CH142
Chapter 14- Chemical Kinetics
I. Factors that Affect Reaction Rates
a. Introduction
i. Four factors affect the rate at which any particular reaction occurs
1. Physical state of the reactants: the more readily reactant molecules collide, the more rapidly they react
a. Homogenous: involving either all gases or liquids
b. Heterogenous: involving reactants in different phases
i. Heterogenous reactions that involve solids tend to proceed more rapidly if the solid area is increased
2. Reactant concentrations: chemical reactions proceed more quickly if the concentration of one or more reactants is increased
a. As reactant concentration increases, the frequency with which the reactant molecules collide increases
3. Reaction temperature: reaction rates increase as temperature is increased
a. Increased temperature increases the kinetic energies of the molecules
4. Catalyst presence: catalysts increase reaction rates without being used up
II. Reaction Rates
a. Introduction
i. Speed of an event: the change that occurs in a given time interval
1. Reaction rate: the change in the concentration of reactants or products per unit of time
a. Typical unit is molarity per second (M/s)
ii. The rate of a reaction can be expressed either as the rate of disappearance of the reactant or the rate of appearance of product 
1. The average rate of appearance: 
2. The average rate of disappearance: - 
b. Change of Rate with Time
i. It is typical for rates to decrease as a reaction proceeds because the concentration of reactants decreases
c. Instantaneous Rate
i. Instantaneous rate: the rate at a particular instant during the reaction
1. This is determined from the slope of the curve at a particular point in time
d. Reaction Rates and Stoichiometry
i. What happens to stoichiometric relationships that are not one-to-one?
ii. In 2 HI (g)  H2 (g) + I2 (g), the rate of disappearance of HI is twice the rate of appearance of either H2 or I2 
1. The rate of disappearance of HI must be divided by 2 in the rate equation
iii. In general, a A + b B  c C + d D
1. The rate is given by: -   = -   =   =  
III. Concentration and Rate Laws
a. Introduction
i. One way of studying the effect of concentration on reaction rate is to determine the way in which the initial rate of a reaction depends on the initial concentrations
1. NH4+ (aq) + NO2- (aq)  N2 (g) + 2 H2O (l)
2. By measuring the concentration of NH4+ or NO2- as a function of time or by measuring the volume of N2 collected as a function of time
3. If NH4+ is doubled, while NO2- is held constant, the rate doubles
ii. Rate law: an equation which shows how the rate depends on reactant concentrations
1. Rate 
2. Rate constant: the constant k
a. The magnitude of k changes with temperature and therefore determines how temperature affects rate
b. Reaction Orders: The Exponents in the Rate Law
i. Reaction orders: the exponents m and n
1. If the exponent is 1, then the rate is first order
ii. Overall reaction order: the sum of the orders with respect to each reactant represented in the rate law
iii. The exponents in a rate law indicate how the rate is affected by each reactant concentration
1. Doubling or tripling the concentrations, will double or triple the rates
iv. The exponents in a rate law are sometimes the same as the coefficients in the balanced equation, but not always
1. The rate must be determined experimentally
c. Magnitudes and Units of Rate Constants
i. If chemists want to compare reactions to evaluate which ones are relatively fast and which ones are relatively, the quantity of interest is the rate constant
1. A large value of k: 109 or higher, means a fast reaction
2. A small value of k: 10 or lower, means a slow reaction
ii. The units of the rate constant depend on the overall reaction order of the rate law
1. Units of rate = (units of rate constant) (units of concentration)2
2. Units of rate constant = 
d. Using Initial Rates to Determine Rate Laws
i. In most reactions, the reaction orders are 0, 1, 2
1. The rate of a reaction depends on concentration, but the rate constant does not
a. The rate constants are only affected by temperature and the presence of a catalyst
IV. The Change of Concentration with Time
a. First-Order Reactions
i. First order reaction: one whose rate depends on the concentration of a single reactant raised to the first power
1. The rate law is: 
a. Differential rate law: the form of a rate law when it expresses how rate depends on concentration
b. Integrated rate law: using integration, the relationship can be transformed into a first-order reaction that relates the initial concentration of A to its concentration at any other time t, [A]t
i. 
1. These can be used with any concentration units as long as the units are the same for both  and 
2. For a first-order reaction, these can be used in several ways including: concentration determination after starting, the time interval required for a given fraction of sample to react, or the time interval required for a reactant concentration to fall to a certain level
b. Second-Order Reactions 
i. Second-order reaction: one for which the rate depends either on a reactant concentration raised to the second power, or on two each raised to the first
1. The rate law is: 
2. Differential rate law: 
a. If the reaction is second order, a plot of , versus t yields a straight line with slope k and y-intercept 
c. Zero-Order Reactions
i. Zero-order reaction: one in which the rate of disappearance of A is independent of [A]
1. The rate law is: 
2. Integrated rate law: 
a. This is the equation for a straight line with vertical intercept  and slope 
ii. The most common zero-order reaction occurs when a gas undergoes decomposition on the surface of a solid
d. Half-Life
i. Half-life: the time required for the concentration of a reactant to reach half its initial value
1. This is a convenient way to describe how fast a reaction occurs, especially if it is a first-order process
a. A fast reaction has a short half-life
b. The half-life for a first-order reaction: 
2. For a first-order reaction, the concentration of the reactant decreases by one-half in each of a series of regularly spaced time intervals
3. The half-life for second-order and other reactions depends on reactant concentration and therefore changes as the reaction progresses 
a. The half-life of a second-order reaction: 
i. The lower the initial concentration, the longer the half-life
V. Temperature and Rate
a. The Collision Model
i. Collision model: molecules must collide to react and the greater number of collisions per second, the great the reaction rate 
1. Increasing temperature, increases molecular speeds, allowing them to collide more frequently
ii. For reactions to occur, more is required than just a collision- it must be the right type of collision
b. The Orientation Factor
i. In most reactions, collisions between molecules result in chemical reactions only if the molecules are oriented in a certain way when they collide
1. The relative orientations during collision determine whether the atoms are suitably positioned to form new bonds
c. Activation Energy
i. Activation energy: the minimum energy required to initiate a chemical reaction
1. The difference between the molecule’s starting energy and the highest energy along the reaction pathway
2. Transition state: the molecule having the arrangement of atoms at the top of the barrier
ii. Rate depends on activation energy; generally, the lower it is, the faster the reaction is
1. For reverse reactions that are endothermic; activation energy for the reverse reaction is equal to the energy that must be overcome if approaching the barrier from the right: E + Ea
d. The Arrhenius Equation
i. Arrhenius noted that for most reactions the increase in rate with increasing temperature is nonlinear
1. Arrhenius equation: 
a. In this, k is the rate constant, R is the gas constant (8.314 J/molK), T is absolute temperature
b. Frequency factor: A, is constant or nearly so as temperature is varied
c. At fixed values of T and A, reaction rates decrease as Ea increases
e. Determining the Activation Energy
i. Taking the natural log of both sides of the Arrhenius equations gives: , which is the form of the equation for a linear line
1. This equation can also be used to evaluate Ea in a non-graphical way: 
VI. Reaction Mechanisms
a. Elementary Reactions
i. Elementary reactions: when two reactions occur in a single event or step
1. Molecularity: the number of molecules that participate as reactants in an elementary reaction
2. Unimolecular: if a single molecule is involved
a. Bimolecular: elementary reactions involving the collision of two reactant molecules
b. Termolecular: elementary reactions involving the simultaneous collision of three molecules
i. These are far less probable
b. Multistep Mechanisms
i. Multistep mechanism: consist of a sequence of elementary reactions
1. The chemical equations for the elementary reactions in a multistep mechanism must always add to give the chemical equation of the overall process
a. Intermediate: substances that are formed in one reaction and consumed in the next
c. Rate Laws for Elementary Reactions
i. If a reaction is elementary, its rate law is based directly on its molecularity
1. The rate of a unimolecular process: 
2. The rate of a bimolecular process: 
d. The Rate-Determining Step for a Multistep Mechanism
i. Each step of a mechanism has its own rate constant and activation energy
1. Rate-determining step: the slower reaction step, which limits the overall reaction rate
e. Mechanisms with a Slow Initial Step
i. If a mechanism has two steps and the first is the slower step, such that k2 >> k1, then step one is the rate determining step
1. Thus, for the overall reaction, the rate law is equal to the rate law of step one
f. Mechanisms with a Fast-Initial Step
i. It is possible to derive the rate law for a mechanism in which an intermediate is a reactant in the rate-determining step
1. This arises in multistep mechanisms when the first step is fast, and not the rate-determining step
a. With some general assumptions, the concentration of the intermediate can be found
i. First, assume the intermediate is unstable and does not accumulate significantly
ii. Since the second step is slow, most of the intermediate will fall back into the reverse reaction of step one
b. Thus, one can assume that the forward reaction of step 2 is equal to the reverse reaction of step one and solve for the intermediate to form the rate equation
VII. Catalysis
a. Homogeneous Catalysis
i. Homogenous catalyst: a catalyst present in the same phase as the reactants
1. Neither the catalyst nor the intermediate appears in the equation for the overall reaction
ii. Catalysts in general lower the activation energy for a reaction by providing a different mechanism for the reaction
b. Heterogeneous Catalysis
i. Heterogenous catalyst: a catalyst present in a phase different from the phase of the reactant molecules, usually as a solid in contact with gaseous or liquid reactants
1. Adsorption: the initial step in heterogenous catalysis
a. It is the binding of molecules to a surface, where absorption refers to the uptake of molecules into the interior of a substance
c. Enzymes 
i. [bookmark: _GoBack]Enzyme: large protein molecules that are very selective in the reactions they catalyze, and some are absolutely specific
1. Active site: the specific site where the enzymes catalyzes the reaction
a. Substrates: substances that react at this site
b. Lock-and-key model: the substrate fits perfectly into the active site
ii. As substrate molecules enter the active site, they are somehow activated so that they are capable of reacting rapidly
1. The substrate may become distorted in the process of fitting into the active site and made more reactive 
a. Once it occurs, the products depart from the active site

