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Abstract: The acidity constants of H(R-MP)", where R-MP? = dihydroxyacetone phosphate (DHAP?) and glycerol 1-phosphate
(G1P%), and the stability constants of the binary M(R-MP) complexes (M?+ = Mg?*, Ca?*, Sr?*, Ba?t, Mn?*, Co?*, Ni?*,
Cu?t, Zn?*, Cd**) were determined by potentiometric pH titrations in aqueous solution (/ = 0.1 M, NaNOQ;; 25 °C). The
stability of the ternary Cu(Arm)(R-MP) complexes (Arm = 2,2’-bipyridyl or 1,10-phenanthroline) were also measured. On
the basis of recent results for simple phosphate monoesters, R-MP?, where R is a strictly noncoordinating residue (Massoud,
S. S.; Sigel, H. Inorg. Chem. 1988, 27, 1447-1453), it is established that the stability of all the M(DHAP) and M(G1P) complexes
is governed by the basicity of the phosphate group of DHAP?* and G1P?. There are no indications in aqueous solution for
the participation of the oxygen atom of the carbonyl or hydroxy groups at C-2 of these ligands in complex formation, which
would on steric grounds be possible. However, measurements with Cu?** and DHAP?* or G1P*" in water containing 30 or
50% (v/v) 1,4-dioxane (/ = 0.1 M, NaNOjs; 25 °C) prove that to some extent seven-membered chelates involving the mentioned
oxygen atoms may be formed. This may also be surmised for the other mentioned divalent metal ions under appropriate conditions,
because it is well-known that they all can interact with the oxygen of carbonyl or hydroxy groups, especially when the solvent
has poorer solvating properties than water. This condition exists in active-site cavities of enzymes; therefore, the indicated
type of metal ion interaction could play a role in certain metabolic processes involving DHAP (or GAP; see below) and G1P.
It is further concluded that the proton and metal ion affinities of glyceraldehyde 3-phosphate (GAPZ") correspond in a first
approximation to those of G1P?~ because both ligands contain the same structural unit, i.e., -CH(OH)CH,0POQ;?-, which
is responsible for the proton and metal ion binding properties, as shown now for G1P*", This conclusion regarding GAP is

meaningful because this ligand may hardly be studied directly due to its conversion into DHAP.

Dihydroxyacetone phosphate (DHAP?) and glycerol 1-phos-
phate (G1P%)? are important intermediates in biological sys-
tems.>> For example, the most abundant membrane lipids in
many cells are constructed upon a backbone of glycerol 1-phos-
phate.* DHAP is, next to glyceraldehyde 3-phosphate (GAP?),
produced in the catabolism of glucose:** once taken up by the
cell, glucose is phosphorylated in position 6 with ATP by hexo-
kinase, isomerized to fructose 6-phosphate, further phosphorylated
with a second ATP by phosphofructokinase to fructose 1,6-di-
phosphate and then split by an aldolase into DHAP and GAP,
which can be rapidly interconverted into each other by triose-
phosphate isomerase.*6

The so-called a-glycerophosphate shuttle® transforming DHAP
and G1P into each other is important for NADH oxidation in
insect flight muscles as well as in many tissues, including brain
and smooth muscle, of other organisms.?S It is depictured in a
simplified way in Figure 1, together with the chemical structures
of the two title compounds considered in this study.

Many of the metabolic steps indicated above depend on me-
talloenzymes or on metal ion-depending enzymes; this is especially
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true for transphosphorylations’ and, e.g., ATP* is employed as
substrate only in the form of a metal ion complex, mostly as
Mg(ATP)>? The split of fructose 1,6-diphosphate into DHAP
and GAP is also catalyzed by a metalloaldolase.” The stabilities
and structures'® of M(ATP)? and of many related*! nucleoside
phosphate complexes in solution are relatively well characterized
today. However, to our knowledge there are no such data available
for DHAP and only a few for G1P.'213 Therefore, we have now
measured the stabilities of the complexes formed between these
two phosphate monoesters, R-MP?", and the alkaline earth ions,
several divalent 3d metal ions, and Zn?* or Cd?*; the results also
allow conclusions regarding the proton and metal ion affinities
of GAP?. We endeavored to answer the question: is the stability
of these complexes solely determined by the basicity of the
phosphate group or may one of the other groups, i.e., the oxygen
atom of the carbonyl or a hydroxy group (see Figure 1), also
participate in complex formation?

1. Experimental Section

1.1. Materials. The disodium salt of D,L-a-glycerophosphate hexa-
hydrate (approximately 95%) and the lithium (1.5 equiv) salt of di-
hydroxyacetone phosphate (purity 97%; with ca. 5 mol % inorganic
phosphorus) were from Sigma Chemical Co., St. Louis, MO, and used
as obtained (see also section 1.2). However, from the potentiometric pH
titrations and the curve-fit procedure for the determination of pKfl g mp)
the exact concentrations of G1P and DHAP were measured (see below).
Acetone, HCIO, (70%), (NH,)sMo0,0,,4H,0, and 1,4-dioxane (extra
pure) were from Merck AG, Darmstadt, FRG. The perchlorate salts of
Cd?* and the other metal ions were from Johnson Matthey GmbH, Alfa
Products, Karlsruhe, FRG, and Fluka AG, Buchs, Switzerland, respec-
tively. All other reagents were the same as used previously.'* All
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Figure 1. Simplified representation of the so-called® a-glycerophosphate
shuttle of insect flight muscles, in which dihydroxyacetone phosphate
(DHAP?) and glycerol 1-phosphate (G1P%) are interconverted into each
other.}*

solutions were prepared with distilled CO,-free water.

The titer of the NaOH used for the titrations was determined with
potassium hydrogen phthalate; the exact concentrations of the G1P and
DHAP solutions used in the titration experiments with the metal ions
(titrated in the presence of an excess of HNOj;; see section 1.4) were
measured with NaOH. The concentrations of all stock solutions of the
divalent metal ions were established with EDTA.

1.2, Stability of DHAP and G1P toward Dephosphorylation. The
available DHAP contained some inorganic phosphate as impurity (section
1.1.); therefore, the content of free PO, was determined as previously’
with carefully standardized molybdate reagent in DHAP and also in the
G1P. The measurements were made with a Perkin Elmer Lambda 1
photometer.

The DHAP contained initially 3.8 & 0.7% (30) of inorganic phos-
phate. For 0.3 mM aqueous solutions (see section 1.4) of DHAP (I =
0.1 M, NaClO,; 25 °C), we observed that the liberation rate of phosphate
increased from pH 4-8. At pH 4 after 5 h only an additional 0.3% of
PO, was liberated from DHAP, while at pH 8 after the same time then
in total about 10% of free PO, were present. This was the most unfa-
vorable case for a titration experiment because in the daily freshly pre-
pared stock solutions of DHAP a pH of about 8 had to be adjusted.
However, the effect of this free phosphate on the stability constants of
the M(DHAP) complexes was minimized by evaluating in these cases
only about the first half of the titration curves (see section 1.4); this is
possible because the pX, values of H,PO,” and H(DHAP)" differ by 0.8
log unit (Table I; vide infra) and therefore complex form~tion between
M?* and HPO,> occurs also at a higher pH than with DHAP?". Finally,
it should be emphasized that dephosphorylation experiments in the
presence of Ni?*, Cu?*, or Cd?** under the conditions of the titrations (
= 0.1 M, adjusted now with NaClO,; 25 °C) and in the corresponding
pH range revealed that these metal ions have no remarkable effect on
the liberation of phosphate during the 30 min needed for a titration
experiment.

Regarding G1P the liberation of PO, did not constitute any problem.
The purchased compound contained not more than 0.2% of inorganic
phosphate. Measurements at pH 5.5 in the absence and presence of Ni?*,
Cu?*, or Cd?*, with the concentrations used in the titration experiments,
showed that over 10 h only about 3% of PO, is liberated from G1P. At
pH 8 with [G1P] = 0.3 mM (/ = 0.1 M, NaClO,; 25 °C) after 8 h about
0.3% of PO, was released.

1.3. Potentiometric pH Titrations. These were carried out as de-
scribed.'* The direct pH meter readings were used in the calculations
of the acidity constants for H(R-MP), i.e., these constants are so-called
practical constants, also known as mixed or Bronsted constants.!* The
negative logarithms of these acidity constants given for aqueous solutions
at 7 = 0.1 M (NaNO,) and 25 °C may be converted into the corre-
sponding concentration constants by subtracting 0.02 log unit.'*

It should be emphasized that the ionic product of water (X,) and the
mentioned conversion term do not enter into our calculation procedures
because we evaluate the differences in NaOH consumption between
solutions with and without ligand (see section 1.4).!415

1.4. Determination of Equilibrium Constants. The acidity constants
Kl r.mp) for HDHAP)™ and H(G1P)~ were determined by titrating 50
mL of aqueous 0.54 mM HNO; and NaNO; (I = 0.1 M; 25 °C) in the
presence and absence of 0.3 mM R-MP?" with 1 mL of 0.03 M NaOH
as described.'* For DHAP and G1P 18 and 26 pairs of independent
titrations, respectively, were evaluated between about 3% and 97% of
neutralization for the equilibrium H(R-MP)-/R-MP%.

The conditions for the determination of the stability constants
KM r.mp) Of the binary M(R-MP) complexes and of KEXA™) ¢ \p) Of the
ternary Cu(Arm)(R-MP) complexes were the same as given previously.'¢

(14) Bastian, M.; Sigel, H. J. Coord. Chem. 1991, 23, 137-154.
s ;15) Sigel, H.; Zuberbihler, A. D.; Yamauchi, O. Anal. Chim. Acta 1991,
255, 63-73.
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Table I. Negative Logarithms of the Acidity Constants (Egs 1 and
2) in Aqueous Solution for Hy(DHAP) and H,(G1P) As Well As for
Some Related Species, at 25 °C and I = 0.1 M (NaNO;) as
Determined by Potentiometric pH Titrations®

R-MP* PKE,(R.MP) PKHr.MP)
HPO,* 1.86° 6.70 £ 0.02¢
CH,;0PO;* 6.24
BuP?- 6.72 £ 0.02¢
RibMP?- 6.24 £ 0.01°
G1P*- ~0.7 6.23 £ 0.01
DHAP*- ~0.7 5.90 = 0.01

¢So-called practical constants!® are listed; see section 1.3. The er-
rors given are three times the standard error of the mean value or the
sum of the probable systematic errors, whichever is larger. ®This value
for H;PO,, i.e., pK‘Elpo‘, is from ref 21 ( = 0.5 M, KCI; 22 °C); in the
same study is also given pKi ro, = 6.69 in good agreement with the
other value listed above. °This value for H,PO," i.e., pKHi po, is from
ref 22; I = 0.1 M, NaClO,; 25 °C. “From ref 23; I = 0.1 M, NaClJ; 25
°C. ¢From ref 19; 7 = 0.1 M, NaNO;; 25 °C. /Estimate; see text in
section 2.1.

This means part or all of NaNO; was replaced in the solutions described
in the preceding paragraph ([R-MP?] = 0.3 mM) by M(NO;), (I = 0.1
M; 25 °C); the R-MP*:M?* ratios were 1:111 (Ba2*, Sr*, Ca?*, Mg?*),
1:89 (Ba?*, Sr?*, Ca2*, Mg?*), 1:56 (Mn?*, Co?*, Ni?*, Zn?*, Cd?*), 1:44
(Co**), 1:28 (Mn?*, Ni?*, Zn?*, Cd**), and 1:11 and 1:5.6 (Cu?*, Cu-
(bpy)?*, Cu(phen)?*, see ref 14). For each DHAP system at least 6, and
for each G1P system at least 8 independent pairs of titrations were
recorded, evaluated, and the individual results (see below) averaged for
the final results.

The stability constants KM@gwmp, (and correspondingly for
KEuarm rmp) were computed for each pair of titrations by taking into
account the species H*, H(R-MP)~, R-MP*, M?* and M(R-MP)."
Throughout the data were collected (every 0.1 pH unit) from about 5%
complex formation to a neutralization degree of about 50% in the case
of DHAP (see section 1.2) and about 85% with G1P or to the beginning
of the hydrolysis of M(aq)?*; the latter was evident from the titrations
without R-MP. The values calculated individually for log Km(R_Mp) (or
log K:C:E&,ﬁ;(k_m)) showed no dependence on pH or on the excess amount
of M#*,

The acidity constants K&z yp) for HIDHAP)™ and H(G1P)~ and the
stability constants K& g yp) for the binary Cu(DHAP) and Cu(G1P)
complexes were also determined in water containing 30 or 50% (v/v)
1,4-dioxane. The same concentrations of the reagents as indicated above
were used; for further details see refs 16 and 17. The results given in
section 2.4 are the averages of at least four, usually eight independent
pairs of titration curves.

2. Results and Discussion

2.1. Acidity Constants of Hy(DHAP) and H,(G1P). Phosphate
monoesters (R-MPZ), such as DHAP? and G1PZ%, are dibasic
species; hence, the following equilibria have to be considered:

H,(R-MP) = H(R-MP)" + H* (la)
Kiirmp) = [H(R-MP)][H*]/[H,(R-MP)]  (1b)
H(R-MP)- = R-MP* + H* (2a)
KHrmp) = [R-MP¥][H*] /[H(R-MP)] (2b)

The first proton from monoesterified derivatives of phosphoric
acid, i.e., from H,(R-MP), is released in water with pK, = 1 (eq
1).!* This was recently confirmed for diprotonated uridine 5’
monophosphate, H,(UMP): pKH ywp) =0.7£0.3 (/=0.1 M,
NaNO;; 25 °C)."? As the phosphate group in UMP is bound
to a ribosyl residue, the solvation by water around the phosphate
group is expected to be similar to that in DHAP and G1P (see
below) and therefore also the release of the first proton from the
-P(0O)(OH), site should occur with a very similar pX, in all three
molecules; on this reasoning the estimate given in Table I is based.

(16) Magalhies, M. C. F,; Sigel, H. J. Ind. Chem. Soc., in press.
(17) Bastian, M.; Sigel, H. Inorg. Chim. Acta 1991, 187, 227-237.
(18) See p 131 of ref 5.

(19) Massoud, S. S.; Sigel, H. Inorg. Chem. 1988, 27, 1447-14353.
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Table II. Logarithms of the Stability Constants of Binary M(DHAP) and M(G1P) Complexes (Eq 3) and of Ternary Cu(Arm)(DHAP) and
Cu(Arm)(G1P) Complexes (Eq 4) as Determined by Potentiometric pH Titrations (Exptl)® in Water at 25 °C and / = 0.1 M (NaNO;)

log m(DHAP) log Kr«mp)

M2 exptl® caled®/ log Apgap® exptl® caled®” log Agp°
Mg* 1.57 £ 0.03 1.50 = 0.04 0.07 = 0.05 1.63 £ 0.03 1.57 £ 0.04 0.06 £ 0.05
Ca* 1.38 £ 0.02 1.41 % 0.05 -0.03 = 0.05 1.43 £ 0.02 1.46 £ 0.05 -0.03 £ 0.05
Sr2* 1.23 £ 0.03 1.22 £ 0.05 0.01 £ 0.06 1.23 £ 0.03 1.25 + 0.05 -0.02 + 0.06
Ba%* 1.14 = 0.09 1.14 = 0.05 0.00 = 0.10 1.18 £ 0.03 1.16 = 0.05 0.02 = 0.06
Mn?* 2.11 £ 0.02 2.08 = 0.07 0.03 + 0.07 2.21 £ 0.04 2.16 = 0.07 0.05 = 0.08
Co?* 1.84 £ 0.02 1.87 £ 0.07 -0.03 = 0.07 1.93 £ 0.02 1.94 £ 0.07 -0.01 £ 0.07
Ni+ 1.85 £ 0.03 1.86 % 0.06 =0.01 = 0.07 1.90 = 0.04 1.96 £ 0.06 -0.06 + 0.07
Cu?* 2.77 £ 0.02 2.73 £ 0.08 0.04 = 0.08 2.83 £ 0.05 2.88 = 0.08 -0.05 = 0.09
Zn* 2,01 = 0.03 2.02 = 0.08 -0.01 = 0.09 2.13 = 0.04 2.12 £ 0.08 0.01 = 0.09
Cd* 2.36 = 0.02 2.34 = 0.06 0.02 £ 0.06 2.43 £ 0.03 2.44 + 0.06 -0.01 = 0.07
Cu(bpy)?* 2.79 £ 0.02¢ 2.78 % 0.084« 0.01 £ 0.08 2.90 £ 0.05¢ 2.93 £ 0,084« -0.03 = 0.09
Cu(phen)?* 2,77 £ 0.044 2,76 £ 0.084¢ 0.01 £ 0.09 2.92 £ 0.05¢ 2.91 £ 0.08%¢ 0.01 = 0.09

¢The error limits given are three times the standard error of the mean value or the sum of the probable systematic errors, whichever is larger.
The parameters of the straight-line equations are listed in Table V of ref 19; the error limits (3¢) are from Table VI of ref 19 (see also Table I in
ref 32). “Log Ap.mp = log Koxpy — 108 Ky 45 nOte, this difference corresponds also to that defined by eq 10; the error limits (30) for these differences
were calculated according to the error propagation method after Gauss. “These values refer to log KSYA™ ¢ vy cf. €q 4. ¢ These values were
calculated with the straight-line equations given on page 249 of ref 31. /The calculated stability constants for a pure metal ion-phosphate coordi-
nation (calcd) are given for comparison; these values are based on the straight-line equations'>! quantifying the relationships between complex
stability and phosphate group basicity (see Figure 2 and Section 2.3)® and the pK“H(R_Mp) values of H(DHAP)™ and H(G1P)~ (see Table I).

In any case, the first proton from the phosphoric acid residue in
H,(R-MP) is completely ionized at pH 2= 3 and does not overlap
with equilibrium 2 and the complex formation between M?* and
R-MP?#, which only occur at pH > 3.

In addition there was no indication for a release of a further
proton from DHAP? or G1P?* in the pH range covered by this
study. Indeed, the deprotonation of sugar-hydroxy groups is
expected to occur at pH > 12 only.?

The acidity constants determined for H(DHAP)™ and H(G1P)~
and some related data'92'-2? are listed in Table I. Some literature
values'2"? for pKH ;.p), i.€., 6.08'2% and 6.66,'23 are relatively
far away from our result, but this is probably due to different
definitions of the constants and different experimental conditions.
For example, if the concentration constant (pK, = 6.07) given
in ref 24 is transformed (+0.11 log unit)'!? into the “mixed”
acidity constant one obtains pKHg,p) = 6.18 (I = 0.1 M, KC;
20 °C), a value closer to our result. The above conclusion is
further confirmed by another published value,” pKH,p) = 6.231,
which refers to I = 0.086 M (KCl) and 25 °C, i.e., to conditions
similar to ours, and which excellently agrees with our result (Table
I). For pKH pyap) @ value of 5.98 (I close to 0.1 M, NaNOy; 35
°C), determined by potentiometric pH titrations, was published?’
as well as an apparent?® constant of 6.0 (I = 0.1 M; 30 °C),
determined from kinetic experiments with triosephosphate isom-
erase. Considering the differences in the experimental conditions
both constants fairly agree with our value of 5.90 (I = 0.1 M,
NaNQ;; 25 °C).

The variations between the acidity constants in Table I may
easily be rationalized: For example, a methyl group will certainly
somewhat disturb solvation and therefore the release of the proton
from CH;OPQ,(OH)" should be easier than from the better
screened HOPO,(OH)™ (=H,PO,"). Similarly, the lower acidity
of H(BuP)", compared to that of H{CH;OPQO;)", may be explained

(20) Christensen, J. J.; Rytting, J. H.; Izatt, R. M. Biochemistry 1970, 9,
4907-4913.

(21) Peacock, C. J.; Nickless, G. Z. Naturforsch., A: Astrophys., Phys.,
Phys. Chem. 1969, 244, 245-247.

(22) Sigel, H.; Becker, K.; McCormick, D. B. Biochim. Biophys. Acta
1967, 148, 655-664.

(23) Brintzinger, H.; Hammes, G. G. Inorg. Chem. 1966, 5, 1286-1287.

(924)ZSchwarzenbach, G.; Anderegg, G. Helv. Chim. Acta 1957. 40.
1229-1231.

(25) (a) Datta, S. P.; Grzybowski, A. K. Biochem. J. 1958, 69, 218-223.
(b) Kiessling, W. Biochem. Z. 1934, 273, 103-108. (c) King, E. J.; Delory.
G. E. Biochem. J. 1939, 33, 1185-1190.

(26) Mikitie, O.; Mirttinen, S. Suomen Kemist. 1971, B44, 155-157.

(27) Gettys, G. A.; Gutsche, C. D. Bioorg. Chem. 1978, 7, 141-159.

(28) (a) Plaut, B.; Knowles, J. R. Biochem. J. 1972, 129, 311-320. (b)
Belasco, J. G.; Herlihy, J. M.; Knowles, J. R. Biochemistry 1978, 17,
2971-2978. (c) Cleland, W. W. Adv. Enzymol. 1977, 45, 273-387.

by the relatively large n-butyl residue leading to a reduced effective
dielectric constant in its vicinity,?® thus inhibiting the formation
of a further charge, i.e., the release of the proton.’® The nearly
identical acidities of H(CH;OPO,)~, H(RibMP)", and H(G1P)~
probably reflect the pronounced hydrophilicity of the ribose ring
and the glycerol residue allowing a solvation of their twofold
negatively charged phosphate groups similar to that in methyl
phosphate. Finally, the somewhat larger acidity of H(DHAP)~
compared with that of H(G1P)™ may be attributed to the electron
withdrawing properties of the carbonyl group at C-2, thus reducing
the basicity of the phosphate residue in DHAP?~.

2.2. Stability Constants of Binary M(DHAP) and M(G1P)
Complexes As Well As of Some Ternary Cu(Arm) (R-MP) Com-
plexes. The experimental data of the potentiometric pH titrations
carried out with DHAP and G1P and the alkaline earth ions,
several divalent 3d metal ions, as well as Zn?* and Cd?* (M?*)
may all be completely described by considering equilibria 2 and
3 (see also sections 1.4 and 2.1).

M?* + R-MP* = M(R-MP) (3a)
KMwr-wp) = [M(R-MP)]/(IM**][R-MP¥])  (3b)

The same is true for the ternary systems consisting of DHAP or
G1P, Cu**, and an aromatic amine (Arm), i.., 2,2’-bipyridyl (bpy)
or 1,10-phenanthroline (phen); here equilibria 2 and 4 have to
be considered.'4

Cu(Arm)?* + R-MP? = Cu(Arm)(R-MP)  (4a)

KSS&%;(R-MP) =
[Cu(Arm)(R-MP)] /([Cu(Arm)?*][R-MP?7]) (4b)

The stability constants determined are listed in columns 2 and
5 of Table II for the M(DHAP) or Cu(Arm)(DHAP) and M-
(G1P) or Cu(Arm)(G1P) complexes, respectively; the data given
in the other columns'®*1-2 will be discussed in section 2.3.

To our knowledge only the stability constants for the Mg?* and
Ca?* complexes of G1P?~ were previously determined;!%1324 the
agreement with the present values, which are about 0.2 log unit
smaller, is satisfactory. Furthermore, the stability constants listed

(29) Sigel, H.; Malini-Balakrishnan, R.; Haring, U. K. J. Am. Chem. Soc.
1985, 107, 5137-5148.

(30) Sigel, H.; Martin, R. B.; Tribolet, R.; Haring, U. K.; Malini-Balak-
rishnan, R. Eur. J. Biochem. 1985, 152, 187-193. See, also the comment in
the footnote on p 258: Bastian, M.; Sigel, H. Inorg. Chim. Acta 1990, 178,
249-259.

(31) Massoud, S. S.; Sigel, H. Inorg. Chim. Acta 1989, 159, 243-252.

(32) Sigel, H.; Massoud, S. S.; Tribolet, R. J. Am. Chem. Soc. 1988, 110,
6857-6865.
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in Table II are in the order previously observed for other phosphate
monoester complexes.'® In fact, a direct comparison of the data
for p-ribose 5’-monophosphate (RibMP?)" and G1P* is possible
because their pXt}  vp) values are practically identical (see Table
I): the average stai)ility difference between the log K} g yp) values
for the M(RibMP) complexes'? and the ten corresponding binary
M(G1P) complexes listed in Table II is 0.057 log unit. In addition,
within each series of the M(DHAP) and M(G1P) complexes the
usual trends are observed:'4!%32 Complex stability of the alkaline
earth ions increases with decreasing ionic radii but is lower than
that of the 3d M?* ions; for these the longstanding experience!®2233
is confirmed that the stabilities of metal ion-phosphate complexes
do not strictly correspond to the Irving-Williams series.

The relative stability of ternary complexes toward their binary
parent complexes is best quantified by considering the difference
defined in eq 5:35%

A log K¢, = log KEHAT) r.Mp) — log K& r-mp) (&)

This difference of the logarithms of two stability constants is of
course again a constant; it quantifies the position of the following
equilibrium:

Cu(Arm)?* + Cu(R-MP) = Cu(Arm)(R-MP) + Cu?* (6a)

- 2+
| odoske, = LCWATM)(R-MP)][Cu] (6b)
[Cu(Arm)**][Cu(R-MP)]

For the tetragonal or Jahn-Teller distorted octahedral coordination
sphere of Cu?* it is difficult to assess a statistical value, but an
estimate® was made: A log K¢y /gaus = —0.5. Values derived from
the experimental data for the t/our Cu(Arm)(R-MP) complexes
listed in Table II are A log K¢y bpy/puap = 0.02 £ 0.03, A log
KCu/phen DHAP — 0.00 £ 0.04, A log Cu/bpy/GIP = 0.07 = 0.07, and
Alog Kcy/phen/cip = 0.09 £ 0.07. Evidently these mixed ligand
complexes are considerably more stable than expected on a sta-
tistical basis, but this observation agrees with previous experience,
e.g., for the Cu?*/phen/HCOO™ or CH;COO™ systems also A log
K, values close to zero had been obtained,>*7* and explanations
for this rather general behavior of mixed ligand complexes formed
by a divalent 3d metal ion, a heteroaromatic N base, and an O
donor ligand have been given.?5*¢3> Hence, one may conclude
that in these mixed ligand complexes DHAP? and G1P?* show
no exceptional properties but those expected for O-donor ligands.
2.3, Structural Considerations on the M(DHAP) and M(G1P)
Complexes, Space filling molecular models show that a phos-
phate-coordinated metal ion in M(DHAP) may also reach the
carbonyl oxygen and, correspondingly, in M(G1P) the hydroxy
group at C-2 (Figure 1). Hence, the question arises for the
M(DHAP) and M(G1P) complexes: does an equilibrium exist
in aqueous solution between a solely phosphate-coordinated species
and a seven-membered chelate? This equilibrium is indicated
below in a simplified form, by also neglecting the charges:

0 N
OP-O—C—C-R —= OF cR )
|

o., O
- © ™"

M
Of course a metal ion coordinated at the phosphate group of G1P*

may equally well reach the 2-hydroxy group in the L or the D
isomer: hence, the answer to the above question remains unaf-

(33) Sigel, H.: McCormick, D. B. Acc. Chem. Res. 1970, 3. 201-208.

(34) (a) Irving, H.; Williams, R. J. P, Nature 1948, 162, 746-747. (b)
Irving, H.; Williams, R. J. P. J. Chem. Soc. 1953, 3192-3210.

(35) Sigel, H. Angew. Chem. 1975, 87, 391-400; Angew. Chem. Int. Ed.
Engl. 1978, 14, 394-402.

(36) Sigel, H. In Coordination Chemistry-20; Banerjea, D., Ed.; Pergamon
Press (IUPAC): Oxford and New York, 1980; pp 27-45.

(37) Liang, G.; Tribolet, R.; Sigel, H. Inorg. Chem. 1988, 27, 2877-2887.

(38) Malini-Balakrishnan, R.: Scheller, K. H.; Hiring, U. K.; Tribolet, R.;
Sigel, H. Inorg. Chem. 1985, 24, 2067-2076.

(39) (a) Sigel, H.; Fischer, B. E.; Prijs, B. J. Am. Chem. Soc. 1977, 99,
4489-4496. (b) Sigel, H. Inorg. Chem. 1980, 19, 1411-1413.
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fected by the use of D,L-G1P in the present study.

Any kind of chelate formation has to enhance complex sta-
bility.!03240 A possibly increased stability of M(DHAP) or
M(G1P), if compared with a pure phosphate coordination, could
therefore be attributed to the participation of the oxygen at C-2;
i.e., equilibrium 7 would then truly exist. The position of this
concentration-independent equilibrium between an “open” isomer,
M(R-MP),,, and a “closed” species, M(R-MP),, is defined by
the dimensionless constant Kj:

K; = [M(R-MP).]/[M(R-MP),,] ®

Values for K; may be calculated with eq 9 from the experimentally
accessible (overall) stability constant, KMg.mp) provided the
stability constant, Kﬁ(R,Mp)w, of the open isomer is also known.

_ K%(R-MP)

I -1 = 1098 -] ©®

K¥r-Mp),,
log A = log Ag.mp = log K¥r.mp) — log K%(R-MP)“, (10)

Obtaining the difference defined in eq 10 is the crucial part of
any evaluation, and the reliability of any calculations for K; (eq
9) depends on its accuracy.

The needed values for Kyr.mp),, are not accessible by a simple
direct experimental determination. However, this problem was
recently resolved'® by constructing log Kjr.mp) versus pKH g.me)
plots for M(R-MP) complexes where R-MP?" are simple phos-
phate monoesters; i.e., their group R does not participate in
complex formation. Plots of this type result in straight lines for
series of structurally related ligands,* and this is also the case'?
for simple phosphate-monoester complexes of Mg?*, Ca?*, Sr?*,
Ba?*, Mn?*, Co?*, Ni?*, Cu?*, Zn**, and Cd?*; the parameters
of the resulting straight reference lines (least-squares) are sum-
marized in Table V of ref 19 (cf. also Table I in ref 32). This
achievement now allows the calculation of the stability constant
for a pure phosphate coordination with the known acidity constant
of any monoprotonated phosphate residue.

By using the mentioned reference-line equations and the
pKH r.mp) values of H(DHAP)™ and H(G1P)" (Table I), the
logarithms of the stability constants, log KM(R-MP),,; for the open
isomers M(DHAP),, and M(G1P),, were calculated (Table II,
columns 3 and 6). Now the differences between the measured
and the calculated stability constants can be formed according
to eq 10, and these log A values are given in columns 4 and 7 of
Table II. All these values, with the single exception of the values
for Mg(DHAP) and Mg(G1P) to which we attribute at present
no meaning, are zero within the error limits; this also holds for
the Cu(Arm)(R-MP) complexes; hence, no significantly increased
stability is observed for any of the binary M(DHAP) and M(G1P)
complexes or for the ternary Cu(Arm)(DHAP) and Cu(Arm)-
(G1P) complexes. This result is probably even more apparent
from Figure 2 where four examples for plots of log K’ﬁék,m) versus
pKH r.mp) are shown: the data pairs for the Ba**, Zn?*, and Cu?*
complexes with DHAP?™ or G1P? are clearly all falling on the
reference lines within the error limits; probably this also holds
for the corresponding Mg?* complexes.

From the above observations follows that the intramolecular
equilibrium 7 is on its left side. However, one has to be aware
that the log A values listed in Table II carry error limits. Under
the reasonable assumption that a stability increase of 0.1 log unit
would have been recognized with certainty, one obtains with eq
9 K; < 0.26; hence, one has to conclude that the upper limit for
the occurrence of closed species according to equilibrium 7 is about
20%. In other words, it cannot be ruled out on the basis of the
present results that M(DHAP),, and M(G1P),, occur in aqueous
solution in “traces”, e.g., with Mg?*.

2.4. A Reduced Solvent Polarity Promotes Formation of
Chelates with DHAP? and G1P*! With the last mentioned
conclusion of section 2.3 in mind, we decided to study the influence
of increasing amounts of 1,4-dioxane on the stability of the Cu?*

(40) Martin, R. B.; Sigel, H. Comments Inorg. Chem. 1988, 6, 285-314.
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Table III. Negative Logarithms of the Acidity Constants H(R-MP)~ (Eq 2) and Logarithms of the Corresponding Binary Cu(R-MP) Complexes
(Eq 3) for R-MP?* = DHAP? and G1P? as Determined by Potentiometric pH Titrations (Exptl) in Dependence on the Amount of 1,4-Dioxane
Added to Water and on the Resulting Dielectric Constant ( = 0.1 M, NaNO;; 25 °C)%¢

log K%:(R—MP)

R-MP?* % (v/v) dioxane  mol fract diox ¢ pKE M) exptl caledes log Ap.mp?

DHAP?* 0 0 78.5 5.90 % 0.01 2.77 £ 0.02 2.73 + 0.08 0.04 %= 0.08
30 0.083 52.7 6.63 = 0.01 3.70 + 0.02 3.62 £ 0.02 0.08 = 0.03
50 0.175 35.2 7.09 %= 0.01 4.50 £ 0.01 4.24 £ 0.03 0.26 = 0.03

G1P* 0 0 78.5 6.23 = 0.01 2.83 £ 0.05 2.88 £ 0.08 -0.05 + 0.09
30 0.083 52.7 6.94 = 0.01 3.85 % 0.02 3.79 £ 0.02 0.06 = 0.03
50 0.175 35.2 7.39 £ 0.03 4.65 £ 0.02 4.41 %= 0.03 0.24 + 0.04

¢ The error limits are three times the standard errors (30); for details see footnotes a, b, and ¢ in Table II. The entries for the aqueous solutions
are from Tables I and I1. ®The dielectric constants for the dioxane~water mixtures are interpolated from the data given in ref 41. The parameters
of the straight-line equations are listed in Table II of ref 16; the error limits (30) are from Table III of ref 16 (see also Table III of ref 17). “log
Ap-mp = 10g K. = l0g Keyieq5 nOte, this difference corresponds also to that defined by eq 10. ¢ For comparison the calculated stability constants for
a pure Cu?*-phosphate coordination (calcd) are given, based on straight-line equations'é!’ quantifying the relationship between complex stability and

phosphate group basicity (see Figure 3 and Section 2.4) and the pKjr.mp) values of H(DHAP)™ and H(G1P)~ (see column 5, above).?

32 DHAPZ™  GIPZ 1
301 l 1 '

28

12 2+ Ie)
Ba 5
10 Lo
uMPZ TMPZ
%1 1 1 1
NPhP2- PhPZ  RibMPZ BuP?Z
S0 52 54 56 58 B0 62 64 66 88 70
KH
PAH(R-MP)

Figure 2. Relationship between log K} g.vp) and pKil g yp, for M?* 1:1
complexes with simple phosphate monoester ligands (R-MP?%); i.e., 4-
nitrophenyl phosphate (NPhP?"), phenyl phosphate (PhP?"), uridine 5'-
monophosphate (UMP?"), p-ribose 5’-monophosphate (RibMP?"), thy-
midine 5’-monophosphate (TMP?"), and n-butyl phosphate (BuP?*) (0).!?
The least-squares lines are drawn through the corresponding six data sets;
the equations for these reference lines are given in Table V of ref 19. The
points due to the complexes formed with DHAP? and G1P* (@) are
inserted for comparison; these constants are taken from Tables I and II.
All plotted data refer to aqueous solutions at 25 °C and I = 0.1 M
(NaNoO,).

complexes of DHAP?* and G1P*. Increasing amounts of dioxane
in an aqueous solution will render solvation of metal ions more
difficult, and, hence, the participation of the oxygen at C-2 in
complex formation should become facilitated. Cu?* was selected
for these measurements because reference lines for log K& g yp)
versus pKYjg.yp) plots of simple phosphate—monoester ligands with
a noncoordinating group R have previously been constructed for
various water—dioxane mixtures and the straight-line equations
are published.!¢!’

The acidity constants (eq 2) determined for H(DHAP)™ and
H(G1P)™ and the stability constants (eq 3) for the corresponding
Cu(R-MP) complexes using water containing 30 or 50% (v/v)
1,4-dioxane as solvent are listed in Table III.#* The stability
differences log Ag.mp (eq 10) are given in the column at the right;
they increase somewhat with an increasing dioxane concentration.

(41) (a) Akeridf, G.; Short, O. A. J. Am. Chem. Soc. 1936, 58,
1241-1243. (b) Critchfield, F. E.; Gibson, J. A., Jr.; Hall, J. L. J. Am. Chem.
Soc. 1983, 75, 1991-1992. (c) Akerléf, G.; Short, O. A. J. Am. Chem. Soc.
1953, 75, 6357,
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Figure 3. Evidence for an enhanced stability of Cu(DHAP) and Cu-
(G1P) in mixed dioxane~water solvents based on the relationship between
log K¥r.mp) and pKil g yp) for the Cu?* 1:1 complexes of 4-nitrophenyl
phosphate (1), phenyl phosphate (2), p-ribose 5’-monophosphate (3),
n-butyl phosphate (4), uridine 5’-monophosphate (5), and thymidine
5’-monophosphate (6) in water and in water containing 30 or 50% (v/v)
1,4-dioxane. The least-squares lines are drawn in each case through the
data sets shown;'61? the equations for these reference lines are given in
Table II of ref 19 (see also ref 17). All the plotted constants refer to 25
°Cand /= 0.1 M (NaNO;). The points due to the Cu?* 1:1 complexes
formed with DHAP? and G1P* (@) in the three mentioned solvents are
inserted for comparison (see section 2.4; Table III). The vertical broken
lines emphasize the stability differences to the corresponding reference
lines; these differences equal log Ag.mp (see eq 10).

Table IV. Extent of Chelate Formation (Eq 7) in the Cu(DHAP)
and Cu(G1P) Complexes as Quantified by the Dimensionless
Equilibrium Constant K; (Eqs 8 and 9) and the Percentage of
Cu(R-MP) (See Text in Section 2.4) in Dependence on the Amount
of 1,4-Dioxane Added to Water (/ = 0.1 M, NaNO;; 25 °C)¢

%
% (v/v) Cu(R-
R-MP?* dioxane log Ag.mp® K, MP),
DHAP?* 0 0.04 = 0.08 0.10% 0.21 9% 17
30 0.08 = 0.03 0.20 = 0.08 175
50 026003 082%x0.13 454
G1p*- 0 -0.05 £ 0.09 0 (<0.11) 0 (<10)
30 0.06 £ 003 0.15x007 136
50 024£004 074x0.14 42%5

¢The values for log A (see eq 10) and their error limits (30) are
from Table III; the errors for XK, and % Cu(R-MP), were calculated
according the error propagation after Gauss.

This means, Cu(DHAP) and Cu(G1P) are now more stable than
expected for a sole phosphate coordination. This is even more
clearly borne out from Figure 3: the data pairs for Cu(DHAP)



Complex Stability of Biological Phosphates

and Cu(G1P) are in the mixed solvents above the reference lines.
Note, the vertical distance between the points for the mentioned
Cu?* complexes, and the straight reference lines correspond to
log Ag.up as defined by eq'10.

The values for log Ag.p of Table III can now be used to
calculate K; according to eq 9, and then the percentages of the
closed isomers are also easily obtained: %M(R-MP), = 100K;
(1 + K;). These results are compiled in Table IV. For both
complexes, i.e., Cu(DHAP) and Cu(G1P), the formation degree
of the closed species is now rather significant, at least in the 50%
(v/v) water—dioxane mixture.

Conclusions

The stability of the complexes formed between divalent metal
ions and dihydroxyacetone phosphate (DHAP?") and glycerol
1-phosphate (G1P%) (Figure 1) is governed by the metal ion
affinity of the phosphate group. This conclusion is valid for
aqueous solutions and for water containing 30 or 50% (v/v)
1,4-dioxane. However, in the last mentioned solvent mixtures the
carbonyl group of DHAP? and the hydroxy group of G1P?~ can
also participate in complex formation, leading to seven-membered
chelates as shown for Cu(DHAP) and Cu(G1P).

On the basis of the present results it may also be surmised that
glyceraldehyde 3-phosphate (GAP?: HC(O)CH(OH)-
CH,0PO,"), which co-exists to about 4% in equilibrium with its
ketoform* DHAP?", shows in M(GAP) complexes to a first ap-
proximation the stabilities and properties of the corresponding
M(G1P) species because the structural unit, ~-CH(OH)-
CH,0PO,*, which is responsible for the coordination properties,
is identical in GAP?~ and G1P?". The above assumption is con-
firmed by the similarity of an apparent pK, of 6.3 (/ = 0.1 M;
30 °C) for H(GAP)-, as determined by kinetic experiments with
triosephosphate isomerase,? with the present result; i.e., pK}icap)
~ pK',Z‘,(G,p) = 6.23 (I = 0.1 M, NaNO;; 25 °C; see Table I). It
may also be recalled here (see Introduction) that the ketotriose
and aldotriose, i.e., DHAP and GAP, are rapidly interconverted
into each other by triosephosphate isomerase.*¢ The preceding
conclusions regarding the metal ion and also proton affinities of
GAP?* are important because the properties of this ligand may
hardly be studied directly due to its instability*? in, particularly
alkaline, aqueous solution.

(42) Merck Index, 10th ed.; Merck: Rahway, NJ, 1983; p 4346.
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It should be emphasized that the formation of seven-membered
chelates, as mentioned above for equilibrium 7 and Cu?*, has also
to be expected for all the other metal ions considered in this study,
if the solvating properties of the solvent employed are poorer than
those of water. Indeed, it is well-known* for all these metal ions
that the oxygen of carbonyl or hydroxy groups can participate
in chelate formation, if the oxygen atom is in a proper steric
position.

Therefore, the oxygen atom at C-2 of DHAP? (and GAP?)
and G1P?, which can weakly interact with metal ions, may well
have a special role in certain metabolic processes. The presented
results manifest that chelate formation is favored under conditions
of a lower polarity with poorer solvating properties than those of
water, and such conditions are legion in biological systems. Since
the so-called “effective” or “equivalent solution” dielectric constants
in proteins or in active-site cavities of enzymes*® are reduced
compared to the situation in bulk water, favored conditions for
the formation of a certain amount of the described chelates (eq
7) exist in nature exactly at those places where DHAP? (and
GAP?) and G1P? are employed as substrates.

A further point to be emphasized is that a lower polarity
(dielectric constant) shifts the deprotonation reaction of phosphate
groups from slightly acidic conditions into the physiological pH
range (Table III). A decrease in the dielectric constant from about
80 to 35, which is well reached in an active-site cavity,04? enhances
the proton affinity by more than 1 log unit. Hence, a shift of such
a substrate by a few Angstroms at the “surface” of a protein may
drastically alter the acid-base properties of its phosphate group.
Furthermore, the DHAP-GAP interconversions will affect the
phosphate group basicity, and hence its proton and metal ion
affinity, because as indicated above pKHGap) = PKiiGip); i.€., the
interconversion of DHAP into GAP wiil enhance the basicity of
the phosphate group by about 0.3 log unit (see Table III). It is
easy to imagine that nature might use this basicity difference to
favor the one or other side of this and related equilibria.
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