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The dissociation and the formation rate of the 'Mgpmplex of 1,4,7-triazacyclononane-1,4,7-tris(methylene-
methylphosphinate) (NOTMP) have been studied by nonequilibrium potentiometdfRaNMR spectroscopy.

The dissociation reaction was dominated by a proton-assisted pathway in which the complex &M@V, L

= NOTMP) is protonated to HML in a rapid equilibrium (logkp—m. = 5.2), which then dissociates to M and

HL in a rate determining stefk{-m. = 1.4 x 1072s71). The formation reaction appeared to be faster, and the
first part of the reaction was dominated by a pathway in which the metal ion rapidly forms a weak complex with
the non-protonated ligand (ML) that slowly rearranges to the final complex ML. The intermediate Mvas

not observed directly, but likely involves partial coordination of M teia the phosphinate oxygens. Below pH

7, a proton-assisted pathway prevailed involving a specie$iM(log Ky—n = 1.79). This intermediate has a
proton attached to a ring nitrogen, while the metal is probably coordinated to the phosphinate oxygens, similar
to M—L. An overall reaction scheme was used to simulate all potentiometric pH curves and the NMR titration
data. This model shows that, at equilibrium, (de)complexation is dominated by the proton-assisted pathway at
pH < 7.0, while above this pH the spontaneous dissociation of ML and the formation of ML fret pevail.

Introduction accurately using this NMR method. Furthermore, this ligand
is quite NMR sensitive because of the three equivaéhhuclei

An assessment of a possible regulatory ¥dler Mg'" in . ; L . |
isolated cells, perfused organs, or intact tissue has been Iimitedand the sharp line widths, and it is selective for'hyer CA.

by the availability of direct methods for monitoring levels of Me Me
free Md', [Mg]s. There are currently three common methods :P\/\Nf—\N/\/P:
for measuring [Mg]in biological tissue, using the fluorescent HO & J o OH
indicator Furaptraor Mg" selective microelectrodg$ or by N
monitoring the3P NMR shift differences between the ATP ‘\P//O
resonance®. The first two methods are typically used to Me OH

measure [Mglin single cells while the third, being less sensitive,
requires a large number of cells or a relatively large volume of ~ For determination of intracellular Mgconcentrations, for
intact tissue. Other biological cations {HNd, K', or Cd) example in perfused hearts, it is important to have an idea of
interfere with all three methods with varying degrees. We have the time scale of complex formation/dissociation. It has been
recently reported a new ligand, 1,4,7-triazacyclononane-1,4,7- observed that intracellular [Ca]oscillates in a beating heart
tris(methylenemethylphosphinate) (NOTMP (L)), for monitoring during the period of one beat. Conversely, nothing is currently
[Mg]; in biological fluids® The3lP resonances of the free ligand known about alterations in [Mg] A ligand that responds slowly
(37.0 ppm) and the Mgcomplex (42.5 ppm) were in slow to such changes in free metal ion concentration might bind only
exchange, thus allowing the observation of both resonancesthat amount of Chor Mg" corresponding to the average free
separately and providing the ratio of their peak areas by signal metal ion concentration, without further disrupting the dynamics
integration. The pH 7.4 conditional stability constakit, = of the organ.
[Mgl¢[L]¢#/[MgL] ([L] + = [L] + [HL] + [H2L]) was 1.0 mM at Furthermore, knowledge of the kinetic behavior of macro-
298 K and 0.35 mM at 310 K. Since the latter value is cyclic ligands in general is quite important in many other areas,
comparable to typical free Mgconcentrations in cells (0.5 mM),  including contrast agents for magnetic resonance imagia.
the [MgL]/[L]+ ratio and, consequently, [Mg¢an be monitored linear aminopolycarboxylate complexes, the formation/dissocia-
tion rate depends largely on the exchange rate of water
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64?'5’?3;5&”3I:T:)?;Srgt@D“;ﬁZg?s'ed“' however, the observed rates are usually much lower and depend
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8 T 0.19 For the NMR dissociation experiment, the same Mg(NOTMP)
0.30 solution was used as described above for the potentiometric titrations,
0.41 to which 5% DO was added for locking. A syringe was connected
0.52 via thin tubing to the NMR tube inside the spectrometer, thus allowing
g_'gi acquisition immediately after an addition of HCI. The aliquot size of
0.85 HCI was adjusted so there were 3 additions for which [H]tot/[L] 1ot.

< 1. Spectra were taken tf= 0.25, 0.5, 1, 1.5, 2, 3, and 5 min, each
consisting of 8 acquisitions lasting approximately 10 s. The dissociation
experiments in both ¥ and DO were performed in an analogous
manner.
Calculations. A fitting of the experimental data to various models

5 * ) ' was performed using a general spreadsheet program, as described
10 earlier!* For the potentiometric dissociation experiment (Figure 1),

t (min) all species concentrations were evaluated, both under equilibrium and
Figure 1. pH vstime as a function of [Hj/[L] . (values shown next initial conditions, using the mass balances shown in e¢3 (ignoring
to corresponding curves) for the potentiometric titration of 2.7 mM

o
)
»
[
®

NOTMP + 3.0 mM Md' with 0.1 M HCI (I = 0.1 M KCI, 298 K). Mo, = [M] + [ML] + [H—ML] + [M—HL] 1)
The solid lines were obtained by simulation of the kinetic model shown
in Scheme 3. [L] i = [L] + [HL] + [H,L] + [ML] + [H=ML] + [M—HL] (2)

on a variety of factors including ring sizeiKgs and microscopic [Hlio, = [H] = [OH] + [HL] + 2[H,L] + [H=ML] + [M—HL]
protonation sequences, hydrogen bridging, and steric hindrance 3)
of the side-chains. Therefore, mechanistic details of the reaction
of any macrocyclic ligand with metal ions may provide new the third protonation step, loi§s = 2.0). Here, L is NOTMP and M
insights into the general behavior of this class of compounds. is Mg".
During the performance of the potentiometric titrations for The equilibrium concentrations (Figure 1, Table 2) were obtained
the determination of the stability of Mg(NOTMP)ye observed  as follows. From a first guess for [L], the values of [HL] and,[H
that equilibration generally took a few minutes. In this paper, Were calculated using the protonation constakiis{log Ky = 10.92)
we report an investigation of the kinetics of this complex, as 2ndKz (log K> = 3.97), whereK,, = [HyLJ/[H n-1L][H]. Subtracting
studied by nonequilibrium potentiometry af#P NMR spec- eq 2 from eq 1 gave [M], and use ffu. (10g fun = 12.767 gave
L . - [MHL], which is the sum of [M—HL] and [H—ML]. Substitution into
troscopy. Mos_t kinetic StUd'e_S emp!oy buffered SOIu_t'OnS (t_he eg 1 gave [ML]. Substitution into 3 gave a calculated value fog[H]
pH-stat technique) or solutions with a known (high) acid \yhich was used to provide a better estimate for [L] as described
concentration. In both situations, the pH is constant and is only previously!*12 This loop was continued until calculated and experi-
varied from experiment to experiment. In this study, the mental [H]y values were equal (relative errer 1078).
changes of pH with time have been used to monitor the reaction The initial concentrations (Figure 1, Table 1) were obtained as
rate, so that additional indicators or buffers were unnecessary.follows: initial pH values (pk) were obtained by extrapolation of the
linear parts of the curves shown in Figure ltts 0. Ky-n = 0 was
Experimental Section used as an initial estimate. The sum of the amounts of ML antH
. ) o at equilibrium must equal the sum of these species=at0 after the
Potentiometry. Potentiometric titrations were conducted at 298 K 5qition of the next aliquot of titrant, because these species are in rapid
using an Accumet 925 pH meter (Fisher), an Orion 8103 ROSS gqyilibrium and it is assumed that no reaction (to M angi¥L) has
combination electrode and a Metrohm 665 Dosimat automatic burette (ayen place at = 0. Similar reasoning is valid for M and MHL.

(Brinkman Instruments). The ionic strength was adjusted to 0.1 M Thjs jeads to eqs 4 and 5 (dilution effects are omitted for clarity), where
using KCl in all titrations, and all measurements were performed under

a N, atmosphere. Hydrogen ion activities were obtained from millivolt M1+ IM=HL1 = 1M1+ [M=HLT.. 4
readings, and the electrode was calibrated using Ricca high precision Mo [ o [ ]eq [ ]eq “)
buffers. Hydrogen ion activities were converted to concentrations using

i+1 i+1 __ i i

a pK,, of 13.79 (HO, 298 K) and an H activity coefficient of 0.82, ML] o™ + [H=ML] ;" = [ML] eqI + [H=ML] eqI )
which were determined from separate titrations of 0.001 and 0.01 M ) )
KOH with 0.1 M HCI. pD values for the experiment in,D are actual i is the aliquot number. From a first guess for [L], the values of [HL]
meter readings (uncorrected). and [HL] were calculated using; andK,. Combination of eq 4 and

All solutions were prepared from distilled, demineralized, and K-+ gave [MJand [M-HL]. Equation 3 then gave [HML], while
degassed water and were saturated with and stored undefhe [ML] was obtained from eq 5. A comparison pe@we_en experimental
dissociation experiment was performed by titrating a 10 mL high pH @nd calculated (eq 2) values of [i]allowed optimization of [L], as
(10) Mg(NOTMP) solution ([Mk: = 3.0 mM, [L}ex = 2.7 mM) with descrll_)ed _above for [H]. HereafterKny—mL was calculated for every
0.1 M HCI. The HCI aliquot size (0.03 mL) was chosen such that CUrve in Figure 1 and the average Ig-w. value for all curves was
there were seven additions for which<O[H] iot/[L] 1o, < 1 (0.27-0.45 used to calculaté&y-nL, since these constants are relatéa eq 6.

mL HCI). As observed previously in the standard potentiometric

titration curve’ this was the region in which formation/dissociation Bune = IMALYIMIH]IL] = ((M—HL] + [H=ML])/[M][H][L]
takes place. For all additions, the pH was monitored as a function of — —

time until equilibrium was reached (defined as: d(plt)#d0.02 unit/ Kua— K + KK = Ba-r + B ©)
min). The complex formation experiment in,® was performed in

an analogous way by titrating a low pH (3) Mg(NOTMP) solution with
0.1 M KOH. The experiment in fD contained 2.5 mM BHNOTMP:-
2KCI-2H;0 plus 3.0 mM MgCJ in D;O and was titrated with 0.1 M
KOH in D;O.

NMR Spectroscopy. 3P NMR spectra (202 MHz) were recorded
on a General Electric GN500 NMR spectrometer using a 10 mm broad-
band probe. Spectra were recorded at 298 K using the standard GN . .
variable temperature control unit. Aqueous 85% phosphoric acid (0 (11 rou;_kf?g 3 van Bekkum, H.; Peters, JObmput. Chemi 995 19,

ppm) was used as the external standard, and broad!bigecoupling (12) Van Westrenen, J.; Khizhnyak, P. L.; Choppin, GORmput. Chem.
(WALTZ) was applied. 1991 15, 121-129.

This new estimate foky—n. was used to recalculate the speciation
in exactly the same manner until its value no longer changed. The
resultingKn—m. values for all curves were in a close range (Kng-w.
=5.240.2).

The pH, values for the potentiometric formation experiments shown
in Figure 4 were obtained as follows. Starting with first guesses for
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Table 1. Initial Conditions ¢ = 0) for the Potentiometric Titration of 2.7 mM NOTM# 3.0 mM Md' with 0.1 M HCI (| = 0.1 M KCl, 298
K) for the Kinetic Model Shown in Scheme 1

(d(pH)/d)o, Td,0 kem—n[M —HL]o,

[HotV[Lwt] pHo [ML]o,mM  [M]o,mM [L]to, MM [H—ML]o, MM [M—HL]o, MM 10 2unitss! 10®Ms! 106Ms?

0.19 6.63 2.13 0.48 0.21 0.29 0.01 1.58 3.3 0.02

0.30 6.31 1.84 0.75 0.48 0.29 0.02 1.17 4.4 0.04

0.41 6.16 1.55 1.00 0.73 0.29 0.05 0.88 4.0 0.10

0.52 5.97 1.27 1.26 0.98 0.28 0.08 0.77 4.4 0.16

0.63 5.70 1.00 1.50 1.22 0.27 0.11 0.73 5.8 0.22

0.74 5.39 0.75 1.74 1.46 0.25 0.15 0.71 6.3 0.30

0.85 5.12 0.47 1.97 1.68 0.24 0.19 0.52 6.2 0.38
Table 2. Equilibrium Conditions for the Potentiometric Titration of  tentiometry by consecutively adding equal aliquots of 0.1 M
2.7 mM NOTMP+ 3.0 mM Md' with 0.1 M HCI (| = 0.1 M KCl, HCI to a solution of 2.7 mM NOTMP also containing a small
298 K) for the Kinetic Model Shown in Scheme 1 excess of KOH and MgGl The pH was monitored as a
[Heot)/ [ML], [M], [Llf, [H—ML], [M—HL], kgp-m[H—ML], function of time until the change in pH was less than 0.02 units/
L] pH mM mM mM  mM mM 10°Ms? min. Figure 1 shows the pH curves, obtained from top to
019 7.94 213 0.74 0.48 0.003 0.02 0.04 bottom, as a function of the [l@]/[L] . ratio ([Hlwt, [L]tot.
030 765 1.84 100 073 0006 005 0.08 total proton and ligand concentration, respectively; =t
0.41 739 155 1.25 0.98 0010 0.08 0.14 NOTMP). Upon the addition of each aliquot of HCI the pH
052 7.16 126 1.49 1.22 0.014 0.11 0.20 : _ _ ; )
063 695 097 1.72 1.46 0.019 0.15 0.27 dropped more than one unit, after which the pH increased until
0.74 673 0.68 1.95 1.68 0.025 0.20 0.35 a new equilibrium value was reached. Preliminary titrations
0.85 6.48 040 216 1.89 0.032 0.25 0.45 of KOH with HCI showed that mixing of the cup solution and
[L] and [H], the values of [HL] and [kHL] were calculated using(; equilibration of the electrode took about 10 s. Therefore, pH

andK,. Subtraction of eq 2 from eq 1 gave [M], and combination readings were recorded 15 s after mixing and continuously until
with Ky—n. provided [M—HL]. Combination of eq 5 witlKy-w_ gave equilibrium was reached.

[ML] and [H—=ML]. Comparison between experimental and calculated 14,6 1 shows some interesting features. Equilibration was
values of [L]o. and [H].. allowed simultaneous optimization of [L]

and [H], as described above. The resulting [H] values were translated slower at Iowe_r PH values, as prected,_ and_the PH difference
into ph. between the first and last reading was invariantly about 1 pH

The kinetic simulations of Figures 1 and 4, as well as the free ligand Unit. Furthermore, the initial slopes of the curves during the
fractions obtained from the NMR experiments, were performed as first 1—2 min were similar, especially those curves that began
follows. Conditions for theif+1)st aliquot of titrant at = 0 are given with an initial pH > 5.5.

by egs 79 (dilution effects are omitted for clarity), whereddis the These dissociation data were used to establish a kinetic model.
[M tot]iH =M tot]i @ In all evz?lluation_s discussed _bel_ow, it was assumed that mixing
' was rapid and ideal,e. that it did not influence the reaction
Lod ™ =1L (8) kinetics. Since the highest protonation constant of L (10.92) is
_ _ much higher than the pH range shown in Figure 1, while the
Mol ™ = Hiodd' + Haga 9) second (3.97) and third (2.05) constants are much lower, the

increase or decrease of the proton balance due to the addition of HCIfree ligand was present pr_edomlnantly asHL. Ifthe fc.)rr.natlon
or KOH, respectively. Making the assumption that no reaction had Of Protonated complexes is excluded, the rate determining step
started at = 0 leads to egs 4 and 5. All species concentratioris=at can be assumed to be the dissociation of ML. According to
0 were obtained as described above. The change of the speciation witithis model, addition of HCI (increase of [ig]) can only lead
time was evaluated by starting from first guesses for [ML], [L], and to protonation of HL or an increase in [H]€. decrease of pH).
[H]. The protonation constants were used to calculate [HL] and]H For the first few curves at low [H}/[L]wt, [HL] is small
while [H—ML] was derived fromKy-m.. For simulation of the curves  pecause ML is formed to a large extent, so the initial pH drop
of Figure 1, theKy;_w_ value obtained separately for each curve was ghould have been largest (about 4 pH units) after the first
used, since it influenced the calculated value oj @it not the initial -~ 5qgition of acid and smaller for each subsequent addition (to
slopes). For the upper two curves in Figure 1, it was required 0 ot 1 g pH units for the last aliquot of acid). Clearly, this
increase pld slightly above the values estimated by extrapolation to . .
obtain a better fit between experimental and calculated curves. For Was nOt_ S_l_JpportEd by the da‘?" Furt_hermore,_ it was evident
all other simulations, the average 6G._w. value was used. The that the |n|t_|al pH drop a_lfter the first addition of acid was sma_lller
change in sum of [M] and [MHL] (which species are in rapid  than predicted by this model (only about 1.3 pH units),
equilibrium) with time is given by eq 10 (for description and indicating that H is taken up by a species other than HL under
_ these conditions. The complex was the only remaining species
Ml i1t T IM—HL] o = [M] + [M—HL]; + (kg [ML] 5, + present that could be protonated.
kg p-mi [H=ML] 5, = Kops IMI oL oy = ke — [M —HL] ) At (10) The fit of the pH titration curves for Mg(NOTMP) indicatéd

determination of the kinetic constants: see text). Here, the subscriptthat_ a minor monoprotor_Iated Species, MH_L’ was present at
“av” indicates average concentrations betwe@mdt + At, using a equilibrium below pH 8 with an overall stability constgiin.
linear estimate of concentrations (& ([S] + [Slua)/2)1t Com- (log fmHL = 12.764 0.15). This could have been a species
bination withKy—w. gave [M] and [M—HL], after which comparison H—ML, which we suggest to be the reactive species in this
between the calculated and experimental values of the mass balanceslissociation, a speciesivHL, or a mixture of both. The former
given in egs +3 provided better estimates for [ML], [L], and [H],  complex is formed by protonation of the complex ML, while
respectively. Thus, the speciation and the kinetics were optimized the |atter is an adduct of M and HL in which M is only partially
simultaneously, as discussed bef8reThe simulation of Figure 4was  qordinated to the ligand and the proton is bound to a ring
used to optimizekons, for every curve separately. N-atom. As will be shown below, the latter species is involved
Results in the formation pathway. A thermodynamic stéélpf Mg-

Dissociation Kinetics of Mg(NOTMP). The dissociation (13) Bevilacqua, A.; Gelb, R. I.; Hebard, W. B.; Zompa, Llnbrg. Chem.
kinetics of Mg(NOTMP) was studied by nonequilibrium po- 1987, 26, 2699-2706.
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Scheme 1
kd,ML
ML _— M+ L
H*l]\ KH-ML H*l/l\ KHL
d,H-ML
H-ML M + HL

(NOTA) and MgH(NOTA) (NOTA= 1,4,7-triazacyclononane-
1,4,7-triacetate) showed that the proton in the latter complex
was bound to a N-atom of the ring and that the metal ion was
bound to the acetate groups. Thus, in the case of MgH(NOTA),
the species MHL is the only or major form with overall
stoichiometry MHL present under equilibrium conditions.

Inclusion of both M-HL and H-ML as possible (kinetic)
species leads to a model, in which the speciedHl is formed
rapidly by protonation of ML, and rearranges and dissociates
slowly to HL and M, while M-HL is formed rapidly by
complexation of M and HL. Scheme 1 summarizes the model
which incorporates dissociation of ML and of-HL. The
mass balances for this model are given in eg8.1 The reaction
rate (eq 11) can be described by the kinetic parameltgrs,

rg=—d((H—ML] + [ML])/dt (11)

re= kgm[ML] + kg ym [H=ML] = [ML]( kg +
kd,H—MLKH—ML[H])
= Ky oodML] (12
and kg 4—mL, for the dissociation of ML and HML, respec-
tively, and the equilibrium constanKy-y. = [H—ML]/[H]-
[ML], according to eq 12. To obtairKy_m., all species
concentrations at = 0 (left portion of Table 1) and at
equilibrium (left portion of Table 2) after each addition of titrant
were evaluated from the mass balances (e€) by an iterative
procedure outlined above and discussed previctislgjng the
extrapolated pblvalues and the protonation constants of L and
HL (log K; = 10.92, logK; = 3.97)% The iterative procedure
allowed optimization of botiy—y. andKy—m. for each curve
of Figure 1. The values of lofy-m. and logKy—p were in
a close range (5.2 0.2 and 1.79t 0.10, respectively), which
strongly supports the validity of this model. Given that log
KmL = 6.668 log Sm—nL = 12.71 and log8u-m. = 11.8 can be
estimated from eq 6. Thus, under equilibrium conditions,
M—HL is about 8 times more abundant than-ML (see also
Table 2), which is in agreement with the observations reported
previously for MgH(NOTA)3 Under the initial conditions of
the dissociation experiment described here, howeverVH
is more abundant than HL (see Table 1). Two points
remained to be elucidated: (i) Does the initial pH change rate,
(d(pH)/d)o, correspond to the rate law given by this model, and

Huskens and Sherry

Ky obs (10°s™)

[H], (10° M)

Figure 2. Values ofrqdH]o/[H—ML] o vs [H]o for the potentiometric
dissociation experiment.

portion). Plottingky obs (Se€ eq 12)s [H]o (Figure 2) gave a
straight line withkq y—m Kn—mL as the slope (2048 93 M1

s71) andkgm. as the intercept (& 4) x 1074 s™1). From the
slope,kgr-m. = (1.4 4 0.1) x 1072 s71 was derived. Since
the intercept was small, it was concluded that spontaneous
dissociation of ML did not contribute significantly to the initial
dissociation rates.

Between pH 6 and 8, a relation between the rate of pH change
and the rate constarkyny-m. can be easily derived (see
Supporting Information), as shown in eq 14. This equation

d(pH)/at = ky 44y, /IN(10) (14)
clearly shows not only that the rate of pH change is constant in
time (in this pH range, and as long as the formation rate is
negligible), but also that this rate should be about the same for
all curves shown in Figure 1. The lower pH rates for the lowest
curves (with pH < 6) can be attributed to significant contribu-
tions of [H:L] and [H], so that the simplifications used for eq
14 are not valid under these conditions.

Under equilibrium conditions, proton assisted dissociation
(ran-mL = kg n—m[H—ML]; see right portion of Table 2) was
considerably slower than the initial rates in the dissociation
experiments, due to decrease of-{ML]. It is, therefore,
unclear if spontaneous dissociation of ML contributes signifi-
cantly at equilibrium or not. The evaluation given above for
the dissociation experiments (intercept of Figure 2) indicates
thatkym has an upper limit of about ¥ 108 s

An NMR titration experiment was also performed to observe
dissociation of the complex. In this case, larger aliquots of acid
were used, providing three data sets of species concentrations
as a function of time. As described befériHOTMP and Mg-
(NOTMP) are in slow exchange on the NMR time scale, thus
producing two separate resonances in 3 NMR spectrum
at 37.0 and 42.5 ppm, respectively. The peak areas provide
their relative concentrations. The spectra for the first data set
([H]tot/[L] tor. = 0.43) are shown in Figure 3. Every spectrum

(i) can the model explain the constant pH change rate observedconsist of eight scans collected over a period of 10 s. It was

during the first few minutes?

To evaluate the kinetic parametetg,m. and Kgq-m, a
relationship between the initial pH change rate, (d(pty/@nd
the initial dissociation rateq o, had to be established. A general
formula for the initial dissociation rate is given by eq 13 (see

ry@b— 1) = In(10) x (ML] , + b[H], +
b(2 — a— Ky_p (@ — 1))[H.L]o)(d(pH)/d), (13)

Supporting Information). Here, the subscript 0 refers 00,
(d(pH)/d)o is the initial pH change ratg = (1 + 2K5[H]o +
Km-rL(M]o + (1 + K[H])[HL] 0))/(1 + K2[H] o + Kv-+L([M] o
+ (1 + Ky[H]g)[HL] o)), andb = 1 + 1/(Ky—m[H]o). The initial
rates obtained by this equation are listed in Table 1 (right

assumed that this period was short enough to provide an accurate
estimate of [NOTMP] and [Mg(NOTMP)].

Figure 3 shows that the chemical shift and the line widths of
both the free ligand and the complex resonance do not change
substantially with time. Only for the third data set ({§#][L] .
= 0.92) was the chemical shift of the free ligand about 0.1 ppm
higher in the beginning, indicating partial protonation of HL to
H,L.® The data in Table 1 show that the ratio-fiML] o/[ML] o
ranged from 0.14 to about 0.51. This indicates that the
protonation of ML to H-ML does not alter théP chemical
shift of the Mg(NOTMP) resonance. The free ligand fractions,
as obtained from measuring the relative peak areas, agreed with
the potentiometric data discussed above (see Supporting Infor-
mation).
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MgL L

time

3 min

2 min

1.5 min

1 min

30s

15s

ppm

Figure 3. 3P NMR spectra (202 MHz, 298 K) for the titration of 2.7
mM NOTMP + 3.0 mM Md' with 0.1 M HCI at [H}ot/[L] . = 0.43
as a function of time.

0.19

0.30
0.41
0.52
0.63
0.74
0.85

t (min)

Figure 4. pH vstime as a function of [H}/[L] . (values shown next

to corresponding curves) for the potentiometric titration of 2.7 mM
NOTMP + 3.0 mM Md' with 0.1 M KOH (I = 0.1 M KClI, 298 K).
The solid lines were obtained by simulation of the kinetic model shown
in Scheme 3.

Formation Kinetics of Mg(NOTMP). Analogous to the
dissociation experiment, a NOTMP solution containing excess
HCI and MgC} was titrated with KOH to study the formation
kinetics. The resulting pH curves (Figure 4) show that
equilibrium was reached significantly faster{2 min) than for
the dissociation experiments (Figure B0 min), while the
equilibration for the former appeared to be less pH sensitive
than for the latter. Since no pH data could be collected for the
first 15 s, extrapolation tb= 0 was not attempted. However,
the initial pH values (pl) can be estimated using the same
technique as discribed above for the dissociation experiment

1(15)
assuming that no complex formation has taken place and that
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Scheme 2
KW- kl,M-L
M+L &€ ML —— ML
[
o]
KM'HL kl.M-HL
M+ HL —&—— MHL - ML + H*
w
+
kl,OH
OH —> ML+ HO
w

no hydroxy species are formed. The last assumption is justified,

since the logK value'* for Mg(OH) is only about 2.5. This

indicates that formation of Mghydroxide species only takes
place appreciably above pH 11. The pthlues obtained by
this procedure ranged from 9 to 10, indicating that the initial
pH changes were quite rapid.

For the formation kinetics we propose three possible path-

ways: (i) rapid formation of an intermediate-M. (in which

M is only partially coordinated by L) that slowly rearranges to
the final complex ML, (ii) rapid formation of an intermediate
M—HL that slowly rearranges (with consecutive deprotonation)
to ML in a spontaneous manner, or (iii) rapid formation of
M—HL that slowly rearranges to Mkia a hydroxide-assisted
pathway (see Scheme 2).

The stability of the intermediate MHL was determined as
described above (lofu-n. = 1.79). Since its concentration
is maximally about 10% of the ligand mass balance under
equilibrium conditions, it is easily seen that its contribution to
the mass balances of eqs-3 will be negligible at all times
during the formation experiments since the pH is continuously
higher than the equilibrium value, leading to smaller concentra-
tions of HL. Since [L] will be small at pH< 10, the
concentration of the intermediate-M. can also be ignored.
Thus, the rate equations for pathwaysiiin Scheme 2 can be
written as eqs 1517. Pathway ii is complimentary to the

rei = Kem— M—L] =k y_ Ky_ [M][L] =
Kops IMI[L] (15)

Mei = Kem—p M —HL] = Ky Ky—p [MI[HL] =
Kops, IMI[HL] (16)

Ieii = K op[M —HL][OH] = ki oKy KW Ky M][L] =
Kobs il MIIL] (17)

proton assisted dissociation pathway given above. Therefore,
Kobsii (0.12 M1 s71) can be calculated from equilibrium
conditions using eq 18, which leads kgy-n. = 2.0 x 1078

Kobs,i = Ka - Kn-m Km /Ky (18)

s~L. This rate constant is too low, however, to explain the pH
curves shown in Figure 4. So, either pathway i or iii must also
contribute. Equations 15 and 17 show that discrimination
between these pathways cannot be accomplished from the pH
curves of Figure 4 alone, since their overall rate laws are equal.
The most elegant solution to this problem is to perform a second
titration using DO as solvent® If pathway i is involved, the
observed rate constank.fs) should not change, while in

(14) Martell, A. E.; Smith, R. M.; Motekaitis, R. NIST Critical Stability
Constants of Metal Complexes Database, NIST Standard Reference
Database 46NIST: Gaithersburg, MD, 1993.

Wu, S. L.; Horrocks, W. DeW., Jinorg. Chem.1995 34, 3724-

3732.



5142 Inorganic Chemistry, Vol. 35, No. 18, 1996 Huskens and Sherry

Scheme 3 With the value fork;m-nL, it can easily be shown that the
K K proton-assisted formation contributes only up to 6% of the
M-L LM-L . e e .
M+lL —— ML —/@] M observed pH change rate during the initial conditions of the
Kyp dissociation experiments, as shown by a comparisdeofy -
w |l ' [M—HL]o with rqo (Table 1). This means that the value for
HL ka 1—wmL is correctly obtained from the procedure outlined above,
Kt Kot . and that the aliquots of acid titrant were large enough to suppress
M+HL «<— MHL <— HML ——= ML +H the formation sufficiently under these conditions.
d,H-ML H-ML

As suggested by the results outlined above, the reaction rate
. o ) for the dissociation experiments was dominated by a proton-
pathway' iii Ko jii IS dependent 0Ky Wh'ch is about 18 times  4ggjsted pathway, while in the formation experiments the
smaller in DO than in HO. A ftitration in DO, performed  pathwayvia M—L prevailed. This is a pH-dependent phenom-
identically to the one in kD described above, provided pH gnon. ‘A plot of the fraction of the dissociation rate that is
curves similar to those in Figure 4 (see Support!ng Information). getermined by the spontaneous dissociation of Mira( /rq

The spreadsheet approach d!scussed eHrliens used to = kam/(Kane + Ka.imiKn—w[H]) vs pH shows a sigmoidal
calculate pH curves as a function kfsi A least-squares  pepayior, in which the fraction is low at low pH, rises to 0.5 at
appr_oach was used to obtairkas,i value for every pH curve pH 7.0, and approaches unity at high pH (see Supporting
of Figure 4. Averaqllngilleld to a value fdbs, (Or Kobs,ii) Of Information). At equilibrium, this pH dependence is obviously
(1'_2 i_?:l) x 10° M~* s in H,0 and of (0.8+ 0.2) x 10° the same as for the formation reaction. Thus, we conclude that
M~ st in D2O. This shows that the observed rate constants he proton-assisted pathway predominates at pH values below

are not significantly different in kO and DO. Therefore, we 7 o \while spontaneous dissociation of ML and the formation
conclude that pathway i, and notiii, is the one observed in our of M from M—L prevail above pH 7.0.

case. A similar reasoning as given above for the proton-assisted
pathway under equilibrium conditions can be made for the pjscussion
spontaneous formation/dissociation pathway, leading to a value

for kym Of 2 x 1074 s71, using eq 19. This value certainly Structure and Stability of the Intermediate Complexes.
The potentiometric titrations provide no direct information about
Kam = Kobs./Kui (19) the structure of the intermediates#¥IL, M—L, and M—HL.
However, the reaction pathways which lead to formation of these
meets the requirement set by the upper limit{1L0-3 s°%) as species provide some hints. In the proton assisted dissociation
discussed earlier. pathway, the intermediate-HML is formed by protonation of

NMR titrations in both HO and RO were performed to study the complex,_ ML. Since the.thrge nitrogen_ atoms_of NOTMP
the formation kinetics, similar to that shown above for the are all coordinated to the Mgon in the species MLia long-
dissociation reaction. In contrast to Figure 3, an abrupt change!ived bonds and the overall negative charge Xf the complex
in the ratio of the two peaks was observed from the fitst ( is Iocallz_e_d_ mainly on_the phosphinate groups, it is plau§|ble
0) to the secondt = 0.25 min) spectrum, after which the ratio that the initial protonation takes place at one of the phosphinate
no longer changed. No chemical shift changes were observed.0Xygens or forms a hydrogen bridge between two of them. The
This agrees well with a simulation (see Supporting Information) Magnitude of the protonation constant (I6g-w. = 5.2)
using the formation pathways i and ii presented above, which SUggests hydrogen _brldglng beca_use it seems too large to involve
shows that the formation of ML is more than 95% complete Protonation of a single phosphinate oxygen (lg< 3).1°
within that time period. Unexpectedly, the’P chemical shift of the Mg(NOTMP)

Complete Kinetic Model. All curves drawn through the data ~ résonance did not change upon protonation. However, the NMR
points in Figures 1 and 4, as well as the free ligand fractions €xperiment clearly shows that the intermediate is in fast
obtained from the NMR experiments (see Supporting Informa- exchange with the comple>§ and not with the free Ilgand, which
tion), were simulated with a spreadsheet program outlined aboveMust mean that the (long-lived) MgN bonds are still intact.
and described previousfyusing the stability constants deter- !N the formation experiment, the intermediates-Mand M—HL
mined beforéand the rate constants given above. The overall &€ formed by binding of the Mgion with the fully deproto-
kinetic scheme is shown in Scheme 3. In the proton-assistedatéd (L) or monoprotonated ligand (HL). Since the proton in
pathway, the interconversion between-ML and M—HL is HL is at a ring nitrogen and the over_a!l—Znega_tlve charge is
shown as a single rate-determining step. It can not be excluded,oc@lized at the phosphinate groups, it is plausible that the metal
however, that there are two parallel pathways, one between!On binds initially to the phosphinate groups only to give-ML.
M—HL and ML, and the other between HL and-VIL. It is likely that a similar reasoning holds for the intermediate

The model is capable of predicting all curves of Figures 1 M—L. Then, in a slow step, these intermediates rearrange to
and 4 reasonably well. The linear parts for the pH curves in Pointthe N lone pairs toward the metal ion, forWL probably
Figure 1 are correctly predicted, while the lower rate for the simultaneous with deprotonation. Since the complex formation
lowest curve is attributed to the presence ofi[Hsee above). ~ Went too fast to be followed by NMR and the amounts of M
Only the initial slopes for the upper two curves were not well and M—HL were too low to have a significant contribution to

predicted; the experimental slopes were higher than the calcu-the mass balances, the spectra for these experiments did not
lated values. The data in Figure 4 were also well described by 9ive more information about the structure of these intermediates.

the model, while the data obtained in® did not fit as well Protonated complexes of overall composition MHL have often
(see Supporting Information), probably because all of the been observed, also under equilibrium conditions. The assign-
stability constants are somewhat different il This was ment of this complex as MHL or H—ML is then not
already expressed in the higher standard deviatiok,gf in
D,0O compared to BD. Although the scatter of the NMR data  (16) pKas of phosphinate groups in macrocyclic compounds were observed
is quite large due to the short accumulation times of the spectra, ‘F?_bs ;‘r?‘\’/‘\jteit(éieerr\efﬁ "’g‘r‘]’e\r/ra” Ea&eé";ggg'&iggs'-g '}"ggf"samy'
the fit of these data to the model also appeared to be reasonably  505): the . of other similar gémbomjnds are for example: 1.1 for
good. H2P(O)OH and 1.0 for (BuQP(O)OH (see ref 14).
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straightforward, but has sometimes been deduced from ther-Gd(DO3A) and Gd(HP-DO3A) (HP-DO3A= 1-(2-hydrox-

modynamic data. For example, the Mpn in Mg(NOTA)~
seems to be coordinated by only five ligand sites, while the
proton in the protonated form MHL appeared to be on a
N-atom?3 It was, therefore, concluded that the Vign in this

ypropyl)-1,4,7,10-tetraazacyclododecane-4,7,10-triacetate) is more
difficult (2.1 and 2.4, respectively’f. The dependence of log
Kn-mL On the radius and charge density of the metal ion for a
given ligand may not be as obvious. For example, the log

complex is only coordinated by the acetate groups. This is a Ky—w. value for Pb(DOTAJ™ is only 0.62* This indicates that

clear case where the complex of overall stoichiometry MHL

the larger ionic size of Pthas a greater influence on protonation

(observed under equilibrium conditions) was in fact a species of the complex than the (larger) overall charge. Perhaps the

M—HL, which must mean that here this complex is more stable
than H-ML. From their results, a lo¢g{m—nL value of 2.6 can

be calculated. This shows that NOTA (l#gs. = 9.7) and
HNOTA (2.6) bind Md' stronger than NOTMP (6.66) and
HNOTMP (1.79), consistent with stronger binding of the acetate
vs the methylphosphinate groups. In our case, the overall
stability constantgy-m. (log fr-m = 11.8) for H-ML and
Bum-nL (log Bu—uL = 12.71) for M—HL are remarkably close

to each otherAAG = 5.2 kJ/mol), while their structures are
very different. In agreement with the study on MgH(NOTA),
M—HL is the predominant species under equilibrium conditions
compared to HML. Since theK value of Mg(IDA) (IDA =
iminodiacetate) is much higher (Id¢ = 3)' than the stability

of M—HL, we conclude that M§ is bound only to the
phosphinate groups in the MHL species.

ability to form hydrogen bridges between more than one
protonation site is important here. In our case; ML is a
species that occurs in measurable concentrations between pH 5
and 7 under nonequilibrium conditions, and a derivé&d pf

5.2 also seems to suggest hydrogen bridging. The formation
rate of DOTA with several divalent metal ion complexes was
found to correlate with the concentration of HL, even though
H,L was the major ligand species under their conditi8tBhis

is analogous to the pathwagia M—L in this study. For
Eu(DOTA)~, however, a hydroxide assisted mechanisia
M-H,L has been proven convincingly. In that example, the
intermediate could be studied extensively due to the very slow
rearrangement to the final complex. The stability of this
intermediate was determined, and a large effect on the reaction
rate was observed by changing the solvent $®Pconfirming

The formation constant of an outer sphere complex betweenthe involvement of hydroxide in the reaction mechanism. The

a divalent cation (Mg") and a divalent anion (HZ) can be
estimated to be 3.3 M.1718 The actualKy-p_ value found
here is 62 M1, which is a factor 19 higher than the outer sphere
estimate. Similarly, if we assume thif,— is also 19 times
higher than the outer sphere value fofMand L3~ (13 M),
values of logkm—. = 2.39 andkim— (=Kobs /Km-L) = 4.1 st

reaction of the intermediate complex of the metal ion with the
major ligand species has been obserted! but often as a
minor component. Stability constants of intermediatesHiiL

were determined in some caséd?2326and were generally 10

100 times larger than the outer sphere estimates. In our case,
Km-ne is about 19 times higher than the outer sphere estimate,

can then be estimated. Overall, we conclude that protonationwhich agrees quite well with this range.

of ML accelerates dissociation by a factor #Q {—mv/KdmL),
while monoprotonation of the free ligand at one of the ring
nitrogens makes accommodation of Mgbout 2000 K-/
kim—nL) times more difficult.

Comparison with Other Kinetic Schemes. Proton-assisted

Conclusions

Nonequilibrium potentiometry is a powerful tool for the
investigation of complexation kinetics, which requires no
additional indicator or buffering base. Although it provides no

dissociation pathways have been observed for a variety of metaldirect information about the structure of the reactive intermedi-

macrocyclic ligand complexes, such as Ln(NOTAJOTA =
1,4,7-triazacyclononane-1,4,7-triacetdfsgd(DETAY (DETA

= 1,4,7-triazacyclodecane-1,4,7-triacetate) and analofues,
Cu(DO3A) and Ln(DO3AY (DO3A = 1,4,7,10-tetraazacy-
clododecane-1,4,7-triacetatéf?2and Gd(DOTA) (DOTA =
1,4,7,10-tetraazacyclododecane-1,4,7,10-tetraacétalé)ese
studies were performed at low pH<®) to attain acceptable
dissociation rates. Protonated intermediate complexesvi
have often been deduced from the pH behavioksgfs The
protonation constant (logy-m.) of ML may depend on the

ates, initial pH data can provide information about the reaction
pathway. Furthermore, rates of change of pH may be observed
even when changes in concentrations of metal ions and
complexes are very small. The system'M@NOTMP is an
example of a case in which both proton-assisted and spontaneous
formation/dissociation take place. It shows that pathways
depend on pH: while the formation rate of ML from-MH,L
decreases rapidly with increasingit depends on the relative
concentrations of the several protonated ligand forris End

thus on the pH, as to which reaction pathway prevails.
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