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Transformation Reactions

\ Transformation reactions in environment

There are several general questions that have to be addressed when dealing with
transformation reactions of organic compounds in the environment:

1. Is there only one or are there several different reactions by which a given com-
pound may be transformed under given environmental conditions?

2. What are the reaction products?

3. What are the kinetics of the different reactions, and what 1is the resultant overall
rate by which the compound is “eliminated” from the system by these reactions?

4. What 1s the influence of important environmental variabies such as temperature,
pH, light intensity, redox condition, ionic strength, presence of certain solutes, con-
centration and type of solids, microbial activity, and so forth, on the transformation
behavior of a given compound?



Thermodynamics

Y Chemical potential

4 - chemical potential of a compound, i

- (aG/ ani)P,T,n(others)
= 110 + RTIn{i}

G : Gibbs free energy (=H - TYS)

w0+ Standard chemical potential
= AG;,° : standard Gibbs free energy of formation

*Standard Gibbs free energy of formation (AG;°)

: the Gibbs free energy of the standard reaction for the formation
of a compound (i) from its elements in their reference state

e.g., AG;° of Oy, Ny, F€)s CUg), ... =0



Thermodynamics

\ Gibbs free energy of reaction

GA+bB+ ... = pP+ gQ+...

Total potential of reactants: au, + bug + ...

Total potential of products: pup + Qug + ...

The reaction proceeds in the direction of decreasing the potential!

Potential difference: (pup + Qug +....) — (Qup + bug +...)
= AG, (Gibbs free energy of reaction)

= AG, > 0 (endergonic)
= AG, < 0 (exergonic) : thermodynamically favored, spontaneous



Thermodynamics

AG, = (pup + Qug) — (ap + brg)  using ;= £4° + RTIn{i}
= p(up® + RTIN{P}) +a(ug® + RTIN{Q}) —a(u® + RTIN{A}) + b(x° + RTIn{B})

{P}*{Q}"
= Pup® + qup® — (ap® + bug®) + RT In
‘pup Qg — (aua® + bg )’ ANBY
|
AG,° (standard Gibbs free energy of reaction)

A
[ \

PAG;p° + gAG; o° — (aAG; \° + bAG;5°)  Because 1° = AG; °

Activity of i : {i} = x[i]
% : Activity coefficient (= 1 for dilute solution)

[1]: molar concentration

PIP[Q]
AP[B]°

AG,=AG,°+RTIn

- Q

Reaction quotient



Thermodynamics

In equilibrium,
aA+bB+ ... == pP+ gQ+...

AG, = AG? + RT InAPPIQ
[AJ*[B]°

AGe = —RT In(L 1O

[AI"[B]°

Equilibrium constant
AG° =-RTInK,

InK, = — AG° IRT

High AG,° =
The forward reaction is unfavored
= Low K,

K, = exp(—AG,° /RT)



\ First-order kinetics

A—>P

k : first-order rate constant (s1)

‘_’f.[élz_k[A]

[A] = [A]p-e™
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Figure 12.2 Decrease in benzyl
chloride concentration {a) plotted
directly and (b) plotted logarithmi-
cally as a function of time in aque-
ous solutton at three different pHs.




How to determine the first-order rate constant in the lab?

A—->P
k : first-order rate constant (s1)
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Plot In([A]/[A]y) vs.t = the slope is k



v Second-order kinetics

A+B - P+Q
k : second-order rate constant (M—1s™)

diA] _ _K[A][B] = diB] _ d[P] _ d[Q]

dt dt dt ~  dt

* Let’s determine [A] = f(t)
dlA] _
— =~ KAlB]

Assume [B] = [A] +C
C=0 ([Al, = [Blo)
C : constant { C>0 ([Al, <I[Bly

C<0 ([Al,>[Blo)



i) If C =0 ([Al, = [Blo),

A~ aliE] =- kAP
[A] (
diA] _ R
TAR k dt N Kkt
[Alo 0
11
AT, T
__A ___[B
[Al = 1+kt[,0A]0 [B] = 1+kt[(I)3]O
=7  Put[A] = 1/2[A],

1 Lo L
[Alo Y2 KA,



i) If C >0 ([B] = [A] + C),

A~ walE] = - KAI(AL + ©)
d[A] _ i 1 _ 1 _
AlArS) ~ < c[[A] [A]+c]d[A] et
[A] (
1 1A | _ C[ALexp(—kCt)
C In[A]+c: =kt (Al = C+[A]OO(1—exp(—kCt))

[Al 0

[B]=7, ty,=7?



How to determine the second-order rate constant in the lab?

A+B - P+Q
k : second-order rate constant (M—1s™)

Use of same concentrations of A and B Use of excess B compared to A

S diA] _
AT L = = —KIAJ[B]
R = —K[A][B], ([B] = [Blo)
= k’[A] (k= K[B]y)
S . N

Slope =k~

v
In([A)/[Alo)

t

Plot 1/[A] vs.t = the slope isk




\ First-order reaction including back reaction

Ky
A<T5 D
2

k, & k, : first-order rate constants

|(|:\ +H,0
R™ H )
* Let’s determine [A] = f(t)
aldehyde ("A")

d[A]
e A3 - ia1+ kD)
‘—(}f [A]O = [A] + [D]
R H
d[A]
OH % =-k[A]l+k,({A], -[A])
geminal dio! ('D")
=k,[A], —(k;+k,))[A]
Figure 12.3 Many aldehydes react
substantially with water in a re-
versible fashion to yield a diol (see K, + Kk exp(—(k;+k,)t)
also Bell and McDougall, 1960). [A] = [A],

K, + Kk,



Equilibrium constant (K))

Ky + kieXp(=(K;+ky)t)
k, + K,

— Kiexp(—(k; +k))1)
K, + K,

[A] = [Al

Ky
[D] = [Al, - [Al = [Aly

t > o

AL = [A]—2 Dl = [Al—
[]eq_[]o k2+k1 []eq_[]o k2+k1
K, = [Dlog/[Alyg = ky/k
Or, (easier way) d[A] _

dt
_kl[A]eq + kZ[D]eq =0

—k[A]l+k,[D] =0

[D]eq/ [A] eq = k1/ k2



\ Catalyzed reactions

What 1s “Catalyst™?

“Catalyst” does not participate in the reaction, but accelerates the reaction rate?

“Catalyst” does participate in the reaction, accelerating the reaction rate, but,
It just does not appear in the overall reaction!

“Catalyst” lowers the activation barrier (energy) of the reaction.

e.g., Michaelis-Menten enzyme Kinetics

A — P (slow)
But, in the presence of enzyme, E

A+ E 2 AE (ultra-fast)
) AE — P+ E (fast)

Overall reaction: A — P (fast)



ks

A+EZ AE
AE S P+E
* Let’s determine [A] = f(t)
_k _ [AE]
"k, [AJE]
IA = walEl +klAE] ()
PAE - iAle] - iAE] - kelAE] = 0 (2
(steady-state approximation)
W+@ = - A

dt



diAl

o —k[AE]

d[A]
St

If [A] >> 1/K

= —kg[E], (zero-order kinetics)

[A] = [Alo—ke[Elot

[El, = [E] + [AE]
= [AE](1 + [E)/[AE]) k. LA
- [AE](1 + 1K JA]) A
[AE] = [E1/(1 + UK[A])

% = —ke[E]y/(1 + L/K:[A])

= —ke[El[AI/([A] + 1/K)
| If [A] << 1K

% = _kK[E],[A] (first-order kinetics)

[A] = [Alpexp(—KeKelElot)



