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SUMMARY

The capacity of hutnic acids to bind metal icns is, at most, equal to
the number of titratable H*-ions dividled by the valency of the concerning
metal icn, .

Tt is concluded that metal humates belong to the polynuclear chelates
with cations binding predominantly to negatively charged ligand groupings
of the humic acids.

Judging from the magnitade of the pH-drop on addition of inorganic
salts, there is at pH 5 no large difference in bond strength for the divalent
ions Ba, Ca, Mg, Ma, Co, Ni, Fe and Zn (in this order only slightly increas-
ing). Ph (II), Cu (I} and Fe (III) ions, however, are (in this order) more
firmly hound. At pH 5, Al ions seem to be quantitatively subject to the
forming of hydroxide.

On several grounds it is supposed that the humates of metals of the
transition series are forming hydroxocomplexes at high pH, H - ions dis-
sociating from water molecules covalently bound by the metal ion. In the
mentioned order, these metal ions are more difficultly displaced by alkali
or alkaline earth ions.

As to the mechanism and the strength of the cation binding: there were
only ingignificant mutual differences between soil humic acids, notwith-
standing differences in nitrogen content and in the ratio stronger and weaker
acidic groups. The same holds for synthetic humic acids derived from poly-
hydroxibenzenes. Between these two groups, however, there are differences,
presumably connected with a difference in the dissociation constants of the
stronger acidic groups.

The bond between humic acids and ions of the transition elements
undoubtedly has a partly covalent character. There are indications that this
is also the case with alkaline earth ions.

"Competition' experiments between humic acids and some known
chelators, and copper, gave some indications of the conditional stability
constants of copper humates.

INTRODUCTION

The exchange capacity of the scil organic matter, as usually deter-
mined, varies from about 150 to 400 mequiv./100 g dry organic maiter,
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which exceeds by far that of the mineral soil components, Of the total
exchange capacity of the top layer of mineral soils, 25-90% is a result of
the presence of the organic matter (Schachtschabel, 1940) and mainly due
to its humic acid content. No wonder therefore, that the exchange behavicar
of humic acids is studied by many investigators (see, e,g., the review
given by Mortensen, 1963). We will refer to the relevant literature in the
discussion of our results.

MATERIALS AND METHODS

The extraction and purification of humic acids from different soil
types has been described in a former publication (Van Dijk, 1959): Extrac-
tion witha solution containing 0.1 mole NaOH and 0.2 mole NaF per litre,
high-speed centrifugation, precipitation at pH 1.0, centrifugation, resolution
ina 0.1 M Na,P,04 solution, high-speed centrifugation, reprecipitation hy
acidifying and percclaticn of a suspension in water over Amberlite I.LR.A.
400 (OH) and I.R. 120 {H), respectively. This methed does not give the
highest yields, but humic acids are obtained with relatively low ash contents,
which was preferred.

Synthetic humic acids were prepared by oxidizing hydroquinone,
pyrocatechol and pyrogallol in alkaline and in ammoniacal solution with
gaseous oxygern.

As a method for studying the cation binding we used mainly the
potentiometric titration in aqueous solation, as formerly described (Van
Dijk, 1960). The concentration of humic acids was always 0.50 mequiv. /60 ml,
calculated from equivalent weights, derived by conductometric titrations
with bariumhydroxide (Van Dijk, 1960). The cations of which the binding by
humic acids were investigated, were usuaally added to the titration solution
as nitrates {in some cases s sulphates), chloride ions as potential complex-
forming ions being excluded.

The "competition'' experiments, mentioned at the end of section
""Some notes on the nature and the stability of the cation binding", were
carried out as follows: To 0.50 mequiv. humic acids, dissolved in a 0.1 M
KNOj3 solution, 0.50 meguiv. Cu (NO g); was added and sufficient 0.2 N KOH
to bring the pH to exactly 6.0 (solation A}, The solutions were made and
kept in a nitrogen atmosphere. ‘

Besides, 0.1 M KNQOj sclutions were made containing 0.25 mmole
aminotriacetic acid {ATA; nitrilotriacetic acid), 0.25 mmole aminodiacetic
acid (ADA; iminodiacetic acid), 0.25 mmole salicylic acid, 0.50 mmole
glycine or .50 mmole serine, respectively. Each of these solutions also
contained 0.50 mequiv. Ba{NOg), and the pH was adjusted at 6.0 (solution
B).

Then, a sclution B was added to and thoroughly mixed with a solution
A, and left standing overnight. (Up till then the experiment is carried out
in a nitrogen atmosphere.)

Thereafter the mixture is centrifuged and copper is determined in
the centrifugate with Na-diethyldithiocarbamate as described in Fiskell
{1963, pp.1082-1083, method of Cheng and Bray). The copper and barium
chelates of ATA etc. are soluble, whereas those of the humie acids are
insoluble.
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As a check, the humate precipitate is washed with distilled water,
extracted with a 1 & HCI soluticn and the copper extracted is again defer-
mined as mentioned. The agreement was satisfactory.

All experiments were made in duplicate.

RESULTS AND DISCUSSION

The intevpretation of the course of the titvation cuvve of humic acids, in
presence of inovganic salts

Fig.1 shows the titration curves of humic acids I (without inorganic
salt) and TI-IV (in the presence of copper (II)-nitrate). The titration curve
V of a pure copper nitrate solution is alsc given, with the ordinate 0.5
mequiv. shifted to the right. The latter curve shows a course which is
normal when titrating inorganic copper salts: as soon as KOH is added
(and the pH increases to 5.5), copper hydroxide, or more exactly, copper

oxide hydrate is formed and the curve turns te horizontal. When 0.5 mequiv.

KOH is added (and all copper is converted into oxide hydrate) a sharp in-
crease of pH occurs,

The curves II and III, on the contrary, do not turn to horizontal at
pH 53.5. This means that there are no free copper ions present. With curve
IV 0.25 mequiv. Cu shows the behaviour of free copper ions; 0.50 mequiv.
{(i.e., 0.25 mg-atom} appears to be bound by the humic acids,

The first important conclusion, therefore, is that the humic acids

pH
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Fig.1. Fotentiometric titration of 0.50 mequiv. humic acids no. 082 1
in 60 ml of water with a 0.3346 N KOH-solation; I; without salts; II: in
presence of 0.25 mequiv. Cu(NOgz)g; III: in presence of 0.30 mequiv,
Cu(NQgz)a; and IV: in presence of 0.75 mequiv. Cu(NOg }o. [V: potentiometric
titration of 0.50 mequiv, Cu(NQgq)gin 60 ml of water with KOH; ordinate
0.5 mequiv, shifted to the right.]
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are able to bind so mauy copper ions as correspond with half of the acid
groupings.

Fig.2 gives 2 more detailed insight into what occurs at a different pH:
the addition of 0,10 mequiv. KOH hrings the pH from 3.20 to 4.65, If is
assumed that there occar at least 0.10 mequiv. anionic {probably carboxylate)
groupings of the humic acids as charged groups. Nevertheless, on addition
of 0.10 mequiv. copper nitrate the pH decreases again to 3.40 and 0.08
mequiv. KOH is needed to neutralize this decrease. Thus, the copper ions
have displaced protons from the humic acids. (The pH is still too low for
the forming of oxide hydrate,)
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Fig.2. Potentiometric titration of 0.50 mequiv. humic acids no. 082 1
in 60 ml of water: I: with KOH; and II: alternately titrated with KOH (as-
cending parts of the curve) and Cu(NO3)z (vertical parts of the curve).

Most likely is a direct displacement, whereby one valence of the Cu
jon is bound to a "free" anion group, and the other to a formerly
protonated, weakly acidic group, e.g., a phenolic hydroxyl group. These
groups are not free to move independently. To bind a copper ion, both
ligand ""dents” must have been already close together before. In that case,
however, it is to be expected that one proton dissociates easily, whereas
the second is much more firmly held, just as, for example, with salicylic
acid of which the pK; is lower than the pK of benzoic acid, but pKy is
higher than the pK of phenol.

As an example of what may have happened in this pH region, the
following equation may be given:

con" Coo
sCu?t —— Cu+H’
OH 0 /!
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In principle, it may also have been two carboxylgroups (Schnitzer and
Skinner, 1963) or two phenolic OH-groups, and both ligands need not im-
plicitly be neighbouring groups of one ring or chain. In favour of the
equation given is that, according to Himes and Barber (1957) and Schnitzer
and Skinner (1965), the carboxyl groups and the phenolic hydroxyl groups
are not independently participating in the binding of metal ions.

Upon further alternate addition of 0.1 mequiv. KOH and 0.1 mequiv,
copper nitrate, a similar course of pH occurs (Fig.2, curve II). The dis-
placement theory, holding at low pH, couid only then hold well here if
copper humate, contrary to potassium humate, is not subject to hydrolysis.
A very strong argument against this theory, however, is that barium humate
is also not subject to hydrolysis, but nevertheless there is no pH-drop when
harium nitrate is added to the humic-acid soluticn after previous addition
of 0.50 mequiv. KOH.

There can also be no question of a displacement of protons from
"non-acidic' groups, as in that case an only slightly lower pH-drop should
occur when besides copper nitrate, an excess of potassium nitrate is
present.(Slightly lower, because of the somewhat decreased activity co-
efficient of H' at ionic strength 0.1.)In the latter case, however, a pH-drop
was hardly observable.

Still another explanation for the pH-drop at the [ifth titration step in
curve II would be the cccurrence of a "wasic' copper humate, i.e. copper-
hydrexide-humate, e.g.:

0° 0-Cu-0H
)( + e+ Hzo—vj +H*
OH OH

However, we think this also improbable on the following grounds;

(1) The copper-humate bond appears to be very stable at this pH.
Even at still higher pH there is no decomposition in copper-oxide hydrafe
and potassium humate. By a twenty-fold excess of Ba-ions, less than one
third of the copper ions is exchanged at a pH of about 6, and if only 0.25
mequiv, (i.e., half equivalent amount) of Cu-ions were present, no copper
ions were exchanged at all, although barium salts show less tendency for
forming hydroxide salts {(barium hydroxide is a strong base).

{2} In the order Mn, Co, Ni, Pb, Cu, Fe{lll}, an ever smaller amount
of metal ions could be exchanged against barium icns. With incrganic
salts, however, in this order there is an increasing tendency of forming
of oxide hydrates!'

(3} All humic acids are flocculated in presence of equivalent amounts
of di-or trivalent metal ions, this being still the case when an equivalent
amount of KOH aiready has been added. On further addition of KOH, how-
ever, the precipitate gradually redissolves completely, which is not to be
expected when hydroxide humates would have been formed.

In our opinion, the most plausible reaction mechanism at low pH is
the displacement of protons from acidic groups of the humic acids, where-

-as at a higher pH protons are dissociated from water molecuales which

were covalently bound to the copper ions, giving a hydroxe complex, e.g.:
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c00 coo OH-
N N
CulH,0)— Clp,0),_, *H°
o / xx27? 0 / x-1

It is the latter complex which we suppose to be formed on adding the last
0.1 mequiv. of copper salt in the fifth titration step, the protons dissociating
from the water molecules covalently bound by the copper ions being res-
ponsible for the drop in pH. (To a certain extent these protons were already
dissociated from the hydrated copper ions, the salt solution being slightly
acid, before the complex was formed.} (According to the LU.F.A.C.
nomenclature, 1959, this is a polynuclear chelate since one humic acid
molecule is able to bind several copper ions.)

This supposition explains the high stability of the copper humate at
higher pH {strictly speaking, this should be denominated a hydroxo-humato-
cuprate).

Whether the copper ions, not exchangeable against barium at pH 6,
are those which with one valency are bound to stronger acidic groups,
cannot he said with certainty, but it seems not improbable since at a certain
pH a complex is often more stable the weaker the acid (Martell and Calvin,
1953).

This explains also why the metal ions are more dilficultly exchanged
against barium in the order Mn, Co, Ni, Pb, Cu. This i5 about the order of
increasing tendency of formation of hydroxo complexes,

Finally, this theory explains the resolution of the flocculated metal
humates on addition of more KOH. The particles were flocculated while
they had lost their negative charge by binding metal ions. On forming
hydroxo complexes they got negatively charged again, resulting in a repep-
tization.

Comparison of different cations

In Fig.3, curve I shows the course of the pH on a similarly inter-
mittent addition of 0.1 mequiv. calcium nitrate, At the start, here also
there is a displacement of protons from the humic aeids, although to a
smaller extent than with copper nitrate, while calcium is bound lesgs
strongly. When 0.5 mequiv. KOH is added, the fifth addition of 0.1 mequiv,
calcium nitrate only causes a very small pH-drop, as could be expected
in view of the small tendency of caleciam to form hydroxo complexes.

Curve II is the analogue obtained with-Fe {NO3)3. However, here the
first addition of 0.1 mequiv. iron nitrate may result in the formation of a
"basic ' salt, as is already the case with iron(lil) nitrate at a pH lower
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Fig.3. Potentiometric titration of 0,50 mequiv. humic acids no. 082 1
in 60 ml of water: I: alternately titrated with KOH (ascending parts of the
curve) and Ca{NO3) 2 (vertical parts of the curve); and II; as I, but with
Fe{NQ3)3 instead of Ca{NQO3l)e. [IIl: potentiometric titration of 0.50 mequiv,
Fe{NO3)y in 60 ml of water with KOH.}]

than 3 (see curve II). At higher pH, a further forming of a hydroxo com-
plex is very probable again, e.g., as in the following hypothetical equation;

COO\ /OH
j( Fe(OH)(H,O] :] at l-prj( Fe(H;O) +H
/ x-1

iren (III) hydroxide humafeor a
at highar "monohydroxo-humato-farrate”

pH

coo\ -
j( Fe (Hy0)y_p| +H*
OH

a “dihydroxo- humato-ferrata”

This interpretation can be considered as a refinement of the reaction
course, suggested by Schnitzer and Skinner (1963). In one respect, however,
our results strongly differ from theirs, viz. also in case of iron(III)
humates we got no decomposition in K~humate and iron-oxide hydrate at
high pH.

Geoderma, 5 (1971) 59




Fig.4 shows the titration curves of one of the humic acids in presgence
of various salts, added in equivalent amounts. Aluminium shows a behavi-
our, deviating from that of all the other metal ions, viz, at pH 4.1 the
aluminiom ions are quantitatively converied into Al-oxide hydrate, just as
is the case with inorganic Al-salts, Thus it is found that humic acids (it
was checked with other humic acids) are not able to "protect' aluminium
ions from bheing converted into oxide hydrate. This result is in contra-
diction with a statement of Wright and Schnitzer (1963), but confirms the
opinion of other authors {e.g., Scheffer and Ulrich, 1960, p.78), that
aluminium ions are much less strongly bound than iron(III) ions.

pH

iy 7
Y/ /4
)

1 1 Il L
0 0.2 0.4 06 08 10 1.2
mequiv KOH

Fig.4. Fotentiometric titration of 0.50 rriequiv. humic acids no, 082 I
in 60 ml of water with KOH {left curve), and in presence of 0.50 mequiv,
inorganic Mg-, Mn-, Ni-, Zn-, Cu-, Fe(Ill}-, or Al-salt, respectively.

All cations mentioned in Fig.4 show a clearly visible effect on the
course of the curves, the extent of the effect, however, is different and
pH-dependent. At a pH of about 3 the diiferences between the cations are
only small. At this pH the main part is still present as *'free' ions, For
example, in the presence of an equivalent amount of copper(Il) ions at pH
3, about T0% of these ions are "free". (Practically all metal ions can be
exchanged against HY, as is also mentioned by Basu et al., 1964.)

In Table T we recorded the effect of the presence of metal ions as
the differences in pH (""pH-drop™) between the humic acid solution (0,50
medquiv. /60 ml water) without any salt and this solution after adding
equivalent amounts of salts, both after addition of 0.25 and 0.50 mequiv,
KOH, respectively {marked ag s = $and s = 1, resp.).

Instead of this pH~drop, also the horizontal displacement of the curves
can be taken as a measure of the effect of the presence of metal ions, i.e.,
the number of mequiv. of base to be added in excess in presence of these
ions to achieve the same pH as in absence of thege ions {in Table I recorded
as A mequiv. base). Table I shows that, for humic acids, pH-drop andA
mequiv. base gualitatively give the same information.

At s = 4, the cations clearly diverge into two groups: Firstly, the




TABLE I

The effect of the addition of an equivalent amount of metal salt to the humic acids
no. 082 1 (0.50 megquiv, in 60 mi of water) measured after addition of 0.25 mequiv,
KOH (s =%) and 0.50 mequiv. KOH (8 = 1)

Salt 8 = 58~1 PH
oxide
pH  pH- A pH pH- A hydrate
"drop”  medquiv. Ndrop'  mequiv. formation
hasel bage
None 6.2 - - 10.6 - - -
KNOg 6.2 0 4] 10.6 0 0 -
Ba(NOg)s 5.2 L0 0.07 105 0.1 0.02 -
Mg(NOgjs 5.2 1.0 0,07 10,0 0.6 0,08 10.5
Ca(NOs)g 5.0 1.2 0.09 9.9 0.7 0.08 -
Mn(NO3}2 5,0 1.2 0,0% 9.2 1.4 0.12 8.5—8.8
Co(NOg}, 4.9 1.3 0.10 8.4 2.2 0.15 8.8
Ni(NOg}p 4.8 1.4 0.11 8.1 2.5 0.16 6.7
FeB0Oy 47 1.5 0.12 .0 3.1 0.18 5.5
ZnBGy 4.8 1.4 0.11 7.3 3.3 0.19 6.8-7.1
Ph(NO3)g 3.5 2.3 0.17 5.8 3.8 0.22 6.0
Cu(NOg)y, 4.0 2.2 9.18 8.1 4.5 0.26 5.3
Fe(NO3)s 2.8 34 >0.25 4.2 6.4 0.42 2

1 A mequiv. base = amount of KOH to be added in excess to achieve the same pH
as in absence of salis.

L.e., the pH at which oxide hydrates of the corresponding metals hegin the pre-
cipitate from 0.02 molar salt solutions. (After Kolthoff and Elving, 1959, p.805.)

group of Ba to Zn, which does not show much difference in affinity to
humic acids at pH 5. The formation of hydrexo complexes does not yet play
an important role. Secondly, the ions of Fb, Cu and Fe(lll), for which the
affinity is found to be considerably higher, especially for Fe(III).

At s = 1 the mutual divergence is much larger. As stated before, we
ascribe this to an increasing tendency for forming hydroxo complexes,
bringing about a stabilization of the complex. The order of increase of the
PH-drop is the same as found in the exchange experiments with bariumy
ions.

The order of pH-drop is often said to correspond with the well-known
series of Irving and Williams (1848) for the stability of metal complexes
(e.g., Beckwith, 1955, and Khanna and Stevenson, 1962), from which is
concluded that metal humates indeed are chelates. This correspondence,
however, is not conclusive, as clearly appears from the fact that the metal
lons mentioned in these publications, show the same order in respect to
the pH at which oxide hydrates occur in solutions of inorganic salts of
these metals, .

Therefore, we choose a series of cations of which the order in
the Irving-Williams series is different from the pH-order in which oxide-
hydrate formation occurs, The results are shown in Fig.5, The order of
pH-drop neither corresponds exactly with that in the Irving-williams
series, nor with that in the pH-order of forming oxide hydrates. This is
not necessarily an objection to our assumption that, particularly at higher
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Irving -Williams :Ba < Ca <=Mg <« Mn< Fellll« Zn<Co < Pb <Ni «<Cuy

pH-drop ;Ba = Mg<Ca< Mne Co <« Zn = Ni « FefxCu <Pb < Al < Fe (I}
pH at oxide hydrate: Mg = Mn > 2n = Ca > MNi =Pb = Feil}>Cu » Al > Fe{ll}
fermation

pH-drop Ba <« Ca=Mg« Mn«< Co « Ni < Foill<2n < Pb < Cu < Al < Fe (I}
at s:i

Irving - Williams : Ba « Ca «Mg < Mn« Felllle Zn< Co < Pb < Ni < Cu

Fig.5. Order of magnitude of the pH-"drop'" of the humic-acids so-
lution (0.50 mequiv.) upon adding the mentioned metal ions, after previous
addition of 0.25 mequiv. KOH ( §=% ) and 0.50 mequiv. KOH ( s= 1), res-
pectively, compared with the sequence in the Irving-Williams series and
with the order of pH at which oxide hydrates are formed in solutions of
inorganic salts of these metals.

pH, hydroxo complexes are formed, as it is well known that the concerning
equilibria often are very complicated, In this direction points also the
somewhat deviating course of the curves for nickel and zine {Fig.4).

Comparison of different humic acids

Similar titrations were carried out with different humic acids. In
Table II only those data are mentioned which refer to calcium and copper(Il).

Firstly, the different behaviour of the natural and the synthetic acids
may be mentioned. The average values and standard deviations are calcu-
lated for both groups. At s = % the difference in pH-drop in presence of
copper nitrate is highly significant ( P= 0.01), This difference is caused
by the fact that the stronger acid groups (presumably carboxy! groups) of
natural humic acids are considerably stronger acidic than those of the
synthetic humic acids, as the curves in Fig.6 for humic acids, without
salts, clearly show. This implies that in this respect the synthetic humic
acids are not the closely resembling "model substances” of the natural
product as they are often supposed to be.

A more interesting conclusion from Table II is, that the relatively
small matval differences between natural humic acids ang also those
between synthetic humic acids show no correlation with the amount of
nitrogen or of "rest" {(which is an approximation for the amount of oxygen)
per 0.50 mequiv. humic acids. In the same respect, the different ratio of
stronger (COOH ?) and weaker acid groups (phenolic OH?), if indeed real,
seems not to play a role. For example, the pH-values in Table II of Ha.I
b (without salt, with Ca2* and with CuZ*, respectively) almost coincide
with the corresponding values of Ha.Il b. Also, only at a pH lower than 6,
the pH-drop with copper of Ha,V deviates significantly from those of
Ha.l b and Ha.II b. However, at 0.50 mequiv. of these humic acids, the
amounts of nitrogen are 11.9, 7.3 and 0 mg, and the ratic "COOH /OH" was
i/5,1/4and 1/3.
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Fig.6. Potentiometric titration of 0,50 mequiv. synthetic humic acids
no. I b (fully drawn curves) and natural humic acids no. 114 (dashed curves)
in 60 ml of water, without salts (-}, and in presence of 0.50 mequiv, Ca- or
Cu-nitrate, respectively.

Although this is no conclusive proof, these facts suggest that the
nitrogen in the humic acids does not play an important role in the cation
binding. This binding seems to cccur predominantly between the cation
and 0-anion groupings, which are protonated in undissociated humic acids.

A possible explanation for the small mutaal differences in cation
binding between the humic acids is given by Kleist (1965), who statesg that
there is an interaction between metal ions and stable free radicals, and
that the content of the latter is not the same for all humic acids.

some noles on the natuve and the stability of the cation binding

According to the "Nomenclature of Inorganic Chemistry't of the
I.U.P.A.C. (1959), the name "'chelate' says nothing of the nature of the
bond, but only that a bidentate ligand is attached to one central atom. The
binding of cations to negatively charged groups of an ion exchanger is
always, at least partly, caused by electrostatic {orces (Coulomb [orces).
AS a result of 2 "deformation'' of the cation and eventaally of the ligand,
however, the bond may have a more or less strongly covalent character.
Also on account of the titration results discussed above, we think there is
no reom for doubt, that the bond between metal ions of the first transition
geries and chelate ligands of the humic acids is partially covalent. (In this
respect, therefore, we put it in other words than Martin and Reeve, 1558,
and Khanna and Stevenson 1962.)

As to be expected, the titration curves gave no indication of such a
gpecific interaction with alkali ions, With alkaline earth ions, there was
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a strong interaction, but this does not necessarily mean that it is partially
non-electrostatic. Exchange experiments, analogous to those which
Hutschneker (1955) carried out with ion exchangers, however, indicated
that this interaction is indeed not purely electrostatic,

To have an idea of the magnitude of the stability of the metal-humate
binding under certain conditions, we designed '"'competition” experiments
{see end of section "Materials and methods'} for copper between humic
acids and a number of chelating substances of which the stability constants
with copper were known. (The same kind of experiments, however, with
soil and zine, were made by Himes and Barber, 1947).

Part of the results are given in Table III. It is found that with ATA
the greater part of the copper is bound by this compoand. ADA, however,
can only remove about 58% of the copper from the natural humic acids,
and salicylic acid about 30%. This suggests that the logarithm of the con-
ditional stability constant for copper humates (at pH 6) is about 7. This
value agrees guite well with the logarithm of the mean conditional forma-
tion constant which Coleman et al. (1956) calculated for a copper-peat
complex, viz. 6.5. A value of exactly 7.0 for the conditional stability con-
stant of 2 humic acid-copper complex at pH 5.0 was found by Courpron (1967),
using the method of Schubert {1948), Although then a value somewhat upwards
of 7.0 has to be expected at pH 6, there is an excellent agreement with our
estimate, However, since the conditional stability constants Courpron found
for copper and zinc complexes of humic and fulvic acids are considerably
lower than those found by Schnitzer and Skinner (1966} and Randhawa and
Broadbent {1965), the question still cannot be considered as definitely
gettled.

With one of the humic acids (no.082 I) we performed the same experi-
ment with glycine and serine as "competitors’. (Amino acids, exudated

TABLE III

Partition of capper between humic acids and amingiriacetic acid, aminodiacetic acid
and salicylie acid, when adding equivalent amounts of the latter acids to copper
humates suspended in 0,1 N KNOg, at pH 6.0

Humic pH-"drop! mgper 0.50 "COOH/OH" Percentage of copper retained

ac'uli with Cu mequiv. by humic acids in presence of "
noé. -
N non ATA(3.9)2 ADA(T.00% §.A.(3.5)2

0821 4.5 3.0 355 1/4 9 45 73

116 4,4 2.2 40,8 1/2 8 40 -

118 5.4 11.5 310 1/3 17 47 -

1173 — 2.7 332 1/6 8 14 GE]

b 4,5 7.3 304 1/4 2 20 68

v 4.3 0 29.3 1/3 2 30 73

! For origin, see Table II

2 Values in parentheses: log conditional stability constants of the corresponding copper

chelates, derived from data of Ringbom (1959) and Rosotti and Rosoiti {1561},
Extracted from a podzol B horizon.
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from plant roots, might be potential carriers for microelements from
humates to plant roots,) Although the logarithmic value of their conditional
stability constants at pH6.0is 11,4, still 45and41 %, respectively, of the coppe:
was found to be retained by the humic acids, which disagrees with the resul
obtained with ATA and ADA. A possible explanation might be the forming

of mixed complexes. The latter results indicate that the partition of copper
between humic acids and a given chelating compound cannot be predicted
from the conditional stability constanis only.

Table IIT further suggests that there are no large differences in the
stability constants of natural humic acids, notwithstanding different
"COOH/QH"-ratios and "O"-contents. Humic acid no,118, extracted from
ammoniated peat, seems to bind copper more strongly, which aiso
becomes obvioug from the pH-""drop’ with copper, A possible effect of the
high nitrogen content is not supported by the results with synthetic humic
acids which, for that matter, again show a behaviour deviating from that
of the nataral products.
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