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Objectives	

•  Given	an	incomplete	chemical	reaction,	
balance	it	using		the	method	presented.	

•  Given	sufficient	information	about	a	solution,	
CALCULATE	the	pH	and	pOH	of	the	solution.	



Definition	of	Chemistry	

•  Defined	as	the	systematic	investigation	of	the	
properties,	structure,	and	behavior	of	matter	
and	the	changes	matter	undergoes.	



Matter	

•  States	of	matter	refers	to	the	physical	forms	that	
matter	exists.	It	includes	solid,	liquid	and	gas.	
–  Solids:	definite	shape	and	volume.	
–  Liquids:	specific	volume	but	the	shape	is	determined	
by	the	container.	

– Gas:	No	specific	shape	or	volume.	
•  Solids	experience	the	strongest	interactions	
between	the	bonds	and	gases	the	weakest.	

•  All	matter	can	be	broken	down	into	fundamental	
units	called	atoms.	



The	Atomic	Structure	

•  All	matter	is	composed	of	atoms,	existing	
individually	or	in	combination	with	each	other.	

•  An	atom	is	the	smallest	unit	involved	in	a	
chemical	reaction.	

•  Atoms	are	composed	of	smaller	sub-particles.	
•  An	atom	is	composed	of	a	positively-charged	
nucleus	orbited	by	one	or	more	negatively-
charged	particles	called	electrons.	
– Neutrons	are	electrically	neutral,	protons		are	
electrically	positive.	



Schematic:	Particles	in	an	Atom	
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The	Atomic	Structure	
•  The	nuclei	represent	the	mass	of	the	atom.	

–  The	mass	of	the	proton	and	neutron	are	almost	identical.	
–  The	mass	of	an	electron	is	very	small	(electron	cloud	is	almost	
empty	space).	

–  Neutrons	and	protons	are	1835	times	heavier	than	an	electron.	
–  A	proton	has	a	charge	of	+1	and	the	neutron	has	no	charge.	

•  The	atom	contains	the	same	number	of	protons	and	electrons	
(no	net	charge).	
–  For	the	charge	to	be	different	than	zero	a	gain	or	loss	of	
electrons	must	take	place.	

•  The	particles	orbiting	the	nuclei	are	electrons.	



The	Atomic	Structure	

•  The	mass	of	one	electron	is	equivalent	to	1/1835	
of	the	mass	of	a	proton	or	neutron.	

•  The	diameter	of	the	atom	is	determined	by	the	
range	of	the	electrons	in	their	travels	around	the	
nucleus	and	is	approximately	10-8	cm.	

•  The	diameter	of	the	nucleus	is	roughly	10,000	
times	smaller,	approximately	10-13	to	10-12	cm.	
–  Electrons	constitute	the	largest	portion	of	the	volume	
of	the	nuclei.	



The	Atomic	Structure	

Amu	=		atomic	mass	unit	which	is	a	reference	unit	that	assumes	that	the	mass		
of	a	proton	is	approximately	one.	



Chemical	Elements	

�  An	atom	is	classified	chemically	by	the	number	of	protons	in	its	
nucleus.		

�  Atoms	that	have	the	same	number	of	protons	in	their	nuclei	have	
the	same	chemical	behavior.		

�  Atoms	that	have	the	same	number	of	protons	are	grouped	together	
and	constitute	a	chemical	element.	

�  The	number	of	protons	represents	the	atomic			number.	The	symbol	
Z	is	often	used	for	atomic	number	(or	number	of	protons).	

�  The	name	of	the	elements	are	represented	as	using	various	
symbols.	
�  Each	element	has	been	assigned	a	specific	one	or	two	letter	symbol	
based	on	the	first	letter	of	its	chemical	name.	

�  In	some	cases	the	symbol	comes	from	an	abbreviation	for	the	old	latin	
name	of	the	element.	



The	Atomic	Mass	Number	

•  The	sum	of	the	total	number	of	protons,	Z,	
and	the	total	number	of	neutrons,	N,	is	called	
the	atomic	mass	number.	

•  The	symbol	used	for	the	atomic	mass	number	
is	A.	

•  Not	all	atoms	of	the	same	elements	have	the	
same	mass.	
– The	number	of	protons	is	the	same	but	the	
number	of	neutrons	may	vary.	



Atomic	Weight	
•  The	sum	of	the	total	number	of	protons,	Z,	and	the	total	

number	of	neutrons,	N,	is	called	the	atomic	mass	number.	
•  These	units	represent	a	relative	scale	in	which	the	mass	of	the	

isotope	carbon-12	is	used	as	the	standard	and	all	others	are	
related	to	it.	
–  1	amu	is	defined	as	1/12	the	mass	of	the	carbon-12	atom.	

•  Since	the	mass	of	a	proton	or	a	neutron	is	approximately	1	
amu,	the	mass	of	a	particular	atom	will	be	approximately	
equal	to	its	atomic	mass	number,	A.	

•  The	atomic	weight	of	an	element	is	defined	as	the	weighted	
average	of	the	masses	of	all	of	its	natural	occurring	isotopes.	



•  The	elements	that	have	their	atomic	weights	
in	parentheses	are	unstable.		

•  The	atomic	weight	shown	for	this	elements	is	
the	weight	of	the	most	stable	isotope.	







Molecules	

•  Molecules	are	groups	or	clusters	of	atoms	
held	together	by	chemical	bonds.	

•  Molecules	of	an	element	
– When	the	two	or	more	atoms	of	an	element	are	
bonded	together	to	form	a	molecule.	Examples:	
S8,	H2,	O2.	

•  Molecules	involving	more	than	one	element	
are	called	a	compound.	
– Examples	include	H2O	,	HCl,	CH4.	



The	Molecular	Weight	

•  The	weight	of	a	molecule,	the	molecular	
weight,	is	the	total	mass	of	the	individual	
atoms.		(Sum	of	the	mass	of	the	individual	
atoms)	



Calculating	the	Molecular	Weight	



Problems	using	Molecular	Weight	

•  Calculate	the	molecular		weight	of	CH4.	

•  Calculate	the	molecular		weight	for	CH3OH.	

•  Calculate	the	molecular		weight	for	NH4OH.	



Avogadro’s	Number	
�  The	atomic	weight	of	an	atom	depends	on	the	number	of	
protons	and	neutrons.	

�  The	atomic	weight	of	sulfur	versus	oxygen	
�  Sulfur	–	32	amu	
� Oxygen	–	16	amu	

�  The	atomic	weight	of	sulfur	is	twice	the	atomic	weight	of	
oxygen.		One	gram	of	sulfur	will	contain	less	atoms	than	one	
gram	of	oxygen.	

�  Experimentation	has	shown	that,	for	any	element,	a	sample	
containing	the	atomic	weight	in	grams	contains	6.022	x	1023	
atoms.	
�  15.99	grams	of	oxygen	contain	6.022	x	1023	atoms	of	oxygen.	

�  This	number	(6.02	x	1023	)	is	know	as	Avogadro’s	Number.	



Avogadro’s	Number	and	the	Mole	
•  Avogadro’s	Number	allows	to	relate	the	number	
of	atoms	per	amount	of	material.	

•  A	mole	is	defined	as	the	quantity	of	a	pure	
substance	that	contains	6.022	x	1023	units	
(atoms,	ions,	molecules,	or	elephants)	of	that	
substance.	

•  Deals	with	the	macroscopic	side	of	chemistry.	
•  For	any	element,	the	mass	of	a	mole	of	that	
element's	atoms	is	the	atomic	mass	expressed	in	
units	of	grams.	
–  1	mole	of	C-12	equals	12	grams	
–  1	mole	of	Na	equals	22.981	grams	



The	Mole	

� A	mole	is	defined	as	the	quantity	of	a	pure	substance	
that	contains	6.022	x	1023	units	(atoms,	ions,	molecules,	
or	elephants)	of	that	substance.	

� Represents	a	large	system.		Chemical	analysis	is	
normally	done	in	terms	of	moles	of	a	substance.	

� A	mole	of	a	given	element	is	equivalent	to	the	atomic	
weight	in	grams.	

�  For	example,	to	calculate	the	mass	of	a	mole	of	copper	atoms,	
simply	express	the	atomic	mass	of	copper	in	units	of	grams.	
� The	atomic	mass	of	copper	is	63.546	amu,	then	a	mole	of	
copper	has	a	mass	of		63.546	grams.	



Using	the	Molecular	Weight	

•  The	atomic	mass	of	gold	is	196.967	amu,	
which	makes	the	mass	of	one	mole	of	gold	
equivalent	to	196.967	grams.	

•  The	mass	of	a	mole	of	atoms	is	called	the	
gram	atomic	weight	(GAW).	



Example	from	DOE	Volume	1	



Example	from	DOE	Volume	1	



Molecular	Weight	
•  The	mass	of	a	mole	of	molecules	of	a	substance	is	
the	molecular	mass	expressed	in	grams.	

•  For	example,	an	oxygen	molecule	(O2)	has	a	
molecular	mass	equivalent	to	32.0	grams	
because	each	oxygen	atom	has	a	molecular	mass	
of	16.0	grams.	

•  Calculation	is	done	by	adding	the	atomic	weight	
of	each	of	the	elements.	
–  Calculate	the	moles		

•  269.5	g	of	Al2O3	
•  30.9	g	of	NaCl	
•  56.5	g	of	Fe2O3	



The	Periodic	Table	

•  Over	many	years	scientists	have	discovered	
that	if	elements	are	arranged	in	the	order	of	
their	atomic	numbers,	the	chemical	properties	
of	the	elements	are	repeated	somewhat	
regularly.	
– Physical	properties	are	also	repeated.	
– The	properties	of	the	first	20	elements		



Properties of Elements 



Periodic	Table	
•  A	table	in	which	elements	with	similar	chemical	properties	are	

grouped	together	is	called	a	periodic	table.	
•  Each	horizontal	row	is	called	a	period.	
•  Elements	with	similar	chemical	properties	appear	in	vertical	

columns	called	groups.	
•  The	number	directly	above	each	element	is	its	atomic	number,	and	

the	number	below	each	element	is	its	atomic	weight.	
–  If	the	atomic	weight	appear	within	parenthesis,	this	means	that	the	

element	is	unstable	(radioactive).	
–  The	weight	shown	corresponds	to	the	most	stable	isotope.	





•  Types	of	elements:	Metals,	Non-metals	and	
Metalloids	



Periodic	Table	
•  Metals	

–  Includes	elements	towards	the	left	and	center	of	the	
periodic	table	including	the	lanthanide	and	actinide	
series.	

– Metals	normally	donate	electrons	when	involved	in	
chemical	reactions.	

– As	a	result,	ions	formed	from	metals	have	a	positive	
charge	(more	protons	than	electrons).	

–  They	are	usually	hard	and	strong,	capable	of	being	
shaped	mechanically	and	good	conductors	of	heat	
and	electricity.			

•  Lustrous	surface	when	cleaned.	



Periodic	Table	
•  Metals	can	be	involved	in	a	wide	variety	of	reactions.	

–  Electron	donors.	
•  Properties	depend	on	the	location	in	the	periodic	table.	
•  Metals	are	divided	into	the	following	two	categories	

–  The	light	metals,	which	are	soft,	have	a	low	density,	are	very	reactive	
chemically,	and	are	unsatisfactory	as	structural	materials.		(Group	I	
and	IIA)	

•  Includes	sodium,	potassium,	magnesium	and	calcium.	
–  The	transition	metals,	which	are	hard,	have	a	high	density,	do	not	

react	readily,	and	are	useful	structural	materials.	(Transition	metals	in	
the	middle	of	the	periodic	table).			

•  Includes	elements	like	gold,	platinum,	nickel,	copper	and	cobalt.	
•  Transition	metals	are	commonly	used	as	catalysts.	



Nonmetals	
•  The	nonmetals	occupy	the	part	of	the	periodic	table	to	the	right	of	

the	heavy,	step-like	line.	
•  Nonmetals	are	often	gases	at	room	temperature.	
•  The	nonmetals	that	are	solids	are	not	lustrous,	are	not	malleable	or	

ductile,	and	are	poor	conductors	of	heat	and	electricity.			
–  Carbon	conducts	electricity	but	not	as	well	as	metals.	
–  Some	non-metals	are	very	reactive.	
–  Tend	to	gain	electrons	to	form	negative	ions	rather	than	to	lose	

electrons	to	form	positive	ions.	
–  The	last	group	to	the	right	is	very	un-reactive	(known	as	the	noble	

gases).	Xenon	is	the	only	noble	gas	that	is	known	to	form	chemical	
compounds.		Under	normal	operating	conditions	the	noble	gases	are	
considered	inert.	



Semi-Metals	(Metalloids)	
•  Properties	of	elements	change	as	we	move	from	
left	to	right	and	the	change	is	not	sharply	
defined.			

•  The	elements	located	by	the	bold	line	are	known	
as	semi-metals.	

•  Exhibit	properties	of	both	metals	and	non-metals.	
•  Include	boron	(B),	silicon	(Si),	germanium	(Ge),	
arsenic	(As),	and	tellurium	(Te).	

•  They	are	usually	classified	as	semi-conductors	of	
electricity	and	are	widely	used	in	electrical	
components.	



Group	Characteristics	
•  On	the	left	side	of	the	table	are	Group	IA	(Alkali	metals)	elements	

(except	hydrogen),	which	are	soft	metals	that	undergo	similar	
chemical	reactions.	They	loose	one	electron.	

•  The	elements	in	Group	IIA	form	similar	compounds	and	are	much	
harder	than	their	neighbors	in	Group	IA.		Reactions	with	this	group	
involves	the	transfer	of	two	electrons.		Known	as	the	Alkaline	Earth	
Family.	

•  All	elements	within	a	particular	group	have	similar	physical	and	
chemical	properties.	(A	gradual	change	is	observed	in	each	group).		
(Not	necessarily	the	case	for	transition	metals	and	the	groups	close	
to	the	bold	line).	



Group	Characteristics	
•  Groups	with	a	B	designation	(IB	through	VIIB)	and	Group	VIII	are	

called	transition	groups.	
•  Within	any	group	in	this	region,	all	the	elements	are	metals,	but	

their	chemical	properties	may	differ.	
•  In	some	cases,	an	element	may	be	more	similar	to	neighbors	within	

its	period	than	it	is	to	elements	in	its	group.	
–  For	example,	iron	(Fe)	is	more	similar	to	cobalt	(Co)	and	nickel	(Ni)	

than	it	is	to	ruthenium	(Ru)	and	osmium	(Os).	

–  Most	of	these	elements	have	several	charges,	and	their	ions	in	
solution	are	colored	(ions	of	all	other	elements	are	colorless).	



Group	Characteristics	
•  In	Group	IVA,	for	example,	carbon	(C)	is	a	nonmetal;	silicon	(Si)	and	

germanium	(Ge)	are	semi-metals;	and	tin	(Sn)	and	lead	(Pb)	are	
metals.	
–  In	this	group	they	are	not	many	similarities.	

•  Chemical	Reactivity	in	the	periodic	table	
–  Most	active	metals	are	the	Alkali	metals	(Group	IA).	Lithium,	

potassium,	cesium	and	francium	are	examples.	
•  Activity	of	metals	decrease	as	we	move	to	the	right	of	the	periodic	
table.	

–  Most	active	non-metals:	The	Halogen	group	(Group	VIIA).		Fluorine	
and	chlorine	are	the	most	active	nonmetals.	

•  Activity	of	non-metals	decreases	as	we	move	towards	the	left	of	the	
periodic	table.	



Atomic	Structure	of	Electrons	
•  Chemical	reactions	involve	the	electrons	in	an	element	

–  Only	elements	in	the	outer	most	shell	are	involved.	
•  Electrons	are	in	constant	motion	around	the	nucleus.	
•  They	have	both	kinetic	and	potential	energy,	and	their	total	energy	

is	the	sum	of	the	two.	
•  The	total	energy	is	quantized;	that	is,	there	are	definite,	discrete	

values	of	total	energy	that	atomic	electrons	can	possess.	
•  These	energy	states	can	be	visualized	as	spherical	shells	around	the	

nucleus	separated	by	forbidden	areas	where	electrons	cannot	exist	
in	a	stable	state.	

•  Each	shell	is	referred	with	a	number	with	the	shell	No.	1	referring	
to	the	innermost	shell.	

•  The	closer	the	electrons	are	to	the	nuclei	the	lower	its	energy	state.	



Atomic	Structure	of	Electrons	



Atomic	Structure	of	Electrons	
•  The	electron	shells	represent	major	energy	states	
of	electrons.	

•  Each	shell	contains	one	or	more	subshells	called	
orbitals,	each	with	a	slightly	different	energy.	
–  In	order	of	increasing	energy,	the	orbitals	are	
designated	by	the	small	letters	s,	p,	d,	f,	g,	h.	

–  the	first	shell	contains	an	s	orbital,	
–  the	second	shell	contains	s	and	p	orbitals,	
–  the	third	shell	contains	s,	p,	and	d	orbitals,	
–  the	fourth	shell	contains	s,	p,	d,	and	f	orbitals,	and	so	
on.	





Atomic	Structure	of	Electrons	
•  Chemical	reactions	involve	primarily	the	electrons	in	the	outermost	

shell	of	an	atom.	
•  The	term	outermost	shell	refers	to	the	shell	farthest	from	the	

nucleus	that	has	some	or	all	of	its	allotted	number	of	electrons.	
•  All	of	the	partially-filled	shells	have	some	effect	on	chemical	

behavior,	but	the	outermost	one	has	the	greatest	effect.	
•  The	outermost	shell	is	called	the	valence	shell,	and	the	electrons	in	

that	shell	are	called	valence	electrons.	
•  The	term	valence	(of	an	atom)	is	defined	as	the	number	of	

electrons	an	element	gains	or	loses,	or	the	number	of	pairs	of	
electrons	it	shares	when	it	interacts	with	other	elements.	

•  For	the	A	group	electrons	the	number	of	valence	electrons	equals	
the	group	number.	



Atomic	Structure	of	Electrons	

•  The	arrangement	in	which	the	outermost	shell	is	either	completely	filled	(as	
with	He	and	Ne)	or	contains	eight	electrons	(as	with	Ne,	Ar,	Kr,	Xe,	Rn)	is	
called	the	inert	gas	configuration.	

•  Hydrogen	has	features	that	are	different	from	any	other	element,	it	can	gain	
or	loose	an	electron.		If	it	looses	an	electron	what	is	left	is	a	bare	nucleus.	

•  The	hydrogen	ion	is	very	small	in	comparison	with	a	positive	ion	of	any	
other	element,	which	must	still	have	some	electrons	surrounding	the	
nucleus.	

•  The	number	of	electrons	in	the	outer,	or	valence,	shell	determines	the	
relative	activity	of	the	element.	

•  In	general,	the	fewer	electrons	an	element	must	lose,	gain,	or	share	to	reach	
a	stable	shell	structure,	the	more	chemically	active	the	element	is.	

•  The	likelihood	of	elements	forming	compounds	is	strongly	influenced	by	this	
valence	shell	and	on	the	stability	of	the	resulting	molecule.	



Chemical	Bonding	
•  The	number	of	electrons	in	the	valence	shell	determines	the	relative	

activity	of	an	element.	
•  The	arrangement	of	electrons	in	the	outer	shell	explains	why	some	

elements	are	chemically	very	active,	some	are	not	very	active,	and	others	
are	inert.	

•  Group	I	has	1	valence	electron,	which	makes	it	easy	to	loose	that	electron.	
Group	VIIA	has	seven	valence	electrons	and	it	only	needs	to	gain	one	
electron	to	become	stable.	

•  The	more	stable	the	resulting	molecules	are,	the	more	likely	these	
molecules	are	to	form.	

•  For	example,	an	atom	that	"needs"	two	electrons	to	completely	fill	the	
valence	shell	would	rather	react	with	another	atom	which	must	give	up	
two	electrons	to	satisfy	its	valence.	

•  There	are	several	types	of	chemical	bonds	that	hold	atoms	together;	three	
will	be	discussed,	ionic,	covalent,	and	metallic.	



Ionic	Bonds	

•  An	ionic	bond	is	formed	when	one	or	more	
electrons	is	wholly	transferred	from	one	
element	to	another,	and	the	elements	are	
held	together	by	the	force	of	attraction	due	to	
the	opposing	charges.	



Ionic	Compounds	
•  Sodium	donates	an	electron	to	the	chlorine	atom.	

•  As	a	result	the	sodium	ion	has	a	(+1)	charge	and	chloride	ion	(-1	
charge).	

•  In	the	ionic	compound	atoms	arrange	in	a	crystalline	structure.	

•  Accordingly,	the	ionic	bond	is	a	force	holding	many	atoms	or	ions	
together	rather	than	a	bond	between	two	individual	atoms	or	ions.	



•  Group	IA	looses	one	electron.	(+1	charge)	
•  Group	IIA	looses	2	electrons	(+2	charge)	
•  Group	IIIA	looses	three	electrons.	(+3	charge)	
•  Group	VIIA	gains	one	electron.		(-1	charge)	
•  Group	VIA	gains	two	electron.	(-2	charge)	
•  Group	VA	gains	three	electrons.	(-3	charge)	
	



Naming	Ionic	Compounds	

•  For	the	cations,	the	name	of	the	element	is	
followed	by	the	word	ion.	For	example,	the	
potassium	ion	or	magnesium	ion.	

•  For	the	monoatomic	anions,	the	–ine	termination	
is	replaced	by	an	–ide	termination.			
–  Examples:	Oxide	ion,	sulfide	ion,	nitride	ion,	iodide	
ion,	fluoride	ion.	

•  NaF	=	sodium	fluoride	
•  Na2S	=	sodium	sulfide	



Common	Polyatomic	Ions	

•  Sulfate	ion	=	SO42-	
•  Nitrate	ion	=	NO3-	
•  Hydroxide	ion	=	OH-	
•  Ammonium	Ion		=	NH4+	



Problems	

•  Write	the	ionic	compound	formed	with	the	
given	ions.	
– Aluminum	and	Oxygen-	Al2O3	
– Magnesium	and	Chlorine		-	MgCl2	
– Calcium	and	Hydroxide	ion		Ca(OH)2	
– Sodium	and	Oxygen		Na2O	
– Lithium	and	the	SO42-			Li2SO4	



Covalent	Bonds	

•  A	covalent	bond	is	formed	when	one	or	more	
electrons	from	an	atom	pair	off	with	one	or	
more	electrons	from	another	atom	and	form	
overlapping	electron	shells	in	which	both	
atoms	share	the	paired	electrons.	

•  Covalent	bonds	hold	the	atoms	together.	
•  Covalent	bonding	can	be	single	covalent,	
double	covalent,	or	triple	covalent	depending	
on	the	number	of	pairs	of	electrons	shared.	



Single	Covalent	Bond	



Double	Covalent	Bond	

Four pairs of electrons are shared by the carbon atom, two from each of 
the two oxygen atoms. 
 

Four pairs of electrons are shared by the carbon atom, two 
from each of the two oxygen atoms 
 



Coordinate	Covalent	Bond	



Coordinate	Covalent	Bonds	
•  In	a	coordinate	covalent	bond,	both	electrons	come	from	the	

same	atom.		In	the	chlorate	ion	both	electrons	come	from	the	
Chlorine	atom.	

•  Figure	9	illustrates	the	bonds	of	the	negatively-charged	
chlorate	ion.		

•  The	ion	consists	of	one	chlorine	atom	and	three	oxygen	atoms	
with	a	net	charge	of	-1,	and	is	formed	with	two	coordinate	
covalent	bonds	and	one	covalent	bond.		

•  The	chlorine	atom	has	effectively	gained	an	electron	through	
the	covalent	bond,	which	causes	the	overall	negative	charge.	



Polarity	of	Molecules	
•  Covalent	bonds	can	be	either	polar	or	non-polar.	
•  When	the	shared	pair	of	electrons	is	not	shared	equally,	one	

end	of	the	bond	is	positive,	and	the	other	end	is	negative.	
•  An	uneven	share	of	electron	is	called	a	polar	covalent	bond.		

This	are	polar	molecules.	
•  When	two	atoms	of	the	same	element	are	bonded	they	share	

the	same	attraction.		As	a	result	the	bond	is	a	non-polar	
covalent	bond.	

•  If	all	the	bonds	in	the	molecule	experience	the	same	behavior	
the	molecule	is	a	non-polar	molecules.	



Metallic	Bonds	
•  In	the	metallic	bond,	an	atom	achieves	a	more	stable	configuration	by	

sharing	the	electrons	in	its	outer	shell	with	many	other	atoms.	
•  Prevail	in	elements	in	which	the	valence	electrons	are	not	tightly	bound	

with	the	nucleus	(by	metals).	
•  In	this	type	of	bond,	each	atom	in	a	metal	crystal	contributes	all	the	

electrons	in	its	valence	shell	to	all	other	atoms	in	the	crystal.	
–  Sodium	has	the	electronic	structure	1s22s22p63s1.	When	sodium	atoms	come	

together,	the	electron	in	the	3s	atomic	orbital	of	one	sodium	atom	shares	
space	with	the	corresponding	electron	on	a	neighboring	atom	to	form	a	
molecular	orbital	-	in	much	the	same	sort	of	way	that	a	covalent	bond	is	
formed.	

–  Each	sodium	atom	is	being	touched	by	eight	other	sodium	atoms	-	and	the	
sharing	occurs	between	the	central	atom	and	the	3s	orbitals	on	all	of	the	eight	
other	atoms.		





Metallic	Bond	

•  The	electrons	can	move	freely	within	these	molecular	
orbitals,	and	so	each	electron	becomes	detached	from	
its	parent	atom.	The	electrons	are	said	to	be	
delocalised.	The	metal	is	held	together	by	the	strong	
forces	of	attraction	between	the	positive	nuclei	and	
the	delocalised	electrons.		
–  This	is	what	makes	metals	conductors.	

•  The	more	electrons	are	involved	in	the	metallic	bond	
the	stronger	the	interaction.		In	transition	metals,	the	
3d		electrons	are	also	involved	as	well	as	the	4s	
electrons.		As	a	result	the	metallic	bond	is	stronger.	



Van	der	Waals	Forces	
•  Occurs	within	non	polar	molecules	like	H2	and	Cl2.	
•  Believed	to	be	formed	due	to	a	temporary	dipole	(unequal	charge	

distribution)	as	electrons	move	about	in	the	molecule.	
•  Van	der	Waals	forces	are	the	only	forces	experienced	between	non	polar	

covalent	bonds.	
•  It	is	important	to	note	that	van	der	Waals	forces	exist	between	all	kinds	of	

molecules.		
–  Some	molecules	may	have	these	forces,	as	well	as	dipole	or	other	

intermolecular	forces.	
•  The	strength	of	the	van	der	Waals	forces	between	substances	increases	

with	increasing	gram	molecular	mass.	



Van	der	Waals	Forces	

•  In	van	der	Walls	forces,	the	temporary	dipole	
induces	a	dipole	in	a	neighboring	molecule.		The	
electrostatic	force	of	attraction	formed	during	this	
short	dipole	is	the	van	der	Waals	forces.	



Organic	Chemistry	
•  Organic	chemistry	deals	with	the	chemistry	of	carbon	containing	

compounds.	
•  This	is	a	very	broad	area	in	chemistry	that	is	normally	subdivided	

into	smaller	subcategories.	
•  Depending	on	the	groups	attached	to	the	carbon	and	the	types	of	

bonding	is	the	subcategory	that	the	compound	falls	on.		This	are	
known	as	families	or	classes.	

•  The	carbon	atoms	can	combine	to	form	straight	chains,	rings,	or	
branched	chains.	

•  	The	bonds	between	carbon	atoms	can	be	single,	double,	triple	or	a	
combination	of	these.	



Organic	Chemistry	
•  If	the	chain	only	contains	hydrogen	and	carbon	they	are	called	

hydrocarbons.	
–  Hydrocarbons	can	be	divided	as	fatty	or	aromatic.	
–  Aliphatic	hydrocarbons	are	subdivided	as	saturated	and	unsaturated.	

•  Alkanes,	alkenes	and	alkynes.	
–  Alkanes	are	completely	saturated	hydrocarbons	(no	double	bonds).	

They	contain		the	maximum	number	of	hydrogens.	
•  General	form:	CnH2n+2	

•  The	alkanes	are	colorless,	practically	odorless,	insoluble	in	water,	
and	readily	soluble	in	nonpolar	solvents	such	as	benzene	or	ether.	



Alkanes	
•  Not	as	reactive.	
•  Reactions	include	halogenation,	cracking	(thermal	decomposition)	

and	combustion.	
•  In	halogenation,	a	hydrogen	atom	is	replaced	by	a	halogen	atom.	

–  Example:	CH4	+	Br2	→CH3Br	+	HBr	
•  Thermal	decomposition	or	cracking	involves	the	decomposition	by	

applying	heat.	
–  Example:	C3H8→CH4+C2H4	

•  Combustion	is	the	burning	of	a	hydrocarbon	in	the	presence	of	
oxygen.	It	gives	off	CO2.	



Alkenes	

•  Contain	two	fewer	hydrogen	atoms	than	
alkanes.	

•  General	formula:	CnH2n	

•  Molecule	have	a	double	bond.	
•  Main	source	of	alkenes	is	the	cracking	of	
alkanes.	



Alkynes	

•  Contain	two	fewer	hydrogens	than	the	
corresponding	alkene.			

•  Formula:	CnH2n-2	

•  Contain	one	triple	bond.	
•  It	is	an	unsaturated	compound.	



Aromatics	

•  They	are	not	arranged	in	a	straight	chain.		They	
are	arranged	in	cyclical	chains.	

•  They	have	pleasant	odor	that	may	be	toxic.	
•  They	have	alternating	single	and	double	bonds	
like	benzene.	

•  They	undergo	substitution	reaction	instead	of	
additions.	



Alcohols	

•  Composed	of	aliphatic	hydrocarbon	with	a	
hydrogen	substituted	by	a	hydroxyl	group.	

•  The	hydroxyl	group	does	not	behave	like	an	
ionic	compound.	

•  Alcohols	can	be	used	for	the	synthesis	of	
aliphatic	hydrocarbons.	



Aldehydes	

•  A	product	of	the	oxidation	of	alcohols.	
•  Contain	a	carbonyl	group	(R-C=O).	
•  The	term	aldehyde	comes	from	alcohol	
dehydrogenation.	

•  The	alcohol	gives	off	two	hydrogen	atoms	to	
form	the	aldehyde.		

•  The	carbonyl	group	is	always	at	the	end	of	the	
chain.	



Basic	Chemical	Laws	
•  Molecules	are	groups	or	clusters	of	atoms	held	together	firmly	by	

means	of	chemical	bonding.	
–  Molecule	of	an	element	-	Two	single	atoms	of	the	same	element,	in		

certain	cases,	can	become	fastened	to	one	another	by	a	chemical	
bond	to	form	a	molecule.	

–  Molecules	of	a	compound	-	A	compound	contains	at	least	two	
different	kinds	of	atoms.	

•  Elements	are	substances	that	cannot	be	decomposed	by	ordinary	
types	of	chemical	change	nor	made	by	chemical	union.	

•  Compounds	are	substances	containing	more	than	one	constituent	
element	and	having	properties	different	from	those	of	the	
individual	elements.	

•  Mixtures	consist	of	two	or	more	substances	intermingled	with	no	
constant	percentage	composition.	Each	component	retains	its	
original	properties.	



Forming	Chemical	Compounds	
•  Laws	dealing	with	chemical	reactions	

–  The	Law	of	Conservation	of	Mass	
•  This	law	states	that	in	a	chemical	reaction	the	total	mass	of	the	products	

equals	the	total	mass	of	the	reactants.	
–  The	Law	of	Definite	Proportions	

•  This	law	states	that	no	matter	how	a	given	chemical	compound	is	prepared,	it	
always	contains	the	same	elements	in	the	same	proportions	by	mass.	

–  The	Law	of	Multiple	Proportions	
•  This	law	states	that	if	two	elements	combine	to	form	more	than	one	

compound,	the	masses	of	one	of	the	elements	combining	with	a	fixed	mass	of	
the	other	are	in	a	simple	ratio	to	one	another.	

•  For	example,	H2O	and	H2O2.		For	water	the	proportion	is	2:1	and	for	
hydrogen	peroxide	is	1:1.		The	molecular	weight	of	water	is	18	amu	and	for	
hydrogen	peroxide	is	34	amu.		For	water	1	grams	of	hydrogen	are	combined	
with	8	grams	of	oxygen.		For	hydrogen	peroxide,	1	grams	of	hydrogen	per	16	
grams	of	oxygen.		

–  Proportions	are	constant	for	each	compound.	



Combining	Elements	
•  The	Laws	of	Definite	Proportions	and	Multiple	
Proportions	and	the	related	portions	of	atomic	
theory	form	the	bases	for	most	quantitative	
calculations	involving	chemical	reactions.	

•  Regardless	of	the	type	of	bond	(ionic,	covalent,	
coordinate	covalent,	or	metallic),	specific	
amounts	of	one	element	will	react	with	specific	
amounts	of	the	element(s)	with	which	it	is	
combined.	

•  If	two	substances	are	combined	the	result	is	a	
mixture.	
– Heterogeneous	or	homogeneous.	



Combining	Elements	
•  Homogeneous	mixture	is	uniform	throughout.		For	example:	water	and	

sugar.	
•  The	solvent	is	the	medium	used	to	dissolve	the	sample.	

–  Sugar	water	mixture	–	the	solvent	is	water.	
•  The	substance	dissolved	in	the	solution	is	known	as	the	solute.	

–  Air	is	a	mixture	of	gases,	metal	alloys	is	a	mixture	of	solids.		Beer	is	an	example	
of	a	liquid	solution.	

•  Solubility	is	defined	as	the	maximum	amount	of	a	substance	that	can	
dissolve	in	a	given	amount	of	solvent	at	a	specific	temperature.	At	this	
point,	the	solution	is	said	to	be	saturated.	

•  Equilibrium	is	the	point	at	which	the	rates	of	the	forward	and	reverse	
reactions	are	exactly	equal	for	a	chemical	reaction	if	the	conditions	of	
reaction	are	constant.	

•  Kinetics	is	the	study	of	the	factors	which	affect	the	rates	of	chemical	
reactions.	There	are	five	principle	factors	to	consider:	concentration,	
temperature,	pressure,	the	nature	of	the	reactants,	and	the	catalyst.	



Chemical	Equations	
•  Le	Chateliers	Principle	states	that	if	a	dynamic	
equilibrium	is	disturbed	by	changing	the	
conditions,	the	position	of	equilibrium	moves	to	
counteract	the	change.	

•  If	conditions	like	pressure,	temperature	and	
concentration	are	changed	the	equilibrium	of	the	
chemical	reaction	will	change	to	counter	the	
effect.	
–  For	an	endothermic	reaction	an	increase	in	
temperature,	will	shift	the	equilibrium	to	the	right	
(solubility	will	increase).	



– For	an	exothermic	reaction	the	reverse	is	true.		
Added	heat	will	result	in	a	decrease	in	solubility.	
•  Solid	↔	solution	+	heat	

– The	amount	of	solute	dissolved	in	a	solution	is	very	
important.		High	accuracy	is	important.	

– Properties	like	density,	molarity,	normality	and	parts	
per	million.	

– Density	is	a	characteristic	of	a	substance.		
•  It	is	defined	as	mass	divided	by	the	volume.	
•  It	is	not	a	function	of	the	size	and	shape.	



Weight	Percent 
	

•  Concentration	of	solution	

	
•  Calculating	

Weight	
percent	=	

weight	of	solute		
weight	of	solution	

x	100%	

12	%	NaCl	solution	=	 			12	g	NaCl				
100	g	solution	

											12	g	NaCl												
(12	g	NaCl	+	88	g	water)	

=	12%	NaCl	solution	



Weight	Percent	Example	1	
Question:	
What	is	the	weight	percent	of	glucose	in	a	solution	made	by	
dissolving	4.6	g	of	glucose	in	145.2	g	of	water?	
Analysis:	
To	get	weight	percent	we	need	the	weight	of	the	solute	and	the	
total	weight	of	the	solution.		
Determine	total	weight	of	solution:	
	
Calculate	percent	

						4.6g	glucose	
+145.2	g	water	
		149.8	g	solution	

Weight	%	glucose	=	
					4.6	g	glucose		x	100	=	3.1%	glucose	
149.8	g	solution	



Weight	Percent	Example	2	
•  Question:	

How	would	you	prepare	400.	g	of	a	2.50%	solution	of	sodium	
chloride?	

•  Analysis:	
We	need	to	find	out	how	much	salt	is	needed	and	how	much	
water	is	needed.	

•  Determine	weight	of	salt:	

•  Determine	weight	of	water:	

•  Answer	

400.	g	x	2.50%	salt	=	10.0	g	salt	

400.	g	solution	x					2.50	g	salt			
100	g	solution		

=	10.0	g	salt		

400.	g		total	
	-10.	g		salt	
390.	g		water	

Dissolve	10.0	g	salt	in	390.	g	water.	



Weight	Percent	Questions	

•  What	is	the	weight	percent	of	ethanol	in	a	solution	
made	by	dissolving	5.3	g	of	ethanol	in	85.0	g	of	
water?	

•  How	would	you	make	250.	g	of	a	7.5%	solution	of	
glucose	in	water?	

•  A	sample	of	a	solution	weighing	850.0	g	is	known	to	
contain	.223	moles	of	potassium	chloride.	What	is	
the	weight	percent	of	potassium	chloride	in	the	
solution?	



•  Molarity	
– Defined	as	moles	of	solute	divided	by	the	liters	of	
solution.	

–  If	a	solution	is	said	to	be	one	molar,	it	contains	
one	mole	of	solute	per	one	liter	of	solution.	



Problem	

•  Prepare	2.5L	of	0.5M	NaOH.	
–  Steps:	to	solve	the	problem,	calculate	the	moles	by	
multiplying	the	molarity	and	the	liters	of	solutions.	
Then	multiply	by	the	molecular	weight	(GAW)	to	
obtain	the	grams	needed	to	prepare	the	solution.	

–  2.5L*0.5M=1.25	moles	
–  1.25	moles	*	(23+16+1)=50	grams	of	NaOH	
–  To	prepare	the	solution,	measure	50	grams	of	NaOH	
and	dissolved	until	using	volumetric	glassware.	



Normality	

•  Defined	as	equivalents	of	solute	per	liter	of	solution.	

•  Equivalents	are	based	on	the	stoichiometry	of	the	
reaction.	

•  One	equivalent	of	acid	is	the	amount	of	acid	necessary	
to	give	up	one	mole	of	hydrogen	ions	in	a	chemical	
reaction.		

•  One	equivalent	of	base	is	the	amount	of	base	that	
reacts	with	one	mole	of	hydrogen	ions.	



Normality	
•  When	dealing	with	acids	normality	refers	to	the	
concentration	of	protons	in	solution.	

•  For	bases,	normality	refers	to	the	concentration	
of	hydroxide	ions.	

•  The	equivalent	weight	is	defined	as	the	molecular	
weight	of	the	acid	or	base	divided	by	the	number	
of	replaceable	hydrogen	or	hydroxyl	ions.	

•  Sulfuric	acid	has	2	equivalents	per	mole	(two	
hydrogen	ions	are	transferred).	

•  For	a	one	to	one	reaction:	one	equivalent	per	
mole.	



•  Determine	the	equivalent	weight	for	each	of	
the	reagents.	



•  How	much	sodium	carbonate	is	needed	to	
prepare	500.0mL	of	0.50N	Na2CO3?	



Parts	per	Million	

•  The	term	ppm	is	defined	as	the	concentration	
of	a	solution	in	units	of	one	part	of	solute	to	
one	million	parts	solvent.	

•  1	ppm	is	equivalent	as	1	mg	of	solute	per	liter	
of	solution.	

•  Term	used	for	very	dilute	solutions.	
•  PPB	represents	parts	of	solute	per	billion	of	
solution.		Equivalent	to	micrograms	per	L	of	
solution.	



•  Calculate	the	concentration	of	CaCO3	in	parts	
per	million	if	25mL	of		a	0.01266M	EDTA	
solution	was	needed	to	test	100mL	of	water	.	



Chemical	Equations	
•  A	chemical	equation	is	the	representation	of	a	chemical	reaction	

using	shorthand.	
•  Substances	to	the	left	are	the	reactants	and	to	the	right	of	the	

arrow	the	products.	
–  2H2	+	O2	→2H2O	

•  The	single	arrow	means	that	the	reaction	will	only	go	in	one	
direction.	

•  When	writing	an	equation,	always	place	the	reactant	on	the	left	
and	the	products	on	the	right	even	in	the	case	of	a	reversible	
reaction.	

•  A	chemical	equation	represents	not	only	the	reaction,	but	also	
shows	the	number	of	atoms	or	molecules	entering	into	and	
produced	by	the	reaction.	

•  Formulas	must	be	balanced	(mass	must	be	conserved).	



Balancing	Chemical	Equations	

•  The	number	of	atoms	or	molecules	of	each	
substance	is	shown	by	the	coefficients	in	the	
equation.	

•  The	number	of	atoms	of	each	element	must	
be	the	same	at	the	left	and	right	hand	side	of	
the	reaction.	



Balancing	Chemical	Reactions	

Guidelines:	

a.	Once	the	correct	chemical	formula	for	a	compound	is	written	in	an	equation,	do	not	
modify	it.	

b.	Select	the	compound	with	the	greatest	number	of	atoms.	Then	begin	by	balancing	
the	element	in	that	compound	with	the	most	atoms.	There	must	be	the	same	
number	of	atoms	of	an	element	on	each	side	of	the	equation.	As	a	rule	of	thumb,	
this	first	element	should	not	be	hydrogen,	oxygen,	or	a	polyatomic	ion.	

c.	Balance	the	atoms	of	each	element	in	the	compound	by	placing	the	appropriate	
coefficient	in	front	of	the	chemical	symbol	or	formula.	

d.	Next,	balance	the	polyatomic	ions.	In	some	cases,	the	coefficient	assigned	in	
guideline	2	may	have	to	be	changed	to	balance	the	polyatomic	ion.	

e.	Balance	the	hydrogen	atoms	next,	then	the	oxygen	atoms.	If	these	elements	appear	
in	the	polyatomic	ion	it	should	not	be	necessary	to	balance	them	again.	

f.	All	coefficients	will	be	whole	numbers.	The	coefficients	should	be	reduced	to	the	
lowest	possible	ratios.	

g.	As	simple	as	it	sounds,	check	off	each	element	as	it	is	accounted	for	since	this	will	
prevent	double	inclusion	or	a	missed	atom.	





Chemical	Reactions	
•  The	mechanism	for	molecules	to	form	involve	more	than	a	mere	collision,	

it	involves	complex	reaction	mechanisms.	
•  Chemical	equations	do	not	show	whether	the	reaction	proceeds	to	

completion	or,	if	incomplete,	the	extent	of	reaction.	In	most	cases,	the	
substances	that	react	never	completely	disappear;	however,	their	
concentration	may	be	exceedingly	small.		

•  Reactions	that	do	not	go	to	completion	are	usually	represented	in	
chemical	equations	by	using	double	horizontal	arrows	.	

•  Chemical	equations	are	very	effective	in	representing	chemical	reactions	
on	a	macroscopic	scale.	

•  The	equation	weight	in	grams	of	a	compound	or	element	is	defined	as	the	
gram	molecular	weight	times	the	number	of	molecules	of	the	compound,	
as	shown	by	the	coefficients	of	the	chemical	equation	for	the	reaction.	

•  The	sums	of	the	equation	weights	on	each	side	of	a	chemical	equation	
must	be	equal.	





•  Solution	using	basic	chemistry	relating	the	coefficients	of	products	
and	reactants:	



Practice	Problems	

•  An	unknown	sample	is	tested	for	the	content	of	
SO4.		It	was	found	via	precipitation	using	BaCl2	
that	4.35	g	of	BaSO4	were	precipitated	out	of	
solution.		Calculate	the	amount	of	sulfate	
contained	in	the	unknown.	
–  Reaction:	BaCl2	+	SO4	→ BaSO4	+	Chloride	containing		
salt	

•  Calculate	the	amount	of	CaCO3	produced	if	24.2	
g	of	Na2CO3	was	consumed	in	the	reaction.	



Practice	Problems	
•  Practice	writing	ionic	compounds	

–  Calcium	hydroxide	
–  Sodium	carbonate	
–  Magnesium	nitrate	
–  Calcium	chloride	
–  Aluminum	chloride	

•  What	is	the	charge	of	each	of	the	ions?	
–  Fe(OH)2	
–  AgNO3	
–  CuO	
–  Mg3(PO4)2	



Acids,	Bases,	Salts	and	pH	

EO	3.1	DEFINE	the	following	terms:	
a.		Acid	 	b.	Salt	 	c.Base 	d.		pH	
e.	pOH	 			f.	Dissociation	constant	of	water 		
e.	Alkalies	
	
EO	3.2	STATE	the	formula	for	pH.	
EO	3.3	STATE	the	formula	for	pOH.	
EO	3.4	CALCULATE	the	pH	of	a	specified	solution.	



•  Electrolytes	are	substances	that	when	dissolved	in	
water	dissociate	into	ions.	

•  Electrolytes	are	divided	into:	salts,	acids	and	bases.	
•  Acids	are	electrolytes	that	when	dissolved	in	water	
dissociate	to	form	hydrogen	ions,	H+.	

•  Examples	of	acids	include	H2SO4,	HCl,	H3PO4.	
•  The	letters	in	the	chemical	formula	in	the	subscript	
inside	parenthesis	represent	the	state	of	the	reactants.	

•  H2SO4	(aq)→	2H+	+	SO4
2-		



Characteristics	of	Acids	in	Water	
•  Acid	solutions	taste	sour.	
•  Acids	react	with	many	metals	to	produce	
hydrogen	gas.	

•  2HCl	(aq)+Zn	(s)→ZnCl2	(aq)	+	H2	(g)	
•  Turn	litmus	paper	red.	
•  The	solution	conducts	electricity.	
•  Acids	react	with	bases	to	form	a	salt	and	water.	
•  HCl	(aq)	+	NaOH(aq)	→NaCl	(aq)	+	H2O(l)	
•  Acids	react	with	carbonates	to	form	CO2.	

–  CaCO3	+	2HCl	→	CaCl2	+	H2O(l)	+	CO2↑	



Characteristics	of	Bases	
•  Bases	are	ionic	compounds	that	when	dissolved	in	
water	produce	hydroxide	ions.	
–  NaOH	and	KOH	are	common	bases.	
–  NaOH	(aq)	→	Na+	+	OH-	

•  Common	bases	include	ammonia	and	household	soap.		
Characteristics	of	bases	include:	
	1.	Basic	solutions	taste	bitter	and	feel	slippery	to	the	
touch.	
	2.	Bases	turn	litmus	paper	blue.	
	3.	Basic	solutions	conduct	electricity.	
	4.	Bases	neutralize	acids.	



•  When	an	acid	is	neutralized	by	a	base	the	
product	includes	a	salt.	

•  A	salt	is	an	ionic		compound	composed	of	
positive	ions	and	negative	ions.		

•  The	ionic	bond	is	what	keeps	salts	in	their	
molecular	form.	

•  The	acid	base	reaction	is	known	as	
neutralization.	

•  NaCl	is	the	product	from	the	neutralization	of	
NaOH	and	HCl.	



•  Salts	may	taste	salty,	sour,	bitter,	astringent,	
sweet,	or	tasteless.		

•  Solutions	of	salts	may	be	acidic,	basic,	or	
neutral	to	acid-base	indicators.		

•  Fused	salts	and	aqueous	solutions	of	salts	
conduct	an	electric	current	



pH	and	pOH	
•  Compounds	that	produce	hydrogen	ions	directly	when	
dissolved	in	water	are	called	acids,	and	those	that	
produce	hydroxyl	ions	directly	when	dissolved	in	water	
are	called	bases.	

•  pH	and	pOH	are	calculated	using	the	concentration	of	
hydrogen	or	hydroxide	ions	in	solutions,	respectively.	

•  pH	=	-log	[H+]			
•  [H+]	=	10-pH	
•  pOH	=-log	[OH-]	
•  The	negative	in	front	of	the	logarithm	is	to	ensure	that	
the	value	of	the	pH	is	positive.	





•  The	pOH	of	a	solution	is	defined	as	the	
negative	logarithm	of	the	hydroxyl	
concentration,	represented	as	[OH	]	in	moles/
liter.	

•  [H+][OH-]=1x10-14	
•  pH+pOH=14	
•  pH	=	7	indicates	a	neutral	solution.	
•  For	a	pH	less	than	7,	the	solution	is	acidic	and	
for	a	pH	greater	than	7	the	solution	is	basic.	
	




