Atoms, Molecules, Stoichiometry and Redox Reactions

Relative Atomic Mass of an element: The average mass of its atom compared to 1/12 the mass of an atom of carbon-12 isotope.

Relative Isotopic Mass of an element: The mass of its isotope compared to 1/12 the mass of an atom of carbon-12 isotope.

Relative Molecular Mass of a molecule: The average mass of 1 molecule of the compound compared to 1/12 the mass of an atom of carbon-12 isotope.

1 Mole: The amount of substance which contains the same number of particles as there are atoms in exactly 12g of C12.

Empirical Formula: The simplest whole-number ratio of atoms in a compound. 
Molecular Formula: The actual numbers of atoms present in a molecule of the compound. It may be the same of the empirical formula or an integral multiple of it.
The Gaseous State

Basic Assumptions of an Ideal Gas: 

1) Gases consist of large number of molecules that are in continuous, random motion.

2) All molecular collisions are perfectly elastic with no loss of kinetic energy.

3) The average kinetic energy of the molecules is proportional to the absolute temperature.

*4) The volume of the gas molecules is negligible as compared to the total volume of the container.

*5) Intermolecular forces between the gas molecules are negligible except during collisions with each other.

Deviation from ideal behaviour 
1) Low Temperature: 

· Average kinetic energy of the gas molecules decreases

· Intermolecular forces of attraction between the gas molecules become significant 

2) High Pressure

· Volume of the highly compressed gas is reduced

· Thus volume of gas molecules are no longer negligible

· Intermolecular forces of attraction between the gas molecules become significant

Conditions necessary for a gas to approach ideal behaviour

Low Pressure, High Temperature: Intermolecular forces & V of gas molecules negligible 
Atomic Structure

Angle of deflection of a charged particle upon entering a magnetic or electric field is directly proportional to the charge-to-mass ratio
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deflection α z / m  where z is charge and m is mass ]

Shape of s orbital: Spherically symmetrical about the nucleus

Shape of p orbital: Dumb bell in shape and symmetrical about its axis.

Factors that Affect 1st I.E:

1) Atomic radius

· As atomic radius increases, valence electrons are further away from the nucleus

· The attraction of the positively charged nucleus to the negatively charged valence electron will decrease

· Less energy required to remove valence electrons.

2) Nuclear Charge
· As number of proton increases, nuclear charge increases
· Attraction of the positively charged nucleus to the negatively charged electron increases

· More energy required to remove the valence electron
3) Screening Effect

· Electrons in the inner principle quantum shells repel those in the other principal quantum shell away from the nucleus

· Inner(core) electrons partially cancel the attraction of the valence electron to the nucleus

· Inner electrons shield/screen the outer electron from the attraction of the nucleus

4) Effective Nuclear Charge (Zeff)

· Zeff decreases as shielding effect increases

· Attraction of the positively charged nucleus for the negatively charged valence electron decreases

· Less energy required to remove the valence electron
· Hence ionization energy decreases

Trends in First Ionisation Energy 

1) Across the period – Generally Increases

· Nuclear charge increases while the number of inner shells remain the same

· Screening effect relatively constant

· Effective nuclear charge increases

· Amount of energy required to remove valence electron increases

2) Decrease in 1st I.E from Be --> B and  Mg --> Al

· Be : 1s2 2s2 | B : 1s2 2s22p1
Mg : 1s2 2s22p63s2  | Al 1s2 2s22p63s23p1
· 1st electron removed comes from Be/Mg comes from 2s/3s orbital whereas 1st electron removed from B/Al comes from 2p/3p orbital.

· An electron in p orbital at higher energy level than an electron in a s orbital

· less energy required to remove p electron
· lower first I.E. for B/Al.

3) Decrease in 1st I.E. from N --> O and P --> S
· N : 1s2 2s22p3 | O : 1s2 2s22p4
P : 1s22s22p63s23p3  | Al 1s2 2s22p63s23p4
· 1st electron removed from N/P comes from unpaired 2p/3p orbitals whereas 1st electron removed from O/Al comes from paired 2p/3p orbitals

· electrons in paired orbital experience inter-electronic repulsion

· less energy required to remove one of the paired p electrons

· lower 1st i.e. for O/S.

4) Decrease in 1st I.E. Down the group

· Atomic size increases as there are more filled principle quantum shells

· Valence electrons are further away from the nucleus, resulting in a decrease in attraction from the nucleus for the electrons

· Less energy required to removed 1st electron
Trends in Successive Ionisation Energies
1) General Increase in Successive ionisation energies

· Same number of protons are attracting fewer and fewer number of electrons
· Effective nuclear charge increases, resulting in stronger electrostatic attraction between the nucleus and the remaining electrons
· More energy is required to remove each successive electron
2) Sharp increase on removal of the nth electron

· The first (n-1) electrons are removed from the same principal quantum shell

· The nth electron removed comes from an inner quantum shell

· Nth electron is closer and more strongly attracted to the nucleus

· More energy required to remove nth electron

Chemical Bonding 
Metallic Bond: The strong electrostatic forces of attraction between the lattice of positively charged metal cations and the sea of delocalised electrons
Different Melting Points of Metals:

· Increase / Decrease in the number of valence shell electrons contributed by each atom to the sea of delocalised e- in the metallic bong

· Increase/ Decrease in the strength of the bond 

· Increase/ Decrease in the amount of energy needed to break bonds

Ionic (electrovalent) Bond:  The strong electrostatic forces of attraction between ions of opposite charges. 

Strength of ionic Bond dependent on charge density (amount of charge / volume of ion)

Covalent Bond: The strong electrostatic forces of attraction between two bonding nuclei and shared pair of electrons

Different melting point of simple molecular structures vs giant molecular structures

1) Simple molecular structure

· lattice of atoms / simple molecules held together by weak Van der Waals’ forces of attraction

· little energy required to break Van der Waal’s forces ; low melting point

2) Giant covalent structure

· Strong and extensive covalent bonding extending throughout the giant molecular structure

· A lot of energy needed to break covalent bonds ; high melting point

Valence Shell Electron Pair Repulsion Theory (VESPR): 
· Electron pairs repel

· Electron pairs will maximise the distance from each other to experience the least repulsion (maximise the bond angle)

· The arrangement of a given number of e- pairs around the central atom which minimizes repulsions among them dictates the shape of the molecule or ion

Lone pair-lone pair
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Hydrogen Bonding:  The dipole-dipole attraction between the partial positively charged H atom and the negative charge on a lone pair of elections in an F, O or N atom of another nearby molecule or ion.

Bond Energy: The amount of energy required to break one molecule of covalent bond in one mole of a gaseous covalent molecule, forming gaseous atoms

Factors affecting bond energy

· size of atom

· bond length / number of bonding electrons 

· bond strength 

Covalent Bond Length: The distance between the nuclei of the two atoms in the bond / The sum of the covalent radius of the two atoms

Polar Bond: One which the bonding electrons are shared unequally between the 2 different atoms due to a difference in electronegativity of the 2 atoms
Electronegativity: The ability of an atom to attract electrons to itself in a covalent bond.

Permanent Dipole – Permanent Dipole Attraction: The force of attraction between the partial positive end (δ+) of one polar molecule with the partial negative end (δ-) of a nearby polar molecule.

Instantaneous Dipole – Induced dipole Attraction: A weak and temporary force of electrostatic attraction (due to the temporary distortions in the electron cloud of one molecule forming a dipole which in turn distorts a neighbouring molecule’s electron cloud that produces a dipole that is attracted to the original molecule)

Strength of id-id Attraction

1) Number of electrons in molecule (size or molecule)

· Stronger id-id attractions occurs between larger molecules as the larger electron cloud is more easily polarised.
2) Shape of molecule (*mention surface area of molecules)
· Shapes that allow more points of contact between molecules will allow id-id attraction to act at more points, hence stronger attraction between the molecules 

The Periodic Table: Chemical Periodicity

Group: Same number of valence electrons; similar physical and chemical properties

Group Number: Same as the number of valence electrons.

Period: Same outermost quantum shell; periodic changes in physical and chemical properties

Period Number: Same as the principal quantum number of the outermost shell

Isoelectronic: Same number of electrons
Periodicity in Physical Properties of Elements Across Period 3

Atomic Radii

· Atomic radius ↓
· Nuclear charge ↑ due to ↑ in proton number

· Screening effect remains relatively constant as the additional electron is added to the same quantum shell

· Effective nuclear charge ↑, electrons more strongly attracted by the nucleus

Ionic Radii
· Ionic radii of the cations & those of the anions ↓ (Na+ to Si4+ ↓, large ↑ to P3-; P3- to Cl- ↓) 

· Across isoelectronic series from Na+ to Si4+ and from P3- to Cl-, 
· Nuclear charge ↑
· Screening effect releatively constant
· Effective nuclear charge ↑, Ionic radii ↓
· Large increase in ionic radii from Si4+ to P3- as P3- has an additional quantum shell resulting in a large increase in screening effect

First Ionization Energy: The energy that is required to remove one mole of electrons from one mole of gaseous atoms to form one mole of single charged gaseous cations
· ↑ across the period
· Nuclear charge ↑ & Screening effect relatively constant

· Valence electrons more strongly attracted by the nucleus

Irregularities in the trends for 1st I.E. in Period 3

· I.E. of Al < 1st I.E. of Mg ; Al: [Ne]3s23p1  Mg: [Ne]3s2
· Less energy is needed to remove an electron from the 3p sub-shell of Al since it is further away from the attractive forces of the nucleus
· I.E. of S < 1st I.E. of P ; S: [Ne]3s23p4  P: [Ne]3s3
· Less energy is needed to remove one of the paired 3p electrons in S due to inter-electronic repulsion
Melting point : the temperature at which the lattice structure of a solid breaks up

· Across the period, melting point ↑ from the metals, peaking at Si then ↓ sharply at the non-metals
· Na, Mg and Al have high melting points due to strong metallic bonds. 
· Melting point ↑ from Na to Al 
· ↑ in number of valence electrons
· Resulting in an ↑ in the metallic bond strengths
· Si has the highest melting point
· Large amount of energy is needed to break the strong and extensive covalent bonds in the giant molecular structure.
· P, S, Cl and Ar have low melting points due to weak Weak van der Waals’ forces of attraction in the simple molecular structures
· Melting point ↑ from Ar, Cl2, P4 to S8 
· ↑ number of electrons 
· Resulting in an ↑ in strength of van der Waals’ forces
Electrical Conductivity depends on the availability of ‘mobile’ electrons

· General trend : ↓ across the period
· From Na to Al, electrical conductivity ↑ as number of valence electrons ↑
· P, S, Cl and Ar are non-conductors as there are no ‘mobile’ electrons available
Electronegativity : measure of the tendency of an atom to attract electrons in a covalent bond
· ↑ across the period

· Effective nuclear charge ↑ 

· Ability to attract electrons ↑ 

Periodicity in Chemical Properties of Elements in Period 3
	Reaction with Element
	Flame Colour
	Nature of oxide
	Oxide Structure
	Oxides in water
	MP(°C)

	4Na + O2 → 2 Na2O
	Yellow flame
	Basic  
	Giant Ionic
	pH = 13
	1280

	2Mg + O2 → 2 MgO 
	White flame 
	
	
	pH = 9
	2900

	4Al + 3O2 → 2 Al2O3 
	
	Amphoteric
	Ionic, partial covalent
	Insoluble
	2040

	Si + O2 → SiO2 
	Heat required
	Acidic
	Giant molecular
	
	1610

	P4  + 5O2 →P4O10
	
	
	Simple molecular
	pH = 2
	580

	S + O2 → SO2
2SO2 + O2 → 2 SO3 (excess O2) 
	Blue flame
	
	
	
	-75

17

	Na2O(s) + H2O (l) → 2 NaOH (aq)

NaOH(aq) → Na+ (aq) + OH-(aq) [pH=13]
MgO(s) + H2O (l) → 2Mg(OH)+ (aq)

Mg(OH)2(aq) <=> Mg2+ + 2OH- [pH=9]
	Na2O(s) + 2H+ (l) → 2Na+ + H2O 
NaOH(aq) + H+ (aq) → Na++ H2O (aq)

MgO(s) + 2H+  (l) → 2Mg2+ + H2O (aq)
Mg(OH)2(aq) + 2H+ → Mg2+ + 2H2O(aq)

	Al2O3 + 6H+ → 2Al3+ +3H2O
Al(OH)3 + 3H+ → Al3+ +3H2O
	Al2O3 + 2OH- +3H2O → 2Al(OH)4-  

Al(OH)3 + OH- →Al(OH)4- [Aluminate ion]

	SiO2 only soluble in base
	SiO2 + 2OH- → SiO32-  + H2O [Silicate (IV) ion]

	P4O10 + 6H2O → 4H3PO4 

SO2 + H2O <=> H2SO3 [weak acid]
SO3 + H2O → H2SO4
	P4O10 + 12OH- → 4PO43-  + 6H2O 

SO2 + 2OH- <=> SO32- + H2O 

SO3 + OH- → SO42- + H2O

	2Na + Cl2 → 2NaCl
	Vigorous Reaction
	Giant 

Ionic
	NaCl(s) → Na+(aq) + Cl-(aq)

	Mg + Cl2 → MgCl2
	
	
	[Mg(H2O)6]2+ + H2O <=> [Mg(H2O)5(OH)]+ + H3O+                                         

	2Al + 3Cl2 → 2AlCl3
	
	Simple   Covalent
	[Al(H2O)6]3+ + H2O <=> [Mg(H2O)5(OH)]2+ + H3O+

	Si + 2Cl2 → SiCl4 
	 Heat 
 required 
	
	SiCl4 + 2H2O → SiO2 + 4HCl (g)

	P4  + 6Cl2 → 4PCl3

PCl3 + Cl2 <=> PCl5

(excess Cl2) 
	
	
	PCl5 +  4H2O → H3PO4 + 5HCl (g)


Structure and Melting Points of the Oxides

· High m.p. for Na, Mg and Al as large amounts of energy needed to overcome strong ionic bonds

· SiO2 very high m.p. as large amounts of energy needed to overcome strong covalent bonds in the giant molecular structure

· P4O10 , SO2 and SO3 low m.p. as less energy is needed to overcome weak van der Waals’ forces of attraction between the simple discreet molecules

Structure and Acid-Base Nature of the Oxides

· Gradual change from ionic & basic to covalent & acidic
· Due to decreasing difference in electronegativity between the elements and oxygen

· Na and Mg has large electronegativity difference → valence electrons readily lost to form positive ions → oxides are ionic and basic

· Al2O3 is an ionic oxide with partial covalent character. Al3+ is strongly polarizing → polarize electron cloud of oxide ions → electron density towards Al3+ → amphoteric

· Si, P and S have small electronegativity difference → tendency to share electrons to form covalent bonds with O → covalent and acidic. 
Reactions of Chlorides with Water
· Tendency towards hydrolysis increases

· Mg2+  and Al3+ have high charge density → polarise O-H bond in H2O molecules → O-H bond break easily, donate a proton → Hydrolysis to give acidic solutions

Chemical Energetics
Enthalpy: Heat content of a substance

Standard Enthalpy, H°: Heat content of a substance under standard conditions

Enthalpy Change ∆H: [image: image5.wmf]å

Hproducts - [image: image6.wmf]å

Hreactants , Units: kJmol-1 
Exothermic Reactions: ∆H < 0, Products more energetically stable, heat released
Endothermic Reactions: ∆H < 0, Products less energetically stable, heat absorbed

Standard Enthalpy Change of Reaction ∆Hrxn° : The amount of heat absorbed of evolved when molar quantities of reactants as shown in the chemical equation react together under standard conditions of 298K and 1 atm.

Standard Enthalpy Change of Formation ∆Hf° : The amount of heat absorbed or evolved when one mole of a substance is formed from its constituent elements in all their standard states at 298K and 1atm

Standard Enthalpy Change of Combustion ∆Hc°: The heat evolved when one mole of a substance in its standard state is completely burned in oxygen. The measurement of heat being adjusted to standard conditions of 298K and 1atm

Standard Enthalpy Change of Hydration, ∆Hhyd° : The heat evolved when one mole of free gaseous ions is dissolved in a large amount of water forming a solution at infinite dilution at 298K and 1 atm.
Standard Enthalpy Change of Solution, ∆Hsol° : The heat change when one mole of a solute is dissolved in an infinite volume of water under standard conditions of 298K and 1 atm.

Standard Enthalpy Change of Neutralisation, ∆Hneu°: The heat change when one mole of acid is neutralised by one mole of base to form one mole of water under standard conditions of 298K and 1 atm 

Standard Enthalpy Change of Atomisation, ∆Hatom°: The heat change when one mole of free gaseous atoms is formed from its element under standard conditions of 298K and 1 atm.

Lattice Energy, L.E: Heat evolved when one mole of the solid ionic compound is formed from its constituent free gaseous ions under standard contitions.

Factors Affecting the Magnitude of Lattice Energy [L.E α (q+ x q-)/ (r+ + r-)]

1) Ion Size
· As size of ion increases, interionic distance d = (r+ + r-) increases

· Lattice energy decreases and becomes less exothermic

· Bond strength decreases

2) Charge of Ion

· As charge of ion increases, (q+ x q-) increases

· Lattice energy increases and becomes more exothermic

· Strength of ionic bond decreases

First Electron Affinity, 1st E.A.: Energy change when 1 mole of electrons is added to one mole of gaseous atoms to form one mole of gaseous single negatively charged ions.

Hess’ Law: The enthalpy change of a chemical reaction is dependent only on the initial states of the reactants and final states of the products and is independent of the reaction pathway taken.

Bond Dissociation Energy of a X-Y bond is the energy required to break 1 mole of that particular X-Y bond in a particular compound.
Average Bond Enthalpy/Energy, E(X-Y) is the average energy absorbed when one mole of bonds between atoms of X and atoms of X are broken in the gas phase
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H (bonds formed)]

Entropy, S: A state function that measures the degree of disorder in a system, giving a measure of the extent to which particles and energy are distributed within a system.
Entropy Change ∆S: ∆S system = S final – S initial (units JK-1 )

Effects of Change on Entrophy
1) Effects of Change in Temperature on Entrophy

· An increase in temperature leads to an increase in entropy

· As temperature increases, the average kinetic energy of the particles increases

· Particles move more randomly and vigorously and have more degrees of freedom

· Entropy increases

2) Effects of Change in Phase on Entrophy

i) Solid to Liquid

· Abrupt increase in entropy when solid melts

· Particles are free to move about the volume of liquid substance

· Additional degrees of freedom (translational and rotational motion) of the particles

· Entropy increases

ii) Liquid to gas

· Abrupt increase in entropy when liquid boils

· Increase in volume of the substance in which the particles can be found

· More ways to distribute particles leads to increase in entropy

iii) Larger increase in entropy from liquid --> gas than solid --> liquid

· Increase in Volume from solid to liquid is much smaller than increase in volume from liquid to gas.

· Hence increase in entropy from liquid --> gas is much larger then increase in entropy from solid --> liquid

iv) Large increase in entropy when solid --> gas or liquid --> gas

· The gaseous state is the most disordered and the large increase in volume will result in more ways to distribute the particles and particles having more degrees of freedom

3) Change in Volume of Gases

· At high pressure (low volume), less disorder as there are fewer ways to arrange particles in smaller volume

· Less free to move, hence less degrees of freedom

· Less ways to distribute energy --> smaller entropy

4) Change in the Number of Particles (Especially for gaseous systems)

· As number of gaseous particles in a reaction increases

· More gaseous particles moving randomly

· Degrees for freedom increases as there are more ways in which energy is distributed among the particles

· Greater disorder; entropy increases

5) Mixing of particles

· Mixing gases and liquids of similar polarities, each gas/liquid expands to occupy the whole container/volume of liquid, leader to higher state of disorder

i) Dissolving of ionic solid

· Ions experience great increase in degrees of freedom as they break away from the solid lattice --> increased entropy
· However the water molecules become more ordered around the ions and experience a decrease in the degrees of freedom --> decrease in entropy

· Most ionic solids --> disordering processes more dominant, thus overall increase in disorder and entropy.
Gibbs Free Energy Change of Reaction, ∆G = ∆H + T∆S, ∆G < 0 spontaneous

For ∆H > 0 and ∆S > 0 | ∆G < 0 only if -T∆S > ∆H

For ∆H < 0 and ∆S < 0 | ∆G < 0 only if -T∆S < ∆H

Assumptions: Values of for ∆H and ∆S do not change with temperature 
Reaction Kinetics

Rate of Reaction: The change in the concentration of the product formed per unit time OR the change in the concentration of the reactants used per unit time

Rate Equation: States the relationship between the rate of reaction and the concentration of each reactant (for first order rxn : rate = k [A] )
Rate Constant, k: Temperature dependant; a measure of the steric orientation and collision frequency of the molecules involved in the reaction. 
Half Life of a reaction, t½: The time taken for the concentration of a reactant to be reduced to half its original concentration (1st order rxn : t½ = (ln 2)/k) 
Rate-determining Step: The slowest elementary reaction

Activation Energy, EA : The minimum energy that is needed by the reactants for a reaction to take place

Collision Theory: For a rxn to take place between two reactant molecules, a correctly oriented collision must occur with a minimum amount of energy (activation energy)

Factors Affecting Rate of Reaction: 

1) Reactant particle size/surface area (for heterogeneous rxn only)
· For a fixed mass, the smaller the size of reactants

· the larger the surface area exposed for reaction to occur

· the number of effective collisions increases

· rate of reaction increases

2) Concentration
· ↑ concentration, ↑ number of molecules per unit volume

· number of collisions and effective collision ↑
· rate of reaction ↑
3) Pressure
· ↑ pressure, ↑ number of collisions and effective collisions

· ↑ rate of reaction

4) Temperature
· ↑ temperatue, ↑ average kinetic energy of all molecules

· ↑ velocities of all molecules

· collisions more frequent and with greater energy

· ↑ effective collisions

· ↑ rate of reaction

5) Catalyst
· Provides another reaction pathway

· With lower activation energy

· ↑ rate of reaction

Catalyst: Speeds up the rate of a reaction by providing an alternative reaction pathway that has a lower activation energy and remains unchanged at the end of the reaction

Heterogeneous Catalyst: Exist in a different phase from the reactants. Binds molecules to the suface of the catalyst (adsorption), break old bonds and form new bonds, desorption.

Catalytic Converters (Eg of Heterogeneous Catalysis): Platinum(Pt), Palladium(Pl), Rhodium(Rh) [CO→CO2, HC→CO2+H2O, NOx → N2 + O2]
Homogeneous Catalysis: Exist in the same state as the reactants. Combine with the reactant to form a reactive intermediate which gives the product. Regeneration of catalyst in the final step.

Enzymes: Biological catalysts, protein, very specific, optimum temperature and pH range.
Chemical Equilibrium
Reversible Reaction: A reaction which may proceed in both directions, forming a mixture of reactants and products.

Dynamic Equilibrium: A reversible process at equilibrium in which the rate of forward reaction and backward reaction are equal.

Equilibrium Law: For an equilibrium mixture : aA + bB <==> cC + dD, when equilibrium established for a reversible reaction, the ration of concentrations A, B, C, and D will be constant regardless of the starting concentration. 

Equilibrium Constant, Keq is only dependent on temperature. 

Keq = [C]ceqm[D]deqm / [A]aeqm[B]beqm. [ ]eqm = equilibrium concentration in mol dm-3 

Kc = [C]ceqm[D]deqm / [A]aeqm[B]beqm  [ ] = equilibrium concentration in mol dm-3

Kp = pCc pDd / pAa pBb  p = partial pressures of the gasses

Kp = (χCPT)c (χDPT)d / (χAPT)a (χBPT)b , PT = total pressure, χ = mole fraction of the gas
Keq = kf /kb, kf = rate of forward rxn, kb = rate of backward rxn (only for single step rxns)

Position of Equilibrium: indicates the proportion of products to reactants in the eqm mixture. Keq<10-3:POE lies to the left, more reactants. Keq>10-3:POE lies to the right, more products.

Homogeneous Equilibrium: All participating substances present in one phase only.
Heterogeneous Equilibrium: Participating substances are present in different phases.

Le Chatelier’s Principle: If a system in equilibrium is subject to conditions which disturb the equilibrium, the position of equilibrium shifts to counteract the change imposed.

Factors Affecting Le Chatelier’s Principle

1) Changes in concentration

· If more reactants are added to the mixture

· Position of eqm will shift to the right to counteract the increase in reactants

· More products are formed. Eqm constant remains unchanged.

2) Changes in pressure (gaseous equilibrium)

· Increase in pressure favours the reaction which produces fewer gaseous molecules

· To relieve the additional pressure

· Eqm constant remains unchanged

3) Changes in Temperature
· ↑ temperature favours the endothermic process ΔH >0 [↓temp favours exo process ΔH<0]

· absorb additional heat [ generate additional heat ]

· Changes equilibrium constant

4) Catalyst 
· Eqm is achieved faster but there is no change in eqm concentration of substances

· Eqm constant, position of equilibrium remains unchanged.

The Haber Process N2(g) + 3H2(g) <==> 2NH3(g) ΔHθ = -92.4 kJmol-1; yield 14% at optimum - 450°C, 250 atm, finely divided Fe catalyst with small amounts of Al2O3 and K2O promoters
- Continuous removal of NH3 to shift POE to right to produce more NH3 
1) Optimal Temperature
· At low temperatures, equilibrium favours exothermic rxn → POE shifts left, ↑NH3 

· But rate of rxn is very slow due to ↓ in effective collisions

· 450°C choses to make process more economical

2) Pressure
· High pressure, POE shifts right to reduce pressure, ↑ NH3 

· ↑ collisions, ↑ rate of reaction, equilibrium reached faster

· However, ↑ pressure, ↑ cost and maintenance of equipment → 250 atm chosen
3) Catalyst increases rate of reaction, permitting lower operating temperature, ↑NH3 yield 
Ionic Equilibria

Bronsted-Lowry Theory of Acid and Bases: 

· An acid is a proton (H+) donor. [must contain H in its formula]

· A base is a proton(H+) acceptor [must have a lone pair of electrons to bind to H+]
Strength of an acid (or a base): A measure of how good a proton donor (or acceptor) it is.

Degree of dissociation, α: The fraction of molecules which dissociates into ions.

For acids : α=[H3O+] / [HA]. For bases : α = [OH - ] / [base]   
Strong acids (or bases): Almost completely dissociated in water to form H+ (or OH-)

Weak acids (or bases): Partially dissociated in water to form H+ (or OH-). α << 1

pH: A measure of the concentration of H+ ions in an aqueous solution. pH = -lg [H+]

pOH: A measure of the concentration of OH- ions in an aqueous solution. pOH = -lg [OH-]

Ionic product of water, Kw at 25°C :Kw = [H+][OH-] = 1x10-14 mol2dm-6; pKw= pH + pOH = 14

Acid Dissociation constant, Ka: Ka = [H3O+][A-] / [HA]  

Base Dissociation constant, Kb: Kb = [BH+][OH-] / [B] 
· For any conjugate acid-base pair, Ka x Kb = Kw  and pKa+ pKb = pKw = 14 at 25°C 
Buffer Solution: a solution whose pH remains almost constant when a small amount of acid or base is added to it.

Acidic Buffer: ph <7; weak acid and its Na or K salt, eg CH3CO2H & CH3CO2Na

· CH3CO2H (large amt to remove OH-) + H2O <==> CH3CO2-  + H3O+ 

· CH3CO2Na → CH3CO2- (large amount to remove H+)+ Na+  

· Ka = [H3O+][salt]/[acid]

Alkaline Buffer: ph >7; weak alkaline and its soluble salt, eg NH2Cl & NH3
· NH3 (large amt to remove H+) + H2O <==> NH4+  + OH- 

· NH4Cl → NH4+ (large amount to remove OH-) + Cl-
· Kb = [OH-][salt]/[base] 
Buffering Capacity: The ability of a buffer solution to resist pH changes. Maximum buffer capacity reached when [salt] = [acid] or [salt] = [base] since pH = pKa and pOH = pKb 

Buffers in Blood: H2CO3 / HCO3-, pH = approx 7.35 to 7.45
_____________________________________________________________________
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