Q1 Midterm Review
Observation- what is seen or measured 

Hypothesis- educated guess of why things behave the way they do. (Possible explanation) 

Experiment- designed to test hypothesis; leads to new observations, and the cycle goes on

After many cycles, a broad, generalizable explanation is developed 

Theory- regular patterns of how things behave the same in different systems emerges  

Law- summaries of observations; often mathematical relationship
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	There are two general types of mixtures: homogeneous and heterogeneous. Homogeneous mixtures are composed entirely of one phase (for instance, all liquid or all solid). A heterogeneous mixture is composed to mixed phases (such as a solid in a liquid, or a liquid and gas). 
Homogeneous Mixtures:
salty water (where the salt is completely dissolved); brewed tea or coffee; soapy water; 

a dilute solution of hydrochloric acid; hard alcohol; wine 

Heterogeneous Mixtures:
sandy water; carbonated beverage or beer (the CO2 gas is mixed with the liquid); 

orange juice with pulp in it; water with ice cubes in it; chicken noodle soup
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Intensive - Properties that do not depend on the amount of the matter present.

Malleability - The ability of a substance to be beaten into thin sheets.

Ductility - The ability of a substance to be drawn into thin wires.

Melting/Freezing Point - The temperature at which the solid and liquid phases of a substance are in equilibrium at atmospheric pressure.

Boiling Point - The temperature at which the vapor pressure of a liquid is equal to the pressure on the liquid (generally atmospheric pressure).

Density - The mass of a substance divided by its volume

Extensive - Properties that do depend on the amount of matter present.

Mass - A measurement of the amount of matter in an object (grams).

Weight - A measurement of the gravitational force of attraction of the earth acting on an object.

Volume - A measurement of the amount of space a substance occupies.
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	Physical properties: Properties that do not change the chemical nature of matter

Examples of physical properties are: color, smell, freezing point, boiling point, melting point, infra-red spectrum, attraction (paramagnetic) or repulsion (diamagnetic) to magnets, opacity, viscosity and density. There are many more examples. Note that measuring each of these properties will not alter the basic nature of the substance.

Chemical properties: Properties that do change the chemical nature of matter

Examples of chemical properties are: heat of combustion, reactivity with water, PH, and electromotive force.


	Metals
	Nonmetals
	Metalloids

	- Good conductors of heat and electricity 

High melting point 

- Ductile (most metals can be drawn out into thin wires) 

- Malleable (most metals can be hammered into thin sheets) 


	- Poor conductor of heat and electricity 

- Not ductile 

- Not malleable 

- Low density 

- Low melting point 


	- have properties of both metals and nonmetals. 

- Solids 

- Ductile 

- Malleable 

- Conduct heat and electricity better than nonmetals but not as well as metals 


A model explains phenomena, data, events. A theory is a broad generalization that explains a body of facts or phenomena.

% error = (estimate - actual) / actual * 100%

Law of conservation of mass- mass is cannot be destroyed or created during chemical reaction.

Law of definite proportions- When two or more elements combine to form a compound, their masses in that compound are in a fixed and definite ratio, (e.g. NaCl is always 60.66% of Na and 39.34% of Cl by mass regardless of the size or the source of the compound).
Law of multiple proportions-When two elements form more than one compound, the different masses of one element are combined with the same mass of the other element are in a ratio of small whole numbers. (e.g. If 2.66g of oxygen combine with 1.0g of carbon to form CO2, then 1.33g of oxygen combine with 1.0g of carbon to form CO, 2.66:1.33=1:2)
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	Theory before the experiment.

	
	Theory after the experiment: Rutherford discovered the nucleus of an atom.

Atomic Theory:

All matter is composed of atoms
Atoms cannot be made or destroyed
All atoms of the same element are identical
Different elements have different types of atoms
Chemical reactions occur when atoms are rearranged


Atomic no.=no. of protons/no. of electrons

Mass no.=no. of protons(atomic no.) + no. of neutrons.

Isotopes differ in the no. of neutrons (also differ in mass no.)

1 amu=1g/mol=1g/6.022*10^23(avogadro’s no.)=1.660540*10^-24g or 1.660540*10^-27kg.

1 mol=6.022*10^23 particles(atom).

Mass in grams / molar mass(no. of amu) = mol

mol*molar mass(no. of amu)= mass in grams

mol * 6.022*10^23 = no. of atoms 

no.of atoms / (6.022*10^23)=mol
Naming the monatomic ions:

Positive ions (cations): names don't change.   e.g. “Li+”=lithium cation, “Ca2+”=calcium cation

Negative ions (anions): names change to “ide”. e.g. “F-”=fluoride anion, “O-”=oxide anion
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Oxyanions and polyatomic ions:

	Naming acids(oxyanions + hydrogen ions)

	Hydro+…+acid
	Per+root+ic
	ic
	ous
	Hypo+root+ous
	No. of H

	Carbon
	√(HCO4)
	√(HCO3)
	√(HCO2)
	√(HCO)
	2

	Chlorine
	√(HClO4)
	√(HClO3)
	√(HClO2)
	√(HClO)
	1

	Nitrogen
	√(HNO4)
	√(HNO3)
	√(HNO2)
	
	1

	Sulfur
	
	√(HSO4)
	√(HSO3)
	√(HSO2)
	2

	Phosphorous
	
	√(HPO4)
	√(HPO3)
	
	3


	Oxyanions are polyatomic ions that contain oxygen. 
	Other “irregular” polyatomic ions

	A cation+…
	Per+root+ate
	ate
	ite
	Hypo+root+ite
	charge
	(C2O4)2-
	oxalate

	Carbon
	√(CO4)
	√(CO3)
	√(CO2)
	√(CO)
	-2
	(C2H3O2)-
	acetate

	Chlorine
	√(ClO4)
	√(ClO3)
	√(ClO2)
	√(ClO)
	-1
	(CrO4)2-
	chromate

	Nitrogen
	√(NO4)
	√(NO3)
	√(NO2)
	
	-1
	(Cr2O7)2-
	dichromate

	Sulfur
	
	√(SO4)
	√(SO3)
	√(SO2)
	-2
	(MnO4)-
	permanganate

	Phosphorous
	
	√(PO4)
	√(PO3)
	
	-3
	NH3
	ammonia

	Binary acids

Usually hydrogen+halogen=binary acid. E.g. HF, HCl, HI, HBr

Naming: Hydro+anion+“ic”+acid. E.g. Hydrofluoric, hydrochloric, hydroiodic, hydrobromic acid.
	NH4+
	ammonium

	
	OH-
	hydroxide

	
	(O2) 2-
	peroxide

	
	CN-
	cyanide

	
	SCN-
	thiocyanate
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To obtain the percentage yield, multiply the fractional yield by 100
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Molarity- moles of solute over volume of solution     M1V1=M2V2
Normality- moles of H+/OH- ions over volume of solution
Solubility rules
	Soluble
	Insoluble

	Salts of Li+, Na+, K+, Rb+, Cs+, NH4+, NO3-, HCO3-, ClO3-, ClO4-, CH3COO-
	

	Salts of Cl-, Br-, I- are soluble
	with Ag+, Hg22+, Pb2+

	Salts of F- are soluble
	with Mg2+, Ca2+, Sr2+, Ba2+, Pb2+

	Salts of SO42-
	with Ag+, Ca2+, Sr2+, Ba2+, Hg2+, Pb2+


	Insoluble
	Soluble

	CO32-, PO43-, C2O42-, CrO42-, O2-
	with Li+, Na+, K+, Rb+, Cs+, NH4+, NO3-, HCO3-, ClO3-, ClO4-, CH3COO-

	S2-, OH-
	with Ca2+, Sr2+, Ba2+


Strong electrolytes- any compound whose dilute aqueous solutions conduct electricity well, due to the presence of all or almost all of the dissolved compound in the form of ions.

Weak electrolytes- any compound whose dilute aqueous solutions conduct electricity poorly, due to the presence of a small amount of the dissolved compound in the form of ions.

Spectator ions are ions that are part of the reactants and products but do not participate directly in the reaction.
The molecular equation gives the overall reaction stoichiometry but not necessarily the actual forms of the reactants and products in solution.
The complete ionic equation represents as ions all reactants and products that are strong electrolytes
The net ionic equation includes only those solution components undergoing a change. Spectator ions are not included
Example:
Molecular equation: KCl(aq)+AgNO3(aq)(AgCl(s)+KNO3(aq)
Complete ionic equation: K+(aq)+Cl-(aq)+Ag++NO3-(AgCl(s)+K+(aq)+NO3-(aq)





In this case, K+ and NO3- do not precipitate, therefore they are spectator ions.
Net ionic equation: leaving out the spectator ions, we get Cl-(aq)+Ag+(aq)(AgCl(s)
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Reactions in which one or more electrons are transferred are called oxidation-reduction reactions or redox reactions.
Half reaction- one involving oxidation and the other involving reduction
For acidic solution
1. Write separate equations for oxidation and reduction half reactions
2. For each half-reaction
A. balance all the elements
B. balance oxygen using H2O
C. balance hydrogen using H+
D. balance the charge using electrons
3. if necessary, multiply one or both half-reactions by an integer to equalize the number of electrons transferred in the two half reactions
4. add the half-reactions, and cancel identical species
5. check that the elements and charges are balanced
For basic solution
1. use the half-reaction method for acidic solutions to obtain the final balanced equation as if H+ ions were present
2. To both sides of equation balanced above, add a number of OH- ions that is equal to the number of H+ ions.
3. Form H2O on the side containing both H+ and OH-, and eliminate the number of H2O molecules that appear on both sides of the equation
4. Check that elements and charges are balanced
Gas Laws

Boyle’s Law, pressure and volume are inversely proportional (constant temperature). PV=k
Charles’s Law, volume and temperature are directly proportional (constant pressure). V=kT
Gay-Lussac's Law, pressure and temperature are directly proportional (constant volume) P=kT
Avogadro’s Law, volume and the number of moles are directly proportional (constant temperature and pressure). V=kn
Combined Ideal Gas Law, PV=nRT, where R is a constant equivalent to 0.08206
Dalton’s Law of Partial Pressure, the total pressure collected the pressure of a mixture of gases simply is the sum of the partial pressures of the individual components   Ptotal=P1+P2+P3+…+Pn
	Graham’s Law, the diffusion and effusion rate of a gas is inversely proportional to the square root of its molar mass [image: image10.png]=
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Kinetic Molecular Theory of Gases

1. The particles are so small compared to the distances them that the volume of the individual particles can be assumed negligible (zero)
2. The particles are in constant motion. The collisions of the particles with the walls of the container are the cause of the pressure exerted by the gas.
3. The particles are assumed to exert no forces on each other; they are assumed neither to attract nor to repel each other.
4. The average kinetic energy of a collection of gas particles is assumed to be directly proportional to the Kelvin temperature of the gas.
Root mean square velocity[image: image13.png]


, R=8.3135.  Average Kinetic Energy = 1.5RT, R=8.3135
First law of thermodynamics- the energy of the universe is constant.
△E=q + w    q is the heat, w is the work done
q is positive when energy flows from the surroundings into the system via heat.
w is positive when the surroundings do work on the system.

q is negative when energy flows out from the system to the surroundings via heat.
w is negative when the system does work on the surroundings.
w=-P△V
Specific heat capacity is the heat required to raise one gram of substance one degrees Celsius/Kelvin
q=mc△T; q is energy, or heat, m is mass, c is specific heat capacity, ΔT is change in temperature.
△H=Hproducts - Hreactants
	Exothermic Reaction
	Endothermic reaction

	A + B -> C + Heat, ΔH <0
	A + B + Heat -> C, ΔH >0

	1. Heat is released during exothermic reaction
	1. Heat is absorbed during endothermic reaction.

	2. Temp ↑
	2. Temp ↓

	3. Product en level is lower than reactant en level.
	3. Product en level is higher than reactant en level.
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Hess’s Law states that the sum of the energy changes of all the thermochemical equations included in an overall reaction is equal to the overall energy change. Since ΔH is a state function and so is not dependent on how the reactants become the products, we can use several steps (in the form of several thermochemical equations) to find the ΔH of the overall reaction.

Example:

Reaction (1) C(graphite, s) + O2(g) → CO2(g)
This reaction comes about via two steps (a reaction sequence):

C(graphite, s) + ½O2(g) → CO(g)   ΔH= -110.5kJ

CO(g) + ½O2(g) → CO2(g)       ΔH= -283.0kJ

We want to add these two reactions together to get Reaction (1) so that we can find ΔH, so we check to make sure that agents in the reaction sequence not present in (1) cancel each other. In this example, CO(g) is not in (1) and cancels. We add the reaction sequence together.

C(graphite, s) + ½O2(g) + ½O2(g) → CO2(g)
or

C(graphite, s) + O2(g) → CO2(g), Reaction (1)

To figure out ΔH, we add the ΔH of the two equations in the reaction sequence

(-110.5kJ) + (-283.0kJ) = (-393.5kJ) = ΔH of Reaction (1)

Some things to remember

· If you have to reverse a reaction to get things to cancel, the sign of ΔH must also be reversed.

· If you have to multiply an agent to get it to cancel, all other agents and ΔH must also be multiplied by that number.
