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Home	»	Physical	Chemistry	Voltaic	or	galvanic	cells	are	electrochemical	devices	that	use	spontaneous	oxidation-reduction	reactions	to	generate	electricity.	An	electrochemical	cell	called	a	galvanic	cell	or	voltaic	cell,	respectively	named	after	the	scientists	Luigi	Galvani	and	Alessandro	Volta.		In	a	typical	setup,	two	different	metals	are	immersed	in
separate	beakers	that	each	contain	their	own	solution	of	metal	ions	and	are	either	connected	by	a	salt	bridge	or	separated	by	a	porous	membrane.	In	order	to	balance	the	overall	equation	and	highlight	the	actual	chemical	transformations,	it	is	frequently	convenient	to	divide	the	oxidation-reduction	reactions	into	half-reactions	when	writing	the
equations.	Galvanic	Cell	(Voltaic	Cell)	The	simplest	electrochemical	cell,	or	galvanic	cell,	transforms	chemical	energy	into	electrical	energy.	A	galvanic	cell	is	a	device	that	converts	chemical	reactions	between	different	conductors	linked	by	an	electrolyte	and	a	salt	bridge	into	electrical	energy.	The	oxidation-reduction	reactions	that	occur	naturally	can
also	power	galvanic	cells.	In	essence,	a	galvanic	cell	serves	as	a	conduit	for	the	redox	reaction’s	electrical	energy	generated	by	the	transfer	of	electrons.		An	electrical	circuit,	such	as	one	in	a	television	or	light	bulb,	may	receive	the	electrical	energy	or	current.	The	conductor	through	which	the	electrons	move	is	the	external	circuit.	The	salt	bridge,
which	balances	the	charge	in	each	half	cell	by	containing	an	inert	electrolyte,	is	the	internal	circuit.	Without	it,	as	electrons	accumulated	in	one	half	of	the	cell,	the	cell	would	become	polarized.	Two	half-cells	with	an	electrode	in	contact	with	a	solution	make	up	each	galvanic	cell.	The	cathode	(+)	serves	as	the	electrode	for	the	reduction	half-cell	while
the	anode	(-)	serves	as	the	electrode	for	the	oxidation	half-cell.Anions	and	cations	in	the	salt	bridge	move	from	the	cathode	to	the	anode,	respectively.The	anode	is	negative	and	the	cathode	is	positive.	An	appropriate	reduction	electrode	and	an	oxidation	electrode	are	combined	to	create	a	galvanic	cell,	which	uses	a	redox	reaction	to	convert	chemical
energy	into	electrical	energy.	Through	a	porous	diaphragm	or	a	salt	bridge,	two	electrolytic	solutions	in	which	electrodes	are	submerged	are	connected	to	one	another.	A	device	that	makes	use	of	the	electrical	energy	generated	in	the	outer	circuit	is	connected	to	the	two	electrodes.	At	the	oxidation	electrode,	electrons	are	liberated,	or	oxidation	takes
place.	A	negative	potential	is	produced	by	the	accumulation	of	these	electrons	on	the	electrode.	Due	to	the	reduction	process	taking	place	there,	a	positive	potential	forms	at	the	reduction	electrode.	Galvanic	Cell	Due	to	a	difference	in	potential	between	these	two	electrodes	when	they	are	connected,	electrons	begin	to	flow	from	the	oxidation
electrode	to	the	reduction	electrode	in	the	outer	circuit.	As	a	result,	an	electric	current	is	generated.	The	cathode	is	the	electrode	where	the	reduction	process	takes	place,	and	the	anode	is	the	electrode	where	the	oxidation	process	happens.	Anode	polarity	in	a	galvanic	cell	is	negative,	while	cathode	polarity	is	positive.	Anode:	At	this	electrode,
oxidation	takes	place.	Cathode:	This	electrode	is	where	reduction	takes	place.	Salt	Bridge:	Electrolytes	needed	to	complete	the	circuit	in	a	galvanic	cell	are	contained	in	the	salt	bridge.	Half-cells:	Half-cells	are	divided	into	compartments	for	the	reduction	and	oxidation	reactions.	External	Circuit:	Conducts	the	flow	of	electrons	between	electrodes	in	an
external	circuit.	Load:	A	component	of	the	circuit	uses	the	flow	of	electrons	to	carry	out	its	function.	The	Gibbs	energy	of	the	spontaneous	redox	reaction	in	the	voltaic	cell	is	primarily	responsible	for	the	electrical	work	produced	by	a	galvanic	cell.	When	an	electrode	in	a	galvanic	cell	is	exposed	to	the	electrolyte	at	the	electrode-electrolyte	interface,
the	metal	electrode’s	atoms	tend	to	produce	ions	in	the	electrolyte	solution	while	leaving	the	electrode’s	electrons	behind.	The	metal	electrode	becomes	negatively	charged	as	a	result.Metal	ions	in	the	electrolyte	solution,	however,	also	have	a	propensity	to	deposit	on	a	metal	electrode.	Consequently,	the	electrode	becomes	positively	charged.Under
equilibrium	conditions,	charge	separation	is	seen,	and	the	electrode	can	be	either	positively	or	negatively	charged	depending	on	the	tendencies	of	two	opposing	reactions.	As	a	result,	there	is	a	potential	difference	between	the	electrode	and	electrolyte.	Out	of	two	electrodes,	the	anode	is	the	electrode	where	oxidation	occurs,	and	the	cathode	is	the
electrode	where	reduction	occurs.	The	cathode	has	a	positive	potential	concerning	the	solution,	whereas	the	anode	has	a	negative	potential.	In	order	to	represent	a	galvanic	cell,	abbreviated	symbolism	is	frequently	used	to	convey	key	details	about	the	cell’s	make-up	and	structure.	Cell	notations	or	cell	schematics	are	these	symbolic	representations,
and	they	are	written	in	accordance	with	the	following	rules:	Chemical	formulas	or	element	symbols	are	used	to	represent	the	pertinent	components	of	each	half-cell.	When	two	or	more	components	are	present	in	the	same	phase,	their	formulas	are	separated	by	commas.	All	interfaces	between	component	phases	are	shown	as	vertical	parallel	lines.
According	to	the	convention,	the	schematic	starts	with	the	anode	and	moves	from	left	to	right,	identifying	the	phases	and	interfaces	that	are	present	inside	the	cell,	before	ending	with	the	cathode.	A	helpful	first	step	in	writing	the	cell’s	schematic	is	frequently	to	verbally	describe	the	cell	as	seen	from	anode	to	cathode.	For	Example:	The	galvanic	cell
in	figure	below	is	made	up	of	a	solid	silver	cathode	submerged	in	an	aqueous	silver(I)	nitrate	solution,	which	is	connected	to	a	solid	copper	anode	submerged	in	an	aqueous	copper(II)	nitrate	solution	by	a	salt	bridge.	The	cell	schematic	is	produced	by	translating	this	statement	into	symbolism	using	the	aforementioned	rules:	A	galvanic	cell	[copper	and
silver(I)	ions]	A	galvanic	cell’s	current	flows	because	one	half-cell	has	a	stronger	tendency	than	the	other	to	push	electrons	into	the	external	circuit.	Eo	is	used	to	represent	a	cell’s	potential	difference	which	is	expressed	in	volts.	The	stronger	reducing	and	oxidizing	agents	are	located	with	the	anode	and	cathode,	respectively,	in	a	galvanic	cell.	By
deducting	the	lower	Eo	from	the	higher	Eo	in	the	electrochemical	series,	the	Eo	value	can	be	calculated.	The	electrode	potential	of	a	cell	can	be	easily	determined	by	the	use	of	a	standard	potential	table.	An	oxidation	potential	table	could	also	be	used,	but	the	reduction	table	is	more	common.	The	first	step	is	to	identify	the	two	metals	reacting	in	the
cell.	Then	one	looks	up	the	Eo	(standard	electrode	potential,	in	volts)	for	each	of	the	two	half-reactions.	The	electric	potential	for	the	cell	is	equal	to	the	more	positive	Eo	value	minus	the	more	negative	Eo	value.	For	example	The	solutions	include	CuSO4	and	ZnSO4.	With	a	salt	bridge	allowing	SO42-	ions	to	freely	move	between	the	copper	and	zinc
solutions.	When	looking	up	the	half-reactions	of	copper	and	zinc	to	calculate	the	electric	potential,	one	discovers	that:	Thus	the	reaction	that	is	going	on	is;	Consequently,	the	electric	potential	is	+0.34	V	-(-0.76	V)	=	1.10	V.	If	the	cell	is	operated	under	non-standard	conditions,	the	potentials	must	be	adjusted	using	the	Nernst	equation.	Galvanic
corrosion	is	an	electrochemical	process	in	which	one	metal	preferentially	corrodes	in	the	presence	of	another	metal	when	the	two	metals	are	dissolved	in	an	electrolyte.	Because	different	metals	have	different	electrode	potentials,	a	galvanic	couple	forms	when	two	or	more	different	types	of	metal	come	into	contact	in	the	presence	of	an	electrolyte.
Metallic	ions	can	move	from	the	anode	to	the	cathode	through	ion	migration,	which	is	made	possible	by	the	electrolyte.	The	cathodic	metal’s	corrosion	is	slowed	down	or	even	stopped	as	a	result,	which	causes	the	anodic	metal	to	corrode	more	quickly	than	it	otherwise	would.	The	presence	of	electrolytes	and	a	conducting	path	between	the	metals	may
cause	corrosion.	If	the	composition	of	the	electrolyte	varies,	even	a	single	type	of	metal	may	corrode	galvanically,	creating	a	concentration	cell.	Metals	(including	alloys)	can	be	arranged	in	a	galvanic	series	to	show	the	potential	that	develops	between	them	and	a	common	reference	electrode	in	an	electrolyte.	Which	metal	is	more	likely	to	corrode
more	quickly	can	be	determined	by	comparing	two	metals’	positions	in	the	series.	However,	additional	variables	like	water	aeration	and	flow	rate	can	have	a	significant	impact	on	the	process.	The	best	illustration	of	a	galvanic	cell	that	transforms	chemical	energy	into	electrical	energy	is	a	Daniell	cell.	The	Daniell	cell	is	made	up	of	two	electrodes	made
of	different	metals,	Zn	and	Cu,	which	are	each	in	contact	with	a	solution	of	their	respective	ion,	zinc	sulfate	or	copper	sulfate.Typically,	the	Daniell	cell	is	represented	as	In	a	Daniell	cell,	metal	ions	move	from	one	half	of	the	cell	to	the	other	through	the	salt	bridge	while	electrons	move	from	the	zinc	electrode	to	the	copper	electrode	through	an
external	circuit.Here,	a	circuit	external	to	the	device	allows	current	to	move	from	a	copper	electrode	to	a	zinc	electrode,	or	a	cathode	to	an	anode.A	voltaic	cell	can	be	either	reversible	or	irreversible,	whereas	the	Daniell	cell	is	reversible.	The	best	illustration	of	a	galvanic	cell	is	the	Daniell	cell.	A	zinc	rod	dipped	in	a	C1	concentration	zinc	sulphate
(ZnSO4)	solution	serves	as	the	anode	of	the	Daniell	cell.	A	copper	rod	is	submerged	in	a	solution	of	copper	sulfate	(CuSO4)	with	a	C2	concentration	to	create	the	cathode.	Both	direct	contact	and	a	salt	bridge	create	electrical	communication	between	the	Zn2+	and	Cu2+	ions	in	the	solution.	The	copper	electrode	serves	as	a	cathode,	where	reduction
takes	place,	and	the	zinc	electrode	serves	as	an	anode,	where	oxidation	occurs.	The	zinc	electrode	is	a	source	of	electrons	thus	it	attracts	electrons	and	forces	them	into	the	external	circuit.	On	the	other	hand,	the	copper	electrode	with	a	low	electron	density	draws	the	electron	from	the	external	circuit.	Electrons	move	from	the	zinc	electrode	to	the
copper	electrode	as	a	result.	Atkins,	P.,	“Physical	Chemistry”,	6th	edition,	W.H.	Freeman	and	Company,	New	York,	1997	Petrucci,	Ralph	H.;	Herring,	F.	Geoffrey;	Madura,	Jeffry	D.;	Bissonnette,	Carey	(2017).	General	chemistry:	principles	and	modern	applications	(11th	ed.).	Toronto:	Pearson.	p.	869.	ISBN	978-0-13-293128-1.	OCLC	951078429.
McMurry,	John;	Fay,	Robert	C.;	Robinson,	Jill	K.	(2015).	Chemistry	(7th	ed.).	Boston:	Pearson.	p.	762.	ISBN	978-0-321-94317-0.	OCLC	889577526	OpenSTAX)/17%3A_Electrochemistry/17.2%3A_Galvanic_Cells	About	Author	Written	by	Akash	PeshinLast	Updated	On:	19	Oct	2023Published	On:	11	Oct	2018	Table	of	Contents	(click	to	expand)	A	galvanic
or	voltaic	cell	is	an	electrochemical	cell	that	converts	chemical	energy	into	electrical	energy.	It	achieves	this	by	harnessing	the	energy	produced	by	the	redox	reactions	that	occur	within	the	cell.	To	understand	this	operation	in	detail,	we	must	first	understand	what	a	redox	reaction	is.	Recommended	Video	for	you:Which	Is	The	Most	Reactive	Element
In	The	Periodic	Table?	The	word	“redox”	is	short	for	“reduction-oxidation”.	The	combinative	phrase	represents	two	chemical	reactions	that	occur	simultaneously	to	exchange	electrons.	The	reactant	that	loses	its	electrons	is	said	to	be	oxidized,	whereas	the	reactant	that	gains	these	very	same	electrons	is	said	to	be	reduced.	Note	that	one	causes	the
other,	and	it	is	this	causal	nature	of	the	reaction	that	gives	the	“red-ox”	reaction	its	name.	Here	is	a	simple	experiment	that	illustrates	a	redox	reaction.	The	beaker	contains	a	solution	of	copper	sulfate	(CuSo4),	in	which	a	strip	of	zinc	is	dipped.	Copper	is	more	electronegative	than	zinc,	meaning	that	it	exhibits	a	greater	tendency	to	attract	electrons
and	form	negative	copper	ions.	As	soon	as	the	strip	is	dipped	into	the	solution,	the	copper	ions	(Cu2+)	seize	the	zinc’s	electrons	to	form	copper	atoms	(Cu),	which	deposit	as	a	brownish	layer	on	the	strip,	while	the	zinc	atoms	(Zn),	now	deprived	of	electrons,	become	zinc	ions	(Zn2+),	which	dissolve	into	the	solution.	At	the	end	of	the	reaction,	the	strip
has	become	heavier	and	the	solution	is	replete	with	zinc.	In	the	quick	reaction	between	the	metals,	copper	is	reduced	as	it	gains	electrons,	while	zinc	is	oxidized	as	it	loses	electrons	(remember	OIL	RIG).	Electricity	is	just	the	flow	of	electrons	—	the	electrons	exchanged	in	the	reaction	can	be	used	to,	say,	power	a	bulb,	but	this	cannot	be	achieved	in
our	beaker,	for	the	electrons	in	it	are	carelessly	dispersed.	To	harness	them,	we	must	somehow,	before	they	are	seized	by	copper,	route	every	electron	in	the	bulb.	This	can	be	achieved	with	not	one,	but	two	beakers.	Now,	consider	this	apparatus,	which	represents	a	galvanic	cell.	The	first	beaker	contains	zinc	sulfate	(ZnSO4)	into	which	a	strip	of	zinc
is	dipped,	while	the	adjacent	beaker	contains	copper	sulfate	(CuSO4)	into	which	a	strip	of	copper	is	dipped.	However,	the	two	strips	are	connected	by	an	external	circuit,	a	conductor,	which	is	connected	to	a	bulb.	The	cell	is	named	“galvanic”	after	its	inventor,	the	physicist	Luigi	Galvani.	In	1780,	Galvani	demonstrated	that	when	two	different	metals
are	connected	to	each	other	at	one	end,	while	the	other	ends	are	connected	by	the	legs	of	a	frog,	the	legs	contract,	indicating	the	flow	of	electricity.	He	called	his	absurd	apparatus	“animal	circuitry”.	However,	to	challenge	Galvani,	Alessandro	Volta	developed	the	same	cell	without	a	single	biological	component.	This	was	an	incredible	achievement
and,	for	this	reason,	“galvanic”	and	“voltaic”	are	used	synonymously.	Even	though	their	circuits	worked,	the	inventors	were	incorrect	about	why	they	worked.	Galvani	believed	that	the	frog	was	responsible,	while	Volta	believed	it	was	the	properties	of	the	isolated	metals.	It	was	Faraday	who	was	finally	correct	in	realizing	that	the	electric	energy	was
derived	from	chemical	reactions,	that	the	source	of	voltage	was	purely	chemical.	It	was	Faraday	who	coined	the	terms	that	now	form	electrical	and	electronic	jargon:	the	metals	he	called	electrodes	–	cathode	and	anode,	the	solution	in	which	they	were	dipped	he	called	electrolyte,	and	the	entities	involved	he	called	ions	–	cations	and	anions.	As	soon	as
the	zinc	and	copper	electrodes	are	dipped	into	their	respective	sulfate	electrolytes,	the	redox	reaction	begins:	copper	begins	to	lure	zinc’s	electrons.	Just	as	it	occurred	in	the	single	beaker	experiment,	the	zinc	atoms	in	the	first	beaker	are	oxidized	and	therefore	lose	their	electrons	and	become	zinc	ions,	which	dissolve	into	the	zinc	sulfate	solution.
The	copper	ions	in	the	adjacent	beaker	are	reduced	as	they	gain	these	electrons	and	become	copper	atoms,	which	deposit	on	the	strip.	However,	while	the	two	beakers	are	physically	separated,	the	electrodes	are	connected	by	an	external	conductor.	The	electrons,	rather	than	dispersing,	are	routed	to	the	copper	electrode	via	this	conductor.	However,
because	perched	on	this	conductor	is	a	bulb,	before	reaching	the	copper	strip,	the	electrons	have	no	option	but	to	go	through	the	bulb.	The	zinc	electrode,	since	it	supplies	the	electrons,	is	the	battery’s	anode	or	the	negative	terminal,	while	the	copper	electrode,	which	attracts	or	receives	the	electrons,	is	the	battery’s	cathode	or	the	positive	terminal.
Because	one	metal	is	bound	to	steal	electrons	from	the	other	metal	(or	non-metal),	the	electronegativity	determines	the	direction	of	the	circuit’s	current.	(Photo	Credit	:	Wikimedia	Commons)	However,	the	labels	conform	to	the	standard	convention.	The	battery’s	anode,	the	zinc	strip	–	and	this	might	confuse	the	reader	–	is	actually	positive,	since	it	is
deprived	of	electrons	due	to	oxidation,	while	the	battery’s	cathode,	the	copper	strip,	is	actually	negative,	since	it	is	abundant	in	electrons	due	to	reduction.	Zinc	is	the	positive	electrode,	but	the	negative	terminal,	while	copper	is	the	negative	electrode,	but	the	positive	terminal.	This	distinction	is	critical.	Even	though	the	electrons	are	successfully
made	to	flow	through	the	conductor	and	therefore	the	bulb,	the	bulb	will	not	glow,	because	the	circuit	is	still	incomplete.	What	completes	the	circuit	is	the	tube	in	the	diagram,	whose	legs	are	dipped	in	both	the	beakers.	This	is	called	a	salt	bridge.	The	salt	bridge	is	a	porous	substance	composed	of	a	salt	on	which	electrons	cannot	travel,	but	cations
and	anions	can.	By	forbidding	the	flow	of	electrons,	it	automatically	excludes	itself	from	participating	or	interfering	in	the	process.	Its	sole	purpose	is	to	exchange	ions	and	complete	the	circuit.	When	zinc	oxidizes	and	dissolves	into	the	solution	as	a	zinc	cation,	the	zinc	cation	traverses	the	bridge	and	enters	the	adjacent	beaker.	There	it	forms	zinc
sulfate	by	replacing	the	copper	cation,	which,	mixed	with	the	sulfate	anion,	before	being	reduced,	formed	the	copper	sulfate	solution.	Similarly,	when	the	copper	cation	reduces	to	form	a	copper	atom,	the	sulfate	anion	left	behind	traverses	the	bridge	and	enters	the	first	beaker.	There	it	combines	with	the	oxidized	zinc	cations	to	form	zinc	sulfate.	The
exchange	ensures	that	the	reaction	is	balanced,	or	that	the	circuit	is	completed.	The	representation	of	a	galvanic	cell	or	the	two	beakers	connected	by	a	porous	salt	bridge	can	be	further	reduced	to	this:	As	the	reduction	and	oxidation	reactions	occur	physically	separated	in	two	different	beakers,	each	beaker	or	unit	is	called	a	half	cell.	The	nature	of
the	voltage,	in	virtue	of	the	singular	direction	of	the	flow	of	electrons,	is	DC.	The	magnitude	of	this	DC	voltage	is	the	arithmetic	difference	of	the	voltages	in	the	two	half	cells.	The	difference	gives	a	relative	measure	of	the	ease	of	dissolution	of	the	two	electrodes	into	the	electrolyte.	The	voltage	is	therefore	a	function	of	the	properties	of	both	the
electrodes	and	the	electrolyte.	Remember	–	and	it’s	worth	mentioning	again	–	that	the	voltage	is	purely	chemical.	Batteries	today	don’t	house	a	single	galvanic	cell,	but	a	pair,	or	two	of	them	in	series.	A	12V	battery	ordinarily	consists	of	6	galvanic	cells.	The	battery	“dies”	when	the	entirety	of	its	anions	has	dissolved	into	the	electrolyte,	while	the
entirety	of	its	cations	has	been	deposited	upon	the	electrode.	Bear	in	mind	that	not	all	batteries	use	zinc,	copper	and	their	sulfates	as	the	electrodes	and	the	electrolyte.	What	is	necessary	is	the	difference	in	the	electronegativity	of	the	electrodes.	The	majority	of	batteries	are	actually	based	on	lead	and	lead	oxide	as	anode	and	cathode,	respectively.
Even	the	salt	bridge	doesn’t	necessarily	have	to	be	composed	of	the	same	salt	the	metals	form.	It	merely	needs	to	provide	the	necessary	number	of	cations	and	anions	to	balance	the	reaction.	In	our	example,	if	it	were	to	be	composed	of	potassium,	it	would	donate	two	cations	of	potassium	for	a	single	cation	of	zinc.	Lastly,	once	dead,	galvanic	cells
cannot	be	revived	or	recharged.	This	is	why	one	must	change	the	batteries	in	an	alarm	clock	or	remote	control	from	time	to	time.	The	kind	of	electrochemical	cell	that	can	be	recharged	is	an	electrolytic	cell.	An	electrolytic	cell	also	consists	of	two	beakers	filled	with	electrolytes	into	which	electrodes	are	dipped,	but	it	achieves	the	complete	inverse	of
what	a	galvanic	cell	does:	it	converts	electrical	energy	into	chemical	energy.	The	electrodes	are	connected	to	an	electrical	source	via	an	external	circuit.	However,	the	potential	generated	by	this	source	is	greater	than	the	potential	created	by	the	redox	reaction.	What’s	more,	the	source	is	installed	in	the	opposite	direction.	Therefore,	as	a	result	of	its
greater	potential,	it	overcomes	the	force	of	the	incoming	electrons	and	forces	them	to	reverse	their	direction.	The	electrons	then	flow	from	the	copper	strip	to	the	zinc	strip,	such	that	copper	is	now	oxidized,	and	zinc	is	reduced.	In	this	way,	unlike	a	galvanic	cell,	which	produces	current	from	a	redox	reaction,	an	electrolytic	cell	uses	electric	current	to
drive	a	redox	reaction.	Later,	the	battery	can	be	replaced	with	a	bulb,	making	the	cell	galvanic,	only	fully	charged.	References	(click	to	expand)	Akash	Peshin	is	an	Electronic	Engineer	from	the	University	of	Mumbai,	India	and	a	science	writer	at	ScienceABC.	Enamored	with	science	ever	since	discovering	a	picture	book	about	Saturn	at	the	age	of	7,	he
believes	that	what	fundamentally	fuels	this	passion	is	his	curiosity	and	appetite	for	wonder.	Related	Videos	Electrochemical	deviceGalvanic	cell	with	no	cation	flow	A	galvanic	cell	or	voltaic	cell,	named	after	the	scientists	Luigi	Galvani	and	Alessandro	Volta,	respectively,	is	an	electrochemical	cell	in	which	an	electric	current	is	generated	from
spontaneous	oxidation–reduction	reactions.	An	example	of	a	galvanic	cell	consists	of	two	different	metals,	each	immersed	in	separate	beakers	containing	their	respective	metal	ions	in	solution	that	are	connected	by	a	salt	bridge	or	separated	by	a	porous	membrane.[1]	Volta	was	the	inventor	of	the	voltaic	pile,	the	first	electrical	battery.	Common	usage
of	the	word	battery	has	evolved	to	include	a	single	Galvanic	cell,	but	the	first	batteries	had	many	Galvanic	cells.[2]	In	1780,	Luigi	Galvani	discovered	that	when	two	different	metals	(e.g.,	copper	and	zinc)	are	in	contact	and	then	both	are	touched	at	the	same	time	to	two	different	parts	of	a	muscle	of	a	frog	leg,	to	close	the	circuit,	the	frog's	leg
contracts.[3]	He	called	this	"animal	electricity".	The	frog's	leg,	as	well	as	being	a	detector	of	electrical	current,	was	also	the	electrolyte	(to	use	the	language	of	modern	chemistry).	A	year	after	Galvani	published	his	work	(1790),	Alessandro	Volta	showed	that	the	frog	was	not	necessary,	using	instead	a	force-based	detector	and	brine-soaked	paper	(as
electrolyte).	(Earlier	Volta	had	established	the	law	of	capacitance	C	=	⁠Q/V⁠	with	force-based	detectors).	In	1799	Volta	invented	the	voltaic	pile,	which	is	a	stack	of	galvanic	cells	each	consisting	of	a	metal	disk,	an	electrolyte	layer,	and	a	disk	of	a	different	metal.	He	built	it	entirely	out	of	non-biological	material	to	challenge	Galvani's	(and	the	later
experimenter	Leopoldo	Nobili)'s	animal	electricity	theory	in	favor	of	his	own	metal-metal	contact	electricity	theory.[4]	Carlo	Matteucci	in	his	turn	constructed	a	battery	entirely	out	of	biological	material	in	answer	to	Volta.[5]	Volta's	contact	electricity	view	characterized	each	electrode	with	a	number	that	we	would	now	call	the	work	function	of	the
electrode.	This	view	ignored	the	chemical	reactions	at	the	electrode-electrolyte	interfaces,	which	include	H2	formation	on	the	more	noble	metal	in	Volta's	pile.	Although	Volta	did	not	understand	the	operation	of	the	battery	or	the	galvanic	cell,	these	discoveries	paved	the	way	for	electrical	batteries;	Volta's	cell	was	named	an	IEEE	Milestone	in	1999.
[6]	Some	forty	years	later,	Faraday	(see	Faraday's	laws	of	electrolysis)	showed	that	the	galvanic	cell—now	often	called	a	voltaic	cell—was	chemical	in	nature.	Faraday	introduced	new	terminology	to	the	language	of	chemistry:	electrode	(cathode	and	anode),	electrolyte,	and	ion	(cation	and	anion).	Thus	Galvani	incorrectly	thought	the	source	of
electricity	(or	source	of	electromotive	force	(emf),	or	seat	of	emf)	was	in	the	animal,	Volta	incorrectly	thought	it	was	in	the	physical	properties	of	the	isolated	electrodes,	but	Faraday	correctly	identified	the	source	of	emf	as	the	chemical	reactions	at	the	two	electrode-electrolyte	interfaces.	The	authoritative	work	on	the	intellectual	history	of	the	voltaic
cell	remains	that	by	Ostwald.[7]	It	was	suggested	by	Wilhelm	König	in	1940	that	the	object	known	as	the	Baghdad	battery	might	represent	galvanic	cell	technology	from	ancient	Parthia.	Replicas	filled	with	citric	acid	or	grape	juice	have	been	shown	to	produce	a	voltage.	However,	it	is	far	from	certain	that	this	was	its	purpose—other	scholars	have
pointed	out	that	it	is	very	similar	to	vessels	known	to	have	been	used	for	storing	parchment	scrolls.[8]	Schematic	of	Zn–Cu	galvanic	cell	Galvanic	cells	are	extensions	of	spontaneous	redox	reactions,	but	have	been	merely	designed	to	harness	the	energy	produced	from	said	reaction.[1]	For	example,	when	one	immerses	a	strip	of	zinc	metal	(Zn)	in	an
aqueous	solution	of	copper	sulfate	(CuSO4),	dark-colored	solid	deposits	will	collect	on	the	surface	of	the	zinc	metal	and	the	blue	color	characteristic	of	the	Cu2+	ion	disappears	from	the	solution.	The	depositions	on	the	surface	of	the	zinc	metal	consist	of	copper	metal,	and	the	solution	now	contains	zinc	ions.	This	reaction	is	represented	by:	Zn(s)	+
Cu2+(aq)	→	Zn2+(aq)	+	Cu(s)	In	this	redox	reaction,	Zn	is	oxidized	to	Zn2+	and	Cu2+	is	reduced	to	Cu.	When	electrons	are	transferred	directly	from	Zn	to	Cu2+,	the	enthalpy	of	reaction	is	lost	to	the	surroundings	as	heat.	However,	the	same	reaction	can	be	carried	out	in	a	galvanic	cell,	allowing	some	of	the	chemical	energy	released	to	be	converted
into	electrical	energy.	In	its	simplest	form,	a	half-cell	consists	of	a	solid	metal	(called	an	electrode)	that	is	submerged	in	a	solution;	the	solution	contains	cations	(+)	of	the	electrode	metal	and	anions	(−)	to	balance	the	charge	of	the	cations.[9]	The	full	cell	consists	of	two	half-cells,	usually	connected	by	a	semi-permeable	membrane	or	by	a	salt	bridge
that	prevents	the	ions	of	the	more	noble	metal	from	plating	out	at	the	other	electrode.[9]	A	specific	example	is	the	Daniell	cell	(see	figure),	with	a	zinc	(Zn)	half-cell	containing	a	solution	of	ZnSO4	(zinc	sulfate)	and	a	copper	(Cu)	half-cell	containing	a	solution	of	CuSO4	(copper	sulfate).	A	salt	bridge	is	used	here	to	complete	the	electric	circuit.	If	an
external	electrical	conductor	connects	the	copper	and	zinc	electrodes,	zinc	from	the	zinc	electrode	dissolves	into	the	solution	as	Zn2+	ions	(oxidation),	releasing	electrons	that	enter	the	external	conductor.	To	compensate	for	the	increased	zinc	ion	concentration,	via	the	salt	bridge	zinc	ions	(cations)	leave	and	sulfate	ions	(anions)	enter	the	zinc	half-
cell.	In	the	copper	half-cell,	the	copper	ions	plate	onto	the	copper	electrode	(reduction),	taking	up	electrons	that	leave	the	external	conductor.	Since	the	Cu2+	ions	(cations)	plate	onto	the	copper	electrode,	the	latter	is	called	the	cathode.	Correspondingly	the	zinc	electrode	is	the	anode.	The	electrochemical	reaction	is:	Zn(s)	+	Cu2+(aq)	→	Zn2+(aq)	+
Cu(s)	This	is	the	same	reaction	as	given	in	the	previous	example.	In	addition,	electrons	flow	through	the	external	conductor,	which	is	the	primary	application	of	the	galvanic	cell.	As	discussed	under	cell	voltage,	the	electromotive	force	of	the	cell	is	the	difference	of	the	half-cell	potentials,	a	measure	of	the	relative	ease	of	dissolution	of	the	two
electrodes	into	the	electrolyte.	The	emf	depends	on	both	the	electrodes	and	on	the	electrolyte,	an	indication	that	the	emf	is	chemical	in	nature.	A	half-cell	contains	a	metal	in	two	oxidation	states.	Inside	an	isolated	half-cell,	there	is	an	oxidation-reduction	(redox)	reaction	that	is	in	chemical	equilibrium,	a	condition	written	symbolically	as	follows	(here,
"M"	represents	a	metal	cation,	an	atom	that	has	a	charge	imbalance	due	to	the	loss	of	n	electrons):	Mn+(oxidized	species)	+	n	e−	⇌	M(reduced	species)	A	galvanic	cell	consists	of	two	half-cells,	such	that	the	electrode	of	one	half-cell	is	composed	of	metal	A,	and	the	electrode	of	the	other	half-cell	is	composed	of	metal	B;	the	redox	reactions	for	the	two
separate	half-cells	are	thus:	A	n+	+	n	e−	⇌	A	B	m+	+	m	e−	⇌	B	The	overall	balanced	reaction	is:	m	A	+	n	B	m+	⇌	n	B	+	m	A	n+	In	other	words,	the	metal	atoms	of	one	half-cell	are	oxidized	while	the	metal	cations	of	the	other	half-cell	are	reduced.	By	separating	the	metals	in	two	half-cells,	their	reaction	can	be	controlled	in	a	way	that	forces	transfer
of	electrons	through	the	external	circuit	where	they	can	do	useful	work.	The	electrodes	are	connected	with	a	metal	wire	in	order	to	conduct	the	electrons	that	participate	in	the	reaction.	In	one	half-cell,	dissolved	metal	B	cations	combine	with	the	free	electrons	that	are	available	at	the	interface	between	the	solution	and	the	metal	B	electrode;	these
cations	are	thereby	neutralized,	causing	them	to	precipitate	from	solution	as	deposits	on	the	metal	B	electrode,	a	process	known	as	plating.	This	reduction	reaction	causes	the	free	electrons	throughout	the	metal	B	electrode,	the	wire,	and	the	metal	A	electrode	to	be	pulled	into	the	metal	B	electrode.	Consequently,	electrons	are	wrestled	away	from
some	of	the	atoms	of	the	metal	A	electrode,	as	though	the	metal	B	cations	were	reacting	directly	with	them;	those	metal	A	atoms	become	cations	that	dissolve	into	the	surrounding	solution.	As	this	reaction	continues,	the	half-cell	with	the	metal	A	electrode	develops	a	positively	charged	solution	(because	the	metal	A	cations	dissolve	into	it),	while	the
other	half-cell	develops	a	negatively	charged	solution	(because	the	metal	B	cations	precipitate	out	of	it,	leaving	behind	the	anions);	unabated,	this	imbalance	in	charge	would	stop	the	reaction.	The	solutions	of	the	half-cells	are	connected	by	a	salt	bridge	or	a	porous	plate	that	allows	ions	to	pass	from	one	solution	to	the	other,	which	balances	the
charges	of	the	solutions	and	allows	the	reaction	to	continue.	By	definition:	The	anode	is	the	electrode	where	oxidation	(loss	of	electrons)	takes	place	(metal	A	electrode);	in	a	galvanic	cell,	it	is	the	negative	electrode,	because	when	oxidation	occurs,	electrons	are	left	behind	on	the	electrode.[10]	These	electrons	then	flow	through	the	external	circuit	to
the	cathode	(positive	electrode)	(while	in	electrolysis,	an	electric	current	drives	electron	flow	in	the	opposite	direction	and	the	anode	is	the	positive	electrode).	The	cathode	is	the	electrode	where	reduction	(gain	of	electrons)	takes	place	(metal	B	electrode);	in	a	galvanic	cell,	it	is	the	positive	electrode,	as	ions	get	reduced	by	taking	up	electrons	from
the	electrode	and	plate	out	(while	in	electrolysis,	the	cathode	is	the	negative	terminal	and	attracts	positive	ions	from	the	solution).	In	both	cases,	the	statement	'the	cathode	attracts	cations'	is	true.	By	their	nature,	galvanic	cells	produce	direct	current.	The	Weston	cell	has	an	anode	composed	of	cadmium	mercury	amalgam,	and	a	cathode	composed	of
pure	mercury.	The	electrolyte	is	a	(saturated)	solution	of	cadmium	sulfate.	The	depolarizer	is	a	paste	of	mercurous	sulfate.	When	the	electrolyte	solution	is	saturated,	the	voltage	of	the	cell	is	very	reproducible;	hence,	in	1911,	it	was	adopted	as	an	international	standard	for	voltage.	In	the	strictest	sense,	a	battery	is	a	set	of	two	or	more	galvanic	cells
that	are	connected	in	series	to	form	a	single	source	of	voltage.	For	instance,	a	typical	12	V	lead–acid	battery	has	six	galvanic	cells	connected	in	series,	with	the	anodes	composed	of	lead	and	cathodes	composed	of	lead	dioxide,	both	immersed	in	sulfuric	acid.	Large	central	office	battery	rooms	–	in	a	telephone	exchange	to	provide	power	for	subscribers'
land-line	telephones,	for	instance	–	may	have	many	cells,	connected	both	in	series	and	parallel:	Individual	cells	are	connected	in	series	as	a	battery	of	cells	with	some	standard	voltage	(c. 40	V),	and	banks	of	such	serial	batteries,	themselves	connected	in	parallel,	to	provide	adequate	amperage	to	supply	a	typical	peak	demand	for	telephone	connections.
The	voltage	(electromotive	force	Eo)	produced	by	a	galvanic	cell	can	be	estimated	from	the	standard	Gibbs	free	energy	change	in	the	electrochemical	reaction	according	to:			E	c	e	l	l			o					=			−			Δ	r	G			o					ν	e	F					{\displaystyle	\	E_{\mathsf	{cell}}^{\mathsf	{\	\!o}}~~=\	-{\frac	{\	\Delta	_{r}G^{\mathsf	{\	\!o}}\	}{\	u	_{\mathsf	{e}}F\	}}\	}	where
νe	is	the	number	of	electrons	transferred	in	the	balanced	half	reactions,	and	F	is	Faraday's	constant.	However,	it	can	be	determined	more	conveniently	by	the	use	of	a	standard	potential	table	for	the	two	half	cells	involved.	The	first	step	is	to	identify	the	two	metals	and	their	ions	reacting	in	the	cell.	Then	one	looks	up	the	standard	electrode	potential,
Eo,	in	volts,	for	each	of	the	two	half	reactions.	The	standard	potential	of	the	cell	is	equal	to	the	more	positive	Eo	value	minus	the	more	negative	Eo	value.	For	example,	in	the	figure	above	the	solutions	are	CuSO4	and	ZnSO4.	Each	solution	has	a	corresponding	metal	strip	in	it,	and	a	salt	bridge	or	porous	disk	connecting	the	two	solutions	and	allowing
SO2−4	ions	to	flow	freely	between	the	copper	and	zinc	solutions.	To	calculate	the	standard	potential	one	looks	up	copper	and	zinc's	half	reactions	and	finds:	Cu2+	+	2e−	⇌	Cu	;	Eo	=	+0.34	V	Zn2+	+	2e−	⇌	Zn	;	Eo	=	−0.76	V	Thus	the	overall	reaction	is:	Cu2+	+	Zn	⇌	Cu	+	Zn2+	The	standard	potential	for	the	reaction	is	then	+0.34	V	−	(−0.76	V)	=
+1.10	V	.	The	polarity	of	the	cell	is	determined	as	follows.	Zinc	metal	is	more	strongly	reducing	than	copper	metal	because	the	standard	(reduction)	potential	for	zinc	is	more	negative	than	that	of	copper.	Thus,	zinc	metal	will	lose	electrons	to	copper	ions	and	develop	a	positive	electrical	charge.	The	equilibrium	constant,	K,	for	the	cell	is	given	by:			log
e	⁡	K					=											ν	e	F			E	c	e	l	l			o					R			T					{\displaystyle	\	\log	_{e}K~~=~~{\frac	{~~~u	_{\mathsf	{e}}\;\!F\	E_{\mathsf	{cell}}^{\mathsf	{\	\!o}}\	}{\	R\	T\	}}\	}	where	F	is	the	Faraday	constant,	R	is	the	gas	constant,	and	T	is	the	absolute	temperature	in	Kelvins.	For	the	Daniell	cell	K	≈	1.5×1037	.	Thus,	at	equilibrium,	a	few	electrons	are
transferred,	enough	to	cause	the	electrodes	to	be	charged.[11](ch.	7,	"Equilibrium	electrochemistry"	§§)	Actual	half-cell	potentials	must	be	calculated	by	using	the	Nernst	equation	as	the	solutes	are	unlikely	to	be	in	their	standard	states:			E	h	a	l	f	−	c	e	l	l					=					E			o			−					R			T					ν	e			F					log	e	⁡	Q			{\displaystyle	\	E_{\mathsf	{\;\!half-
cell}}~~=~~E^{\mathsf	{\	\!o}}\	-\	{\frac	{\	R\	T\	}{\	u	_{\mathsf	{e}}\	F\	}}\	\log	_{e}Q\	}	where	Q	is	the	reaction	quotient.	When	the	charges	of	the	ions	in	the	reaction	are	equal,	this	simplifies	to:			E	h	a	l	f	−	c	e	l	l					=					E			o			−			2.303					R			T					ν	e	F					log	10	⁡	{					M	n	+	}			{\displaystyle	\	E_{\;\!{\mathsf	{half-cell}}}~~=~~E^{\mathsf	{\
\!o}}\	-\	2.303\	{\frac	{\	R\	T\	}{\	u	_{\mathsf	{e}}F\	}}\	\log	_{10}\left\{~~{\mathsf	{M}}^{n+}\right\}\	}	where	M	n+	is	the	activity	of	the	metal	ion	in	solution.	In	practice	concentration	in	⁠ mol /	L	⁠	is	used	in	place	of	activity.	The	metal	electrode	is	in	its	standard	state	so	by	definition	has	unit	activity.	The	potential	of	the	whole	cell	is	obtained	as
the	difference	between	the	potentials	for	the	two	half-cells,	so	it	depends	on	the	concentrations	of	both	dissolved	metal	ions.	If	the	concentrations	are	the	same	the	Nernst	equation	is	not	needed,	and			E	c	e	l	l			=			E	c	e	l	l	o					{\displaystyle	~E_{\mathsf	{cell}}~=~E_{\mathsf	{cell}}^{\mathsf	{\;\!o}}~~}	under	the	conditions	assumed	here.	The
value	of	2.303	⁠ R /	F	⁠	is	1.9845×10−4	⁠ V /	K	⁠	,	so	at	 	T	=	25	°C	(298.15	K)	the	half-cell	potential	will	change	by	only	⁠0.05918	V/	νe	⁠	if	the	concentration	of	a	metal	ion	is	increased	or	decreased	by	a	factor	of	10	.			E	h	a	l	f	−	c	e	l	l					=					E			o			−					0.05918			V					ν	e			log	10	⁡	{					M	n	+	}			{\displaystyle	\	E_{\;\!{\mathsf	{half-cell}}}~~=~~E^{\mathsf
{\	\!o}}\	-\	{\frac	{\	0.05918\	{\mathsf	{V}}\	}{\	u	_{\mathsf	{e}}\	}}\log	_{10}\left\{~~{\mathsf	{M}}^{n+}\right\}\	}	These	calculations	are	based	on	the	assumption	that	all	chemical	reactions	are	in	equilibrium.	When	a	current	flows	in	the	circuit,	equilibrium	conditions	are	not	achieved	and	the	cell	voltage	will	usually	be	reduced	by	various
mechanisms,	such	as	the	development	of	overpotentials.[11](§	25.12	"Working	galvanic	cells")	Also,	since	chemical	reactions	occur	when	the	cell	is	producing	power,	the	electrolyte	concentrations	change	and	the	cell	voltage	is	reduced.	A	consequence	of	the	temperature	dependency	of	standard	potentials	is	that	the	voltage	produced	by	a	galvanic	cell
is	also	temperature	dependent.	Main	article:	Galvanic	corrosion	Galvanic	corrosion	is	the	electrochemical	erosion	of	metals.	Corrosion	occurs	when	two	dissimilar	metals	are	in	contact	with	each	other	in	the	presence	of	an	electrolyte,	such	as	salt	water.	This	forms	a	galvanic	cell,	with	hydrogen	gas	forming	on	the	more	noble	(less	active)	metal.	The
resulting	electrochemical	potential	then	develops	an	electric	current	that	electrolytically	dissolves	the	less	noble	material.	A	concentration	cell	can	be	formed	if	the	same	metal	is	exposed	to	two	different	concentrations	of	electrolyte.	Concentration	cell	Electrolytic	cell	Electrochemical	cell	Lemon	battery	Thermogalvanic	cell	Bioelectrochemical	reactor
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formula	for	each	chemical	species	involved	in	the	reduction	and	oxidation	reaction.	The	common	ions	and	inert	substances	are	ignored.	Answer-	The	electrode	that	is	the	metal	is	written	first,	and	then	the	electrolyte	or	the	metal	ions	present	in	the	electrolyte.	Answer-	The	cell	reaction	is	represented	by	writing	the	oxidation	reaction	on	the	left-hand
side	and	the	reduction	reaction	on	the	right-hand	side.	By	the	end	of	this	section,	you	will	be	able	to:	Describe	the	function	of	a	galvanic	cell	and	its	components	Use	cell	notation	to	symbolize	the	composition	and	construction	of	galvanic	cells	As	demonstration	of	spontaneous	chemical	change,	Figure	17.2	shows	the	result	of	immersing	a	coiled	wire	of
copper	into	an	aqueous	solution	of	silver	nitrate.	A	gradual	but	visually	impressive	change	spontaneously	occurs	as	the	initially	colorless	solution	becomes	increasingly	blue,	and	the	initially	smooth	copper	wire	becomes	covered	with	a	porous	gray	solid.	Figure	17.2	A	copper	wire	and	an	aqueous	solution	of	silver	nitrate	(left)	are	brought	into	contact
(center)	and	a	spontaneous	transfer	of	electrons	occurs,	creating	blue	Cu2+(aq)	and	gray	Ag(s)	(right).	These	observations	are	consistent	with	(i)	the	oxidation	of	elemental	copper	to	yield	copper(II)	ions,	Cu2+(aq),	which	impart	a	blue	color	to	the	solution,	and	(ii)	the	reduction	of	silver(I)	ions	to	yield	elemental	silver,	which	deposits	as	a	fluffy	solid
on	the	copper	wire	surface.	And	so,	the	direct	transfer	of	electrons	from	the	copper	wire	to	the	aqueous	silver	ions	is	spontaneous	under	the	employed	conditions.	A	summary	of	this	redox	system	is	provided	by	these	equations:	overall	reaction:Cu(s)+2Ag+(aq)⟶Cu2+(aq)+2Ag(s)	oxidation	half-reaction:Cu(s)⟶Cu2+(aq)+2e−	reduction	half-
reaction:2Ag+(aq)+2e−⟶2Ag(s)overall	reaction:Cu(s)+2Ag+(aq)⟶Cu2+(aq)+2Ag(s)	oxidation	half-reaction:Cu(s)⟶Cu2+(aq)+2e−	reduction	half-reaction:2Ag+(aq)+2e−⟶2Ag(s)	Consider	the	construction	of	a	device	that	contains	all	the	reactants	and	products	of	a	redox	system	like	the	one	here,	but	prevents	physical	contact	between	the
reactants.	Direct	transfer	of	electrons	is,	therefore,	prevented;	transfer,	instead,	takes	place	indirectly	through	an	external	circuit	that	contacts	the	separated	reactants.	Devices	of	this	sort	are	generally	referred	to	as	electrochemical	cells,	and	those	in	which	a	spontaneous	redox	reaction	takes	place	are	called	galvanic	cells	(or	voltaic	cells).	A
galvanic	cell	based	on	the	spontaneous	reaction	between	copper	and	silver(I)	is	depicted	in	Figure	17.3.	The	cell	is	comprised	of	two	half-cells,	each	containing	the	redox	conjugate	pair	(“couple”)	of	a	single	reactant.	The	half-cell	shown	at	the	left	contains	the	Cu(0)/Cu(II)	couple	in	the	form	of	a	solid	copper	foil	and	an	aqueous	solution	of	copper
nitrate.	The	right	half-cell	contains	the	Ag(I)/Ag(0)	couple	as	solid	silver	foil	and	an	aqueous	silver	nitrate	solution.	An	external	circuit	is	connected	to	each	half-cell	at	its	solid	foil,	meaning	the	Cu	and	Ag	foil	each	function	as	an	electrode.	By	definition,	the	anode	of	an	electrochemical	cell	is	the	electrode	at	which	oxidation	occurs	(in	this	case,	the	Cu
foil)	and	the	cathode	is	the	electrode	where	reduction	occurs	(the	Ag	foil).	The	redox	reactions	in	a	galvanic	cell	occur	only	at	the	interface	between	each	half-cell’s	reaction	mixture	and	its	electrode.	To	keep	the	reactants	separate	while	maintaining	charge-balance,	the	two	half-cell	solutions	are	connected	by	a	tube	filled	with	inert	electrolyte	solution
called	a	salt	bridge.	The	spontaneous	reaction	in	this	cell	produces	Cu2+	cations	in	the	anode	half-cell	and	consumes	Ag+	ions	in	the	cathode	half-cell,	resulting	in	a	compensatory	flow	of	inert	ions	from	the	salt	bridge	that	maintains	charge	balance.	Increasing	concentrations	of	Cu2+	in	the	anode	half-cell	are	balanced	by	an	influx	of	NO3−	from	the
salt	bridge,	while	a	flow	of	Na+	into	the	cathode	half-cell	compensates	for	the	decreasing	Ag+	concentration.	Figure	17.3	A	galvanic	cell	based	on	the	spontaneous	reaction	between	copper	and	silver(I)	ions.	Abbreviated	symbolism	is	commonly	used	to	represent	a	galvanic	cell	by	providing	essential	information	on	its	composition	and	structure.	These
symbolic	representations	are	called	cell	notations	or	cell	schematics,	and	they	are	written	following	a	few	guidelines:	The	relevant	components	of	each	half-cell	are	represented	by	their	chemical	formulas	or	element	symbols	All	interfaces	between	component	phases	are	represented	by	vertical	parallel	lines;	if	two	or	more	components	are	present	in
the	same	phase,	their	formulas	are	separated	by	commas	By	convention,	the	schematic	begins	with	the	anode	and	proceeds	left-to-right	identifying	phases	and	interfaces	encountered	within	the	cell,	ending	with	the	cathode	A	verbal	description	of	the	cell	as	viewed	from	anode-to-cathode	is	often	a	useful	first-step	in	writing	its	schematic.	For	example,
the	galvanic	cell	shown	in	Figure	17.3	consists	of	a	solid	copper	anode	immersed	in	an	aqueous	solution	of	copper(II)	nitrate	that	is	connected	via	a	salt	bridge	to	an	aqueous	silver(I)	nitrate	solution,	immersed	in	which	is	a	solid	silver	cathode.	Converting	this	statement	to	symbolism	following	the	above	guidelines	results	in	the	cell	schematic:
Cu(s)│1MCu(NO3)2(aq)║1MAgNO3(aq)│Ag(s)Cu(s)│1MCu(NO3)2(aq)║1MAgNO3(aq)│Ag(s)	Consider	a	different	galvanic	cell	(see	Figure	17.4)	based	on	the	spontaneous	reaction	between	solid	magnesium	and	aqueous	iron(III)	ions:	net	cell	reaction:Mg(s)+2Fe3+(aq)⟶Mg2+(aq)+2Fe2+(aq)	oxidation	half-reaction:Mg(s)⟶Mg2+(aq)+2e−	reduction
half-reaction:2Fe3+(aq)+2e−⟶2Fe2+(aq)net	cell	reaction:Mg(s)+2Fe3+(aq)⟶Mg2+(aq)+2Fe2+(aq)	oxidation	half-reaction:Mg(s)⟶Mg2+(aq)+2e−	reduction	half-reaction:2Fe3+(aq)+2e−⟶2Fe2+(aq)	In	this	cell,	a	solid	magnesium	anode	is	immersed	in	an	aqueous	solution	of	magnesium	chloride	that	is	connected	via	a	salt	bridge	to	an	aqueous
solution	containing	a	mixture	of	iron(III)	chloride	and	iron(II)	chloride,	immersed	in	which	is	a	platinum	cathode.	The	cell	schematic	is	then	written	as	Mg(s)│0.1MMgCl2(aq)║0.2MFeCl3(aq),0.3MFeCl2(aq)│Pt(s)Mg(s)│0.1MMgCl2(aq)║0.2MFeCl3(aq),0.3MFeCl2(aq)│Pt(s)	Notice	the	cathode	half-cell	is	different	from	the	others	considered	thus	far	in
that	its	electrode	is	comprised	of	a	substance	(Pt)	that	is	neither	a	reactant	nor	a	product	of	the	cell	reaction.	This	is	required	when	neither	member	of	the	half-cell’s	redox	couple	can	reasonably	function	as	an	electrode,	which	must	be	electrically	conductive	and	in	a	phase	separate	from	the	half-cell	solution.	In	this	case,	both	members	of	the	redox
couple	are	solute	species,	and	so	Pt	is	used	as	an	inert	electrode	that	can	simply	provide	or	accept	electrons	to	redox	species	in	solution.	Electrodes	constructed	from	a	member	of	the	redox	couple,	such	as	the	Mg	anode	in	this	cell,	are	called	active	electrodes.	Figure	17.4	A	galvanic	cell	based	on	the	spontaneous	reaction	between	magnesium	and
iron(III)	ions.	Writing	Galvanic	Cell	Schematics	A	galvanic	cell	is	fabricated	by	connecting	two	half-cells	with	a	salt	bridge,	one	in	which	a	chromium	wire	is	immersed	in	a	1	M	CrCl3	solution	and	another	in	which	a	copper	wire	is	immersed	in	1	M	CuCl2.	Assuming	the	chromium	wire	functions	as	an	anode,	write	the	schematic	for	this	cell	along	with
equations	for	the	anode	half-reaction,	the	cathode	half-reaction,	and	the	overall	cell	reaction.	Solution	Since	the	chromium	wire	is	stipulated	to	be	the	anode,	the	schematic	begins	with	it	and	proceeds	left-to-right,	symbolizing	the	other	cell	components	until	ending	with	the	copper	wire	cathode:
Cr(s)│1MCrCl3(aq)║1MCuCl2(aq)│Cu(s)Cr(s)│1MCrCl3(aq)║1MCuCl2(aq)│Cu(s)	The	half-reactions	for	this	cell	are	anode	(oxidation):Cr(s)⟶Cr3+(aq)+3e−	cathode	(reduction):Cu2+(aq)+2e−⟶Cu(s)anode	(oxidation):Cr(s)⟶Cr3+(aq)+3e−	cathode	(reduction):Cu2+(aq)+2e−⟶Cu(s)	Multiplying	to	make	the	number	of	electrons	lost	by	Cr	and
gained	by	Cu2+	equal	yields	anode	(oxidation):2Cr(s)⟶2Cr3+(aq)+6e−	cathode	(reduction):3Cu2+(aq)+6e−⟶3Cu(s)anode	(oxidation):2Cr(s)⟶2Cr3+(aq)+6e−	cathode	(reduction):3Cu2+(aq)+6e−⟶3Cu(s)Adding	the	half-reaction	equations	and	simplifying	yields	an	equation	for	the	cell	reaction:	2Cr(s)+3Cu2+(aq)⟶2Cr3+
(aq)+3Cu(s)2Cr(s)+3Cu2+(aq)⟶2Cr3+(aq)+3Cu(s)	Check	Your	Learning	Omitting	solute	concentrations	and	spectator	ion	identities,	write	the	schematic	for	a	galvanic	cell	whose	net	cell	reaction	is	shown	below.	Sn4+(aq)+Zn(s)⟶Sn2+(aq)+Zn2+(aq)Sn4+(aq)+Zn(s)⟶Sn2+(aq)+Zn2+(aq)	Zn(s)│Zn2+(aq)║Sn4+(aq),Sn2+(aq)│Pt(s)Zn(s)│Zn2+
(aq)║Sn4+(aq),Sn2+(aq)│Pt(s)	Is	your	answer	plausible?	Magnesium	is	a	very	active	(reactive)	metal,	much	more	active	(reactive)	than	silver.	Therefore	magnesium	metal	is	a	stronger	reductant	(reducing	agent)	than	silver	metal,	that	is,	it	is	easier	to	oxidise	magnesium	metal	than	it	is	to	oxidise	silver	metal.	The	oxidation	of	magnesium	metal	to
produce	magnesium	ions	will	therefore	occur	spontaneously.	Oxidation	occurs	at	the	anode,	so	Mg(s)	loses	electrons	to	form	Mg2+	at	the	anode.	Something	must	happen	to	the	silver	at	the	cathode.	Reduction	occurs	at	the	cathode.	Reduction	is	the	gain	of	electrons.	Silver	ions,	Ag+,	gain	electrons	to	form	metallic	silver,	Ag(s),	at	the	cathode.	The
equation	we	wrote	above	describes	silver	ions	gaining	electrons	to	form	solid	silver	so	we	are	reasonably	confident	that	our	answer	is	correct.


