Chemistry Textbook Notes 
CHAPTER 1
· Precision: the exactness of a measurement 
· Accuracy: how close a measurement is to its true value 
· Avogadro’s number: 6.022 x 1023 atoms/mol (that many atoms in one mole)
· Molar mass: the mass of 1 mole of that substance (g/mol)
· Elemental molar mass: fractional abundance (isotopic molar mass) 
· When water is the solvent, the solution is said to be aqueous 
· Concentration: the amount of solute in a solution 
· Molarity: the number of moles of solute per volume of solute 
· When an ionic solution dissolved in water, the anions and cations are free to move about in the solution 
· Mixing leads to a uniform distribution of the ions and each individual ion is surrounded by a sheath of water molecules 
· The ions are what causes the solution to conduct electricity 
· When an ionic compound contains a polyatomic ion, when the compound dissociates, the polyatomic ion remains intact 
· Dilution: the amount of solute remains the same but the volume of the solution increases (thus it causes a solution of lower molarity)
· The # of moles od solute doesn’t change during the dilution 
· The number of atoms in each element is conserved in any chemical reaction 
Yields of Chemical Reactions 
· Chemical reactions almost always produce smaller amounts of products than the amounts predicted by stoichiometric analysis because 
1. Many reactions stop before reaching competition (because of a physical barrier or because they reach dynamic equilibrium)
2. Competing reactions often consume some of the starting materials 
3. When the product of a reaction is purified and isolated, some of it is inevitably lost during the collection process
· Yield: the amount of a product obtained from a reaction 
· Theoretical yield: amount of product predicted by stoichiometry 
· Actual yield: amount actually obtained 
· Percent yield: percentage of the theoretical amount that is actually obtained 
· Multistep reactions that have only moderate yields at each step are wasteful and expensive 
Limiting Reagent
· Chemical reactions often run with an excess of one or more reactants 
· This means that one reactant will runout before the others 
· Limiting reagent: the reactant that is all used up in the reaction 
· The limiting reactant is the one whose number of moles divided by its stoichiometric coefficient has the smallest value 
ICE or reaction Tables 
1. Changes are negative for reactants (they decrease as the reaction proceeds) and changes are positive for products (they increase during the reaction)
2. All changes are related by stoichiometry (BCE and mole ratios)
3. The starting amount plus the change in amount gives the final amount 
· When a reaction goes to competition, the limiting reactant is consumed completely, so the final amount must be zero 
CHAPTER 21 CHEMISTRY FUNDAMENTALS 
Nuclear stability: previously, the nucleus was viewed as never changing, however, under the right conditions, nuclei undergo transformations that change their structures. These processes depend strongly on energy as well as nuclear structure 
· Nuclei are composed of protons and neutrons, called nucleons 
· Free protons don’t last long because they are quickly captured by an electron to form a neutral H atom 
· Free neutrons are generated in nuclear reactions, but they also don’t last long because they are easily captured when they collide with nuclei again 
· Nuclide: particular types of nuclei characterized by their # of protons and neutrons 
· # of protons (atomic number) is always the same so, it is the number of neutrons that change 
Nuclear Binding Energy 
· Nucleons are held together by the strong nuclear force, the energy needed to overcome this force and remove a nucleon form the nuclei is called the nuclear binding energy
Fission: a nuclear reaction in which one nucleus fragments into two smaller ones 
Fusion: a nuclear reaction in which two nuclei combine into one more massive nucleus 
Nuclear decay: the spontaneous decomposition of an unstable nucleus 
· Products of nuclear decay: electrons, helium nuclei and high energy photons 
· Release energy because the decay products are more stable than the starting materials 
· Mass number (protons and neutrons) and electrical charge are conserved during nuclear decay
· Total mass, however, is not conserved 
· Some mass is converted into energy or some energy is converted into energy 
Nuclear binding energy: the amount od energy per nucleon that binds an atomic nucleus together 
Requirements for a balanced nuclear equation (and how it differs from those for a balanced chemical equation 



CHAPTER 9.1 – THE NATURE OF SOLUTIONS 
Solution: homogeneous mixture of two or more substances, containing a solvent and one or more solutes 
· Solvent is often present in the greatest quantity 
· Solvent determines the phase of the solution 
Components of a solution 
1. Gaseous solutions: easy to prepare; atoms or molecules move freely, when additional gases are added to the gas solvent, each component behaves independently of the others 
2. Solid solutions: individual atoms or molecules must mix homogenously within the solid network, mixing is difficult because the atoms can’t move freely 
· One way to form a solid solution: heat the solid solvent until it melts, add the solutes into the molten material, and then cool it until it solidifies 
· Or, dissolve the solid solvent and solutes in an appropriate liquid and then cool or evaporate the liquid until a solid precipitates
3. Liquid solutions: most common, aqueous solutions  
Solution concentration 
· Mass percent = Mass solute / total mass of solution x 100% 
· Total mass of solution: mass of solute + mass of solution 
· Molarity = moles of solute / total volume of solution 
· Not convenient when the temperature of the solution changes because the solution expands as it is heated, so the volume of the solution will change, causing the molarity to change, even though the amounts of solutes and solvent remain fixed 
· Molality = moles of solute / kilograms of solvent 
· Better used when the solution temperature changes because the moles of solute and mass of the solution don’t change 
· Molality is independent of temperature 
· Mole fraction A = moles of A / total number of moles 
· Convenient concentration measure for gaseous solutions because we often measure gas pressures and partial pressures are related by mole fractions 
· Mole fraction is also independent of temperature and pressure 
· Conversions between molarity and other concentration measures often requires two steps 
1) Use density to convert volume of the solution to mass of the solution 
2) Find the mass of the solvent by subtracting the mass of solute from the mass of solution 




CHAPTER 2: THE BEHAVIORU OF GASES
· A gas can be characterized by its volume, temperature and amount and pressure 
· Atoms exert forces through collisions between themselves and the walls of the container
· Pressure is the result of countless collisions 
· Barometer: measures the pressure of the atmosphere 
· long glass tube is filled with liquid mercury and it is inverted into a dish that is partially filled with more mercury 
· The force of gravity pulls down on the mercury in the tube
· With no opposing force, all the mercury would run out of the tube and mix with the one in the dish 
· The mercy falls but it is stopped due to the atmosphere exerting a pressure on the mercury in the dish, pulling up the mercury in the column 
Units of pressure
· Standard atmosphere (atm) 
· 1 atm = 760 mmHg 
· SI unit is pascal 
· Pressure is force per unit area 
· Manometer: to measure the pressure of a sample of gas 
· Measures the difference in pressures exerted by two gases 
· One side of the U-shaped tube is exposed to the atmosphere and the other to a gas of unknown pressure 
· The difference in heights of mercury between the two sides depends on the differences in pressure 
· Pgas > Patm then Pgas = Patm + PHg 
· Pgas < Patm then Pgas = Patm - PHg 
· If the mercury level is lower on the side exposed to the atmosphere, that means the atmospheric gas is pushing on the Hg more = it has a higher pressure than the gas sample = subtract the difference from the atmospheric pressure 
Describing Gases
· Boyle’s Law: volume is inversely proportional to pressure (with fixed temperature and amount)
· Charles’ Law: volume is directly proportional to temperature (with fixed pressure and amount)
· Avogadro’s Law: volume is directly proportional to amount of gas (with fixed temperature and pressure)
Ideal Gas Equation 
· pV = nRT
· For the behaviour of ideal gas 
· V = L … n = moles … T = K … R and P depend on each other 
· Molar volume: volume of 1 mol of gas

Gas Mixtures 
· In an ideal gas, all molecules act independently 
· Gas behaviour depends on the number of gas molecules, not the identity 
· With the ideal gas equation, it does not matter whether we add the same or different gas because all molecules in a sample of an ideal gas behave independently, 
· The pressure and the number of total moles are directly proportional 
· Partial pressure: the pressure of the gas as if it were in the container by itself 
· Dalton’s Law of Partial Pressures: the total pressure in the container is equal to the sum of the partial pressures of all the gases present 
· Mole fraction of A = XA = nA / ntotal 
· Partial pressure of A = PA = XAptotal 
· Part per million (ppm): how many molecules of a substance are present in one million molecule of a sample 
· 1 ppm of pollutant = 1 molecule of pollutant in a million molecules of the atmosphere 
· 1 ppm = 1 molecule of every 106 molecules 
· 1 ppb = 1 molecule of every 109 molecules 
	Pure liquid or solid
	n = m/M

	Liquid solution
	n = cV

	Gas
	n = pV/RT



Molecular View of Gases
Molecular speeds 
· Molecules in a gas have a distribution of speeds
· Molecular beam apparatus can be used to see the distribution of molecules 
· The faster a molecule moves, the less time it takes to travel the length of the chamber 
· A detector at the end of the chamber measures the number of molecules arriving as a function of time, giving profile of speeds 
· Molecules with small mases move faster than those with large masses 
· The peak on the graph represents the speed at which the distribution reaches its’ maximum height = more molecules have this speed than any other, so this is the most probable speed for molecules of that gas 
Speed and Energy 
· Energy of a molecule is related to its speed 
· EK = ½ mv2 (m = Kg and v = m/s)
· A lighter molecule has a higher probable speed, but a heavier molecule has a larger mass, thus, the EK equals out 
· At a given temperature, all gases have the same molecular kinetic energy distribution 
· The most probable kinetic energies are identical at a given temperature 
· Molecules move faster as temperature increases 
· Temperature is the only factor that affects molecular kinetic energy distribution 
Average Kinetic Energy
· Average kinetic energy per molecule = EKinetic = 3RT/2NA 
· Average kinetic energy per mole = EKinetic molecular = 3RT/2
Ideal Gases
· The volume of the molecules and the forces among the molecules are so small that they have no 
effect on the behaviour of the gas 
Pressure 
· Each time a molecule strikes a wall, it exerts a force on the wall 
· The sum of all these forces per unit area is the pressure
· In an ideal gas, each molecule is independent of all others 
· This means, total pressure is the sum of the pressure of each individual molecule 
Amount of gas
· Doubling the amount of gas = doubling the amount of collisions with the wall = pressure doubles 
· Pressure and amount of moles are directly proportional 
Volume 
· Compressing the gas = smaller volume = more collisions with the walls = higher pressure
· Pressure is inversely proportional to the volume of an ideal gas
Temperature 
· Kinetic energy is proportional to the temperature and the square of the molecular speed 
· Square of molecular speed is directly proportional to temperature 
Molecular speed affects pressure in 2 ways:
1. Faster moving molecules hit the walls more often than slower moving molecules
· Molecular speed is proportional to the number of collisions each molecule makes with the wall 
2. Force exerted when a molecule hits the wall is dependent on the molecular speed 
· Faster moving molecules exert a larger force 
· Force per collusion increases with speed and number of collisions increases with speed
· Pressure is proportional to the square of molecular speed, which is proportional to temperature 
· Plot of P vs. T would be a straight line 
These conditions will be obeyed by a gas if it is an ideal gas
· Molecular sizes are negligible compared to volume of container (gas has no volume)
· Energies generated by forces between molecules are negligible compared with molecular kinetic energies (intermolecular forces are negligible) 
· However, real gases occupy volume and exert forces on each other
Additional Gas Properties 
· Molar mass = M = m/n
Gas density 
· n = pV/RT … n = m/M … d = m/V 
To isolate for density (m/V)
pV/RT = m/M (then divide both sides by V and multiply by M to get m/V on one side of the equation)
pM/RT = m/V
· Pressure and density are directly proportional: increasing pressure = compresses the gas to a smaller volume = gas expands, without changing its mass
· Temperature and density are inversely proportional: increasing temperature = gas expands without changing its mass
· Molar mass is directly proportional to density: equal number of moles of different gases will occupy equal volumes at given temperature and pressure 
· Example of balloon 
· As the molar mass of helium is much lower than air molar mass, that means the density of the balloon filled with helium, will be less than the air density, thus it will rise 
· Hot air balloons, the air at the bottom of the balloon is heated, thus, the density of air would go down (meaning the density of helium in the hot air balloon is higher) = allowing the balloon to rise 
· As molecular density decreases, the average distance travelled between molecular collisions increases 

Rates of Gas Movements 
· Speed of a molecule depends on the temperature of the gas 
· EK = ½ mv2
· EKaverage = 3RT/2NA
· ½ mv2 = 3RT/2NA (solve for v)
· v = (3RT/M)1/2
· Root mean square speed: a gas molecule moving at this speed has the average kinetic energy of a gas molecule at this temperature 
· Square root speed is directly proportional to the square root of the temperature, and inversely proportional to the square root of molar mass 
· Effusion: the movement of molecules escaping from a container into a vacuum (empty container) 
· Diffusion: the movement of molecules through molecules of a different type of gas 
· Example: air escaping from a tire 
· The escaping molecules must diffuse among the molecules that are already in the atmosphere 
· Diffusing molecules undergo frequent collisions 
· Their average rate of movement, depends on the temperature and the molar mass 
· Lighter molecules diffuse more rapidly than heavier molecules 
· Rates of molecular motion are directly related to molecular speed 
· At any given temperature, effusion and diffusion are faster for molecules with small molar masses 
· Rate 1 / Rate 2 = root of M2 / root of M1
· If you’re given time rate, remember the effusion or diffusion rate would be inverse because rate = amount/time 





Non-Ideal, Real Gases
At low pressure:
· The molecules are far apart that forces between them are negligible 
· The volume of the molecules are very small compared to the volume of the container 
At high pressure (due to decreasing the volume of the container)
· Molecules become closer together that attractive intermolecular forces causing the pressure to be lower than the theoretical pressure
· As the volume is decreased, the molecules take up a significant portion of the volume of the container, thus the pressure would be higher than the theoretical pressure
Van der waals equation: takes into account the size of the gas molecules and the strength of the intermolecular forces 
· P = (nRT/V-nb) - a(n2/V2)
· b is a term propotional to molecular size 
· a is proportional to the magnitude of the intermolecular forces 
· Larger molecules = b is larger = van der Waals equation predicts a larger pressure 
· Larger molecule = larger intermolecular forces = a is larger = the predicted pressure is smaller 
· This equation reduced to p = nRT/V is a and b are 0, meaning it is an ideal gas













CHAPTER 3: ENERGY AND CONSERVATION 

 Types of Energy
· Energy: the ability to do work 
· Work: displacement on an object against an opposing force 
· Kinetic energy: energy of moving objects 
· Potential energy: stored energy
· Thermal energy: energy content of a hot object 
· Radiant energy: energy content of electromagnetic radiation such as light or infrared radiation 

Kinetic and Potential Energies 
· EKinetic = ½ mv2 
· Unit is joule 
· Gravitational potential energy: stored energy due to height, has the potential to become kinetic energy
· Chemical energy: energy stored in bonds

Electrical Energy 
· Electrical force: force between oppositely charged atoms 
· Nucleus has a positive electrical charge and electrons are negatively charged 
· Two objects with opposite charges have electrical forces that pull them together 
· Electrical forces lead to electrical potential energy 
· Energy is released when oppositely charged objects move closer to each other 
· Energy is required to pull oppositely charged objects apart 
· Eelectrical = kq1q2/r

Chemical Energy
· Chemical bonds are due to shared electrons between positive nuclei 
· Electrons and nuclei in a molecule are arranged in a way that minimizes electrical potential energy 
· This is chemical energy 
· Every molecule has a stability that is related to its chemical energy 

Mass
· E = mc2
· Thus, mass is viewed as a form of potential energy 

Thermal Energy
· Gas atoms move continuously with a distribution of kinetic energies 
· TOTAL energy of the random movements is the thermal energy
· This can include vibrations or rotations (which combine kinetic and potential energies) 
· Vibrational and rotational energy increase with temperature 
· Average kinetic energy of a gas molecule = Ekinetic = 3RT/2NA
· Liquid: translation, rotation and vibrational energy 
· Solids: vibrational energy
· Higher temperature = greater kinetic energy = greater thermal energy 
· Thermal energy is the CAUSE and temperature is the EFFECT
· We add thermal energy to a system to increase its temperature 

Radiant Energy 
· Sunlight, infrared, microwaves are electromagnetic radiation 

Energy Transfers and Transformations
· Energy can be transformed from one object to another 
· When atoms or molecules collide, energy transfers cause some molecules to speed up and others to slow down 
· When a hot object is placed with a cold object, thermal energy flows from the hot object to the cold object until the two-reach equilibrium of the same temperature 
· Average energy of the hotter objects decreases, and average energy of the colder objects increase
· Energy can be transformed from one type to another 
· Rock falling: gravitational potential energy becomes kinetic energy 
· Rock hitting ground: kinetic energy becomes thermal energy
· Reaction releases energy = chemical energy is converted into other forms 
· A reaction that releases energy almost always produced thermal energy, but the chemical energy transformation depends on the reaction 

Thermodynamics 
· Thermodynamics: quantitative study of energy and energy transformations 
· System: what we want to describe by itself 
· Surroundings: everything other than the system 
· Law of conservation of energy: energy is neither created nor destroyed in any process, but it can be transferred from one object to another or it can be transformed from one form to another 

Heat 
· A system can exchange thermal energy with its surroundings
· When this happens, the amount of energy that is transferred is heat (q)
· Heat (q): the TRANSFER of thermal energy
· Some heat flows result in changes in temperature, change in T depends on
· The amount of heat transferred
· The direction of heat flow 
· Substance absorbs heat = T is positive 
· Substance releases heat = T is negative 
· Inversely on the amount of material 
· The identity of the material 
· Dependent on the molar heat capacity: amount of heat needed to raise the temperature of 1 mole of substance by 1 oC
· Thus, q = mcΔT 
· q surroundings = - q system 

Work 
· Work: energy used to move an object against an opposing force 
· Work is a flow of energy between objects or between a chemical system and its surroundings 
· Amount of work depends on the magnitude of the force that must be overcome, and the displacement 
· W = Fd (units is Joule)
· System does work on the surroundings, the sign of work is negative because the system loses energy 
· Surroundings do work on the system, work is positive because the system gains energy
· W surroundings = - W system 
First Law of Thermodynamics
· Energy is exchanged in either heat or work 
· ΔE = q + w
· ΔE system = ΔE surroundings
· Whenever a system undergoes a change in energy, its surroundings undergo an equal but opposite change in energy, ensuring the total energy remains unchanged 
· ΔE total = ΔE system + ΔE surroundings 
State and Path Functions
· State functions: conditions that describe the system before and after the transformation 
· Change in a state function can be determined without knowing the details of the process 
· Change is independent of the path 
· Energy is a state function and changes in energy that accompany standard chemical reactions are universal in reference books 
· Path functions: depend on how a change takes place
· ΔE depends on the net change in the conditions of the system but not on how that change occurs 
· Energy is a state function 
· Heat and work are path functions 
· Amount of work depends on the external pressure 
· If the system is in a vacuum, then pressure is 0, thus work is 0 
· If the system is done at a pressure of 1 atm, work is not 0
· Heat is dependent on volume and pressure 






Energy Changes in Chemical Reactions 
· Chemical reactions involve the breaking and forming of bonds 
· Bonds breaking always required an input of energy
· Bond formation always resleases energy 
· The sum of these energies is the net energy for the reaction 
· Bonds of the product are more stable than the bonds of the reactants, energy is released during the reaction 
· Bonds of products are less stable than the bonds of the reactants, energy is absorbed during the reaction = surroundings must transfer energy to the chemical system for the reaction to occur
	Energy releasing reaction 
	Energy absorbing reaction

	














	



· If a reaction releases energy when going one direction, it must absorb an equal amount of energy in the opposite direction 
· Reversing the direction of a reaction changes the sign of the energy but it doesn’t affect the amount of energy change 
Features of Reaction Energies
· Bond forms = energy releasing = negative ΔE
· Bond breaks = energy absorbing = positive ΔE
· Amount of energy released or absorbed is proportional to the amounts of chemicals that react 





· Stoichiometric coefficients are considered to determine the energy change per mole of any specific reagent 
Path Independence
· Change in a state function is independent of the path taken for the change 
· Energy change in a chemical reaction is independent of the way the reaction takes place 
· Energy is state function, thus, the change of energy in a chemical reaction determined by the conditions of the reactants and products 

Bond Energies 
· Chemical bond is a stable arrangement of electrons shared between the bonded atoms
· Bond energy (BE): the energy required to overcome a chemical bond
· Always positive quantities because a molecule must always absorb energy to break its’ chemical bonds 
· kJ/mol
· Dependent on the type of atoms that are bonded together 
· Individual bond energies change with the structure of the entire molecule 
· Thus, bond energies are average values 
· Bond energies is the energy required to break a gaseous molecule into a pair of neutral gaseous fragments 
· Average bond energies are less reliable when they are applied to liquids or solids
· Double and triple bonds have higher bond energies because it requires more energy to break these bonds apart 

Reaction Energy
· Bond energies can be used to estimate the energy change that occurs in a chemical reaction 
· Bond breaking energy is always positive; it is the energy required to break the REACTANT bonds
· Bond forming energy: sum of all the energies released during bond formation of the products, always releases energy, thus, it is negative 
· Δ E reaction = ΔE bond breaking – ΔE bond forming 
· Energy change for a chemical reaction can be estimated as the sum of all bond energies of the reactants, minus the sum of all the bond energies of the products:




· 
· To determine which bond energies, we need and how many, we must look at the structural formulas of the compounds involved in the reaction 
· Bond energies usually have a small percent error since they are averages and the bond energies in certain compounds vary 

Measuring Energy Changes: Calorimetry
· Energy change is the sum of heat and work 


Calorimeters 
· Calorimeter: a device used to measure heat flows during chemical processes
· They include an insulated container and a thermometer that monitors the temperature of the calorimeter 
· Rxn takes place in the calorimeter, causing a heat flow between chemicals and calorimeter 
· The temperature of the calorimeter rises or falls in response to this heat flow 
· Calorimeters are insulated to ensure that negligible heat is transferred between the calorimeter and its surroundings during the experiment 
· q system = -q surroundings 
· Chemicals release heat = q system is negative = exothermic 
· Calorimeter gains heat (q surroundings is +)
· Temperature of system decreases, T of the calorimeter (surroundings) increases
· Chemicals absorb heat = q system is + = endothermic 
· Calorimeter loses heat (q surrounding is -)
· Temperature of system increases, T of the calorimeter (surroundings) decreases
· q calorimeter = ccalΔT
· Ccal is the specific heat capacity of the calorimeter (amount of heat required to raise the temperature of the entire calorimeter by 1 oC
· Can be found by determining the T change resulting from a known amount of heat 

Type of Calorimeters
· Constant-volume calorimeter: the volume of the system is fixed 
· More often used for gases 


· Constant-pressure calorimeter: the pressure of the system if fixed 
· More often used for liquid solutions 
· Requires an insulated container and a thermometer 
· Two Styrofoam cups: one cup contains the water, a stir bar and the reactants, the other cup is the lid to prevent any energy from escaping 
· The thermometer is inserted through the lid 
· Aqueous solutions containing the reactants are mixed in the cup and the thermometer registers the resulting temperature change 
· Heat capacity of the calorimeter is often assumed to be the same as that of water; 4.184



Constant volume calorimeter
· Used to measure the q for combustion reaction 
· A sample of gas is placed in the calorimeter in the presence of oxygen gas 
· When the sample burns, energy flows from the chemicals to the calorimeter
· Temperature change of the calorimeter, with the calorimeters heat capacity gives the amount of heat released in the reaction 

Calculating Energy Changes
· Using calorimetry, q can be determined 
· In a constant volume calorimeter, there is no displacement, thus w = 0
· ΔE = q 
· In a constant pressure calorimeter, w doesn’t equal 0 because the volume may change 

Molar Energy Change 
· Energy release or absorption depends on he amount of substances that react 
· ΔEmolar = ΔE/n

Enthalpy 
· Most reactions occur at a constant pressure

Expansion Work
· Chemical reaction at constant pressure = volume can change (especially with gases involved)
· The system moves against the force exerted by the constant pressure 
· w = Fd, work is done whenever a volume change occurs 











· When a system expands, it does work on the surroundings = transfer of energy to the surroundings 
· w is positive for the surroundings and negative for the system 




· This equation is used to calculate the amount of work of any process at CONSTANT pressure 
· System expands, ΔVsys is positive and wsys is negative 

Definition of Enthalpy 
· H = E + pV
· Enthalpy is a state function that describes heat flow at a constant pressure 












· Heat flow in a constant volume process gives the energy change 
· Heat flow in a constant pressure process gives the enthalpy change 

Energy and Enthalpy 
· Energy is a fundamental thermodynamic property
· Enthalpy is a defined thermodynamic property 



· For solids and liquids, volume changes are small enough to neglect 
· Enthalpy changes and energy changes are essentially equal for liquids and solids 
· Volume changes are larger for gases, thus differences between the energy change and the enthalpy change is larger 









· There is such a little difference between the enthalpy change and the energy change of a reaction, even when gases are involved, thus, ΔH = ΔE

Energy and Enthalpy of Vaporization 
· ΔE and ΔH are different for vaporization 
· Liquid/solid to gas
· Solid to gas
· The difference is because of the overcoming of intermolecular forces in the condensed phase (ΔE), the escaping vapor must do work (w = ΔVp = nRT) as it expands against the constant external pressure of the atmosphere 

Enthalpies of Formation 
· Formation reactions: provide experimental values for a reaction 
· Standard state: the form that is most stable under specified conditions 
· 1 bar, 298 K
· Concentration of 1 mol in solution 
· Formation reaction
· There is a single product with a coefficient of 1
· All the starting materials are elements, in their standard state
· Enthalpies of reactions involving gases vary with pressure, so pressure must be specified
· Enthalpies of reactions occurring in solutions, vary with concentration, so concentration must be specified 
· When the partial pressure of each gas reagent is 1 bar and rhe concentration of each species in solution is 1 M, the enthalpy change in a formation reaction is the standard enthalpy of formation 
· Reaction enthalpies can vary with temperature, most often the temperature is 298 K
· Formation reactions can be exothermic or endothermic 
· An element in a state that is different from the standard state has a positive standard formation enthalpy 
· An element that is already in its standard state has a formation of 0 because the formation reaction involved no change 









Enthalpy Changes for Chemical Reactions 
· Standard enthalpies are used to calculate the enthalpy change for any reaction 
· Hess’ Law: The enthalpy change for any overall process is equal to the sum of the enthalpy changes for any set of steps that leads from the starting materials to the products 



















· ΔHoreaction depends on the coefficients used for the reagents 
· To find molar enthalpy change for any reagent, divide ΔHoreaction by the stoichiometric coefficient 

Bond Energies and Enthalpies of Formation 
· Bond energies: reactants break up entirely, then recombine to form products 
· Averages are used, thus it provides an estimate of reaction energies rather than exact values
· Enthalpies for formation: reactants decompose into elements in their standard states, then recombine to give products 
ADDITIONAL NOTES 
· Regular calorimeter is constant pressure but gas can escape, thus, the volume is not constant 
· Liquid and solutions and solids are used 
· Bomb calorimeter, constant volume, varying pressure
· Gases are used 
· Constant pressure, ΔH = q






































CHAPTER 13: KINETICS: MECHANISMS AND RATES OF REACTIONS 

Reaction Mechanisms 
Reaction mechanism: exact molecular pathway that starting materials follow on their way to becoming products 
· Description of the actual molecular events that occur during a chemical reaction 
· Elementary reaction: the events that make up a chemical reaction, can be unimolecular, biomolecular or termolecular (rare because it requires the collusion of 3 species at the same time in the right orientation)
· Typical reaction mechanisms consists of several elementary reactions 
· Overall reaction is not an elementary reaction because it doesn’t represent the individual steps by which the reaction occurs 
· The sum of the steps of a mechanism must give the balanced stoichiometric equation for the overall chemical reaction 
· Intermediate: chemical species produced in an early step of the mechanism and consumed later, they never appear in the overall chemical equation 
· Generally, only exist briefly; consumed rapidly 
· Concentration is low 
· Rate: number of events per unit time, 
· Each elementary reaction has a reaction rate 
· Rate-determining step: the slowest reaction rate of the elementary reactions that determines the overall reaction rate for the final reaction 
· The overall reaction can’t go faster than the rate-determining step 

Rates of Chemical Reactions 
· Elementary reactions slow down as the number of the reactant molecules decreases 
· As the reaction proceeds, the reaction rate decreases 
· Due to fewer reacting molecules being present and fewer collisions occur 
· Rate per collision is constant but as the reaction proceeds, fewer reactant molecules remain to collide with one another, so the rate per molecule decreases
· The ratio of rates for different species is always equal to the ratio of their stoichiometric coefficients 
· Rate of change of reactant concentration = change in concentration over some time interval 
· Rates change continuously, thus, small time intervals are used for accurate rates
· Rate of change of reactants is negative because they are being consumed in the reaction and its concentration decreases with time 



Concentration and Reaction Rates
· Collisions between molecules in the proper orientation, leads to the formation of products 
· The more collisions, the faster the reaction occurs 

Rate Laws
· Rate law: effect of concentration on the speed of a reaction (reaction rate)
· Rate constant (k)

· The exponents are the order of the reaction with respect to that particular species 
· First order (1), second order (2), zero order (0)…
· Overall order: the sum of the exponents 
· The order of a reactant may differ from its stoichiometric coefficients 
· When a reaction proceeds in a single elementary step, then, its rate law will mirror the stoichiometric coefficients  
· Reaction mechanisms predict a rate behaviour and the rate law must be the same as the experimentally determined rate law for that particular reaction 
· Every reaction has its own characteristic rate constant depending on the speed of the reaction
· Units of rate constant depend on the reaction order 
· Order of the reactants and the rate constants are determined experimentally

Experimental Kinetics 
· Regardless of the rate law, the rate of a reaction decreases with time because the concentration of the reactants decrease 

















· Half life of a second order reaction depends on the initial concentration 
· Zero order reactions; concentrations of the reactants are independent of the reaction rate 
· When there are two or more reactants and the concentration of one is much larger than the others, then changing it doesn’t change the rate of the reaction because the rate is limited by the concentration of the other reactants 
· These equations are all for describing how concentration changes with time when only a single reactant is involved 
· For reactions with more than one reactant, the isolation method and the method of initial rates is used 

Isolation experiments 
· The initial concentration of one starting material is much smaller than the initial concentrations of the others 
· This causes the concentration of only one of the starting materials to change during the reaction 
· The concentration is then said to be isolated
· The concentration of the lesser reactant is consumed almost entirely before the concentration of the excess reactant begins to change
· The concentration of the reactant in excess is said to be constant, thus it can be grouped with the rate constant 







· Now, it is evident that only one reactant affects the rate, thus the integrated rate laws can be used to analyze the reaction rates 
· Use equations and graphs to determine reaction order 
· The slope of the graph would give the k observed 
· In order to find the true rate constant, y must be determined









· To do this, the isolation experiment can be repeated with the same initial concentration of isoprene but a different concentration of ozone 
· Example: same isoprene concentration but ozone concentration half as large as the first concentration 
· When all the isoprene is consumed, the ozone concentration decreases by 1%
· This causes the k observed to be ½ the first k observed 



· Two unknowns need to be determined; k and y, but k can be eliminated by taking the ratios of the two expressions for the k observed 




· Substitute the appropriate values to obtain an expression for y 







· The ratio of the experimental rate constants is 2.0 and the ratio of ozone concentration is 2.0y, now solve for y 





· This gives the reaction order of ozone, thus the complete rate law can be written as 



· The true rate constant can now be calculated from k observed using data from either isolation experiment 




	

· Second method when 2 reactants are involved is the method of initial rates
· This is the grade 12 method of finding the orders of each reactant by examining the relationship between the rates and the concentration or reactant A when reactant B is constant 

SUMMARY TABLE OR REACTION RATES 

	Overall order
	Rate law
	Integrate rate law
	Linear plot 
	Half life
	Units of k

	

0


	





	
	
	
	

	


1


	
	
	
	
	

	


2


	
	
	
	
	



Linking Mechanisms and Rate Laws
· Mechanism is one or more elementary reactions describing how chemical reactions occur
· Elementary reactions can be uni, bi or tetramolecular 
· Sum of the individual steps in the mechanism must give the overall balanced chemical equation 
· The reaction mechanism must be consistent with the experimental rate law 
· There may be more than one mechanism leading to the same (correct) rate law 
· Reaction rates must NOT include the concentrations of intermediates, thus, they must be re-written in terms of the concentrations of the reactants in the overall reaction 
· To get rid of the intermediate concentration, the rapid equilibrium step is used to substitute the rate 

Reaction Rates and Temperature 
· Higher temperature = faster reaction rate 

Activation Energy 
· Molecules of the reactants must overcome an energy barrier before they can start to form products and this energy, the minimum energy that must be supplied for the reaction to take place, is the activation energy (Ea)
· Chemical bonds in the reactant molecules must break before new bonds of the product can form 
· The activation energy is independent of both reactant concentrations and temperature 
· Activated energy diagrams show the energy changes as reactants are transformed into products 
· Y axis is the energy and x axis is the reaction coordinate: course of the reaction (involving combinations of rotations, vibrations, and atom transfers)
· Low values of energy = stable molecularity
· High values of energy = unstable molecularity 
· Endothermic reactions (energy is absorbed) = energy of products > energy of reactants 
· Exothermic reactions (energy is released) = energy of products < energy reactants 
· The activation energy is always positive because it is the energy required to break the bonds of the reactants 
· Activated complex: molecular arrangement at the point of highest energy along the diagram 
· The difference in energy between the reactants and the activated complex is the activation energy 
· Activated complex is not an intermediate 
· It is known as a transition state: instantaneous configuration of atoms, at the top of the activation energy barrier during the conversion from reactants with one set of bonds into products with a different set of bonds 
· The magnitude of the Ea depends on the bonding changes that occur during the formation of the activated complex, and it can be estimated from average bond energies 
· Ea is dependent on how far bonds must be stretched before others can start to form 
· Ea can be determined by measuring how rate constants vary with temperature 
· Molecules have thermal energy and during a chemical reaction, some thermal energy is transformed into chemical energy 
· In the collection of molecules, some molecules have more energy than others, thus, some molecules have sufficient Ea and others don’t 
· As the temperature increases, more molecules gain the sufficient amount of energy, higher than or equal to Ea that allows them to react 
· At any temperature, a larger fraction of molecules can react is Ea is small than if Ea is large 
· For any reaction, a larger fraction of molecules can react if T is high than if T is low

Arrhenius Equation 
· This equation describes the relationship between the activation energy, the temperature and how often collisions occurs in which the atoms are in the required orientation 


· A = the value that the rate constant would have if ALL the molecules had enough energy to react 
· Exponent = dependence on activation energy in J/mol and temperature in K
· Negative means that the larger the value of the exponent, the smaller the rate constant 
· As Ea gets larger = the rate constant gets smaller 
· As T gets larger = the rate constant gets larger
· Gas constant serves as a unit conversion factor; J/mol K

· The equation above is easier to graph; k along the y axis and 1/T along the x, gives a linear relation with a slope of -Ea/R and an intercept of lnA
· Another form of the equation:



Values of Activation Energy 
· Most reactions between stable molecules have activation energies of 100kJ/mol or greater, even when the overall reaction is exothermic 
· Many elementary reactions have large activation energies 

Catalysts 
· Higher temperature increase reaction rates, however, it also causes undesirable reactions to proceed faster, the extra energy required to run high temperature reactions, increases production costs and there are safety concerns due to unstable chemicals at high temperatures 
· Catalysts provide a mechanisms for which the rate-determining step has lower activation energy, hence, the reaction rate is faster 
· The catalyst changes the reaction mechanism but it is not part of the overall stoichiometry of the reaction, and it is not consumed in the reaction
· Catalyst is written above the reaction arrow 
· Catalyst: reactant in an early step of a mechanism and a product of a later step 
· Intermediate: product in an early step of a mechanism but is consumed in a later step 




· Homogenous catalyst: catalyst and reactants are in the same phase 
· Heterogenous catalyst: catalyst and reactants are in different phases 
· Catalyst is solid and the reactants are gases or liquid 
· Heterogenous catalysts generally proceed in the following steps:
1) Starting materials bind to the surface of the catalyst; adsorption. 
a. When the substance is adsorbed, its internal bonds are weakened or broken in favour of bonds to the catalyst
2) Bound reactants or fragments of them migrate over the surface of the catalyst 
3) These bound species react to form products 
4) Products escape from the surface of the catalyst; desorption 
· Enzymes in biological reactions are also catalysts 







CHAPTER 14 – CHEMICAL EQUILIBRIUM 

Dynamic equilibrium 
· Rates of forward and reverse reactions are equal 
· No net change in the amounts of reactants and products over time 
· The equilibrium expression relates concentrations of reactants and products 
· Every elementary reaction that goes in the forwards direction can also go in the reverse direction 










· Both rate and equilibrium expressions have a constant and concentrations raised to exponential powers 
· RATE LAW: how the rate of a reaction changes with concentration 
· EQUILIBRIUM EXPRESSION: concentration of reactants and products when the net rate of the reaction is zero 

Equilibrium constants 
· Keq is related to the stoichiometry of the balanced net reaction 
· Keq only applies at equilibrium (concentrations at equilibrium)
· Keq is independent of initial conditions 

Activities 
· Activity of a solute in solution is usually very close to the ratio of its concentration to the standard concentration (of 1 M)
· Activities include the standard concentrations and pressures 
· The standard concentrations and pressures cancel out anyways
· Thus, we don’t add them in
· Activities have the same numerical values as the concentration/pressure but has no units 
· However, activity of a substance can be different from the concentration of partial pressure, especially at high concentrations or high pressures 
· At moderate of small concentrations or pressures, activity = concentration or partial pressure 
· UNITS FOR EQUILIBRIUM EXPRESSION MUST BE BAR OR MOL/L
· Activity of a pure solid or liquid is 1.000, thus, they do not appear in equilibrium constant expressions 

	
Magnitude of Equilibrium constants 
· Equilibrium constant of a reverse and forward reaction are reciprocals of each other 
· Large equilibrium constant = reaction goes almost to competition 
· Small equilibrium constant = reactants are very unreactive; left with a lot of reactants 

Shifts in Equilibrium; Le Chateliers Principle
· When a change is imposed on a system at equilibrium, the system will react in the direction that reduced the amount of change 

Changes in Amounts 
· Increased reactants = Q < Keq = reaction shift right until Q = Keq
· Removing produce = Q < Keq = shift right 
· Any changes in conditions that increases Q will cause the reaction to consume products and produce reactants until equilibrium is re-established 
· Any changes in conditions that decrease Q will cause the reaction to form products and consume reactants until equilibrium is re-established 
· Any change in amounts that has no effect on the value of Q has no effect on the equilibrium position 
· Inert gas

Catalyst 
· Catalysts don’t affect equilibrium constant 
· They reduce activation energy in BOTH directions, thus the rate of reaction is increased in BOTH directions but there is no effect on the nature of reactants and products 

Temperature 
· Temperature is the only variable that causes a change in the Keq value 
· Increase in temperature shifts the equilibrium position in the endothermic direction 
· Decrease in temperature shifts the equilibrium position in the exothermic direction 

Calculations 
· Very small Keq = concentrations of products at equilibrium are very low compared to the reactant concentrations 
· Very large Keq = concentrations of products at equilibrium are very high compared to reactant concentrations 
· In these cases, assume [A] initial = [A] equilibrium 
· x is negligible ONLY when it is a sum or difference, NOT when it is alone 
· Approximation always verified with the 5% difference rule 


	


Large Equilibrium Constants 
· Large Keq value = reactions almost goes to completion 
· Difference between equilibrium and completion 
· At completion, the system is closer to equilibrium than it is when the system is at the initial conditions 
· Thus, first we determine the concentrations at completion using stoichiometry and limiting reagent rules
· The reactant concentrations decrease (-x) and the products concentrations increase (+x)
· Then, determine the equilibrium concentrations by setting the initial concentrations as the final (completion) concentrations of the step above 
· Reaction proceeds towards reactants 
· Reactants concentrations increase (+x) and products concentrations decrease (-x)
· NOW, x can be negligible 































CHAPTER 15 – ACIDS AND BASES EQUILIBRIA

Chapter 14 Acid Base Equilibria Section 
· Strong acid reacts almost completely so the equilibrium constant is large, and the concentration of unreacted acid is small 
· Acid hydrolysis constant (Ka): equilibrium constant for transfer of a proton from an acid to a water molecule 
· Base hydrolysis constant (Kb): equilibrium constant for transfer of a proton from water to a base
· Many substances in aqueous reactions are salt that dissolve to give cations and ions 
· Equilibrium is the balance between dissolution and precipitation 

· Acid donates a proton (H+)
· Base accepts a proton 
· Water can act as an acid or a base (amphiprotic) 
· Proton transfer reaction from the acid to the base IN BOTH DIRECTIONS 
· Any proton donor and the species generated by removing one of its protons are called a conjugate acid-base pair 
· Proton donor (acid) has a conjugate base 
· Proton accepter (base) has a conjugate acid 
· Proton transfer equilibrium of water exists when water is in autohydrolysis or self-ionization 
· Equilibrium constant: water autohydrolysis equilibrium constant Kw
· Pure water: : [H+] = [OH-] = neutral = pH of 7
· Inverse relationship between H3O+ and OH-



	

Strong acids 
· Completely dissociate into its [H3O+] when reacting with water 
· Aqueous solution; [H3O+] = concentration of the solution 
· The [H3O+] and [OH-] due to water ionization is negligibly small compared to the ions produced by the aqueous acid and base solutions, thus, ignore this 

Strong bases
· Completely dissociate into its [OH-] when reacting with water 

pH Scale 
· pH is a logarithmic scale that tells us the acidity of a solution 
· pH = 7 means a neutral solution and [H3O+] = [OH-]
· Acid = lower pH
· Base = higher pH
Weak Acids and bases
· The acid/base and water are the major species and the acid/base don’t completely dissociate 
· Weak acid/bases reach equilibrium when only a small amount of the acid/base has dissociated 
· Strong acid/base = high concentration of H+ ions and small amount of unhydrolyzed acid 
· Weak acid/base = low concentration of H+ ions and a large amount of unhydrolyzed acid 
· Percent hydrolysis tells us the amount of dissociation 



· Concentration of weak acid/base increases, percent hydrolysis decreases

Recognizing Acids and Bases
ACIDS
1. Oxoacids 
· Contain an inner atom bonded to a variable number of oxygen atoms and acidic OH groups 
· STRONG ACID: # of oxygen atoms must exceed the # of ionizable protons (H+) by 2 or more
· WEAK ACID: # of oxygen atoms must equal or exceed by 1, the # of ionizable protons 
2. Carboxylic Acids 
· RCO2H where R is anything (usually contains C-H) 
· All carboxylic acids are weak 
3. Other Acids
· STRONG hydrogen halides; Cl, I, Br 
· WEAK hydrogen halides: F, CN

BASES 
· Common weak base is NH3
· Many other weak bases are amines; RH3 = one lone pair of electrons to accept a proton 
· Strong bases are soluble metal hydroxides; ROH where R is any 1st group metal or R(OH)2 when R is any 2nd group metal 

Acidic and Basic Salts 
· Salts will dissociate into anions and cations 
· Anions that are conjugate bases of weak acids = reaction with water = OH- = basic solution 
· Cations that are conjugate acids of weak bases make a solution acidic because they react with water to produce H3O+
· When 2 equilibria are added, the net equilibrium constant is the product of the individual ones 
· Magnitude of Ka or Kb can be expressed as logarithmic quantities 




Multiple Equilibria 
· Acids can be written as 2 equilibrium reactions 
· We assume that the first reaction goes to competition 
· Thus, the reactants of the 1st reaction are the initial concentrations of the 2nd equilibrium reaction 

Polyprotic Acid 
· Acid that contains more than one acidic hydrogen atom 
· Each successive proton transfer reaction has its own value of Ka and the magnitudes become smaller 
· Adding a base to a polyprotic acid solution 
· The strongest acid will donate the proton first 
· The concentration of hydronium ions is so small that it is rapidly consumed 
· Then, the next strongest acid will react with the base 
· When a base is added to a solution that contains both a polyprotic acid and its anion, the base accepts protons from the neutral acid first, then once the neutral acid has been consumed completely, the anion will participate in the proton transfer
· Anions of a weak acid is a weak base 

	Strong acids
	Weak acids
	Strong bases
	Weak bases

	Oxoacids 
H2SO4
HNO3
HClO4
Hydrogen Halides 
HCl
HBr
HI
	Oxoacids 
HClO2
HNO2
HClO
HBrO
H2CO3
HSO4-
H2SO3
HIO
HIO3
Hydrogen Halides 
HF
HCN
HN3
H2S
H2O2
Carboxylic Acids 
HCOOH
CH3COOH
HOCH2COOH
Conjugate acid of weak base
NH4+
	NaOH
Ca(OH)2
KOH
LiOH
Ba(OH)2
	NH3
Amines 
CH3NH2
(CH3)2NH
(CH3)3N
H2NNH2
HONH2
C5H5N
C6H5NH2
Conjugate base of weak acids
F-
CN-
ClO-
SO42-
PO43-
HCO3-
NO2-
CH3CO2-

	Polyprotic 
H2SO4 (S)
H2SO3 (W)
	H3PO4 (W)
H2CO3 (W)
HO2CCO2H (W)
	



CHAPTER 16 – APPLICATIONS OF AQUEOUS EQUILIBRIA 
BUFFERS 
· Buffer solutions control the pH of a solution 
· Buffers protect a solution against pH variations
· Major species in the solution react with added H+ ions or OH-ions 
· Conjugate base of a weak acid reacts with H3O+ ions and the weak acid itself reacts with the OH- 
· A buffer solution contains both a weak acid and its conjugate base of a weak base and its conjugate acid, as major species in solution 
· The equilibrium concentrations of the weak acid and its conjugate base are essentially equal to their initial concentrations 
To prepare buffer solutions 
1) Dissolve salt of a weak acid in solution of the same weak acid 
2) Adding a strong base to a solution of a weak acid 
· Moles of OH = ½ moles of weak acid 
3) Strong acid to a solution of a weak base 
· Moles H3O+ = ½ moles of weak base
· The pH of a buffer solution depends on the acid hydrolysis constant of the weak acid and the concentrations of the weak acid and its conjugate base 














· When a strong acid is added to the buffer solution, H3O+ reacts with the conjugate base; A- = lower [A-] = increases [HA] = lower pH however, very little increase in [H3O+]
· Strong base added to a buffer solution: OH- reacts with the HA = lowers [HA] = increases [A-] = raises pH (but increase in [OH-] is much less than would be if it was an unbuffered solution)
Buffer capacity 
· Buffer capacity is the amount of added H3O+ or OH- that the buffer can tolerate without exceeding a specified pH range
Determined by:
· Amount of weak acid and conjugate base present in solution 
· Once H3O+ has reacted completely with the conjugate base, buffer is destroyed
· Overall concentration and volume of the buffer solution 
· 0.5 M has five times capacity as constant volume 0.1 M solution 
· 2 L of 0.10 M has double capacity as constant concentration 1 L solution 

Buffer preparation 
· Concentration of acid and conjugate base are roughly equal 
· pH range = pKa +/- 1 
· The more the pKa deviates from the target pH = less buffer capacity 
· [bookmark: _GoBack]Buffer solution must contain both the acid and conjugate base 
2
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