.83 + 0.03 

3 

Ti trimetr.i.c 

Re sul ts 2 

100 . 0 + 0.5 
5 

Sample us ed 

after vacuum 

dryi n g 

%C 
4 

- 35 .40 J.02 . 9 + 0 . 3 
6 

J. . 

2 . % purity = 

%H = 4. 76 

moles bas e used 

moles base expected 

%C -- 34 . .29 

%f--l - 4 . 80 

3 . Mean a nd s tandarcl devia tion of 7 samples . 

4 . Mean of t wo s a mpl es . 

5 . Mea n and standar d deviation of 4 sa~pl es . 

6 . Mean and exp e rime ntal p reci s ion of' t wo s amples . 
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The rnicroa.n,,lytical ctnd titrimetric results £or the 

untreated sample indicate that the sample was of 100.0!0.5% 

purity. The analytical results on the vacuum dried sample 

suggest that water was lost during the drying process. 

S~nples of the citric acid were checked titrimetrically 

and microanalytically throughout the period of study and the 

results were generally within the precision shown in Table 

2.1. 

Potassium Chloride 

Stock solutions were prepared using either PROlabo 
11 normapur" reagent (reported a.ssa.y > 99. 5%) , or May and Baker 
11 R11 reagent (reported assay> 99 . .5%). 

Sodium Hydroxide 

Sodium hydroxide solutions were prepared by diluting 

sealed vials of either BDH:CVS or May and Baker "Volucon" 

concentrated reagent. 

Hydrochloric Acid 

A stock hydrochloric acid solution was prepared by dilut­

ion of a 13DH J:u,.:tlaR concentrated reagent. 

Potassium Hydroxide 

May and Baker "Proanalysis" reagent pellets were used. 

Potassium Dichromate 

A sample of Hopkins ,-ind Williams AR grade pot2..ssium 

dichromate (reported assay > 99.9%) was used without 

further purification. It was dried according to Vogel (65). 

Reagents £or pH Standar~ 

The i:hr(~·2 pH buffers used throughou1: the course of 

this work were phthalate, l:J.5 phosphate, and borax. 

The chemicals used were as follows: May and Baker R grade 

potassium hydrogen phthalate (reported assay 99.9-100%), 

BDH AH grade potassium clihydrogen phosphate (assay 99.5 to 

100.5%), dii;odium h:-rdroge::n phosphate (ass,:_,y 99.5%) 

and sodium tetraborate (borax) (assay 99.5%). These 

chemicals have been shown to 9ivc results internally con-
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sistent 1:;ith NBS Standard. Pe:fer12nc2 J°·/Ja_tcri.als (56). The! 

chen1icals w~re dried accordi11g to Bates (57). 

Potassium Hydrogen Phthalate 

For the st,;mdardization of sodium and pota.ssium hydrox·­

ides, NBS Reference Material 185e was used, after drying at 

120aC for twc) 11ours. 

2. 2 GLASSl~JARE 

B--grade glassware h 1 as used throughout the work, this 

being all that was availab1e. Al.l pipettes ·were calibrated 

by weighir1g the non1inal value of water and calculati.ng the 

exact vol11me from published density data (58). Pipettes 

\vere initially cJ.eaned by s ta..nd.ing in chromic acid overnight, 

then calibrated, and thereafter cleaned periodically with 

concentrated nitric acid. 

~1e11 prepari.ng solutions 1 volumetric glassware was 

washed with distilled water i1nd accto11e, dried, and then 

washed 'Nith "degassed" water (sc-~e Section 2.3). 
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2.3 PREPARATION OF SOLUTIONS 

Water 

Water used in the preparation of a.11 solutions was 

distilled from alkaline potassium permanganate solution (62). 

To remove dissolved CO2, it was then boiled for 5 -10 minutes 

and allowed to cool with nitrogen bubbling through it to 

ensure no contamination from atmospheric carbon dioxide. 

Water treated in this manner was used immediately after 

preparation. 

The conductance and pH of this 11 degassed" water, 

(also referred to as "CO2-free"), was checked frequently 

throughout the period of experimentation. The pH of water 

so treated was generally within the range 6.3 to 7.2, and 

the conductance in the rangr? 1. 7 to 3. 8 x 10-
6 reciprocal 

ohms. 

Citric Acid 

Citric acid solutions used for purity determinations 

were prepared by weighing samples to five decimal place 

precision and then dissolving in "degassed" water. 

Sodium Hydroxide 

The sodium hydroxide solutions were prepared by 

adding the contents of the volumetric vials to degassed 

water. The solution was then standardized just prior to 

use by potentiometric titration against a solution of 

potassium hydrogen phthalate. A precision generally less 

than 0.25% can be obtained this way. 

These sodium hydroxide solutions were kept £or periods 

of not more than one week, depending on the frequency of 

use. 

Potassium Hydroxide 

Potassium hydroxide solutions were prepared by 

washing the pellets several times with distilled water 

before transferring them to a flask where they were 

dissolved. The concentration of potassium hydroxide was 

then determined by potentiometric titration against a 



solution of standard phthalate. 

for about a week at a time. 

Potassium Dichromate 

:20 

These solutions were kept 

Solutions of potassium chromate were used to calibrate 

the spectrophotometer. These were prepared by adding a 

weighed sample of potassium dichroma.te to potassium hydroxide 

solution. This is discussed in more detail in section 2.5.3. 

Buffer Solutions 

The buffer solutions used in checking the linearity 

and slope of the pH measurement system were prepared by 

weighing out predetermined amounts of the salts and dis­

solving them in degassed water. 

The phthalate buffer was replaced fr equently, because 

it was observed that if kept £or any length of time, mould 

growth developed. This has been reported previously (78). 

Mould growth in the borax and phosphate bu:ffers was not 

observed and these standards were replaced less frequently. 

Complex Solutions 

The term "complex solution" is used to re :fer to solutions 

where both nickel chloride and citric acid are present at 

known total concentrations, and potassium chloride has also 

been added for ionic strength control. 

Aliquots of the stock nickel chloride were added by 

pipette, potassium chloride by burrette and citric acid 

weighed out. 

The amount of potassium chloride required to bring 

the solution to an ionic strength of O.lM wa s determined by 

assuming that citric acid behaves as a 1:2 salt i.e. Citric 

acid is assun1ed to io11izt: pr<:~dornin.a.ntly tc.) l-IL2 - + 21---l+, 

where L3 - represents the citrate ion. This ass umption 

appecus reasonable based on the distribution of the species 

at the beginning of the t itration, i. e. at a pH of approx­

imately 3 (see Section 3. 1, Figure 3 .1). 

Th ese complex so lutions were used immediately after 

preparation, because mo uld growth was observed in the 

solution if l eft £or any l ength of tim e. 
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2. 4 pH MEASUREMENTS 

2.4.1 The pH Meter and Electrodes 

All pH measurements were made using a Radiometer 

PHM 64 Research pl-! Meter, coupled with a Beckman Futura 

E-2 Glass Electrode and a Beckman Futura Calomel Reference 

Electrode with a quartz junction. One advantage of the 

E-2 glass electrode is that it shows minimum deviation 

due to sodium ion concentratibn, making correction un­

necessary at pH values less than 11. The readability 

of the pH meter was to 0.001 pH units. 

2.4.2 pH Titration Cell 

The titration c~l l is shown in Figure 2.1 and was 

based on a design described by Perrin (59). The cell 

consisted of two double-walled glass jackets (a and b), 

through which thermostated water was passed. The tempera­

ture was controlled at 25.0 ± o.1o·c by a Thermomix 1440 

temperature control unit. The two jackets were joined by 

a teflon plug (c) which was rigidly fitted to the upper 

jacket and fitted firmly into the lower jacket. The glass 

and calomel el ec trodes were supported in the upper 

jacket by a teflon plug (d) and enclosed by a teflon 

lid (e). 

Nitrogen, first 
0 

saturated with water vapour at 25 C, 

could be passed over the surface of the ·test solution 

through the glass tube (£). 

A magne tic stirrer and a teflon-covered magnetic 

"£lea" were-? u sed to stir the t es t solution. The moving 

magnetic field had no observabl e effect on the stability 

of the pH of a test solution. 

Th e titrant was added to the test solution from an 

"Agla" micrometer syringe ( Burroughs \-v,::llcomc::: c:1nd Co.) . 

This consists of a calibrated all -glass syringe which 

was attache d to a micrometer screw gauge which operates 

the plunger. The syrincJ(::: dc:::J.ivc-) rs 0.5 crn 3 , and the 

readability of the scr ew gauge i s 0.0002 cm
3

. The titrant 

was passed from the syringe through a 22 gauge stainl e ss 

steel n eed le ( g ) into th e test s olution. When the tip of 
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Figure 2.1 The Titration Cell 

a upper jacket 

b lower jacket 

C teflon plug 

d te_flon support 

e tef.lon lid 

f nitrogen line 

9 stainless steel needle 

e 

d 

f a 

1 
C 

b 

C 
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this tub e was placed in the test solution, there was no 

noticeable diffusion of the titrant. 

2.4.3 Procedure for pH Measurements 

The electrodes and the lower glass jacket were firstly 

washed with distilled water, and then dried with absorbent ·· 

tissue. If the test solution was a standard buf£er; the 

electrodes and jacket were washed with this, after which 

a sample, which had been stored at 25 °C, was added to 

the cell. The measured pH was found to drift initially, 

becoming stable after about five minutes. 

During a titration, after an increment of base had 

been added, equilibrium was obtained within one minute. 

Before a set of pH measurements, the system was 

standardized using the phthalate buffer (pH(S) = 4.008 

at 25 °C (65)). The response of at least one of the borax 

a nd 1:3.5 phosphate buffers was also checked. After a set 

of measurements, usually taking about one hour, changes 

in the reference point were ch e cked by the measurement of 

the phthalate staridard. Generally, th e change in the 

phthalate reading wa s l ess than 0.005 pH units, and if 

the drift was greater than this the data set was discarded. 

Throughout the period of experimentation it was 

observed that drifts in the reference point generally 

followed a cyclic pattern. Having standardized the pH 

measureme nt system initially with phthalate buffer, it 

was found that after about two to thre e hours drifts of 

the order of 0.01 to 0.02 pH units were common. This 

drifting ceased after about three hours and then a lways 

drifted s lowly back to the original reference point over 

a period of about twelv e hours. 

Th e titration as sembly was in an internal room with 

a thermostated E'~ nvironmc~nt, so that this behaviour cannot 

be attributed to change s in the physical en vironme nt. 

It seems as though it may be a characteristic of the glass 

e l ec tr ode, in that drifting was not experi e nced .when 

titrations were restricted to acidic pH's. 
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Aside from i nconvenience , this behaviour caused 

no problems, since it was easily detected by measuring 

t he p H of the standard buffers. 

2.4 . 4 Re p roducibi l ity of pH Measurements 

The pH of the standard buffers had a reproducibility 

within ± 0. 002 pH uni ts. The reproducibility .of the . data 

obtained from the buffer regions during titrations was 

generally l es s than ± 0 . 003 pl-I units . About the endpoint, 

deviations greater than this were experienced d u e to the 

effects of slight errors in the volume of the titrant added. 

2.4 . 5 The Calibration of the pH Measureme ~t System as a 

Hydrogen Ion Concentration Pr obe 

The determina t ion of many equilibrium constants in­

v o lves measuring the pH of a so l uti on in order to ca l culate 

the hydrogen ion concentration. Th e relc, t ions h ip between t h e 

measured pH and the hydrogen ion co ncentration i n vol ves 

a s sumptions associated with liq uid junction potentials a n d 

single ion activity coefficients . 

The cell used in this work was 

glass test KCl (satd), 

electrode solution Hg
2

Cl 2 ( s) ; Hg ( l ) 

with an em£ given by 

E Eo + E + E. RT lo a -- . g II + as J e -
F' 

where E is the asymmetry potential of the glass elec­
a s 

trade, E. is the liquid junction potential, E0 is the 
J 

s tandard emf for the cell and aH + is the hydroge n ion 

activity in th e t es t solution. 

Measur e ment s using a cell of type I are often made 

by comparing th e pH o:f an unknown solution X to th e pH 

of a standard sol ution S . This sets u p t he operational 

definition of pH (60). From e quat i on 2 .1 when the test 

s olution is the unknown, th e cell emf is given by 

equation 2 . 2 . 

I 

2 . 1 



= Eo + E + E~ + 2.303RT.pH' 
as J F 

and for the standard solution 

= E 0 + E + E. ( S) 
as J 

+ 2.303RT_ 1-I(S) 
F p 

From equations 2.2 and 2.3 

pH' = pH(S) - ( E j - E j ( S ) ) + ( ES - EX ) 
2.303RT/F 

? ­__ .::, 

2.2 

2.3 

2.4 

The assignment of pH(S) values to a set of standard 

buffers is made on the basis of measurements with 

hydrogen-silver chloride cells without liquid junction. 

The methods by which the NBS values of pH(S) were assigned 

to the reference solutions to define the conventional 

activity scale are well documented (61). 

In equation 2.4, th e measured pH of an unknown, pH', 

will only approach the conventional activity scale if the 

term (EJ - Ej(S)), the r e sidual liquid junction potential, 

is small. This will only b e so if the standard and the 

test solution are similar in ionic strength, solution 

composition, and pH. Thi s is seldom so. For example, many 

equilibrium constants ar e often determined with a back­

ground electrolyte of ionic strength 1.9 or 0.1 M (53), 

while the ionic strength of one of the most often used NBS 

buffers, the phthalate buffer, is only 0.053 M. 

An expression for the single ion activity coefficient 

for hydrogen ions is required to relate the measured pH of 

th e test solution from the operational scale to a hydrogen 

ion concentration, i.e. 

pH' 2. 5 . 

The log
10

tH+ t erm is oft e n e mpirically eva luated using an 

ex t e nd ed form of th~ Debye-Huck el e q ua tion (63). 

These assumptions concerning residu a l liquid junction 

potentials and single ion activity co e fficients can b e 

avoided by ca li bration of th e cell against solutions of 
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known [H+] with the same ionic strength and ionic back­

ground as the test solutions. The cell I used in this 

work has previously been extensively calibrated by 

titrating hydrochloric acid solutionsj ethylenediarnine/ 

ethylenediarnrnonium and acetic acid/sodium acetate buffers 

in a NaCl medium at an ionic strength of 0.1_ M (56). The 

method used to carry out this previous calibration has 

been previously documented (66). 

The Response of the NBS Buffers 

Three NBS standard buffers were used throughout this 

work. These buffers and their pH(S) values at 25°C for 

this system are potassium hydrogen phthalate (4.008), 

1:3.5 phosphate (7.413), and borax (9.182) (65). These 

were used to check the meter and electrode system for 

linearity and slope based on the conventional activity 

scale. The pro~edure was to first standardize the system 

with the phthalate buffer and then measure the response 

with the other two standards. Both standards generally 

gave pH' values within + 0.002 pl-I units of thl? pH(S) values. 

The HCl/NaOH Calibration 

Using dilute hydrochloric acid solutions in a potas­

sium chloride medium the cell I was calibrated in the pH 

range 2 to 3. Data from the titration of sodium hydroxide 

against a hydrochloric acid/potassium chloride solution 

at ionic strength 0.1 Mare given in Table 2.2. Values of 

p[H+] were calculated from the analytical concentrations 

of the acid and alkali assuming complete dissociation. 

Data were collected in the pH range 2 to 4. However, 

a plot of pH' against p[H+] was linear in the pH' range 

2 to 3, and became- curved at higher pH' vaJ ur2s. This ten­

dency toward L:i.rger pf-! 1 /p[I-!+] as the pH' approaches 3.S has 

been observed previously (64). A linear least squares re­

gression on the data from the linear portion of the p[H+] 

versus pH' curve gave the :following result. 

::: 1.0005 pH' -· 0.062 2.6 

If the same NBS buffer is used to stand~rdize the system 
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Table 2.2 pH' and p(H] Values From HCl/NaOH Titration 

in KCl Media at I= 0.10 M 

1 + 
pH' p[H] 

2.07i 2.007 

2.079 2.016 

2.088 2.025 

2.097 2.034 

2.116 2.054 

2.136 2.074 

2 .158 2.096 

2.180 2 .11£3 

2.203 2.142 

2.229 2.167 

2.255 2 .193 

2.283 2.221 

2.313 2.251 

2.345 2.284 

2.380 2.319 

2.417 2.356 
2.459 2.398 

2.505 2.444 

2.555 2.495 

2.614 2.553 

2.678 2.620 

2.757 2.699 

2.976 2 .. 921. 

1. pH' = pH(measured). 

+ 
2 • ,6 = pH I - p [ H l 0 

6. 
2 

0.064 

0.063 

0.063 

0.063 

0.062 

0.062 

0.062 

0.062 

0.061 

0.062 

0.062 

0.062 

0.062 

0.061 

0.061 

0.061 
0.061 

0.061 

0.060 

0.061 

0.058 

0.058 

0.055 
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for both the calibration titrations and for the test 

solution measurement then the residual liquid junction 

potentials for the two solutions will be almost identical. 

Additionally, if the test solution and the calibration 

solution have the same ionic strength (in this case 0.1 M), 

then ~H+(standard) = tH+(test), and hence, s~andard and 

test solutions with the same pH' have the same value of 

Conclusions 

The HCl/NaOH calibration as expressed in equation 2.6 

is in excellent agreement with the previous calibration in 

NaCl medium (56). For this previous calibration, the cali­

bration equation, valid over the pH range 2 to 10.5, was 

= 1.000 pH' 0.062. It was assumed therefore 

that the calibration function given by equation 2.6 was 

valid throughout the pH range of interest. 

Any change in the slope or linear:i. ty of the calibration 

curve since the previous calibration (56) could be discount­

ed, on the basis of the excellent agreement for the NBS 

standard buffers over the period since that calibration. 
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SPECTROPHOTOMETRIC MEASUREMENTS 

The Spectrophotometer and Sample Cells 

All visible and near-infrared spectra were recorded 

using a Shimadzu MPS-5000 Multipurpose Spectrophotometer. 

Spectra were recorded over the visible wavelength range 

(340 to 740 nm) with a photomultiplier detector, and over 

the near-infrared wavelength range (650 to 1300 nm) using 

a PbS photoconductive cell. 

A matched pair of 11 Spectrosil 11 Precision C(~lls with 

path length 10 mm were used during the calibration of the 

spectrophotometer. For the nickel-citric acid solution 

spectra, a pair of cells, nominally 10 cm pathlength, were 

constructed. 

These cells were made from a length of glass tubing, 

1. 8 cm internal diameter, with quartz windows glued to each 

end. The cell had a smaller piece of" glass tubing attached 

close to one end to facilitate filling. The cells and the 

perspex holders made to mount thE-~m in the sample and refer­

ence compartments are illustrated in Figure 2.2. 

2.5.2 Procedure For Spectrophotometric Measurements 

Sample cells were washed with distilled water, and 

then rinsed with acetone, before drying with compressed air. 

When recording spectra, a base J.ine was always record­

ed, as the base line of the instrument was not linear over 

the desired wavelength range (300 to 1400 nm). This base 

line was recorded by recording the spectra of a sample blank 

(distilled water), with distilled water as the reference 

standard. When several spectra were recorded as a group 

the base line was checked frequently. 

All solution spectra were recorded using distilled 

water as the reference standard, and between recording the 

spectra of each solution the sample cell was treated in the 

manner noted above. 

Complex solutions were prepared by titrating aliquots 

of a stock solution with sodium hydroxide. In this manner, 

it was possib1e to prepare several samples of the same nickel 
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and citric acid ratios to any desired pH. Generall~ a 
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500 cm3 stock solution was prepared, allowing ten samples, 

each of approximately 50 cm3 , to be prepared over a range 

of pH's. 

The spectrophotometer had two wavelength ranges which 

were used, 340 to 740 nm and 650 to 2500 nm. The cells had 

a capacity of approximately 20 3 cm, hence a 50 cm 3 sample 

allowed separate spectra to be recorded for both wavelength 

ranges. This enabled a check to be made on the expc:crimental 

precision, in that the absorbance over the range 650 to 

740 nm from both wavelength ranges could be compared. 

Generally, the agreement between the two scales was 

within 1-2%. 

2.5.3 Calibration of the Spectrophotometer and 10 cm Cells 

The wavelength and absorbance accuracy of the spectro­

photometer was checked by recording spectra of potassium 

chromate and comparing the results with the literature values. 

The path length of the long cells (nominally 10 cm) was 

determined by dilution of potassium chromate standards and 

comparing the absorbance of solutions in 10 mm and the long 

cells. 

The Spectrophotometer 

Calibration of the spectrophotometer with alkaline 

solutions of potassium chromate was decided upon after 

consideration of the available literature ( 67 - 72 ). 

RN Rand (67) in his review discusses the relative advant­

ages of many methods, including the use o:f mercury lan;ps 

for wavelength calibration, and standard solutions and 

solid glass plates for checking both wavelength and absorb­

ance accuracy. Owing to the difficulty of using mercury 

lamps in dual beam instruments (67), and the unavailability 

of holmium oxide and didymium glass, the only alternative 

was the preparation of an appropriate standard solution. 

0£ the generc:\J.ly accepted solution sta.ndards, alkaline 

potassium chromate was used. Acidi.c potassium dichromate 

was not used because of the need for accurate control of 

the pH (6c3). 
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The potassium chromate solutions were prepared by 

weighing out potassium dichromate and dissolving this in 

potassium hydroxide in the proportions recommended by 

Haupt (70). Haupt reported that no difference could be 

determined between a solution prepared as above and one 

prepared directly by using potassium chromate. The use of 

the dichromate has the advantage that potassium dichromate 

is generally available in a more pure state than potassium 

chromate. Haupt lists the absorbance and transmittance of 

a solution containing 0.0400 g of potassium chromate in 

1 litre of 0.05M KOH as a function of wavelength, and this 

me~1t that the spectrophotometer could be checked at any 

wavelength in the range 210 to 500 nm. 

Potassium chromate displays two absorption ma,'<ima 

at 273 and 373 nm and two minima at 229 nm and 312 _nm, 

providing four well-spaced points for control. Comparison 

of the experimental spectra and the table given by 

Haupt (70) showed that the wavelength accuracy was satis­

factory, being within 1 or 2 nm of the literature value. 

The absorbance agreement in the ultraviolet region was 

excellent, but in the visible region, the experimental 

absorbance was 2% less than the literature value. 

Characteristics of the Long Cells 

For the long sample cells, a path length of exactly 

10 cm could not be guaranteed because the quartz windows 

were glued to the glass tube. For all spectra, the same 

cell was used as the sample cell, hence any discrepancies 

in pathlength and optical properties between the cells 

would be constant. 

The pathlength of the sample cell was determined by 

comparing the absorbance of a diluted sampJ.e of alkaline 

potassium chromate using the long cells with the absorbance 

of the stock solution using 1 cm C(-~lls. In this manner the 

path length of the long sample cell was determined to be 

9.858 cm + 0.3%· 

The spectral cha.racteristics 01~ the Jong ce11s in the 

visible region displayed no peculiarities. However, in the 
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near-infrared region, the spectra showed a sudden decrease 

in transmittance at approximately 1350 nm. This is shown 

in Figure 2.3. This can only be a function of the type of 

quartz used for the windows, but since the nickel-citric 

acid absorption spectra have peaks in the range 390 to 1150nm, 

the sudden absorbance at about 1350 nm was not investigated 

further. 



Figure 2.3 Transmittance Spectrum of Long Cells 
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2. 6 DETERMINATION OF ENDPOINTS 

The endpoint of a potentiometric acid-base titration 

is characterized by an increase in the slope of a plot of 

pH or emf against titre as the titration approaches the 

endpoint . The endpoint is tha~ volume for which the slope 

is greatest, and thereafter the slope will decrease. 

Equations 2.7 and 2.8 define the endpoint for a titration 

of an acid by a base, the titre at any point being v
8

. 

dpH = maximum 2.7 
dv 13 

d
2

pH = 0 2 .8 
dv82 

The relationships defined above are illustrated in 

Figure 2.4. 

Since equations 2.7 a nd 2.8 are only exact for infinite­

ly small increments in th e volume of ba se , th e accuracy of 

any deriva.tive method for determining the endpoint will 

depend on the magnitude of the c hange in the volume and 

consequently the~ magni tudE! of the change in pH in the 

r~gion of the endpoint. 

Three methods of determining the endpoint of potentio­

metric titrations were investigated duri~g this work, in 

order to find a quick, reliable method to verify that 

titration data were stoichiometrically correct . One was a 

simple graphical approach to the derivative me thod, another 

was a tabular derivative method, and the third a graphical 

approach first developed by Gran (7 5 , 76). 

The application of each of these methods is described 

below, and then each is applied to several ti trations in 

order to determine which can best satisfy the crit e ria of 

simplicity and reliability. 

1. Graphical Analysis of Dc rivativ r: s 

This method is perhaps the simp l es t of the three. As 

the titration progresses, pH is plotted against the volume 

of base and a s moo th curve fitted through the points, which 
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pH A 

0 

0 

2 
~ 
dv 2 

B 

0 

'-----------'----------~ Vg 

__________ ...__ _________ ;> VB 

\l 
I") 
.J 

36 



37 

need only be those in the vicinity of the endpoint . By 

inspection, a straight line is drawn through the titration 

curve to intersect the curve at the point of greatest 

slope . The endpoi nt will then be the midpoint of that 

region of the straight line which is coincident with the 

titration c urve. 

This me thod is illustrated by Figure 2.5 for the data 

given in Table 2 .3. The r egion of coincidence is give n by 

the di s tance AB, and its midpoint, C, corresponds to an 

endpoint volume of 0.2578 cm3. 

Inaccuracies in th e use of thi s method can aris e 

from the drawing of the curve of best £it through the 

experimental observati ons, a nd this, along with locating 

the point of maximum slope, may be a matt er of personal 

judgement. As an il lustration, the titration curve for a 

single titration was plotted four times, with the vari­

ation in th e endpoi nts being l ess than the readability 

of the micrometer . 

2. Tabulation of Derivatives 

Detai l ed theo r et ical discussion of the determination 

of ti trimetric endpoints i s given in Dick's "Analy tical 

Chemistry" (73) . Th e tabular derivative method uses the 

approximate expr ess ions for derivatives as g iven below . 

dpH 
dv13 

2.9 

2 . 10 

where 6 pH is th e change in pH as a r es ult of an incr e ment 

in th e volume , 6 v8 . 

Equat ions 2 . 9 and 2 . 10 are exact only fo r infinitely 

small increments in base . However , a point wil l be reached 

where taki ng s maller increment s i n base results in a change 

in the endpoi nt titre l ess thar1 the experimental pr ecision 

of th e titre . In general, the larger t he rate of change of 

t h e pH about the e ndpoint, th e small e r the volume i ncremen t 

requ ired to bring abou t th e desir ed precision i n the 



Table 2.3 Exnerirnental Data For a Titration of 

Potassium Hydrogen Phthalate versus 

Sodium Hydroxide 

38 

Concentration of pot. hyd. phthalate = 0.0103 ± 0.0005 M 
3 

Volume of pot.hyd. phthalate = 24.98 + 0.02 cm 

Vol of Base 1 
pH 

0.240 6.564 

0.242 6.620 

0.244 6.684 

0.246 6.754 

0.248 6.848 

0.250 6.950 

0.251 7.008 

0.252 7.086 

0.253 7.167 

0.254 7.268 

0.255 7.405 

0.256 7.580 

0.257 6.852 

0.258 8.370 

0. 259 8.750 

0.260 9.032 

0.261 9.270 

0.262 9.414 

1. Volume of base readable to 0.0002 
.3 

Cill 



Figure 2.5 Graphical Determination of the Endpoint 

of a Potentiometric Acid-Base Titration 
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determination of the endpoint (74). 

is a matter of personal judgement. 

The selection of 6v 
B 

A tabulation method for the determination of endpoints 

is preferred over the graphical method previously described 

due to the possible errors of curve fitting. 

The tabulation required to determine the endpoint of 

the data given in Table 2.3 ii given in Table 2.4. 

Table 2.4 Tabulation Required to Determine the Endpoint 

of a Titration by Tabulation of Derivatives 

Volume of 6. pH 
( f, 

2 P'.') x 10- 3 

Base pH 6_ VB . 6. vB2 

VB 6_ VB = 0.001 cm 3 

0.2540 7.268 
J.37 

0.2550 7.405 38 
175 

0.2560 7.580 97 
272 

0.2570 7 0 852 246 
518 

0.2580 8.370 --138 
380 

0. 2590 8.750 -98 
282 

0.2600 9.032 -44 
238 

0.2610 9.270 

On the basis of the criteria given by equations 2.7 

and 2.8 (i.e. the slope is a maximum and the second deriv­

ative changes sign) the endpoint is clearly between 0.257 

and 0.25B cm 3 . The endpoint volume can be determined from 
2 ~) 

the tabulclted vaJ.ues of 6. pl-l/6_v
13

- in the manner on the 

foJ.J.owing page. 

Hence, using this deri va t:i.ve- tabulation technique 

with a volume increment of 0.001 cm3, the ~ndpoint is 

located at 0.2576 cm3 

The same process carried out for increments of 
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0.002 and 0.004 cm3 resulted in endpoints of 0.257 6 and 

0.2577 cm3 respectively. This shows that an increment as 

large as 0.004 cm3 would have been acceptable. 

Determination of Endpoint from Second Derivatives 

Refer to Table 2.4. 

magnitude of last positive value= 24 6 corresponds to 

v
8 

= 0.2570 cm 3 

magnitude of first negative value= 138 corresponds to 

v
8 

= 0.2580 cm3 

then endpoint volume= 0.2570 + 246 X (0.2580 0.2570) 
246 + 138 

= 0.2570 + 0.0006 

= 0.2576 cm3 

3. The Gran Plot 

A method of determination of the endpoint of a potenti­

ometric acid-base titration that has not received wide 

recognition is that developed by Gran (75, 76) and reviewed 

by Rossetti (77). An extension of the method is applicable 

to potentiometric precipitation titrations, some complex 

formation titrations , and oxidation-reduction titrations. 

The theoretical treatment for a titration involving a 

weak acid with a strong base, as applicable to titrations 

of potassium hydrogen phthalate, and .citric acid with sodi­

um hydroxi d e , is outlined below. The method is not appJ.:i.c­

able to the titration of the nick e l and citrate complex 

solutions due to the complexity of th e equilibria involved. 

A volume V of acid of initial conc e ntration H, is 

titrated with a volume v of strong base of concentration B. 

If the acid, HA, is not .fully dissociated in solution then 

the concentration of the hydrog e n ion is gi ven by equation 

2 .12. 

- k [ HA) [ A-] 
a 

2 .12 

where k is th e s toichiometric acid dissoci ation con s tant 
a 



of HA, and A- is the conjugate base, If the titrant is 

monobasic, BOH, then 

[A-) = v.B + [H+] 
V + V 

42 

2 .13 

where CA is the total concentration of HA in the solution. 

Hence . 

[ HA] = VH vB - [1-1+] + [OH~ 
V + V 

For a ,veak acid 

and 

vB 

V + V 

VI-I - VB > > ( H + ) - [ rnr 1 
V + V 

Therefore, it fol lows that 

= ka(VH - vB) 

vB 

2.14 

2.15 

2.16 

Now if ve is the vo lume at the endpoint then VH = veB, and 

hence for vol umes less than the endpoint 

2.17 
V 

By multiplying both sides of equation 2.17 by the activity 

coefficient for the hydrogen ion, ~1-1+, and defining a 

function, L(v), such that 

2.18 
V 

then 
- -pH T ( v) = v .10 2.19 

If the initial concentration of HA is low, the ionic 

strength will not vary greatly through the titration, and 

the terms ka and ti-I+ will remain approximately constant. 

This results in a linear relationship between T and v, such 

that l(v) intersects the abscissa at the point v = ve. 



Devi a tion s from linearity may occur if any of the 

following factors is pres ent: 

4.3 

1. at the very beginning of the titration, condition 

2.15 may not be fulfilled if the acid is only 

moderately weak. In this case, only the linea r 

portion of Y(v) s hould be used. 

2. as v approaches ve, con dition 2.16 ma y not be 

satisfied if the acid is very weak, in which 

case only the linear portion of T.(v) is used. 

3. other complications which may cause deviations 

from line arity are the presence of me tal ions in 

th e acid, or carbonat e in the base. 

Polymeric Acids 

In the case of citric acid, where it was desirable to 

k now the endpoint for the third acidic proton, a slightly 

di fferent formula is used. Immediately after this endpoint 

[ H+] = Kw 

[01-i-] 

[ H+] - Kw (V + v) 

l3(v - ve) 
2 .20 

where K is the stoichiometric ionic product of water. 
w 

Then a function ~(v) is defined by rearrangement of 

e quation 2 . 20 . 

(J( v) = 

Now 

tJ( V) = ( V + v ) . 10PH 

(v - ve ).13 

Kw -D\1+ 2.21 

2 .22 

If OH+ an d i\ v r e main constant throughout the titration, 

ff( v ) will b e linear in v and will inte rsect the abscissa 

a t v = Ve 

Deviation from linea ri ty may again b e caused by 
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metal ion and carbonate contaminants. 

Application of the Gran Plot 

Table 2.5 lists the L values necessary for the deter­

mination of the endpoint of the titrimetric data in Table 

2.3. 

Table 2 . 5 Calculations Required for Gran Plot 

Vol of base Total Volume pH 
,...., 

l, / -7 
10 

v
8

/cm 3 V + V /cm3 

0.252 25. 232 7.086 20.70 

0 .253 25.233 7.167 17.18 

0.254 25 .234 7.268 13.61 

0.255 25.235 7.405 9.93 

0.256 25. 236 7.580 6.63 

0.257 25.237 7 . 852 3.55 

The endpoint is located at 0.2580 cm 3 , determined from 

Figure 2.6. 

Th e advantages of Gran plots are primarily their 

simplicity of calculation, and the precision which is 

inherent in linear plots, especially if the titration 

curv~ is not symmetrical. 

Summary 

The endpoint of the data given in Table 2.3 has been 

determined in three ways, and the results are 

Graphical derivative 

Tabulation derivative 

Gran Plot 

0.2578 cm 3 

0.2576 cm 3 

0.2580 cm 3 

The thr ee methods give results that agree well, the spread 

of values being only 0.15% of the mean. 

S everal other sets of data were analysed by all three 

methods and the results are presented in Table 2 .6. The 

results :i.ndicate that there was no significant difference 

between the methods for the system b e ing studied, so only 



Figure 2.6 The Gran Plot 
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interc e pt I 0.2580 cm
3 

tJ. vol 
v base 

0.260 /cm 3 
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Table 2.6 Summary of Comparison Between Various 
1 Methods of Determining Titrimetri6 Endpoints 

Reagents Titration Graphical 

Number 

Sod. hydroxide 1 

Pot. hyd. ph thal. 2 

Sod. hydroxide 

Citric Acid 

Sod. hydroxide 

Nickel-citrate 

solution 

1. A11 volumes 
J 

cm 

3 

4 

1 

2 

3 

4 

l 

2 

3 

Derivative 

0.2562 

o. 2579 

0.2562 

0. 2572 

0.4020 

0.4015 

0.4012 

0.4009 

0. 1433 

0 .1431 

0 .1432 

Tabular 

Derivative 

0.2563' 

0.2576 

0.2564 

0.2572 

0.4018 

0.4015 

0.4011 

0.4007 

0 .1434 

0 .1432 

0.1434 

Gran plot 

0.2562 

0. 2 580 

0.2564 

0. 2 572 

0.4020 

0.4016 

0.4013 

0.4018 
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the graphical derivative method was use(l to check the 

stoichiometry o.f all tit.rations. The? Gran plot cannot be 

applied to metal complex equilibria such as those under 

investigation, but the results in Table 2.6 show that 

there is no significant difference between the graphical 

derivative and the Gran plot methods for determining the 

endpoint of acid-base titrations, and that there is no 

significant difference between the graphical and tabular 

derivative methods for determining the endpoin·t of the 

complex solt1tions. 

2.7 MICROANALYSES 

Carbon and hydrogen analyses were determined in 

the Microanalytical Laboratory, University of Otago. 
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Titrimetri c Results 

3.1 THE PROTONATION CONSTANTS OF CITRIC ACID 

The protonation constants of citric acid are well 

documented ( 34, 35, 36, 53, 79 - 82), and have been determined 

over a wide range of experimental conditions (temperature, 

background electrolyte and ionic strength). Table 3.1 lists 

some of these constants determined under conditions which 

enable a useful comparison with the values obtained in this 

work. 

If citric acid 1s regarded as a triprotic acid, H3L, 

then the equilibria under consideration are 

1-1 + ' L 

1-1 + HL 

I-! + H2L 

where 

lq = 

_, 
HL ..,-

___,_ H2 L ~ 

~ H3L ,-

[HL] 

[H] [ LJ 

[ H:z L] 
[11] [HL) 

[I-!3L] 

[1-1] [H2r,] 

k1 

k2 

k3 

The charges have been omitted for clarity. 
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Table 3.1 The Reported Protonation Constants 

of Citric Acid at 25°C 

Background Logarithm of Protonation Constant 

Electrolyte k k2 k3 
0.1 M 

1 

KCl 5.72 4.37 2.94 

KCl 5.69 4.36 2.89 

KCl 5.83 4.34 2.89 

NaCJ.04 5.68 4.35 2.87 

KN0 
3 

5.72 4.39 2.92 

KN0
3 

5.70 4.36 2.81 

NaCl 5.95 4.34 2.94 

KCl (20°C) 5.67 4.39 2.96 

1. kl H + L __,,. 
HL ..,.-. 

k2 I-I + HL 
__,,. 

H2L ----
k3 H + H

2
L __,,. H3 L ,;--

49 

Reference 

this work 

80 

79 

'35 

82 

34 

36 

81 
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In the pH range of interest (3.0 to 9.0), citric 

acid was considered triprotic because the fourth proton is 

part of a hydroxy group, ~nd the pK for the displacement 

of the proton is about 12.0 (33). The distribution plot of 

Figure 3.1 confirms that, with a pK of 12.0, this equili­

brium plays no part in the citric acid equilibria below 

about pH J.0. 

3.1.1 Determination of the Protonation Constants 

of Citric Acid 

The mass balance equations for TL, the total concen­

tration of citric acid, and TH, the total concentration of 

dissociable hydrogen ions, are given by 

3.1 

and 

= [H) + [ HL] + [ Of-I J hyd 3.2 

where [H] and [L] are the concentrations of hydrogen ions 

and free citrate respectively. The term [OH]hyd is the 

concentration of hydroxide ions, which arise from hydrolysis 

reactions of the type 

+ f-hO 
"---

+ OH-

A secondary concentration variable~ nH, is defined 

as the degree of protonation of the system, i.e. the 

average number of protons attached per citrate. 

T11 - [ H] + [OHl 
nH -

TL 
3.3 

By using equations 3.1 
' 

'.) ') 
_) .. L, and 3.3 

[HL] + 2 [ H2L] + 3 [H3L) 
nl-! = 

[ L) + [ HL] + ( H2 L] + [H3L) 
3.4 



Figure 3.1 Distribution Curves of Citric Acid 
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Equation 3.4 may be expanded 1 using the equilibrium expres­

sions, into a function of hydrogen ion concentration: 

= 3.5 
1 + lq [H] + 

In general, equation 3. 5 may be expressed as 

= 

where f3 -
l 

the species. 

N 
L np [H]n 

1 n 

N 

L 
0 

i 
TT 

j =1 
k· 

J 
lS 

3.6 

the overall stability constant of 

Equation 3.5 was used to calculate the protonation 

constants of citric acid. The left hand side, (termed 

Yobs), is readily calculated from the analytical concen­

trations and the hydrogen ion concentration using equation 

3.3. The right hand side, (termed Ycalc), is a function of 

the hydrogen ion concentration and the unknown parameters 

k1, k 2 and k3. The least squares method was used to vary 

the unknown parameters so as to minimize the function M, 

expressed in equation 3.7. The algebra involved in the 

least squares process is given in Appendix 1. 

n 
M = L w i ( ( Fo ) i - ( F c ) i ) 

2 3.7 
J_ 

where F
0 

and Fe are the observed and calculated functions 

respectively, andtheweighting factor, Wi = l/O'i 2 · c5i is 

the standard deviation of the i-th observation, and the 

weighting of data for a least squares analysis is incor­

porated to allow for the variation of 6i· In the calcu­

lation of the protonation constants of citric acid, the 

least squares process minimizes 



fvl = 

An estimation of CJ ( nH( obs)) can b e cal cu lated :from the 

terms contributing to the expression for ~H-

= 

where the component Kw/(1-1) = [OH]hyd' and Kw is the 

ionic product of water in 0.1 M KCl. The uncertainties 

in TH and TL will be constant throughout a titration . 

The term [H] is small compared wit h TH; therefore the 

un~ertainty in (H] has a negligible effect on 6(~H), 
and may be disregarded. In the pH range of interest 

(pH <10), the term Kw/[H] makes a negligible contri­

bution to nH and may be disregarded. Under these con­

ditions, 6(~H(obs)) will be approximately constant and 

hence, the data may be weighted a t unity. 

53 

3.8 

3.9 

A compu ter program, ORGLS, was available to perform 

the least squares process and was used with minor modifi­

cation. This program is describe d in Appendix 2. 



3.1.2 The Protonation Constants of Citric Acid 

Three citric acid solutions were prepared with potas­

sium chloride as the background electrolyte to bring the 

ionic strength up to 0.1 M. The concentration of citric 

acid in these solutions was approximately 1.5, 2.0 and 

2.7xio- 3 mo11-l . Representative titration data £or these· 

solutions is given in Table 3 .2. The protonation cbnstants 

calculated from the data for each of these solutions are 

given in the first part of Table 3.3. The mean and standard 

deviation of the logs of the protonation constants deter­

mined from the three ti trations of the 2. 0 x 10-3 M solution 

are 

= 5.718 (0 .005 ) 

= 4.369 (0.003) 

= 2.947 (0.007) 

The results from the three titrations show exce llent in­

ternal cons istency, in that the relative standard devi­

ations are less than 0.2%. 

The averages and standard deviations for all six 

titration se ts are given in part B of Table 3.3. These 

values were used in all subsequent analyses of the ni~kel­

citric acid titrations. By reference t~ Table 3.1, it can 

be ~een that the values for the protonation constants are 

in excellent agreement with those determined under closely 

simi lar conditions. This confirms that there are no system­

atic errors in the experimental and computational proce­

dures adopt e d during this work. 

The effect of errors in the concentration of hydroxide 

on the protonation constants was established by calculation 

of the constants with the alkali concentration changed by 

the experimental uncertainty of the alkali concentration. 

The results, presented in Table 3.4, show that variations 

of the alkali concentration within the experimental uncer­

tainty result in changes J.n the log of the protonation 

constants generally less than 0.1%. The large st change 



Tcible 3.2 Titration Data for Citric Acid Solutions 

A. Initial[H3 L] 

[NaOH] 

Aliquot Vol 

Vol Alkali 

I cm3 

0.000 
0.005 
0.010 
0.015 
0.020 
0.025 
0.030 
0.035 
0.040 
0.045 
0.050 
0.055 
0.060 
0.065 
0.075 
0.080 
0.085 
0.090 
0.095 
0.100 
0.105 
0.110 
0. 115 
0 .120 
0 .125 
0.130 
0.135 
0 .140 
0 .145 
0 .150 
0.155 
0.160 
0 .165 

3.049 
3.080 
3.116 
3 .153 
3 .192 
3.233 
3.278 
3.324 
3.374 
3.427 
3.484 
3.544 
3.607 
3. 674 
3.818 
3.893 
3.970 
4.048 
4 .128 
4.207 
4.287 
4.368 
4.450 
4.533 
4.619 
4.707 
4.796 
4.888 
4.982 
5.076 
5. l 72 
5 .266 
5.361 

,, 
1 .499 X 10-J M 

0.9988 M 

49.88 cm3 

Vol Alkali 

I cm 3 

0 .170 
0.175 
0.180 
0.185 
0.190 
0. 195 
0.200 
0.205 
0.210 
0.215 
0.200 
0.221 
0.222 
0.223 
0.224 
0.225 
0.226 
0.230 
0.235 
0.240 
0.245 
0.250 
0.255 
0.260 
0.265 
0.270 
0 .275 
0,280 
0.285 
0.290 
0.295 
0.300 
0.305 

5. 456 
5.551 
5.647 
5.746 
5.847 
.5. 957 
6.078 
6.214 
6.383 
6.611 
7.006 
7,134 
7.313 
7.605 
8.221 
8,761 
9. 13 5 
9.745 

10.061 
10.252 
10.386 
10.489 
10.573 
10.643 
10.704 
10.758 
10.805 
10.849 
10.887 
10.923 
10.956 
10.985 
11.016 
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Table 3.2 Titration Data for Citric Acid Solutions 

B. Intial H3 L 

[Na0H] 

Aliquot Vol 

Vol Alkali p[H+j 

I cm3 

0.000 
0.005 
0.010 
0.015 
0.020 
0.025 
0.030 
0.035 
0.040 
0.046 
0.050 
0.055 
0.060 
0.065 
0.070 
0.075 
0.080 
0.085 
0.090 
0.095 
0 .100 
0 .105 
0.110 
0 .115 
0 .120 

2.964 
2.990 
3.018 
3.047 
3.076 
3 .107 
3.139 
3 .173 
3.208 
3.254 
3.283 
3.323 
3.365 
3.410 
3.455 
3.503 
3.553 
3.606 
3.659 
3.717 
3.773 
3.832 
3.892 
3.952 
4.013 

0 -3 1. 998 x 1 M 

0.9943 M 

49.97 cm3 

Vol Alkali p[H+] 

I cm3 

0.125 
0 .130 
0.135 
0.140 
0 .145 
0.150 
0.155 
0.160 
0.165 
0 .170 
0. 17 5 
0 .180 
0.185 
0 .190 
0.195 
0.200 
0.205 
0.210 
0.215 
0.220 
0.225 
0.230 
0.235 
0.240 
0.245 

4.075 
4 .135 
4.196 
4. 256 
4.319 
4.379 
4.44]. 
4.504 
4. 567 
4.632 
4.697 
4. 765 
4.832 
4.900 
4.971 
5.042 
5 .112 
5 .184 
5.255 
5.326 
5.396 
5.466 
5.536 
5.60il 
5.679 

Vol Alkali p[H+] 

I cm 3 

0.250 
0.255 
0.260 
0. 265 
0.270 
0.275 
0.280 
0.285 
0.290 
0.295 
0.300 
0.305 
0.310 
0.315 
0.320 
0.325 
0.330 
0.335 
0.340 
0.345 
0.350 
0.355 
0.360 
0.365 
0.370 

5. 7 54 
5.831 
5.911 
5.996 
6.089 
6 .190 
6.312 
6 .4 53 
6.644 
6.942 
7.848 
9. 658 

10.030 
10.233 
10.374 
10.480 
10.568 
10.639 
10.702 
10.757 
10.805 
10.848 
10.887 
1.0.923 
10.957 
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Table 3.2 Titration Data for Citric Acid Solutions 

C. In tia 1 H3L 
-3 2.666x10- M 

[NaOH] 1.0009 j'vj 

Aliquot Vol 49.92 cm 3 

Vol Alkali p [11+1 Vo.L Alkali p [H + I Vol Alkali p [ !-!+ l 
I crn 3 I cm 3 I cm 3 

0.000 2.879 0. 165 4 .042 0.330 5.721 
0.005 2.899 0.170 4.090 0.335 5.778 
0.010 2.920 0.175 4 .137 0.340 5.834 
0.015 2.942 0.180 4.184 0.345 5.893 
0.020 2.965 0.185 4.232 0.350 5.956 
0.025 2.989 0.190 4.279 0.355 6.023 
0.030 3.014 0.195 4.326 0.360 6.092 
0.035 3.039 0.200 4.373 0.365 6.167 
0.040 3.065 0.205 4. 421 0.370 6.253 
0.045 3 .092 0.210 4. 469 0.375 6.349 
0.050 3.120 0.215 4.517 0.380 6. 458 
0.055 3.149 0.220 4. 565 0.385 6.592 
0.060 .3.178 0.225 4.614 0.390 6.767 
0.065 3.209 0.2.30 4.663 0.395 7.038 
0.070 .3. 241 0.235 40713 0.398 7.348 
0.075 3.274 0.240 4.764 0.399 7.498 
0.080 .3. 307 0.245 4.815 0.400 7.744 
0.085 .3.342 0. 2 51 4.877 0.401 8.116 
0.090 3.378 0.255 4.919 0.402 8.791 
0.095 3.416 0.260 4.972 0.40.3 9 .157 
0.100 3.455 0.265 5.025 0.405 9.558 
0 .105 3.495 0.270 5.078 0.410 9.985 
0.110 .3. 5.36 0.275 5. 1.31 . 0. 415 10.207 
0.115 3.578 0.280 5. 186 0.420 10.355 
0.120 3.621 0.285 5.239 0.425 10.468 
0.125 3.676 0.290 5.292 0.430 100556 
0 .130 3.711 0. 29.S 5.345 0.435 10.632 
0.13S .3.757 0 . .300 5.399 0.440 10.695 
0.140 3.804 0.305 5.451. 0.445 10.750 
0 .145 3 ~ 852 0.310 S.505 0.450 10.799 
0. 150 3.899 0 . .315 5. 558 0.455 10.841 
0.156 3.956 0.320 5 . 6 l l 0.460 10.882 
0.160 3.994 0. 3:_~5 5.666 0.465 10.918 



Table 3.3 Protonation Constants of Citric Acid 

as Calculated by the Program ORGLS 

A. Protonation Constants From Each Data Set 
1 

Concentration 

of Citric Acid 

(approx. ) /M 

-3 
1. 5 X 10 

-3 
2. 0 X 10 

-3 
2. 7 X 10 

k1 

k2 

k3 

k1 

k2 

k 3 

k 1 

k2 

k3 

1 

5.738 

4.378 

2.941 

5.719 

4.367 

2.939 

5.696 

4.355 

2.920 

Titration 

2 3 

5.723 5.712 

4.373 4.367 

2.953 2 .950 

5.702 

4.358 

2.925 

1. Protonation Constants Recorded as logs. 

58 

Average 

5.718 

4.369 

2.947 

5.699 

4.357 

2.923 

B. The Mean and Standard Deviation of all Six Data Sets 

log k 1 5.715 ·t- 0.02 

log k2 4.J66 + 0.008 

log k 3 2,938 + 0.01 
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Table 3 . 4 Calculation of the Protonation Constan t s of 

Citric Acid, With Alka l i Concentration Varied 

by the Uncertainty in t h e Concentration 

Citric Acid 

Concentration 

and the Change 

in Alkali 

Co ncentration 

[ H3C ] = 2. 0 x 10 -
3 

titrat i on 2 

6, OH = 0.13% 

[H
3

C] - 3 
= 1 . 5 X 10 

titration 1 

6O1-l = 0 . 25% 

Logarith ms of Protonation Constants 

No Change :i..n 

Alka.li cone . 

kl 5 . 719 

k2 4.367 

k3 2 . 939 

k1 5.738 

k2 4.378 

k3 2.941 

Inc. Alkali 

Cone by 6. OH 

5 .71 4 

4.364 

2.939 

5 . 728 

4.372 

2.940 

Dec. Alkali 

Cone by 6,0H 

5 . 725 

4.369 

2.939 

5.746 

4.383 

2.941 



6 0 

occurs in the value for 1< 1 , ( H + L ~ HL ) , but this 

may be e xpected, because this equilibrium is dominant in 

the region of th e titration cl os est to th e e ndpoint, where 

the effect of uncer tainti es in the concentration of s odium 

hydroxide is g reates t. 

3 .1. 3 The Distribution o f Equilibrium Species 

Th e concentration of each citric acid species as a 

function of pH can b~ determined if given the protonation 

constants and th e t otal concentration of citric acid. 

These calculations wer e pe rformed using the computer pro­

g ram COMICS (Appe ndix 2). This program is also able to . 

draw th~ distribution curves of th e equilibrium species, 

expressing for any given pH th e concentration of each 

species as a perc en tag e of the total concentration of 

citric acid. Such a distribution plot is given in Figure 

3.1 for a citric acid solution wh ere th e total conc e n­

tration of citric acid is 1 x 10- 3 M. These curves have 

been calculat ed using the protonation const a nts of Table 

3 .3, Part B, and for t he removal of the fourth proto n, a 

pK of 12.0 has bee n us e d (33). 
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3.2 ALGEBRAIC ANALYSIS OF NICKEL -CITRATE EQUILIBRIA 

Analysi s of the nickel-citric acid titration data was 

carried out in a similar mann e r to the calculation of th e 

protonation constants of citric acid . In this se~tion, the 

formation constants of the nickel-citric acid species are 

referred to as parameters, and given the symbol P, in order 

to avoid any confusion with th e citric acid proton~tion 

constants, k . 

3.2.1 The Equilibria. Considered 

The following set of equi libria defin e the species 

which were considered likely to be present in the pH rang e 

3.0 to 6.0. 

1. M + L ~ ML P1 ....--

2 . M + HL _.,,, MHL P2 ,-

3 . MI--IL + HL __,., 
M(HL) 2 P 3 -

4 • ML + L __,,_ 
ML2 P4 ...-

5. M + H2L 
_.,._ MH 2L P 5 ...--

6 . fv\HL + L ~ MHL2 p6 ~ 

7 . 2J\I + 2L __,._ 
(ML) 2 P7 ...,--

8 . H + L 
_.::,, 

!-IL kl ......-

9 . H + . HL --- H L k2 ...,.- 2 

10. H + l-!2L 
_,. 

H3 L k3 -s:--

M repr e s ents nickel, L is tri-ionized citrate , and charges 

hav e been omitted for clarity . 

3 . 2.2 Algebraic Manipulation of the Proposed Equilibria 

For the equilibria proposed in th e above section, the 

mass balanc e equations for TM, the total concentration of 

metal, TL, the total concentration of ligand, and TH, the 

total concentration of hydrogen ions, a. r e given by : 
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TM = M +ML+ MHL + M(HL) 2 + ML2 + MH2L 

+ MHL2 + 2 ( ML) 2 3 .10 

TL = L + HL + H2 L + H3 L + ML + MHL + 2M(HL) 2 

+ 2ML2 + MH2 L + 2MHL2 + 2(ML) 2 3.11 

H + HL + 2H2L + 3H3 L + MHL + 2M(HL) 2 

+ 2MH2 L + MHL2 - Kw/I-! 3 .12 

The square brackets representing concentration have been 

omitted in these,and subsequent equations, for clarity. 

I 

If the concentration of co-ordinated acid, TH, is 

defined as the concentration of hydrogen ions which are 

co-ordinated to a ligand in any form, 

; i.e. 

then from equation 3.12 

= HL + 2H2L + 3H 3L + MHL + 2M(HL ) 2 

+ 2MH2 L + MHL2 

3.13 

3.14 

The expressions £or TM, TL, and T~ may be simplified by 

expressing the concentration o f each species in terms of 

the free metal concentration, M, the fr ee ligand concen­

tration, L, the hydrogen ion concentrati·on, H, the for­

mation constants of the complex species, and the proton­

ation constants of citric acid. 

3 .15 

3 . 16 
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+ 2 k1 k2 Ps M L r-i2 + k1 P2 p6 M L 2 !-1 3 .17 

Equa ti ons 3. 1 5, 3.16, and 3.17 are made easier to handl e 

by further rearrangement and substitution . 

+ L ( Pl + BB + DD ) ) 

L 2 (2 P 7 M2 + 2M ( M + P 1 P4 + CC)) 

+ L ( A + M ( P
1 

+ 13B + DD ) ) 

= L ( B + M ( 2 DD + 1313 + L ( 2 AA + CC ) ) ) 

where A = 1 + k1 H + k1 k
2 

H 2 + k
1 

k 2 k 3 H .3 

k H 2 
3 k1 k2 k I-!3 B = + 2 kl k2 1-! + l 3 

AA 
2 ') 

= kl P2 P 3 w-

BB = k1 P2 H 

cc = kl P2 p6 H 

DD = kl k2 p 1-12 
5 

3.2.3 The Determination of Ycalc and Yobs 

= 0 3 .1 8 

= 0 3.19 

3.20 

To calculate the formation constants of the nickel­

citric acid complexes, the co-ordinated acid, ~~' was used 

as the observed function in the non - linear least squares 

process . This observed quantity, (Yobs = Th(obs ) ), was 

calculated using e quation 3.13. The total acid at any 

given titration point is the initial concentration of 

acid corrected for volume changes, l ess the amount of 

base added. Henc e, for the i-th titration point : 

Yobsi OiJ.; ,_ H- + _,_ K,.v/H:i_ 3.21 
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where OH. is the concentration of the added base, corrected 
l 

for dilution. 

The calculated quantity used in the least squares 

process, (Ycalc = T~(calc)), is given by equation 3.20 and 

its determination requires the calculation of the concen­

trations of free metal and free ligand at each titration 

point. These were calculated in the followin~ manner. 

Equations 3.18 and 3.19 are polynomials in both the 

free metal concentration, M, and the free ligand concen­

tration, L. The concentration of hydrogen ions, I-I, and TM 

and TL are known for each titration point. The parameters, 

Pi, are fixed for the given least squares cycle, and the 

values of k 1 , k2, and k 3 are constant. Hence, the only 

unknown in equations 3.18 and 3.19 are Mand L. Given an 

initial estimate of Mand L, equation 3.18 may be solved 

using the Newton-Raphson method of successive approximation 

(96, 97) to give an estimate of M, which may be used to 

calculate a better estimate of L by solving equation 3.19 

~mploying the same method. This in turn, may be used to get 

a better estimate of M, and so on, until the value of L has 

converged to the desired level. This process is summarized 

by Algorithm 3.1. 

For the first titration point of a titration, the 

initial estimates of Mand Lare determined by assuming 

that there is no complex formation. In this case, the 

concentration of the free metal is equal to the total 

metal concentration, and the free ligand concentration 

may be calculated from the total ligand concentration and 

the protonation constants of citric acid. For all other 

points, the initial estimates of Mand Lare assigned the 

rei:ined values of Mand L from the previous titration 

point. The number of times that this Newton-Raphson rou­

tine couJ.d be entered was :restricted, and if' the maximum 

number of iterations was reached without convergence, this 

would have been obvious on inspection of the output of the 

computer program ORGLS. This was never observed, and tests 

on the titration data showed that the routine was seldom 

entered more than twenty times for any titration point. 
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Algorithm 3.1 CALC for Nickel - Citric Acid Complexes 

NO 

YES 

n = 1 

Mn+l = f(M Ln) n' 

Ln+l = f ( M11 , Ln) 

YES 

Then let the first 

estimation of M 

and L be the 

refined values of 

previous titration 

point 

Then use the new 

values of M and 

L to calc:;ulate 

improved estimates 

of M and L 

n = n + 1 
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3.2.4 Using ORGLS to Test the Equilibrium Models 

Each set of titration data could be analysed using 

any combination of the equi libria of Sec tion 3.2.1. 

Different models, (i.e. sets of proposed complexes), 

could be tested by setting the parameters of the excluded. 

species at zero. For example: to test the mddel where the 

only metal complex species are ML and MHL, 

M + L ML 

M + HL MHL 

Then P3 through to P7 are set to zero. This results in 

equations 3. 10 and 3. 11 reducing to equations 3 . 22 and 3. 23 

respectively: 

TJ\l = M + ML + MI-IL 3 .22 

T , = 3.23 
I.._. 

and eq uations 3.18, 3.19 and 3.20 become equations 3.24, 

3 . 25 and 3 . 26 respective ly. 

M ( 1 + L ( pl + BB ) ) Tl\'! = 0 3.24 

L(A + M ( P1 + BB ) ) TL = 0 3.25 

T ' - L ( B 
H 

+ M BB ) 3.26 

In this way, any combination of the species defined 

in Section 3.2 . 1 could be tested by setting the npp ropria t e 

parameters to zero . 
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3.2.5 Criteria for th e Selection of a Satisfactory Model 

In the calculation of stability constants using the 

least squares method, a set of chemical species is first 

proposed and the fit of this model to the titration data 

is then noted. A method is required to assess the agree-

ment of fit of the model to the data. In this study, a 

quantitative measure of £it, the agreement f~ctor or 

Rfactor, Rf, was used (105). 

N 

L 
Rf = 1 

w. ( Yobs. - Ycalc. ) 
2 

l l ) _ 

N 

L 
1 

2 
wi ( Yobsi ) 

where N is the total number of experimental observations, 

and wi is the weighting factor discussed previously. 

Another quantity, the limiting agreement factor Rlim, 

is defined 

N 

L 
1 

Rlim = 
N 

I: 
l 

\\!. 
l 

Yobs, 
-'-

3.28 

) 
2 

2 
where Ei is the total maximum uncertainty in the i-th 

residual (Yobsi - Ycalci), calculated from estimates of 

the errors in all the experimental quantities. Rlim may 

be regarded as a significance limit for the function Rf, 

and if 
R.f ( Rlim 3.29 

the hypothesis that the model fits the e xperimental data 

is accepted. If the reverse relationship holds, then the 

model is discarded. 



To calculate Rlim, the uncertainty in Yobs - Ycalc 

must be calculated. 

The maximum possible uncertainty in Yobs can be 

calculated using the formula for propagation of errors 

(111, 112·,). 
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= L 3.30 

i 

where y = F(xi) and the xi are a se t of experimental 

quaritities having uncertainty Ex- . Considering equat-1. 
ion 3.31 for Yobs: 

Yobs= TH (initial) - [ OH ] (added) + Kw/[H)-[H] 3.31 

where all terms have bee n previously defined. 

Then,. from equation 3 . 30 
-

E2 
Yo 

2 2 . 2 
= ETH + EOH · + EH 3.32 

Calculations showed that variations in pH of the 

order of the experimental uncertainty (± 0.002) r esul ted 

in variations in Ycalc of about 0 . 1%. Hence, Et = 0.1% . 
C 2 

Using equations 3.28, 3.32 and the value of fy, a n 
C 

Rlim of 0.4
3

% was calculated. Any model that has an 

agreement factor less than 0 . 4 3% is regarded as an accept~ 

abl e model £or the given data set . 

However , as Rlim 1.s a quantity ,averaged over the 

en tire titration set, if the model does not fit part of 

th e titrati on data particularly we ll, this may be masked 

by a good fit elsewh ere in the titration set. It is 

therefore important to consider the table of residuals 

in conjunction with the us e of Rlim in accepting a given 

model . 

If t h e inclusion of an additional species in t o an 
11 Rlim-acceptable 11 mode l resu lts in an improvement in the 

fit to some part of the titration curve, then the inclus ­

ion of th e extra species is warrant e d. 



3.3 ANALYSIS OF TITRATION DATA WHEN TM~ TL IN THE 

pH RANGE 3 TO 5 

Titration data were obtained for solutions where 

the nickel chloride:citric acid ratios were 1:0.845, 

1:1 and 1:1.2, and the concentration of nickel chloride 

was 1 x 1.0- 3 J'IL Two further solutions of r2.ti0 1:1 were 

titrated, on e with a nickel chloride concentration of 
3 -3 2 x 10- fvl a.nd the other 3 x 10 M. To distinguish each 

set of titration data, a shorthand notation will be 
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-3 used. Data with a total nickel concentration of 1 x 10 M 

will be referred to as single sets (S), those with a 

total nickel concentration of 2 x 10- 3 M as double sets '(D), 

and 3 x 10- 3 M total nickel· concentration as triple sets (T). 

3.3.1 The Simplest Equilibrium Model 

The titration data for solutions with total nickel 

at 1 x 10- 3 M and near <~qual total nickel and citric acid 

concentrations were first analysed in terms of the format­

ion of two complexes, ML and MHL. As outlined earlier 

(Section 1.2) these complexes have been characterized by 

previous workers. The refined values for the logs of the 

formation constants of these species and the agreement 

factors are recorded in Table 3.10. 

The agreement among the three sets of cons tan ·ts is 

quite satisfactory, the means and stand~rd deviations for 
M M ( ) log ~Land log KM!-JL being 5.448 (0.002) and 3.307 0.013 

respectively. These values agree well with those previous-

ly reported by Field and Campi, (34, 35), bearing in mind 

the differences in background electrolyte. These values 

and the means of those d e termined in the course of this 

work are recorded in Table 3.11. 

The agreement factors (R factor) for the 1:1 and 

1:1.2 data sets are quite s atisfactory, being less than 

f<lim (0.43%). 

There are no regions of the titr a tion curve where 

deviations between Yobs and Ycalc show any trends, or are 

excessive ly large . Th e values for Yobs, Ycalc and th e 

residuals of the 1:1 titration data are given in Table 3.12. 
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Table 3.5 Titration Data for Nickel-Citric Acid 

Solution With Nickel:Citric Acid= 1 : 0.845 

Ni : Cit ratio 1 : 0 . 8450 

Initial [Ni ] - -4 9. 506 X 10 M 

Initial [Cit ] 8.033x10 
- 4 

M 

[Na OH ] 0 . 9988 M 

Aliquot Vol 49.88 
3 

cm 

Vol Alkali p[ 1-1+ ) Vol Alkali p [ H+] 

0.000 3 .184 0 . 100 4.429 
0.005 3 . 223 0 . 105 4 . 568 
0.010 3 . 265 0.110 4.756 
0.015 3 . 310 · 0 . 115 5 . 061 
0.020 3.358 0 . 119 5 . 641 
0.025 3.406 0.120 5.971 
0 . 030 3.457 0.121 6.623 
0.035 3 . 509 0.122 7.990 
0.040 3 . 562 0 . 123 8.316 
0.045 3 . 617 0.125 8.490 
0.050 3 . 673 0 . 1.30 8.681 
0.055 3.731 0 . 135 8 . 802 
0 . 060 3 . 790 0.140 8.910 
0.065 3 . 852 0.145 9 . 025 
0.070 3 . 916 0 . 150 9 .150 
0.075 3.984 0 . 156 9.313 
0.080 4 . 057 0.160 9.439 
0.085 4 . 1.34 0.170 9 . 808 
0.090 4.220 0 . 175 9.995 
0.095 4 . 316 0 . 180 10 . 154 



Table 3.6 Titration Data for Nickel-Citric Acid 

Solution With Nickel:Ci tric Acid= 1:1 

Ni:Cit ratio 1:1.0003 

Initial [ Ni) 9 . 554 X 10 
-4 

M 

Initial[Cit] 9 . 556 X 10 
- 4 

M 

[NaOH ] 0.9860 J'v) 

Aliquot Vol 49.97 3 cm 

Vol Alkali p [ 1-1+) Vol Alkali p [H+] 

0.000 3.134 0.135 4.960 
0.010 3.206 0.140 5.324 
0.015 3.246 0.145 6.287 
0.020 3.286 0.150 8.572 
0.025 3.329 0.155 8.778 
0.030 3.373 0 .160 8.914 
0.035 3.438 0 .165 9.042 
0.040 3.464 0.170 9.153 
0.045 3.512 0 .175 9 .273 
0.050 3.560 0.180 9.405 
0.055 3 . 609 0.185 9.550 
0.060 3.659 0.190 9.709 
0.065 3.711 0.195 9 .878 
0.070 3.763 0.200 10.045 
0.075 3.816 0.205 10.193 
0.080 3.871 0.210 10.321 
0.085 3.928 0.215 10.422 
0.090 3.988 0.220 10.509 
0.095 4.052 0.225 10.582 
0.100 4.118 0 . 230 10.645 
Oa 105 4.191 0.235 10.699 
0 .110 4.270 0.240 10.748 
0.115 4.359 0.245 10.790 
0.120 4.462 0.250 10.827 
0.125 4.585 0.255 10.862 
0.130 4.741 0.260 10.893 
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Table 3 . 7 Titration Data. for Nickel - Ci t ric Acid 

Solution With Nickel:Citric Acid= 1:1 . 2 

Ni:Cit ratio 1 :1 .2058 

I nitia l [ Ni ] 9. 506 X 10 
-4 

M 

Initial [ Cit ) 1 . 146 X 10 -3 
M 

[Na OH ] 0.9988 M 

Aliquot Vol 49 . 88 3 cm 

Vol alkali p [H+] Vol Alkali p [ 1-1+ ] 

0 .000 3.081 0.120 4.180 
0.005 3 .1 13 0 . 1 25 4.252 
0 . 010 3 . 147 0 . 130 5 . 330 
0.01 5 3 . 183 0 .135 4.419 
0.020 3 .220 0 . 140 4.521 
0 . 025 3.257 0.145 4.643 
0 .030 3.297 0.150 4.796 
0.035 3 . 337 0.155 4 . 997 
0 . 040 3 . 378 0 . 160 5.284 
0 .045 3 . 420 0. 165 5.711 
0 .050 3 . 464 0 .1 68 6.120 
0 . 055 3 . 507 0 .169 6 . 3 1 5 
0.060 3 . 551 0 .1 70 6 . 605 
0.065 3.597 0.171 7.284 
0 .070 3 . 643 0. 1 72 8 . 192 
0 . 0 7 5 3 . 689 0 . 173 8 . 478 
0.080 3 . 736 0 . 17 5 8.683 
0.085 3 . 785 0. 180 8 . 89 1 
0 . 090 3.834 0 .185 9 . 02.5 
0.095 3.886 0.190 9 .141 
0. 100 3 .939 0 . 195 9 . 2.58 
0.105 3.994 0 . 200 9 . 369 
0.110 4.052 0.205 9 . 498 
0.115 4. 114 0 . 210 . 9 . 628 

0 . 215 9.776 
0 . 220 9.932 
0.225 10.085 
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Table 3.8 Titration Data for Nickel-Citric Acid 

Solution With Nickel:Citric Acid= 1:1D 

Ni:Cit ratio 1:1.0016 

Initial [ Ni] 1.90lxl0 -3 
M 

Initial [Cit] 1. 904 X 10 -3 
M 

[NaOH] 1.0012 M 

Aliquot Vol 49.92 cm3 

Vol Alkali p[1-1+] Vol Alkali p[H+] Vol Alkali 

0.000 2.907 0.135 3.594 0.270 
0.005 2.929 0.140 3.623 0.275 
0.010 2.952 0.145 3.651 0.280 
0.015 2.975 0.150 3.681 0.282 
0.020 2.997 0.155 3.710 0.283 
0.025 3.021 0.160 3.741 0.284 
0.030 3.044 0 .165 3.771 0.285 
0.035 3.068 0 .170 3.802 0.386 
0.040 3.091 0.175 3.834 0.287 
0.045 3.116 0 .180 3.867 0.290 
0.050 3.140 0.185 3.900 0.295 
0.055 3.166 0.190 3.934 0.300 
0.060 3.190 0 .195 3.969 0.305 
0.065 3.216 0.200 4.007 0.310 
0.070 3.243 0.205 4.045 0.315 
0.075 3.268 0.210 4.086 0.320 
0.080 3.294 0.215 4.128 0.325 
0.085 3.320 0.220 4.171 0.330 
0.090 3.347 0 . 225 4.219 0.335 
0.095 3.373 0.230 4.270 0.340 
0.100 3.400 0.235 4. 324 0.345 
0.105 3.428 0.240 4.386 0.350 
0.110 3.455 0.245 4.451 0.355 
0.115 3.482 0.250 4.526 0.360 
0.120 3.510 0.255 4.612 0.365 
0.125 3.538 0 . 260 4.717 0.370 
0.130 3.566 0 .265 4 .845 
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p[H+] 

5.012 
5.'264 
5.728 
6.088 
6.404 
6.950 
7.843 
8.074 
8.203 
8.368 
8.505 
8.598 
8.679 
8.752 
8.818 
8.885 
8.950 
9.016 
9.088 
9. 158 
9.232 
9.312 
9.398 
9.496 
9.599 
9.718 



Table 3 . 9 Titration Data £or Nickel - Citric Acid 

Solution With Nickel:Citric Acid= 1: l T 

Vol 

Ni : Cit ratio 

Initial [ Ni ] 

I n i ti a 1 [ Ci t ] 

[NaOH] 

Aliquot vol 

Al ka l i p [!-1 +] Vol 

0.000 2.796 
0.005 · 2.809 
0.010 2.825 
0.015 2 . 840 
0 . 020 2 . 855 
0.025 2 . 871 
0 . 030 2 . 887 
0.035 2.903 
0 . 040 2 . 919 
0 . 045 2 . 936 
0 . 050 2 . 953 
0 . 055 2 . 969 
0.060 2 . 986 
0 . 065 3 . 003 
0 . 070 3 . 021 
0 . 075 3.039 
0 . 080 3 . 056 
0.085 3 . 074 
0 . 090 3 . 091 
0 . 095 3 . 109 
0 . 100 3.126 
0.105 3.144 
0 . 110 3 . 162 
0 . 115 3 . 180 
0 . 120 3.198 
0 . 1 25 3.216 
0 . 130 3 . 234 
0 . 135 3 .. 253 
0 .140 3 . 27 1 
0 . 145 3 . 2 89 
0 . 150 3.308 
0. 1 55 3 . 326 
0.160 3.344 
0 . 165 3 . 363 
0 .170 3 . 382 
0 . 175 3.401 

1:1.0034 

2 . 853 x 10-·-3 M 
- 3 2 . 859 x 10 M 

1.0012 M 

49 . 92 cm3 

Alkc.\li p [ H+] 

0 . 180 3 . 420 
0 . 185 3.348 
0 . 190 3.458 
0.195 3 . 4 77 
0.200 3 . 495 
0.205 3 . 5 1 5 
0.21 0 3 . 534 
0.215 3.554 
0.220 3 . 573 
0.225 T . 593 
0 . 230 3 . 613 
0 . 235 3 . 638 
0.240 3.654 
0.245 3.674 
0.250 3 . 695 
0.255 3 . 716 
0 . 260 3 . 738 
0.265 3 . 759 
0.270 3 . 781 
0 . 275 3 . 804 
0 . 280 3 . 826 
0.285 .3 . 850 
0 . 290 3 . 874 
0 . 295 3 . 898 
0 . 300 3.922 
0 . 305 3 . 947 
0 . 310 3 . 974 
0 . 315 4 . 000 
0 . 320 4.028 
0.325 4.056 
0.330 4.086 
0 . 335 4 . 1 17 
0 . 340 4.149 
0.345 4.182 
0 . 350 4 . 217 
0 . 355 4.254 

Vol Alka1 i p [H +] 

0.360 4.294 
0 . 365 4 . 336 
0 . 370 4. 382 
0 . 375 4 .430 
0 . 380 4.485 
0 . 385 A . 544 
0 . 390 4.610 
0 . 395 4 . 686 
0 . 400 4 . 775 
0.405 4 . 883 
0 . 410 5.017 
0 . 415 5 . 201 
0.420 5 . 478 
0 . 424 5 . 882 
0.425 6.042 
0.426 6.238 
0 . 427 6.558 
0 . 428 7.054 
o· . 429 7 . 648 
0 . 430· 7 . 863 
0.431 7.993 
0 . 435 8 . 209 
0.440 8.331 
0.445 8 . 415 
0.450 8 . 478 
0.455 8.536 
0.460 8.593 
0 . 465 8 . 638 
0.470 8.691 
0.476 8 . 745 
0.480 8 . 783 
0.485 8 . 828 
0.490 8 . 874 
0.495 8 . 921 
0.500 8.966 
0.505 9 . 0 1 8 
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Figure 3.2 Titration Curves for Nickel-Citric Acid 

Solutions With Nickel:Citric Acid= 1:1 
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Table 3.10 Equilibrium Constants Obtained From Ti tr ation 

Data of Near-Equimolar Nickel-Citric Acid 

Solutions With Low Nickel Concentration 1 

The Equilibria Equilibrium Constant 

- M 
M + L ...- ML KML 

M + I-IL -"" MHL KM ..,..-
MHL 

Solution 
M M 

Agreement 

Ratio log K l'-'lL log K MHL Factor 

% 

1:0.84 5.450 3.300 0.40 

1:1 5 .449 3 . 299 0 . 23 

l: 1. 2 5 .446 3.322 0 . 17 

1. Nickel concentration 
-3 

= lxl0 M. 
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With the exception of the first couple and the last few 

data points, the residuals are generally less than 0.2% 

of Yobs. 

Table 3.11 Formation Constants of ML - and MHL 

Background log K~L 
J\1 

log KMHL Reference 

Electrolyte 

K.1'-1"03 5.50 3.34 Field et al (34) 

NaCl04 5.54 3.30 Campi et al (35) 

KCl 5 . 448 3.307 this work 

The Rfactor for the 1:d.845 titration dat~ is some­

what higher than that for the 1:1 . and 1 : 1 . 2 data, but 

s maller than Rlim. There i s no obvious reason f or thi s . 

However, with the lower acid concentration, fewer data 

points were collected and thi s could h ave contr ibut ed t o 

the higher agreement factor . 

A further 1:1 solution of total nickel concentration 
-3 

1 x 10 M was ti tra.ted . However, a large drift in the 

reference point (0.02 pH units) was recorded after the 

ti tration . This set was analysed t o show the effects of 

systema tic variations in the pH. While the values of the 

equilibr i um cons tan ts, log K~L = 5 . 439, and log K~HL = 3. 312 1 

do not differ greatly f rom those for the other 1:1 data 

sets , the Rf actor, ( 0 . 4 6% )t is much higher than that of the 

other 1:1S data set (see Table 3 .10). Calculations involv­

ing an a rbitrary linear correcti on of the titration da~as 

the endpoint was approach ed resulted in improvement in the 

Rfactor and t he equilibrium constants . The correction how-

ever, was quite arbitrary and merely shows that if changes 

are made to counter the effects of the reference point 

drift , impro~ements may be ob tained . 

The titrati o n data for the 1:1D and l:lT solutions did 

not analys e as we ll ass uming the formation of ML- and MHL. 



Table 3 . 12 Comparison of Yobs a nd Ycalc for the 1: 1 S 

Nickel - Citric Acid Sol ution as Ca l culated 

by the Computer Program ORGLS 

Yobs 

3 . 134 2 . l 32 
3.206 2 . 047 
3 . 2 4 6 2 . 003 
3 . 268 1 . 954 
3 . 329 1.904 
3 . 373 1 .850 
3 . 348 1.771 
3 . 364 J..733 
3.512 1. 670 
3.560 1. 603 
3 . 609 1 .534 
3 . 659 1.462 
3 . 7 11 1.388 
3 .763 1 .311 
3 . 8 1 6 1 . 232 
3.871 1. 1 52 
3 . 928 1.070 
3 . 988 0 . 986 
4 . 052 0.902 
4. 11 8 0 . 816 
4 . 191 0 . 729 
4 .27 0 0 . 641 
4 . 359 0 . 5 53 
4.462 0. 4 64 
4 . 5 85 0 .374 
4 . 741 0 . 283 
4.960 0 . 192 

Ycalc 

2 . 119 
2. 044 
2 . 000 
1 .955 
1 . 904 
1 .851 
1.769 
1. 735 
1.671 
J. . 605 
1.536 
1 . 464 
1.388 
1. 312 
1. 234 
1.154 
1. 072 
0. 987 
0 . 901 
0 .816 
0 . 722 
0 .640 
0.551 
0 . 461 
0 . 37 1 
0.281 
0.190 

Yobs - Yca1c 

1· 10- 6 

13 . 490 
3 . 090 
2 . 738 

- 0 . 961 
- 0 . 666 
-0.992 

1. 667 
- 2.502 
-1 . 183 
-1. 830 
- 2 . 200 
- 2.364 
-0.546 
- 0 .908 
-1. 777 
-1 . 8 58 
- 1. 913 
-1 . 061 

1 . 005 
-0 . 068 
1.327 
1 . 324 
1.805 
2 . 52 1 
2 . 635 
2 . 352 
2 . 236 
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The equilibrium con s tants for ML- and MHL cal c ul ated f rom 

th e 1 : 10 and l: lT t i tration data a re recorded in Table 3 .13(a). 

It will be noted that they differ somewhat f r om those cal­

c ulated fr om the s ing l e data sets (Table 3.10 ). When th e 

formation coris tant s fo r ML- a nd MHL are calcul a t e d from a ll 

five equimolar nickel and citric acid solutions, t he means 

and standard deviations of the formation constants of ML 

a n d MHL are 5 . 46 ( :t 0 .02 ), a nd 3.33 ( :t 0.04) respectively. 

Whil e th e agreement fac tors £or the 1:1D and l:lT 

titration da ta are o f the same order as thos e for the s ingle 

d a ta , refere nc e to Table 3.14 s h ows that the a greeme nt is 

n o t good in the low pH region of the titration curve for 

the l:lT titration data . 

It has previous ly been s uggested that the species 

MH2 L + may be present (3 5 , 37,83). Evidence for the exist­

e nce of copper, coba lt a nd iron comp lexes of thi s stoichio-

metry has been me nt ioned i n Sec tion 1.2 . Inc lusi on of this 

species in t he analysis of the 1:1D a nd l:lT titration data 

results in an i mprovement of th e agree ment b e tween Yo bs 

and Ycalc in the low pH part of the titration curve ( e xcept 

fo r the fir s t couple of points), see Tabl e 3 . 14. 

While the Rfactor £or the analysis of the 1:1D a nd 

l:lT data by the mode l ML a nd MHL suggests that that model 

s hould be accepted, it will be noted that the inclusion of 

the species MH2L + resu lts in an improvement in the fit of 

the model to the data of low pH (Tabl e 3.14). 

ion is therefore ju s tifi ed. 

Its inclus-

The mea n valu e for th e formation cons tant of MH2L+ 

is 1 . 42 and this agrees r easonably we ll with the oth e r 

r eported vaJ.ues of 1 . 75 (35), 1.55 (37), and 1.45 (91). 

The agreeme nt be tw een the for mation constants for MH'">L+ 
" 

obtain ed fr om the 1:1D and th e 1:lT t itrat ion da t a is not 

good . However, th e di s tributi on plot (Figur e 3. 3 ) fo r a 

l:lT solution s hows t h .:1t , w:i. t h a l ogK~H L= 1 . 4 2 , th e 
2 

concentrat ion of th e species MH2L+ is never greater t han 

three perce nt of the total me t a l concen t ra t ion. Wi t h 

s uch a low concen trat ion it will be very difficult to 

c h a racteri ze s uc h a spec i es . Fiel d et al ( 34 ) h ave repor t-



80 

Table 3.13 Equilibrium Constants Obtained From the 

Tit ra tion Data of the 1:1D and the 1:lT 

Nickel - Citric Acid Solutions 

A. Constants for the Model ML, and MHL 

Solution M M Agre ement 

Ratio 
l og K ML ]_og K MHL 

Factor 

% 

1: 10 5.469 3.380 0 . 33 

l:lT 5.485 3 . 358 0.25 

B. Constants fo r the Model ML, MHL, and MH2L 

Solution M 
log K l"IL 

fv) 
log _K MHL 

M 
log K MH2L Agreement 

Ratio Factor 

% 

1:1D 5 .486 3 .389 1. 535 0.21 

1·: 1 T 5.498 3.363 1.29B 0 .10 

1. Nickel concentrations 
_-:> 

1 : 1 D = 2 x 10 .J M 

- 3 
3 X 10 M. 
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T a bl e 3 . 14 Ch a n g es in th e Re sidual ( Yobs - Ycalc ) With 

the Introduction of MH 2 L to th e Model for the 

Analysi s of the 1:lT Titration Data 

Yobs - Ycal c I 10- 5 

p[ H+] Yobs 

/ 10- 3 
Model l"!L' MHL Model ML, Ml-IL, MH 2 L 

2.796 6 . 978 -0. 190 2.496 
2.825 6.880 -1.030 1.141 
2.855 6.777 -1 . 963 0.051 
2 . 887 6 . 674 -1 . 978 -0.149 
2.919 6.564 -2.317 -0 .690 
2.953 6.453 -1.730 -0.473 
2.986 6.333 -2.015 -0.859 
3.021 6.211 -1.350 -0.447 
3.056 6 . 083 -0.909 - 0.042 
3.091 5.950 -0.666 0.032 
3.126 5.8 11 -0 . 603 -0.476 
3.162 5.669 -0.139 -0 . 259 
3 .1 98 5.523 0.160 -0 . 188 
3.234 5.372 0.298 0 . 255. 
3 . 271 5.218 0. 8 29 0 . 094 
3 .308 5.061 1.186 0 .304 
3 .344 4.899 0.821 0.084 
3.382 4.736 1.353 0 . 281 
3 .420 4 . 570 1. 6 71 0.557 



Figure 3 . 3 Distribution Curves for Nickel - Citric Acid 
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ed calculations that support this observation. 

Although it is difficult to characterize a precise 

equilibrium constant, MH2L+ is still an important complex 

species in this low pH range. As indicated in Figure 3.3, 

at pH 2.5 it ·accounts for about 50% of the total complex­

ed species, and at pH 3.0 accounts £or 23%. 

Since the inclusion of MH2L+ in the analysis of the 

1:1D and 1:lT data improved the fit, the single titration 

data was also analysed including MH2 L + . For the 1:1S 

data, an equilibrium constant could not be refined. A 

possible reason for this is that, as indicated by the 

distribution plot for the 1:lT solution (Figure 3.3), 

MH2L + dominates at pH's less than about 3 .3. The ti tra t­

i on data for the l:lT solution begins at pH 2.8, whereas 

for the 1:1S titration data the pH data are available 

down to only 3.1 (see Figure 3 .2, Tables 3.5 to 3.9). 

It is likely that because of the lower total acid concen­

tr a tions in the single solutions, the pH is never low 

enough for MH2 L+ to be present in reasonable concentrat­

ions. The distribution plot for a 1:1S solution (Figure 

3.4) with MH2 L+ included failed to record a significant 

concentration of the species. 

Summary 

The titration data of solutions with near-equimolar 

nickel chloride and citric acid at low concentrations 1 

(1 x 10- 3 M), may be analysed.in terms o:f two complexes 

of 1:1 nickel:citric acid stoichiometry, ML and MHL. 

At higher concentrations (2-3 x 10- 3 M) ., if a third species 

MH2 L~ is introduced the fit of the model to the experi­

mental data in the p[H+]range 2.8 to 3.3 is improved. 

While the a9reemen t between th e p ararne tc?:rs obtained 

from the thr ee titration se ts of low concentration is 

excellent, the formation constants obtained from the 

higher concen tration data sets do not agree that well 

with those from th e lower concentration sets . 

The next section a tt empts t o assess the e ffect of 

errors on the magnitude of the equilibrium constants , in 

the hope tha t the differences b e twe en the data sets may be 

expl ai n ed . 



Figure 3.4 Di stribution Curves for Ni ckel-Citric Acid 
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3.3.2 Effec ts of Experimental Errors on the Magnitude 

of the Equilibrium Constants 
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In order to assess the effects of experimental errors 

on (i) the magnitude of the equilibrium constants, and 

(ii) the fit of any given model to the titration data, 

several calculations were carried out with changes made 

to the experimental data. These included: changes in 

concentrations of reagents, changing the p(H+) at 

points through the titration, and altering the protonat­

ion constants of citric acid. 

The Effects of Errors in the pH 

The hydrogen ion concentration plays an important 

part in determining the free metal and ligand concentrat­

ions and the total co-ordinated acid equation, which is 

the function minimized by the leastsquares process (see 

Sect ion 3.2.2). Therefore, it is important that the hydro-

gen ion concentration, and hence the measured pH, is known 

accurately. The errors inherent in calculating the hydro-

gen ion concentration from the measured pH have already 

been discussed in section 2.4.5. This section reports the 

effect that changes in the pH have on the results :from the 

leastsquares process. 

The pH of several data 

maximum uncertainty in the 

ed in Table 3.15. Changes 

points was 

pH, and the 
+ 

in the p[H] 

altered by the 

results are present­

of between 0.002 

to 0.004 pH units have little effect on the values of Yobs 

and Ycalc. The c_hange is generally l<=~s s than O .1% of the 

original quantity. However, since p(H+] is used to calcu-

late both quantities, it is possible that the combined 

effects result in large changes in the residual, Yobs-Ycalc, 

and this can be seen in the appropriate columns of Table 3.15. 

Comparison of the values of Yobs, before and after changing 

th e pH, shows that the chang es arc restricted to the fourth 

signi.ficant digit, and errors in the measured pH of this 

magnitude, (0.002 to 0.004 of a pH unit), wiJ.l have little 

eff e ct on the refinement process. 

It was found that for the 1:1S data s et , the changes 
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Table 3.15 Effects of Changes in the pH on the Values 

of Yobs and Ycalc for the 1:1S Data Set 

p[H+] Yobs Ycalc Residual 
1 

~p[H+] 

I 10- 3 I 10- 3 I 10- 5 

3.134 2.132 2.117 1.349 -0.002 

3.206 2.047 2.041 0.309 +0.002 

3.560 1. 603 1.602 -0.183 -0.002 

3.609 1.534 1.534 -0.220 +0.002 

4.118 0.816 0.818 -0.006 -0.003 

4.191 0.729 0.730 0,133 +0.003 

4 . 741 0.283 0 . 282 0.235 -0.004 

4.966 0.192 0.191 0.224 +0.004 

* Data after the chang e in p[H+] 

1. Residual= Yobs - Ycalc 

Yobs * * * Ycalc Residual 

I 10-3 I 10- 3 I 10- 5 

2 .1 29 2.121 0.810 

2.050 2.042 0.810 

1.602 1.608 -0. 58 5 

1.535 1.533 0.181 

0.815 0.820 -0.430 

0.730 0.724 0.530 

0.283 0.283 0.019 

0.192 0.188 0.372 
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~n the measured pH for eight data points (from the total 

0£ 23) as indicated in Table 3.15, had no effect on the· 

values 0£ the equilibrium constants and only a slight 

effect in the agreement factor (R increased from 0.23% 

to O. 24%). 

The problem of uncertainties in the measured pH 

is not to be confused with the systematic errors arising 

from drifting of the pl-! meter and electrode sys tern, 

where the resultant errors in the pl-! can be very much 

larger and will cause distortions in the refinement 

process. 

Errors in the Analytical Concentrations 

The uncertainties of TM, TL, TH and the alkali 

concentration were typically ±0.5%, ± 0 . 1%, ±0.1%, and 

± 0.2% respectively. The potassium chloride concentrat­

ion was known to within ±0.3%, but a n error in the con­

centration of the background electrolyte of this magni­
tude w~s not considered important. 

Calculations were carried out where the analytical 

concentration of each of the reagents was varied within 

its experimental uncertainty. The total concentrations 

of acid and ligand were varied together because the acid 

present arises from the protonated ligand and hence, the 

uncertainty in the acid concentration i~ identical to 

that of the ligand. The results are presented in Table 3.16. 

In general, the effec ts on both the equilibrium 

constants and the £it were small. Changes in the analyt-

ical concentrations by the maximum uncertainty results in 

changes in the logs of the equilibrium constants only 

in the third decimal place, and the agreement factors 

are virtually unchang ed . 

These calculations show that changes in the analyt­

ical conc en tration s of reagents within the experimental 

uncertainty have little effect on the refinement or the 

values of th e equilibrium constants. 



Table 3.16 Effects of Variations in the Analytical 

Conc e ntrations on the Formation Constants 

Obtained From the l:lS Titration Data 

M "'I Agreem e nt 
Operation log K ML log K ~1HL 

Factor % 

No Changes 5.449 3.299 0.23 

[ 01-r-] inc 0.2% 5.4.55 3.293 0.22 

[01-r] dee 0.2% 5.442 3.305 0.26 

T M 
inc 0.5% 5.444 3.301 0.24 

TM dee 0.5% 5.453 3.300 0.22 

TL and TH inc 0.1% 5.445 3.299 o. 25 

TL and T1-1 dee 0.1% 5.452 3.299 0.21 
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Uncertainties in the Citric Acid Protonation Constants 

The protonation constants play a very important part 

in the calculation of free metal and ligand concentrat­

ions and tot~l co-ordinated acid concentrations. Th e y, 

therefore, make an important contribution to Ycalc . (see 

equations 3 . 15 to 3.17). Th e protonation constant s ~ and 

the uncertainti e s in them, are given in Part B of Table 3 . 3. 

This test consisted of increasing the protonation 

constants by the unc e rtainty and the n calculating th e 

equilibrium constants £or ML- and MHL. The results are 

recorded in Table 3.17 . 

Variations in the protonation constants can hav e 

large effects on the values of the complex species 

formation constants, as much as one percent in the .case 

when all three protonation constants are increased. 

Summary 

Variations in the experimental quantities of th e 

order of their experimental unc e rtainties have small 

effects on the equilibrium constants of ML- and MHL, a.nd 

little eff ect on the agreement factors. Errors in the 

a nalytical concentrations and mec1sured pl-I equal t o th e 

experimental unc e rtainties of thes e quantities cannot 

account for the differences between the _equilibrium 

constants obtained from th e titration data of solutions 

with low and high total nicke l concentrations . 

Variations i n the protonation constants of citr i c 

a cid will not b e the caus e of th e diffe rences, as th e 

same set of protonation con s tants wa s used for the 

a nalysis of all nicke l-citric acid titration data. 



Table 3.17 The Effects of Altering the Citric Acid 

Protonation Constants on the Formation 

Cons tan ts Obtained From the 1: lS Data 

Operation 
l\1 

log K ~L 
M 

Jog K MHL 

No changes 5.449 3 . 299 

Increase log k 1 5 . 464 3.299 
by 0.015 

Increase log k 2 5 . 458 3.312 
by 0 . 009 

Increase log k 3 5.454 3 . 328 

by 0 . 013 

Increase all three 5.479 3 . 340 
constants as above 

90 
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3.3.3 Attempts to Fit Other Models to the 1:1 Data 

The 1:1 nickel:citric acid solution titration data 

have been analysed in terms of two complexes, ML- and MHL, 

in the case of the lower concentration level data, and 

a further compl e x has been characterized in the case of 

higher total nickel and citric acid concentr~tionsj 

probably due to the availability of data at a slightly 

lower pH. However, the ag reement between the equilibrium 

constants obtained from the higher concentration solution 

data and that of the lower concentration data is not 

good. This difference cannot be explained in terms of 

errors 1 as discussed in the previous section, so it is 

necessary to consider other equilibria that may be 

present. 

Dimeric complexes of citric acid with copper {45,46,47), 

cabal t ( 38), and iron ( 84, 86), have been reported. It is 

possible that a dimeric nickel species may also be formed. 

An analysis of the titration data with a dimeric species, 

(ML)~-, was attempted. 

The equilibrium is defined as 

+ 2L 3 - ~::: (ML)~-

2-
and the equilibrium const a nt for the formation of (ML)2 

is given by 

K = 
7 

[ (ML) 2 J 

[ M] 2 [ L] 2 

') 

Model ML, MHL, (ML)~-

The 1: 1D and 1: lT clatct could not be analysed adequate-

ly on the basis of the above three compl@xes. Va.lues of 

log K7 of the order of 1 2. 0 were obtained for the :formation 

of the dimer. The agreem(::- nt between the lower and higher 

concentration data sets did not 

the range of values increased. 

; ·11nrove, J. ·1 -t: --.c ·t for KM 
~ 1 l · 0 

' • 
1 

-~ '" · • MHL 

The agreement factor for 

the l:lT titration data was improved over the ML and MHL 

model (a decrease f rom 0.23 to 0.16%). Howeve r, :i. t was 

not better than that for the ML-, MHL and MH2 L model. 
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Table 3 .1 8 records t h e agreement factors obtained for 

each of t he three models mentioned above. 
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Table 3 .1 8 Agreement Factors% for Higher Concentration 

Data For Various Models of Analysis 

Solution Model 

+ 2-
l\'iL - , Ml-IL ML - , MHL, MH2L ML- ,MHL, (ML)2 

1: 1D 0.33 0.21 0.32 

l:lT 0.25 0.10 0.16 

d 
- + 2-Mo el ML, MHL, Ml-l2L, (ML)2 

The titration data did not analyse well when the above 

combination of complexes was used. While the a g reement 

factor for the l:lT solution data was similar (0.11%) to 

that for the model ML-, Ml-IL, MH2L+, since no improvement in 

the fit to the titration data was obtained there appears 

no justification for the acceptance of this model. Th~ 

analysis of the 1:1D solution dati resulted in a negative 

value for the equilibrium constant of the dimer. 

Model MHL, (ML ) ~-

Field et al ( 46) has reported th,3t in the case of 

coppe r-citrate complexes th e acidic titration data was best 
') 

analysed in terms of Cul-IL and (CuL) 2-, and the fit was 

better for this model than the model CuL - and Cul-IL. It 

was found that for the nickel-citrate system this was not 

the case. Analysis of the ti tr at ion data in terms o:f the 
r; 

complexes Ml-IL and (ML)~- resulted in agreement factors far 

worse than those obtained when analysis was in terms of 

ML- and MHL. For the l:lS and 1:J.T titration data, 

agreement factors of 2 .12% and 1 . 87%, re s pectively, were 

obtained. These are to be compared with agreement factors 
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of 0.23% for the l:lS data, (model ML , MHL), and 0 .10% 

for the l:lT data, (model ML-, MHL, MH2L+). 

Summa.r y 

There is no improvement in the agreement £actors of 

]- h . . . h h d. ( ) 2 -t 1e 1gher concentration data sets wen t,e .1mer, ML 2 ; 

is included in the analysis, compared to the model ML-, 

MHL and MH2 L+ . In the case of the single solutions, no 

equilibrium constant for the dimer was able to be refined. 

Inclusion of th e dimer in the analysis of the 1:1 

nickel:citrate titration data did not improve the agree ­

ment between the single sets and the l:J.D a.nd 1:J.T sets. 

It appears that inadequate definition of equilibrium 

species is not the cause of this poor agreement. 

On the basis Of the calculations of this section, 

there appears to be no justification for the inclusion 

of the dimer in the ana lysis of solutions of near equi­

molar nickel chloride and citric acid, gi ven th e data 

and methods of analysis used in this work. 

3 . 3 . 4 Conclusions 

Titration data of solutions with nickel:citrate 

ratios near 1:1 can be analysed in the pH range 3 to 5 

in terms of two complexes , ML- and MHL, in the case of 

low nickel chloride and citric acid concentrations. I n 

the case of higher nickel and acid concentrations, a. third 

complex species, MH2L+, can be characterized because data 

are available to a slightly lower pH. No evidence for 

the existence of a dimeric species, (ML ) ~-, could be found 

on the basis of the data and methods of analysis of this 

work. 

The agreement between the equilibrium constants for 

ML and MHL obtained from the low nickel - citric acid 

concentration (1 x 10- 3M) titration data, and those .from 

the data of hi gher concentra.tion (2--~3 x 10 - 3r1) solutions 

is not as good as one would like. Thjs disagreement 

cannot b e explained in terms of either experimental 

errors, or by the inclusion of other equilibrium species . 

The logs of the equilibrium constants for the 



formation of ML- and MHL as defined by the following 

equi libria 

+ 3-
L 

+ HL2 -

----· ML 

MHL 
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are 5.45 ± 0 .05 and 3 . 31 ± 0 . 05 respectively . The uncertain -

ty of ± 0. 05 log uni ts in each cons ta.,., t .is based on ·the 

effects of experimental errors and uncertainties in the 

protonation constan ts discu ssed in Section 3 . 3 .2. 

The equi libri.um constant .for the formation of MH2 L+ 

~.,. MH
2

L+ 

is difficult to characterize, probably because i. n the ·pH 

range under study its concentration is very low. The log 

of the constant appears to be 1.4 ± 0 . 1 . Further va.lues 

for this equilibrium constant are reported in Section 3.4. 
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3.4 ANALYSIS OF TITRATION DATA WITH Tl\"< T. IN THE · ·'--L----
pH RAT'1GE 3 TO 6 

Many of the previous analyses (34-37,39) of nickel­

citric acid complex equilibria have been on the basis of 

experimental data collected from solutions where total 

metal is in excess of citric acid. Work on the copper-

citric acid system ( 45) when citric acid is :i.n excess of 

copper has resulted in the characterization of several 

complexes of copper:citric acid ratio 1:2. Therefore, it 

is of interest to study the nickel:citric acid system 

when citric acid is in excess over tota l nickel. 

Titration data were obtained for solutions with a 
. . --3 . total nickel concentrat:i.on of 1 x 10 M and nickel chloride: 

citric acid ratios 0£ 1:1.5, 1:2 and 1:3. Titration data 

were also collecte~ for 1:2D, l:2T and 1:3D solutions. 

Representative titration data for each solution are given 

in Tables 3.19 to 3.24 and the corresponding titration 

curves are 'shown in Figures 3.5 and 3.6. With the ex­

ception o.f the 1:1.5 titration data S<?t, each titration 

data set was analysed up to about pH 6. 

3.4 . 1 Selection of an Acceptable Model 

The titration data for all the higher ratio solutions 

were f irst analysed in terms of the two major complexes of 

the previous section, i . e. ML and MHL. This analysis 

was far from satisfactory, with very poor agreement factors, 

especially for those solutions with the greatest nickel to 

citric acid ratios. These agreement factors are shown 

in Table 3.25. The Rf~ctor for each data set, with the 

exception of the 1:1.5 data set, is greater than 0.4% and 

in the case of the l:2T and l:3D data sets, is as high 

as 1.4%, much larger than Rl.im. Use of the model ML-

and MHL to analyse these data sets is clearly unsatisfact­

ory, and an alternative should be considered. 

The t a.b1E-~ of re s:i.duals of Yobs and YcaJ c obt::.1ined 

in the analysis of the l:2T titration data (Table 3.26) 

shov,,s that the fit is very much 1..vorse at each end of the 

acidic titration data. 



Table 3 . 19 Titration Data for Nick el - Citric Acid 

Solution With Nicke l:Citric Acid= 1:1 . 5 

Ni:Cit ratio 1:1.5020 

Initial [ Ni ] 9 . 506 X 10 
--4 

M 

Initial [ Cit] 1.428xl0- 3 
M 

[Na OH) 1.0012 M 

Aliquot Vol 49.92 
3 

cm 

Vol Alkali p [ H+ ] Vol Alkali [ +1 p H J 

0.000 3 . 021 0 . 150 4.243 
0.005 3 . 048 0.155 4 . 311 
0 .010 3 . 076 0 . J.60 4 . 388 
0.015 3 . 106 0.165 4 . 471 
0.020 3.137 0 .170 4.569 
0 . 025 3 . 168 0.175 4 . 682 
0.030 3 . 201 0.180 4.814 
0.035 3.235 0.J.85 4.970 
0.040 3.269 0. 1 90 5.154 
0.045 3.30.: 0.19 5 5 . 368 
0.050 3 . 341 0 . 2 00 5 . 616 
0.055 3.378 0.205 .5.913 
0 . 060 3.415 0. 2 10 6.361 
0 . 065 3 . 454 0 .2 11 6.497 
0.070 3.492 0 .. 2 12 6.688 
0 . 075 3 . 531 0. 2 L3 6 . 958 
0.080 3 . 570 0.214 7.494 
0.085 .3 . 610 0. 2 15 8 . 375 
0 . 090 3.651 0 .2 16 8 . 583 
0.095 3.692 0 . 220 8 . 890 
0 . 100 3 . 734 0.225 9.058 
0 .1 05 3 . 7B6 0.230 9.172 
0.110 3 . 821 0.235 9.288 
O.lJ.5 3 . 8 6 7 0.240 9 . 396 
0.J.20 3.91.3 0.245 9 . 518 
0 . J.2 5 3 . 962 0 . 250 9.633 
0 . 130 4.01 2 0. 25.5 9.764 
0.135 4 . 064 0 . 2 6 0 9.908 
0 . 140 4 . 119 0 . 26.S 10 . 050 
0.145 4 . 1 78 0.270 10.188 
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Table 3.20 Titration Da.ta for Nickel-Citric Acid 

Solution With Nickel:Citric Acid = J. : 2 

Ni:Cit ratio 1:2.0006 

Initial [ Ni ] 9. 506 X 10 
-4 

M 

Initial (Cit] J.. 902 X 10 
·- 3 

M 

(NaOH] 0.9920 ;VI 

3 
Aliquot vol 49.92 cm 

Vol Alkali p [H+] Vol Alkali [ +·, p H J Vol Alkali p [ H+] 

0.000 2 . 939 0.130 3.723 0.260 5.639 
0.005 2.962 0.135 3. 756 0.265 5.790 
0.010 2.986 0.140 3.799 0.270 5 .968 
0.015 3 .010 0.145 3.833 0.275 6.185 
0.020 3.036 0.150 3.876 0.280 6.504 
0.025 3.062 0.155 3.917 0.282 6.698 
0.030 3.088 0.160 3.957 0,284 6.997 
0.035 3.116 0.J.65 4 .002 0.285 7.308 
0.040 3 .143 0.170 4.048 0.286 7.858 
0.045 3.171 0.175 4.096 0.287 8.438 
0.050 3.201 0.180 4 .146 0.2813 8.669 
0.055 3 . 230 0. 185 4 .1 98 0.289 8 .793 
0 .060 3.260 0.190 4 ') C ') 

0 '-' --' c..., 0.290 8.871 
0.065 3.290 0.195 4.310 0.295 9.105 
0.070 3 .. 321 0.200 4.378 0.300 9.238 
0.075 3. 35-3 0.205 4.446 0 . .305 9.353 
0.080 3 . 384 0.210 4.519 0.310 9.458 
0.085 3.416 0.215 4 .600 0.315 9.563 
0.090 .3.44B 0.220 4.698 0.320 9.680 
0 . 095 3.481 0.225 4.783 0.325 9.800 
0 .100 3 . 514 0.230 4.885 0.330 9.927 
0.105 3 .549 0 . 235 4.996 0.335 10.051 
0.110 3 .5f33 0.240 5.113 0.340 J.0.176 
0.115 3.617 0.245 5 . 236 0.345 10.294 
0 .120 3 . 652 0 . 250 5.361 0.350 10.392 
0.125 3.685 0.255 '>. 496 
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Tc1ble 3.21 Titration Data for Nickel-Citric Ac id 

Solution With Nickel-Citric Acid -- 1:3 

Ni : Cit ratio 1 :.3.0022 

Initial [ Ni ] 9 . 506 X 10- 4 
fvl 

Ini tia1 [Cit} 2. 854 X 10- 3 
M 

[ NaOH ) 1 .0012 M 

Al i quot vol 49.92 3 
cm 

Vol Alkali p (H+ ) Vol Alkali [ .._ ·1 p H . . Vol Alkali p [ H+ ] 

0 .000 2 . 840 0. 1 80 3.686 0.360 · 5. 424 
0.005 .2. 857 0.185 3.716 0.365 5.490 
0.010 2.875 o< 190 3.748 0.370 5 . 561 
0.015 2.892 0 . 195 3 . 778 0.37 5 5 . 638 
0.020 2.9 1 1 0.200 3 . 809 0.380 5.716 
0.025 2 . 931 0.205 3.843 0.385 5.798 
0 . 030 2 . 949 0 . 210 3.874 0.390 5 . 883 
0 . 035 2.969 0.215 3 . 906 0 . 395 5.977 
0.040 2.990 0.220 3.941 0.400 6.079 
0.045 3.011 0.225 3.976 0.405 6.198 
0.050 3.032 0.230 4 . 012 0.410 6 . 337 
0.055 3.053 0.235 4 . 050 0 . 415 6.518 
0.060 3 . 075 0 . 240 4.086 0.420 6.787 
0.065 3.098 0 . 245 4.126 0.422 6 . 946 
0.070 3 . 120 0 . 250 4.167 0.423 7.041 
0 . 075 3 . 143 0.255 4.208 0.424 7.188 
0 . 080 3.16.5 0 . 260 4 . 251 0.425 7.358 
0.085 3.189 0 . 265 4.295 0.426 7 . 648 
0 . 090 3 . 212 0.270 4 . 341 0.427 8.111 
0.095 3.236 0 . 275 4 . 390 0 . 42E1 8 . 568 
0. 1 00 3.260 0.280 4.438 0.429 8.736 
0 . 105 3.284 0.285 4 . 487 0.430 8.878 
0.110 3 . 309 0.290 4 . 539 0.435 9.196 
0.115 3.334 0 . 295 4.591 0.440 9.368 
0.120 3 . 360 0 . 300 4 . 651 0.445 9.485 
0_125 3.385 0.305 4 . 704 0.450 9.598 
0. 1 30 3.411 0.310 4.764 0 . 455 9.682 
0.135 3 . 437 0.315 4.Es22 0.460 9 . 787 
0.140 3.464 0.32 0 4.884 0.465 9 . 893 
0 . J.45 3.490 0.325 4.949 0.470 10.001 
0 .150 3.517 0.330 5.012 0 . 475 10.106 
0.155 3.545 0.335 5 . 07B 
0.1.60 3 . 571 0.340 5.141 
0.165 3.602 0.345 5.213 
0.170 3.62B 0.350 5.276 
0 . 175 3 .658 0.3.'55 5.3 4 t3 
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Table 3.22 Titration Data for Nickel-Citric Acid 

Solution With Ni.ckel:Citric Acid -· 1:2D 

Ni.:Cit ratio 1:2.0016 

Initial [Ni] J.. 901 X 10- 3 
M 

'J 

Ini tia.l [Cit] 3. 805 X 10-.:., M 

[NaOH) 0.9988 M 

Aliquot vol 49.88 
3 cm 

Vol Alkali p( H+) Vol Alka.li p (H+] Vol Alkali p(H+) 

0.900 2.730 0.240 3.530 0.480 5.094 
0.005 2. 752 0.245 3.549 0.485 5.156 
0.010 2.766 0.250 3.568 0.490 5.218 
0.015 2.780 0.255 3.587 0.495 5.280 
0.020 2.796 0.260 3.606 0.500 5.348 
0_025 2.809 0.265 3.627 0.505 5.421 
0.030 2.823 0.270 3.646 0.510 5.490 
0.035 2.839 0.275 3.666 0.515 5.560 
0.040 2.853 0.280 3.6B7 0.520 5.635 
0.045 2.868 0.285 3.707 0. 52.5 5.712 
0.050 2.883 0.290 3.729 0.530 5.795 
0.056 2.901 0.295 3.750 0.535 5.884 
0.060 2.914 0.300 3.771 0.540 5.983 
0.065 2.929 0.305 3.793 0.545 6.095 
0.070 2.945 0.310 3.816 0.550 6.228 
0.075 2.960 0.315 3.838 0.555 6.395 
0.080 2.976 0.320 3.862 0.560 6.630 
0.085 2.992 0.325 3.BB5 0.564 6.936 
0.090 3.008 0.330 3.910 0.565 7.051 
0.095 3.024 0.336 3.939 0.566 7.244 
0.100 3.041 0.340 3.959 0.567 7.428 
0.104 3.057 0.345 3.985 0.568 7.784 
0.110 3.073 0.350 4.012 0.569 8.187 
0.115 3.090 0.355 4.039 0.570 8.386 
0.120 3.106 0.360 4.067 0.571 8.778 
0.125 3.124 0.365 4.095 0.575 8.919 
0.130 3.140 0.370 4 .125 0.580 9.018 
0.135 3 .157 0.375 4.156 0.585 9.092 
0.140 3 .174 0.380 4. 187 0.590 9.162 
0.145 3.191 0.385 4.209 0.595 9.231 
0.150 3.208 0.390 4.253 0.600 9.278 
0.155 3.225 0.395 4.288 0.610 9.334 
0.160 3.243 0.400 4.324 0.61 5 9.398 
0.165 3.260 0.405 4.361 0.620 9.461 
0.170 3.277 0.410 3.398 0.62 5 9.519 
0.175 3 .295 0.415 4.439 0.630 9.586 
0.180 3.312 0.420 4.480 0.635 9 .653 
0.185 3.330 0.425 4.521 0.640 9,720 
0.190 3.347 0.430 4 . 565 0.645 9.794 
0.195 3.365 0.435 4.611 0 . 650 9.875 
0.200 3.JB3 0.440 4.659 0.655 9.961 
0.205 3.401 0.445 4.707 0.660 10.045 
0.210 .3.419 0.450 4.75 7 0.665 10 .138 
0.215 3.437 0.45.5 4.810 0. 6 70 10.224 
0.220 3.453 0.460 4.864 0.675 10.310 
0.225 3.473 0. 4 65 4.91f.3 0.680 10.392 
0.230 3.492 0.470 4.975 0. 6 85 10.468 
0.235 3 .511 0.475 5.034 

MASSEY UNIVER::!HY 
LIBRARY 
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Tdb.lc. 3.23 Titration Data for Nickel-Citric ilcid 

Solution lvi th Nickel-Citric ilc:id .. l:2T 

Ni:Cit ratio 1:2.0007 

Ini tictl [Ni] 2. 853 X 10- 3 
M 

Initial [Cit] 5.709 X 10- 3 
M 

[NaOH] 1.9492 M 

Aliquot vol 49.92 
J 

cm 

Vol Alkali p[H+] Vol .L\lka1i p [ H+] Vol Alkali p[H+] 

0.000 2.631 o.185 3.461. 0. 360 4.905 
0.005 2.648 0.190 3.486 0. 365 4.977 
0.010 2.668 0.195 3.512 0.370 5.054 
0.015 2.688 0.200 3.538 0. 37 5 5.131 
0.020 2.708 0.205 3. 565 0.380 5.212 
0.025 2.729 0.210 3.592 0. 385 5.294 
0.030 2. 750 0 .215 3.619 0. 390 5.382 
0.035 2.771 0.220 .3.647 0. 395 5.470 
0.040 2.793 0.225 3.675 0.400 5.564 
0.045 2.814 0.230 3.704 0.405 5. 665 
0.055 2.B57 0,235 3.734 0.410 5.773 
0.060 2.879 0.240 3.764 0.415 5.G94 
0.065 2.901 0.245 3.795 0. 420 6.0.35 
0.070 2.923 0 0 250 3.82G 0 .425 6.206 
0.075 2.945 0.255 .3.860 0.430 6. 448 
0.080 2.968 0.260 3.894 0.434 6.760 
0.085 2.990 0.265 3.92fl 0.435 6.8i32 
0.090 3. 01.3 0.270 3,.965 0.436 7.030 
0.095 3.035 0.275 4.001 0.437 7.274 
0 .100 3.058 0.280 4.040 0.438 7.685 
0.105 3.081 0 .285 4.081 ·0.439 8 .192 
0.110 3.103 0.290 4.122 0."40 8.451 
0 .115 3 .127 0.295 4 .163 0 .445 i3.827 
0.120 3 .150 0.300 4 0 209 0.450 8.977 
0. 125 3.173 0.305 4 .256 0:4.55 9.078 
0 .130 3.196 0.310 4.303 0 .460 9.168 
0 .135 3.219 0.315 4 . .353 0 .46 5 9. 252 
0.J.40 3.243 0.320 4.406 0.470 9.334 
0 .145 3.267 0. 325 4. 460 0 ,1 -, C: 

• -~ J .) 9.416 
0.150 3.290 0.330 4~'.>16 0 .. 480 9.505 
0. 1 5.S 3.314 0.335 4.576 O. t't(j ~) 9.598 
0. 160 3.338 0.340 4.637 0.490 9.6B8 
0 .165 3.363 0 .. 345 4.699 0.495 9.799 
0.J.70 3.386 0. :o 50 4.766 0 . .500 9.921 
0. 175 3.411 0.3.5~:i 4.834 Cl. 50.S lll. 048 
0.180 3.4J6 
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Table 3.24 Titration Data for Nickel-Citric Acid 

Solution With Nickel:Citric Acid= 1:3D 

Ni :Cit ratio 1:3.0012 

Initial [ Ni] 1.903:xl0- 3 
M 

Initial [Cit] 5. 706 X 10 -3 
M 

[NaOH] 1.9492 M 

Aliquot vol 49.92 3 cm 

Vol Alkali p[H+] Vol Alkali p[H+] Vol Alkali p[H+] 

0.000 2.644 0.170 3.484 0.340 4.974 
0.005 2.663 0.175 3.514 0.345 5. Q3 .5 
0.010 2.683 O.J.80 3.544 0.350 5.099 
0.015 2.704 0.185 3.574 0.355 5 .161 
0.020 2.725 0.190 3.606 0.360 5.229 
0.025 2.747 0.195 3.637 0.365 5.294 
0.030 2.769 0.200 3.670 0.370 5.362 
0.035 2.792 0.205 3. 704 0.375 5.431 
0.040 2.815 0.210 3.737 0.380 5.502 
0.045 2.838 0.215 3.772 0.385 5.574 
0.050 2.862 0.220 3.807 0.390 5.649 
0.055 2.885 0.225 3.843 0.395 5.727 
0.060 2.909 0.230 3.881 0.400 5.810 
0.065 2.933 0.235 3.920 0.405 5.898 
0.070 2.958 0.240 3.960 0.410 5.998 
0.075 2.983 0.245 4. 00 l 0.415 6 .106 
0.080 3.007 0.250 4.043 00420 6.236 
0.085 3.032 0.255 4.086 0.425 6.394 
0.090 3.057 0.261 4. 138 0.430 6.616 
0.095 3.082 0.266 4 .183 0.435 6.992 
0.100 3.107 0.270 4.217 0.436 7.111 
0 .105 3.131 0.275 4. 2()8 0,4]7 7.272 
0.110 3.158 0.280 4.314 0.438 7.486 
0.115 3 .184 0.285 4.363 0.439 8.075 
0.120 3.210 0.290 4.413 0.440 8.551 
0.125 3.236 0.295 4.465 0.441 8.783 
0.130 3.262 0.300 4.517 0. 4LL5 9 .106 
0.135 3.288 0.305 4.570 0.450 9.288 
0.140 3.316 0.310 4.624 0.455 9.417 
0.145 3.343 0.315 4.679 0.460 9.533 
0 .150 3.371 0.320 4.736 0.465 9.636 
0.155 3.398 0.325 4.794 0.470 9. 7 51 
0.160 3.427 0.330 4.854 0.475 9.874 
0.165 3.455 0.335 4 .. 912 
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Figure 3.5 Titration Curves for Nickel-Citric Acid 
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Figure 3.6A Titration Curves for Nickel-Citric Acid 

Solutions With Nickel:Citric Acid= 1:2 
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Figure 3. 6B Ti trc:1 tion Curves _for Niclcel-Ci tric Acid 

Solutions With Nickel:Citric Acid= 1:3 
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Table 3.25 Agree:?ment Factors(%) for Ana.lys~~ 

of High Nickel:Citric Acid Ratio 

Titration Data by Several Models 

Solution Model 

ML, MHL ML, MHLj 1\1". I . 112 _ JVJL, fvlHL, 

1: l. 5 0.26 0.24 0.12 1 

1·? 0.44 0.3B 0. L3 

1 :2D 0.88 0.81 0.10 

1 :2T 1.42 l. 3.5 0. L3 

1. ·2 . .:.., 0.76 0,74 0.12 

1:3D 1.44 1. 39 0.11 

MfI
2
L, 

1. Data set analysed in terms of ML, MHL and ML 2 only. 
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Table 3.26 Residuals from the AnaJ.ysis of the l:2T 

Titration Data by Various Models 

p [H+] Residuals I 10-6 

ML, MHL ML, MHL, fvJH 2L ML, MHL, MH2 L, 

2.631 -27.75 75 .1 8 53.89 
2.688 -64.88 31..19 14.19 
2.750 -69.63 15.43 4.51 
2.857 -68.21 -8.13 -7.98 
2.945 -59.26 -- 23 . 73 -1 4 . 09 
3.035 -41. 30 -30.9 2 --13.15 
3.127 -15.47 -27.16 --4. 41 
3.219 4.92 -29.34 -6. 39 
3.314 13.77 -16.43 1. 58 
3.411 19.82 -4.25 3.35 
3.512 21.19 11.60 5.52 
3.619 19.69 30.5.5 9.73 
3.734 13.14 45 .10 11. 86 
3.828 8.29 53.51 15.00 
3.928 -11.41 42 .60 4.19 
4.040 -24.96 32.94 1.19 
4.163 -50.70 5.23 -11.14 
4 . 303 - 74.U3 -2 5.01 --15.08 
4.460 -108.20 -68.62 -19.69 
4.637 --152. 30 -123.10 -1 9.30 
4.834 -212.70 -1 92.80 -18.49 
5.131 --301. 30 -290.20 -10.56 
5.382 --343. 30 -337.20 0.93 
5.665 -337.70 -334.50 5.64 
6.035 -246.50 -244.70 9.74 
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The model ML and MHL was extended by including the 

It was expected that this could well im­

prove the fit of th e data around pH= 3 as was observed 

for the 1:10 and l:lT data sets (see Section 3.1.1). 

The agreemeni £actors for this model are also given in 

Table 3.25. There is no significant improvement in the 

agreement factor over the simple model ML- and MHL. 

Th e residuals of Table 3.26 show that while the intro­

duction of MH2 L+ makes a slight improvement in the fit 

to the data below about pH 3, the agreement at the end 

of the acidic data is still poor. As this agreement is 

so poor, a new species ( or species) must be consider e d ·. 

Several workers have reported copper and cobalt complexes 

with citric acid where the metal:citrate ratio is 1:2 

(see Section 1.2). With this in mind, two additional 
2- 4-

complex species were considered, M(HL)2 and ML2 . 
- + 4-Using the model ML, MHL, MH2 L and ML2 , the 

analysis of the higher ratio titration data resulted 

in considerable lowering of the agreement £actors from 

thos e obtained for the model ML- , ~iL and MH2 L + 

These agreement factors are recorded in Table 3.25. 

Th e changes for the l:2T and 1:30 titration data are 

from 1.35 to 0.13 and 1.39 to 0.11% respectively, both 

Jess than Rlim. The reasons for the drop in the agree-

ment factors can be seen from the residuals in Table 3.26. 

In each case, there has been considerable improvement 

in the £it above pH 4. 

Analysis of the ti tra.tion data. using the model 

ML-, MHL, MH2L+ and M(HL)~- resulted in no improvement 

OV(!r that of ML - , Ml-IL and MH2L + , so there appears to 

be no justification for the inclusion of M(HL)~-

Analvsis of the 1: 1. 5 da.ta in terms of ML- , MHL, 

MH2 L+ and ML~- resulted in a negative value for the 

equilibrium constant for MH2L+. It will be noted that 

this also occurred for the 1:1S solution (s ee Section 3.3.1). 

The effect probably results from the lack of titration 

c'lata below pH 3. The 1:1.5 data were analvscd sat isfact-

orily in terms of the three complexes ML-, MHL and ML1-, 
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· the agreement factor being 0.12%. The 1:1.5 data differs 

from the 1:1S data in that citric acid is in slight excess, 

and so the bis complex species is formed, although only 

in small amounts (s ee Figure 3.7). 

Referente to Table 3.25 shows that the Rfactor for 

the 1:1.5 data is less than Rlim when analysed in terms 

of ML- and MHL only. However, inclusion of the species 

MLl- resulted in a large improvement of the fit above 

pH 4, and the analysis :>L the 1: l. 5 titration data in 
4--

terms of ML-, MHL and ML2 is acceptable on those grounds. 

The equi librium constants obtained from the analysis 

of the higher ratio titration data are recorded in 

Table 3.27. The~ means and standard deviations of the 

logs of the equil ibrium constants i'or the formation of' 
+ 4-ML-, MHL, MH2L and ML2 are 5.50 (0.03) , 3.36 (0.02), 

1.54 (0.13) and 2 . Jg (0.16) respectively. The agreement 

between the values for K ~1L and K ~HL obtained from each 

titration data set is good. The relatively high stand-

ard deviation for the equilibrium constant of MH 2 L+ is 

probably due to the low concentration of this species 

with respect to total metal. 

The distribution curves for solutions of ratio 1:1.5, 

1:3, l:2T (Figu res 3 .7 to 3.9 respectively) show the 

importance o :f MH2 L + ;:.rnd MLi- in the low and hi9h acidic 

pH range respectively. For example, in the case of the 

1:2T solution (Figure 3.9), while MH L+ accounts for 2 
only 8% of the total nickel at pH 3, it accounts for 26% 

of complexed nickel. At lower pH's MH 2L + is even more 

important; at pH 2.5 it accounts for 50% of complexed 

nicke l. 
4-

ML2 becomes an important species as the pH increases. 

For the l:2T solution, 

3 . 9 show tha t at pH 5, 

the distribution curves of Figure 
4--ML2 accounts for 15% of c omplexed 

metal, while at pH 7 the percentage is 51%. 

For 

species. 

the~ 1:1.5 soJ.ution MLj - is not 

Figur e 3.7 shows that at pH 7 

an imporL:,nt 
4 -

ML2 accounts 

for only 9% of complexed nickel. This results from 

th e smaller excess of citric acid ove r nickel. 
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Tabl e 3.27 Equilibrium Constants Obtain e d From Titration 

Data Where Total Ci tri c Acid> Total Nickel 

The Equilibria 

M + L 
__,,_ 
·s:--

M + I-IL -,s,--

M + H2L 
__,. --

ML + L ~ 
~ 

Solution 
[VJ 

Jog K ML 

1: 1. 5 5.485 

1:2 5.493 

1: 2D 5.496 

l: 2T 5.523 

1: 3 5.467 

1:3D 5.555 

Mean 5.50 

Standard 
0.03 

Deviation 

ML 

MHL 

MH2 L 

ML2 

Equilibrium Constant 

M 
K ML 

M 
KMHL 

M 
K t\'IH2L 

log K ~HL J KM ML 
_og MH2L Jog K ML 

3.346 2.624 

30376 1.745 2.155 

3.366 1.444 2.297 

3.361 l. 47 5 2.420 

3.329 1.440 2.351 

3.372 1.578 2 .435 

Jo36 1.54 2o38 

0.02 Oo13 Oo16 

Rfactor 
2 

% 

0 .12 

0.13 

0 .10 

0 .13 

0.12 

0.11 
........ --·-----·-·---···· ···. 



Figure 3.7 Distribution Curves for Nickel-Citric Acid 

Solution With Nickel:Citric Acid= 1:1.5 
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Figure 3.8 Distribution Curves for Nickel-Citric Acid 

Solution With Nickel:Citric Acid= 1:3 
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Figure 3.9 Distribution Curves for Nickel-Citric Acid 

Solution With Nickel:Citric Acid= 1:2 
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The valuc~s for thc:c logs o_f the equilibrium constants 

£or the formation of ML-, MHL and MH2L+ obtained from the 

higher ratio data sets agree well with those obtained 

from the 1:1D and 1:lT data sets. When these latter two 

data sets are included, the means and standard deviations 
+ . 

o:f the formation cons tan ts £or ML - , MHL and .MH2 L do not 

change significantly, as Table 3.28 shows. 

Comparison of the values of the constants obtained 

from the 1:1S titration data with those from the higher 

ratio data sets shows that the agreement is not too good 

(see Table 3.28). No reason could be found to explain 

this disagreement. It did not appear to result from 

experimental errors. Calculations on the 1:2T data set 

after changing the experimental quantities (e.g. TM, TL, 

[OH] and pH) by their uncertainties resulted in changes 

in the ma.gni tude of the equilibrium cons tan ts of the 

same order a.s described earlier :for the 1: 1 data ( see 

Section 3.3.2). 

3.4.2 Other Models 

Analysis of the higher ratio data in terms of the 
?_ 

dimer, (ML)~ , was also attempted. Table 3.29 records 

the agreement £actors obtained when the 1:2T data were 

analysed by several models which included (ML)~-- Also 

listed in Table 3.29 are the agreement .factors for the 

l:2T data set when analysed by the other models discussed 

in the previous sectio~. Although the results in 

Table 3.29 show that the agreement 

same when (ML)~- is included, this 

factors are much the 
. . f ( )2-inclusion o. ML 2 
LL-..,_ 

in the model ML-, MHL, MH 2L· amd MLj causes greater 

variation in the equilibrium constants for ML-· and !'vJH2 L+, 

and hence the inclusion of the dimer results in a worse 

overall analysis of the experimental data. 

3.4.3 
• - L]__ 

Inclusion of ML2 :;_n Analysis of l: 1 Data 

An attempt was made to fit the model ML-, 

and MLi- to the 1:1S and l:lT titration data. 
MHL, MH2L + 

Negative 
. . . 4-values £or the equilibrium constant for ML2 were obtain-

ed from both the 1:1S and the 1:lT data. 



Table 3.28 ~leans and Standard Deviations o_f 

The Equilibrium Constants 1 

Co!Tibination i\'J M 
KM, K 

]L MHL 
of Data Sets· 

1 : 1 , 1:0.845 5.448 (0.002) 3.307 (O.OJ.3) 
and 1: 1. 2 

Higher ratio 
5.503 (0.0J) 3.:358 (0.02) 

data sets 

Higher ratio 

data sets + 5.498 (0.03) 3.363 (0.02) 

1: lD and 1: lT 

114 

M 
K MH2L 

.1 • 5 4 (0.13) 

1.50 (0.14) 

1. The equilibrium constants are recorded as logs. 
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Table 3.29 Agreement Factors (%) for the l: 2T Dat a 

When fu1alysed With (ML) 2 Inc luded in Models 

Model Agreement Factor 

i'IHL ., 
') 

(ML);- 2.78 

- ?-
ML 

' 
Ml-IL, (ML):; 

.::., 

1. 49 

fl·IH') L+ , 
2.-

ML MHL, (ML) 2 ,,_ 1.33 

- .,_ 4 - 2-
ML 

' 
Ml-IL, iVll-l2 L ' , ML

2 
, ( ML) 2 

0.12 

ML -- MHL 1 . 42 
' 

- MHL, + 1.35 ML 
' 

MH
2

L 

- Ml-hL + 4- 0 . 13 ML 
' 

Ml-IL, 
.c... ' 

ML
2 
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These results are perhaps not surprising. The dis--

tribution curves calculated assuming the formation of the 

species ML-, MHL, MH2L+ and MLj·- , indicated less than 

0.5% MLi-formed even at pH 5. 

Summary 

The titration data of solutions where citric acid is 

in more than two-fold excess of total nickel were analysed 

adequately in terms of the complexes ML~' MHL, MH2L; and ML~­

For the solution where the ratio of nickel to citric acid 

was 1:1.5, there was an insignificant amount of MH2 L+ 

formed. Similarly, the ML1- species is formed in only 

very small amounts in the 1:1 solutions. 

Analysis of the high ratio data with the species 

(ML)~- included was worse than when analysed on the 

basis of ML-, MHL, MH2 L+, and MLj- alone. 

The values of the equilibrium constants for ML-, 

MHL and MH?L+ obtained from the higher ratio data agree ,., 

well with those from the high concentration equirnolar 

data, but not as well with the equimolar data with a 

nickel concentration of l 1 0 - 3 
f'.1 1 - y1-- . d . t x _ ,11s 1s agreernen 

could not be explained on the basis of experimental errors 

or by the formatiori of other complex species. 



3.5 ANALYSIS OF NICKEL-CITRIC ACID TITRATION DATA IN 

THE ALKALINE pH RANGE 
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Titration data for all the solutions discussed in 

Sections 3.3 and 3.4 extended into the alkaline region. 

However, only·a preliminary analysis of the titration 

data with nickel:citric acid ratios close to 1:1 has been 

carried out. 

3.5.1 Preliminary Analysis of Alkaline Titration Data 

of Nickel:Citric Acid 1:1 Solutions 

Several workers have previously reported evidence 

for Jhe species MH_ 1L in alkaline nickel-citric acid 

solutions (38 - 40, 42, 88,117). However, where values 

for the equilibrium constant for the reaction 

ML + 

are given, they vary widely ( 40, 42, 117 ) . 

Reference to the distribution curves for a 1:1 nickel: 

citric acid solution (Figures 3.3 amd 3.4) shows that 

7 the only species the free metal, 2+ 
pl-I present are M ' 

the free ligand, 
3-

and the complex - the L ' ML . In pl-I 

range 8 - 10 then, the fol 1 owing equi Ji bria wi 11 occur: 

J. . M2+ + L3- __;:, ML pl 

2. _.:,. 2- 1-1+ ML ........ MH_ 1L + P2 

3. r,12 + .....,._ 
MOH+ + !·[+ P3 "«--

Equilibrium 3 allows for the hydrolysis of the free 

metal. The removal of the hydroxy proton from the 

at 

3-triionized ligand, L , was not considered important in 

this pH range, since the pK for its removal is around 

J.2.0 (33). 

The mass balance equations £or the total metal, TM, 

and total ligand, TL' are 

= M + ML + l\IH_
1 

L + MOH 3.33 
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and 

L + ML + 

The square brackets (repres enti ng concentration) and the 

charges are omitted in these and _subsequent equation~ 

for clarity. 

Equations 3.33 and 3.34 may be expressed in terms of 

the free metal and ligand concentrations, the hydrogen ion 

concentration and the equilibrium cohstants P . . 
l 

and 

T 
L 

= 

= 

M + 

L + 

+ 3.35 

+ P
1

P
2

ML /H 3.36 

Using the principle of elec troneu tr ali ty, the fol lowing 

expression can be obtained: 

2M2 + + Na+ + H+ + MOf-f+ 

= Cl + OH + + ML + 

On rearrangement and substitution the concentration of 

chloride ions is given by 

Cl = Na+ + 1-i+ 3 LJ- K / H+ 
w 

+ M2+ ( 2 + p /H+ - L 3--
pl + 2 pl P 2/!-r+) ) 

.1 

Equations 3.35, 3.36 and 3 .38 were solved using the 

least squares method. Given an approximate value £or 

3.38 

ML 
P

2 
= K MH L the chloride concentration may be calculated 

-1 
(Ycalc) and then compared with the observed chloride con-

centration (Yobs) in order to get a better approximation 
M 

= K ML and is given the value of Table 3.27. 

and in this analysis, a value o .f log P
3 

= -9.49 

was used, being that appropriate for a background medium 

of 0.1 M KCl at 2s 0 c (137). 
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3.5.2 K
ML 

The Value of __________ Iv_1H _ l L 

The values of K 
ML 

. i\'1!-L J.L obtained from the five sets 

titration data with near-equimolar nickel chloride and 

citric acid are reported in Table 3.30, along with the 

agreement factors. The mean and standard deviation of 

the log of th<?~ equilibrium constant are-9.13 and 0.08 

respectively. 

o.f 

The fit of the model to the titration data is not 

good, the Rfactors all being greater than 2%. A systematic 

trend in the residuals was noticed, going from positive 

(Yobs > Ycalc) to negative (Yobs< Ycalc) as the pH 

increases. This indicates that the proposed model is not 

satisfactory. 

It is possible that the 1:1 species may polymerize. 

Evidence for this has been reported for nickel-citric acid 

solutions ( 95) . Polymeric complexes have also been re-

ported for the iron(II) complex (95) and the copper(II) 

complex ( 4 7) • 

Until an improved model is developed, the value for 
ML 

the equilibrium constant K MH_
1

L cannot be regarded as 

accura.te. 

The swne model was used to analyse the high ratio 

data of Section 3.4. However, in each case a negative 

value for the equilibrium constant was obtained. 

It appears that the interpretation of the alkaline 

titration data is complex and therefore further work will 

be required to analyse these data. 
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0 - " K ML Ob . d l~ T . . Table 3. 3 Values oJ: .1oc:,1 J\JH L taine •rorn .l tration 
-1 

Data of Near-Equimolar Nickel-Citric Acid Solutions 

Solution Ratio } ML 
.og K MH_1L Rfactor 

% 

1:0.84 
1 

-9.06 3.54 

1: 1 
1 

-9. 1.S 2.26 

1: 1.2 
l 

-9.26 3.57 

1: lD 
2 

-9.14 2.89 

1:lT 3 
-9.05 2. 31 

[ Ni] 
-3 

1. = 1 X 10 - M 

2 . [ Ni] -· 3 = 2 X 10 - J\1 

3. [Ni] ::: 3 X 10-J M 
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Spee tr o phot on1 etri c Results 

4 .1 INTRODUCTION 

The visible and near-infrared spectra of mixtures of 

nickel chloride and citric acid were recorded. Solutions 

were prepared with nickel chloride to citric acid ratios 

of 1: 1 and 1: 3 , and with total nickel concentrations of 

0.002 and 0.004 moll-
1

. The spectra of each solution 

were recorded over a range of pH's. 

4.2 CHARACTERISTICS OF NICKEL-CITRATE SPECTRA 

The nickel-aqua species [Ni(H20)6] 2 +_has three 

absorption bands in the visible-near-infrared region. A 

representative nickel-aqua spectrum is shown in Figure 4.1. 

The higher energy band is well defined with its absorption 

maximum at 398 nm. The middle band is split and has absorb-

ance maximum at around 740 nm. The absorption band in the 

n1r region is very broad and centered about 1200 nm. 

When recording the spectra of mixtures of nickel 

chloride and citric acid, attention was directed toward the 

absorption bands in the visible region. The broadness of 

the nir band tends to mask any but the largest changes in 

its shape and position. 

When comparing the spectra of various solutions, three 

features are of interest. The first is the difference in 

the position and shape of the absorption bands of the 

121 



Figure 4.1 Absorbance Spectrum of Nickel Chloride 
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spectrum o:f a nickel-citric acid solution when compared with 

a nickel-aquo spectrum. The second feature is the change 

in the position and shape of the bands of a given solution 

as the pH changes. Thirdly, the spectra of solutions with 

different nickel to citric acid ratios may be compared. 

4. 2 .1 The Sp.ectra of Equimolar Nickel and Citric Acid 

Solutions at Various pH's 

The spectrum of a nickel-citric acid mixture at pH 3 

is similar to that of the nickel-aquo species, with only 

slightly enhanced absorbance and little shift in the 

positions of the maxima. This similarity is to be expect­

ed, since the distribution plots of Chapter 3 show that, 

at pH 3 , most of the metal is in the uncomplexed aqua form 

(see Figures 3.3 and 3.4). However, as the pH is increased, 

the absorbance at all wavelengths is enhanced, and the 

wavelength of maximum a.bsorbance, Amax, £or each band 

changes. 

Figure 4.2 shows how the shape of the absorption 

band at approximately 400 nm changes as the pH is varied. 

As the pH is increased from pH 2.5 to pH 4, the wavelength 

of maximum absorbance is decreased. In the case of a 1:1 

solution, the wavelength of maximum absorbance shifts 

from 398 to 393 nm as the pH increases from 3 to 4. The 

wavelength of maximum absorbance is invariant as the pH 

increases from 5 to 8. As the pH is further increased 

into the alkaline region, the wavelength of maximum absorb­

ance sha.rply increases. These changes are shown in Figure 

4.3, which records the wavelength of maximum absorbance as 

the pH is varied. 

The shift in the wavelength of maximum absorbance of 

the band at approximately 700 nm is characterized by changes 

in the asyrnmetr y of the b,:rnd ( see Fi.gure 4. 4) . Figure 4. 5 

shows this shift in wavelength of maximum absorbance as the 

pH changes. There is a dramatic decrease in the wavelength 

of maximum absorbance as the pH increases from 2.5 to 4 (740 

to 680 nm) . In the pH rancJc-~ 4 to 8, there is no cha...7ge in 

the wavelength. As the pl-I increases above pH 8, the absorp­

tion maximum shifts to slightly longer wavelengths. 

Figure 4. 6 shows the changes in the absorbance at A max 



Figure 4.2 Absorbance Spectra for the 400 nm Band 

of Nickel-Citric Acid Solutions as the 

pH is Varied 
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Figure 4.3 Wavelenqth of Maximum Absorbance for the 

400 nm Band of Nickel-Citric Acid 

Solutions as a Function of pH 
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Figure 4.4 Absorbance Snectra for the 700 nm Band of the 

Nickel-Citric Acid Solutions as the 0i 1s Varied 
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Figure 4.5 Wavelength of Maximum Absorbance for 

the 700 nm Band of Nickel-Citric Acid 

Solutions as a Function of pH 
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Figure 4.6 Absorbance of the 400 nm Band of Nickel­

Citric Acid Solutions as a Function of pH 
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for the 400 nm band as the pH increases. The diagram 

records results from three experiments carried out at 

different times. The data from these experiments agrees 

well. The absorbance of this band increases as the pH 

increases from pH 2.5 to 5; is constant through the range 

5 to 8; and increases dramatically as the solution becomes 

alkaline. The shape of the absorbance - pH plot for the 

700 nm band is almost identical to that of the 400 nm band. 

The shape of the absorbance -pH plot may be explained 

in terms of the equilibria involved. Reference to Figure 

3.3 shows that in the case of a l:lT solution, as the 

pH increases the concentration of complexed metal is in­

creasing. By about pH 5, complex formation is near­

complete and hence, the a.bsorbance is constant until 

alkaline pH's, when new complexes, which must have a 

greater extinction than those in the acidic pH range, 

are formed (see Section 3.5). 

Qualitatively similar results have been observed 

in earlier studies (39, 9B,99). In these works, the pH 

was controlled by using a large excess of acetate and 

borax buffers. As acetate will complex with nickel ions 

(53), the nickel-citric acid equilibrium will be affected. 

The absorbance was measured at only a few selected wave­

lengths and, as shown in Figures 4.3 and 4.5, the wave­

length of maximum absorbance is by no means fixed as the 

pH is varied. In addition, nickel concentrations much 

higher than those used in this study were used. 

4.2.2 Effects of Excess Citric Acid on the Absorption 

§__pectra of Nickel-Citric Acid Solutions 

The position and shape of the absorption bands in the 

spectra of solutions where the nickel to citric acid ratios 

are 1:1 and 1:3 are not the same. Figure 4.7 records the 

spectra of a nickel chloride solution, and nickel-citric 

acid solutions with ratios 1:1, 1:2 and 1:3, and total 

metal concentration of 0.05 M. The pH of the complex 

solutions is near neutral. The graph shows that, as the 

concentration of citric acid exceeds total nickel, the 

absorbance of the 400 nm band decreases, and there are 

chw1ges in the shape of the 700 nm band. However, for all 
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complex solutions, the absorbance a.t both bands is greater 

than that of nickel alone. 

The shifts in the wavelength of max1rn11m absorption at 

both bands for tt1e solt1ti.ons discussed abo,12 were st:ch that 

changes in the colour of the solution when the nickel-citric 

acid ratio was increased from 1:1 to 1:3 were noticeable 

to the eye. 

Figure 4.8 shows how the absorbance of a 1:1 and a 

1:3 solution differ at various pH's for the 400 nm band. 

At any pH between 2.5 and 4, th~ absorbance of a 1:3 

solution is greater than that of a 1:1 solt1tion. In the 

pH range .5 to 9 where the obsorbance is constant, the 

11 platea.u 11 for t.hr.:: 1: 3 solution is below that of the 1: 1 

solution. In the alkaline region, both solutions show a 

dramatic inc:rf~a.se in absorbcu1ce as the pH increases, but 

at any given pH, the absorbance of the 1:3 solution is 

less than the 1:1 solution. ThE~ changes in a.bsorbance £or 

the 700 nm band were sin1ilar, though smaller in magnitude, 

to those for the 400 nm b,rnd. 

Reference to the distribution curves .for a l: 1 and a 

1:3 solution (Figures 3.4 and 3.8), provides a reason for the 

differences between the spectra of the 1:1 and 1:3 solutions 

in the acid pli range. Co1nplex formation is greater at low 

pH's in a 1:3 solution than it is in a 1.:1 solution; hence 

the greater absorbance at any given pH in a J.:3 solution. 

f 
. - 4- t . . .. The ormatJ_on or ML2 Jccomes significant at about pH 5 

in the 1:3 solution, and it is at tl1is pH that the absorb­

~nce of the 1:3 solution begi.ns to decrease wl1cn compared 
4-to th(? 1:1 solution, where ML2 is not founrt in significant 

amounts. 

The wavelength of maximum absorb~ncc at any giver1 pH 

shifts to higher energies j_:f citric acid .i:; in excess. 

This is shown fo.r thE~ 700 nm band in Figure-~ 4-.9. There is 

a distinct sl1ift of 10-15 nm tolva.1:cls shc>rter wavelengths 

when !lickc:1 t.o citric acid ra.tios change irom 1:1. to 1:3. 

A poss:i.b]e shift o.f 2 to 3 nm in the ca..sc of thi:.::: band a.t: 

400 nrn is som12what difficult to dr:::f:i.ne, s.i.1:ce the unC(;~rtain­

ty in readir1g the wavelength of the Sflectra is of that 

order (l-2 nm) 



Figure 4.8 Absorbance at 400 nm Band of Ni.ckel­

Citric Acid Soluti.ons With Ratio 1:1 

and 1:3 ;:;s c1 Function of pH 
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Figure 4.9 Wavelenoth of Maxlmum Absorbance for the 

700 nm Band of Nickel-Citric Acid Solutions 
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Similar changes in the absorbance when excess citric 

acid is present hav e been reported £or solutions where the 

metal concentration was higher and buffers were used to 

control the pH (39) . This previous study measured the 

absorbance at selected fixed wavel engths (400 nm and 700 nm), 

and hence, did not take accou nt of th e shifts in the wave ­

length of maximum absorbance . 

Summary 

The magnitude of the absorbance and the~ values max 
for nickel-citric acid solutions are dependent upon the 

pH of the solution. 

When excess citric acid is present, the spectra of. 

nickel chloride and citric acid solutions are not the same 

as when equimolar amounts of nickel and citric acid are 

present . The difference in the spectra is highlighted by: 

(i) a smaller absorbance for the excess citric acid solut-

ions in the pH range 5 to 9; and (ii) shifts of th e absorp-

tion bands to shorter wavelengths for the solutions contain ­

ing excess citric acid. 
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Discussion 

The results of this investigation have been presented 

in the previous two chapters. The aim of the investigation 

was to undertake a more tl1orough study of the equilibria 

between nickel ions and citric acid over a wide range of 

pH. However, time did not permit the complete analysis of 

the alkaline titration data. 

1 '3.5 



5.1 THE STRUCTURE OF CITRIC ACID 

Citric acid has three carboxylic acid groups and 

one hydroxy group ( as shown in Figure 5.1). 

Figure 5. 1 Structure of Citric Acid 

CH2·-COOH 
I 

HO-C - COOH 
I 
CH2-COOH 

As such, citric acid has four potential donor groups 

in complex formation. The carboxylic acid groups can 

be ionized, and the resulting carboxylate groups may 

be coordinated. In this case, the negative charge is 

delocalized over the group: 

0 
/;· 

R--C ( e ~-0 

136 

The hydroxy group may also be coordinated, in which 

case the pK for the removal of the hydroxy proton would 

be lowered, and hence it is possible for the coordinat-­

ion of -o-
Thc Jarge numbe.r of donor groups makes citric acid 

a multidentate ligand capable of forming chelate complexes. 

Each of the complexes characteriz,ad during this study, 

ML-, MHL, MH2L+ and ML~-, may be a chelate complex as a 

result of a combination of the above-mentioned types 0£ 

coordinate borids. In addition, the multidentate feature 

of the ligand means that different complexes with the 

same stoichiometry may be formed. These will depend on 

whjch combi.nation of do11or groui>s is involved. 
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S .2 THE STABILITY AND STRUCTUl,E OF NICKEL-CITRATE' 

COMPLEXES 

Stability co11stants are reported in Table 5.1 for 

the formation of nickel complexes with the following 

carboxylic acids: ci tri.c, tricarbal.lylic, ma.lie, 

succinic, glutaric and acetic~ acids. The values 1:"or 

citric acid are ·the average of tl1ose of Table· 3.27. 

ThQ structure and systematic name of each acid is 

given in Table 5.2. 

5.2.l Stability and Structure of ML-

In the pH range 4-7, the complex ML- dominates. 

111 the complex species, tl1e proton will have been lost 

from each of the three carboxylate groups, hence the 

ligand carries a 3- charge. In this pH range, the hy-

droxy proton is intact. 

form 

Therefore] the ligand i.s of the 

CH-,-Coo-
1 ~ 

HO-C - coo­
l 
cH2-coo-

Evidence for the formati_on of c!1elate complexes 

can be drawn from the stability of the complex ML 

(log K~L = 5.5). If only one, c2rboxylatcc, group was 

coordinated, then a formation constant similar in 

magnitude to that for the~ nickel-aceta.te complex, ML 

would be expected. Reference to TabJ.e 5.1 shows that 

tt1e nickel-citrate complex is several orders of mag11:Lt­

ude n1ore stable than tl1e nickel-acetate complexo 

Usj_ng 1nodels it is appare11t t!1at triionized citric 

acid can coordinate i.11 several ways, tl1ree of which are 

fe2sible. O11e of these i.r1volves coordinatj_on through 

the hydroxy {Jroup and t\vo carboxylate groups 1 the cent.r2 ... l 

group a11d 011e terminal groL1p. The second ir1volves tl1e 

two terminal carboxy1at0 qroup~. ~lnd the 1'1y,.::LLoxy c_;i.roup, 

\vhj_J.e the third involves coordinatic,n throL1gl1 all thre0 

carhoxylatc groups. Sl<etchcs of these three strt1ctures 

~re shown in Figt1res 5.2, 5.3 2r1d 5.4 res1Ject~vely. 



Table 5.1 Formation Constants of Complexes of Nickel 

With Several Carboxylic Acids 

Log of Equilibrium Constant 

Acid 
M KM KM 

KML MHL MH2 L 

Citric H3 L 5.50 3.36 1.5 ( B2 = 7.9) 

Tricarballylic 2.7 1. 6 1.0 

H3 L 

Malic H2 L 3.3 1.4 

Succinic H2L 1.6 

Glutaric H2 L 1.6 

Acetic HL 1. 65 13 ,) 
-"-

= 2.96) 

13B 

Reference 

this work 

35 

101 

101 

102 

104 
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Table 5.2 Structure and Svstematic Names of Sc-;veral 

Carboxylic Acids 

Common Name 

Citric 

Tricarbc1llylic 

Malic 

Succinic 

Glutaric 

Acetic 

Structure 

CH2 -COOH 
I 

1-10-C - COOH 
I 

CH2 -COOH 

Cil2 -COOH 
I 

Cl-I- COOH 
I 

CH2 -COOH 

CH?-COOH 
I -

HO-CH- COOH 

CH,,-COOl-l 
I ~ 

CH2 -COOfl 

CH2 -COOH 
I . 
CI-I? 
I -

CH2 -COOH 

C!! 3 -COOH 

~ . N 103 vystemat1.c t·ame 

2-hydroxy l,2,3-propc1ne­

tricarboxylic acid 

1,2,3-propanetricarboxylic 

c1cid 

hydroxy- ethanedicarboxylic 

acid 

1,2-ethanedicarboxylic acid 

1,3-propanedicarboxylic acid 

ethanoic acid 



Figure 5.2 Possible Structure of t~1e Complex ML 

H20 --

A: Coordination hydroxy 

central and terminal carboxylJtc 
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Figure 5.3 Possible Structure for the Complex ML 
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Figure 5.4 Possible Structure for the Complex ML 

C: Coordination 
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The qttestion arises as to which of these structures 

is the most likely form of the com1Jlex ML-. 

Citric acid and tricarballyJ.ic acid each have three 

carboxylic acid groups, but citric acid has a hydroxy 

group attached to the central carbon atom, while tricarb-­

allylic acid has a proton in this position (see Table 5.2). 

Reference to Table 5.1 shows that the nickel~citrate 

complex ML- is at least two orders of magnitude more 

stable than the corresponding tricarballylate complex, 

in spite of tricarballylate being a stronger base than 

citrate (35). This provides some evidence for implicat-

ing the hydroxy group of citric acid in the coordination 
~ 

of LJ- to the nickel (II) ion. A similar comparison i~ 

also noticed for malic acid (having a hydroxy group) 

and succinic acid (see Tables 5.1 and 5.2). 

It is well known that the stability of a chelate 

complex is related to the size of, and the number of 

chelate rings formed (113,114,115,116). In general, 

five-membered rings tend to be the most stable, with 

the stabil.i.ty decreasing as the ring size becomes 

larger ( 114). The stability of complexes also increases 

lvith the number o.f chelate r:Lngs (113). Reference to 

Figures 5.2, 5.3 and 5.4 shows thi1t the three complexes 

each have two chelate rings, but the rings are not all of 

the same size. The complex ,vith the ceDtral and terminal 

carboxylatc groups coordinated along with the hydroxy 

group has one five-membered ring and one six-rnembered 

ring. Th;.:~ cornplc::,x with the hydroxy group and the two 

terminal carboxylates coordinated has two six-membered 

rings. The ·tri-c:arboxlyate coordinated complex has two 

seven-membered ri.ngs. 

On tl1e basis of ri119 si.zc effects, the complex with 

the hydroxy group, the central and tQrmina.l cc.1.rboxyJ.ate 

groups coordinated would be the most favoured. 

Coordination of the l1ydroxy group in niclcel-citratc 

complexes has bE!Cn implicated p.rc~viously (99,117). 

Supportive evidence :for the: coordination o.f the 

hydroxy group can be dra,vn £ron1 an x-ray structural study 

of iron(II)-citrate complexes ('J4). This study character-
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ized a tridentate chelate of triionized citrate and 

iron(II) in which the protonated hydroxy group, the 

central and one terminal carboxylate group are coordinat-

ed to the iron(II) ion. The third carboxylate group was 

involved in a bridging between iron(II) ions, completing 

a polymeric structure. 

It should be noted that using the techniques in· 

this work there is no way to determine which, (or what 

combination), of the three proposed structures dominates 

in the solution. The formation coristant for ML- is a 

"macrocons tan t 11
, comprising ·the "microcons tan ts" for 

each contributing species for ML-. 

5.2.2 Stability and Structure of MHL 

This is the complex where one of the three carboxyl­

ate groups is protonated. Comparisons with the MHL com­

plexes of tricarballylic, malic, succinic and glutaric 

acids can provide information regarding the likely 

structure of the nickel-citrate MHL complex (see Tables 

5 . 1 and 5 . 2 ) . 

A comparison uf the stability of the citrate complex 

l\lHL (log K~HL;
1

3.36) and the nickel-tricarballylate 

complex ( log KMHL = 1. 6) indicates that the hydroxy group 

of citric acid is again involved in coordination. 

The citrate complex MHL is at least an order of 

magnitude more stable than the ML complE°·xes of succinic 

and glutaric acids (see Table 5.1). All three complexes 

have two ionized carboxylate groups, and the fact that 

the citrate complex is the more stable lends further 

support to the involvement of the hydroxy group in 

coordination. If the hydroxy group was not involved, one 

might expect the stability of the citrate complex to be 

similar to that of the succinate and glutarate complexes 

(having regard to the basicity of each ligand). 

Coordination of the two ionized carboxylate groups 

of MHL may take place in two ways. Firstly, if the 

central carboxylate and one terminal group are coordinat­

ed along with the hydroxy group, then there are two chelate 

rings, one five-membered, the other six-membered. Secondly, 

the coordination of the two terminal carboxylate groups 
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along with the hydroxy group results in two six-membered 

rings. These two complexes have the same coordination as 

those of Figures 5.2 and 5.3 respectively, but the free 

carboxylate groups are protonated. 

The stabilities of the nickel-citrate complex,MHL, 

and the malate complex, ML, are similar. This similarity 

in stability suggests that the mode of coordi~ation may 

be similar £or the two ligands. As noted earlier, and in 

other works (35,101), coordination of malate is thought 

to involve the hydroxy group. The likely mode of coordinat-

ion in the protonated citrate complex is with the central, 

and one terminal carboxylate group coordinated along 

with the hydroxy group. 

Coordination of the two terminal carboxylate groups 

along with the hydroxy group of citric acid would result 

in two six-membered rings, slightly less favourable than 

the complex with the central carboxylate group coordinat­

ed. Comparison of the citrate system with that of hydroxy­

glutaric acid would provide evidence as to whether or not 

this mode of coordination is likely. Unfortunately, no 

data were available on complexes of nickel and hydroxy­

glutaric acid. 

However, it is considered that the structure with the 

central and terminal carboxylate groups and the hydroxy 

group is the most favoured structure £or the complex MHL. 

5.2.3 Stability and Structure of MH2L+ 

This complex has only one coordinated carboxylate 

group. It will be noted that the stability of this complex 

is similar to that of the corresponding malate complex, 

MHL (having the hydroxy group and one carboxylate group, 

see Table 5.1 ctnd 5.2), and of greater stability H"c\n --tl,e, 

corresponding tricarballylatc complex. 

These comparisons suggest that the hydroxy group is 

coordinated in the citrate complex. On the basis of ring 

size effects, the central carboxylate group is probably 

coordinated. This would result in a five-membered ring, 

whereas coordination of a terminal carboxylate group along 

with the hydroxy group resu.J.ts in a six-membered ring and 

would be of lower stability. 
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'5 .2 .4 
4-Stability and Structure ML2 

No previous equilibrium constants have been reported 
4-for the formation of the bis nickel-citrate complex, ML2 . 

Possible reasons £or this have been discussed in Section 

1. 2. 

and 

ion 

The stepwise 

log K ML = 2. 4 
ML2 

( 118, 119 , 120) , 

Comparison of 

formation constants are logK~L = 5.5 

As is usually found in complex format-· 

K ML is less than K MML" ML2 
the stepwise formation constant for 

4- ML 
ML2 (log KML

2 
= 2.4) with the corresponding copper-citrate 

value ( log K CuL = 
CuL2 2.2 (33)) shows that the value for nickel 

is of the expected magnitude, but is in apparent conflict 

with the Irving-Willianis Order ( 121), which predicts that 

copper complexes are more stable than nickel complexes. 

However, octahedral copper(II) complexes which have an 

electronic configuration 3d9 are subject to Jahn-Teller 

distortion (122, 123) This would account for the lower 

stability of the bis species for copper. This apparent 

reversal of the order of stability of nickel and copper 

complexes has also been observed for other complexes 

e.g. tris-ethylenediamine complexes of copper and nickel 

( 124) . 

Reference to Figures 5.2, 5.3 and 5.4 shows that any 

of the three structures are able to accept a second ligand. 

In each case, the first ligand occupies three coordinate 

sites of the octahedron. A possible structure for one of 

the feasible bis structures is given in Figure 5.5. It 

will be noted that this structure has two uncoordinated 

carboxylate groups. There would appear to be no reason 

why one or both of these groups could not be protonated. 

However, analysis of titration data failed to 

characterize a complex where both M(HL)~-, or only one, 

MHL~-, of these carboxylate groups was protonated. 
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F:i,gure 5.5 
4-0ne Possible Structure for the Bis Complex ML2 
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5.3 THE SPECTRA 0~ NICKEL-CITRIC ACID SOLUTIONS 

5.3.1 Band Assignments 

The spectra of the nickel-citric acid mixtures are 

typical of octahedrally coordinated nickel. There are 

three absorption bands in the visible-nir region of the 

spectrum at wavelengths of 1100, 700 and 400 .nm. 
. 8 f. . the energy level diagram for the d con:1gurat1on, 

Using 

these 

bands are assigned to the three spin allowed transitions, 
3 A2g ~ 3T2g, 3A2 g -> 3 T1g(F) and 3 A29 _, 3 T19 (P) (1.25). 

These transitions can be seen on Figure 5.6 (126). 

Figures 4.1 and 4.7 show that the band at approximate­

ly 700 nm is split in the case of the nickel-aqua spectra. 

This is due to spin orbit coupling, which mixes the 3 T1g(F) 
1 and E9 states which are very close in energy at the ligand 

field energy, ( 6. 
0 

), given by 6H20, approximately 900 cm- 1 

(125,127). This can be seen on the energy diagram 

(Figure 5.7) where the ~ 0 (H20) is marked. 

In the presence of citric acid, the band at about 

700 nm becomes more symmetrical (see Figures 4.4 and 4.7). 

This is indicative of coordination of ligands of greater 

ligand field strength then H20. It is evident from 
A 3 Figure 5. 7 that as Do increases, the energy states T1g(F) 

and 1 Eg separate and the mixing of these two states becomes 

1 ess likely. 

5.3.2 Calculation of the Extinction Coefficients and the 

Ligand Field Strength of L3 - in the Complex ML-

The absorbance of several solutions with equimolar 

nickel chloride and citric acid was measured at about pH 7. 

This ensured that, to a first approximation, the only 

species present is ML- (see Figure 3.3). 

The extinction coefficient, f, is a quantity related 

to the absorbance and concentration of the absorbing species. 

The relationship is quantitatively described by the Beer­

Lambert Law, A= Ebe, where A is the absorbance, c the con­

centration, and b the pathlength of the incident radiation 

through the absorbing solution (128). 'J'hc~ extinction 

coefficient is also dependent upon the wavelength of the 

incident radiation, and should always be given along with 

the wavelength. 



Figure 5.6 Energy Levels for d 8 Configuration and 

Allowed Transitions for Ni (II) 
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Figure 5.7 3 -­Calcul ation of Ligand Field Strenath for L 
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The extinction coeffici ents calculated for the 

nickel-citrate species ML-, at the wavelengths 0£ maximum 

absorbance ar e : 10.83 (393 nm), 4.20 (670 nm) and 3.5 

(1150 nm). The unit of the extinction coefficient is 

lmoi - 1 cm- 1 These values are several times greater than 

those for the nickel-aquo species, [ Ni(H2o) 6 ] 2 +, which 

has the extinction coefficients of 5.0 (393 nm), 1.76 

(670 nm) and 1.80 (1150 nm). 

Since in an equimolar nickel-citrate solution at 

pH 7 the only species present is ML-, it is possible to 

calculate the ligand field strength ( ~o) of the ligand 

L3 - . The position of the bands £or such a solution are 

393, 670 and 1170 nm. These correspond to energies of 

25,400, 14,900 and 8,500 cm- 1 respectively. These energ­

ies give a reasonable fit to the Tanabe-Sugano diagram 

with a Racah Parameter of 8=760 and a 6
0 

of 1190 cm-l 

(see Figure 5.7). This value of 6
0 

for the citrate 

ligand L3- is greater than that £or the nickel-aqua 

species, 6 0 = 870 cm- 1 (129). 

5.3.3 Interpretation of 1:1 Nickel:Citric Acid Spectra 

The spectra of equimolar nickel-citric acid solut­

ions are dependent upon the pH. As the pH increased to 

near neutral, the absorbance increased, and the wavelength 

of maximum absorbance shifted to shorter wavelengths (see 

Figures 4.2, 4.3, 4.4 and 4.5). 

As citrate ions become coordinated around the central 

nickel(II) ion, the octahedral field becomes distorted. 

(Water molecules around nickel form an almost perfect 

octahedron). As the octahedron becomes distorted, the 

symmetry of the comp lex is lowered. Generally, as the 

symmetry of an octahedrally coordinated complex becomes 

less regular, the extinction coefficient increases (1 30, 

131). A typical example is the cis and trans isomers .for 

the cobalt (III) complexes of the type CoA4B2 (132). 

The increase in the intensity of the absorption 

spect rum with pH results from the increased extinction 

coefficient of the nickel-citrate 1:1 complexes as compar­

ed to the nickel-aguo complex (e. g. at 393 nm E(ML-) = 10.83 

and E(Ni-aguo) = 5.0 lmol- 1cm- 1 ). This indicates that the 



Table 5.3 Extinction Coefficient for ML Calculated 

From the Absorbance Data of Several 1:1 

Nickel:Citric Acid Solutions at pH~ 7 

Total [ Ni] Wavelength 
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110- 3 
M 393 nm 670 nm 1150 nm 

A E. A E:. A (. 

1. 90 0 .021 11.02 0.0079 4.20 

1.90 0.020 10.50 0.0076 3.99 0.0065 3 . 41 

3.81 0.042 11. 03 0.016 4.20 0.014 3 . 67 

3.81 0.041 10.76 0.017 4.41 



octahedral field of the complex ML is distorted com­

pared to that of the nickel-aqua c omplex. 
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The shift of the absorption maxima to shorter wave­

lengths (higher energies) is indicative of the coordinat­

ion of ligands with a greater ligand field strength. 

While it is generally accepted that the carboxylat e 

group has a ligand field energy l es s than water (127, 

133, 134, 135), it is also noted that the dicarboxylate 

groups, oxalate and malate, have ligand field strengths 

approximately equal to water (127, 133). The results of 

this work show that a combination of either three carbox­

ylate groups, or two carboxylate groups and the hydroxy 

group, have a greater ligand field strength than water 

The shift in the peaks of the spectrum is great e st 

in the pH range 5 - 8, where only ML- is present (see 

Figures 3.3, 4.3 and 4.5). The approximately linear 

decrease in Amax in the pH range 3 to 5 would result 

from the increase in,, coordination of the ligand a.s the 

complex species moves through the series MH2 L+, MHL and 

ML-, as the pH increases. 

5.3.4 Interpretation of the Spectra When Excess 

Citric Acid is Present 

Two features exist to distinguish t:he spectrum of, 

say, a 1:3 nickel:citric acid solution from that of an 

equimolar solution. The absorbance of a 1:3 solution 

through the pH range 5 - 8 is less than that of a 1: 1 

solution, and the absorption bands are shi.fted to short-

er wavelengths (see Figures 4.7, 4.8 and 4.9). Both 

these features are consistent with the formation of a 

bis species. 

In a 1:3 nickel:citric acid solution at pH 7, the 

only complex species present are ML- and ML1- This 

is shown in Figur e 3.8. In such a solution the total 

absorbance will be the sum of the absorbance of each 

absorbing species. 



154 

= AML + 5.1 

where bis the pathlength, Ei and Ci ar~ the extinction 

coefficient and concentration of species i respectively 

{136). 

Using equation 5.1, the extinction coefficients 

for the complex ML~- were calculated at a number of 

wavelengths. The values obtained were 8.9 (393 nm), 

4.6 (666 nm), and 6.4 {1150 nm). It should be noted 

that these values are only approximate, and will not 

correspond to those of the absorption maximum of a 
' 

solution of pure ML1- They are therefore not a very 

useful aid in coming to any conclusions regarding the 

symmetry of ML1- compared to that of ML-. 

The shift of the absorption maxima to higher 

energies when excess citric acid is present is consist­

ent with the greater ligand field strength £or the 

ligand relative to H2o. 

5.3.5 Interpretation of the Spectra in the 

Alkaline Region 

The spectra of alkaline nickel:citcate solutions 

have two features when compared · to those of acidic sol­

utions: greatly enhanced absorbance, and a slight shift 

to longer wavelengths (see Figures 4.2 to 4.6). 

It has been suggested (39) that the hydroxy proton 

is removed from the 1:1 complex ML- at alkaline pH's. 

This is quite likely. However, it would not account 

for the large increase in absorbance, as the formation 

of MH_ 1 L2 - would not necessarily result in much further 

distortion of the octahedral field (see Figures 5.2 to 

5. 4). 

Polymeric complexe s of copper and citrate have 

been reported in the alkaline pH range (47). It has 

been suggested that the structure of these complexes 

involve the bridging of complex uni ts of stoichiometry 
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M2 (H_ 1L) 2 by hydroxy groups. 

complexes exist for nickel. 

It is possible that similar 

A complex of nickel and tetraionized citrate has 

been crystallized from alkaline solution (94). X-ray 

techniques indicate a large anionic complex in which two 

tetrahedra of complexed Ni.(II) ions are joined together 

by bridging citrate carboxyl groups. The faces of the 

tetrahedra are capped by ionized citrate hydroxy oxygen 

atoms. Such a complex species would have a large 

extinction coefficient due to the tetrahedral ligand 

field about the Ni(II) ions. This is consistent with 

the experimental observations of this work. 

It is evident that a good deal of further work is 

required in order to fully determine the nature of the 

interaction of nickel and citrate ions in alkaline sol­

utions. 



5.4 SUMMARY 

Titration data of nickel:citrate ratio near 1:1 

have been analysed satisfactorily in terms of the 
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+ . . . 
complexes ML-, MHL, and MH2L, while when exc e ss citric 

acid is present, a further species , ML~- is formed. 

The spectrophotometric results can readily be 

interpreted in terms of the above c omplexes. The 

differences between the.spectra o f solutions with e qui­

molar nickel and citric acid, a nd solutions wher e 

citric acid is in excess, can b e explained by the 

presence of MLj- in the latter solutions . 

The most probable structure f or the complex ML 

involves the coordination of the hydroxy group alon g 

with the central and one terminal carboxylate groups. 

Analysis of both potentiometric and spectrophoto­

metric results indicate a bis species exists in solut­

ions where citric acid is present in greater concentrat-

ions than nickel ions. Hence, in plants with excess 

citric acid over nickel, bis ~pecies are likely to 

exist. 

Suggestions for Further Work 

Other carboxylic acids have been implicated in 

nickel-accumulating plants. Studi e s of the solution 

chemistry of mixtures of these acids and nickel ions 

are not wide spread. It would be worthwhile to inv e stig-

at e these systems and those of mixed acids, since plants 

often have more than one carboxylic acid pres e nt, in 

high concentrations . 



_h~pendix 1 

Algebra of Least Squares 

Linear Observational Equations 

A set of m equations, linear in the unknown parameters 

x
1

, x
2

, . xn, m > n, ,may be expressed in a matrix notation 

AX = b 1 

where A is an (mx n) matrix, x a vector of order n and b a 

vector of order m. The elem en ts of A and E_, a .. and b. , are 
lJ l 

subject to experimental error if the system of equations 1 

arise from experimental observations. When this is the case, 

an exact solution to equation 1 cannot be obtained, and some 

means by which th e "bes.t" solution is obtained must be used. 

A vector of residuals, r, is defined so tha.t 

r = b - Ax 2 

The best solution is, that x for which the sum of squares 

of residuals is a minimum, i.e. min imise 

M 
T 

= r r 3 

h 
T . 

were r is the transpose or th e vecto r r. The minimising 

condition, 

dM 

dx 
= 0 

where O is the zero vector, gives rise to the normal 

equations (106) 

T 
A AX = 

157 

4 

5 
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The normal equations can be solved directly to obtain 

estimates of~ by premultiplication of ATb by (ATA)- 1 . 

X = (AT A) -l AT b 

Non-Linear Observational Equations 

Consider the case where the functions, 

the unknowns, X.' 
J 

in some non-linear manner: 

f . = fi(xl' x2' X ) 
l. n 

f. = f. ( X) 
l. l. -

where X is a vector of order n. 

6 

f. , depend on 
l. 

7 

8 

The set of non- linear equations, £. , may be "linearised" 
1. 

by employing the Taylor expansion (107). Expansion of fi 

about the point (x~ ... x~) and neglecting the second and 

higher order derivatives gives rise to 

or 

f. 
l. 

c)x. 
l. 

dx. 
l. 

f. t? 
l. l. 

n z= 0 (x. - x. ) 
J J 

or 

6. f: 
. 

l. 
. 

j = 1 

n 

~ 
j = 1 ()X. 

l. 

9 

The problem is now of the form A~= b. However, since the 

non-linear terms of the Taylor expansion were n(~glected, it 

is necessary to iterate, that is, to repeat the solution 

of equat ion 9 with successive 

an x is obtained for which all 
-p 

correction vector for the p-th 

approximations, x, until --p 
e lements Of ~ x , the 

-·p 
iteration,are negligible. 

Convergence, though not always gLiaranteed, can be forced, 

by reducing the changes 6 xp ind:i.ca ted in each j_ tera tion, 

p, by a sufficiently smail £actor. 

This process is carried out by the program ORGLS. 
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Inversion of th e Matrix 

Solution of the normal equations, S, requires inversion 
'T' 

of the matrix Ai A. This wis accomplished by employing the 

Choleski process (108). A symmetric matrix A can be 

factorized, 

A LL T 

where Lis a lower triangular matrix. The inverse of A is 

given by 

-1 
A = 

= 

Now (L-l)T. Therefore to form the inverse of 

matrix A, the thr e e steps in .the process are: 

1. factorize the matrix into its lower triangular 

matrix 

2. invert the lower triangular matrix 

3. premultiply this matrix by its transpose. 

This process is incorporated in the computer program ORGLS. 

The matrix inversion is carried out by the program MATINV 

(see Appendix Two). 



_0~pend ix 2 

Computer Prograrns 

The FORTRA.1~ computer programs listed below were 

used on a Burroughs B-6700 computer. 

Program ORGLS 

This program was modified from the program ORGLS of 

lv.R Busing and l-I.A. Levy (109). The listing below shows 

the program i-ldopted to calculate the equilibrium cons tan ts 

for the nickel-citric acid complexes as defined in Section 

3.2. (The program ORGLS was also used to calculate the 

protonation constants of citric acid. The appropriate 

changes to the subroutines PRELIM and CALC have not been 

shown). 

The program consists o:f :five sections: the mainline, 

and the £our subroutines PRELIM, CALC, TEST and MATINV. 

PRELIM carries out preliminary calculati6ns on the titration 

data, e.g. calculation of Yobs from the data. In CA.LC, the 

value of the observed quantity is calculated from the 

parameters, P, the hydrogen ion concentration, X, and the 

free ligand and metal concentrations, FLIG and F'MET 

respectively. The calculated qua.ntity, Ycalc, is then 

passed back to the mainline. MATINV incorporates the 

matrix inversion process (see Appendix One). TEST is 

used to apply checks to the parametc-:?rs at the end of 

each least squares cycle e.g. test for convergence, and 

zero or negative parameters. 

Program COMICS 

This progra_r;1 J.s an adapted version of the procJram 

COMICS of D.D. Perrin and I .G. Sayce (110). Changes are 

160 
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restricted to the incorporation of the subroutines STORE 

and PLOT to enable the distribution curves to be plotted. 

The progra,.'11 calculates the equilibrium concentration of 

defined species given the appropriate overall stability 

constants for ,each species (5b). 
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Wkll[(6Pl7) !LlG.t>lM~lPA~K 
1J U l 1 I :: 1 P fi u 
xc1 .. 1)=x<ip1J~0.0Di 
Xll,X)=lOe~'At~x(l,l)) 
Q=PlVULl(P!~UL~VOL(J)) 
A l r, ii = V O L ( l ) ~: A L t', / C I; l v (1 L -t V U L ( l ) ) 
T /,C !D~~ I AC A U*lJ 
TH LI C 1 ) =- l ht. ·1 " Q 
TLILC l )=XLlu*l' 

11 Y~C! )=TACiu·ALkA+lau07l-14/(XC1,I)~~ANN~)·Xll,I) 
16 flJkf.i/\T(J(llv.3)1>t!IJ,ljp~ l0o3PF10o3) . 
i ? F c, R ,., ii 1 < 1 1 1 u L 1 GA 1,i u cu iJ c UJ r irn T ! u N i s 1 "u 1 ~ ,t 1 ' u i\i L ·r h 1.. co :,i c ui T 

lTlOr-1 lS '..,,Lllo41'.l: Ai...lC4LA C(Jl~ClidHATiUN A5 1 dtl,4//) 
r<lTUFHIJ 
Ll'<U 

TEST 
$ Li B i1 U UT 1 f~ L l [ ST ~ I ~ ·1 u PP i.J,. ~ l:l S 1 G" ! , ,-, ) 

UlNLNSIGN ~tJO),SuS1G(2J 
l :: 1 
H<r(l)) Jpi,,.4 
1 ~ T Li I'= 1 
Gu ! 0 5 
I::: I ·q 
lr(i.<-.hf-J :>.,,'.)p() 
A = I~ L O G 1 lJ ( ~ 111 0 l {, ( 2 ) ) ~ ii l U Li i O t S U S :t (_; ( 1 ) ) 
lf(A) lA;,L~J'}.~ 
l\=~A 
1f (Ad .. T,CloUvU5) GU iO l 
u L, I O il 
l ~ ·r L, t, :: 2 
l. UN I l t; UL 
t~L T Ld-U', 
Li·,D 
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MATIN\/ 

G l IH. N 5 I u N A 111 ( I U u ) 
r, A * ~ "' t, -1, 0 * ,\ ~ l C. i-i L ii l l. l.i t ~ 11 0 LE s K l. l i·J V [ r( ~ i IJ 1·, ,:, -~ i!. " " "' -I!- ,, lz -i· 

*-(,*** FACTuti t-1/dl<lX If~lu LUi'i[k lf<XAi,GU X Tr:ANSf'lJ~t:: ""*"'""' 
~, ::: 1 
!r ( f,1 = l )1 U ,9()./> ') 

/, H C ). ) ::: 1 • 0 / Ii 1,, ( 1 ) 
lil! IQ 2v4 
•

0 *"* L~U~ M Uf A(L,M) ***** 
IJL l H~lPf\i 
lH.t\A::t--1'"1 
*~",..* LuOt-' L Uf 1'\(L..•t,.'.) "'1'l*** 
iJ {J () l. :q,J .. i'·i 
~ lJ ~i h = l: • ~i 
1,LI=t. 
K ~1 I::. r--i 
lf ( 1MAX)2:;;pc_J,-l 
* * * * 1> SUM (J \J l H I :a 1 P M ~ 1 1\ C LP l ) * I\ ( l·I ;, I ) * * n "' * 
U O t. 1 = ! , l 1·1 A X 
SUMi..=5UMAtl.l..h(Kll )-t:A1-1(i\M!} 
J:qi= I 
KLI=KLI-tJ 
l\l'-11=-KHI'l-J 
* * * tr tr 1 £. 1, M::: ~ l l, t-; ) "'SU rl * * * * * 
T L H 11:: AM I. K J '" ~UM A 
lf(L"'M).:IPJP:> 
H{l[HM)10J>!OP4 
* ,., * * 1, A , MP M ) ::: 5 U I\ T ( l t_ R t'I ) ,;, ., * * * 
U t. rJ U i-1 = :; QI-< f I. TU{ 1·1 ) 
IH, ( I\ ) = 0 L NU M 
GU l U 6 
ti f A A L = r, 
liL IU 3v0 
\I ~ tr " 0 f,_ l l P Iii J : I l 1< M / /", l t-'1 P 1') ) ,'r -.~ * *,; 
,\t,:( I\)="[ tkH/,.,[/J(JM 
h;;; Kt 1 
CUN l il,U L 
* * * "' * 11 * * * i:- ;:, l G H l N l c. U f C ti UL l 51\ J. l i~ VE KS l [; i\l 
.. ·k * * * 1 N V L h;) ! u ~l i.J r T ;1 I /\ tJ u u L .~ h i'1 {\ r I{ I X ,\ ¢1 (, ft * 
A 1,, C l ) = 1 o U I A 1'1 ( i. ) 

l\(;M 00 1 
•••~• SI[~ L Uf H(LgM) ***** 
lJ U l O 11 L :: i'. P I'. 
KGM:.t<lJM+N"'!... 1-t'. 
* * * * * R L C l I'"' ti JC J1 L U f D 11-\ 1, u 1·1 f1 l T f_ Ii 1·1 1, " ,,, ~ ,, 
TlRM = 1o0/AM(Ku~) 
A M ( K [I M ) = T l t-<1'1 
Kt·1 I --0 0 
I\ L I :: L. 
IMAf-::.:L.=1 
* * * " * 5 I l I· r,, U r - l3 ( L .o i' ) tt t * ,~ ,, 
U U l O j h ~ l .P A i'I i\ X 
K = K L. l 
* * * "' * S li t-i T L f< 11 :-, * ~ * ::> ~, 
Su t-1 A:: v o v 
L; U l O ~ J. :: I!,. i. Ii AX 
rr::;--;1-11+1 
5 U M A = ~ lJ 1·1 A = A H ( IU_ 1 ) 1· A : 1 ( l l ; 
t< L l ~0 r< l. I ·i i./ "' l 
,H, ,H· * 1< w L. r :'} tJ t-i ii' in .. i.. Ii' u f u 1 A '...d) :rn L fdd"H' 
/~ M C r, ) = S i., M t1 ,, I r: I{ t-1 
J = i~ = M 

f; L. l :: K -t J 
1\Hi~Kt::X,·J 
CL.:li 111':Ul. 
"' 

1
' *" '~ * * "' * "· ::i L l. i'i L N ·, . .l l.J t Ct i L, l_ [ ~ l'. l 1 N \/Et< S 1 UN '' '' * v. "" ct 11 * ir ,, 

" 1' t, * * PR l ML' L ! l Pi.. Y LU j1 [ !< I I< 1 i\ ,·! (j L l. l, Y I 1< A 1'1 5 PUS::. ,, ,~ ,~ 1' ,,, 
i\;;:: l 
U lJ ~: 0 :J 1·1 ~~ 1 ,, i ; 
r\ll=rr; 
l) (J i. 0 2 L ~~ /t, ,. i'i 



K h l ::= f( 
l ~, A X. = t~ ~ L + l 
SuMA:c-:u.1J 
uo iU1 !=lP!MAX 
$ li M A = S U 1-i A + A h ( i~ L l ) ;, I\ 1-1 ( ,< M 1. ) 

Kll..:KL!tl 
;:: 0 l K ~-. l = f( M I + ! 

AM(l\)=suMA 
~Oi:: K=K~l 
2UJ CliNllNUL 
i::' 0 4 IJ f Ai, L = 0 
JOU Rl fliHf\i 
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COMICS 

PR () 1.i ti /1 M C Li 11; l C S 

l N f' u T U k T i•, 

i. Ii u i'i 6 Lt< u /" S l T 5 U t [XI' L ii 11·1 L NT AL CU 1-i U l l ! iJ NS ·1 U tH. l<U I'< 
2 Till[ ur TH[ lXt-'[R1!lU.iT (CAN uSf. CULS l"'dU) . 
j t\ u 0 L I u 1 n u 1 c " r l • r- A u 1 ::i rn 1 u (; T 1 u 11 f· L u T 1 :;; 1~ r u u rn L u 

II r-, [ N ;; ll u L =~ l SU l3 t< U u T l NL F' l. !j T l ~ C 1\ LL£. U . 
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HFUd.i Tu iiiulLATE It PRifd1 ilG Ur' cu1,Ct:Nl!U1l!Ur~!;i ,b l(Lilull~lo 
;fo E N 11 F Lin, :: l iJ [ ·r A 1L. L U Vid 1' , IT L H~ D r C (J i H; L N rt~ A T l [l Ii S l :; rr~ C L lJ U L G 

i. MuMb[i< ul LlGA ilU~; m 
tJUHbLi< LJf MLTt,L:.; NM 
Nu:1bL[\ ur: CU1·1t"'LLXLS hi-\ (lfiCLUlJLid~ r'hQTUiU1Tt.U tUi·:rv,~ Ur i_lGAi\i(; 

.i, i LJ ti y ... it-{ (J L ( s U..1 :~ L l ,\ L ) 
i·JUMb[1i Lil r'KuiUru\l[u LlCi.4liiJ CuHt'LLALS ill 

'..l /i CARu tui, lAt,;ri C ;.Jr1Pli:.>: St'lClLS L'.JiT li,G TnL rJuMtit.li Lr ~llJLt.CULLS 
U t L I ..., AN J L 1 2 3 [ I C U i-' T G l U ) T H L i~ lJ t-: b [ k L, f ! u r, S u f- r-. L T AL T H l 
i-J U ;,i lJ [ i( (H HY l) It LJ X Y L l lJ , ·J .'.) ( fl I-' U 5 .\ T 1 V L A 1\i r £ (_j t. ii ) lJ ti LJ t t-' Id_; f lJ r~ $ ( A 
ii t.. 1.., J\. T .l V L 1 id L L. EIO T H l L U G J\IU l i i M U I- T H L t. U i·i U L/\1' I \i L A 0 ::, u C 1 A 1 I Cl N 
f; u h s T M N T \J f Hi E s t' L C l t s 

o T i1 [ Tu TA L CU ti CENT II AT I u iJ lH i:.1\ t.; H L 1 G M·J u 
7 Ti1[ T1;TAL CONCENTnAlluN U~ [A(,H HLT!~L 
U I~ i.. AU ,.; C ,'\ t, 0 C.: u i-J l /I l N I f\l li TH t_ l N i T 1 AL f' H Ar' H 1 hi C r~ [ ML ii l /\ I~ lJ 

T i 1 [ T u T A l N lJ u f I·' Li I N I :.i 
9 T 1 TL E c ,, r< u r u 1( u 1 .:> r n 1 u u -r 1 u N PL u 1 I 

l U 1-; u U l -i O i h O ! CAT [ l r PL UT l S Tu l ;~ C LU L' l f' f< u TU!~;:,, l t i.J L l u ;\ i¼ [J ~PLC l t. ~ 
t~uOl = l l'klN1 PnuTLJNiilLD LIC,.,ND ::iPt::Ll[!:J 
( 1.i l V [Ii ll '( 1. TUI l ) 11 A $ UL LI~ R LACH ( U 

11 Ti1[/J 11lTutnJ Tu llL.1-12 ut-llli.. TOIAL f,lJMHlk fJ! L<r'li<ll·iLNlS 

Li 1 t-1 t. 1 i s 1 u i ~ 1~ l 2 (i o ) , ·r 1 l 1 o ) .• Y ~ c 1 o J , 1 3 , 1 u ) :, v 11 c 1 o ; , s r u T t 1 u ; j, L L r u T ~ 1 u ) , 
i. T X ( i. 0 ) , V X ( 1 u ) , H L ( 1 v ~ ?. 0 0 i P i1 !·I ( l (J" I. 0 0 ) P Mi 1 ( i O O ) , ii L ( l O;, 2 u v ) " µ, 11 ( 1 v, 2 u u ) , 
~AI; ( c. U O ) P B ( I. U O ) s> L ( 'i. U u ) ;, [JI i ( l U J ~ [J M f ( 1 0 J s> [ l I L !:. ( t 0) 

u 1 11 L r·i s I u N i, , 1 l 1 o u l , ~ 1·1 E T , , u o l p r L r iA c 1 0 \) ) , c u M f, < 1 lj o , 1 o u ) 

c LJ 11 i-1 u r~ L , Y 1 , '( ~, Y 3 .• Y 'i, b Tu l , c L. Tu T , T x ,. v x /J ML p r·i H, i1: 1~, ,1 L , A;.,, A 1. , 11 L , , i M, :~, ~, 
i.lJX, .li-'l 

1 f u I; 1-1 A T C l ~ ) 
2 f u H HA T < I- l t t!. ~ d X , i 1 iJ • ·I } 
6 F lJ I~ 1·1 A l ( ·, 1 J ;, ;.:: X , ~ 1 I. 2 X , i. ::::'. ) P J X P F u b ti ) 
l1 HJl<i-li\TCiUf.v.J) 
•J t u 1-11·1 I\ T c ' r u r AL cur, l, :~ u 1 H L ·1 AL < ' , 1 2" ' ) .c: 0 , r: 1 v • 4 > 

l u t u n i-1 11 T c ' , 1., T A L c u r i "' ~: u , L r u A N u < 1 
, 1 .:: p ' ) = 1 , L 1 u • ,, ) 

l 1 F Li fl i-1 AT C i 3 X, c. 11 C 1 ,, 9 X " .c: H C 2 P 9 X P ~ H C 3 P 9 X, 1.. fl C u ,, 9 X, ~ h C ::i;, i.,• ;; ;, ;: ! 1 L t , <.; x. , ;;:: H L I , 9 X 
l P ~ i 1.; 8 , 9 'f.. " 2 rl l. '-) , 9 X ,• 3 Ii i..; 1 0 ) 

i 2 F . lJ I< i ·i /\ l C 'i ( l 2. , l X ) ) 
17 ~GH11ATC2F1u.J,/XPiJ1 
.) 0 F Ci t'i H A l ( / / I ' i' ii ;;; ' , f u • 3 J 
J 3 f U I< l'i A T C ~ 0 C U "' t' L l L 2 L J L 1t L 5 L o L l L o l. } !_ l u i11 1 M <:'. M J 

l M 4 H '.) i1I (; ~1 7 1-1 ~) M ',I M l ll G ii Li.; G b L l fl. ' J 
j 4 r u tni A T c '. F 1< t. l 1,; L T 1, L ., ' ) 
.) :> I" u H I l AT C ll X , l v ( l X R 1 I' f. i, O • J ; ) 
-~ c.1 r' l.1 t~ 1,, A T C ' f i< l t. i.. 1 ti f~ ii :.1 S ' ) 
j l t. LJ f~ i i I, 'f ( 1 L :J 1•1 r' L [ X :) t' L C I f._ ;, 9 ) 

LI J F u f< i 1 1\ 1 ( i x .P 1 j " 1 ~1 = p r 3 , 1 u ( 1 x ? 1 1 • c 1 u o 3 ) ; 
44 ~L~11ATC,l,~A,ll) 
't 5 t U Iii l AT (I I l ' u TU i ;. L Cu :\JC Lid H !\ I I J N;; U t L. l u AN L, ~ A N :) Mt. 1,, L ~ 

), I I ) 
JO ( Lt<. 1 A T ( f- 0 A -1 J 
j 1 i CJ H i-1 A T ( . {) I , '. ._, A ~ / / ) 
: i 9 FU I< 11.i\ T ( l ii l J 

ii k I l E C 6 i' 9 9 J J 
iiLAuCS,l) ,,-., 
N,Ju=o 

l u o t< L A u ( ::i ~ , J u .l C 1 I I L L l ... ) ; l ,·: l. 1 ;: u ) 
1·1 h I I l ( 6 , l J l ) ( T L T L L :. 1 ) .P 1 :.:: 1 , .:. I) i 
t< L AL: ( '.:i, '1 i4 ) i\ U Li L .P i·J f. L " G 
;·; h ! I C ( 6 ,. s 5 J 
t< L Ii lJ l 5 p A 2 J 1, L f, : J 11 p h p I ( 1 
u L t J::: l .or, 
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i~ l:.. A i.J { '.J ., ,.: ) ( h L ( l " J ) • !, = l " l O ) P ( MM ( l P J ) .o ! ;:; 2 > 1 (; ) ;; MN ( J ) " l t J ) 
7 ti R l l £. ( 6 , () ) ,; .• { M L. ( ! " ..; ) ;, ! ~ 1 , ). 0 J ;, ( i"i M ( I " J ) i• l ::: l P l O ) P H Ii ( J ) r L C J ) 

~Hd1EC6,4">J 
kt.Au(5"0)· (l-LTUTC I),, 1:-s:1" !UJ 
klA0C5,o) CbIOTtIJ,t=lP10) 
WRlllC6,1~J C!,CLTUiCll"I=l•NL) 
WkIT(C6,9) C1,bTUT< 1l•I=l•NM) 
tiX=kL(;(.;tlU , v) 
lPT==1 
lJ(j 1+ J=lPl\j 
t, N ( J ) = t-1 r, c J ; 
UL LI I=lPl 1J 
AL( !PJ)=ML( u,i) 

I~ Af:i(!pJ)=M1-1(,,J) 
Uli 13 r=-1?, i 

i. 3 D ( I ) = L XI' ( h /.. ·i, [ C 1 ) ) 
(J LJ ! 4 l :;; l P i'I i't 

~ 1+ Y l. ( , ) = 8 I U l l ! ) -i, () • () li 0 11 1 
I.JG!'.:> I=lni L 

15 Y3(1)=CLTU!'ll~uauUuOl 
JJ~l . 
R LA lJ { 5 p l /) r- H { J J ,) I' r' i1 I~-) l L) T p 

! 6 U X = l X F' C ti X " 1> r1 t J J } ) 
IF(&PT·i.) lb,10P2/ 

! 8 DU l 9 I = l P 1~ ,~, 
19 V)di)=(31U1(U 

D lJ t. 0 l = 1 , i~ L 
lH1Y( I):::i ~v 
Du i2 JClpr'i 
IF(ML(I•J)J 22,22,~uo 

2 u O [J Li '- l K c: 1 P i·i h 
lf(MN(K"J)J 2~>~1,2i 

'c.l CGtHlNUr-
lJ /·l ( A ) :: ( L Xi-' ( r i X * F. ( J ) ) J <> U X * "' l·i i' 1 t J ) 
UMY(ll=uMYC A)+0MCl) 

t.2 CLNTINUL 
I. 0 C Li t-i'! Il'HJ L 

OU t'.3 I==l,. iiL 
~3 TXC!)=CLTL -itl)/l.Jrl'f(() 

;~7 CALL l01.aSl 1tiJ> NfL/l..0) 

l f C f-i f L 1i. -.. ) ;{ 0 , 4 6 " 11 l 
"' l ri R i I E C 6 , 3 0 ) r Ii ( J .J ) 

\·i h I .i [ < 6 I> 1 l ) 

-10 

'·t l 

4£' 

q 6 

1·1 k l T [ ( 6 " 3 14 ) 
II k l T E ( 6 " 3 S ; ( V X ( ! ) , i = l :, , I f·l ) 
I'll~! iC.(6PJt,j 
vi h I I l ( 6 ; j '.J ) ( l X t 1 ) , l :: 1 , , i L ) 
ifoI -1 [CG, 37) 
)d-':: u 
Kt'=1\f'+ l 
i<.N=l()t>rU' 
Kiii= r-u~9 
l f. ( I\ N "~ h ) Li l ¥ :~ 2 r- l; 2 
tJ k l I [ ( t,, 11 J ) K ~I " h :J " l \. ( l ) 1> 1 ::: i'; t, s> !<. N ) 
LdJ TU 4 u 
1,1 f< l 1 L c 6 , 4 ) ) K M .• ,~ ;, c c , I ) " 1 :: :\ r-1 ,, N ) 

C {, L l 5 T u ! l L ( ,) J ;, \/ X P 1 X P C , f•ll ·1 " ' i! .. ;, r J .o Fi -it. T " r L. l G P C U ! 1i' ) 

lf(JJ6(;L. ·lulP) t,lJ 1u 3b 
,JJ=JJtl 
PHCJ,J):::t-Ht,J.J " l )+ F !1l;, 
(i (1 i O 1 u 

jiJ li-Ci\Ql;[J Jl;Jl.d9 

J 9 CAL\_ i' Lu T ( I l; T f', ~-ii Pf L ! (; P ~ tH~ T /'C UM t'; fl" u TU I;, CL Tu T 1> 1~ 1 ) 

. .11 l;..iU;·NJ U -t 1 
Whl.1[(6v9'1-:) 
1 f C I~ ,J li •. 1, J J l O 6 P J;?,;; j / . 

,) 2 STU;;, 
U ,d..i 
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COGS 

L; l M t.. i\J S I u f J I L f< 1 ! ( ,: U iJ ) I' T L f: 1, t 2 CJ u ) P (; t 2 U U J ,, Y l t 1 u ) , Y L: ( l O ) ;, f 3 ( 1 ;_; ) , y 'i ( l (j ) p 

l b T O I ( 1 0 ) P (., L l lJ ) ( l () ) ,, I X ( 1 \J J , V /, ( l U J P f\ L \J ( l (i ) , fJ U l l U J :, T Y ( i U ) , V 'I' (. l u ) ; ~1 L ( 1 
~ U ,9 2 u 0 ) , MM ( ! Li P 2 G 0 ) P t-1,, ( t:'. U v ) P f, L ( 1 0 P i' U O ) , I~ f·! ( 1 U ; ;:: U U ) , /1. I J ( !. \Ju J P l:, ( Z lJ U ) 

c: l H i·1 u r·J L, Y 1 , Y 2;, r J, Y •1 .PG 1 u 1 pc LT u T;, T>( p v x pH L pH ;.1 !' M Hp,, L" f:.. 1·1 p 1-1 hp;, L, r-: Mp:~ J) e p 
lUX,lPl · 

'} 9 f uh i'i AT ( I (i u i•, bl F l) ~ .i TL i< i-1 T l (j 1-, s :;; ' p l i,l ) 

<:; '18 f l1 R i·: A 1 C '. ! T L f< AT l Of~ u I u l, lJ l CU l'l V L k C [ 9 
) 

t. l T ;.;; 0 
UL l I',= l Ph 

1 T l I~,., ( K ) :: b l K J f<· U X fr f< /11 f; ( f< ) 
~ \j L J K :: l , f', 
3 T L ti fJ C K ) = T t. K i· l i, ) 

lJ lJ •! I\::: j. , ~i 

i.H.J i.j J=!PN:~ 
4 T f. R 1·1 C K ) :: T t. h: i~ C K ) fr V X t .J ) fr * i·i M ( ,.i P t( } 

ULJ :;) K=LH, 
ou 1.'.> J=lJ>1'1L 

l S T l H 11 ( h ) :: T l i \ r, t I\ ) * T X l .J ) "' t. i I L ( J P K ) 
5 ~ ( K j :: l E t'i N { ,<; J 

NlT::;N11+1 
H C rd • L \,r • N ) GU ·1 U h 
uli f l=l.diM 
lHJ(!)=VX(I) 
i;l; o ;<:::i,N 

b 0U(1J=~u(lJ+ANl!>KJ*Cl~J 
RATiU=GullJtGTLlll) 
V 'I' C A ) =VA C l ) I S Ll F; T ( I</\ I I U ) 

7 Y2(1)=AbSC0~tI)mUTU1 Cl)J 
l9 i)l; 'i l=li>!JL 

ALUlIJ=IX.llJ 
U Li l O K = 1 P ,, 

10 ALUlll=ALUliJ+AL(l,~)*LlKJ 
I< AT Au= A l(J C i J /CL 1 Un ! ) 
l Y C A } = T AC t' j I S lJ f~ l C i~ ,~ ·1 I l; ) 

9 Y4(t)=A~S ALLJ(])•CLfUlti)J 
J. f ( i·, ! T "' ';i 9 i-; ; l l , 1 1 , 9 '-i 'J 

l 1 iJ Li l ;?. l "' l P N r-, 
I f C r 1 C I ) ~ Y t l l } ) 1 11 " l ~· P 1 i 

l :~ C iJ r i 1 I i~ U t:. 
Li L l 3 I :: 1 , i'I L 
H (Y3(l)=y,H [)) 14P.l3,"1J 

13 ClJIHINUL 
l ~ 1 = I P T + 1 
! t ( Ii f L A l.l O I~ L • l ) \J d 7 l, 1 tl 
Ii h I I [ ( 6, 'i '1 ) I, 1. T 

l ~ H LTV i<f, 
! 4 U U A 6 1 ::; l ; 1·~ L 
1 6 T X C 1 ) = T l C l J 

u u :,. 7 I = 1 ; 1\/ ~I 

1 7 V X ( 1 l = V Y C 1 J 
\.J L i U 2 

9 ·;1 '-) Ii k I I t. ( 6 ., 9 "I Ci ; 
I1,T=1 
td: T vfd~ 
t. I\ [J 
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PLOT 
S L H I, U u T l i, t-_ t L U T ( T u I t' P rJ H ,, F L I i.. P f- F t. T P c; u M i' P r i P u T u T " C L l U 7 .• [•, l ) 

C 
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