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Ferric-phosphoric Acid Syste:m. 

S. C. Lahiri 

Spe"~ropllotometrio, pH-titration, &nd p&per electrophoresis studies of the ferric-phosphate system indi­
catB prBsencB of thB unique compleJ< of the composition FoHP04+ below pH 2. ThB thermodyoamiD stability 
oonsta.nt3 of FeHP04 +, d"tormined from pH-titration a.nd spectrophotometric studies, are 4.2X 101 0 and 7.04 
X 10' 0 , respecuively, a • 25". The 6 F. 6 H, a.nd l::.B values of the system, Felt + HP04,_ ..= FeHP04+ 
determined from spectrophotometric measutements at 25°, rne respectively -14_85 kcal.Jmol~ -3.7'7 kCBl./ 
mole, and 37 e_ u. 

Phosphate ions have a marked tendency to form complexes with trivalent· metals. 
Although there is plenty of evidences of the ferric-phosphate complexes in the literature, 
only a few att.empts, however, have been made to calculate their stability constants and 
thermodynamic properties. Recently, Fa.ucherre and Maika• have studied the nature of 
the complex polarographically and also by potentiometry. They have also made a critical 
review of the earlier works. 

Most of the evidence available, however, is based on studies where either N03-, rn­
or CNs- ions are also present_ In such cases, complications due to co-ordination of 
t.hese ions in the complexes are likely to arise and the lack of agreement. in the reports 
may be due to this. Consequently, a study of tho ferric-phosphate system in absence of 
interfering ions seems desirbable. 

The ;nvestigation has been carried out at low pHs (below pH 2) to avoid hydrolysis 
of Fe(CI04 ) 3 and formation of other complicated species [there is, of course, some evidence! 
that Fe(Cl04 ) 3 is also associated, but it is very little]. 

Att-empts have been made to determine the nature of the complex by spectropho­
tometric method, pH-titration, and by electrophoretic method. Stability constants have 
been determined by spectrophotometry and pH-titration. 

EXPERIMENTAL 

Ferric perchlorate was prep!!.red in the same way as described by Nanda et al'. 

Iron content of the solution was estimatOO. iodometrically as well as with a standard 
dichxomate solution. The total acid was estimated volumetrically by a standardised NaOH 
solution, using phenolphthalein as indicator. Phosphoric ll.cid (H3 P04 ), prepared from 
G. R_ (E. Merck) H 3 P04 by dilul;ion, was standardised against B· standard NaOH solution, 

l. Abstracted from 11. p.o.rt of the D. Phil. thesill by S.C. La.hiri, University of Calcutta., 1004. 
2. Bu,ll. Soc. Chim_, 1982, 1824. 
3. Sutton, Natu~-., 1952, 169, 7); Sykes, J_ 0/lem. 8oc., 19D9, 24'73. 
4. This J<YU."I""1UJ.7,, 1957. 31, 577. 
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using bromocresol green as indicat.or. NaCI04 was prepared by neutralising HCIO.., (E.P.­
E. Merck) with Na,C03 (E.P., E, Merck). It was purified by recrystallising the cry.sta.Uised 
product and estimated gravimetrically. Tho solutions were prepared in double distilled 
water and all other chemicals were of reagent grade. 

UV spectra of Fe{Cl04 ) 3 (2.708 x IQ-4-M) at different pHs (0.5<!-2.32) were studied, 
exhibiting sharp absorption maxima at 240 mi-L at pH below l.B; above this pH the 
peak gradually disappear.!d. The UV spectra of MJ l00-H3P04 showed no appreciable 
absorption. The UV spectra of a mixture Fe(Cl04 ) 3 and H 3POJ. in the ratio I :I and an 
excess of phosphoric acid were studied. The absorption peak was shifted to 255 m~-t. 

indicating formation of a complex of Fe(C104 ) 3 and H 3P04 . 

For absorption measurements, a Beckman model n. U. ;>pectrophotometer in a room, 
thermostated at 25° (±0.5°), was used*. The pH measurements were made with a 
Cambridge rbench type battery-operated pH-meter with an accuracy of ± 0.02 unit&. 
The glMS electrode was checked with phthalate, phosphate, and borax: buffers. 

Determination of the Composition of the Complez 

Spectrophotometric Method.-The molecular composition of the complex: wa.s 
determined by Job's method5 of continued variations. The pH of the solutions for each 
set was kept constant. The optical densities of the mixture.~ as well as the blank 
solutions were measured at 270, 280, 290, and :300 mf.L. The values of iJ, the diJiereqce 
between the observed optical density of the mixture and the corresponding blank, were 
plotted against the ratio of 

[ Fe3t] + [H3 P04 ] 

at three different pHs, viz., 1.88 ± 0.03, 1.60 ± 0.02, and l.33 ± 0.02, at four different 
wave lengths, viz., 270, 280, 290, and 300 IDfL, with solutions having three different 
total molarities ( 5.4 l 6 X 10-4 , 8.124 X 10-4, and 10.832 X 10-4). The plots a.t particula.r 
pH and molarity are shown in Fig. I. The occurrence of tho maximum of D is in every 
case at the composition ratio of 0.5 indicates that 11nder the experimental conditions {below 
pH 2.0) Fe9 + and H 3P04 combine to form a I :1 complex. 

pH-titration Method.--Sinco formation of the complex is in the ratio of 1 :1 of 
Fe(Cl04 ) 3 to H 3P04 , the species may be one of the following: 

Fe3~ + H 3P04 

Fe'+ + H 3P04 

FeP04 

FeHP04 t 

+ 3H .. 

+ 2H~ 
(l) 

(2) 

(3) 

To decide which of these shows the true picture, pHs of solutions offerric-peroh.lol"ate 
with different amounts of phosphoric acid were measured and analysed in the sa.me -way 
as done by Salmon6 • The concentration of Ht ions, liberated in the reaction between Fe:>+ 

5. Ann. Ohim., 1928, 9, 113. 
6, J. Ohem. Soc., 1952, 2316; 1953, 2644; 1957, 959, 3239. 
•J?,:x:reriJ!!.ent!l were performed a.t other tem?era.t~rea "'"well, 
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ions and H 3P04 , were calculated from the difference in the pH values and the aoti"vity 
cot>fficie.nl; of H+ ion from the empirical rela.tionf'lhip suggested by Davies'. 

t 
I~ 

0"6-4 ..--------....,...----------=:::-:----, 
TOTAL HtJLARITY 

0"48 

0"40 

!= 0+0'0 
]1::: D rO"OB 

Jll; 0 +0"20 
K=D +0'112 

FIG. 1 

8124XI0-4 

pH =rSB1" O"lJ2 

{4) 

The results of plf 
measurements show that 
nearly two H+ ions are 
liberated per Fe a.tom at 
a. mole ratio 1:1 of Fe­
(Cl04)3 to H 8PO~ in a.Q­

cordance to equation. (~). 
Thus it may be concluded 
that a.t pH below 2, Fe­
HPO.: 1s the species 
formed. 

Paper Electrophoresis MeOwd.-The paper electrophoresis experiments of Fe(~l04)s 
were carried out in solutions of HCI 0 4 and H 3P04 of different pHs and alFlo in phos.phate 
buffer at different pHs. 

With Fe(Cl04 )3 in HC104 and H 3 P04 below pH 2, only one band moved towards the 
cathode. The movement of FeH ion in H 3P04 was always found to be lower than that in 
HCI04 , indicating complex formation between Fest ion and H 3P04 . Again, since the move­
ment was always towards the cathode below pH 2, the complex must be ca.tioa.ic in 
character. Around pH 2.3 and above and in excess of phosphate ion, the spot sppeand to 

7. J. Ohem_ Soe., 1938, 2093. 
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move towards the anode, indicating a negatiYely charged species. This ma.y be 
Fe(HP04h,-, observed byBanerjoo8 and Faucherre andMsika"- and also by SalmonetJI. 
Electrophoretic measurements were not carried out beyond pH 2.8 because Fe3"' ion WIUJ 

hydrolysed and adsorbed by the paper. 

The three methods, outlined above, showed ab&mce of complexes like [Fe (H,.P04.)
4
r, 

observed by Atma Ram et al9. pH- titration studies indicate the. species Fe.HPo,+ 
and not the complexes like FeH,.P04 '+, as susggcsted by Jensen' 0 . 

Job's curves and electrophoretic measurements rule out the poBBibility of 
-ve charged and neutral species at pH below 2. 

According to Faucherre and Msik~~,~ Fe(HP04 ),.- should be the predominating 
species in acidic solution a:Rd probably FeHPO/ is formed only in solutions, poor in 
H 3P04 , according to the scheme: 

Fe!""+ H.P04 - ~ FeHP04 + + H+ 

FeHPO/ + H,P04- ~ Fe(HP04 ),- + H+ 

(5) 

(6} 

The pH-tibrat.ion studies in t-he present investigation show that the liberation of 
H+ ions at pH below 2 is intermediate between l and 2 according to the reactions: 

Fes+ + H 3PO• ~ FeHPO/ + 2H+ 

FeH + H,.P04 - ~ FeHPO/ + H+ 

since the amount ofH3 P04 present as H 3 P04 and H,P04- is dependent on pH. 

(2} 

(5) 

The pH-titration experime-nts also show that concentration of FeHPO/ formed is 
relatively small at low pH and gradually increases with increasing pH in accordance with 
the above equations. At pH above 2.1, H~P04- predominates and in presence of ex:OOBS 
H 3P04 , the negatively charged complex, aR observed from electrophoretic measurements, 
may be due to reactions (5) and (6), suggested by Faucherre and Msika~. This is also in 
accord with the observations of Banerjee9 and Salmon el alG _ 

Thus, at pHs below 2, the complex may be regard3d. as FeHP04 +. This is in agree­
ment with the observations of Lanford and Kiehlu, Banerjee8, Salmon6 et al., D' 
Amore12

, and Faucherre and Msika~. 

Determination of the StalJility Constant of FeHP04 + 

By pH-eit7ation.-The equilibrium constant K of the reaction: 

Fe:lt + HP04 ,._ ~ FeHPO_.t 

can be written as 

K= all'eBPOi + o'B'esFo-+ + x /.,. 

8. This Journal, 1950, 7;7, 417. 
D. J. 81:&. Ind • .8118., 1954, 13B, 217; 1956, 158, 78. 

10. Z. anorg. Ch<!m., 1922, 125, 28. 
11. J. Amer, Ohem., Boo., 1942, 64. 291. 
12. D' A..m.ore, ~della Boc. Pelor, 1956, 5, 95. 

(7) 

(8) 
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In order to avoid dilution effect, solutions were prepared in volumetric flaAks with 
the same amount ot Fe(Cl04 }3 solutions and different amounts of H 3P04 and made to the 
mark. The pH-readings of the solutions were takrm. 

The pH of the blank solution WW! obtained by adding to the pH of solutionB contain­
ing Fe(Cl04 )s alone the contribution of a:s:+ (from the equation: 

and total phosphoric acid, when. an,Fo4- = aH~) that would havit_ libera.ted due 
to the addition of H 3P04 alone without interaction with Faa+ ion by the process of 
successive approximation. aFeBFo/ was obtained from the difiE>rence of aRt values of the 
experimental and blank solutions divided by (2r + J )/(r+l) similar to FeHPO,. 

complex•3. To calculate r = ~aBgPo~, average pH of the experimental sohftion and tha.t 
allol'04 

of th" blank calculated. is taken. 

Knowing UFellro./. CFe11p 04+ and CFe3+ can be calculated. ll-:s:Po4
2

- can be kn.own 
in the same way as in our previous communication•3 • 

Thus from the knowledg'-' of the pH. total H 3 P04 , FeHPO_/, aBl'~"'·- and values of 
f+ andfH, calculated from the empirical relationship suggested by Davies7 , the thermo­
dynamic stability constant was calculated. 

The average thermodynamic value obtained is 4.2 X 10 1" at 25°, which we consider 
as an approximate value in view of the error in pH measurements. The results are 
recorded in Table I. 

TABLE I 

Temp. 2-o = iJ • 

pH oft he 
r- . 

Concentration (MX 10°) of Mil[tiJre. Soln. aontain- B'l&nk Ionia strength. Thermody-
Fe(CI04 )3 • H 3P04 • ing Fe(Cl04 Jg (calc.). na.mic 

alone. KX 1o-•a. 

1.0 LOOO 1.38 1.53 1.51 0.1 4.fi 
1.0 0. 76-'i 1.40 1.53 1.51 0.1 3.9 
1.0 0.574 1.42 1.53 Uil 0.1 1.4 
LO 1.000 1.41 1.60 1.56 0.1 6.6 
1.0 0.800 1.44 1.60 1.5'1 0.1 4.2 
1.0 1.000 1.32 1.45 1.43 0.1 5.0 
LO 0.800 L33 1.% 1.43 0.1 6.5 
1.0 0.600 1.36 1.45 1.44 0.1 5.6 
2.0 2.000 1.14 1.28 1.26 0.2 3.1 
2.0 '1.530 1.17 1.28 1.26 0.2 1.6 

Aver11oge K = 4.2 X 10 10 

By Spectrophotametry.-To calculate the sta..bility constant of the complex by spectro­
photometric method, a series of solutions containing Fe(Cl0

4
) 3 and H

3
PO"' at different 

concentrationB and the corresponding blank solutions containing Fe(Cl0,.) 3 were prepared 
and optical densities were taken at 25 °. This was done at different pHs and ionic strengths. 

13. La.hiri a.nd Ad.ityu., this JO'IIrwzi, 1964, 41, 517. 
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For a. particular set at constant pH and ionic strength, the optical density values were ta­
ken at different temperatures, namely 25°, 35° 42°, and 50°. 

Since the extinction coefficient, £, of FeHPO/ could not be determined directly, an 
i:ndirect. method was a.pplied to calculate the equilibrium constant. The equilibrium bet­
ween Fe:Jt ion and H::~P04 can be written a~> 

FeH + H 3P04 

(C,-x) (C~ -x) X 

(2) 

Let C, and C~ be the concentration of ferric perchlorate and phOi!phorie aeWl, rett­
pectively, a.nd x be the concentration of FeH PO_,.~ formed, the equilibrium e~t.ant elloll 'be 
written as 

K' aFenPo4 + · (au+)~ 
aFe'H' • aH3Po4 

(einee H 3P04 is Wlcharged). At constant pH, 

or 

K l 

K'= (a;+Y. 

X 
x·=-=----,---,:;----.-...,..,.,---.-

(C, -x) (02 -x) 

(9) 

(10) 

If d, be the absorbance of Fe(Cl04h with no H 3P04 in it, d~, the a.bsorbanee ttl a 
solution containing H::~P04 , and £ 1 and E:;a be the extinction coefficients of Fe(Cl04 ) 5 

and FeHPO,.t species, r6Sp6Ctively, we have 

Thus, 

or 

d, = E,C,l (Z=length of the cell) 

d~ = E 1 (C, - x)l + E,.Xl 

d,.- d, = E,.Xl- E1 Xl =X (£11 - E 1 )l 

d~- d, 
X -- (E 2 -E,)l 

Substituting the value of x in (10), we have 

C, I I I (f+) 
d~-d1 = (E8 -E1 )l + (Ea-E1 )l(G2 -x) · K" f 3 • 

At constant ionic strength, the ratio of f./ J3 ~ can be regarded a.s fixed. 

(II) 

(12) 

(13) 

(14) 

Thus, if O,f(d"--dl) is plotted against l/(0~----4:), the interoept will provide 1/(£2-E,)l 
aud the slope, l/(£0-E[) l K", from which the stability constant can be calculated. 
Since the value of x is unknown, a series of approximation is done (two to three approxima.­
tions are sufficient) for obtaining the value of the association constant. 

In the first rough plots, the points lie scattered and a mean straight line is drawn, but 
with two or three approximations, the points lie fairly well on a. straight line, .The IB"OoeB!I 
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wa.SJ repeated with solutions of different pHs, each having a. constant value of pH. (±0.02) 
till consta.nt; values of tha intercept and the slope were obt&ined. Th8 final plot of 
C,/(da-d1 ) vs. l/(Ca---3?) at a particular pH and ionic strength is shown in Fig. 2. 

5XIO 

0 

0 

0 

0 

T£HP. : 2,• 
pH • 1"5/i 

A • 280 >'ptU 

TU1P : 25" 
pH • 290 71'JP 

101(/Q 

Ycc1 -~) -

FIG. 2 

151( 10 

The optical density measurements were carried out; at three different wave lengths, 
namely, 280, 290,and 300 mJ.L. From eaLh of the sets, tho association constants were cal­
culated and averaged to provide the association constant for a particular pH and tempera­
ture. The values of K" are recorded in Table II. 

TABLE II 

Temp. =25° 

K'X Jo-3 at 
pH. Iooio r- ----.. Average •Fa.cto:r KxJO-ro. 

strength. 280 IDfL 290 m(J.. 300m(J.. K'X 10"""!. iX 1{)'""6. 

1.20 1.700 1.43 1.62 1.59 l.M 9.240 1L50 
1.38 0.870 2.80 3.07 2.BO 2.90 4.410 M.1JIO 
1.66 0.040 5.42 6.60 6.60 6.20 2.040 5.79 
1.76 0.037 18.10 20.0 20.00 19.00 0.932 7.46 
1.80 0.026 22.00 28.00 31.00 27.00 O.SJro "7.!J8 
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Now, if the equilibrium of FeHPo: is WTitten as 

Fe:u + HPO~"- ~ FeHPO/ 

the constant K (K - __ F~l_!_~-~ .... t __ ~f~---) 
- Fe-1+ • fH . HPO,...-. / 2 _ 

(7) 

cB.n be had from K" at any known pH. 

To obtain the v~lue of K, we have to con'lider the phosphoric acid equilibria, which 
can be writt-en as 

aHt . 11HP0§.-

11H-,l'o4-

Now, at equilibrium in presence of FeH ions, 

(15) 

(16) 

(17) 

[H
3
P0

4
] +[H,.P04-] +[HP04"j +[P04

3-] +(FeHPO./] =[total phosphoric acid] (18) 

or rH
3
P0

4
] + [H,.P04-] + [HP04 ,__] + [POl-:J = [total free phosphate ion] 

or 

Under our experimental conditions, 

[Total free phosphate ion] 

Thus, faC;tor 7i 

~!!.-~--r + a-ut 
K,K,. KJ_ 

"ttotal free phos· 
phat.e ion] 

[total free phosphate ionj 

(19) 

(20) 

;;: is dependent on pH, which can be determined by knowing pK, J_ a.nd thermodynamic 
valuesofK,andK,.respeetively (thermod.ynamtcpK 1 .:..... 2.l"a.ndpK. = 7.2). 

The multiplication of K" with;, x J,f/3 .. provides the value of thermodynamio K. 
Th~ are shown in Table I. 

The agreement of the thermodyna.mio values obtained at low ionic strengths a.re very 
good. On the basis of the Davies equation7 , the values a.re: 5.79 X 1010 (4.39 X 1010

) at &D 

ionic strength 0.04 and pH 1.56; 7.46 x 10ro (4.18 X 1010) at an ionic strength; 0.03'1 
a.nd pH 1.76; 7.86 x lOla (5.97 x to• a) a.t an ionic strength 0.026 a.nd. pH 1.80. 
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The values at high ionic strengths are: 1.15 x 1011 (1.36 X 10'') at an ionic strength 
I.70andpH1.20and2.19 X 10" (1.90 x IO'')ilt s,n ionic strength0.87 andpH 1.38. 
The values in parenthesis are obtained by using the Debye-Huckel equation with 
a = 9K (value for Fe3+ ion)•-~o. 

At higher ionic strengths, values obtained are a little too high This may be due to 
the fact that determination of activity coefficients from the Debye-Huckel equation and 
the Davies equation does not. yield quite accurate values. Considering tht; limitations, 
the agreement of the thermodynamic values at these high ioaic strengths may be taken to 
be good. 

The average thermodynamic value obtained is 7.04 X 10'0 at 25° (con.~idering the 
values obta.ined by using the Davies cquaton at low ionic strengLhs). 

Lanford and Kiehl'' recorded a value 4.44 X 10' 0 forK of FeHPO-It at • .30° and at 
an ionic strength 0.665. In view of the fact that these authors used ferric-nitrate and also 
because of the uncertainties involved in tho activity corrections, their value may he 
considered to be in agreement with the present one-. 

Dete1·minali.Jn of TherTTWdynamic Properlie.~Jrom Spet;lrophotometr·it: Me11aurem!!nla 

The dissociation constant](" was determined at an ionic strength of 0.037 and pH l.7f\ 

at 25°, 3Cl 0
, 42° and fiO" (Table Ill). Considering t.he r•H, K,K 0 , and !:::,H to be un­

affected in the temperaturfl range studied, the values of log J(" were plotted against lJT. 
The slope of the plot provide3 the value - t:,.Hf2.303R from which !:::,H can be calculated. 
Tl.i,us for the react ion 

6,H is -4.80 k cal. Combiaing this with the 6,H's15 for 

H+ + H,.Po .. - ~ HlPO.'"' ~H = -O.B kcal. 

H+ + HP04 !- ~ H 2P04-, 6,H = 1.88 kcal. 

(2) 

we have for Fe3+ + HP04 "'- ~ FeHPO/, !:::,.H=- 3.77 kcal. Using the expression 
l::!,F = t:,.H - 7'6,8 (6.F being equal to - RTloK), 6,8 ha.s been calculated. The 
average value of t:,.S is 37 e.u. The value ol t:,.F at 25" is- H.Rf> kcal. The thermo· 
dynamic values are also recorded in Table IV. 

Temp. 

25° 
35°, 
42° 
50" 

TABLE III 

pH 1.76. Ionic strength - 0.037. 

K"X lo-+ a.b 
,..-------.......__.'-------. 
290 m(.L. 300 mfL. 

2.00 
1.45 
1.33 
1.06 

2.00 
1.42 
1.25 
1.04 

2.00 
1.43 
1.29 
L05 

14, Koltho.!F a.nd Elving. "Trea.~ise on Ana.lytic"l Chemistr;r", Vol I, Pa.rt 11 Interscience Enc;v-cloped1';t 
Inc_ N.Y., p. 2~. 

lQ 
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.6. F (kcal.Jmolej. 

-14.85 

S_ C .. LAffiRI 

TABLE IV 

System: FEiJ+ + HPo .... ~-~ FeHPO/ 

f:!:.JJ (kcnl.fmole) 

-3.77 

DISCUSSION 

/)..8 (<>.D-) 

+ 37 

The thermodynamic data show that in the ca.w of ferric complex, the reaction is 
exothermic and both f:!:.li nod 68 favour complex formation, whereas in t-he case of ferrous 
complex, the reaction is endothermic, he.at change iR unfavourable, and the eotropy 
change is favourable for the formation ofcr.mplex:_ 

Entropy change in complex formation i"' due to rlccrea~re in the number of ion». partial 
neutralisation of elecbri.c charge, and flisplacement of water from the hydraticn sphere. 
In term1;1 cf 'iceberg' concept ut Frank and Evans• 6 , the removal of ions from solutions, a.s 

in the. proces"' of complex formation between two charged complex ions, will lead to the 
breakuown of the 'icebergB' and a resulting entropy change will favour comple.ll: forma­
tion. This i!" found in the case of FeHPO/ and FcHP04 _ In tho e&!H; of FeHP04 , entrcpy 
change would, however, be expec t.ed tr. bd morf' favourable compared to FeHPO/ which baa 
got a res;dual charge of unity_ Our rnmlts alRo indicate the same. 

The difference of entwpy in the formation of FeHP04 + and Ff'HP04 • 3 may be attri­
buted to the differenc~ in hydratienal entropie!"l of Fe3t, Fe•+, FfHPO/~ and FeHPQ. 
respectively. HPO/- may be ·regarded a.'l a hi dentate gronp The formation of four-member­
ed >'ings''·is possible in the case ofF~•+ and F~+ iom h1ving the following strocttll"ts: 

The optimum radius of metal ions for chelate ring formation is about 0.7 !.. Sinee 
Fe2 "'" ion have much greater ionic radius' 8 (0.76.!) than Fe:l.+ ion•6 (0.64X), the ring is 
likely to be strained due to greater ionic radius. Thus, FeHP04 is much less stable 
compared to FeHPO 4 +. 
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