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Unit 1 – Chemical Kinetics: Intro to
Reaction Rates
1.1 Fundamentals of chemical kinetics

Introduction to Chemical Kinetics
Chemical kinetics studies how fast reactions happen and what factors control their speed. It tracks how
quickly reactants are consumed and products are formed over time, which is essential for controlling
reactions in fields like pharmaceuticals, chemical engineering, and materials science.

Definition of Chemical Kinetics
Chemical kinetics goes beyond asking whether a reaction occurs (that's thermodynamics) and instead
asks how fast it occurs and by what pathway. A reaction might be thermodynamically favorable but
incredibly slow without the right conditions.

• Studies the rates of chemical reactions and the factors that influence them

• Investigates how quickly reactants are consumed and products are formed over time

• Provides insights into reaction mechanisms, the step-by-step molecular pathways from reactants to
products

• Applied across chemistry, biology, and engineering whenever reaction speed matters

Reaction Rate and Concentration Relationships
Reaction rate quantifies the change in concentration of a reactant or product per unit time. For a simple
reaction where reactant A becomes product B, the rate is expressed as:

The negative sign in front of  accounts for the fact that reactant concentration decreases over time,
keeping the rate value positive.

The rate law describes how the rate depends on reactant concentrations:

•  is the rate constant, a value specific to a given reaction at a given temperature

•  and  are the reaction orders with respect to reactants A and B. These are determined
experimentally, not from the balanced equation (unless the reaction is elementary)

Increasing reactant concentrations generally increases the reaction rate because more molecules are
available to collide. In some cases, accumulation of products can slow the reaction through product
inhibition or by driving a reverse reaction.
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Factors Influencing Reaction Rates

Role of Activation Energy
Activation energy ( ) is the minimum energy reactant molecules must have upon collision to initiate a
reaction. Think of it as an energy hill that molecules need to climb before they can roll down into products.

• Higher  means fewer molecules have enough energy to react, so the reaction is slower

• Lower  means more molecules can clear the barrier, so the reaction is faster

• Catalysts lower  by providing an alternative reaction pathway. They speed up the reaction without
being consumed in the process

The Arrhenius equation connects the rate constant to activation energy and temperature:

•  is the pre-exponential (frequency) factor, related to how often molecules collide with proper
orientation

•  is the gas constant ( )

•  is the absolute temperature in Kelvin

The exponential term  is what makes temperature so powerful. Even a modest temperature
increase can significantly raise  because more molecules now have enough energy to overcome .

Elementary vs. Complex Reactions
Elementary reactions occur in a single molecular event with no intermediates. They pass through one
transition state, and their rate laws can be written directly from the stoichiometry.

The molecularity of an elementary reaction tells you its order:

1. Unimolecular (one molecule reacts) → first-order. Example: radioactive decay

2. Bimolecular (two molecules collide) → second-order. Example: dimerization reactions

3. Termolecular (three molecules collide simultaneously) → third-order. These are rare because
three-body collisions are unlikely. Example: certain steps in ozone formation

Complex reactions consist of multiple elementary steps connected through intermediates (species that are
produced in one step and consumed in a later step).

• The overall reaction order often cannot be determined just by looking at the balanced equation

• The rate-determining step is the slowest elementary step in the sequence, and it governs the overall
rate of the reaction. It acts as a bottleneck

• Chemists use tools like the steady-state approximation (assuming intermediate concentrations stay
roughly constant) and rate-limiting step analysis to derive rate laws for complex reactions

• Examples include enzymatic reactions and hydrocarbon combustion, both of which involve many
sequential and parallel elementary steps
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1.2 Reaction rate concepts and definitions

Reaction Rate Concepts and Definitions
Reaction rates tell you how quickly reactants turn into products during a chemical reaction. They're central
to chemical kinetics because controlling and predicting how fast reactions occur depends on measuring
and understanding these rates.

Rates aren't constant throughout a reaction. They change as concentrations shift. You can measure the
rate at a single instant or calculate an average over a time interval. Stoichiometry ties everything together
by linking the rates at which different species appear or disappear.

Definition of Reaction Rate
A reaction rate measures how fast the concentration of a reactant or product changes over time. It's
expressed as the change in concentration per unit time.

For a reactant A:

For a product B:

The square brackets  denote molar concentration (mol/L, also written as M). The negative sign for
reactants accounts for the fact that their concentration decreases over time. Since we want the rate itself to
always be a positive number, that negative sign flips the value.

The most common units for reaction rate are  (or equivalently, ).

Instantaneous Rate
The instantaneous rate is the rate at a single specific moment during the reaction. You find it by drawing a
tangent line to the concentration-vs.-time curve at that point and calculating the slope of that tangent.

Why does this matter? Because the rate keeps changing as the reaction proceeds:

• It's typically highest at the very beginning, when reactant concentrations are at their peak. This starting
value is called the initial rate.

• It decreases over time as reactants are consumed and concentrations drop.

Instantaneous rates are especially useful for deeper kinetic analysis. By measuring how the instantaneous
rate changes with concentration, you can determine rate laws, find rate constants, and identify
rate-determining steps in multi-step mechanisms.

Reaction Rate and Stoichiometry
The stoichiometric coefficients in a balanced equation connect the rates at which different species are
consumed or produced. For a general reaction:

the single overall reaction rate is defined as:
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Dividing by the coefficient normalizes each species' rate of change so they all equal the same overall rate.
Here's a concrete example. For the reaction:

 is consumed twice as fast as  because its coefficient is 2 while oxygen's is 1. But when you divide
each species' rate of disappearance by its coefficient, you get the same number:

This means you can convert between the rate of change of any species using stoichiometric ratios, just like
you would in a stoichiometry problem.

Calculating Average Reaction Rates
The average reaction rate gives you the overall rate across a time interval rather than at a single moment.
For a reactant A:

where  and  are concentrations at times  and .

To calculate it step by step:

1. Pick two data points from your concentration-vs.-time data for the species of interest.

2. Subtract the earlier concentration from the later one: .

3. Subtract the earlier time from the later one: .

4. Divide  by .

5. If you're tracking a reactant, include the negative sign so the rate comes out positive.

For example, if  drops from  to  over 10 seconds:

Average rates are useful for comparing how a reaction behaves under different conditions (different
temperatures, concentrations, or with a catalyst), even though they don't capture how the rate changes
within that interval. The shorter the time interval you choose, the closer your average rate gets to the
instantaneous rate.

1.3 Factors affecting reaction rates

Factors Affecting Reaction Rates
Chemical reactions happen at wildly different speeds, and a few key factors determine why. Temperature,
concentration, surface area, and catalysts all influence how fast reactants turn into products.
Understanding these factors gives you control over reactions, whether you're optimizing an industrial
process or just trying to explain why food cooks faster at higher heat.

Factors Influencing Reaction Rates
Each factor affects reaction rate through the same underlying idea: collisions between molecules. For a
reaction to occur, reactant molecules must collide with enough energy and the right orientation. Anything
that increases the number of effective collisions speeds up the reaction.
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• Temperature raises the average kinetic energy of molecules, so they move faster and collide more
often. A larger fraction of those collisions also carry enough energy to overcome the activation energy
barrier.

• Concentration packs more reactant molecules into the same volume. More molecules in a given space
means more frequent collisions per unit time.

• Surface area matters for reactions involving solids. Grinding a solid into a powder exposes more
particles to the other reactant, increasing the collision rate (think of how a crushed antacid tablet
dissolves faster than a whole one).

• Catalysts offer an alternative reaction pathway with a lower activation energy. This lets a larger
proportion of molecules react without needing to be heated up.

Temperature Effects on Reactions
Collision theory explains why temperature has such a strong effect. Reactant molecules must collide with
sufficient energy (at least equal to the activation energy, ) and with proper orientation for a reaction to
occur.

When you raise the temperature, two things happen:

1. Molecules move faster on average, so they collide more frequently.

2. A greater fraction of molecules have kinetic energy equal to or above , so a higher percentage of
collisions are successful.

That second point is actually the bigger deal. Even a modest temperature increase can dramatically boost
the fraction of molecules that clear the energy barrier.

The Arrhenius equation puts a number on this relationship:

•  = rate constant (how fast the reaction proceeds)

•  = pre-exponential factor (accounts for collision frequency and proper orientation)

•  = activation energy (J/mol)

•  = gas constant (8.314 J/mol·K)

•  = absolute temperature in Kelvin

Because temperature sits in the exponent, even small increases in  can cause large increases in . A
common rule of thumb: raising the temperature by about 10°C roughly doubles the rate for many reactions.

Concentration and Reaction Rates
More reactant molecules in a given volume means more collisions per second, which means a faster rate.
The rate law expresses this mathematically:

•  = rate constant

• ,  = molar concentrations of reactants A and B

• ,  = reaction orders with respect to each reactant
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The reaction orders  and  are determined experimentally, not from the balanced equation. If ,
doubling  doubles the rate. If , doubling  quadruples it.

A concrete example: 2 M HCl reacts noticeably faster with magnesium ribbon than 1 M HCl does, because
twice as many  ions are available to collide with the metal surface in the same volume.

Catalysts in Reaction Processes
A catalyst speeds up a reaction by providing an alternative pathway with a lower activation energy. The
reactants still form the same products, but they get there more easily. Crucially, the catalyst is not
consumed; it participates in intermediate steps and is regenerated, so it can be reused.

There are two main types:

• Homogeneous catalysts exist in the same phase as the reactants. Enzymes in your body are a classic
example: they're dissolved in the same aqueous solution as the substrates they act on. Acid catalysts
used in esterification reactions are another.

• Heterogeneous catalysts are in a different phase, usually a solid surface in contact with gaseous or
liquid reactants. The iron catalyst in the Haber-Bosch process (for synthesizing ammonia) and the
platinum in a car's catalytic converter both work this way.

One point that trips people up: catalysts do not change the thermodynamics of a reaction. They don't shift
the equilibrium position or change . They only affect the kinetics, getting the reaction to equilibrium
faster. The decomposition of hydrogen peroxide, for instance, is thermodynamically favorable on its own,
but adding manganese dioxide as a catalyst makes it happen dramatically faster without changing how
much oxygen is ultimately produced.

1.4 Rate constants and their significance

Rate Constants
The rate constant  is the number that connects how much reactant you have to how fast the reaction
actually goes. It captures everything about a reaction's speed that isn't explained by concentration: the
nature of the reactants, whether a catalyst is present, and especially the temperature.

Understanding rate constants lets you compare different reactions, predict how quickly products form, and
figure out how changing temperature will affect reaction speed.

Definition of rate constant
The rate constant  is the proportionality constant in a rate law that relates reaction rate to reactant
concentrations. Each reaction has its own  at a given temperature. Change the temperature, and 
changes too.

The units of  depend on the overall reaction order, because the math has to work out so that the rate
always ends up in :

• Zero-order:  has units of 

• First-order:  has units of 

• Second-order:  has units of 

A quick way to remember: for an th-order reaction, the units of  are .
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Significance in reaction rates
The rate constant tells you how inherently fast a reaction is at a given temperature. A larger  means a
faster reaction; a smaller  means a slower one. Two reactions can have the same reactant concentrations
but wildly different rates if their rate constants differ.

In the rate law,  is the piece that ties everything together. For example, a first-order rate law looks like:

Here,  tells you how much reactant is available, while  encodes how efficiently those molecules
actually react. Factors like the molecular structure of the reactants, the presence of a catalyst, and
temperature all influence  but are not visible in the concentration terms.

Temperature dependence via the Arrhenius equation
Temperature has a dramatic effect on . The Arrhenius equation describes this relationship:

•  is the pre-exponential factor (also called the frequency factor). It reflects how often reactant
molecules collide in the right orientation.

•  is the activation energy, the minimum energy molecules need to react.

•  is the universal gas constant ( ).

•  is the absolute temperature in Kelvin.

Because of the exponential term, even a modest temperature increase can cause a large jump in . Higher
temperature means more molecules have enough kinetic energy to clear the activation energy barrier.

Using the Arrhenius plot to find  and :

Taking the natural log of both sides gives a linear form:

Plot  on the y-axis versus  on the x-axis. The slope equals , and the y-intercept equals
. This is how you extract activation energy from experimental rate data at multiple temperatures.

Calculation from experimental data
You find  by measuring how concentrations change over time and then fitting the data to the appropriate
integrated rate law. The reaction order determines which plot gives a straight line.

1.

Zero-order: Plot  vs.  - Integrated rate law:  - A straight line confirms zero-order.
The slope equals .

2.

First-order: Plot  vs.  - Integrated rate law:  - A straight line confirms
first-order. The slope equals .

3.
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Second-order (in one reactant): Plot  vs.  - Integrated rate law:  - A straight line
confirms second-order. The slope equals .

The strategy is straightforward: try each plot, see which one is linear, and read  from the slope. If you
already know the reaction order, you only need one plot.
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Unit 2 – Concentration and Rate Laws
2.1 Concentration and its measurement

Concentration and Its Measurement
Concentration tells you how much of a substance is present in a given amount of solution or mixture. In
chemical kinetics, concentration matters because it directly controls how often reactant molecules collide,
which in turn controls how fast reactions proceed. This section covers the main ways to express
concentration and how to convert between them.

Concentration in Chemical Kinetics
Concentration is the amount of solute dissolved in a given volume of solution. You can think of it as a
measure of how "crowded" the reactant molecules are in the mixture.

Why does this matter for kinetics? According to collision theory, molecules must collide to react. When you
increase the concentration of a reactant, you pack more molecules into the same space, so collisions
happen more often. More collisions per second means a faster reaction rate. For example, a concentrated
NaOH solution reacts with HCl noticeably faster than a dilute one.

This relationship between concentration and rate is captured by the rate law. A rate law expresses the
reaction rate as a function of reactant concentrations, each raised to some power called the order with
respect to that reactant. For a reaction that is first-order in reactant A:

Here,  is the rate constant and  is the molar concentration of A. A classic example is the
decomposition of , where doubling  doubles the rate.

Measures of Concentration
There are several ways to express concentration. Each has advantages depending on the situation.

Molarity (M) is the most common unit in kinetics. It equals the number of moles of solute per liter of
solution:

One thing to watch: molarity is temperature-dependent. As temperature changes, the solution's volume
expands or contracts slightly, which shifts the molarity value even though the actual amount of solute
hasn't changed.

Molality (m) equals the number of moles of solute per kilogram of solvent (not solution):

Because mass doesn't change with temperature, molality is temperature-independent. This makes it useful
for colligative property calculations and situations where temperature varies significantly.

Mole fraction (x) is the ratio of moles of one component to the total moles of all components in the mixture.
For a two-component system:
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Mole fraction is dimensionless and works for both liquid and gas mixtures. For instance, in dry air, the mole
fraction of nitrogen is about 0.78 and oxygen is about 0.21.

Quick comparison: Use molarity for most solution-phase kinetics work. Use molality when temperature
changes matter. Use mole fraction for gas mixtures or when describing composition independent of total
amount.

Calculation of Solution Concentration
Calculating molarity:

1. Determine the moles of solute.

2. Measure or determine the total volume of the solution in liters.

3. Divide moles by volume.

Example: You dissolve 0.5 mol of NaCl in enough water to make 2.0 L of solution.

Calculating molality:

1. Determine the moles of solute.

2. Measure the mass of the solvent only in kilograms.

3. Divide moles by mass.

Example: You dissolve 0.5 mol of NaCl in 1.0 kg of water.

Notice the key difference: molarity uses the volume of the entire solution, while molality uses the mass of
the solvent alone.

Conversion of Concentration Units
Converting between molarity and molality requires knowing the density of the solution and the molar mass
of the solute.

Molarity to molality:

Here, density should be in kg/L and molar mass in kg/mol to keep units consistent.

Molality to molarity:

Again, density is in kg/L and molar mass in kg/mol.

These formulas look intimidating, but the logic is straightforward: you're accounting for the difference
between "volume of solution" (molarity) and "mass of solvent" (molality). The density bridges the gap
between mass and volume, and the molar mass term corrects for the solute's contribution to the total
mass.
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Common mistake: Mixing up units during conversion. Always check that your density and molar mass are
in compatible units before plugging into these equations. Converting mg/L to mol/L, for example, requires
dividing by the molar mass in mg/mmol (or equivalently, g/mol).

2.2 Rate laws and reaction orders

Rate Laws and Reaction Orders

Concept of a Rate Law
A rate law is a mathematical expression that links the rate of a reaction to the concentrations of its
reactants. You can't derive a rate law from a balanced equation alone; it has to be determined
experimentally by measuring how the rate changes when you adjust concentrations.

The general form looks like this:

where  is the rate constant,  and  are reactant concentrations, and  and  are the reaction
orders with respect to each reactant.

Why does this matter? Rate laws let you:

• Predict rate changes: if you know the order, you know exactly what happens when you change a
concentration (e.g., doubling a first-order reactant doubles the rate)

• Calculate the rate constant from experimental data

• Gain clues about the reaction mechanism, since the rate law reflects which species are involved in the
rate-determining step

Order of Chemical Reactions
The reaction order with respect to a given reactant is the exponent on its concentration in the rate law.
Orders can be zero, first, second, or even fractional. The overall order is the sum of the individual orders.

For example, if , the reaction is second order in A, first order in B, and third order overall.

Determining Reaction Order: Method of Initial Rates
This is the most common approach you'll use in problems. The idea is to compare experiments where only
one reactant's concentration changes at a time.

1. Set up (or receive) data from multiple experiments with different initial concentrations.

2. Pick two experiments where only one reactant concentration changes.

3. Calculate the ratio of the rates and the ratio of the concentrations for that reactant.

4. Find the order using the relationship:

1. Solve for . If doubling the concentration doubles the rate, . If doubling the concentration
quadruples the rate, . If doubling the concentration has no effect, .

2. Repeat for each reactant.
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Determining Reaction Order: Graphical Method
Plot  vs.  for each reactant. The slope of the resulting line gives the order with respect to
that reactant. A slope of 1 means first order; a slope of 2 means second order; a slope of 0 means zero
order.

Rate Constant Determination
The rate constant  is the proportionality constant in the rate law. A few things to know about it:

• It does not depend on reactant concentrations.

• It does depend on temperature (higher temperature generally means a larger ).

• Its units change depending on the overall reaction order.

To find , plug known values of rate and concentration into the rate law and solve. For ,
the units of  work out to:

Overall Order Units of  (using M and s)

0 M s

1 s

2 M  s

3 M  s

Checking that your calculated  has the right units is a quick way to verify you've identified the correct
overall order.

Concentration Effects on Reaction Rates
Increasing a reactant's concentration generally increases the rate, but how much it increases depends
entirely on the reaction order with respect to that reactant.

1.

Zero-order reactions ( ) - The rate doesn't change when you change the concentration. It stays
constant until the reactant runs out. - This often shows up in enzyme-catalyzed reactions at high substrate
concentration, where the enzyme is fully saturated.

2.

First-order reactions ( ) - Rate is directly proportional to concentration. Double the
concentration, double the rate. - Radioactive decay is the classic example: the rate of decay depends only
on how much of the isotope remains.

3.

Second-order reactions ( ) - Rate is proportional to the square of the concentration. Double
the concentration and the rate quadruples. Triple it and the rate goes up by a factor of nine. - Dimerization
reactions, where two identical molecules combine, often follow second-order kinetics.

Quick check for problems: If you're given data and asked to identify the order, focus on what happens
when one concentration doubles. Rate unchanged = zero order. Rate doubles = first order. Rate
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quadruples = second order.

2.3 Differential rate laws

Differential Rate Laws
A differential rate law tells you exactly how the concentration of each reactant affects the speed of a
reaction. Understanding these laws lets you predict reaction rates, determine how concentrations change
over time, and calculate useful quantities like half-lives.

Differential Rate Law Derivation
The differential rate law expresses reaction rate as a function of reactant concentrations and a rate
constant. For a general reaction:

the differential rate law takes the form:

•  is the rate constant, a value specific to a given reaction at a given temperature.

•  and  are the reaction orders with respect to reactants A and B.

• The overall reaction order is the sum .

One thing that trips people up: reaction orders are determined experimentally. You cannot just read them
off the stoichiometric coefficients in the balanced equation. A reaction with a coefficient of 2 in front of A
could still be first-order with respect to A.

Some common examples:

• First-order in A:  (doubling [A] doubles the rate)

• Second-order in B:  (doubling [B] quadruples the rate)

Rate Expression from Concentration Changes
The rate of a reaction can also be written in terms of how fast reactant or product concentrations change
over time. For the same general reaction :

• For reactants: 

• For products: 

The negative sign appears for reactants because their concentrations decrease over time, and we want the
rate to be a positive number. The stoichiometric coefficients ( , , , ) normalize everything so that you
get the same rate value regardless of which species you track.

For example, consider . If A disappears at 0.6 M/s, the rate is:

And B forms at 0.3 M/s, consistent with the 2:1 stoichiometry.
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Rate Law Components and Relationships
The differential rate law ties together three pieces: the rate constant, the concentrations, and the reaction
orders.

Reaction orders tell you the sensitivity of the rate to each reactant's concentration:

•  (first-order in A): rate is directly proportional to [A]

•  (second-order in A): rate is proportional to 

•  (zero-order in A): rate doesn't depend on [A] at all

The rate constant  captures the intrinsic reactivity of the system at a particular temperature. It must be
determined experimentally. Its units depend on the overall reaction order, because the rate always needs
to come out in units of concentration/time (typically M/s):

Overall Order Rate Law Form Units of 

0

1

2

A quick way to figure out the units: solve the rate law for  and substitute units. If the overall order is ,
then  has units of .

Integrated Rate Law for First-Order Reactions
The differential rate law tells you the rate right now. The integrated rate law tells you the concentration at
any future time. You get it by integrating the differential form.

For a first-order reaction where :

1. Write the rate as a derivative: 

2. Separate variables: 

3. Integrate both sides from the initial condition (  at ) to (  at time ):

1. This gives the integrated rate law:

which can be rearranged to .

What you can do with this:

• Find concentration at any time. If  M and , the concentration after 10 s is:

• Calculate the half-life. Set  and solve for :

For a first-order reaction with : 
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A distinctive feature of first-order reactions is that the half-life is constant. It doesn't matter whether you
start with 2.0 M or 0.001 M; the time to reach half the current concentration is always the same. This is not
true for zero-order or second-order reactions.

2.4 Methods for determining rate laws

Methods for Determining Rate Laws
Figuring out a reaction's rate law means identifying how each reactant's concentration affects the speed of
the reaction. This is central to chemical kinetics because the rate law lets you predict how fast a reaction
will proceed under new conditions and gives clues about the reaction mechanism.

Three main experimental approaches are used: the method of initial rates, integrated rate law analysis, and
pseudo-first-order simplification. Each works best in different situations, and understanding when to reach
for each one is just as important as knowing how they work.

Method of Initial Rates
This method compares the initial rate of a reaction across several experiments where you systematically
change one reactant's concentration at a time while holding the others constant.

How it works, step by step:

1. Run multiple experiments, each with a different starting concentration of one reactant. Keep all other
reactant concentrations the same.

2. Measure the initial rate of each experiment (the rate right at the start, before concentrations change
much).

3. Compare pairs of experiments to find the order with respect to each reactant: - If doubling 
doubles the rate, the reaction is first order in  - If doubling  quadruples the rate, it's second order in

 - If doubling  has no effect on the rate, it's zero order in 

4. Combine the individual orders into the overall rate law: , where  and  are the
orders you just determined.

5. Plug the data from any single experiment into the rate law to solve for the rate constant .

Mathematically, when comparing two experiments where only  changes, the ratio of rates gives you the
order directly:

Advantages: Straightforward and doesn't require knowing the reaction mechanism. Works well when you
can measure initial rates accurately.

Limitations: Measuring initial rates can be tricky for very fast reactions. It also assumes the rate law form
stays the same throughout the reaction.

Integrated Rate Law Analysis
Instead of looking only at the start of a reaction, this method uses concentration data collected over the
entire course of the reaction. You test which integrated rate law gives a linear plot, and that tells you the
reaction order.

The three integrated rate laws to know:
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Order Integrated Rate Law Linear Plot Slope

Zero  vs. 

First  vs. 

Second  vs. 

How it works, step by step:

1. Collect concentration vs. time data for the reaction.

2. Make three plots of the data:  vs. ,  vs. , and  vs. .

3. Whichever plot produces a straight line tells you the reaction order.

4. Determine  from the slope of that straight line.

The key idea here is that each integrated rate law is already in  form, so only the correct order
will linearize the data.

Advantages: Uses data from the full reaction, not just the beginning. Gives both the order and the rate
constant from a single dataset.

Limitations: Requires you to test each possible order. With noisy or scattered data, it can be hard to tell
which plot is truly linear. This method also works best for reactions that depend on a single reactant
concentration.

Pseudo-First-Order Simplification
Some reactions involve two or more reactants, making the rate law harder to analyze directly. The
pseudo-first-order method gets around this by putting one reactant in large excess so its concentration
barely changes during the reaction.

For example, consider a rate law . If  is held in large excess, its concentration stays
roughly constant, and you can fold it into the rate constant:

where . The reaction now behaves as first order in , even though it isn't truly first order
overall.

How it works, step by step:

1. Run the reaction with one reactant (say ) in large excess over .

2. Plot  vs. . If the reaction is first order in , you'll get a straight line.

3. The slope of that line gives you .

4. Repeat the experiment with different excess concentrations of .

5. Use the relationship  to determine the order  with respect to  and the true rate
constant .

This is the same logic as the method of initial rates, but applied to  values instead of initial rates.

Advantages: Turns a complex multi-reactant problem into a simpler first-order analysis. Widely used in
practice, especially in biochemistry and solution-phase chemistry.
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Limitations: Requires that one reactant can realistically be used in large excess, which isn't always
practical. The  you measure depends on the excess concentration, so you need multiple runs to get
the full rate law.

Choosing the Right Method
Each method fits different experimental situations:

• Method of initial rates is your go-to when you can easily measure rates at the start of a reaction and
want to determine orders for multiple reactants.

• Integrated rate law analysis works best when you have good concentration vs. time data and want to
confirm the order from a single experiment.

• Pseudo-first-order simplification is most useful for multi-reactant systems where direct analysis would
be too complicated.

In practice, researchers often combine these approaches. For instance, you might use pseudo-first-order
conditions to isolate one reactant's behavior, then use integrated rate law plots to confirm the order and
extract .
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Unit 3 – Determination of Rate Laws
3.1 Experimental methods for rate law determination

Experimental Techniques for Rate Law Determination
Rate law determination is about figuring out how reactant concentrations affect the speed of a chemical
reaction. Without experimental data, you can't predict a rate law from a balanced equation alone. These
techniques give you the tools to measure rates, extract reaction orders, and calculate rate constants from
real lab data.

Experimental Techniques for Rate Laws
Initial Rates Method

You run the reaction multiple times, changing the initial concentration of one reactant at a time while
holding everything else constant (temperature, pressure, other concentrations). By comparing how the
initial rate changes when you double or triple a reactant's concentration, you can determine the reaction
order with respect to that reactant.

For example, if doubling  causes the rate to quadruple, the reaction is second order in A, because
 gives .

Graphical Methods

These use concentration-vs.-time data from a single experiment to identify reaction order:

• Integrated rate law method: You plot the data in different linearized forms and see which one gives a
straight line. A plot of  vs.  is linear for zero order,  vs.  for first order, and  vs.  for second
order. The slope of the linear plot gives you the rate constant .

• Differential rate law method: You plot  vs. . The slope of this log-log plot equals the
reaction order, and the y-intercept equals .

Isolation Method (Pseudo-Order Approach)

When a rate law involves multiple reactants, you can simplify things by using a large excess of every
reactant except the one you're studying. The excess reactants barely change in concentration during the
reaction, so they become effectively constant and get absorbed into an observed rate constant . This
makes the reaction pseudo-first-order (or pseudo-whatever-order) with respect to the limiting reactant,
letting you determine its order independently.

Measuring Reaction Rates Over Time
To determine a rate law, you need concentration data as a function of time. Several techniques can
provide this:

• Spectrophotometry measures light absorbance, which is directly proportional to concentration through
the Beer-Lambert law ( ). This works well when a reactant or product absorbs at a characteristic
wavelength.

• Titration involves withdrawing samples at set times and reacting them with a titrant of known
concentration. The volume of titrant consumed tells you the analyte concentration via stoichiometry.
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• Pressure measurement applies to reactions involving gases. Since , changes in total
pressure reflect changes in the number of moles of gas, which you can relate back to concentration.

Sampling approaches fall into two categories:

1. Continuous monitoring tracks concentration in real time (e.g., a spectrophotometer recording
absorbance every second), giving you a complete concentration-vs.-time profile.

2. Discrete sampling involves pulling aliquots at specific time intervals. You typically need to quench
each sample (by rapid cooling, dilution, or adding a reagent that stops the reaction) so the
concentration doesn't keep changing before you measure it.

Calculating the rate from your data:

• The average rate over a time interval is .

• The instantaneous rate at a specific moment is , found from the slope of the tangent line on a
concentration-vs.-time curve. The negative sign accounts for the fact that reactant concentration
decreases over time.

Controlling Conditions in Kinetic Experiments
Accurate rate law determination depends on isolating the effect of concentration. That means every other
variable needs to stay constant.

Temperature is the most critical factor to control. The Arrhenius equation, , shows that the
rate constant  depends exponentially on temperature. Even a few degrees of change can noticeably alter
the rate, so experiments are typically run in a thermostatted water bath or temperature-controlled chamber.

Pressure matters for gas-phase reactions because pressure directly affects the concentration of gaseous
species through . A pressure change would alter concentrations and confound your rate
measurements.

Other factors to hold constant include:

• Catalyst concentration (if a catalyst is present)

• Solvent composition

• Ionic strength (for reactions in solution, since ion-ion interactions can affect rates)

Controlling these variables ensures that any observed change in rate is due solely to the concentration
change you deliberately introduced.

Comparing Methods for Rate Law Determination
Each method has trade-offs. Choosing the right one depends on the reaction and the data you can collect.

Method Strengths Limitations

Initial rates Straightforward to set up; works even
for complex rate laws with multiple
reactants; requires only early-time data

Requires precise measurement of initial
rates; small errors in concentration can
propagate; need multiple experimental
runs

Integrated rate law (graphical) Uses the full dataset from a single run,
improving statistical reliability

You must guess which integrated form
to try; deviations from linearity can be
subtle and hard to judge
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Method Strengths Limitations

Differential rate law (graphical) Directly relates rate to concentration;
the log-log plot gives order and  in one
step

Requires accurate instantaneous rate
values, which can be noisy if calculated
from numerical derivatives

Isolation (pseudo-order) Reduces a multi-variable problem to a
single-variable one; pairs well with
graphical methods

Requires large excess of reagents (not
always practical); may not capture
behavior under realistic concentration
ratios

In practice, researchers often combine methods. For instance, you might use the isolation method to
simplify a multi-reactant system, then apply the integrated rate law graphical method to determine the order
with respect to the isolated reactant.

3.2 Initial rates method

Initial Rates Method

Initial rates method fundamentals
The initial rates method is an experimental technique for determining the rate law of a reaction. You run the
same reaction multiple times, changing one reactant's starting concentration at a time, and measure how
fast the reaction proceeds right at the beginning (before products build up or reverse reactions kick in).

The general form of a rate law is:

where  is the rate constant,  and  are reactant concentrations, and  and  are the reaction
orders with respect to each reactant.

Reaction orders tell you how sensitive the rate is to changes in concentration:

• Zero-order in a reactant: changing that reactant's concentration has no effect on the rate

• First-order: doubling the concentration doubles the rate

• Second-order: doubling the concentration quadruples the rate ( )

The overall order of the reaction is the sum of the individual orders ( ).

Analysis of initial rates data
The core idea is to isolate the effect of one reactant at a time. You do this by finding two experiments
where only one reactant's concentration changes while everything else (the other reactant's concentration,
temperature, pressure) stays constant.

Here's the step-by-step process:

1. Organize your data into a table with columns for experiment number, initial concentrations of each
reactant, and measured initial rate.

2. Pick two experiments where only one reactant's concentration differs. Call the ratio of concentrations
 and the ratio of rates .

3. Set up the relationship: 
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4. Solve for . If the concentration ratio is a clean number, you can often determine  by inspection.
For example, if  triples and the rate increases by a factor of 9, then , so .

5. Repeat for each reactant using a different pair of experiments where only that reactant changes.

6. Write the complete rate law using the determined orders.

Example: Suppose doubling  (while holding  constant) causes the rate to double. That means
, so . If tripling  (while holding  constant) causes the rate to increase by a factor of 9,

then , so . The rate law is .

Rate constant and order calculations
Once you know the reaction orders, you can calculate the rate constant :

1. Rearrange the rate law to isolate : 

2. Plug in the initial rate and concentrations from any single experiment in your data table.

3. Calculate . You can check your work by substituting values from a different experiment; you should
get the same value of  (within experimental error).

The units of  depend on the overall reaction order. For a reaction with overall order :

Some common cases:

• Overall first-order ( ):  has units of 

• Overall second-order ( ):  has units of 

• Overall third-order ( ):  has units of 

Getting the units right is a quick way to check whether your calculated orders make sense.

Mechanism determination using initial rates
The initial rates method does more than give you numbers. It connects experimental observations to the
molecular-level picture of how a reaction actually proceeds.

Every proposed reaction mechanism has a rate-determining step, the slowest step that acts as a
bottleneck. The rate law for the overall reaction is governed by this step. Different mechanisms predict
different rate laws, so comparing the experimentally determined rate law to each prediction lets you rule
mechanisms in or out.

The process works like this:

1. Determine the experimental rate law using the initial rates method.

2. For each proposed mechanism, derive the rate law implied by its rate-determining step.

3. Compare. If the experimental rate law matches the prediction from a particular mechanism, that
mechanism is supported by the data.

A match doesn't prove a mechanism is correct (other mechanisms might predict the same rate law), but a
mismatch does rule a mechanism out. If no proposed mechanism fits the experimental rate law, the actual
pathway is likely more complex than what's been considered.
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3.3 Graphical methods for rate law analysis

Graphical Methods for Rate Law Analysis
Graphical methods let you determine the order of a reaction and extract the rate constant  directly from
experimental data. The core idea is straightforward: if you plot concentration-vs.-time data in the right way,
the correct reaction order will produce a straight line. The order that gives you linearity is the order of the
reaction.

This section covers the integrated rate laws for zero-, first-, and second-order reactions, how to linearize
each one, and how half-life behavior can also reveal reaction order.

Integrated Rate Laws and Linearization
Each reaction order has its own integrated rate law. When you rearrange these into the form ,
each one suggests a specific plot that will be linear only if the data actually follow that order.

Zero-order reactions:

• Integrated rate law: 

• Plot  vs. 

• Slope = , y-intercept = 

This is already in  form with no transformation needed. If raw concentration vs. time is a
straight line, the reaction is zero-order.

First-order reactions:

• Integrated rate law: 

• Plot  vs. 

• Slope = , y-intercept = 

You take the natural log of each concentration value before plotting. A straight line on this plot means
first-order.

Second-order reactions:

• Integrated rate law: 

• Plot  vs. 

• Slope =  (positive), y-intercept = 

You take the reciprocal of each concentration value. A straight line here means second-order.

How to Determine Reaction Order from Plots
When you're given concentration-vs.-time data and need to find the reaction order, follow this process:

1. Make three plots from the same data set:  vs. ,  vs. , and  vs. .

2. Check which plot produces a straight line (or the best linear fit if working with real, slightly noisy
data).
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3. The linear plot tells you the order: linear  vs.  = zero-order, linear  vs.  = first-order, linear
 vs.  = second-order.

4. Read  from the slope of the linear plot. Remember that for zero- and first-order, the slope is  (so
 is the absolute value), while for second-order, the slope equals  directly.

Only one of the three plots should be linear. If  vs.  is straight but the other two curve, you've
confirmed first-order behavior.

Half-Life and Reaction Order
Half-life ( ) is the time it takes for the reactant concentration to drop to half its current value. The
relationship between half-life and initial concentration is different for each order, which gives you another
way to identify reaction order.

First-order:

Half-life is constant regardless of concentration. If you notice that it always takes the same amount of time
for the concentration to halve (say, 20 s to go from 1.0 M to 0.5 M, and another 20 s to go from 0.5 M to
0.25 M), that's a signature of first-order kinetics.

Second-order:

Half-life is inversely proportional to the initial concentration. As the reaction proceeds and  decreases,
each successive half-life gets longer. A reaction that starts fast and slows down dramatically may be
second-order.

Zero-order:

Half-life is directly proportional to the initial concentration. As  decreases, each successive half-life gets
shorter. The reaction runs at a steady rate until the reactant is nearly gone, then finishes quickly.

Quick check: If doubling the initial concentration doesn't change the half-life, the reaction is first-order. If
doubling  cuts the half-life in half, it's second-order. If doubling  doubles the half-life, it's
zero-order.

3.4 Isolation method and pseudo-order reactions

Isolation Method

Isolation Method for Rate Laws
The isolation method is an experimental technique for simplifying rate law determination when a reaction
has multiple reactants. The core idea: make one reactant's concentration so much larger than the others
that its concentration barely changes during the reaction. This effectively "isolates" the influence of the
remaining reactants on the rate.

This method is most useful when:

• The reaction involves multiple reactants and the rate law is unknown
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• The mechanism is complex or involves multiple steps

• Determining the order with respect to each reactant is difficult using the method of initial rates or
graphical methods alone

Simplification of Rate Laws
Consider a general rate law where the rate depends on the concentrations of all reactants:

Here  is the true rate constant, and , ,  are the orders with respect to reactants , , and .

Now suppose you flood the reaction with a large excess of . Because  is so much larger than  or
, it changes negligibly over the course of the reaction. That means  is effectively a constant, and

you can absorb it into the rate constant:

where  is the observed (pseudo) rate constant.

The simplified rate law now depends only on the concentrations of the limiting reactants (  and ). You
can then determine  and  using the method of initial rates or integrated rate law plots, which is far easier
than tackling all three reactants at once.

Pseudo-Order Reactions
A pseudo-order reaction is one that appears to follow a simpler rate law than its true rate law because the
isolation method has been applied. The order with respect to the excess reactant gets hidden inside ,
so the observed overall order is lower than the true overall order.

Two common cases:

• Pseudo-first-order: If  is in excess and the true rate law is , the observed law
becomes , where . The reaction looks first-order even though it truly
depends on  as well.

• Pseudo-second-order: If  is in excess and the true law is , the observed law
becomes . The reaction appears second-order overall (first-order in  and
first-order in ).

The prefix "pseudo" signals that the apparent order isn't the whole story; it reflects only the reactants
whose concentrations are actually changing.

Determining Rate Laws Through Isolation
To use the isolation method in practice, follow these steps:

1. Design the experiment. Set the concentration of one reactant (say ) much larger than the others. A
common rule of thumb is at least a 10-fold excess.

2. Vary the limiting reactants. Run a series of experiments where you change  and  while 
stays the same (and still in large excess).

3. Measure initial rates for each experiment.

4. Determine orders with respect to  and  using the method of initial rates or by fitting integrated rate
law plots (ln[B] vs. t for first-order, 1/[B] vs. t for second-order, etc.).
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5. Write the simplified rate law: .

6. Calculate  from the experimental data.

7. Recover the true rate constant if needed. Repeat the entire procedure at a different known . Since
, comparing  values at different  lets you solve for  and then for .

For example, for  with  in large excess, you would first determine  and  from
experiments varying  and . Then, by running a new set of experiments at a different excess , you
can find  from how  changes with .

Limitations and Applicability
The isolation method is a simplification, and simplifications come with trade-offs.

Key limitations:

• It assumes  stays essentially constant throughout the reaction. If the reaction consumes a
noticeable fraction of  before completion, the pseudo-order approximation breaks down.

• It does not directly reveal the true rate law or the reaction mechanism. You only learn the orders with
respect to the limiting reactants and an observed rate constant that bundles together  and .

• It may fail for reversible reactions, where the reverse reaction becomes significant as products
accumulate.

Best suited for reactions that are:

• Irreversible (or studied only during early progress, before the reverse reaction matters)

• Free of significant competing side reactions

• Unaffected mechanistically by the high concentration of the excess reactant

May not be suitable when:

• The reaction is reversible and you need to track it beyond early times

• Competing side reactions speed up at high concentrations of the excess reactant

• A large excess of one reactant changes the dominant mechanism or the rate-determining step

Despite these caveats, the isolation method remains one of the most practical strategies for breaking a
complicated multi-reactant rate law into manageable pieces.
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Unit 4 – Integrated Rate Laws
4.1 Zero-order integrated rate law

Zero-Order Integrated Rate Law
Zero-order reactions are unique in chemical kinetics because the reaction rate stays constant no matter
how much reactant is present. The zero-order integrated rate law, , lets you predict
reactant concentration at any point in time. This behavior shows up most often in enzyme-catalyzed
reactions (where the enzyme is saturated) and surface reactions (where the catalyst surface is fully
covered).

Derivation of the Zero-Order Rate Law
The derivation starts from the differential rate law for a zero-order reaction:

Notice that the right side is just , with no concentration term. That's what makes it zero-order: the rate
doesn't depend on  at all.

From here, you can derive the integrated form in a few steps:

1.

Rearrange to isolate : 

2.

Integrate both sides, using  (initial concentration) and  (concentration at time ) as your limits:

3.

Evaluate both integrals: 

4.

Rearrange to get the zero-order integrated rate law: 

This equation has the form , which is why a plot of  vs.  gives a straight line for zero-order
reactions.

Applying the Zero-Order Rate Law
To find the concentration of reactant A at any time :

1. Identify your known values: initial concentration , rate constant , and the time  you're
interested in.

2. Plug them into  and solve.

Example: If , , and :
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One thing to watch for: the equation can give you a negative concentration if you plug in a large enough .
Physically, concentration can't go below zero. The reaction simply stops when , so the linear model
only applies up to that point.

Characteristics of Zero-Order Reactions
A zero-order reaction has several distinctive features you should recognize:

• A plot of  vs.  is a straight line with a negative slope.

• The slope of that line equals  (the negative of the rate constant).

• The y-intercept equals , the initial concentration.

• Concentration decreases at a steady rate over time, unlike first- or second-order reactions where the
rate changes as reactant is consumed.

The rate itself is constant and independent of . This typically happens when something other than
reactant availability controls the rate. For example, in an enzyme-catalyzed reaction at high substrate
concentration, the enzyme is fully saturated, so adding more substrate doesn't speed things up. Similarly,
in a surface-catalyzed reaction, if every active site on the catalyst is occupied, the rate depends only on
how fast the surface processes molecules.

Calculating the Rate Constant
You can rearrange the integrated rate law to solve for :

To calculate  from experimental data:

1. Measure the initial concentration  and the concentration  at a known time .

2. Substitute into the equation above and solve.

Example: If , , and :

Note the units of  for a zero-order reaction: M/s (or mol·L⁻¹·s⁻¹). This is different from first-order (s⁻¹) and
second-order (M⁻¹·s⁻¹) rate constants. Checking your units is a quick way to verify you've identified the
correct reaction order.

4.2 First-order integrated rate law

First-Order Reactions

Derivation of the First-Order Integrated Rate Law
The differential rate law for a first-order reaction states that the rate of disappearance of reactant A is
directly proportional to its concentration:

where  is the concentration of reactant A and  is the rate constant. To get a useful equation that
relates concentration to time, you need to integrate this expression. Here's how:

1.
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Separate variables by dividing both sides by  and multiplying by : 

2.

Integrate both sides. The left side runs from the initial concentration  to  at time , and the right side
runs from  to : 

3.

Evaluate the integrals: 

4.

Rearrange to get the two standard forms of the first-order integrated rate law:

The first form is especially useful because it has the shape of , which connects directly to
graphical analysis.

Application of the First-Order Rate Law
Once you know  and , you can find the concentration of A at any time . Start with:

Plug in your known values for , , and , then solve for . To get  itself, exponentiate both
sides:

This exponential form makes it clear that first-order reactions show exponential decay. The concentration
drops quickly at first, then tapers off as less reactant remains.

Example: Suppose  and . To find  at :

You can also rearrange to solve for  if you know the starting and final concentrations.

Characteristics in ln(Concentration) vs. Time Plots
Because  has the form , a plot of  versus time produces a straight
line if the reaction is first-order.

• The slope of that line equals 

• The y-intercept equals 

This is the primary graphical test for first-order kinetics. If you plot your data and the  vs. time graph is
linear, you've confirmed first-order behavior. If it curves, the reaction follows a different order, and you'd
need to test second-order or zero-order plots instead.

Rate Constant Calculation from Data
To determine  experimentally:
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1. Collect concentration vs. time data for the reaction.

2. Calculate  for each data point.

3. Plot  on the y-axis versus time on the x-axis.

4. Check whether the plot is linear. If it is, the reaction is first-order.

5. Find the slope of the best-fit line. The rate constant is the negative of that slope:

You can calculate the slope from any two points on the line using , though a linear regression across
all data points gives a more reliable result.

Half-Life for First-Order Reactions
The half-life ( ) is the time it takes for the reactant concentration to drop to half its current value. For
first-order reactions, you can derive it by setting  in the integrated rate law:

Notice that  canceled out entirely. This means the half-life of a first-order reaction is constant
regardless of how much reactant you start with. Whether you begin with 1.0 M or 0.01 M, it takes the same
amount of time to lose half. This constant half-life is a signature feature of first-order kinetics and is the
same principle behind radioactive decay.

You can also rearrange to find  from a known half-life:

This relationship gives you a quick way to convert between  and  without needing concentration data
at all.

4.3 Second-order integrated rate law

Second-Order Integrated Rate Law
Second-order reactions have rates that depend on the square of one reactant's concentration (or on the
product of two reactant concentrations). The integrated rate law for these reactions connects concentration
to time in a single equation, letting you calculate how much reactant remains at any point, determine the
rate constant from data, and confirm whether a reaction is actually second-order.

Derivation of the Second-Order Rate Law
The starting point is the differential rate law for a second-order reaction with a single reactant:

Here's how to get from this to the integrated form:

1.

Separate variables by dividing both sides by  and multiplying by : 
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2.

Integrate both sides. The left side is integrated from  to , and the right side from  to :

3.

Evaluate the integrals. The left side gives , so: 

4.

Rearrange to get the standard form of the second-order integrated rate law:

Notice this has the form . That linear relationship is the key to identifying and analyzing
second-order reactions.

Applying the Rate Law
To find the concentration of a reactant at any time, plug your known values into  and solve
for .

Worked example: Suppose , , and .

1.

Calculate : 

2.

Calculate : 

3.

Add them: 

4.

Take the reciprocal: 

The concentration dropped from 2.0 M to 0.18 M in just 10 seconds. One thing to notice about
second-order reactions: the rate slows down dramatically as concentration decreases, so the reactant
never fully reaches zero the way a simple linear decay might suggest.

Identifying Second-Order Reactions from Plots
Because the integrated rate law has the form , plotting  vs. time will produce a straight line if
the reaction is second-order with respect to A.

• The slope of that line equals the rate constant 

• The y-intercept equals 

If the plot of  vs. time curves instead of forming a straight line, the reaction is not second-order with
respect to A. You'd then test other integrated rate laws (zero-order or first-order) to find the correct fit.

This is the standard graphical test: plot  vs.  for zero-order,  vs.  for first-order, and  vs.  for
second-order. Whichever gives a straight line tells you the reaction order.
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Determining the Rate Constant
Once you've confirmed a reaction is second-order by getting a linear  vs. time plot, the slope gives you 
directly.

•

The units of  for a second-order reaction are always  (or more generally,
). This is different from first-order ( ) and zero-order ( ), so checking

units is a quick way to verify you're using the right rate law.

•

For example, if your best-fit line through the  vs. time data has a slope of , then
.

A steeper slope means a larger  and a faster reaction. Comparing  values across different temperatures
or catalytic conditions is one of the main ways chemists study what controls reaction speed.

4.4 Half-life and its applications

Half-Life and Its Applications
Half-life measures the time it takes for a reactant's concentration to drop to half its starting value. For
first-order reactions, this time stays constant no matter how much reactant you begin with, which makes
half-life a powerful tool for predicting how a reaction progresses over time.

Definition and Significance of Half-Life
Half-life ( ) is the time required for a reactant concentration to decrease to half its initial value. What
makes it especially useful for first-order reactions is that it remains constant throughout the reaction.

• A shorter half-life means a faster reaction. Uranium-235 decays with a half-life of about 704 million
years, which sounds long, but is short compared to uranium-238's 4.5 billion-year half-life.

• A longer half-life means the reactant sticks around longer, reacting more slowly.

• Because half-life is independent of initial concentration for first-order reactions, you can predict
reaction progress without knowing how much reactant you started with.

This makes half-life practical for real problems: figuring out how long a drug stays active in your body, or
determining the age of an archaeological sample.

Half-Life and Rate Constant Relationship
The connection between half-life and the rate constant  comes directly from the first-order integrated rate
law. Here's the derivation:

1.

Start with the first-order integrated rate law: 

2.

At the half-life, the concentration has dropped to half, so . Substitute that in: 

3.
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The  terms cancel, leaving: 

4.

Since , solve for :

Notice that  canceled out entirely in step 3. That's why first-order half-life doesn't depend on initial
concentration. The math confirms it directly.

Calculation of First-Order Reaction Half-Life
When you know the rate constant, plug straight into the formula:

• Example: If , then 

When you know concentrations at two times, work backward to find  first, then calculate half-life:

1. Suppose  and  at .

2. Plug into the integrated rate law:   

3. Now find half-life: 

A quick check confirms this: going from 1.0 M to 0.25 M means the concentration halved twice (1.0 → 0.50
→ 0.25), so two half-lives passed in 20 s, giving .

Applications of Half-Life
Radioactive decay follows first-order kinetics, so every radioisotope has a characteristic, constant half-life.
The amount remaining after  half-lives is:

•  = initial amount of the radioisotope

•  = amount remaining after time 

•  = number of half-lives elapsed ( , and doesn't have to be a whole number)

Carbon-14 dating uses this directly. Carbon-14 has a half-life of about 5,730 years. By measuring how
much carbon-14 remains in an organic sample compared to what it started with, you can calculate how
many half-lives have passed and determine the sample's age.

Drug elimination in the body also commonly follows first-order kinetics. The half-life tells clinicians how long
a drug stays effective and how often to dose it.

• From a known half-life, find the elimination rate constant: 

• Then predict the drug concentration at any time: 

For example, caffeine has a half-life of roughly 5 hours in most adults. If you drink coffee containing 200
mg of caffeine, about 100 mg remains after 5 hours, 50 mg after 10 hours, and so on. This is why drinking
coffee late in the afternoon can still affect your sleep.
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Unit 5 – Reaction Mechanisms &
Rate-Determining Steps
5.1 Elementary reactions and molecularity

Elementary Reactions and Molecularity
Every complex reaction you encounter can be broken down into simpler, single-step events called
elementary reactions. These are the individual molecular-level steps that, taken together, make up a full
reaction mechanism. Understanding them is essential because the rate law for an elementary reaction can
be written directly from its chemical equation, something you cannot do for an overall reaction.

Elementary Reactions in Kinetics
An elementary reaction describes a single molecular event: reactants collide (or a single molecule
rearranges) and products form in one step, with no intermediates along the way.

Key properties of elementary reactions:

• They represent actual molecular events, not just balanced equations

• Reactants convert directly into products in a single step

• Their rate laws come directly from the stoichiometry of that step (this is unique to elementary
reactions)

• They serve as building blocks for multi-step mechanisms

• In a multi-step mechanism, the slowest elementary step (the rate-determining step) controls the
overall reaction rate

This is a critical distinction: for an overall reaction, you must determine the rate law experimentally. For an
elementary reaction, the rate law follows directly from the equation.

Types of Elementary Reactions
The classification is based on molecularity, which is the number of reactant molecules (or atoms/ions) that
participate in a single elementary step.

• Unimolecular reactions involve one reactant molecule undergoing a change on its own, such as
decomposition or isomerization.

• Example: 

• Rate law:  (first-order)

•

A real example is the decomposition of  into  and .

•

Bimolecular reactions involve two reactant molecules colliding and reacting. These are the most common
type of elementary reaction.
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• The two molecules can be the same species ( ) or different species (
).

• Rate law:  (second-order overall)

•

If both molecules are the same species: 

•

Termolecular reactions involve three molecules colliding simultaneously. These are extremely rare
because the probability of three molecules colliding at the same instant with the right orientation and
sufficient energy is very low.

• Example: 

• Rate law:  (third-order overall)

Reactions involving four or more molecules in a single step are essentially never observed.

Molecularity and Rate Laws
For elementary reactions, the rate law exponents equal the stoichiometric coefficients of the reactants in
that step. This is the defining feature that makes elementary reactions so useful in kinetics.

Molecularity General Form Rate Law Overall Order

Unimolecular 1st

Bimolecular 2nd

Termolecular 3rd

The overall order of an elementary reaction is simply the sum of the exponents, which equals the
molecularity.

Identifying Reaction Molecularity
To determine molecularity, count the number of individual reactant particles in the elementary step:

1. One reactant particle → unimolecular (e.g., )

2. Two reactant particles → bimolecular (e.g., )

3. Three reactant particles → termolecular (e.g., )

Watch out for stoichiometric coefficients. The reaction  involves two molecules of A colliding,
so it is bimolecular, not unimolecular. The coefficient "2" tells you two separate A molecules participate.
The rate law would be .

Common mistake: assuming  is unimolecular because there's only one species.
Molecularity counts the number of reactant molecules, not the number of distinct species. Two molecules
of A means bimolecular.
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5.2 Reaction mechanisms and their representation

Reaction Mechanisms
Reaction mechanisms break down complex chemical processes into a sequence of simple steps. Each
step describes a specific molecular event, and together they show the full pathway from reactants to
products. Understanding mechanisms is central to predicting rate laws, because the rate law for a reaction
depends on how the reaction actually proceeds at the molecular level, not just on the balanced equation.

Components of Reaction Mechanisms
A reaction mechanism is a step-by-step description of the pathway a reaction follows from reactants to
products. It consists of a series of elementary reactions that, when added together, give the overall
balanced equation.

Here are the key components you need to know:

• Reactants are the starting materials that undergo the reaction (e.g., ethanol and oxygen in
combustion).

• Products are the final compounds formed (e.g., carbon dioxide and water).

• Intermediates are species that form during the reaction but don't appear in the overall balanced
equation. They're produced in one step and consumed in a later step. For example, the hydroxyl radical
( ) can appear as an intermediate in combustion mechanisms.

• Elementary reactions are the individual steps in a mechanism. Each one describes a single molecular
event, such as a bond breaking or forming. Every elementary reaction passes through exactly one
transition state (also called an activated complex), which is the highest-energy point along that step's
reaction coordinate.

Molecularity describes how many reactant particles collide or rearrange in a single elementary step:

• Unimolecular: one molecule rearranges or decomposes (e.g., )

• Bimolecular: two particles collide and react (e.g., ). This is the most common type.

• Termolecular: three particles collide simultaneously. These are extremely rare because the probability
of three molecules colliding at the same instant with the right orientation and energy is very low.

The rate-determining step (RDS) is the slowest elementary reaction in the mechanism. Because every step
must occur for the reaction to proceed, the slowest step acts as a bottleneck and controls the overall
reaction rate. Think of it like a slow cashier in a grocery store: no matter how fast the other lines move, the
overall throughput is limited by the slowest one.

Building Blocks of Elementary Reactions
To propose a mechanism, you work backward and forward between the overall reaction and plausible
molecular-level steps. Here's the general process, illustrated with the chlorination of methane (

):

1. Identify the reactants and products of the overall reaction. Here: methane and chlorine gas in,
chloromethane and hydrogen chloride out.

2. Determine which bonds break and form. C–H and Cl–Cl bonds break; C–Cl and H–Cl bonds form.
This tells you what kinds of elementary steps are needed.
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3. Propose elementary steps that connect reactants to products, accounting for any intermediates. For
methane chlorination, this is a free-radical chain mechanism: - Initiation:  - Propagation:

 - Propagation:  - Termination: , or
, or 

Notice how the intermediates  and  are generated in one step and consumed in another. The
propagation steps cycle, which is what makes it a chain reaction.

1. Verify the mechanism by adding the elementary steps together. The intermediates should cancel out,
and the sum should match the overall balanced equation.

Symbols in Reaction Mechanisms
Mechanisms use specific notation to convey information clearly:

• A single arrow ( ) indicates an irreversible or forward-only step.

• Equilibrium arrows ( ) indicate a reversible step where both forward and reverse reactions occur.

• The rate-determining step is typically labeled "slow" next to the arrow, or marked as "RDS." Fast steps
are labeled "fast."

• Plus signs (+) separate multiple reactants or products within a single step.

• Stoichiometric coefficients balance each elementary step individually (e.g., ).

One note on intermediates: while some textbooks place square brackets around intermediates (e.g.,
), this isn't universal. The more reliable way to identify an intermediate is to check whether a

species appears in the mechanism's steps but not in the overall balanced equation.

Mechanisms vs. Overall Equations
The overall balanced equation tells you what reacts and what forms, but it says nothing about how the
reaction happens. That's what the mechanism provides. Here are the key relationships:

•

The elementary steps must sum to the overall equation. When you add all the steps and cancel
intermediates that appear on both sides, you should recover the balanced equation exactly. If you don't,
the proposed mechanism is inconsistent with the known reaction.

•

The rate-determining step controls the rate law. You can write the rate law directly from the RDS because
it's the bottleneck. For example, if the RDS is  (bimolecular), the rate law is

, which is second-order overall.

•

If an intermediate appears in the RDS, you can't leave it in the rate law (since intermediates aren't
measurable reactant concentrations). Instead, you use a prior fast equilibrium step to express the
intermediate's concentration in terms of actual reactants. This substitution is one of the trickier parts of
mechanism problems, so watch for it.

•

The molecularity of the RDS often determines the overall reaction order. A unimolecular RDS gives a
first-order rate law; a bimolecular RDS gives a second-order rate law. But remember: molecularity only
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applies to elementary steps, never to the overall reaction.

5.3 Rate-determining steps and their identification
Chemical reactions often involve multiple steps, and understanding which step controls the overall speed is
central to predicting reaction behavior. The rate-determining step (RDS) is the slowest elementary step in a
mechanism. It acts as a bottleneck: the entire reaction can only proceed as fast as this one step allows.

Identifying the RDS lets you write the correct rate law, predict how concentration changes affect speed,
and understand why catalysts work the way they do.

Rate-Determining Steps

Rate-determining step definition
The rate-determining step is the slowest step in a multi-step reaction mechanism. It has the highest
activation energy barrier of all the elementary steps, which means it requires the most energy to proceed.
Because of this, it limits the overall rate of the reaction.

• The rate of the overall reaction equals the rate of the RDS.

• Speeding up the RDS (for example, by adding a catalyst) speeds up the whole reaction.

• Speeding up a step that is not the RDS has no meaningful effect on the overall rate.

Significance in reaction rates
The RDS controls the flow of material through the entire mechanism, much like the narrowest section of a
pipe controls water flow.

• Intermediates tend to accumulate before the RDS because earlier steps produce them faster than the
RDS consumes them.

• Steps after the RDS proceed quickly once material gets through the bottleneck.

• The rate law for the overall reaction is determined by the RDS. The reaction order with respect to each
reactant comes from how those reactants appear in the RDS (and any prior equilibrium steps that feed
into it).

For example, if the RDS is bimolecular involving one molecule of A and one molecule of B, the rate law will
be , which is second order overall.

Identification in reaction mechanisms
To find the RDS in a proposed mechanism, use these approaches:

1. Compare rate constants. The step with the smallest rate constant  is the slowest. If you're given
numerical values, the step with the lowest  is the RDS.

2. Compare activation energies. On an energy diagram, the step with the tallest activation energy
barrier is the RDS. More energy is needed to reach that transition state, so the step proceeds more
slowly.

3. Match the experimental rate law. Write the rate law implied by each step as if it were the RDS. The
step whose implied rate law matches the experimentally observed rate law is the actual RDS. This is
the most common method in practice.
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4. Consider molecularity as a rough guide. Termolecular steps (three molecules colliding
simultaneously) are extremely rare and slow. Bimolecular steps are generally slower than unimolecular
steps, all else being equal. But molecularity alone isn't enough to identify the RDS; you need the rate
constants or experimental data.

When a fast equilibrium step precedes the RDS, intermediates from that equilibrium may appear in the rate
law. You'll need to use the equilibrium expression to substitute out the intermediate concentration and
express the rate law only in terms of reactants.

Effects of changing conditions
Temperature: Increasing temperature increases the overall reaction rate primarily because it helps
molecules overcome the activation energy barrier of the RDS. All steps speed up, but the RDS still benefits
the most in terms of its impact on the overall rate.

Concentration: Only the concentrations of species that appear in the RDS (or in equilibrium steps before it)
affect the overall rate.

• Increasing the concentration of a reactant in the RDS increases the overall rate.

• Changing the concentration of a reactant that only appears in a fast step after the RDS has no effect
on the overall rate.

Catalysts: A catalyst lowers the activation energy of a specific step.

• If the catalyst lowers the activation energy of the RDS, the overall reaction speeds up.

• If the catalyst lowers the energy barrier enough, a different step may become the new RDS. The
bottleneck shifts, and the rate law may change as a result.

Reaction Mechanisms and Kinetics

Relationship between reaction mechanisms and rate laws
A reaction mechanism is a proposed sequence of elementary steps that shows how reactants are
converted to products. Each elementary step has a rate law that can be written directly from its
molecularity: a unimolecular step is first order, a bimolecular step is second order, and so on.

The overall rate law is governed by the RDS. Here's the key connection:

1. Propose a mechanism with elementary steps that sum to the overall balanced equation.

2. Write the rate law for the proposed RDS. This gives a predicted rate law.

3. Compare the predicted rate law to the experimental rate law. If they match, the mechanism is
consistent with the data. If they don't, the proposed mechanism (or the choice of RDS) is wrong.

This comparison is one of the main ways chemists validate or rule out proposed mechanisms. A
mechanism can never be proven correct by kinetics alone, but it can be shown to be inconsistent with the
data, which eliminates it from consideration.

The experimental rate law tells you about the RDS, but it doesn't tell you the full mechanism. Multiple
mechanisms can produce the same rate law, so additional evidence (isotope labeling, detection of
intermediates, stereochemistry) is often needed.
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5.4 Steady-state approximation in mechanism analysis

Steady-State Approximation in Mechanism Analysis
The steady-state approximation (SSA) is a method for deriving rate laws from multi-step reaction
mechanisms. It works by assuming that reactive intermediates are consumed almost as fast as they form,
so their concentrations stay roughly constant during the reaction. This lets you eliminate intermediate
concentrations from rate expressions and write the overall rate law purely in terms of reactants.

Steady-State Approximation Fundamentals
The core idea: if an intermediate is highly reactive and short-lived, it never builds up to a significant
concentration. Its rate of formation and rate of consumption are nearly equal at all times, so the net rate of
change is approximately zero.

For this to hold, a few conditions need to be true:

• The intermediate concentration is much lower than reactant and product concentrations

• The intermediate forms and is consumed rapidly compared to the timescale of the overall reaction

• There's no significant accumulation of the intermediate at any point during the reaction

Mathematically, you express this as , where  is the concentration of the intermediate. This isn't
saying the intermediate concentration is literally unchanging. It's saying the change is so small relative to
everything else that you can treat it as zero for the purpose of solving the algebra.

Rate Law Derivation Techniques
Deriving a rate law using the SSA follows a consistent procedure:

1. Identify the reactive intermediate(s) in the proposed mechanism.

2. Write rate equations for the formation and consumption of each intermediate.

3. Set  for each intermediate.

4. Solve the resulting algebraic equation(s) for the intermediate concentration(s).

5. Substitute those expressions into the rate equation for product formation.

6. Simplify to get a rate law written only in terms of reactant concentrations and rate constants.

Example: Simple two-step mechanism

Consider:

1. 

2. 

The intermediate is . Applying the SSA:

Solving for :
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Now substitute into the rate of product formation:

The  and  terms cancel. The derived rate law is first-order in  and first-order in , with no
dependence on . Notice that even though  participates in the mechanism, it doesn't appear in the rate
law because it's involved only after the rate-limiting formation of .

Simplification of Rate Expressions
The real power of the SSA shows up in more complex mechanisms where intermediates participate in
multiple steps, including reversible ones.

Example: Mechanism with reversible step and competing pathways

1. 

2. 

3. 

Here  is formed in step 1 (forward), and consumed three ways: the reverse of step 1, step 2, and step 3.
Applying the SSA:

Solving for :

To find the rate of formation of product , substitute into the step 2 rate:

This rate law is expressed entirely in terms of reactant concentrations. The denominator reflects the
competition among all the pathways that consume . If you wanted the rate of  formation instead, you'd
substitute into  using the same expression for .

Validity and Limitations
The SSA is an approximation, and it works well only under certain conditions. Understanding when it
breaks down is just as important as knowing how to apply it.

When the SSA works well:

• The intermediate is consumed much faster than it's formed (consumption rate constants are large
relative to formation rate constants)

• The intermediate concentration stays orders of magnitude below reactant concentrations throughout
the reaction

• There's an initial brief induction period where  builds up to its steady-state value, but after that, the
approximation holds for most of the reaction

When the SSA can break down:

• Slow consumption: If the intermediate reacts slowly or accumulates to appreciable concentrations,
 and the approximation introduces significant error.
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• Reversible reactions with fast equilibrium: If the forward and reverse steps forming the intermediate
are both much faster than the subsequent step, a pre-equilibrium approximation is often more
appropriate. In pre-equilibrium, you assume the first step reaches equilibrium and use  to express

, rather than setting .

• Comparable competing rates: If multiple pathways consume the intermediate at similar rates, the SSA
itself still applies, but the resulting rate law becomes more complex (as in the three-step example
above). The approximation doesn't break down here, but the algebra gets harder.

SSA vs. Pre-equilibrium: Both methods eliminate intermediates from rate laws, but they apply in different
regimes. Use the SSA when the intermediate is short-lived and never accumulates. Use pre-equilibrium
when the first step is fast and reversible, reaching equilibrium before the slow step proceeds. In some
problems, both approaches give the same result; in others, only one is valid.
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Unit 6 – Chemical Kinetics: Collision &
Transition Theory
6.1 Collision theory and its limitations

Collision Theory

Principles of Collision Theory
Collision theory explains why reactions happen at the molecular level: reactant particles must physically
collide for any reaction to take place. But not just any collision will do. Two conditions must be met:

• Sufficient energy: The colliding particles need enough kinetic energy to overcome the activation
energy ( ) barrier. This is the minimum energy required to break existing bonds and start forming new
ones.

• Proper orientation: The reactive parts of each molecule must be facing each other during the collision.
Even a high-energy collision won't produce products if the molecules slam together at the wrong angle.

A collision that meets both conditions is called an effective collision. The reaction rate depends directly on
the frequency of these effective collisions. More effective collisions per second means a faster reaction.

Factors Affecting Reaction Rates
Each of the major factors you need to know works by changing either the number of collisions, the energy
of those collisions, or both.

• Temperature

• Higher temperature increases the average kinetic energy of particles.

• This shifts the distribution of particle energies so that a larger fraction of molecules exceed . For
example, raising the temperature by just 10°C can roughly double the rate of many reactions.

•

Result: more effective collisions per second and a faster reaction rate.

•

Concentration

• Higher reactant concentration means more particles packed into the same volume.

• More particles in a given space means collisions happen more frequently.

•

Result: higher reaction rate.

•

Surface area (for heterogeneous reactions)
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• When a solid reactant is broken into smaller pieces or ground into a powder, its total surface area
increases.

• More exposed surface provides more sites where collisions can occur.

•

Result: increased frequency of effective collisions and a faster reaction rate.

•

Presence of a catalyst

• A catalyst provides an alternative reaction pathway with a lower activation energy ( ).

• With a lower barrier, a greater fraction of collisions now have enough energy to be effective.

• Result: faster reaction rate without the catalyst being consumed.

Limitations of Collision Theory
Collision theory is a helpful starting model, but it oversimplifies several things. Understanding where it
breaks down is just as important as understanding the theory itself.

•

Oversimplifies the orientation requirement Collision theory acknowledges that orientation matters, but it
treats molecules as simple spheres. Real molecules have complex 3D shapes, and the probability of
correct orientation is hard to predict with this model alone. The theory often overestimates reaction rates
because it can't precisely account for how geometry affects each collision.

•

Ignores reaction intermediates and multi-step mechanisms Many reactions don't happen in a single
collision. Instead, they proceed through multiple elementary steps, each involving the formation and
consumption of intermediate species. Collision theory describes one-step collisions and doesn't provide a
framework for these more complex pathways.

•

Doesn't fully explain the temperature dependence of reaction rates Experimentally, the relationship
between temperature and the rate constant follows the Arrhenius equation:

where  is the rate constant,  is the pre-exponential (frequency) factor,  is the activation energy,  is
the gas constant, and  is temperature in Kelvin. Collision theory predicts that rates should increase with
temperature, but it can't derive this specific exponential relationship on its own.

• Does not account for quantum mechanical tunneling In some reactions, particularly those involving
very light particles like hydrogen atoms or protons, particles can pass through the energy barrier rather
than going over it. This is called quantum tunneling. Classical collision theory assumes particles must
have energy equal to or greater than , so it misses this phenomenon entirely.

These shortcomings motivated the development of transition state theory, which models the activated
complex that forms at the top of the energy barrier and provides a more detailed, accurate description of
how and why reactions proceed at the rates they do.
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6.2 Transition state theory fundamentals

Transition State Theory Fundamentals
Transition State Theory (TST) explains how chemical reactions proceed through a high-energy
intermediate called the activated complex. Rather than just asking "did the molecules collide hard
enough?" (as collision theory does), TST zooms in on the structure and energy of that fleeting intermediate
to predict reaction rates. This framework is central to understanding why some reactions are fast and
others are slow.

Activated Complex in Reactions
The activated complex is a high-energy, unstable species that forms when reactant molecules collide with
sufficient energy and proper orientation. It sits at the highest point on the reaction coordinate diagram,
representing the maximum potential energy along the pathway from reactants to products.

Think of it as the "halfway house" of a reaction. At this point, old bonds are partially broken and new bonds
are partially formed. The molecule is neither fully reactant nor fully product.

• The activated complex determines the reaction rate because it represents the hardest energy barrier
to cross.

• Once formed, it can either decompose forward into products (like  or , depending on the
reaction) or fall back apart into the original reactants.

• The rate of the overall reaction depends on both the concentration of activated complexes that form
and how quickly they decompose into products.

Transition State Theory Postulates
TST rests on a few core assumptions that distinguish it from simpler models:

1.

Quasi-equilibrium assumption. Reactants and the activated complex exist in a rapid, reversible equilibrium.
This means the concentration of the activated complex is directly proportional to the concentrations of the
reactants, and you can use equilibrium expressions to describe it.

2.

One-way crossing. The activated complex passes through the transition state only once. It doesn't oscillate
back and forth at the energy peak. Once it reaches the transition state, it either proceeds to products or
reverts to reactants in a single pass.

3.

Rate depends on decomposition. The overall rate of product formation is governed by how fast the
activated complex breaks down into products, not just how often molecules collide.

TST vs. Collision Theory: - Collision theory focuses on collision frequency and molecular orientation. TST
goes further by modeling the activated complex itself. - Collision theory doesn't assume any equilibrium
between reactants and an intermediate. TST does (quasi-equilibrium). - TST explains why orientation
matters by describing the specific geometry of the activated complex, while collision theory treats it more
abstractly.
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Rate Constant Calculation Methods
The Arrhenius equation connects the rate constant  to activation energy and temperature:

where: -  = rate constant -  = pre-exponential (frequency) factor, representing how often molecules
collide with the correct orientation -  = activation energy (in J/mol) -  = universal gas constant (

) -  = temperature in Kelvin

To calculate :

1. Obtain  and  from experimental data or literature values.

2. Make sure  is in Kelvin and  is in J/mol (not kJ/mol) so units are consistent with .

3. Plug all values into the Arrhenius equation and solve.

Note that the Arrhenius equation originally comes from empirical observation, but TST provides a
theoretical basis for it. The full TST expression (the Eyring equation) uses thermodynamic quantities like

, but at this level, the Arrhenius form is what you need to work with.

Activation Energy and Reaction Rates
Activation energy ( ) is the minimum energy reactants must possess to form the activated complex. It's
the height of the energy barrier on the reaction coordinate diagram.

The relationship between  and reaction rate is exponential, not linear. That exponential sits in the
Arrhenius equation as , which means:

• A higher  means a much smaller fraction of molecules have enough energy to react, so the rate
drops sharply.

• A lower  means more molecules can clear the barrier, and the reaction speeds up.

Because the relationship is exponential, even modest changes in  have dramatic effects. For example,
at room temperature, increasing  by about 5.7 kJ/mol cuts the rate roughly in half. This is why catalysts
are so powerful: by lowering  even slightly, they can increase reaction rates by orders of magnitude.

6.3 Potential energy surfaces and reaction coordinates

6.3 Potential energy surfaces and reaction coordinates
Potential energy surfaces map out how energy changes as reactants transform into products during a
chemical reaction. They're the key visual tool for understanding why some reactions are fast and others
are slow, because they show the energy barriers a reaction must overcome. This section covers how to
read these diagrams, what the reaction coordinate actually represents, and how to extract both kinetic and
thermodynamic information from a single graph.

Potential Energy Surfaces

Potential energy diagram interpretation
A potential energy diagram is a graph that tracks the energy of a reacting system from start to finish.
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• The x-axis is the reaction coordinate, which represents the progress of the reaction from reactants to
products.

• The y-axis is the potential energy of the system at each point along that path.

Reactants sit at the left side of the diagram, typically at a local energy minimum. Products sit at the right
side, also at a local minimum. The difference in height between these two points tells you about the
thermodynamics of the reaction.

The transition state is the highest energy point along the minimum energy pathway connecting reactants to
products. It represents a fleeting, unstable arrangement of atoms where old bonds are partially broken and
new bonds are partially formed. You'll never isolate a transition state in a flask; it exists only at the very top
of the energy barrier.

Reaction coordinate concept
The reaction coordinate isn't a single physical distance or angle. It's a composite variable that tracks the
collection of bond-breaking and bond-forming events as the reaction proceeds. Think of it as the path of
least resistance through a mountain pass: the system follows whatever combination of atomic motions
requires the least energy to get from reactants to products.

This concept is crucial for understanding reaction mechanisms. A mechanism describes the step-by-step
sequence of bond changes that convert reactants into products, including any intermediates (real, isolable
species that exist in energy valleys between steps) and transition states (energy maxima that the system
passes through but never lingers at).

Don't confuse intermediates with transition states. An intermediate sits in a local energy minimum between
two peaks. A transition state sits at the top of a peak. Intermediates can sometimes be detected or even
isolated; transition states cannot.

Potential energy surface and kinetics
The shape of the potential energy surface directly controls how fast a reaction proceeds.

• Activation energy (the height of the barrier) is the dominant factor. A tall barrier means few molecules
have enough energy to react at a given temperature, so the reaction is slow. A short barrier means
many molecules can clear it, so the reaction is fast.

• Steepness of the curve near the transition state also matters. A narrow, steep barrier means the
energy changes rapidly as the system moves through the transition state, which can influence how
quickly molecules pass over the barrier.

• Multiple peaks on a diagram indicate a multi-step mechanism. Each peak is a separate transition
state, and the valley between two peaks is a reactive intermediate. The overall reaction rate is typically
governed by the step with the highest-energy transition state (the rate-determining step).

Thermodynamics and Kinetics

Activation energy from diagrams
You can extract both kinetic and thermodynamic quantities from a single potential energy diagram. Here's
how to read each one:

1.
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Activation energy ( ): Measure the energy difference between the reactants and the transition state (the
peak). This is the minimum energy the system needs to reach the transition state and proceed to products.

2.

Enthalpy change ( ): Measure the energy difference between the reactants and the products. - If
products are lower in energy than reactants:  (exothermic). - If products are higher in energy than
reactants:  (endothermic).

3.

Reverse activation energy: For the reverse reaction,  is measured from the products up to the same
transition state. In an exothermic reaction, the reverse  is always larger than the forward  by exactly

.

The relationship between  and  tells you about both the speed and the favorability of a reaction:

• Small , negative : Fast and thermodynamically favorable. The reaction proceeds easily and
releases energy.

• Large , positive : Slow and thermodynamically unfavorable. The reaction needs a lot of energy
input and the products are less stable than the reactants.

• Small , positive : Fast but thermodynamically uphill. The reaction can proceed quickly if energy
is supplied, but the products are higher in energy.

• Large , negative : Thermodynamically favorable but kinetically slow. The reaction wants to
happen energetically, but the barrier is too high for most molecules to clear at room temperature.
Combustion of wood is a classic example: very favorable thermodynamically, but it won't ignite without
a match.

 and  are independent quantities. A reaction can be thermodynamically favorable (negative ) yet
extremely slow (large ), or vice versa. Never assume that a "downhill" reaction is automatically fast.

6.4 Comparing collision theory and transition state theory

Collision Theory and Transition State Theory

Collision vs transition state theory
Collision theory explains reactions as the result of molecules physically colliding. For a reaction to occur,
two conditions must be met: the colliding molecules need sufficient kinetic energy (at least equal to the
activation energy, ) and they must be oriented correctly. The rate of reaction depends on how often
molecules collide and how many of those collisions have enough energy.

The mathematical expression for collision theory is the Arrhenius equation:

where  is the rate constant,  is the pre-exponential factor (related to collision frequency and orientation),
 is activation energy,  is the gas constant, and  is temperature in Kelvin.

Transition state theory (TST) takes a different approach. Instead of focusing on collisions, it proposes that
reactants pass through a high-energy intermediate structure called the activated complex (or transition
state) at the top of the energy barrier along the reaction coordinate. TST assumes this activated complex
exists in a quasi-equilibrium with the reactants, and the reaction rate depends on the concentration of that
complex and how quickly it converts to products.
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The corresponding equation is the Eyring equation:

where  is Boltzmann's constant,  is Planck's constant, and  is the Gibbs free energy of activation.
Notice that  includes both enthalpy and entropy contributions, which gives TST more explanatory
power than the Arrhenius equation alone.

What they share: Both theories treat the activation energy as a barrier reactants must overcome, and both
relate the rate constant to temperature through an exponential function. The key difference is where they
focus: collision theory looks at the frequency and energy of collisions, while TST zooms in on the structure
and thermodynamics of the activated complex itself.

Strengths and weaknesses of theories
Collision theory strengths: - Offers a simple, intuitive picture of why concentration, temperature, and
activation energy affect reaction rates - Clearly explains the role of molecular orientation: even if two
molecules collide with enough energy, the reaction won't happen if they hit at the wrong angle

Collision theory weaknesses: - Ignores the detailed molecular structure of reactants and products -
Overpredicts reaction rates for complex molecules because it assumes all collisions with sufficient energy
and correct orientation lead to reaction (in reality, internal energy distribution matters too) - Doesn't
describe what happens during the reaction at a molecular level

Transition state theory strengths: - Gives a more complete picture of the reaction mechanism by describing
the geometry and bonding of the activated complex - Accounts for the role of entropy in the activation
process through the  term, not just energy - Allows calculation of rate constants from molecular
properties using statistical mechanics

Transition state theory weaknesses: - The quasi-equilibrium assumption between reactants and the
activated complex doesn't always hold, especially for very fast reactions or reactions far from equilibrium -
Requires detailed knowledge of the activated complex's molecular structure and vibrational frequencies,
which are often difficult or impossible to measure experimentally - Computationally demanding compared
to the simpler collision theory framework

Application in reaction kinetics
Effect of temperature on reaction rate: Both the Arrhenius and Eyring equations predict that increasing
temperature increases the rate constant exponentially. The Arrhenius equation is often simpler to use
when you just need to quantify the temperature dependence, while the Eyring equation lets you separate
the enthalpic and entropic contributions to the activation barrier.

Comparing rates of different reactions: With collision theory, you compare  values and pre-exponential
factors. A lower  generally means a faster reaction. With TST, you compare  values, which can
reveal why two reactions with similar activation energies have different rates (one might have a more
favorable activation entropy).

Investigating catalysts: Both theories explain catalysis as lowering the activation energy, which increases
the rate constant. TST goes further by describing how a catalyst stabilizes the activated complex through
specific molecular interactions, making it particularly useful for understanding enzyme catalysis and
heterogeneous catalysis at a mechanistic level.

Analyzing molecular structure effects: TST is the stronger tool here. Because it explicitly models the
geometry and bonding of the activated complex, it can explain why structurally similar molecules react at
very different rates. Collision theory has little to say about these structural effects beyond the steric factor
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embedded in .
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Unit 7 – Arrhenius Equation: Activation
Energy
7.1 Arrhenius equation and its components

Arrhenius Equation and Chemical Kinetics
The Arrhenius equation connects reaction rate to temperature in a single, powerful expression. It tells you
how much a reaction speeds up when temperature rises, and it quantifies the energy barrier molecules
must overcome to react. Understanding each component of this equation is essential for predicting and
controlling reaction rates.

The Arrhenius Equation
The equation is:

where:

•  = rate constant

•  = pre-exponential (frequency) factor

•  = activation energy

•  = universal gas constant ( )

•  = absolute temperature in Kelvin

This equation describes how the rate constant of a chemical reaction depends on temperature. Because 
appears in every rate law, the Arrhenius equation is what links temperature to the overall speed of a
reaction.

Notice the negative exponent: . As temperature increases, that fraction gets smaller in magnitude,
so the exponential term gets closer to 1, and  increases. That's the mathematical reason reactions go
faster when you heat them up.

Components of the Arrhenius Equation
Rate constant ( ) represents the speed of a reaction at a given temperature. A larger  means a faster
reaction. For example, the decomposition of hydrogen peroxide has a measurable  that increases
significantly with temperature. The units of  depend on the overall order of the reaction (e.g.,  for first
order,  for second order).

Pre-exponential factor ( ) reflects how frequently molecules collide with the correct orientation to react. It
comes from collision theory: not every collision leads to a reaction, because molecules need to be aligned
properly.  is treated as roughly constant for a given reaction and doesn't change much with temperature.
Reactions involving large, complex molecules tend to have smaller  values because the geometric
requirements for a productive collision are stricter.

Activation energy ( ) is the minimum energy reactants need to overcome the energy barrier and form
products. You can think of it as the "hill" on a potential energy diagram that reactants must climb. Lower 
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means the reaction proceeds more easily at a given temperature. This is exactly how catalysts work: they
provide an alternative reaction pathway with a lower , speeding up the reaction without being consumed.

Universal gas constant ( ) has a fixed value of . It serves as a bridge between energy
units and temperature units in the equation. Make sure your  is in joules per mole (not kJ/mol) when
plugging into the equation, or you'll be off by a factor of 1000.

Absolute temperature ( ) must be in Kelvin. Convert from Celsius by adding 273.15. Higher temperatures
mean molecules have more kinetic energy, so a greater fraction of collisions exceed the activation energy
threshold.

Rate Constant vs. Activation Energy
The Arrhenius equation reveals an exponential relationship between  and temperature. A small increase
in  can produce a large increase in , especially when  is high.

• High  reactions are very sensitive to temperature changes. Combustion reactions are a good
example: they barely proceed at room temperature but are extremely fast once ignited. A small
temperature increase dramatically shifts the fraction of molecules with enough energy to react.

• Low  reactions are less sensitive to temperature changes. Many enzyme-catalyzed biological
reactions fall into this category, which is why they proceed efficiently at body temperature.

The pre-exponential factor  stays essentially constant for a given reaction across typical temperature
ranges. So when you're comparing  at two different temperatures, the change is driven almost entirely by
the exponential term .

Calculations with the Arrhenius Equation
Type 1: Finding  at a single temperature

If you know , , and , plug directly into:

1. Convert  to Kelvin and  to J/mol if needed.

2. Calculate the exponent: .

3. Evaluate  raised to that exponent.

4. Multiply by  to get .

Type 2: Comparing  at two temperatures

When you know  at temperature  and need  at temperature , use the two-point form:

1. Convert both temperatures to Kelvin and  to J/mol.

2. Calculate .

3. Multiply by  to get .

4. Solve for : .

This two-point form is especially useful because you don't need to know . As a rough rule of thumb, many
common reactions approximately double in rate for every 10°C increase in temperature, though the actual
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factor depends on .

7.2 Activation energy concept and determination

Activation Energy and Its Determination

Role of activation energy
Activation energy ( ) is the minimum amount of energy reactant molecules need to start a chemical
reaction. Think of it as an energy hill that molecules must climb over before they can transform into
products.

For a reaction to occur, molecules must collide with enough kinetic energy to break their existing bonds
and begin forming new ones. If a collision doesn't carry enough energy, the molecules just bounce off each
other unchanged. This is why activation energy directly controls how fast a reaction proceeds: a high 
means only a small fraction of molecular collisions will have enough energy to get over the barrier, so the
reaction runs slowly.

Two main ways to speed things up:

• Raise the temperature. This increases the average kinetic energy of molecules, so a larger fraction of
collisions exceed .

• Add a catalyst. A catalyst provides an alternative reaction pathway with a lower . The catalyst itself
is not consumed in the reaction.

Activated complex and energy relationship
The activated complex (also called the transition state) is the high-energy, unstable arrangement of atoms
that forms at the top of the energy barrier. On an energy diagram, it sits at the peak of the curve along the
reaction coordinate.

• The energy difference between the reactants and this peak is the activation energy.

• The activated complex is extremely short-lived. It either collapses forward into products or falls back
apart into reactants almost immediately.

• A reaction with a lower  reaches the activated complex more easily, which means a higher
concentration of activated complexes at any given moment and a faster overall reaction rate.

On an energy diagram, an exothermic reaction will show products lower than reactants, while an
endothermic reaction will show products higher. Either way, both must still pass through the activated
complex at the top.

Methods for determining activation energy
The most common experimental method uses the Arrhenius equation, which connects the rate constant 
to activation energy and temperature:

•  = rate constant

•  = pre-exponential (frequency) factor, related to how often molecules collide in the correct orientation

•  = activation energy (J/mol)
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•  = gas constant ( )

•  = temperature in Kelvin

Determining  from an Arrhenius plot:

1. Measure the reaction rate at several different temperatures.

2. Use the rate law to calculate the rate constant  at each temperature.

3. Take the natural log of each rate constant to get .

4. Plot  (y-axis) against  (x-axis). This is called an Arrhenius plot.

5. If the data follow Arrhenius behavior, the plot will be a straight line with slope .

6. Solve for activation energy: .

This works because taking the natural log of the Arrhenius equation gives the linear form:

This has the form , where the slope  and the y-intercept .

Two-point form. If you only have rate constants at two temperatures, you can skip the graph and use:

This is derived by writing the Arrhenius equation at each temperature and subtracting.

Other theoretical approaches include collision theory (which relates  to the fraction of collisions
exceeding the energy barrier) and transition state theory (which connects  to the Gibbs free energy
difference between reactants and the activated complex). For most courses at this level, the Arrhenius plot
method is the one you need to know how to use.

Calculation of activation energy
From the Arrhenius plot, you solve:

Since the slope is negative (rate constants increase with temperature, so  increases as 
decreases), multiplying by  gives a positive . Activation energy is always positive.

• Units are typically kJ/mol or J/mol. Watch your units carefully: if you use , your 
comes out in J/mol. Divide by 1000 to convert to kJ/mol.

• Typical activation energies for common reactions range from about 40 to 400 kJ/mol. A very low 
(below ~40 kJ/mol) suggests a fast reaction even at room temperature, while a very high  means the
reaction is sluggish without heating or a catalyst.
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7.3 Temperature dependence of reaction rates

Temperature Dependence of Reaction Rates
Chemical reactions speed up as temperature rises, and the Arrhenius equation gives us the precise
mathematical relationship behind this behavior. Understanding this relationship lets you predict how much
faster a reaction will go at a higher temperature, calculate activation energy from experimental data, and
make sense of why temperature control matters in everything from industrial manufacturing to food
storage.

Temperature Effect in the Arrhenius Equation
The Arrhenius equation connects the rate constant of a reaction to temperature:

Here's what each term means:

•  — the rate constant, which measures how fast the reaction proceeds

•  — the pre-exponential factor (also called the frequency factor), representing how often molecules
collide with the right orientation

•  — the activation energy, the minimum energy molecules need to overcome the energy barrier and
form products (units: kJ/mol or J/mol)

•  — the universal gas constant, 

•  — absolute temperature in Kelvin (K)

The key insight is in the exponent: . As  increases, that negative exponent becomes less
negative, which makes the exponential term larger. The result is that  increases exponentially with rising
temperature. Even a modest temperature increase can produce a significant jump in reaction rate.

Two factors determine how sensitive a reaction is to temperature changes:

• High : Reactions with large activation energies are more sensitive to temperature. A small
temperature bump makes a big difference because it helps many more molecules clear that tall energy
barrier.

• Low : Reactions with small activation energies already proceed fairly quickly, so temperature
changes have a smaller relative effect. Catalysts work by lowering , which is why catalytic converters
and enzymes can dramatically speed up reactions without raising the temperature.

Rate Constant vs. Temperature Relationship (The Arrhenius Plot)
To extract useful values like  from experimental data, you take the natural log of both sides of the
Arrhenius equation:

This has the form , so plotting  on the y-axis against  on the x-axis gives a straight
line. From that line:

• The slope equals . Multiply the slope by  to get the activation energy.

• The y-intercept equals , from which you can calculate the pre-exponential factor.
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How to find  from an Arrhenius plot:

1. Measure  at several different temperatures.

2. Convert each temperature to Kelvin and calculate .

3. Calculate  for each data point.

4. Plot  vs.  and draw the best-fit line.

5. Determine the slope of that line.

6. Calculate .

A steeper (more negative) slope means a higher activation energy, which tells you the reaction is more
sensitive to temperature changes.

Calculating Rate Changes with Temperature
When you don't need a full Arrhenius plot but want to compare rate constants at two specific temperatures,
use the two-point form of the Arrhenius equation:

Here,  is the rate constant at  and  is the rate constant at . This is extremely useful for problems
where you're given the activation energy and two temperatures and asked to find how much faster the
reaction goes.

A common rule of thumb: reaction rates roughly double for every 10°C increase in temperature. This
approximation works reasonably well near room temperature for reactions with moderate activation
energies (around 50–60 kJ/mol), but it's just an estimate. Reactions with very high or very low  values
won't follow this pattern closely. Always use the actual equation when precision matters.

Temperature Dependence in Chemical Processes
Temperature control shows up everywhere in applied chemistry because the Arrhenius relationship cuts
both ways: higher temperatures speed things up, but they can also trigger unwanted reactions.

• Industrial processes: Pharmaceutical and petrochemical manufacturing require precise temperature
optimization. Too low and the reaction is inefficiently slow; too high and side reactions or product
degradation become a problem. For example, in polymer synthesis, excessive heat can break down the
polymer chains you're trying to build.

• Biological systems: Enzymes have optimal temperature ranges where they function best (around 37°C
for most human enzymes). Above that range, proteins denature and lose their catalytic shape. This is
why a high fever is dangerous and why fermentation requires careful temperature monitoring.

• Food preservation: Refrigeration and freezing work by slowing the chemical reactions and microbial
metabolism that cause spoilage. Lowering the temperature reduces  for those degradation reactions,
extending shelf life.

• Combustion and emissions: Engine efficiency and pollutant formation both depend on combustion
temperature. Catalytic converters need to reach a minimum operating temperature (called "light-off
temperature") before they can effectively reduce harmful emissions.
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7.4 Non-Arrhenius behavior and its implications

Non-Arrhenius Behavior
The Arrhenius equation predicts a clean linear relationship between  and . In practice, many
reactions deviate from this prediction. These deviations, collectively called non-Arrhenius behavior, arise
from quantum tunneling, multi-step mechanisms, diffusion limitations, and pressure effects. Recognizing
when and why the Arrhenius model breaks down is essential for accurately modeling reaction kinetics in
catalysis, biochemistry, atmospheric chemistry, and combustion.

Limitations of the Arrhenius Equation
The Arrhenius equation assumes a single activation energy barrier and a temperature-independent
pre-exponential factor. Several real-world situations violate these assumptions:

• Multi-step reaction mechanisms. When a reaction proceeds through several elementary steps, each
step has its own activation energy and pre-exponential factor. If the rate-determining step changes with
temperature, the overall apparent activation energy shifts, and the Arrhenius plot curves instead of
staying linear.

• Quantum tunneling. At low temperatures, reactants (especially light atoms like hydrogen and
deuterium) can pass through the activation energy barrier rather than climbing over it. The Arrhenius
equation has no term for this, so it underpredicts the rate.

• Diffusion-limited reactions. In highly viscous media or crowded environments (like the interior of a
cell), the rate depends on how quickly reactants can physically encounter each other, not on the
activation energy. The Arrhenius framework doesn't capture this transport limitation.

• Pressure-dependent reactions. Unimolecular decomposition reactions at varying pressures, or
reactions involving collisional deactivation of excited states, show rate behavior that the simple
Arrhenius form can't accommodate.

Causes of Non-Arrhenius Behavior
Quantum tunneling is the most dramatic cause. Instead of needing enough kinetic energy to surmount the
barrier, a particle has a probability of tunneling through it. This probability increases as the particle mass
decreases and as the barrier width narrows. The practical result: reactions involving hydrogen transfer can
be significantly faster at low temperatures than the Arrhenius equation predicts.

Multi-step mechanisms create non-Arrhenius behavior in a different way. Consider a two-step reaction
where Step A has a low activation energy and Step B has a high one. At low temperatures, Step B is
rate-determining. At high temperatures, Step B speeds up enough that Step A becomes rate-limiting. The
Arrhenius plot shows a bend at the crossover temperature, and the apparent activation energy changes
depending on which temperature range you measure.

Non-Arrhenius behavior, at its core, means the plot of  vs.  is not a straight line. Any curvature or
break in slope signals that the simple Arrhenius model is insufficient.

Identification of Non-Arrhenius Reactions
To determine whether a reaction deviates from Arrhenius behavior, follow these steps:

1. Collect rate constant data over a wide temperature range. Narrow ranges can hide curvature.
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2. Plot  vs.  and inspect the shape: - Upward curvature (rates higher than expected at low )
suggests quantum tunneling or a shift in the rate-determining step. - Downward curvature (rates lower
than expected) can indicate a pre-equilibrium that becomes less favorable, or a change in mechanism.

3. Compare activation energies across temperature ranges. Fit the Arrhenius equation to different
subsets of your data. If  or the pre-exponential factor  varies significantly between subsets, the
reaction is non-Arrhenius.

4. Apply modified models. Use non-linear regression to fit data to modified Arrhenius expressions that
include tunneling corrections or temperature-dependent . Evaluate the fit quality and whether the
additional parameters are statistically justified.

Implications and Applications

Catalysis
Non-Arrhenius behavior directly affects how catalytic processes are designed and optimized. Quantum
tunneling can enhance catalytic rates for reactions involving hydrogen transfer, which matters for
hydrogenation catalysts and fuel cells. Temperature-dependent selectivity can also arise when the
rate-determining step shifts with temperature, meaning a catalyst that favors one product at 300 K might
favor a different product at 500 K.

Biochemistry
Enzyme-catalyzed reactions frequently show non-Arrhenius behavior. Two factors drive this: quantum
tunneling in proton and hydride transfer steps, and temperature-dependent conformational changes in the
enzyme itself. As temperature rises, the enzyme's flexibility changes, altering the effective activation
energy. This has real consequences for predicting how metabolic rates respond to temperature shifts and
for understanding enzyme stability in organisms that live at extreme temperatures.

Atmospheric and Combustion Chemistry
In the upper atmosphere, temperatures are low enough that quantum tunneling contributes to reactions
involved in ozone formation and destruction. Atmospheric models that ignore tunneling can mispredict
ozone concentrations. In combustion, multi-step mechanisms and pressure-dependent reactions are the
norm. Accurate flame ignition and propagation models require rate expressions that go beyond the simple
Arrhenius form.
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Unit 8 – Catalysis and Enzyme Kinetics
8.1 Principles of catalysis and types of catalysts

Principles of Catalysis

Role of catalysis in reactions
A catalyst speeds up a chemical reaction by offering an alternative reaction pathway that has a lower
activation energy ( ). Instead of forcing reactants over a tall energy barrier, the catalyst provides a
shortcut with a smaller barrier, so more molecules have enough energy to react at a given temperature.

Two things to keep straight about catalysts:

• They participate in the reaction mechanism (forming intermediates, bonding temporarily with
reactants), but they are regenerated by the end. They're not consumed.

• They do not shift the equilibrium. The equilibrium constant  stays the same, and so does  for
the overall reaction. A catalyst makes both the forward and reverse reactions faster by the same factor,
so the system just reaches equilibrium sooner.

This distinction matters: catalysts change kinetics (how fast), not thermodynamics (how far).

Homogeneous vs. heterogeneous catalysts
The key difference is phase. A homogeneous catalyst exists in the same phase as the reactants; a
heterogeneous catalyst is in a different phase.

Homogeneous catalysts (catalyst and reactants share a phase, typically all dissolved in solution):

• Examples: acid-base catalysts ( , ), organometallic complexes (Wilkinson's catalyst),
enzymes dissolved in aqueous media

• Advantages: often highly selective because every catalyst molecule is accessible to reactants; tend to
work under mild conditions (lower temperature and pressure)

• Disadvantages: separating the catalyst from the product mixture is difficult and costly; many have
limited thermal stability, so they can't handle high-temperature processes

Heterogeneous catalysts (catalyst is in a different phase from reactants, most commonly a solid catalyst
with liquid or gas-phase reactants):

• Examples: solid metals ( , ), metal oxides ( , ), zeolites

• Advantages: easy to separate from products (just filter or let the fluid flow past the solid); thermally
robust and recyclable, which makes them practical for large-scale industrial processes

• Disadvantages: generally lower selectivity than homogeneous catalysts; reaction rate can be limited
by mass transfer, meaning reactants have to diffuse to the catalyst surface before anything happens

A quick way to remember: homogeneous = same phase, harder to separate, often more selective.
Heterogeneous = different phase, easy to separate, often more scalable.
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Characteristics and Types of Catalysts

Characteristics of effective catalysts
Not every substance that lowers  makes a good catalyst. In practice, chemists evaluate catalysts on
several criteria:

• Activity: How much does the catalyst speed up the reaction? A highly active catalyst achieves large
rate increases even at low concentrations.

• Selectivity: Does the catalyst steer the reaction toward the desired product, or does it also promote
unwanted side reactions? High selectivity means fewer byproducts and less waste.

• Stability: Can the catalyst maintain its performance over time? Catalysts can lose activity through
poisoning (impurities blocking active sites), sintering (particles clumping together at high temperatures),
or leaching (dissolving into the reaction mixture).

• Recyclability: Can you recover the catalyst and reuse it? This is especially important for expensive
catalysts containing precious metals.

• Accessibility of active sites: Reactant molecules need to reach the catalyst's active sites. For
heterogeneous catalysts, surface area and pore structure directly affect how many sites are available
for adsorption.

• Tunability: Can you modify the catalyst (changing ligands, doping with other elements, adjusting pore
size) to optimize it for a specific reaction?

Types and applications of catalysts
Different classes of catalysts suit different kinds of chemistry. Here are the major categories:

• Metal catalysts ( , , ): Widely used in hydrogenation (adding  across double bonds),
oxidation, and cross-coupling reactions. Palladium-catalyzed cross-couplings (Suzuki, Heck) are
workhorses of pharmaceutical synthesis.

• Metal oxide catalysts ( , , ): Common in oxidation, dehydrogenation, and acid-base
catalysis.  often serves as both a catalyst and a support material for other active metals.

• Zeolite catalysts: Crystalline aluminosilicates with well-defined pore structures. The pores act as
molecular sieves, admitting only molecules of certain sizes. This shape selectivity makes zeolites
valuable in petroleum cracking, isomerization, and alkylation.

• Enzyme catalysts (lipases, proteases, kinases): Biological catalysts that achieve remarkable
selectivity, including stereospecific and regioselective transformations, under mild aqueous conditions.
Their specificity comes from the precise geometry of the active site.

• Organometallic catalysts: Transition metal centers coordinated with organic ligands. By changing the
ligands, you can tune selectivity and activity. Used in polymerization (Ziegler-Natta catalysts),
hydroformylation, and cross-coupling reactions.

• Photocatalysts ( , ): Semiconductors that absorb light energy to generate electron-hole pairs,
which then drive redox reactions. Applications include water splitting for hydrogen production and
degradation of organic pollutants.

• Electrocatalysts ( , ): Materials that lower the overpotential (the extra voltage beyond the
thermodynamic minimum) needed to drive electrochemical reactions. Critical in fuel cells (  for the
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oxygen reduction reaction) and water electrolyzers.

8.2 Homogeneous and heterogeneous catalysis

Catalysis Types and Mechanisms
Catalysts speed up reactions without being consumed, and they show up in two broad categories
depending on whether the catalyst shares a phase with the reactants. This section covers homogeneous
and heterogeneous catalysis, how each works at the molecular level, and where you'll find them in real
industrial processes.

Mechanisms of homogeneous catalysis
Homogeneous catalysis occurs when the catalyst and reactants exist in the same phase, most often as
species dissolved in a liquid. Because everything is molecularly dispersed in one phase, the catalyst and
reactant molecules interact very efficiently.

Here's how a typical homogeneous catalytic cycle works:

1. The reactant coordinates to the catalyst, forming an activated complex.

2. This complex follows an alternative reaction pathway with a lower activation energy than the
uncatalyzed route.

3. The catalyst stabilizes key transition states or intermediates through ligand interactions, making it
easier for bonds to break and form.

4. Products are released, and the catalyst is regenerated in its original form, ready for another cycle.

Because the catalyst is regenerated each time, a small amount can turn over many cycles and convert
large quantities of reactant.

Common examples:

• Wilkinson's catalyst ( ): a transition metal complex used for selective hydrogenation of
alkenes in solution.

• Enzymes in biological systems: catalase, for instance, decomposes  into  and  at
extraordinary rates under mild conditions.

Process of heterogeneous catalysis
Heterogeneous catalysis occurs when the catalyst and reactants are in different phases, most commonly a
solid catalyst with gas-phase or liquid-phase reactants. The reaction takes place at the catalyst's surface
rather than throughout the bulk solution.

The mechanism follows four distinct steps:

1. Adsorption — Reactant molecules bind to active sites on the catalyst surface. This can be physical
(weak van der Waals forces) or chemical (chemisorption, where actual bonds form between the
reactant and surface atoms).

2. Surface reaction — Adsorbed species migrate, rearrange, or react with each other on the surface to
form product molecules. The surface holds reactants in favorable orientations, lowering the activation
energy.

3. Desorption — Product molecules detach from the surface and enter the gas or liquid phase.
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4. Regeneration — The active sites are now free and available for the next set of reactant molecules.

Because the reaction depends on surface contact, surface area and porosity are critical. A finely divided or
highly porous catalyst exposes far more active sites than a smooth slab of the same material.

Common examples:

• Supported metal nanoparticles: Pt, Pd, or Ni dispersed on high-surface-area supports like  or
. The support keeps the metal particles small and well-dispersed.

• Zeolites: crystalline aluminosilicates with well-defined pore structures and internal acid sites, widely
used for catalytic cracking and isomerization of hydrocarbons.

Homogeneous vs. heterogeneous catalysis
Both types share the same fundamental goal: increase reaction rates by providing an alternative pathway
with lower activation energy, and both regenerate the catalyst after each cycle. The practical differences,
though, are significant.

Feature Homogeneous Heterogeneous

Phase Same phase as reactants (usually
liquid)

Different phase from reactants (usually
solid)

Separation from products Difficult; catalyst is dissolved in the
reaction mixture

Easy; catalyst is a separate solid phase

Selectivity Generally higher; well-defined, uniform
active sites

Can be lower; surface may have
multiple types of active sites

Reaction conditions Often milder temperatures and
pressures

May require higher temperatures and
pressures

Recyclability Harder to recover and reuse Straightforward to recover and reuse

The trade-off in practice: homogeneous catalysts tend to give you better selectivity and milder conditions,
but separating them from the product mixture adds cost and complexity. Heterogeneous catalysts are
easier to separate and recycle, which is why they dominate large-scale industrial processes even when
their selectivity is somewhat lower.

Industrial applications of catalysts
Homogeneous catalysis:

• Hydroformylation (oxo process): Converts alkenes to aldehydes using soluble Co or Rh carbonyl
complexes. This is one of the largest-volume industrial applications of homogeneous catalysis.

• Acetic acid production (Monsanto/Cativa process): Carbonylation of methanol using Rh or Ir
complexes in solution to produce acetic acid with high selectivity.

• Asymmetric hydrogenation: Uses Ru or Rh complexes bearing chiral phosphine ligands to produce
single-enantiomer chiral compounds, which is critical in pharmaceutical synthesis.

Heterogeneous catalysis:

• Haber-Bosch process:  over a promoted Fe catalyst at high temperature (~450 °C)
and pressure (~200 atm). This process produces the ammonia that feeds roughly half the world's food
supply through fertilizers.
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• Catalytic cracking: Zeolite catalysts break long-chain hydrocarbons into shorter, more valuable
molecules like gasoline-range alkenes and alkanes in petroleum refining.

• Hydrodesulfurization:  or  catalysts supported on  remove sulfur from crude oil
fractions, reducing  emissions when the fuel is burned.

• Automotive catalytic converters: A three-way catalyst containing Pt, Pd, and Rh simultaneously
oxidizes CO and unburned hydrocarbons to  and , while reducing  to . This is one of
the most visible everyday applications of heterogeneous catalysis.

8.3 Enzyme kinetics and the Michaelis-Menten model

Enzyme Kinetics

Enzymes as biological catalysts
Enzymes are proteins that act as catalysts in living organisms. They speed up chemical reactions without
being consumed in the process, which means a single enzyme molecule can catalyze the same reaction
over and over.

How do they do this? Enzymes lower the activation energy of a reaction, allowing it to proceed under mild
physiological conditions (around 37°C, near-neutral pH) rather than requiring extreme heat or pressure.

• Enzymes are highly specific: each enzyme typically catalyzes only one type of reaction. This
specificity comes from the shape and charge distribution of the enzyme's active site, which is
complementary to its particular substrate.

• Enzyme activity is sensitive to environmental conditions. Temperature, pH, and the presence of
inhibitors or activators all modulate how fast an enzyme works.

Fundamentals of enzyme kinetics
Enzyme kinetics is the study of how fast enzyme-catalyzed reactions proceed and what variables control
that speed. The two most important variables are substrate concentration ( ) and enzyme concentration
( ).

A characteristic pattern emerges when you increase substrate concentration while holding enzyme
concentration constant:

• At low , the reaction rate ( ) rises steeply and nearly linearly because plenty of free enzyme is
available to bind substrate.

• As  increases further, the rate of increase slows because fewer free enzyme molecules remain.

• Eventually the rate plateaus at a maximum velocity called . At this point every enzyme molecule
is occupied with substrate, so adding more substrate can't make the reaction go faster. The enzyme is
saturated.

The Michaelis constant ( ) is defined as the substrate concentration at which the reaction rate equals
half of . It serves as a practical measure of an enzyme's affinity for its substrate: a lower  means
the enzyme reaches half-maximal speed at a lower substrate concentration, indicating tighter binding.
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Michaelis-Menten Model

Michaelis-Menten equation derivation
The model starts from a simple reaction scheme. An enzyme ( ) binds substrate ( ) reversibly to form an
enzyme-substrate complex ( ), which then breaks down irreversibly to release product ( ) and
regenerate free enzyme:

Two key assumptions underlie the derivation:

1. Steady-state assumption: After a brief initial period, the concentration of  stays roughly constant
because it forms and breaks down at the same rate. Mathematically: .

2. Negligible reverse reaction: The conversion of product back to substrate ( ) is ignored, which is
reasonable early in the reaction when  is very low.

Applying these assumptions and solving for  (the rate of product formation, ) gives the
Michaelis-Menten equation:

where  and  (with  being total enzyme concentration).

This equation produces the characteristic hyperbolic curve of  versus  that defines Michaelis-Menten
kinetics.

 and  determination
Fitting a hyperbola directly to  vs.  data can be unreliable, especially with noisy experimental points.
Historically, researchers linearized the Michaelis-Menten equation to extract  and  from
straight-line plots. Three common linearizations:

1.

Lineweaver-Burk (double-reciprocal) plot: Plot  vs. . - Y-intercept =  - X-intercept =
 - Most widely taught, but it distorts experimental error because taking reciprocals amplifies noise at

low  values.

2.

Eadie-Hofstee plot: Plot  vs. . - Y-intercept =  - Slope =  - Distributes error more evenly
than Lineweaver-Burk.

3.

Hanes-Woolf plot: Plot  vs. . - Y-intercept =  - Slope =  - Generally gives the
most reliable linear regression of the three.

Today, nonlinear regression (curve-fitting software) is the preferred method because it avoids the error
distortion introduced by linearization. Still, you should know the linear plots because they appear frequently
on exams and they build intuition for how inhibitors shift the kinetic parameters.



Fiveable archived study guides Page 65

Limitations of the Michaelis-Menten model
The model is powerful for simple, single-substrate enzymes, but its assumptions break down in several
important situations:

• Steady-state may not hold. In the very early moments of a reaction, or when enzyme concentration is
comparable to substrate concentration, the  steady-state assumption fails.

• Reverse reaction matters at equilibrium. As product accumulates, the back-reaction ( ) becomes
significant, and the simple equation underestimates the true complexity.

• Inhibitors and activators are not accounted for. The basic model has no terms for molecules that bind
the enzyme and alter its activity. Extended models (competitive, uncompetitive, and mixed inhibition)
address this, but they require additional parameters.

• pH and temperature effects are external. The equation treats  and  as constants, yet both
change with pH and temperature because these conditions affect enzyme structure and ionization
states.

• Allosteric and multi-substrate enzymes don't fit. Enzymes with multiple active sites that exhibit
cooperative binding (like hemoglobin's oxygen binding, though hemoglobin isn't an enzyme) produce
sigmoidal rather than hyperbolic rate curves. The Hill equation, not Michaelis-Menten, describes these
systems. Similarly, enzymes that require two or more substrates need multi-substrate kinetic models
(e.g., ping-pong or sequential mechanisms).

Despite these limitations, the Michaelis-Menten model remains the starting point for analyzing nearly all
enzyme kinetics. Most advanced models are built as extensions of it, so understanding the basic equation
and its assumptions is essential before moving on.

8.4 Enzyme inhibition and activation

Enzyme Inhibition and Activation
Enzyme inhibition and activation control how fast enzyme-catalyzed reactions proceed. Molecules that bind
to enzymes can either slow them down (inhibitors) or speed them up (activators), and the type of
interaction determines exactly how the kinetic parameters change.

These concepts matter well beyond the classroom. Drug design relies heavily on enzyme inhibition, and
understanding activation mechanisms is key to mapping metabolic regulation and signal transduction.

Types of Enzyme Inhibition
Three major types of reversible inhibition show up repeatedly in enzyme kinetics. Each one differs in where
the inhibitor binds and what kinetic parameters it changes.

• Competitive inhibition occurs when an inhibitor binds directly to the enzyme's active site, competing
with the substrate for the same binding pocket. The inhibitor structurally resembles the substrate, which
is why it fits. A classic example is aspirin inhibiting cyclooxygenase (COX).

• You can overcome competitive inhibition by flooding the system with substrate, since at high enough
, substrate molecules outcompete the inhibitor.

•

Kinetic effect: increases the apparent  (the enzyme "appears" to have lower affinity for substrate) but
leaves  unchanged. If you add enough substrate, you still reach the same maximum velocity.
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•

Noncompetitive inhibition involves an inhibitor binding at an allosteric site (not the active site). Heavy metal
ions poisoning enzymes are a common example. Because the inhibitor doesn't compete with substrate for
the same site, adding more substrate won't help.

• The inhibitor distorts the enzyme's conformation, reducing its ability to catalyze the reaction regardless
of whether substrate is bound.

•

Kinetic effect: decreases  (fewer functional enzyme molecules) but  stays the same, since
substrate binding affinity isn't affected.

•

Uncompetitive inhibition is different from both: the inhibitor binds only to the enzyme-substrate (ES)
complex, not to the free enzyme. This locks the enzyme in an unproductive state, preventing product
release.

• Kinetic effect: decreases both  and . The drop in  might seem counterintuitive, but it
happens because the inhibitor pulls the equilibrium toward ES complex formation, making the enzyme
appear to bind substrate more tightly.

• A commonly cited example is lithium's inhibition of certain phosphatases.

Quick summary: | Inhibition Type | Binds To |  |  | Overcome by ↑ ? | |---|---|---|---|---| |
Competitive | Active site | Increases | Unchanged | Yes | | Noncompetitive | Allosteric site | Unchanged |
Decreases | No | | Uncompetitive | ES complex only | Decreases | Decreases | No |

Effects on Enzyme Kinetics
The Michaelis-Menten equation describes the relationship between reaction velocity and substrate
concentration:

Here,  is the substrate concentration at which  equals half of . A low  means the enzyme has
high affinity for its substrate (it reaches half-max speed at a low substrate concentration).

Each inhibition type alters this equation differently. For competitive inhibition,  is replaced by an
apparent value , where  is the inhibitor's dissociation constant. For noncompetitive

inhibition,  is replaced by . Uncompetitive inhibition modifies both parameters by the

same factor.

The Lineweaver-Burk plot (double reciprocal plot) linearizes the Michaelis-Menten equation to make
inhibition types visually distinguishable:

How to identify inhibition type from a Lineweaver-Burk plot:

1. Plot  (y-axis) vs.  (x-axis) for reactions with and without inhibitor.

2. Competitive: lines intersect on the y-axis (same , different slopes).

3. Noncompetitive: lines intersect on the x-axis (same , different y-intercepts).
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4. Uncompetitive: lines are parallel (both slope and intercepts change by the same factor).

Mechanisms of Enzyme Activation
Enzymes aren't just turned off by inhibitors; they're also turned on through several activation mechanisms.

•

Allosteric activation: An activator molecule binds to an allosteric site and induces a conformational change
that makes the active site more catalytically efficient. For example, AMP activates
fructose-1,6-bisphosphatase as part of gluconeogenesis regulation. This mechanism allows metabolic
pathways to respond dynamically to the cell's needs.

•

Cofactor binding: Some enzymes are catalytically inactive without their cofactor. These can be metal ions
or organic coenzymes that stabilize the enzyme's active conformation or participate directly in catalysis.
Zinc is required for carbonic anhydrase activity, and  is essential for dehydrogenases to carry out
oxidation reactions.

•

Phosphorylation: Kinase enzymes attach a phosphate group to specific amino acid residues (serine,
threonine, or tyrosine) on a target enzyme. This covalent modification can either activate or deactivate the
enzyme depending on the system. Glycogen phosphorylase, for instance, is activated by phosphorylase
kinase. Phosphorylation is one of the most common regulatory switches in signal transduction.

•

Proteolytic activation: Some enzymes are synthesized as inactive precursors called zymogens and only
become active after a protease cleaves off a portion of the polypeptide chain. This is irreversible, unlike the
other mechanisms above. Examples include pepsinogen → pepsin (in the stomach) and trypsinogen →
trypsin (in the small intestine). Zymogens are a safety mechanism that prevents enzymes from digesting
the tissues that produce them.

Inhibitors and Activators in Medicine
Enzyme inhibitors are among the most widely used drug classes. Here are some important examples and
how they work:

• Statins (e.g., atorvastatin) competitively inhibit HMG-CoA reductase, the rate-limiting enzyme in
cholesterol biosynthesis. By blocking this step, statins lower blood cholesterol and reduce
cardiovascular disease risk.

• Protease inhibitors (e.g., ritonavir) block HIV protease, preventing the virus from processing its
polyproteins into functional components. This halts viral replication and is a cornerstone of antiretroviral
therapy.

• Acetazolamide inhibits carbonic anhydrase, reducing bicarbonate and fluid production. It's used to
treat glaucoma (by lowering intraocular pressure) and altitude sickness (by promoting respiratory
compensation).

• Allopurinol inhibits xanthine oxidase, blocking the conversion of hypoxanthine and xanthine to uric
acid. Lower uric acid levels prevent the crystal deposition that causes gout.

Enzyme activators also have clinical applications:
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• Sulfonylureas (e.g., glimepiride) close ATP-sensitive potassium channels in pancreatic beta cells,
which triggers depolarization and stimulates insulin secretion. They're used to manage type 2 diabetes.

• Benzodiazepines (e.g., diazepam) are positive allosteric modulators of  receptors. They don't
activate the receptor on their own but enhance the effect of GABA binding, producing sedative and
anxiolytic effects.

In research, selective inhibitors and activators serve as tools to dissect enzyme function. Caspase
inhibitors help study apoptosis pathways, kinase inhibitors are central to cancer biology research, and
proteasome inhibitors reveal how cells manage protein degradation.
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Unit 9 – Complex Reaction Mechanisms
in Kinetics
9.1 Consecutive reactions and their kinetics

Consecutive Reactions
Consecutive reactions are a series of chemical transformations where one reaction's product becomes the
next reaction's reactant. Understanding how these multi-step processes unfold over time is central to fields
ranging from nuclear chemistry to biochemistry. The tools here (rate equations, concentration-time profiles,
and approximations like the steady-state assumption) let you predict how reactants, intermediates, and
products behave and identify which step controls the overall rate.

Consecutive reactions in chemical systems
In a consecutive reaction, each step depends on the product of the previous step. The intermediate
species produced along the way are both a product of one reaction and a reactant for the next. This
sequential dependence is what makes the kinetics more complex than a single-step reaction.

You'll encounter consecutive reactions across many areas of chemistry:

• Radioactive decay series: Uranium-238 decays through a chain of alpha and beta emissions, passing
through intermediates like thorium-234 and radium-226, before ultimately reaching stable lead-206.

• Metabolic pathways: In the citric acid cycle, each enzyme-catalyzed step converts one intermediate
into the next. Citrate is converted to isocitrate, then to -ketoglutarate, and so on.

• Multistep organic synthesis: Complex target molecules are built from simpler precursors through a
planned sequence of reactions, where each step's product feeds into the next.

One thing to note: each step doesn't need to wait for the previous step to fully complete. Once some
intermediate forms, the next step can begin consuming it. All steps run simultaneously once their reactants
are available.

Rate equations for consecutive reactions
Consider the simplest consecutive reaction, where both steps are first-order:

Here  is the reactant,  is the intermediate,  is the final product, and  and  are the rate constants
for the first and second steps.

You can write a differential rate equation for each species by tracking what creates it and what destroys it:

•

Reactant : Only consumed in step 1. 

•

Intermediate : Produced by step 1, consumed by step 2. 

•
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Product : Only produced by step 2. 

The equation for  is straightforward first-order decay, giving the familiar solution . The
equation for  is trickier because it depends on both  (which is changing) and  itself. Solving it by
substituting the expression for  yields:

This expression is valid when . The concentration of  at any time follows from mass balance:
.

How each species behaves over time:

•  decreases exponentially from its initial value.

•  starts at zero, rises to a maximum, then falls back toward zero as it gets consumed in step 2.

•  starts at zero and increases, eventually approaching  as the reaction goes to completion.

The time at which  reaches its maximum can be found by setting  and solving for :

Concentration-time profiles analysis
The rate-determining step (RDS) is the slowest step in the sequence, and it controls the overall rate of
product formation. You can figure out which step is rate-determining by looking at the relative magnitudes
of  and  and at the shape of the concentration-time profiles.

Case 1:  (first step is rate-determining)

•  is consumed slowly because  is small.

• As soon as  forms, it's rapidly converted to  (since  is large), so  stays very low throughout
the reaction.

•  increases slowly, at a rate governed by .

• The overall rate of product formation is approximately .

Case 2:  (second step is rate-determining)

•  is consumed quickly because  is large.

•  accumulates to a significant concentration because it forms fast but is consumed slowly.

•  increases slowly, at a rate governed by .

• The concentration-time profile for  shows a pronounced peak before it gradually declines.

Being able to read these profiles is a practical skill. If you see a large buildup of intermediate in
experimental data, that's a strong signal that the step consuming the intermediate is rate-determining.

Kinetics problem-solving for consecutive reactions
The steady-state approximation (SSA) is a powerful simplification for consecutive reactions. It assumes
that after a brief initial period, the concentration of the intermediate  changes so slowly that you can treat

 as approximately zero.
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This approximation works best when the intermediate is highly reactive (consumed almost as fast as it
forms), which keeps  small relative to  and .

Applying the steady-state approximation step by step:

1.

Write the rate equation for the intermediate: 

2.

Set it equal to zero (the steady-state condition): 

3.

Solve for the steady-state concentration of : 

4.

Substitute this into the rate equation for product : 

The result tells you that under steady-state conditions, the rate of product formation depends only on 
and . This makes physical sense: if  is consumed as fast as it's made, the bottleneck is the rate at
which  produces .

A word of caution: the SSA is not valid at the very beginning of the reaction (when  is still building up
from zero) or when the intermediate accumulates to high concentrations. It's most reliable when ,
which keeps  small throughout.

9.2 Parallel reactions and product distribution

Parallel Reactions and Product Distribution
Parallel reactions occur when the same reactant can transform into two or more different products at the
same time, each through its own pathway. Understanding how these pathways compete is essential for
predicting (and controlling) which product dominates in a mixture.

Significance of Parallel Reactions
In a parallel reaction system, a single reactant follows multiple pathways simultaneously. Each pathway
has its own rate constant ( ) and activation energy ( ), and the relative speeds of these pathways
determine how much of each product you get.

• The faster pathway produces more of its product. This is called kinetic control of product distribution.

• By manipulating reaction conditions like temperature, chemists can shift selectivity toward a desired
product by making one pathway faster relative to the others.

This matters in real-world chemistry. In pharmaceutical synthesis, for instance, a reactant might form both
the desired drug molecule and an unwanted byproduct through parallel pathways. Controlling which
pathway wins is the whole challenge.

Rate Equations for Parallel Reactions
Consider a simple system where reactant A can form either product B or product C:

•  with rate constant 
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•  with rate constant 

Assuming both are first-order in A, the rate equations are:

• 

• 

The overall rate of consumption of A is the sum of both pathways:

What controls which product dominates:

• Relative magnitudes of  and : Whichever rate constant is larger produces more of its
corresponding product.

• Activation energies: The pathway with the lower  has a larger rate constant at a given temperature,
so its product is favored.

• Temperature adjustments can change the ratio of  to , shifting selectivity (more on this below).

Temperature and Concentration Effects
Temperature affects each rate constant through the Arrhenius equation:

where  is the pre-exponential factor,  is the gas constant, and  is the absolute temperature.

The key insight here: reactions with higher  are more sensitive to temperature changes. If you raise the
temperature, the rate constant for the high-  pathway increases by a larger factor than the low-
pathway. So increasing temperature shifts selectivity toward the product of the higher-activation-energy
reaction.

• At low temperatures, the pathway with the lower  dominates because it has the larger rate constant.

• At high temperatures, the pathway with the higher  catches up and can even become dominant.

Concentration has a different effect. Since both pathways depend on the same reactant A, increasing 
speeds up both reactions proportionally. The ratio  stays the same, so the product distribution doesn't
change. Concentration alone cannot shift selectivity in simple parallel reactions where both pathways have
the same order in A.

Product Distribution Calculations
For parallel first-order reactions  and , the product ratio depends only on the rate constants:

1. Product ratio: 

2. Fraction of B: 

3. Fraction of C: 

These hold because both rates draw from the same pool of A, so the integrated amounts are always in the
ratio .

Worked example: Suppose  and .
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• Product ratio: , so B forms at twice the rate of C.

• Fraction of B: , or about 66.7% of the product mixture is B.

• Fraction of C: , or about 33.3%.

If you then raised the temperature and the new rate constants became  and ,
the ratio would shift to . Product B still dominates, but less so, because pathway 2 (with its
higher ) gained more from the temperature increase.

9.3 Chain reactions and their characteristics

9.3 Chain reactions and their characteristics
Chain reactions are multi-step processes where each step generates reactive species that drive the next
step forward. They follow a predictable pattern of initiation, propagation, and termination, with free radicals
sustaining the cycle. Understanding how these stages work together is essential for deriving rate laws for
complex mechanisms and for explaining real-world processes like polymerization and combustion.

Chain Reaction Fundamentals

Characteristics of chain reactions
A chain reaction proceeds through three distinct stages. Each stage plays a specific role in starting,
sustaining, or ending the overall process.

• Initiation: A stable molecule breaks apart to produce reactive species (usually free radicals). This bond
dissociation is triggered by an external energy source such as heat (thermolysis) or light (photolysis).
For example, UV light splits  into two  radicals.

• Propagation: The reactive species from initiation react with stable molecules, producing product and
regenerating a new reactive species. This is what makes the reaction a chain: each propagation step
feeds the next. Propagation steps are typically fast and exothermic.

• Termination: Two reactive species combine to form a stable product, or a radical is deactivated by
colliding with a vessel wall or an inert molecule. Termination removes radicals from the cycle and stops
the chain.

A single initiation event can trigger thousands of propagation cycles before termination occurs. That
amplification effect is what makes chain reactions so powerful and, in some cases, explosive.

Role of reactive intermediates
Free radicals are the workhorses of chain reactions. A free radical is a species with one or more unpaired
electrons, making it extremely reactive and short-lived.

During initiation, radicals are generated from stable precursors. In propagation, each radical reacts with a
stable molecule to form a new radical. The two most common propagation mechanisms are:

• Hydrogen abstraction: A radical pulls an H atom from a stable molecule (e.g.,
).

• Addition to a double bond: A radical adds across a  bond, creating a new, larger radical. This is
the key step in radical polymerization.
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During termination, radicals are consumed through recombination (two radicals join to form a single stable
molecule) or disproportionation (two radicals exchange an H atom, producing two different stable
molecules). Because termination requires two radicals to meet, it becomes more likely at higher radical
concentrations.

Kinetics and Applications

Rate equations for chain reactions
Deriving a rate law for a chain reaction involves applying the steady-state approximation to the reactive
intermediates. You assume that after a brief induction period, the rate of radical formation (initiation) equals
the rate of radical destruction (termination), so the radical concentration stays roughly constant.

For a simple chain reaction with one initiation, one propagation, and one termination step, this approach
yields:

where: -  = rate constant for initiation -  = rate constant for propagation -  = rate constant for
termination -  = concentration of the reactant consumed in the propagation step

Notice the square-root dependence on . This arises because termination is typically second-order in
radical concentration while initiation is zero- or first-order. The ratio inside the square root controls the
steady-state radical concentration.

Factors that influence the overall rate:

• Temperature: Increases both  and , accelerating the reaction. Because initiation often has a high
activation energy, temperature has a particularly strong effect on radical production.

• Pressure: For gas-phase reactions, higher pressure increases the frequency of bimolecular collisions
in propagation steps.

• Reactant concentration: Higher  directly increases the propagation rate.

• Inhibitors: Molecules that react with free radicals to form stable, unreactive products (e.g., antioxidants
like BHT) effectively increase the termination rate and slow or halt the chain.

Chain length
Chain length ( ) is the average number of propagation cycles a single radical completes before being
terminated:

A longer chain length means each initiation event produces more product, resulting in a faster overall
reaction and higher yield. Chain length depends on the competition between propagation and termination:

• If propagation is much faster than termination,  is large (often  to  in combustion).

• If termination competes effectively with propagation,  is small and the reaction is slow.

Chain transfer agents are molecules that react with a growing radical to terminate one chain but
simultaneously generate a new radical that starts another. They don't change the overall reaction rate
much, but in polymerization they control the average molecular weight of the polymer by limiting how long
each individual chain grows.
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Examples in polymerization and combustion
Radical polymerization (e.g., production of polyethylene or polystyrene):

1. Initiation: A thermal initiator like benzoyl peroxide decomposes into two radicals upon heating.

2. Propagation: A radical adds across the  double bond of a monomer (e.g., ethylene), creating a
new radical at the chain end. This repeats thousands of times, building a long polymer chain.

3. Termination: Two growing polymer radicals meet and undergo recombination or disproportionation,
producing a dead polymer chain.

The chain length in polymerization directly determines the degree of polymerization and therefore the
physical properties (strength, melting point) of the resulting plastic.

Combustion of hydrocarbons (e.g., burning methane in a gas turbine):

1. Initiation: At high temperatures,  or fuel molecules dissociate to produce radicals such as , ,
and .

2. Propagation: These radicals abstract hydrogen atoms from fuel molecules, generating new radicals
and releasing heat. A critical feature of combustion is chain branching, where a single propagation step
produces two or more radicals instead of one (e.g., ). Branching can cause the
radical population to grow exponentially, leading to explosions.

3. Termination: Radicals recombine in the gas phase or are deactivated on surfaces.

Chain branching vs. straight chains: In a straight chain reaction, each propagation step produces exactly
one new radical, so the radical population stays constant. In a branching chain reaction, propagation can
produce two or more radicals, causing exponential growth. Whether a combustible mixture burns steadily
or explodes depends on whether branching outpaces termination.

Other important chain reactions include stratospheric ozone depletion (where  radicals from CFCs
catalytically destroy  with chain lengths exceeding ) and nuclear fission chain reactions (where
neutrons, rather than radicals, are the chain carriers).

9.4 Oscillating reactions and chemical clocks

Oscillating Reactions and Chemical Clocks
Chemical oscillations are reactions where concentrations of intermediates rise and fall in a repeating cycle
rather than monotonically approaching equilibrium. Understanding them matters because they reveal how
nonlinear feedback in kinetics can produce self-organized, time-dependent behavior, the same principles
that govern biological rhythms like heartbeats and circadian cycles.

Phenomenon of Oscillating Reactions
Most reactions you've studied so far move steadily toward equilibrium: reactants decrease, products
increase, done. Oscillating reactions break that pattern. Concentrations of key intermediates swing
between high and low values in a regular, repeating cycle, and you can often see it directly as color
changes, pH swings, or fluctuations in electrical potential.

This behavior requires two conditions:

• Far-from-equilibrium operation. The system needs a continuous supply of reactants (and removal of
products) to keep oscillating. At equilibrium, oscillations stop. Think of it like pushing a swing: without
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repeated energy input, the motion dies out.

• Nonlinear feedback. Simple first-order or second-order kinetics can't produce oscillations on their own.
You need coupled reactions where the output of one step feeds back to accelerate or inhibit another
step in a nonlinear way.

Well-known examples include the Belousov-Zhabotinsky (BZ) reaction, the Briggs-Rauscher reaction
(which cycles through colorless, amber, and deep blue), and the Bray-Liebhafsky reaction (periodic
decomposition of hydrogen peroxide).

Mechanism of the Belousov-Zhabotinsky Reaction
The BZ reaction involves the oxidation of an organic substrate (typically malonic acid) by bromate ions (

) in acidic solution, catalyzed by a metal ion such as  or the ferroin/ferriin couple.

The mechanism can be broken into three main processes:

1. Bromide consumption (Process A). When  concentration is high, bromate reacts with bromide to
produce bromous acid ( ) and other brominated species. This process steadily removes 
from solution.

2. Autocatalytic growth (Process B). Once  drops below a critical threshold, a different pathway
takes over:  reacts with bromate to produce more . This is autocatalysis, where the
product accelerates its own formation, causing a rapid, explosive rise in  concentration. During
this stage, the metal catalyst is oxidized (e.g., ), producing a visible color change.

3. Reset (Process C). The oxidized catalyst reacts with the organic substrate, regenerating the reduced
form of the catalyst and producing  as a byproduct. The rising  concentration shuts down
Process B and restarts Process A, completing the cycle.

The oscillation is essentially a repeating switch between Process B (autocatalytic surge) and Process A/C
(bromide-driven reset). Each full cycle produces a color change: for ferroin-based systems, the solution
alternates between red (reduced ferroin) and blue (oxidized ferriin).

Feedback Loops in Oscillating Reactions
Sustained oscillations require at least two types of feedback working against each other:

• Positive feedback amplifies a small change. In the BZ reaction, the autocatalytic production of 
is a positive feedback loop: more  produces even more . This drives the rapid upswing in
concentration during Process B.

• Negative feedback opposes and eventually reverses the growth. The regeneration of  in Process
C acts as negative feedback: rising  inhibits the autocatalytic pathway and forces the system back
toward Process A.

The key insight is timing. The negative feedback is delayed relative to the positive feedback. If both
responded instantly, the system would just reach a steady state. Because the bromide reset takes time (it
depends on the slower organic oxidation step), the system overshoots in both directions, creating
oscillations.

The Oregonator model is a simplified mathematical framework (five reactions, three key variables) that
captures this interplay. It's the oscillating-reaction equivalent of a minimal mechanism: it strips away
dozens of elementary steps to reveal the essential feedback structure that produces periodic behavior.
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Applications of Oscillating Reactions
Oscillating reactions are more than lab curiosities. They serve as accessible chemical models for
understanding periodic phenomena in biology and engineering:

• Biological rhythm modeling. Circadian clocks, cardiac pacemaker cells, and cell division cycles all rely
on molecular feedback loops structurally similar to those in the BZ reaction. Studying chemical
oscillators helps researchers identify the minimal network features needed to sustain biological
rhythms.

• Calcium signaling. Intracellular calcium oscillations regulate processes from muscle contraction to
gene expression. The BZ reaction has provided insights into how autocatalytic release and delayed
reuptake of  produce these oscillatory signals.

• Chemical clocks and timing devices. Because the oscillation period depends predictably on
temperature and concentration, oscillating reactions have potential as chemical timekeepers in
environments where electronic clocks are impractical (extreme temperatures, miniaturized systems).

• Synthetic biology and therapeutics. Understanding oscillatory design principles guides the engineering
of synthetic genetic oscillators and informs chronotherapy, where drug delivery is timed to match the
body's natural rhythms.
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Unit 10 – Equilibrium and Steady-State
Approximations
10.1 Relationship between kinetics and thermodynamics
Chemical kinetics and thermodynamics are two complementary frameworks for understanding reactions.
Kinetics deals with how fast reactions happen and the steps involved, while thermodynamics focuses on
energy changes and whether reactions can occur spontaneously. Together, they paint a complete picture:
thermodynamics tells you if a reaction is favorable, and kinetics tells you how quickly it'll get there.

Fundamentals of Kinetics and Thermodynamics

Kinetics vs thermodynamics fundamentals
Kinetics studies the rate and mechanism of chemical reactions. It focuses on the pathway from reactants to
products: the intermediate steps, the time it takes, and what speeds things up or slows things down.

Thermodynamics is concerned with the overall energy changes and spontaneity of a reaction. It only cares
about the initial and final states of a system, not the path between them. The key quantities are enthalpy (

), entropy ( ), and Gibbs free energy ( ).

A useful way to think about it: thermodynamics is the map that shows you the destination, while kinetics is
the speedometer telling you how fast you're getting there.

Thermodynamics in reaction feasibility
Gibbs free energy ( ) determines whether a reaction is spontaneous at constant temperature and
pressure:

where  is the enthalpy change,  is absolute temperature (in Kelvin), and  is the entropy change.

• : spontaneous (thermodynamically favorable)

• : non-spontaneous (thermodynamically unfavorable)

• : the system is at equilibrium

The connection between  and the equilibrium constant  is given by:

where  is the gas constant (8.314 J/mol·K). This equation links thermodynamic favorability directly to the
position of equilibrium. A large  (products favored) corresponds to a large negative , and vice versa.
This relationship becomes central when you apply equilibrium approximations in kinetic mechanisms.

Kinetics in reaction rates
Activation energy ( ) is the minimum energy reactants need to overcome the energy barrier and form
products. Its effect on the rate constant is captured by the Arrhenius equation:
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where  is the rate constant,  is the pre-exponential (frequency) factor,  is the gas constant, and  is
absolute temperature. Higher  means a slower reaction at a given temperature; higher  means more
molecules have enough energy to react.

Reaction mechanisms describe the sequence of elementary steps a reaction undergoes. The overall rate
law is determined by these steps, and the slowest elementary step is the rate-determining step. This is
where equilibrium and steady-state approximations (the focus of this unit) become essential tools for
deriving rate laws from proposed mechanisms.

Catalysts lower  without being consumed, which increases the reaction rate. Crucially, catalysts do not
change the thermodynamic equilibrium. They speed up both the forward and reverse reactions equally, so
the system reaches equilibrium faster but the position of equilibrium stays the same. Examples include
enzymes in biological systems and transition metal catalysts in industrial processes.

Kinetic and Thermodynamic Interplay

Interplay of kinetic and thermodynamic factors
A reaction can be thermodynamically favorable yet extremely slow if the activation energy is high. The
rusting of iron is a classic example:  is negative, but at room temperature the process takes a long time.
Raising the temperature or adding a catalyst can overcome this kinetic barrier without changing the
thermodynamics.

Conversely, a thermodynamically unfavorable reaction ( ) will not proceed to a significant extent no
matter how much you tweak kinetic factors. You can't catalyze a reaction into producing products that are
less stable than the reactants. The decomposition of water into  and  at standard conditions is
unfavorable; it requires an external energy input (like electrolysis) rather than just a catalyst.

Kinetic vs. thermodynamic control is especially relevant in competing reactions. When multiple products
are possible:

• The kinetically controlled product forms faster (lower ) and dominates at lower temperatures or
shorter reaction times.

• The thermodynamically controlled product is more stable (lower ) and dominates at higher
temperatures or longer reaction times when the system can reach equilibrium.

This distinction drives selectivity in organic synthesis and is a direct application of how kinetics and
thermodynamics work together to determine product distributions.

10.2 Equilibrium constants and rate constants

Equilibrium Constants and Rate Constants
Equilibrium constants and rate constants are two ways of describing the same reaction from different
angles. The equilibrium constant tells you where a reaction ends up, while rate constants tell you how fast
it gets there. The powerful connection between them is that one can be derived directly from the other.

Equilibrium and Rate Constants Defined
The equilibrium constant ( ) is the ratio of product concentrations to reactant concentrations at equilibrium,
each raised to their stoichiometric coefficients. It tells you the extent to which a reversible reaction
proceeds. A key feature of : it depends only on temperature, not on the initial concentrations you start
with.



Fiveable archived study guides Page 80

The rate constant ( ) quantifies the speed of a chemical reaction. It determines how quickly reactants
convert into products (or vice versa) for a given elementary step. Unlike , the rate constant depends on
temperature, activation energy, and the presence of catalysts. Each elementary step in a mechanism has
its own rate constant.

Relationship Between Constants
This is the core idea of the section: you can connect  to the forward and reverse rate constants. Here's
how the derivation works for a general reversible reaction:

1. Write the rate law for the forward reaction: 

2. Write the rate law for the reverse reaction: 

3. At equilibrium, the forward and reverse rates are equal, so set them equal: 

4. Rearrange by dividing both sides by  and by :

This result is important: the equilibrium constant equals the ratio of the forward rate constant to the reverse
rate constant. A large  relative to  means the forward reaction is faster, so products accumulate and 
is large. The reverse logic holds too.

Note: This derivation assumes the forward and reverse reactions are each elementary steps (or that the
overall rate laws take this simple form). For multi-step mechanisms, the relationship still holds, but 
becomes the product of ratios of rate constants for each elementary step.

Calculations with Constants
Finding  from rate constants:

For example, if  M s  and  s :

Notice that  carries units here because  and  have different units (which happens when the forward
and reverse reactions have different molecularities).

Finding a missing rate constant:

• If you know  and , solve for the reverse: 

• If you know  and , solve for the forward: 

These rearrangements come straight from the same equation, so there's nothing new to memorize.

Predicting Reaction Direction from Constants
The magnitude of  tells you the equilibrium composition:

• : Products are favored at equilibrium. The forward reaction "wins."

• : Reactants are favored at equilibrium. The reverse reaction "wins."
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• : Neither side is strongly favored; product and reactant concentrations are comparable.

To predict which way a reaction will shift from a non-equilibrium state, compare the reaction quotient ( ) to
. The reaction quotient has the same formula as , but you plug in the current concentrations instead of

the equilibrium ones.

1. : The system has too few products relative to equilibrium. The reaction proceeds forward.

2. : The system has too many products relative to equilibrium. The reaction proceeds in reverse.

3. : The system is already at equilibrium. No net change occurs.

Think of it this way: the reaction always shifts in whatever direction pushes  toward .

10.3 Steady-state approximation and its applications

Steady-State Approximation

Concept of the Steady-State Approximation
Many reaction mechanisms involve reactive intermediates that are produced in one step and consumed in
another. Solving the full set of differential equations for every species can get unwieldy fast. The
steady-state approximation (SSA) cuts through that complexity with one key assumption: the concentration
of a reactive intermediate stays approximately constant over the course of the reaction.

Mathematically, you set the net rate of change of the intermediate's concentration to zero:

This doesn't mean the intermediate isn't reacting. It means the intermediate is being formed and consumed
at roughly equal rates, so its concentration never builds up to a significant level. Because the intermediate
is highly reactive and short-lived, it gets consumed almost as quickly as it's produced.

The payoff: you can express the intermediate's concentration entirely in terms of stable reactants and
products, which are the species you can actually measure in the lab.

Deriving Rate Laws with the SSA
Here's the general procedure for applying the steady-state approximation to a mechanism:

1. Identify the reactive intermediate(s). These are species that appear in elementary steps but not in the
overall balanced equation.

2. Write rate expressions for the intermediate. Include every elementary step that forms it and every
step that consumes it.

3. Set  and solve algebraically for  in terms of stable species and rate constants.

4. Substitute that expression for  into the rate law for product formation.

5. Simplify to get a rate law written only in terms of measurable concentrations and rate constants.

Worked Example
Consider a two-step mechanism with intermediate :

• Step 1 (forward): 
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• Step 1 (reverse): 

• Step 2: 

The rate of change of  is:

Apply the SSA ( ):

Now substitute into the rate of product formation ( ):

Notice how this rate law only contains stable species (  and ) and rate constants. The intermediate  has
been eliminated entirely.

Validity of the Steady-State Approximation
The SSA works well when:

• The intermediate is highly reactive and short-lived, so its concentration stays low relative to reactants
and products.

• The intermediate reaches its "steady" concentration quickly after the reaction begins. There's typically
a brief induction period at the very start where the approximation doesn't hold, but this period is usually
negligible.

The SSA breaks down if the intermediate accumulates to a significant concentration, which can happen if
the step consuming it is much slower than the step producing it and there's no fast reverse reaction to drain
it.

Applications of the Steady-State Approximation

Problem-Solving Strategy
When you encounter a kinetics problem that gives you a multi-step mechanism and asks for an overall rate
law, follow these steps:

1. Write out each elementary step with its rate constant.

2. Identify which species are intermediates (they won't appear in the overall equation).

3. Write  for each intermediate, summing all formation terms and subtracting all consumption terms.

4. Set each expression equal to zero and solve for .

5. Plug that expression into the rate of formation of the final product.

6. Simplify. Check whether the result matches any experimentally observed rate law.

If the mechanism has more than one intermediate, you'll need to solve a system of algebraic equations, but
the logic is the same.
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Where You'll See This Applied
• Enzyme kinetics. The Michaelis-Menten equation is derived by applying the SSA to the
enzyme-substrate complex . The result, , is one of the most widely used rate laws in
biochemistry.

• Chain reactions. In radical chain mechanisms (like halogenation of alkanes), radical intermediates are
treated with the SSA to predict overall rates.

• Catalysis. Surface intermediates in heterogeneous catalysis are often handled with steady-state
assumptions to derive rate expressions that match experimental data.

In each case, the SSA transforms an otherwise intractable set of coupled differential equations into a
manageable algebraic problem, giving you a rate law you can test against experiment.

10.4 Pre-equilibrium and rate-limiting steps

Pre-equilibrium and Rate-limiting Steps in Multi-step Reaction
Mechanisms

Pre-equilibrium and rate-limiting steps
Most reactions don't happen in a single step. Instead, they proceed through a series of elementary steps,
and two concepts help you make sense of these mechanisms: pre-equilibrium and rate-limiting steps.

A pre-equilibrium step is a fast, reversible step that reaches equilibrium long before the overall reaction
finishes. The forward and reverse reactions in this step interconvert reactants and products so rapidly that
their concentrations settle into a fixed ratio, even as the rest of the mechanism is still playing out. A classic
example is the rapid formation and dissociation of an enzyme-substrate complex before the slower
catalytic step occurs.

A rate-limiting step (also called the rate-determining step) is the slowest step in the mechanism. Because
everything else waits on this step, it controls the overall reaction rate. It typically has the highest activation
energy of any step in the mechanism, which is why it's the bottleneck.

Characteristics of pre-equilibrium steps
Pre-equilibrium steps have a low activation energy barrier in both directions, so molecules shuttle back and
forth quickly. The result is that the concentrations of species involved in that step stay roughly constant
over the timescale of the overall reaction, even though the reaction as a whole hasn't finished.

Because this step is fast and balanced, it doesn't limit the overall rate. What it does do is set the
concentration of any reactive intermediate produced in that step. That's the real payoff: you can write an
equilibrium expression for the fast step and use it to express the intermediate's concentration in terms of
stable reactant concentrations. This is the equilibrium approximation, and it's what makes deriving rate
laws for complex mechanisms tractable.

Identification of rate-limiting steps
To find the rate-limiting step, look for the step with the highest activation energy barrier. On an energy
diagram, it's the tallest hill the reaction must climb. If you're given rate constants for each step, the
rate-limiting step is the one with the smallest forward rate constant.

Why does this matter so much?
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• The overall rate law mirrors the rate law of this single step (after substituting out any intermediates).

• Changes to conditions that speed up or slow down this step have the biggest effect on the overall rate.
Adding a catalyst that lowers the activation energy of the rate-limiting step accelerates the whole
reaction; doing the same for an already-fast step barely matters.

• Raising temperature increases all rate constants, but the rate-limiting step benefits the most
(Arrhenius behavior hits hardest where  is largest).

Rate equations for multi-step reactions
Deriving the overall rate law from a mechanism that includes a pre-equilibrium step follows a clear
procedure:

1. Write out every elementary step with its rate constant (forward and reverse for reversible steps).

2. Identify which step is the pre-equilibrium (fast, reversible) and which is the rate-limiting step (slow).

3. Write the rate law for the rate-limiting step directly from its molecularity. For example, if the slow step
is  with rate constant , then , where  is an intermediate.

4. Eliminate the intermediate. Because the pre-equilibrium step is in equilibrium, set the forward and
reverse rates equal: . Solve for the intermediate: . Equivalently, you
can write the equilibrium constant  and express .

5. Substitute back into the rate-limiting step's rate law: 
where  is the experimentally observed rate constant.

6. Check your result. The final rate law should contain only species that appear in the overall balanced
equation (reactants and possibly products), with no intermediates remaining.

Common mistake: Writing the rate law from the overall balanced equation instead of from the mechanism.
The rate law comes from the rate-limiting step, not from stoichiometry. An overall reaction  does not
automatically mean .

This approach works whenever there's a clear separation of timescales: one or more fast steps that stay in
equilibrium, followed by (or surrounding) a single slow step. When that separation isn't clean, you may
need the steady-state approximation instead, which is covered elsewhere in this unit.
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Unit 11 – Kinetics of Homogeneous &
Heterogeneous Rxns
11.1 Gas-phase reaction kinetics
Gas-phase reactions center on molecular collisions. Collision theory describes how the energy, orientation,
and frequency of those collisions govern whether a reaction actually occurs. Understanding these factors
lets you predict and manipulate reaction rates, which is essential for everything from industrial synthesis to
atmospheric chemistry.

Temperature and pressure are the two main levers you can pull. Higher temperatures give molecules more
kinetic energy and increase collision frequency; higher pressures pack molecules closer together, raising
concentrations. For reactions that proceed through multiple elementary steps, the slowest step controls the
overall rate.

Collision Theory and Elementary Gas-Phase Reactions

Rate expressions in collision theory
Collision theory says a reaction happens when two molecules collide with (1) enough energy to overcome
the activation energy barrier and (2) the right spatial orientation. Not every collision is productive, so both
factors matter.

Bimolecular example: 

Because this is an elementary bimolecular step, the rate law comes directly from the stoichiometry:

The rate constant  encodes all the collision physics:

•  is the collision frequency factor, which depends on the collision cross-section , temperature 
, and the reduced mass  of the two molecules:

•  is the steric factor, a number between 0 and 1 that accounts for the fraction of collisions with the
correct orientation. A small, simple molecule like  has a relatively large ; a bulky molecule with a
specific reactive site has a much smaller one.

•  is the activation energy,  is the gas constant, and  is the absolute temperature. The exponential
term gives the fraction of collisions that have sufficient energy.

Unimolecular example: N2O5 -> 2NO2 + (1)/(2)O2

For an elementary unimolecular step, the rate depends on only one species:

The molecule must first acquire enough internal energy (through collisions with other molecules) to reach
the transition state before it decomposes.
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Factors Affecting Gas-Phase Reaction Rates

Temperature and pressure effects on reactions
Temperature effects

Raising the temperature does two things simultaneously: it increases the average kinetic energy of
molecules and it increases the frequency of collisions. The more important effect is the energy increase,
because the fraction of molecules exceeding  grows exponentially with temperature.

This relationship is captured by the Arrhenius equation:

•  is the pre-exponential (frequency) factor, related to collision frequency and orientation.

• The exponential term is the fraction of collisions with energy .

A useful rule of thumb: for many reactions near room temperature, a 10 K increase roughly doubles the
rate constant. The exact factor depends on .

Pressure effects

For ideal gases, concentration is proportional to pressure ( ). Increasing total pressure
therefore increases reactant concentrations, which raises the collision rate.

For a rate law , doubling the pressure doubles every concentration, so the rate
increases by a factor of . For example, if , doubling the pressure quadruples the rate.

Multi-Step Gas-Phase Reaction Mechanisms

Rate-determining steps in reaction mechanisms
Most real gas-phase reactions don't happen in a single collision. They proceed through a sequence of
elementary steps, and the rate-determining step (RDS) is the slowest one in that sequence. The overall
reaction can't go faster than its slowest step.

How to identify the RDS and derive the overall rate law:

1. Write out each elementary step and its individual rate expression.

2. Identify the step with the highest activation energy (or, experimentally, the one whose rate
expression matches the observed overall rate law). That step is the RDS.

3. Write the rate law for the RDS. Species that appear only in fast steps before the RDS won't show up
directly in the overall rate law.

If the RDS involves a reactive intermediate (a species produced in an earlier step and consumed in the
RDS), you need to eliminate that intermediate from the rate law. Two common approaches:

• Pre-equilibrium approximation: If a fast, reversible step precedes the RDS, set the forward and
reverse rates of that step equal and solve for the intermediate's concentration.

• Steady-state approximation: Assume the concentration of each intermediate stays roughly constant
over time (its rate of formation equals its rate of consumption). This is more general and works even
when no step is clearly in equilibrium.

Both methods let you express the overall rate law in terms of measurable reactant concentrations only.
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Experimental Determination of Reaction Order

Experimental determination of reaction order
The reaction order with respect to a given reactant is the exponent on its concentration in the
experimentally determined rate law. For ,  is the order in  and  is the order in .
These exponents must be found experimentally; they don't necessarily match the stoichiometric
coefficients (unless the reaction is elementary).

Method 1: Initial rates

Run multiple experiments, changing the concentration of one reactant at a time while holding the others
constant. Then compare:

Solve for . For instance, if doubling  quadruples the rate, then , so .

Method 2: Log-log plot

Take the log of the rate law: . Plot  vs. ; the slope gives
 directly.

Method 3: Integrated rate laws

Track concentration vs. time and test which integrated form gives a straight line:

• Zero order:  vs.  is linear.

• First order:  vs.  is linear.

• Second order:  vs.  is linear.

The plot that yields the best linear fit tells you the order. This method is especially useful when you have
continuous concentration-time data from a single experiment.

11.2 Solution-phase reaction kinetics

Solution-Phase Reaction Kinetics
Solution-phase reaction kinetics examines how reactions behave in liquid environments, where the solvent
isn't just a passive backdrop. The solvent's polarity, viscosity, and ionic content all shape how fast
reactions proceed and which mechanisms dominate. This matters because most real-world chemistry
(biological, industrial, pharmaceutical) happens in solution, not in the gas phase.

This section covers steady-state approximations for deriving rate laws, how solvents influence rates, the
role of ionic strength, and how the Arrhenius equation applies to solution-phase reactions.

Steady-State Approximation for Rate Laws
Many reaction mechanisms involve reactive intermediates that form in one step and get consumed in the
next. The steady-state approximation (SSA) assumes that after a brief induction period, the concentration
of these intermediates stays roughly constant over time. That is, the rate at which the intermediate forms
equals the rate at which it's consumed.

This works because intermediates are typically highly reactive and short-lived. They never accumulate to
significant concentrations, so .
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To apply the steady-state approximation:

1. Identify the reactive intermediate(s) in the proposed mechanism. These are species that appear in
elementary steps but not in the overall balanced equation (e.g., a carbocation in an SN1 mechanism).

2. Write rate expressions for every elementary step that forms or consumes each intermediate.

3. Set the net rate of change of the intermediate to zero and solve algebraically for its concentration in
terms of reactant concentrations and rate constants.

4. Substitute that expression into the rate equation for the product-forming step to get the overall rate
law.

The resulting rate law can then be compared to experimental data to validate or reject the proposed
mechanism.

Solvent Effects on Reaction Rates
In solution, the solvent interacts with reactants, products, intermediates, and transition states. These
interactions can dramatically speed up or slow down a reaction.

• Polarity: Polar solvents stabilize charged or highly polar intermediates and transition states. For
example, SN1 reactions speed up in polar protic solvents (like water) because the solvent stabilizes the
carbocation intermediate. Conversely, SN2 reactions often proceed faster in polar aprotic solvents (like
DMSO) because these solvents don't strongly solvate the nucleophile, leaving it more reactive.

• Viscosity: Reactant molecules must diffuse through the solvent to encounter each other. In highly
viscous solvents like glycerol, diffusion slows down, which reduces the rate of bimolecular reactions.
This is especially relevant for diffusion-controlled reactions, where the rate-limiting step is simply how
fast reactants can find each other.

• Dielectric constant: A solvent's dielectric constant reflects its ability to reduce electrostatic interactions
between charges. High-dielectric solvents (like water, ) stabilize ions and ion pairs more
effectively than low-dielectric solvents (like diethyl ether, ).

The Hughes-Ingold rules provide a systematic way to predict solvent effects. The key idea: if the transition
state is more charge-separated than the reactants, increasing solvent polarity speeds up the reaction. If the
transition state is less charge-separated, increasing polarity slows it down.

Ionic Strength in Reaction Kinetics
When reactions involve ionic species in solution, the surrounding ions influence the effective
concentrations (activities) of the reactants. Ionic strength ( ) quantifies the total ion concentration in
solution:

where  is the molar concentration and  is the charge of each ion.

Debye-Hückel theory explains why ionic strength matters: surrounding ions form an "ionic atmosphere"
around each charged reactant, partially screening its charge. As ionic strength increases, activity
coefficients decrease, meaning the effective concentration of each ion deviates more from its actual
concentration.

The Brønsted-Bjerrum equation connects ionic strength directly to the observed rate constant:
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•  = observed rate constant at ionic strength 

•  = rate constant at zero ionic strength (infinite dilution)

•  = a constant that depends on the solvent and temperature (approximately 0.509 in water at 25°C)

• ,  = charges of the two reacting species

•  = ionic strength

The product  determines the direction of the effect. If both reactants carry the same sign of charge
(both positive or both negative), , and increasing ionic strength increases the rate. If the reactants
carry opposite charges, , and increasing ionic strength decreases the rate. This is called the
primary kinetic salt effect.

Activation Energy of Solution Reactions
The Arrhenius equation relates the rate constant to temperature and the energy barrier for reaction:

•  = rate constant

•  = pre-exponential (frequency) factor, related to how often molecules collide with the correct
orientation

•  = activation energy (the minimum energy needed to reach the transition state)

•  = gas constant (8.314 J/mol·K)

•  = absolute temperature in Kelvin

To determine  and  experimentally:

1. Measure the rate constant  at several different temperatures.

2. Take the natural log of the Arrhenius equation to get the linear form: 

3. Plot  on the y-axis vs.  on the x-axis. This Arrhenius plot should give a straight line.

4. Extract the parameters: - Slope = , so  - y-intercept = , so

A large  means the reaction is very sensitive to temperature changes, while a small  means
temperature has a weaker effect. The pre-exponential factor  captures the frequency and orientation
requirements of productive collisions.

In solution,  values reflect not just the intrinsic bond-breaking/forming process but also the energy cost of
reorganizing solvent molecules around the transition state. For instance, SN1 reactions in polar solvents
may have lower effective activation energies than in nonpolar solvents because the solvent stabilizes the
charge-separated transition state.
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11.3 Surface reactions and adsorption kinetics

Langmuir Adsorption Isotherm and Surface Reaction Kinetics
The Langmuir adsorption isotherm describes how gas molecules adhere to a solid surface, forming the
foundation for understanding heterogeneous catalysis. Since most industrial catalytic reactions happen on
surfaces, knowing how molecules adsorb, react, and desorb is essential for predicting reaction rates and
designing better catalysts.

Langmuir Adsorption Isotherm
The Langmuir isotherm relates surface coverage ( , the fraction of occupied sites) to the gas-phase
pressure ( ) at equilibrium:

Here,  is the adsorption equilibrium constant, which reflects how strongly molecules bind to the surface. A
large  means strong adsorption.

This model rests on four key assumptions:

• Adsorption is limited to a monolayer (no stacking of molecules on top of each other)

• All adsorption sites are equivalent and independent

• There are no lateral interactions between adsorbed molecules

• At equilibrium, the rate of adsorption equals the rate of desorption

These assumptions are idealized. Real surfaces have defects, varying site energies, and
adsorbate-adsorbate interactions. Still, the Langmuir isotherm works surprisingly well as a first
approximation and appears frequently in rate expressions for catalytic reactions.

Langmuir-Hinshelwood Mechanism
The Langmuir-Hinshelwood (LH) mechanism is the most common model for bimolecular surface reactions.
It assumes that both reactants must adsorb onto the catalyst surface before they can react with each other.
The mechanism has three steps:

1.

Adsorption of reactants A and B onto vacant surface sites ( ):  

2.

Surface reaction between the two adsorbed species: 

3.

Desorption of the product back into the gas phase: 

If the surface reaction (step 2) is the rate-determining step, the overall rate expression becomes:

where  is the surface reaction rate constant, and ,  are the adsorption equilibrium constants for A
and B. The squared denominator arises because both A and B compete for the same pool of surface sites.
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Notice the denominator includes terms for both species. This means that if one reactant adsorbs too
strongly (very large ), it can dominate the surface and block the other reactant from adsorbing. This
self-inhibition effect is a distinctive prediction of the LH model: increasing the pressure of one reactant
beyond a certain point can actually decrease the overall rate.

Contrast this with the Eley-Rideal mechanism, where only one reactant adsorbs and the other reacts
directly from the gas phase. The LH mechanism is far more common in practice.

Surface Coverage in Catalytic Reactions
The Langmuir isotherm predicts two limiting regimes that directly affect reaction kinetics:

• Low pressure ( ): Coverage is approximately , so it increases linearly with pressure.
The reaction rate also increases linearly because more molecules are available on the surface.

• High pressure ( ): The surface becomes saturated ( ). Adding more gas doesn't increase
coverage, so the reaction rate plateaus and becomes zero-order in that reactant. The rate is now
limited entirely by the surface reaction step.

Temperature has a competing effect. Raising the temperature increases the rate constant  for the surface
reaction (Arrhenius behavior), but it also promotes desorption, which decreases surface coverage. There's
typically an optimal temperature that balances these two effects to maximize the overall rate.

Turnover Frequency of Heterogeneous Catalysts
Turnover frequency (TOF) quantifies how productive each active site on a catalyst is:

It's reported as molecules converted per site per second. TOF is the standard metric for comparing the
intrinsic activity of different catalysts, because it normalizes out differences in surface area or catalyst
loading. A high TOF means each active site is efficiently converting reactants.

TOF depends on the nature of the active site (metal identity, oxidation state, presence of promoters) and
on reaction conditions (temperature, pressure, reactant concentrations).

Factors Influencing Surface Reactions and Catalytic Activity
Several properties of the catalyst and the reaction environment determine how well a surface reaction
performs:

Surface area and porosity. More surface area means more active sites. This is why catalysts are often
prepared as nanoparticles or deposited on high-surface-area porous supports (like alumina or silica).
Nanostructured catalysts can have dramatically higher activity per gram of material.

Catalyst composition and surface structure. The identity of the metal or oxide determines how strongly
reactants bind and how easily bonds break. Beyond composition, the specific crystal facets exposed on the
surface matter too. Steps, edges, and defect sites often have different adsorption energies and can be
more catalytically active than flat terraces.

Support effects. The support material isn't always inert. Strong metal-support interactions (SMSI) can
modify the electronic properties of the active metal, changing how it binds reactants. For example, a metal
nanoparticle on a reducible oxide support (like ) can behave very differently than the same metal on
an inert support (like ).

Catalyst deactivation. Catalysts lose activity over time through several mechanisms:
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• Poisoning: Strong adsorption of impurities (e.g., sulfur on metal catalysts) that block active sites

• Sintering: Agglomeration of small nanoparticles into larger ones at high temperatures, reducing total
surface area

• Coking: Deposition of carbonaceous residues that physically cover active sites

Regeneration procedures (such as oxidation to burn off coke, or reduction to restore the metal state) can
often recover lost activity.

Structure sensitivity. Some reactions show TOFs that vary with particle size or crystal face, meaning the
reaction is structure-sensitive. Ammonia synthesis on Fe is a classic example: certain crystal planes are far
more active than others. In contrast, structure-insensitive reactions (like some hydrogenation reactions)
show roughly constant TOF regardless of surface geometry.

11.4 Diffusion-controlled reactions

Diffusion-Controlled Reactions
In many reactions, the chemistry itself is nearly instantaneous. The bottleneck isn't breaking or forming
bonds; it's getting the reactant molecules close enough to react. These are diffusion-controlled reactions,
and their rates depend on how fast molecules move through the surrounding medium.

Understanding these reactions matters because they set the upper speed limit for bimolecular reactions in
solution. Any reaction in a viscous environment or involving large molecules (think enzyme-substrate
binding or protein-ligand interactions) may be governed by diffusion rather than by the intrinsic chemical
step.

Derivation of the Smoluchowski Equation
The Smoluchowski equation predicts the rate constant for a reaction that is entirely limited by diffusion. The
setup: picture one reactant species (B) sitting stationary while the other (A) diffuses toward it through
solution. Once A reaches a critical distance (the sum of the two molecular radii), reaction occurs instantly.

The resulting rate constant is:

•  is the bimolecular rate constant

• , the sum of the diffusion coefficients of both reactants

• , the sum of the radii of both reactants (the "encounter distance")

Each reactant's diffusion coefficient comes from the Stokes-Einstein equation:

•  is Boltzmann's constant

•  is absolute temperature (K)

•  is the viscosity of the medium

•  is the hydrodynamic radius of the diffusing particle

Key assumptions built into this derivation:
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• Reactants are spherical

• No long-range intermolecular forces (no electrostatic attraction or repulsion)

• Diffusion is three-dimensional and occurs in a continuous medium

Because the model ignores any activation barrier for the chemical step, the Smoluchowski equation gives
an upper limit for the rate constant. For small molecules in water at 25 °C, this limit is typically on the order
of  to  .

Factors Affecting Diffusion-Controlled Reactions
Three variables in the Stokes-Einstein equation control how fast molecules diffuse, and therefore how fast
diffusion-limited reactions proceed.

Viscosity ( ) acts as a brake on molecular motion.  is inversely proportional to , so doubling the
viscosity cuts the diffusion coefficient in half.

• In low-viscosity solvents like water (  Pa·s) or ethanol, molecules diffuse quickly and
diffusion-controlled rates are high.

• In high-viscosity media like glycerol (  Pa·s) or the crowded interior of a cell, diffusion slows
dramatically and reaction rates drop accordingly.

Particle size ( ) also appears in the denominator of the Stokes-Einstein equation. Larger particles diffuse
more slowly.

• Small species like ions or dissolved  have large diffusion coefficients and reach encounter distance
quickly.

• Large species like proteins or colloidal particles diffuse much more slowly, which is one reason
macromolecular association rates are often diffusion-limited.

Temperature ( ) appears in the numerator. Raising the temperature increases thermal energy, which
speeds up diffusion. This is why reactions in solution generally speed up when heated, even for
diffusion-controlled processes. Note, though, that temperature also affects viscosity (most liquids become
less viscous when heated), so the real effect of raising  is often larger than the Stokes-Einstein numerator
alone would suggest.

The Encounter Complex
Before reactants can undergo a chemical transformation, they must first find each other through diffusion.
The transient, non-covalently bound state that forms when two molecules arrive within encounter distance
is called the encounter complex (sometimes called a "cage pair" in solution).

Formation of the encounter complex is a necessary first step, but it doesn't guarantee reaction. The
complex must still overcome any activation barrier for the chemical step to form products. Two outcomes
are possible:

1. The encounter complex proceeds over the activation barrier and reacts.

2. The molecules diffuse apart before reacting, and no product forms.

The stability and lifetime of the encounter complex influence which outcome dominates:

• A longer-lived encounter complex gives the reactants more attempts to cross the activation barrier.
Enzyme-substrate complexes are a good example: shape complementarity, electrostatic interactions,
and hydrophobic effects all stabilize the encounter, increasing the probability of reaction.
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• A shorter-lived encounter complex (weakly interacting molecules with poor shape or charge
complementarity) means the partners separate quickly, lowering the overall rate.

This concept is most relevant for bimolecular reactions in the solution phase, including protein-ligand
binding, electron transfer reactions, and radical recombination.

Activation Energy from Diffusion Data
Even diffusion-controlled reactions have a temperature dependence that can be characterized by an
effective activation energy. This  reflects the energy barrier for a molecule to push past its solvent
neighbors, not the barrier for the chemical step itself.

When the diffusion process has an Arrhenius-type temperature dependence, you can write:

where  is the pre-exponential factor and  is the gas constant.

Rearranging gives:

How to determine  experimentally:

1. Measure the diffusion coefficient  at several different temperatures.

2. Plot  versus .

3. Fit a straight line to the data. The slope equals .

4. Multiply the magnitude of the slope by  to get .

What the result tells you:

• A low  (e.g., ion transport in dilute aqueous solution) means diffusion is relatively easy and the rate
responds weakly to temperature changes.

• A high  (e.g., diffusion of large molecules through viscous or structured media) means the process
is more sensitive to temperature, and cooling the system will slow the reaction significantly.

Typical activation energies for diffusion in water are in the range of 15–20 kJ/mol, which is noticeably
smaller than activation energies for most bond-breaking chemical steps (often 40–100+ kJ/mol). This
difference is one way to diagnose whether a reaction is diffusion-controlled or activation-controlled: if the
measured  is unusually low, diffusion is likely the rate-limiting step.
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Unit 12 – Industrial Applications of
Chemical Kinetics
12.1 Reactor design and optimization
Chemical reactors are where reaction kinetics meet real-world engineering. Understanding how to design
and optimize them means connecting everything you've learned about rate laws, activation energy, and
catalysis to the practical challenge of producing chemicals at scale.

This section covers the three main reactor types (batch, CSTR, and PFR), the factors that govern their
performance, and the strategies engineers use to optimize efficiency, yield, and safety.

Chemical Reactor Design and Analysis

Principles of reactor design
Reactor design comes down to four core goals:

• Maximize conversion of reactants into desired products (e.g., ethylene from ethane cracking,
ammonia from the Haber process)

• Maximize selectivity toward target products over unwanted byproducts (e.g., favoring acetaldehyde
over acetic acid, or minimizing nitrogen oxide formation)

• Ensure safe operation by controlling temperature, pressure, and concentration within acceptable
ranges

• Maintain stability to avoid dangerous conditions like runaway reactions or localized hotspots, which
are especially concerning in exothermic and catalytic processes

Achieving these goals requires balancing several interconnected factors:

Reaction kinetics determine how fast and how far a reaction proceeds.

• The rate depends on reactant concentrations and temperature

• Reaction order tells you how concentration affects the rate (first-order means doubling concentration
doubles the rate; second-order means it quadruples)

• Activation energy ( ) is the energy barrier reactants must overcome. Catalysts work by lowering ,
not by changing the thermodynamics

Mass transfer governs how well reactants and products move through the reactor.

• Good mixing and dispersion ensure uniform composition, which matters in stirred tanks and packed
beds alike

• Interphase mass transfer becomes critical when multiple phases are involved, such as gas-liquid
absorption or liquid-solid adsorption

Heat transfer keeps the reactor at the right temperature.

• Poor temperature control can cause overheating (accelerating unwanted side reactions) or excessive
cooling (slowing the desired reaction)
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• Jacketed reactors and external heat exchangers are common tools for maintaining near-isothermal
conditions

Catalyst effectiveness depends on several properties that can change over time:

• Activity measures how much the catalyst speeds up the reaction, often quantified by turnover
frequency (moles of product per active site per second)

• Selectivity reflects the catalyst's preference for the desired product. Zeolites, for example, use shape
selectivity to favor molecules that fit their pore structure

• Deactivation happens through poisoning (e.g., sulfur compounds blocking active sites), sintering (loss
of surface area at high temperatures), or fouling (carbon deposits covering the surface)

• Regeneration can restore activity through thermal treatment (calcination) or chemical treatment
(reduction with hydrogen)

Kinetics in reactor types
Each reactor type handles material differently, which changes how you apply rate expressions.

Batch reactors are used for small-scale production or process development.

• They operate in unsteady state: concentrations change over time as the reaction proceeds

• Thorough mixing keeps composition uniform throughout the vessel at any given moment

• The design equation relates concentration change to time:

where  is reactant concentration,  is the rate constant, and  is the reaction order. You integrate this
equation over time to find how long a batch takes to reach a target conversion.

Continuous stirred-tank reactors (CSTRs) are workhorses of industrial chemistry.

• They operate at steady state with continuous inflow and outflow

• Perfect mixing means the composition everywhere inside the reactor equals the composition of the
exit stream

• Because the reactor contents are always at the exit concentration (which is low), the reaction rate
inside a CSTR is lower than the inlet rate. This is a key disadvantage compared to PFRs for most
positive-order reactions

• The design equation is:

where  is the inlet concentration,  is the residence time (reactor volume divided by volumetric flow
rate), and  is the rate evaluated at exit conditions.

Plug-flow reactors (PFRs) are common for gas-phase reactions and catalytic processes with solid
catalysts.

• They operate at steady state with no axial mixing; fluid moves through like a "plug"

• Concentration decreases progressively along the reactor length, so the reaction rate is highest at the
inlet and drops toward the outlet
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• The design equation is:

where  is fractional conversion,  is reactor volume, and  is the inlet molar flow rate. You integrate
along the reactor length to find the volume needed for a given conversion.

For the same conversion of a positive-order reaction, a PFR always requires less volume than a CSTR.
That's because the PFR takes advantage of the higher reaction rates at higher concentrations near the
inlet, while the CSTR operates entirely at the low exit concentration.

Reactor Optimization and Performance Enhancement

Optimization of reactor efficiency
Optimization starts with defining what you're trying to achieve. Common objective functions include:

• Maximize product yield or selectivity to increase production value (critical in pharmaceuticals and
specialty chemicals where purity matters)

• Minimize raw material consumption to reduce feedstock costs and environmental impact

• Minimize energy consumption across heating, cooling, and pumping operations

• Minimize waste generation to meet environmental regulations and cut disposal costs (byproducts,
spent catalysts, solvent waste)

The variables you can adjust fall into three categories:

• Reactor dimensions: length and diameter determine residence time and flow patterns

• Operating conditions: temperature, pressure, and flow rate directly affect reaction rates and
equilibrium position

• Catalyst choice and loading: the type of catalyst (metal nanoparticles, zeolites, etc.) and how much
you use influence activity, selectivity, and long-term stability

Finding the best combination of these variables requires optimization methods:

1. Analytical methods use calculus (setting first derivatives to zero, checking second derivatives) to find
optima. These work well for simple systems with clean mathematical expressions.

2. Numerical methods handle more complex, constrained problems using algorithms like linear
programming or gradient-based solvers.

3. Heuristic methods explore large search spaces where traditional math struggles. Genetic algorithms,
for instance, mimic natural selection to evolve toward optimal solutions.

Impact of design parameters
Temperature is often the most powerful lever. The Arrhenius equation describes its effect on the rate
constant:

where  is the pre-exponential factor,  is activation energy,  is the gas constant, and  is absolute
temperature. Higher temperatures increase  exponentially, but they can also accelerate side reactions.
Thermal cracking at excessive temperatures is a common example of this tradeoff.
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Pressure matters most for gas-phase reactions.

• Increasing pressure raises reactant concentrations, which generally increases reaction rates

• For reactions where the number of gas moles decreases (like ammonia synthesis: 
), higher pressure also shifts equilibrium toward products, consistent with Le Chatelier's principle

• The Haber process operates at 150-300 atm precisely for this reason

Catalyst selection involves balancing multiple factors:

• Activity: higher metal loading and better dispersion generally increase the rate

• Selectivity: pore size and surface chemistry determine which products are favored. Zeolites are a
classic example where molecular shape determines which reactions can occur

• Stability and lifetime: resistance to sintering and poisoning determines how often (and how
expensively) the catalyst must be replaced

• Cost and availability: precious metals like platinum and palladium offer excellent performance but at
high cost; finding cheaper alternatives is an active area of research

Process performance metrics quantify how well the optimization is working:

• Conversion measures what fraction of reactant is consumed; yield measures how much desired
product forms relative to the reactant fed

• Selectivity tells you what fraction of reacted material became the desired product versus byproducts

• Energy efficiency evaluates useful output relative to energy input, improved through strategies like
heat integration and cogeneration

• Environmental impact is increasingly tracked through metrics like carbon footprint and the E-factor
(mass of waste per mass of product; lower is better)

12.2 Polymerization kinetics and industrial processes

Polymerization Mechanisms and Kinetics
Polymerization mechanisms shape the creation of plastics, rubbers, and other materials used across
nearly every industry. Understanding chain-growth and step-growth processes helps you control polymer
properties and tailor them for specific applications.

Industrial polymerization involves careful control of temperature, pressure, and monomer concentration.
These factors influence reaction rates, molecular weight, and polymer characteristics, which is why kinetics
plays such a central role in polymer manufacturing.

Principles of Polymerization Kinetics
Two broad categories of polymerization exist, and they differ in how chains grow.

Chain-growth polymerization proceeds through sequential addition of monomers to an active site on a
growing polymer chain. It involves three distinct stages:

1. Initiation — an active species (radical, ion, or metal-alkyl bond) is generated

2. Propagation — monomers add one at a time to the active chain end

3. Termination — the active site is destroyed, stopping chain growth
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Chain-growth subtypes include free-radical, ionic, and coordination polymerization (each covered below).

Step-growth polymerization works differently. Here, any two molecules with complementary functional
groups can react at any time, forming dimers, trimers, and eventually high-molecular-weight polymers.
Because every molecule can react with every other, molecular weight builds up slowly and only reaches
high values at very high conversion (typically >99%). Common step-growth products include polyesters,
polyamides, and polyurethanes.

The key distinction: in chain-growth, only monomers add to active chains. In step-growth, any two species
with the right functional groups can combine at any stage.

Analysis of Industrial Polymerization Processes
Free-radical polymerization is the most widely used chain-growth method.

• An initiator (peroxide or azo compound like AIBN) decomposes to form radicals, typically with a rate
constant 

• During propagation, monomers add to the radical chain end with rate constant . The rate of
propagation is given by:

where  is monomer concentration and  is the radical concentration.

• Termination occurs when two radical chains meet, either by combination (chains join end-to-end) or
disproportionation (hydrogen transfer creates one saturated and one unsaturated chain end). The
termination rate depends on .

Applying the steady-state approximation (rate of radical generation = rate of radical consumption) gives the
overall polymerization rate:

where  is the initiator efficiency and  is initiator concentration.

Ionic polymerization comes in two forms:

• Anionic polymerization is initiated by strong nucleophiles (e.g., alkyllithium compounds like n-BuLi).
Under carefully controlled conditions, termination can be eliminated entirely, producing living
polymerization. This gives precise control over molecular weight (you set it by the monomer-to-initiator
ratio) and yields very narrow dispersity ( – ).

• Cationic polymerization is initiated by strong electrophiles (Lewis acids like  with a co-initiator). It's
useful for monomers with electron-donating substituents (e.g., isobutylene).

Coordination polymerization uses transition metal catalysts to control how monomers insert into a growing
chain:

• Ziegler-Natta catalysts (e.g., / ) enabled the first production of stereoregular polyolefins,
earning a Nobel Prize in 1963.

• Metallocene catalysts are single-site catalysts that offer even tighter control over stereoregularity and
molecular weight distribution.

In both cases, the monomer inserts into the metal-carbon bond at the active site. The geometry of the
catalyst determines whether the resulting polymer is isotactic, syndiotactic, or atactic, which directly affects
crystallinity and mechanical properties.
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Process Conditions and Industrial Applications

Impact of Conditions on Polymer Properties
Temperature affects every kinetic step, but not equally:

• Higher temperatures increase the rate of initiator decomposition ( ), generating more radicals. This
produces more chains but shorter ones, lowering the average molecular weight.

• The propagation and termination rate constants ( , ) also increase, but their ratio shifts in ways
that depend on the specific system.

• For step-growth polymers, higher temperatures drive the equilibrium toward product and increase the
rate, but excessive heat can cause degradation.

Pressure plays a major role in gas-phase polymerizations:

• High pressure favors formation of high-molecular-weight polymers by increasing monomer
concentration in the reaction zone.

• LDPE production, for example, operates at pressures of 1,000–3,000 atm and temperatures of 80–300
°C.

• Elevated pressure also enhances monomer solubility in the reaction medium and increases the
propagation-to-termination rate ratio.

Monomer concentration directly controls the kinetic chain length:

• The degree of polymerization ( ) in free-radical systems is proportional to , so higher monomer
concentration yields longer chains.

• Very high concentrations increase viscosity, which can create heat transfer problems (the
Trommsdorff effect or gel effect), where termination slows down due to restricted radical mobility,
causing autoacceleration.

Applications in Polymer Production
Plastics:

• Polyethylene is produced in two major forms. LDPE (made via high-pressure free-radical
polymerization) is branched and flexible, used in packaging and films. HDPE (made with Ziegler-Natta
or metallocene catalysts at lower pressures) is linear and rigid, used in containers and pipes.

• Polypropylene is produced using coordination catalysts to control tacticity. Isotactic PP has high
crystallinity and strength, making it suitable for automotive parts, textiles, and packaging.

• Polyvinyl chloride (PVC) is produced by free-radical polymerization of vinyl chloride. It's used in
construction, pipes, and wire insulation, and can be made flexible with plasticizers.

Rubbers (elastomers):

• Styrene-butadiene rubber (SBR) is a copolymer produced by emulsion or solution polymerization. It's
the most common synthetic rubber, used in tires, footwear, and adhesives.

• Nitrile rubber (acrylonitrile-butadiene copolymer) has excellent oil resistance, making it ideal for seals,
hoses, and gloves.
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• EPDM rubber is made by coordination polymerization of ethylene, propylene, and a diene monomer.
Its saturated backbone gives it outstanding weather and ozone resistance for automotive parts, roofing,
and seals.

Other polymeric materials:

• PET (polyethylene terephthalate) is a step-growth polyester used in bottles, fibers, and films. Its
production requires driving off water or methanol to push conversion above 99%.

• Nylon (polyamide) is also step-growth, formed by condensation of diamines and diacids. Nylon 6,6, for
example, is widely used in textiles and automotive components.

• Polyurethanes are formed by step-growth reaction of diisocyanates with diols. By varying the
monomers, manufacturers produce rigid foams, flexible foams, coatings, and adhesives from the same
chemistry.

12.3 Combustion kinetics and energy applications
Combustion kinetics explains how fuels burn at the molecular level, covering ignition, flame spread, and
pollution formation. These processes determine how efficiently and cleanly engines, power plants, and
turbines convert chemical energy into useful work. Understanding the reaction mechanisms behind
combustion is what allows engineers to design systems that extract more energy while producing fewer
harmful emissions.

Combustion Kinetics Fundamentals

Principles of combustion kinetics
Three core processes define combustion behavior: ignition, flame propagation, and pollutant formation.
Each one is governed by reaction kinetics, and each can be manipulated through system design.

Ignition starts the combustion process by supplying enough energy to overcome the activation energy
barrier. Whether ignition occurs depends on fuel properties (like octane number for gasoline or cetane
number for diesel), temperature, and pressure.

• In a gasoline engine, a spark plug provides the ignition energy directly (spark ignition).

• In a diesel engine, the air is compressed until it's hot enough to ignite the fuel on contact (compression
ignition). No spark needed.

Flame propagation is how the combustion reaction spreads through the fuel-air mixture once ignition
occurs. Heat and mass transfer carry the reaction front outward. Several factors control how fast and
uniformly the flame moves:

• Turbulence enhances mixing between fuel and air, speeding up flame spread.

• Fuel composition affects the inherent flame speed of the mixture.

• Combustion chamber geometry shapes flow patterns that either help or hinder uniform burning.

A Bunsen burner produces a smooth, laminar flame. A gas turbine combustor, by contrast, relies on highly
turbulent flame propagation to burn fuel quickly and completely.

Pollutant formation produces undesirable byproducts during combustion. The main culprits are nitrogen
oxides ( ), carbon monoxide ( ), and particulate matter ( ). How much of each forms depends on
combustion conditions (temperature, pressure, air-fuel ratio) and fuel properties (sulfur content, aromatic
content).
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• Thermal  forms at high temperatures when nitrogen and oxygen from the air react. Above roughly
1800 K,  production increases sharply.

• Soot and  form in fuel-rich regions where there isn't enough oxygen for complete combustion.

•  forms when combustion is incomplete, meaning carbon doesn't fully oxidize to .

Applications and Impact of Combustion Kinetics

Kinetics in energy systems
Different energy systems exploit combustion kinetics in distinct ways, depending on their fuel, scale, and
performance requirements.

Internal combustion engines come in two main types:

1. Spark-ignition (SI) engines use a spark plug to ignite a premixed fuel-air charge. The flame then
propagates through the mixture. Gasoline car engines are the classic example.

2. Compression-ignition (CI) engines compress air until it reaches a temperature high enough to
auto-ignite injected fuel. Combustion is diffusion-controlled, meaning the rate depends on how quickly
fuel and air mix. Diesel truck engines work this way.

Gas turbines use a continuous combustion process with high air-fuel ratios. Turbulence, fuel injection
quality (atomization and evaporation), and combustion chamber design all influence the kinetics. These
appear in both stationary power generation and aircraft jet engines.

Power plants operate large-scale combustion systems using diverse fuels. The kinetics depend on fuel
properties (coal rank, biomass composition), combustion technology (pulverized coal vs. fluidized bed),
and emission control strategies like selective catalytic reduction (SCR) for  or electrostatic
precipitators for particulate capture.

Factors affecting reaction kinetics
Fuel composition plays a direct role in how combustion proceeds. Hydrocarbon structure and molecular
weight influence both ignition delay and flame speed. Longer hydrocarbon chains and higher molecular
weights generally mean longer ignition delays and slower flame speeds. Impurities matter too: sulfur in fuel
leads to  emissions, while fuel-bound nitrogen contributes to  formation independent of
combustion temperature.

Air-fuel ratio (represented by the equivalence ratio ) is one of the most important control variables in
combustion:

• Stoichiometric ( ): The exact amount of air needed for complete combustion. No excess fuel or
air in theory.

• Lean ( ): Excess air is present. This lowers flame temperatures and reduces  formation, but
if too lean, the flame can become unstable or misfire.

• Rich ( ): Not enough air for complete combustion. This increases  and particulate formation
because some fuel doesn't fully oxidize.

Combustion conditions add further complexity:

• Temperature: Higher temperatures accelerate reaction rates (consistent with the Arrhenius equation),
but they also drive up thermal  production.
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• Pressure: Elevated pressures increase molecular collision frequency, which enhances both reaction
rates and flame propagation speed.

• Residence time: Longer residence times allow more complete combustion, but poor mixing combined
with long residence times can actually increase certain pollutants.

Kinetics for clean energy technologies
Low-emission engine strategies aim to reduce pollutants by controlling the conditions under which
combustion occurs:

1. Advanced combustion modes like homogeneous charge compression ignition (HCCI) and lean burn
keep temperatures low and mixing uniform, which cuts  and soot simultaneously.

2. Improved fuel injection and mixing (high-pressure injection, swirl-inducing intake ports) optimize
combustion kinetics by minimizing local fuel-rich pockets where soot forms.

3. Exhaust gas recirculation (EGR) dilutes the intake air with inert exhaust gas, lowering peak flame
temperatures and reducing thermal  formation.

Alternative fuels each bring unique combustion characteristics:

• Biofuels (ethanol, biodiesel) can have different ignition properties and flame speeds compared to
petroleum fuels. Ethanol, for instance, has a higher octane number than gasoline, which resists knock
but requires engine calibration changes.

• Natural gas has a high octane number, enabling higher compression ratios and improved thermal
efficiency. Its simpler molecular structure (primarily ) also produces less  per unit of energy
than gasoline or diesel.

• Hydrogen has an exceptionally wide flammability range and very fast flame speed, enabling ultra-lean
combustion that dramatically reduces . The challenge is that hydrogen produces no  at all
when burned, but storing and distributing it remains difficult.

Tailored combustion strategies for each fuel type help maximize efficiency and minimize emissions.
Real-world examples include flex-fuel vehicles running gasoline-ethanol blends, natural gas transit buses,
and hydrogen fuel cell vehicles (which use electrochemical conversion rather than traditional combustion).

12.4 Pharmaceutical and environmental applications
Chemical kinetics plays a crucial role in pharmaceutical and environmental applications. It's the secret
sauce that helps develop better drugs, optimize manufacturing, and understand how medications work in
our bodies.

In the environment, kinetics is key to tackling pollution and creating sustainable solutions. It's like a
superpower that lets us clean water, control air pollution, and fix contaminated soil more effectively.

Pharmaceutical Applications of Chemical Kinetics

Kinetics in pharmaceutical development
• Chemical kinetics optimizes drug formulation and manufacturing processes ensures consistent
product quality (dosage forms, administration routes)

• Kinetic studies screen potential drug candidates during discovery phase assess safety and efficacy in
pre-clinical and clinical trials
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• Kinetic data guides the development of suitable storage conditions and packaging maintains drug
stability and shelf life (temperature, pH, light exposure)

Drug kinetics in human body
• Drug decomposition kinetics determines stability and shelf life affected by environmental factors
(temperature, pH, light exposure)

• Drug absorption kinetics describes rate and extent of absorption from administration site to
bloodstream influenced by drug properties (solubility, permeability) and formulation

• Drug metabolism kinetics studies biotransformation by enzymes determines clearance and elimination
rates predicts potential drug-drug interactions and adverse effects (cytochrome P450 enzymes)

Environmental Applications of Chemical Kinetics

Kinetics for environmental processes
• Water treatment: chemical kinetics optimizes purification processes (chlorination, ozonation) predicts
pollutant removal rates and treatment times designs efficient treatment systems

• Air pollution control: understands formation and fate of pollutants develops control strategies (catalytic
converters, scrubbers) models atmospheric chemical reactions and impacts on air quality

• Soil remediation: studies degradation and transport of contaminants in soil designs remediation
techniques (bioremediation, chemical oxidation) predicts contaminant fate and transport in subsurface
environment

Applications of kinetics in technology
• Green chemistry principles: designs environmentally friendly and sustainable pharmaceutical
processes (catalysts, reaction pathways) minimizes waste and energy consumption uses renewable
feedstocks and biodegradable drug formulations

• Process intensification: intensifies pharmaceutical and environmental processes with microreactors
and continuous flow systems enhances mass and heat transfer develops more efficient and compact
treatment systems

• Predictive modeling and simulation: develops predictive models and simulations optimizes process
parameters and identifies critical control points enables virtual design and testing reduces need for
extensive experiments
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Unit 13 – Experimental Methods in
Chemical Kinetics
13.1 Spectroscopic methods for kinetic measurements

Spectroscopic Methods in Kinetic Measurements
Spectroscopic methods let you track how molecular concentrations change over time by measuring how
molecules interact with light. Because these techniques can take measurements continuously and
non-destructively, they're some of the most widely used tools for determining reaction rates, rate constants,
and mechanisms.

This section covers four major spectroscopic approaches (UV-visible, infrared, fluorescence, and Raman),
their strengths and limitations, and how to turn raw spectroscopic data into meaningful kinetic parameters.

Principles of UV-visible and infrared spectroscopy
UV-visible (UV-Vis) spectroscopy measures the absorption of light in the ultraviolet and visible regions of
the electromagnetic spectrum. When a molecule absorbs a photon in this range, an electron is promoted
from a lower-energy orbital to a higher-energy one. The amount of light absorbed is directly related to the
concentration of the absorbing species through the Beer-Lambert law:

•  = absorbance (unitless)

•  = molar attenuation coefficient (how strongly the species absorbs at a given wavelength)

•  = path length through the sample (typically in cm)

•  = molar concentration of the absorbing species

This linear relationship between absorbance and concentration is what makes UV-Vis so useful for
kinetics. You pick a wavelength where your reactant or product absorbs strongly, then record absorbance
as a function of time. The resulting absorbance-vs-time curve maps directly onto a concentration-vs-time
curve once you know .

Infrared (IR) spectroscopy works on a similar principle but probes a different kind of transition. Instead of
electronic excitations, IR light causes bonds within molecules to vibrate more intensely (stretching,
bending, rocking modes). Each functional group absorbs at characteristic IR frequencies, so you can track
the disappearance of a specific bond (say, a carbonyl stretch near 1700 cm ) or the appearance of a new
one as a reaction proceeds. Absorbance in the IR region is also proportional to concentration, so the same
quantitative logic applies: monitor the absorbance of a diagnostic peak over time to extract kinetic
parameters like reaction order and activation energy.

Fluorescence and Raman for kinetics
Fluorescence spectroscopy measures light emitted by a molecule after it absorbs a higher-energy photon.
The molecule relaxes to its ground state by releasing a photon at a longer wavelength (lower energy) than
the one it absorbed. The intensity of this emitted light is proportional to the concentration of the fluorescent
species, so tracking fluorescence intensity over time gives you a kinetic trace.
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Fluorescence is especially valuable in two situations:

• Fast reactions on nanosecond-to-microsecond timescales, because fluorescence detectors have
excellent time resolution.

• Reactions involving naturally fluorescent molecules, such as aromatic compounds, biological
chromophores (tryptophan in proteins, for example), or added fluorescent dyes/probes.

Raman spectroscopy measures the inelastic scattering of monochromatic light (usually from a laser) by
molecules. Most photons scatter elastically (Rayleigh scattering), but a small fraction exchange energy
with molecular vibrations and scatter at shifted frequencies. These frequency shifts correspond to specific
vibrational modes, much like IR spectroscopy, and the intensity of each Raman peak is proportional to the
concentration of the scattering species.

Raman has a few practical advantages for kinetics:

• Minimal interference from water. Water is a strong IR absorber but a weak Raman scatterer, making
Raman ideal for studying reactions in aqueous solution.

• Complementary selection rules. Some vibrations that are IR-inactive are Raman-active (and vice
versa), so Raman can detect species that IR cannot.

• Applicability to non-fluorescent species, including many inorganic compounds and polymers.

Advantages vs. limitations of spectroscopic methods
Advantages - Non-invasive and non-destructive, so the measurement itself doesn't perturb the reaction -
Provide real-time, continuous monitoring of reaction progress - Capable of studying fast reactions
(microsecond to second timescales) with high temporal resolution - High sensitivity (detect species at low
concentrations) and selectivity (distinguish between chemically similar compounds by their distinct spectra)
- Can track multiple species simultaneously if their spectral features don't overlap too much, letting you
observe reactants, products, and intermediates in a single experiment

Limitations - The species you want to monitor must have a suitable spectroscopic "handle": a chromophore
for UV-Vis, a changing vibrational mode for IR/Raman, or intrinsic fluorescence for fluorescence
spectroscopy. If none of these exist, you may need to attach a label or use a different technique entirely. -
Sample turbidity (suspended particles causing light scattering) and background absorption from the solvent
or impurities can distort measurements. - Quantitative concentration measurements require careful
calibration against standards of known concentration. - Some techniques require expensive, specialized
equipment (tunable lasers, sensitive detectors, high-resolution monochromators).

Interpretation of spectroscopic kinetic data
Once you've collected absorbance, fluorescence, or Raman intensity data as a function of time, you need
to convert it into kinetic parameters. Here's the standard workflow:

1.

Convert spectroscopic signal to concentration. Use the Beer-Lambert law (or an analogous calibration) to
turn your raw absorbance/intensity values into molar concentrations at each time point.

2.

Determine the reaction order by testing which linearized plot gives a straight line: - Zero-order: plot  vs.
 (straight line with slope ) - First-order: plot  vs.  (straight line with slope ) -

Second-order: plot  vs.  (straight line with slope )
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3.

Extract the rate constant  from the slope of whichever plot is linear. The rate constant reflects the intrinsic
reactivity of the system at that temperature.

4.

Determine activation energy by repeating the experiment at several temperatures and applying the
Arrhenius equation:

Taking the natural log of both sides gives . A plot of  vs.  yields a straight line
whose slope is  and whose y-intercept is . Here  is the activation energy (the energy barrier
the reactants must overcome) and  is the pre-exponential factor (related to the frequency and orientation
of molecular collisions).

1.

Look for deviations from simple kinetic models. If none of the standard integrated rate law plots give a
clean straight line, the reaction may involve consecutive steps, parallel pathways, or reversible equilibria.
Spectroscopic methods are particularly helpful here because they can sometimes detect short-lived
intermediates directly (for instance, a transient absorption peak that appears and then disappears).

2.

Cross-validate with multiple techniques. Comparing kinetic parameters obtained from UV-Vis (electronic
transitions) with those from IR or Raman (vibrational transitions) strengthens your confidence in the results
and can reveal mechanistic details that a single technique might miss.

13.2 Stopped-flow and relaxation techniques

Stopped-Flow and Relaxation Techniques
Stopped-flow and relaxation techniques are the primary tools for studying fast chemical reactions that
complete in milliseconds or microseconds. Standard mixing-by-hand methods can't capture kinetics on
these timescales, so these specialized approaches fill a critical gap. They let you measure rate constants
for rapid processes like enzyme catalysis, protein folding, and ligand binding.

The two methods work differently: stopped-flow rapidly mixes reactants and then monitors the reaction as it
proceeds, while relaxation techniques start with a system already at equilibrium and give it a sudden jolt.
Both generate time-resolved data you can fit to kinetic models to extract rate constants and propose
mechanisms.

Principles of Stopped-Flow Techniques
Stopped-flow works by rapidly mixing two reactant solutions and then abruptly halting the flow so you can
watch the reaction unfold. It's particularly useful for reactions with half-lives ranging from about 1
millisecond to several seconds.

Here's how the apparatus works:

1. Drive syringes push precise volumes of two reactant solutions toward a mixing chamber at high
speed.

2. The mixing chamber combines the solutions thoroughly in under 1 ms (this dead time sets the lower
limit on what you can measure).
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3. The mixed solution flows into an observation cell, where a detector monitors the reaction in real time.

4. A stop syringe or physical barrier halts the flow abruptly, so the solution sits still in the observation
cell while the reaction continues.

5. A detection system records changes in a spectroscopic signal (absorbance, fluorescence, circular
dichroism) as the reaction progresses.

The key limitation is the dead time, which is the delay between mixing and the first reliable measurement.
For most instruments this is roughly 0.5–2 ms, so any reaction that completes faster than that can't be
captured by stopped-flow alone.

Relaxation Techniques for Reaction Kinetics
Relaxation techniques take a different approach. Instead of mixing reactants, you start with a system that's
already at equilibrium and then apply a sudden perturbation. The system is now out of equilibrium under
the new conditions, and you monitor how it "relaxes" back to a new equilibrium state.

Common types of perturbation:

• Temperature jump (T-jump): A laser pulse or capacitor discharge heats the sample by several
degrees in microseconds. This is the most widely used relaxation method.

• Pressure jump (P-jump): A rapid pressure change (often using a burst diaphragm or piezoelectric
transducer) shifts the equilibrium of reactions with a nonzero .

• Electric field jump (E-jump): A strong electric field pulse perturbs equilibria involving charged or polar
species.

Because the perturbation itself happens on a microsecond (or faster) timescale, relaxation techniques can
probe reactions with half-lives in the microsecond to millisecond range. That makes them faster than
stopped-flow and well-suited for processes like protein conformational changes and rapid ligand binding.

The central quantity you extract is the relaxation time , which describes how quickly the system returns to
equilibrium. For a simple one-step reaction , the observed relaxation follows a single exponential
decay, and:

where  is the forward rate constant and  is the reverse rate constant. Note that  depends on both rate
constants, not just one. The simplified expression  only applies when one direction dominates or
for an irreversible process. For more complex mechanisms (e.g., ), the relationship between 
and the rate constants also involves equilibrium concentrations, so you typically measure  at several
different concentrations and fit the resulting dependence.
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Stopped-Flow vs. Relaxation Techniques
Feature Stopped-Flow Relaxation

Timescale ~1 ms to seconds ~1 µs to milliseconds

How it works Rapid mixing of reactants, then flow is
stopped

Perturbation of a system already at
equilibrium

Starting point Reactants not yet combined System at equilibrium

Sample volume Larger (continuous flow through
syringes)

Smaller (same sample is perturbed in
place)

Perturbation type Mixing T-jump, P-jump, or E-jump

Common applications Enzyme kinetics, binding assays,
folding initiated by mixing

Conformational changes, proton
transfer, fast binding equilibria

The two methods are complementary. Stopped-flow is often the first choice when you need to initiate a
reaction by combining two solutions. Relaxation techniques become necessary when the reaction is too
fast for the stopped-flow dead time, or when you want to study elementary steps within an equilibrium
process.

Analysis of Stopped-Flow and Relaxation Data
For stopped-flow data:

1. Record the spectroscopic signal (absorbance, fluorescence, etc.) as a function of time after mixing.

2. Plot signal vs. time. Most fast reactions produce an exponential curve. Fit the trace to a single
exponential ( ) or, if the reaction has multiple phases, a multi-exponential model.

3. Extract the observed rate constant  from the fit. For a pseudo-first-order reaction, plot 
against the concentration of the excess reagent. The slope gives the second-order rate constant, and
the y-intercept gives the reverse rate constant.

For relaxation data:

1. Record the signal vs. time after the perturbation (e.g., after the T-jump pulse).

2. Fit the relaxation trace to an exponential decay to obtain the relaxation time .

3. Calculate the sum of rate constants from . For a bimolecular equilibrium like 
, the relationship becomes , so you need to measure  at multiple
equilibrium concentrations and plot  vs.  to separate  and .

For both methods:

• Always consider how experimental conditions (temperature, pH, ionic strength, concentration) affect
the observed kinetics.

• Compare your extracted rate constants with published literature values as a sanity check.

• Use the concentration dependence of  or  to distinguish between proposed mechanisms. A
linear dependence suggests a simple one-step process, while curvature or multiple relaxation times
point to a multi-step mechanism.
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13.3 Temperature-jump and pressure-jump methods

13.3 Temperature-jump and pressure-jump methods
Temperature-jump and pressure-jump methods let researchers study fast chemical reactions that are too
quick for traditional mixing techniques. By suddenly changing the temperature or pressure of a system
already at equilibrium, these methods force the system to relax toward a new equilibrium, and that
relaxation process reveals kinetic information about the reaction.

Principles of Temperature-Jump and Pressure-Jump Methods
Temperature-jump (T-jump) rapidly heats a reaction mixture that's sitting at equilibrium. The heating
happens in microseconds or less, which is faster than the chemical relaxation you're trying to observe. Two
common heating approaches exist:

• Electrical discharge: A capacitor discharges through the solution, delivering a large current pulse that
heats the sample by a few degrees (typically 5–10 °C) within microseconds.

• Laser pulse: A short infrared laser pulse is absorbed by the solvent (often water), producing a similarly
rapid temperature rise. Laser T-jump can achieve heating on nanosecond timescales, making it suitable
for even faster processes.

A detection system, usually a spectrophotometer or conductivity meter, then monitors how the system
relaxes to the new equilibrium at the higher temperature.

Pressure-jump (P-jump) works on the same principle but uses pressure as the perturbation variable. A
reaction cell is held at high pressure, and then the pressure is released suddenly (or increased suddenly)
using a burst diaphragm or piezoelectric transducer. This shifts the equilibrium for any reaction that has a
nonzero reaction volume change ( ). The same types of detection systems track the subsequent
relaxation.

The key requirement for both methods: the perturbation must happen faster than the relaxation process
you want to measure. If heating takes 10 µs but the reaction relaxes in 1 µs, you won't resolve the kinetics.

Applications in Fast Reaction Kinetics
Both T-jump and P-jump are designed for reactions with half-lives in the microsecond-to-millisecond range.
They're especially useful when stopped-flow mixing (which has a dead time of ~1 ms) is too slow.

These methods work because changing temperature or pressure shifts the equilibrium constant :

• T-jump exploits the van 't Hoff relationship: reactions with nonzero  have temperature-dependent
equilibrium constants.

• P-jump exploits the pressure dependence: reactions with nonzero  have pressure-dependent
equilibrium constants.

After the perturbation, you monitor time-dependent changes such as:

• Concentration changes of reactants, intermediates, or products (via UV-Vis absorbance,
fluorescence)

• Changes in conductivity (useful for reactions involving ions)

Common applications include proton-transfer reactions, metal-ion complexation, conformational changes
in proteins, and enzyme-substrate binding.
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Advantages and Limitations of Jump Methods
Advantages:

• Access to fast reactions (µs to ms timescale) that can't be studied by conventional mixing

• No need for rapid mixing, so there's no dead time from the mixing process itself

• Versatile across reaction types: unimolecular, bimolecular, and enzyme-catalyzed reactions can all be
studied

• The perturbation is small (a few degrees or a few atm), so the system stays near equilibrium and
linear relaxation analysis applies

Limitations:

• The reaction must have a measurable equilibrium shift with temperature or pressure. A reaction with
 won't respond to a T-jump, and one with  won't respond to a P-jump.

• High temperatures or pressures can cause sample degradation or trigger unwanted side reactions

• Instrumentation is specialized and expensive

• The small perturbation means concentration changes are small, so you need a sensitive detection
method

• Reactions with very large activation energies may relax too slowly or too quickly to fall within the
accessible time window

Interpretation of Jump Experiment Data
After the perturbation, the system relaxes toward the new equilibrium. The concentration of a species as a
function of time typically follows an exponential decay:

where  is the final equilibrium value,  is the amplitude of the perturbation, and  is the relaxation
time. For multi-step reactions, you may need a sum of exponentials, each with its own .

Extracting rate constants from relaxation times
For a simple one-step equilibrium, the relaxation time relates directly to the forward and reverse rate
constants:

This single equation has two unknowns, so you need a second relationship. The equilibrium constant
provides it:

With  measured independently (or from the equilibrium concentrations), you can solve for both  and .

For bimolecular reactions, the expression for  includes equilibrium concentrations. For example, for
: . The exact form depends on the stoichiometry.
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Determining activation parameters
By measuring relaxation times at multiple temperatures, you can extract activation energies using either:

• Arrhenius equation: 

• Eyring equation: 

Plotting  vs.  (Arrhenius plot) gives a straight line with slope . The Eyring equation further
separates the activation free energy into enthalpic ( ) and entropic ( ) contributions, which provides
mechanistic insight into the transition state.

13.4 Single-molecule kinetics and microscopy techniques
Single-molecule kinetics unveils the hidden world of individual molecules. By studying reactions at the
molecular level, we gain insights into heterogeneity, rare events, and dynamic processes that ensemble
measurements often miss.

Advanced microscopy techniques like TIRF and AFM enable us to observe and manipulate single
molecules. These tools reveal multiple reaction pathways, rate distributions, and conformational changes,
providing a deeper understanding of molecular behavior and function.

Single-Molecule Kinetics

Principles of single-molecule kinetics
• Involves studying behavior and dynamics of individual molecules reveals heterogeneity in reaction
rates and pathways that may be hidden in ensemble-averaged measurements

• Investigates enzyme catalysis and conformational changes (protein folding and unfolding dynamics)

• Examines molecular motors and their mechanistic properties (kinesin, myosin)

• Probes receptor-ligand interactions and binding kinetics (antigen-antibody, drug-target)

Microscopy for single-molecule studies
• Fluorescence microscopy

• Total Internal Reflection Fluorescence (TIRF) microscopy utilizes evanescent wave to selectively
excite fluorophores near the surface reduces background fluorescence and improves signal-to-noise
ratio

• Confocal microscopy uses a pinhole to eliminate out-of-focus light enables high-resolution imaging
and single-molecule detection

• Atomic Force Microscopy (AFM) measures the force between a sharp probe and the sample surface
provides topographical and mechanical information about individual molecules

• Optical tweezers use focused laser beams to trap and manipulate individual molecules allow for the
application of precise forces and measurement of molecular responses

Insights from single-molecule techniques
• Reveal presence of multiple reaction pathways different molecules may follow distinct routes to reach
the same product helps identify rate-limiting steps and intermediates in complex reactions
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• Observe heterogeneity in reaction rates individual molecules may exhibit different rate constants for
the same reaction provides information about the distribution of kinetic properties within a population

• Monitor conformational dynamics and fluctuations in real-time allows for the observation of rare or
transient states helps elucidate the relationship between molecular structure and function

Analysis of single-molecule data
1. Dwell time analysis measures the duration of specific molecular states or events provides information
about the kinetics of transitions between states

2. Fluorescence intensity trajectories plot the fluorescence intensity of individual molecules over time
allows for the identification of discrete states and their lifetimes

3. Fluorescence Resonance Energy Transfer (FRET) efficiency measures the distance-dependent
energy transfer between donor and acceptor fluorophores provides information about conformational
changes and molecular interactions

4. Statistical analysis of single-molecule data requires appropriate statistical methods to account for the
stochastic nature of single-molecule events includes techniques such as hidden Markov modeling and
maximum likelihood estimation
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Unit 14 – Computational Methods in
Chemical Kinetics
14.1 Molecular dynamics simulations in kinetics

Principles and Applications of Molecular Dynamics Simulations
Molecular dynamics (MD) simulations let you study chemical kinetics at the atomic level by tracking how
individual atoms and molecules move over time. Instead of relying solely on bulk experimental
measurements, MD gives you a microscopic view of reaction mechanisms, transition states, and rate
constants. This makes it one of the most widely used computational tools in chemical kinetics.

Principles of Molecular Dynamics Simulations
At its core, an MD simulation applies classical mechanics to a collection of particles. You define how the
particles interact, then let Newton's equations of motion play out numerically over many tiny time steps.

• Newton's equations of motion govern the simulation. At each time step, the force on every particle is
calculated from a potential energy function, and positions and velocities are updated accordingly.

• The potential energy function (force field) describes all interactions between particles. This includes
bonded interactions (bond stretching, angle bending, torsional rotation) and non-bonded interactions
(van der Waals forces, electrostatics).

• Equations of motion are integrated numerically over discrete time steps. At each step, the simulation
records system properties like energy, temperature, and pressure.

Because you're tracking every particle, MD simulations can reveal microscopic details that experiments
alone can't provide:

• Transition states, reaction pathways, and short-lived intermediates

• Rate constants and activation energies calculated directly from particle trajectories

• How environmental factors like temperature, pressure, and solvent choice influence reaction rates

Setup of Molecular Dynamics Simulations
Getting reliable results from an MD simulation requires careful setup. Here's the general workflow:

1. Choose a force field. The force field must suit your system. Common choices include AMBER (widely
used for biomolecules), CHARMM (proteins and lipids), and GROMOS (condensed-phase systems).
The choice affects both accuracy and computational cost.

2. Set simulation parameters. Define the temperature, pressure, and statistical ensemble (e.g., NVT for
constant volume/temperature, NPT for constant pressure/temperature). These control the
thermodynamic conditions of your simulation.

3. Prepare the initial configuration. Assign starting positions and velocities to all particles. Define the
simulation box size and boundary conditions. Periodic boundary conditions are the most common
choice, since they minimize edge effects by effectively replicating the box in all directions.
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4. Select an integration algorithm and time step. Standard algorithms include the Verlet, leapfrog, and
velocity Verlet integrators. The time step must be small enough to capture the fastest motions in the
system. Bond vibrations occur on the order of  s (1 femtosecond), so typical time steps are 1–2
fs.

5. Run the simulation and collect data. Integrate the equations of motion forward in time, monitoring
system properties and saving particle trajectories at regular intervals for later analysis.

Analysis of Simulation Results
Raw MD output is a massive set of particle positions, velocities, and energies at each saved time step.
Turning that into useful kinetic information takes several steps:

• Extract structural data. This includes bond lengths, bond angles, dihedral angles, and radial
distribution functions (which describe how particle density varies as a function of distance from a
reference particle).

• Calculate statistical properties. Compute mean values and distributions of observables like energy
and temperature. Time-dependent properties such as diffusion coefficients and relaxation times come
from correlation functions.

• Visualize trajectories. Tools like VMD and PyMOL let you animate particle motions and visually
identify key events: bond formation, bond breaking, conformational changes, and solvent
rearrangements.

• Connect microscopic behavior to macroscopic kinetics. This is the payoff for kinetics. You can
calculate rate constants using transition state theory or reactive flux methods, estimate activation
energies from free energy profiles along a reaction coordinate, and compare your results directly with
experimental data to validate (or refine) the model.

Limitations of Molecular Dynamics
MD simulations are powerful, but they come with real constraints you need to understand.

Force field accuracy. Force fields are empirical, meaning they're parameterized to fit experimental or
quantum mechanical data. They may not capture every relevant interaction, especially for unusual
chemical environments. Coarse-grained models trade atomic detail for speed, which can miss important
chemistry.

No quantum effects. Classical MD cannot describe processes that are fundamentally quantum mechanical,
such as electron transfer, covalent bond breaking and formation, or tunneling. Hybrid QM/MM methods
address this by treating a small reactive region with quantum mechanics and the surrounding environment
classically, but they're significantly more expensive.

Computational cost. System size and simulation length are limited by available computing resources. Even
with parallel computing and GPU acceleration, simulating millions of atoms for microseconds or longer
remains challenging.

Rare event sampling. Many reactions of interest are rare events on the simulation timescale. A
bond-breaking event might happen once every microsecond, but bond vibrations occur every femtosecond
(  s vs.  s). That's a span of nine orders of magnitude. Advanced sampling techniques like
umbrella sampling and metadynamics help by biasing the simulation to explore reactive regions of
configuration space more efficiently. Multiscale methods, including coarse-graining and enhanced
sampling, can also help bridge these timescale gaps.
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14.2 Quantum chemical calculations for reaction rates

Quantum Chemical Calculations for Reaction Rates
Quantum chemical calculations predict reaction rates from first principles by solving the Schrödinger
equation and mapping out potential energy surfaces. This lets you determine energy barriers and locate
transition states without ever running an experiment. Combined with transition state theory, these
calculations yield rate constants that complement and sometimes guide experimental kinetic studies.

Theoretical Basis of Quantum Calculations
Quantum chemistry applies quantum mechanics directly to chemical systems. The Schrödinger equation
describes how electrons and nuclei behave, giving you wave functions and energy levels for a molecular
system. In practice, solving this equation exactly is impossible for anything beyond a hydrogen atom, so
approximations are essential.

The Born-Oppenheimer approximation is the most fundamental of these. It separates electronic and
nuclear motion by assuming nuclei are essentially stationary compared to electrons. This lets you solve the
electronic structure problem for a fixed set of nuclear positions, then repeat at different geometries.

• A potential energy surface (PES) maps the energy of a system as a function of nuclear coordinates

• Minima on the PES correspond to stable species: reactants, products, and intermediates at their
equilibrium geometries

• Saddle points represent transition states, which sit at the highest energy point along the
minimum-energy reaction path

• Reaction rates depend directly on the energy barrier separating reactants from the transition state

• Higher barriers mean slower rates, since molecules need more energy to reach the transition state
and proceed to products

• Quantum tunneling allows molecules to pass through the barrier at energies below its classical height.
This is especially important for light-atom transfers like H-atom transfer and proton-coupled electron
transfer.

Application of Quantum Methods
Electronic structure methods solve the Schrödinger equation (approximately) for a given nuclear
configuration. The main families differ in how they handle electron-electron interactions:

• Hartree-Fock (HF) is the simplest ab initio approach. It treats each electron as moving in the average
field of all others, which means it neglects electron correlation. This often leads to overestimated barrier
heights.

• Density functional theory (DFT) includes electron correlation effects through exchange-correlation
functionals. It strikes a practical balance between accuracy and computational cost. Common
functionals include B3LYP (a general-purpose hybrid functional) and M06-2X (better for barrier heights
and noncovalent interactions).

• Post-HF methods systematically recover correlation energy at greater computational expense:

• Møller-Plesset perturbation theory (MP2) adds a second-order correction to HF
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• Coupled cluster methods (CCSD, CCSD(T)) are often considered the "gold standard" for
thermochemical accuracy, but scale steeply with system size

Once you've chosen a method, you need to locate the key structures on the PES. Here's the typical
workflow:

1. Geometry optimization of reactants and products by minimizing the energy on the PES

2. Transition state optimization to locate the saddle point. This requires a reasonable initial guess for
the TS geometry and uses algorithms that search for a first-order saddle point.

3. Frequency calculation at each stationary point. Reactants and products should have all real
frequencies. A valid transition state is characterized by exactly one imaginary frequency, corresponding
to motion along the reaction coordinate.

4. Intrinsic reaction coordinate (IRC) calculation starting from the transition state. This traces the
minimum-energy path in both directions, confirming that the TS actually connects the intended
reactants and products.

Rate Constants from Transition States
Transition state theory (TST) connects the quantum chemical results to a rate constant. The central
equation is the Eyring equation:

where: -  = Boltzmann constant (  J/K) -  = Planck's constant (  J·s) -
 = Gibbs free energy of activation (the free energy difference between the transition state and

reactants) -  = temperature,  = gas constant

Quantum chemical calculations supply the pieces you need to evaluate this equation:

• Electronic energies at the reactant and transition state geometries give the potential energy
component of the barrier

• Vibrational frequencies and rotational constants from frequency calculations feed into statistical
mechanics expressions for translational, rotational, and vibrational partition functions

• Thermochemical corrections convert the raw electronic energy difference into  at a given
temperature

For reactions involving light atoms (especially hydrogen), tunneling corrections improve the TST rate
constant. Two common approaches:

• Wigner correction: , where  is the magnitude of the imaginary frequency at the
transition state. This is a simple multiplicative factor but only works well for small tunneling
contributions.

• Eckart barrier model handles asymmetric barriers (where reactant and product energies differ) and
captures larger tunneling effects more reliably.

Accuracy of Quantum Predictions
Computational predictions are only useful if you understand their reliability. Validation against experiment
is essential.
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• Kinetic isotope effects (KIEs) are a particularly sensitive test. Replacing H with D changes vibrational
frequencies and tunneling contributions, so comparing computed and measured KIEs reveals whether
your model captures the right physics. Primary KIEs (bond breaking/forming) are typically larger than
secondary KIEs (adjacent bonds).

• Temperature dependence of rate constants produces Arrhenius plots. Comparing computed and
experimental activation energies and pre-exponential factors tests both the barrier height and the
entropy of activation.

Accuracy depends heavily on the level of theory and basis set (the mathematical functions used to
represent orbitals):

• Larger basis sets and higher-level methods generally improve results, but at significant computational
cost

• Benchmark studies compare methods against high-accuracy reference data for specific reaction
classes: organic reactions, enzymatic catalysis, atmospheric chemistry, and so on. These benchmarks
guide method selection for new problems.

Several sources of error deserve attention:

• Anharmonicity in vibrational modes can matter for floppy molecules or hydrogen-bonded systems,
where the harmonic approximation used in standard frequency calculations breaks down

• Non-Born-Oppenheimer effects become important near conical intersections, where two electronic
states become degenerate

• Conformational sampling is critical for flexible molecules: if you miss a low-energy conformer of the
reactant or TS, your barrier will be wrong

• Solvent effects can shift barriers substantially. Implicit solvation models (like PCM or SMD) are
computationally cheap but approximate; explicit solvent molecules add accuracy at much greater cost

14.3 Kinetic Monte Carlo methods

Kinetic Monte Carlo Methods

Principles of kinetic Monte Carlo
Kinetic Monte Carlo (KMC) is a stochastic simulation technique that models how chemical systems evolve
over time. Unlike molecular dynamics, which tracks every atomic vibration, KMC jumps directly from one
reactive event to the next. This makes it possible to simulate time scales that would be completely
impractical with atom-by-atom methods.

The core idea comes from standard Monte Carlo methods: use random sampling to explore outcomes.
KMC applies this specifically to systems where you know the possible transitions and their rate constants.
It's especially useful for systems dominated by rare events, where most of the time nothing happens and
then a reaction suddenly occurs. Heterogeneous catalysis and biochemical networks are classic examples.

A KMC simulation describes the system as a set of states (configurations) and transitions between them.
Each transition has an associated rate constant that determines how likely it is to occur. The simulation
then follows this procedure:

1. Initialize the system in a starting state

2. Calculate the rates of all possible transitions from the current state
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3. Select one transition randomly, weighted by its rate (faster transitions are more likely to be chosen)

4. Execute that transition: update the system state and advance the simulation clock

5. Return to step 2 and repeat until the target simulation time or stopping condition is reached

The time advance in step 4 is not a fixed time step. Instead, the waiting time between events is drawn from
an exponential distribution based on the total rate of all possible transitions. This is what makes KMC
faithful to the underlying kinetics: both which event happens and when it happens are determined by the
rate constants.

Implementation for reaction networks
Setting up a KMC simulation requires two things: a clear definition of the system's states and a catalog of
all possible transitions.

• States represent distinct configurations of the system, such as molecular arrangements on a catalyst
surface or the number of each molecular species in a reactor

• Transitions correspond to elementary steps like adsorption, desorption, surface diffusion, or chemical
reaction

Getting the transition rates right is critical. These can come from experimental measurements, density
functional theory (DFT) calculations, or transition state theory. Temperature dependence is typically
handled through the Arrhenius equation:

Here,  is the pre-exponential factor,  is the activation energy,  is Boltzmann's constant, and  is
temperature. Each elementary transition in the network gets its own  and .

On the coding side, the main computational bottleneck is step 3: selecting a transition weighted by rate
when there may be thousands or millions of possible events. Efficient data structures make this tractable:

• Binary search trees allow transition selection in  time instead of 

• Cumulative sum arrays speed up the weighted random selection

• Neighbor lists avoid recalculating rates for the entire system when only a local region changed

KMC simulations are applied across a wide range of problems:

• Heterogeneous catalysis: modeling reaction mechanisms on surfaces (e.g., CO oxidation on platinum)

• Crystal growth and thin film deposition: tracking how atoms attach to growing surfaces

• Diffusion in materials: simulating atomic migration through solids

• Biochemical networks: modeling stochastic gene expression or enzyme kinetics in small-volume
systems

Interpretation of simulation results
Because KMC is stochastic, a single simulation run represents just one possible trajectory of the system.
To get statistically meaningful results, you typically run many independent simulations and compute
ensemble averages of the quantities you care about, such as species concentrations, surface coverages,
or product yields.

From these trajectories, you can extract several types of kinetic information:
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• Reaction rates: count how many times a specific transition occurs per unit of simulation time

• Activation energies: run simulations at multiple temperatures, measure the effective rate, and fit the
results to the Arrhenius equation to extract 

• Sensitivity analysis: systematically vary input parameters (rate constants, initial conditions) and
observe how the output changes, which reveals which steps control the overall kinetics

KMC also provides spatial and temporal detail that deterministic models miss. You can analyze spatial
correlations to study surface morphology during crystal growth, track how reaction fronts propagate across
a catalyst surface, or calculate residence time distributions for molecules in a reactor. These
time-dependent and space-resolved quantities are often the main reason researchers choose KMC over
simpler rate equation models.

Kinetic Monte Carlo vs other methods
KMC occupies a specific niche in the landscape of computational kinetics. Understanding when to use it
(and when not to) matters.

KMC vs. deterministic rate equations (ODEs) Ordinary differential equations describe the average behavior
of a system using continuous concentration variables. They work well when molecule counts are large and
the system is well-mixed. However, ODEs cannot capture stochastic fluctuations, which become significant
in small systems (e.g., a single cell with only a few copies of a protein). ODEs also assume spatial
homogeneity, so they miss effects like island formation on catalytic surfaces.

KMC vs. molecular dynamics (MD) MD simulations track the motion of every atom by numerically
integrating Newton's equations (or the Schrödinger equation in ab initio MD). This gives rich mechanistic
detail but requires femtosecond time steps, limiting simulations to nanoseconds or at most microseconds.
KMC skips the waiting time between events entirely, reaching seconds, minutes, or longer. The trade-off is
that KMC requires you to know the transitions and their rates in advance, while MD discovers them
naturally from the physics.

Hybrid approaches Multiscale modeling combines KMC with other methods to cover multiple length and
time scales. For example, a KMC-MD hybrid might use MD to compute rate constants for elementary
steps, then feed those into a KMC simulation of the long-time surface evolution. Similarly, KMC can be
coupled with continuum models to connect molecular-scale events to macroscopic reactor behavior. These
hybrid strategies are increasingly common for complex systems where no single method spans the full
range of relevant scales.

14.4 Machine learning approaches in chemical kinetics

Introduction to Machine Learning in Chemical Kinetics
Machine learning (ML) applies data-driven algorithms to predict and understand kinetic behavior. Rather
than deriving rate laws purely from first principles or running exhaustive experiments, ML models learn
patterns from existing kinetic data and use those patterns to make predictions about new reactions or
conditions. This approach complements traditional kinetic modeling and becomes especially valuable when
dealing with complex, multi-step reaction systems where analytical solutions are difficult to obtain.
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Concepts of Machine Learning in Kinetics
ML in chemical kinetics starts with datasets of kinetic information (rate constants, concentrations, activation
energies) and uses algorithms to find relationships between molecular properties and reaction behavior.
These relationships are often called structure-activity relationships, where structural or electronic features
of reactants correlate with how fast they react.

Three key concepts underpin this work:

• Feature engineering is the process of selecting and constructing molecular descriptors that serve as
inputs to ML models. These descriptors capture properties like electron density, steric bulk, bond
lengths, or topological indices. The quality of your features often matters more than the choice of
algorithm.

• Supervised learning trains models on labeled data, meaning each data point has a known outcome
(e.g., a measured rate constant). The model learns to map inputs to outputs, then predicts outcomes for
unseen data. This covers both regression (predicting a continuous value like a rate constant) and
classification (assigning a reaction to a mechanism category).

• Unsupervised learning works with unlabeled data to find hidden structure. Clustering algorithms might
group reactions with similar kinetic profiles, while dimensionality reduction techniques can reveal which
variables matter most in a large dataset.

Common ML techniques used in kinetics include:

• Regression algorithms for predicting continuous kinetic quantities like rate constants (linear
regression, support vector regression, Gaussian process regression)

• Classification algorithms for identifying reaction mechanisms or categorizing reaction types (decision
trees, random forests, support vector machines)

• Neural networks and deep learning for capturing highly nonlinear relationships between molecular
structure and kinetic behavior (feedforward networks, graph neural networks for molecular
representations)

Algorithms for Rate Prediction
Predicting reaction rates with ML follows a general workflow:

1. Collect and preprocess kinetic data (rate constants, concentrations, temperature, pressure
conditions)

2. Select and calculate molecular descriptors for each reactant or reaction system (electronic properties
from DFT calculations, steric parameters, molecular fingerprints)

3. Train an ML regression model on the descriptor-rate data pairs

4. Evaluate model performance using metrics like mean squared error (MSE) or the coefficient of
determination ( )

5. Apply the trained model to predict rates for new compounds or under new conditions

Discovering reaction mechanisms with ML uses a parallel but distinct approach:

1. Compile a dataset of reactions with known mechanisms and their corresponding kinetic signatures
(rate law orders, temperature dependence, isotope effects)

2. Train a classification algorithm to learn which kinetic patterns correspond to which mechanism types



Fiveable archived study guides Page 122

3. Feed kinetic data from an unknown reaction into the trained classifier to predict its likely mechanism

4. Validate the predicted mechanism experimentally or computationally (e.g., through kinetic isotope
effect measurements or transition state calculations)

The classification step is particularly useful when a reaction could plausibly follow multiple pathways and
you need to narrow down the candidates before investing in expensive computational or experimental
validation.

Developing and Validating Machine Learning Models

Model Development with Kinetic Data
Building a reliable ML model for kinetics requires careful attention at every stage.

Data gathering and preparation:

• Collect kinetic data from literature, databases, or your own experiments (rate constants, activation
energies, Arrhenius parameters)

• Check for consistency in units, temperature ranges, and pressure conditions. Mixing data measured
under very different conditions without accounting for those differences will produce unreliable models.

• Split data into training, validation, and test sets. Common strategies include k-fold cross-validation
(where the data is repeatedly split into k subsets for training and testing) and holdout validation (a single
fixed test set kept separate throughout development)

Selecting and computing molecular descriptors:

• Choose descriptors that are physically relevant to the kinetic problem. For example, if you're
predicting rates of nucleophilic substitution, electronic descriptors like partial charges and
HOMO/LUMO energies are more informative than purely topological ones.

• Compute descriptor values using quantum chemical methods (density functional theory) or
cheminformatics tools (molecular fingerprints, RDKit descriptors)

• Preprocess descriptors by scaling and normalizing them so that features with large numerical ranges
don't dominate the model training

Model training and optimization:

1. Select an algorithm suited to the problem. Use regression for rate prediction, classification for
mechanism identification. Start with simpler models (linear regression, random forests) before moving
to complex ones (deep neural networks).

2. Optimize hyperparameters using grid search, random search, or Bayesian optimization.
Hyperparameters include things like learning rate, regularization strength, tree depth, or number of
hidden layers.

3. Train the model on the prepared training data and monitor performance on the validation set to detect
overfitting.

Model validation and evaluation:

• Evaluate using appropriate metrics:  and MSE for regression; accuracy, precision, recall, and
F1-score for classification

• Use cross-validation to estimate how well the model generalizes beyond the training data
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• Examine feature importance scores or partial dependence plots to understand which descriptors drive
predictions. This step connects the ML output back to chemical intuition.

• Test on a fully independent external dataset that was never used during training or hyperparameter
tuning. This is the most honest measure of model reliability.

Potential of Machine Learning in Kinetics
Advantages:

• ML can screen enormous compound spaces to identify promising catalysts or reaction pathways far
faster than running individual experiments or quantum calculations for each candidate (virtual
screening, high-throughput approaches)

• Complex kinetic relationships that resist simple analytical modeling, such as nonlinear substituent
effects or cooperative behavior in multi-step mechanisms, can be captured by flexible ML architectures

• Once trained, models can predict rates for novel compounds or conditions in seconds, reducing the
experimental burden significantly

Limitations and challenges:

• Data dependence: ML models are only as good as their training data. Kinetic datasets are often small,
noisy, or biased toward well-studied reaction families. Sparse data leads to unreliable models.

• Extrapolation risk: Models trained on one class of reactions or a narrow temperature range may fail
badly when applied outside that domain. Understanding the model's domain of applicability is critical
before trusting its predictions.

• Interpretability: Many powerful ML models (deep neural networks, ensemble methods) function as
black boxes. They can predict a rate constant accurately without revealing why that value is predicted,
which limits mechanistic insight.

• Interdisciplinary demands: Effective ML in kinetics requires both domain expertise (to choose
meaningful features and validate predictions chemically) and ML expertise (to build and evaluate
models properly). Neither skill set alone is sufficient.

Future directions:

• Physics-informed ML integrates known physical constraints (conservation laws, thermodynamic
consistency, Arrhenius-type temperature dependence) directly into model architectures, improving both
accuracy and interpretability

• Transfer learning applies knowledge gained from data-rich reaction systems to data-scarce ones,
addressing the chronic problem of limited kinetic datasets

• Explainable AI techniques like attention mechanisms and rule extraction aim to make model
predictions more transparent, bridging the gap between predictive power and chemical understanding

• Standardized benchmarks and open datasets are being developed to allow fair comparison between
different ML approaches and improve reproducibility across research groups


