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Energia	prima	ionizzazione

Nella	tavola	periodica,	l’atomo	con	la	maggiore	energia	di	prima	ionizzazione	è	l’elio.	L’elio	è	un	gas	nobile	presente	nel	gruppo	18	e	nel	periodo	1	della	tavola	periodica.	Questo	significa	che	ha	una	configurazione	elettronica	stabile	con	due	elettroni	nel	suo	unico	livello	energetico.	Essendo	il	gas	nobile	con	la	configurazione	elettronica	più	stabile,
l’elio	richiede	una	considerevole	quantità	di	energia	per	rimuovere	uno	dei	suoi	elettroni.	Di	conseguenza,	l’elio	possiede	la	maggiore	energia	di	prima	ionizzazione	tra	tutti	gli	atomi	presenti	nella	tavola	periodica	degli	elementi.	Altri	elementi	con	elevata	energia	di	prima	ionizzazione	Oltre	all’elio,	ci	sono	altri	elementi	con	un’alta	energia	di	prima
ionizzazione.	Alcuni	di	questi	sono:	Litio	(Li):	il	litio	è	il	primo	elemento	del	gruppo	1	e	ha	la	seconda	maggiore	energia	di	prima	ionizzazione	dopo	l’elio.	Neon	(Ne):	il	neon	è	anche	un	gas	nobile,	simile	all’elio,	e	possiede	una	notevole	energia	di	prima	ionizzazione.	Fluoro	(F):	il	fluoro	è	un	elemento	appartenente	al	gruppo	17	e	ha	un’elevata	energia	di
prima	ionizzazione.	Questi	elementi	richiedono	una	quantità	significativa	di	energia	per	rimuovere	uno	dei	loro	elettroni	a	causa	delle	loro	configurazioni	elettroniche	stabili	o	dei	loro	forti	attrazioni	tra	il	nucleo	e	gli	elettroni	di	valenza.	Influenza	dell’energia	di	prima	ionizzazione	L’energia	di	prima	ionizzazione	gioca	un	ruolo	importante	nella	chimica
e	nella	fisica	degli	atomi.	Essa	determina	la	reattività	degli	elementi	chimici	e	la	facilità	con	cui	possono	formare	ioni.	Gli	elementi	con	una	maggiore	energia	di	prima	ionizzazione	tendono	ad	essere	meno	reattivi,	poiché	richiedono	una	maggiore	energia	per	cedere	o	guadagnare	elettroni.	Inoltre,	l’energia	di	prima	ionizzazione	influisce	anche	sulle
proprietà	fisiche	degli	elementi,	come	il	punto	di	fusione	e	il	punto	di	ebollizione.	Gli	elementi	con	un’elevata	energia	di	prima	ionizzazione	tendono	ad	avere	punti	di	fusione	ed	ebollizione	più	alti,	poiché	richiedono	una	maggiore	energia	per	separare	gli	atomi	nel	solido	o	nel	liquido.	In	conclusione,	l’elio	possiede	la	maggiore	energia	di	prima
ionizzazione,	seguito	da	altri	elementi	come	il	litio,	il	neon	e	il	fluoro.	Questa	proprietà	influisce	sulla	reattività	chimica	e	sulle	proprietà	fisiche	degli	elementi,	e	comprendere	l’energia	di	prima	ionizzazione	è	fondamentale	per	comprendere	il	comportamento	degli	atomi	nella	chimica	e	nella	fisica.	Quanto	è	stato	utile	questo	articolo?	Questa	pagina	è
stata	letta	11	volte	Energy	needed	to	remove	an	electron	For	the	values	of	the	ionization	energies	of	the	elements,	see	Molar	ionization	energies	of	the	elements	and	Ionization	energies	of	the	elements	(data	page)	This	article	needs	additional	citations	for	verification.	Please	help	improve	this	article	by	adding	citations	to	reliable	sources.	Unsourced
material	may	be	challenged	and	removed.Find	sources:	"Ionization	energy"	–	news	·	newspapers	·	books	·	scholar	·	JSTOR	(September	2020)	(Learn	how	and	when	to	remove	this	message)	Ionization	energy	trends	plotted	against	the	atomic	number,	in	units	eV.	The	ionization	energy	gradually	increases	from	the	alkali	metals	to	the	noble	gases.	The
maximum	ionization	energy	also	decreases	from	the	first	to	the	last	row	in	a	given	column,	due	to	the	increasing	distance	of	the	valence	electron	shell	from	the	nucleus.	Predicted	values	are	used	for	elements	beyond	104.	In	physics	and	chemistry,	ionization	energy	(IE)	is	the	minimum	energy	required	to	remove	the	most	loosely	bound	electron	of	an
isolated	gaseous	atom,	positive	ion,	or	molecule.[1]	The	first	ionization	energy	is	quantitatively	expressed	as	X(g)	+	energy	⟶	X+(g)	+	e−	where	X	is	any	atom	or	molecule,	X+	is	the	resultant	ion	when	the	original	atom	was	stripped	of	a	single	electron,	and	e−	is	the	removed	electron.[2]	Ionization	energy	is	positive	for	neutral	atoms,	meaning	that
the	ionization	is	an	endothermic	process.	Roughly	speaking,	the	closer	the	outermost	electrons	are	to	the	nucleus	of	the	atom,	the	higher	the	atom's	ionization	energy.	In	physics,	ionization	energy	(IE)	is	usually	expressed	in	electronvolts	(eV)	or	joules	(J).	In	chemistry,	it	is	expressed	as	the	energy	to	ionize	a	mole	of	atoms	or	molecules,	usually	as
kilojoules	per	mole	(kJ/mol)	or	kilocalories	per	mole	(kcal/mol).[3]	Comparison	of	ionization	energies	of	atoms	in	the	periodic	table	reveals	two	periodic	trends	which	follow	the	rules	of	Coulombic	attraction:[4]	Ionization	energy	generally	increases	from	left	to	right	within	a	given	period	(that	is,	row).	Ionization	energy	generally	decreases	from	top	to
bottom	in	a	given	group	(that	is,	column).	The	latter	trend	results	from	the	outer	electron	shell	being	progressively	farther	from	the	nucleus,	with	the	addition	of	one	inner	shell	per	row	as	one	moves	down	the	column.	The	nth	ionization	energy	refers	to	the	amount	of	energy	required	to	remove	the	most	loosely	bound	electron	from	the	species	having
a	positive	charge	of	(n	−	1).	For	example,	the	first	three	ionization	energies	are	defined	as	follows:	1st	ionization	energy	is	the	energy	that	enables	the	reaction	X	⟶	X+	+	e−	2nd	ionization	energy	is	the	energy	that	enables	the	reaction	X+	⟶	X2+	+	e−	3rd	ionization	energy	is	the	energy	that	enables	the	reaction	X2+	⟶	X3+	+	e−	The	most	notable
influences	that	determine	ionization	energy	include:	Electron	configuration:	This	accounts	for	most	elements'	IE,	as	all	of	their	chemical	and	physical	characteristics	can	be	ascertained	just	by	determining	their	respective	electron	configuration	(EC).	Nuclear	charge:	If	the	nuclear	charge	(atomic	number)	is	greater,	the	electrons	are	held	more	tightly
by	the	nucleus	and	hence	the	ionization	energy	will	be	greater	(leading	to	the	mentioned	trend	1	within	a	given	period).	Number	of	electron	shells:	If	the	size	of	the	atom	is	greater	due	to	the	presence	of	more	shells,	the	electrons	are	held	less	tightly	by	the	nucleus	and	the	ionization	energy	will	be	smaller.	Effective	nuclear	charge	(Zeff):	If	the
magnitude	of	electron	shielding	and	penetration	are	greater,	the	electrons	are	held	less	tightly	by	the	nucleus,	the	Zeff	of	the	electron	and	the	ionization	energy	is	smaller.[5]	Stability:	An	atom	having	a	more	stable	electronic	configuration	has	a	reduced	tendency	to	lose	electrons	and	consequently	has	a	higher	ionization	energy.	Minor	influences
include:	Relativistic	effects:	Heavier	elements	(especially	those	whose	atomic	number	is	greater	than	about	70)	are	affected	by	these	as	their	electrons	are	approaching	the	speed	of	light.	They	therefore	have	smaller	atomic	radii	and	higher	ionization	energies.	Lanthanide	and	actinide	contraction	(and	scandide	contraction):	The	shrinking	of	the
elements	affects	the	ionization	energy,	as	the	net	charge	of	the	nucleus	is	more	strongly	felt.	Electron	pairing	energies:	Half-filled	subshells	usually	result	in	higher	ionization	energies.	The	term	ionization	potential	is	an	older	and	obsolete	term[6]	for	ionization	energy,[7]	because	the	oldest	method	of	measuring	ionization	energy	was	based	on	ionizing
a	sample	and	accelerating	the	electron	removed	using	an	electrostatic	potential.	Ionization	energy	measurement	apparatus.	The	ionization	energy	of	atoms,	denoted	Ei,	is	measured[8]	by	finding	the	minimal	energy	of	light	quanta	(photons)	or	electrons	accelerated	to	a	known	energy	that	will	kick	out	the	least	bound	atomic	electrons.	The
measurement	is	performed	in	the	gas	phase	on	single	atoms.	While	only	noble	gases	occur	as	monatomic	gases,	other	gases	can	be	split	into	single	atoms.[citation	needed]	Also,	many	solid	elements	can	be	heated	and	vaporized	into	single	atoms.	Monatomic	vapor	is	contained	in	a	previously	evacuated	tube	that	has	two	parallel	electrodes	connected
to	a	voltage	source.	The	ionizing	excitation	is	introduced	through	the	walls	of	the	tube	or	produced	within.	When	ultraviolet	light	is	used,	the	wavelength	is	swept	down	the	ultraviolet	range.	At	a	certain	wavelength	(λ)	and	frequency	of	light	(ν=c/λ,	where	c	is	the	speed	of	light),	the	light	quanta,	whose	energy	is	proportional	to	the	frequency,	will	have
energy	high	enough	to	dislodge	the	least	bound	electrons.	These	electrons	will	be	attracted	to	the	positive	electrode,	and	the	positive	ions	remaining	after	the	photoionization	will	get	attracted	to	the	negatively	charged	electrode.	These	electrons	and	ions	will	establish	a	current	through	the	tube.	The	ionization	energy	will	be	the	energy	of	photons	hνi
(h	is	the	Planck	constant)	that	caused	a	steep	rise	in	the	current:	Ei	=	hνi.	When	high-velocity	electrons	are	used	to	ionize	the	atoms,	they	are	produced	by	an	electron	gun	inside	a	similar	evacuated	tube.	The	energy	of	the	electron	beam	can	be	controlled	by	the	acceleration	voltages.	The	energy	of	these	electrons	that	gives	rise	to	a	sharp	onset	of	the
current	of	ions	and	freed	electrons	through	the	tube	will	match	the	ionization	energy	of	the	atoms.	Generally,	the	(N+1)th	ionization	energy	of	a	particular	element	is	larger	than	the	Nth	ionization	energy	(it	may	also	be	noted	that	the	ionization	energy	of	an	anion	is	generally	less	than	that	of	cations	and	neutral	atom	for	the	same	element).	When	the
next	ionization	energy	involves	removing	an	electron	from	the	same	electron	shell,	the	increase	in	ionization	energy	is	primarily	due	to	the	increased	net	charge	of	the	ion	from	which	the	electron	is	being	removed.	Electrons	removed	from	more	highly	charged	ions	experience	greater	forces	of	electrostatic	attraction;	thus,	their	removal	requires	more
energy.	In	addition,	when	the	next	ionization	energy	involves	removing	an	electron	from	a	lower	electron	shell,	the	greatly	decreased	distance	between	the	nucleus	and	the	electron	also	increases	both	the	electrostatic	force	and	the	distance	over	which	that	force	must	be	overcome	to	remove	the	electron.	Both	of	these	factors	further	increase	the
ionization	energy.	Some	values	for	elements	of	the	third	period	are	given	in	the	following	table:	Successive	ionization	energy	values	/	kJ	mol−1	(96.485	kJ	mol−1	≡	1	eV)	Element	First	Second	Third	Fourth	Fifth	Sixth	Seventh	Na	496	4,560	Mg	738	1,450	7,730	Al	577	1,816	2,881	11,600	Si	786	1,577	3,228	4,354	16,100	P	1,060	1,890	2,905	4,950
6,270	21,200	S	1,000	2,295	3,375	4,565	6,950	8,490	27,107	Cl	1,256	2,260	3,850	5,160	6,560	9,360	11,000	Ar	1,520	2,665	3,945	5,770	7,230	8,780	12,000	Large	jumps	in	the	successive	molar	ionization	energies	occur	when	passing	noble	gas	configurations.	For	example,	as	can	be	seen	in	the	table	above,	the	first	two	molar	ionization	energies	of
magnesium	(stripping	the	two	3s	electrons	from	a	magnesium	atom)	are	much	smaller	than	the	third,	which	requires	stripping	off	a	2p	electron	from	the	neon	configuration	of	Mg2+.	That	2p	electron	is	much	closer	to	the	nucleus	than	the	3s	electrons	removed	previously.	Ionization	energies	peak	in	noble	gases	at	the	end	of	each	period	in	the	periodic
table	of	elements	and,	as	a	rule,	dip	when	a	new	shell	is	starting	to	fill.	Ionization	energy	is	also	a	periodic	trend	within	the	periodic	table.	Moving	left	to	right	within	a	period,	or	upward	within	a	group,	the	first	ionization	energy	generally	increases,[9]	with	exceptions	such	as	aluminium	and	sulfur	in	the	table	above.	As	the	nuclear	charge	of	the
nucleus	increases	across	the	period,	the	electrostatic	attraction	increases	between	electrons	and	protons,	hence	the	atomic	radius	decreases,	and	the	electron	cloud	comes	closer	to	the	nucleus[10]	because	the	electrons,	especially	the	outermost	one,	are	held	more	tightly	by	the	higher	effective	nuclear	charge.	On	moving	downward	within	a	given
group,	the	electrons	are	held	in	higher-energy	shells	with	higher	principal	quantum	number	n,	further	from	the	nucleus	and	therefore	are	more	loosely	bound	so	that	the	ionization	energy	decreases.	The	effective	nuclear	charge	increases	only	slowly	so	that	its	effect	is	outweighed	by	the	increase	in	n.[11]	This	section	possibly	contains	original
research.	Please	improve	it	by	verifying	the	claims	made	and	adding	inline	citations.	Statements	consisting	only	of	original	research	should	be	removed.	(December	2022)	(Learn	how	and	when	to	remove	this	message)	There	are	exceptions	to	the	general	trend	of	rising	ionization	energies	within	a	period.	For	example,	the	value	decreases	from
beryllium	(	4Be:	9.3	eV)	to	boron	(	5B:	8.3	eV),	and	from	nitrogen	(	7N:	14.5	eV)	to	oxygen	(	8O:	13.6	eV).	These	dips	can	be	explained	in	terms	of	electron	configurations.[12]	The	added	electron	in	boron	occupies	a	p-orbital.	Boron	has	its	last	electron	in	a	2p	orbital,	which	has	its	electron	density	further	away	from	the	nucleus	on	average	than	the	2s
electrons	in	the	same	shell.	The	2s	electrons	then	shield	the	2p	electron	from	the	nucleus	to	some	extent,	and	it	is	easier	to	remove	the	2p	electron	from	boron	than	to	remove	a	2s	electron	from	beryllium,	resulting	in	a	lower	ionization	energy	for	B.[2]	These	electron	configurations	do	not	show	the	full	and	half-filled	orbitals.Here	the	added	electron
has	a	spin	opposed	to	the	other	2p	electrons.	This	decreases	the	ionization	energy	of	oxygen	In	oxygen,	the	last	electron	shares	a	doubly	occupied	p-orbital	with	an	electron	of	opposing	spin.	The	two	electrons	in	the	same	orbital	are	closer	together	on	average	than	two	electrons	in	different	orbitals,	so	that	they	shield	each	other	from	the	nucleus	more
effectively	and	it	is	easier	to	remove	one	electron,	resulting	in	a	lower	ionization	energy.[2][13]	Furthermore,	after	every	noble	gas	element,	the	ionization	energy	drastically	drops.	This	occurs	because	the	outer	electron	in	the	alkali	metals	requires	a	much	lower	amount	of	energy	to	be	removed	from	the	atom	than	the	inner	shells.	This	also	gives	rise
to	low	electronegativity	values	for	the	alkali	metals.[14][15][16]	Because	of	a	single	p-orbital	electron	in	gallium's	configuration,	makes	the	overall	structure	less	stable,	hence	the	dip	in	ionization	energy	values[5]Actinium's	electron	configuration	predetermines	that	it	would	require	less	energy	to	remove	that	single	d-orbital	electron,	therefore	even
though	it	has	a	larger	EC,	radium	still	has	the	higher	IE[17]	The	trends	and	exceptions	are	summarized	in	the	following	subsections:	Transitioning	to	a	new	period:	an	alkali	metal	easily	loses	one	electron	to	leave	an	octet	or	pseudo-noble	gas	configuration,	so	those	elements	have	only	small	values	for	IE.	Moving	from	the	s-block	to	the	p-block:	a	p-
orbital	loses	an	electron	more	easily.	An	example	is	beryllium	to	boron,	with	electron	configuration	1s2	2s2	2p1.	The	2s	electrons	shield	the	higher-energy	2p	electron	from	the	nucleus,	making	it	slightly	easier	to	remove.	This	also	happens	from	magnesium	to	aluminium.[18]	Occupying	a	p-subshell	with	its	first	electron	with	spin	opposed	to	the	other
electrons:	such	as	in	nitrogen	(	7N:	14.5	eV)	to	oxygen	(	8O:	13.6	eV),	as	well	as	phosphorus	(	15P:	10.48	eV)	to	sulfur	(	16S:	10.36	eV).	The	reason	for	this	is	because	oxygen,	sulfur	and	selenium	all	have	dipping	ionization	energies	because	of	shielding	effects.[19]	However,	this	discontinues	starting	from	tellurium	where	the	shielding	is	too	small	to
produce	a	dip.	Moving	from	the	d-block	to	the	p-block:	as	in	the	case	of	zinc	(	30Zn:	9.4	eV)	to	gallium	(	31Ga:	6.0	eV)	Special	case:	decrease	from	lead	(	82Pb:	7.42	eV)	to	bismuth	(	83Bi:	7.29	eV).	This	cannot	be	attributed	to	size	(the	difference	is	minimal:	lead	has	a	covalent	radius	of	146	pm	whereas	bismuth's	is	148	pm[20]).	This	is	due	to	the	spin-
orbit	splitting	of	the	6p	shell	(lead	is	removing	an	electron	from	the	stabilised	6p1/2	level,	but	bismuth	is	removing	one	from	the	destabilised	6p3/2	level).	Predicted	ionization	energies	show	a	much	greater	decrease	from	flerovium	to	moscovium,	one	row	further	down	the	periodic	table	and	with	much	larger	spin-orbit	effects.	Special	case:	decrease
from	radium	(	88Ra:	5.27	eV)	to	actinium	(	89Ac:	5.17	eV),	which	is	a	switch	from	an	s	to	a	d	orbital.	However	the	analogous	switch	from	barium	(	56Ba:	5.2	eV)	to	lanthanum	(	57La:	5.6	eV)	does	not	show	a	downward	change.	Lutetium	(	71Lu)	and	lawrencium	(	103Lr)	both	have	ionization	energies	lower	than	the	previous	elements.	In	both	cases	the
last	electron	added	starts	a	new	subshell:	5d	for	Lu	with	electron	configuration	[Xe]	4f14	5d1	6s2,	and	7p	for	Lr	with	configuration	[Rn]	5f4	7s2	7p1.	These	dips	in	ionization	energies	for	lutetium	and	especially	lawrencium	show	that	these	elements	belong	in	the	d-block,	and	not	lanthanum	and	actinium.[21]	Reaching	Group	18	noble	gas	elements:
This	is	due	to	their	complete	electron	subshells,[22]	so	that	these	elements	require	large	amounts	of	energy	to	remove	one	electron.	Group	12:	The	elements	here,	zinc	(	30Zn:	9.4	eV),	cadmium	(	48Cd:	9.0	eV)	and	mercury	(	80Hg:	10.4	eV)	all	record	sudden	rising	IE	values	in	contrast	to	their	preceding	elements:	copper	(	29Cu:	7.7	eV),	silver	(	47Ag:
7.6	eV)	and	gold	(	79Au:	9.2	eV),	respectively.	For	mercury,	it	can	be	extrapolated	that	the	relativistic	stabilization	of	the	6s	electrons	increases	the	ionization	energy,	in	addition	to	poor	shielding	by	4f	electrons	that	increases	the	effective	nuclear	charge	on	the	outer	valence	electrons.	In	addition,	the	closed-subshells	electron	configurations:	[Ar]
3d10	4s2,	[Kr]	4d105s2	and	[Xe]	4f14	5d10	6s2	provide	increased	stability.	Special	case:	shift	from	rhodium	(	45Rh:	7.5	eV)	to	palladium	(	46Pd:	8.3	eV).	Unlike	other	Group	10	elements,	palladium	has	a	higher	ionization	energy	than	the	preceding	atom,	due	to	its	electron	configuration.	In	contrast	to	nickel's	[Ar]	3d8	4s2,	and	platinum's	[Xe]	4f14	5d9
6s1,	palladium's	electron	configuration	is	[Kr]	4d10	5s0	(even	though	the	Madelung	rule	predicts	[Kr]	4d8	5s2).	Finally,	silver's	lower	IE	(	47Ag:	7.6	eV)	further	accentuates	the	high	value	for	palladium;	the	single	added	s	electron	is	removed	with	a	lower	ionization	energy	than	palladium,[23]	which	emphasizes	palladium's	high	IE	(as	shown	in	the
above	linear	table	values	for	IE)	The	IE	of	gadolinium	(	64Gd:	6.15	eV)	is	somewhat	higher	than	both	the	preceding	(	62Sm:	5.64	eV),	(	63Eu:	5.67	eV)	and	following	elements	(	65Tb:	5.86	eV),	(	66Dy:	5.94	eV).	This	anomaly	is	due	to	the	fact	that	gadolinium	valence	d-subshell	borrows	1	electron	from	the	valence	f-subshell.	Now	the	valence	subshell	is
the	d-subshell,	and	due	to	the	poor	shielding	of	positive	nuclear	charge	by	electrons	of	the	f-subshell,	the	electron	of	the	valence	d-subshell	experiences	a	greater	attraction	to	the	nucleus,	therefore	increasing	the	energy	required	to	remove	the	(outermost)	valence	electron.	Moving	into	d-block	elements:	The	elements	Sc	with	a	3d1	electronic
configuration	has	a	higher	IP	(	21Sc:	6.56	eV)	than	the	preceding	element	(	20Ca:	6.11	eV),	contrary	to	the	decreases	on	moving	into	s-block	and	p-block	elements.	The	4s	and	3d	electrons	have	similar	shielding	ability:	the	3d	orbital	forms	part	of	the	n=3	shell	whose	average	position	is	closer	to	the	nucleus	than	the	4s	orbital	and	the	n=4	shell,	but
electrons	in	s	orbitals	experience	greater	penetration	into	the	nucleus	than	electrons	in	d	orbitals.	So	the	mutual	shielding	of	3d	and	4s	electrons	is	weak,	and	the	effective	nuclear	charge	acting	on	the	ionized	electron	is	relatively	large.	Yttrium	(	39Y)	similarly	has	a	higher	IP	(6.22	eV)	than		38Sr:	5.69	eV.	Moving	into	f-block	elements;	The	elements
(	57La:	5.18	eV)	and	(	89Ac:	5.17	eV)	have	only	very	slightly	lower	IP's	than	their	preceding	elements	(	56Ba:	5.21	eV)	and	(	88Ra:	5.18	eV),	though	their	atoms	are	anomalies	in	that	they	add	a	d-electron	rather	than	an	f-electron.	As	can	be	seen	in	the	above	graph	for	ionization	energies,	the	sharp	rise	in	IE	values	from	(	55Cs:	3.89	eV)	to	(	56Ba:	5.21
eV)	is	followed	by	a	small	increase	(with	some	fluctuations)	as	the	f-block	proceeds	from		56Ba	to		70Yb.	This	is	due	to	the	lanthanide	contraction	(for	lanthanides).[24][25][26]	This	decrease	in	ionic	radius	is	associated	with	an	increase	in	ionization	energy	in	turn	increases,	since	the	two	properties	correlate	to	each	other.[9]	As	for	d-block	elements,
the	electrons	are	added	in	an	inner	shell,	so	that	no	new	shells	are	formed.	The	shape	of	the	added	orbitals	prevents	them	from	penetrating	to	the	nucleus	so	that	the	electrons	occupying	them	have	less	shielding	capacity.	Ionization	energy	values	tend	to	decrease	on	going	to	heavier	elements	within	a	group[12]	as	shielding	is	provided	by	more
electrons	and	overall,	the	valence	shells	experience	a	weaker	attraction	from	the	nucleus,	attributed	to	the	larger	covalent	radius	which	increase	on	going	down	a	group[27]	Nonetheless,	this	is	not	always	the	case.	As	one	exception,	in	Group	10	palladium	(	46Pd:	8.34	eV)	has	a	higher	ionization	energy	than	nickel	(	28Ni:	7.64	eV),	contrary	to	the
general	decrease	for	the	elements	from	technetium		43Tc	to	xenon		54Xe.	Such	anomalies	are	summarized	below:	Group	1:	Hydrogen's	ionization	energy	is	very	high	(at	13.59844	eV),	compared	to	the	alkali	metals.	This	is	due	to	its	single	electron	(and	hence,	very	small	electron	cloud),	which	is	close	to	the	nucleus.	Likewise,	since	there	are	not	any
other	electrons	that	may	cause	shielding,	that	single	electron	experiences	the	full	net	positive	charge	of	the	nucleus.[28]	Francium's	ionization	energy	is	higher	than	the	precedent	alkali	metal,	cesium.	This	is	due	to	its	(and	radium's)	small	ionic	radii	owing	to	relativistic	effects.	Because	of	their	large	mass	and	size,	this	means	that	its	electrons	are
traveling	at	extremely	high	speeds,	which	results	in	the	electrons	coming	closer	to	the	nucleus	than	expected,	and	they	are	consequently	harder	to	remove	(higher	IE).[29]	Group	2:	Radium's	ionization	energy	is	higher	than	its	antecedent	alkaline	earth	metal	barium,	like	francium,	which	is	also	due	to	relativistic	effects.	The	electrons,	especially	the	1s
electrons,	experience	very	high	effective	nuclear	charges.	To	avoid	falling	into	the	nucleus,	the	1s	electrons	must	move	at	very	high	speeds,	which	causes	the	special	relativistic	corrections	to	be	substantially	higher	than	the	approximate	classical	momenta.	By	the	uncertainty	principle,	this	causes	a	relativistic	contraction	of	the	1s	orbital	(and	other
orbitals	with	electron	density	close	to	the	nucleus,	especially	ns	and	np	orbitals).	Hence	this	causes	a	cascade	of	electron	changes,	which	finally	results	in	the	outermost	electron	shells	contracting	and	getting	closer	to	the	nucleus.	Group	4:	Hafnium's	near	similarity	in	IE	with	zirconium.	The	effects	of	the	lanthanide	contraction	can	still	be	felt	after
the	lanthanides.[25]	It	can	be	seen	through	the	former's	smaller	atomic	radius	(which	contradicts	the	observed	periodic	trend	Archived	2018-10-11	at	the	Wayback	Machine)	at	159	pm[30]	(empirical	value),	which	differs	from	the	latter's	155	pm.[31][32]	This	in	turn	makes	its	ionization	energies	increase	by	18	kJ/mol−1.	Titanium's	IE	is	smaller	than
that	of	both	hafnium	and	zirconium.	Hafnium's	ionization	energy	is	similar	to	zirconium's	due	to	lanthanide	contraction.	However,	why	zirconium's	ionization	energy	is	higher	than	the	preceding	elements'	remains	unclear;	we	cannot	attribute	it	to	atomic	radius	as	it	is	higher	for	zirconium	and	hafnium	by	15	pm.[33]	We	also	cannot	invoke	the
condensed	ionization	energy,	as	it	is	more	or	less	the	same	([Ar]	3d2	4s2	for	titanium,	whereas	[Kr]	4d2	5s2	for	zirconium).	Additionally,	there	are	no	half-filled	nor	fully	filled	orbitals	we	might	compare.	Hence,	we	can	only	invoke	zirconium's	full	electron	configuration,	which	is	1s22s22p63s23p63d104s24p64d25s2.[34]	The	presence	of	a	full	3d-block
sublevel	is	tantamount	to	a	higher	shielding	efficiency	compared	to	the	4d-block	elements	(which	are	only	two	electrons).[a]	Group	5:	akin	to	Group	4,	niobium	and	tantalum	are	analogous	to	each	other,	due	to	their	electron	configuration	and	to	the	lanthanide	contraction	affecting	the	latter	element.[35]	Ipso	facto,	their	significant	rise	in	IE	compared
to	the	foremost	element	in	the	group,	vanadium,	can	be	attributed	due	to	their	full	d-block	electrons,	in	addition	to	their	electron	configuration.	Another	intriguing	notion	is	niobium's	half-filled	5s	orbital;	due	to	repulsion	and	exchange	energy	(in	other	words	the	"costs"	of	putting	an	electron	in	a	low-energy	sublevel	to	completely	fill	it	instead	of
putting	the	electron	in	a	high-energy	one)	overcoming	the	energy	gap	between	s-	and	d-(or	f)	block	electrons,	the	EC	does	not	follow	the	Madelung	rule.	Group	6:	like	its	forerunners	groups	4	and	5,	group	6	also	record	high	values	when	moving	downward.	Tungsten	is	once	again	similar	to	molybdenum	due	to	their	electron	configurations.[36]
Likewise,	it	is	also	attributed	to	the	full	3d-orbital	in	its	electron	configuration.	Another	reason	is	molybdenum's	half	filled	4d	orbital	due	to	electron	pair	energies	violating	the	aufbau	principle.	Groups	7-12	6th	period	elements	(rhenium,	osmium,	iridium,	platinum,	gold	and	mercury):	All	of	these	elements	have	extremely	high	ionization	energies
compared	to	the	elements	preceding	them	in	their	respective	groups.	The	essence	of	this	is	due	to	the	lanthanide	contraction's	influence	on	post	lanthanides,	in	addition	to	the	relativistic	stabilization	of	the	6s	orbital.	Group	13:	Gallium's	IE	is	higher	than	aluminum's.	This	is	once	again	due	to	d-orbitals,	in	addition	to	scandide	contraction,	providing
weak	shielding,	and	hence	the	effective	nuclear	charges	are	augmented.	Thallium's	IE,	due	to	poor	shielding	of	4f	electrons[5]	in	addition	to	lanthanide	contraction,	causes	its	IE	to	be	increased	in	contrast	to	its	precursor	indium.	Group	14:	Lead's	unusually	high	ionization	energy	(	82Pb:	7.42	eV)	is,	akin	to	that	of	group	13's	thallium,	a	result	of	the
full	5d	and	4f	subshells.	The	lanthanide	contraction	and	the	inefficient	screening	of	the	nucleus	by	the	4f	electrons	results	in	slightly	higher	ionization	energy	for	lead	than	for	tin	(	50Sn:	7.34	eV).[37][5]	The	ionization	energy	of	the	hydrogen	atom	(	Z	=	1	{\displaystyle	Z=1}	)	can	be	evaluated	in	the	Bohr	model,[38]	which	predicts	that	the	atomic
energy	level	n	{\displaystyle	n}	has	energy	E	=	−	1	n	2	Z	2	e	2	2	a	0	=	−	Z	2	R	H	n	2	=	−	Z	2	13.6			e	V	n	2	{\displaystyle	E=-{\frac	{1}{n^{2}}}{\frac	{Z^{2}e^{2}}{2a_{0}}}=-{\frac	{Z^{2}R_{H}}{n^{2}}}=-{\frac	{Z^{2}13.6\	\mathrm	{eV}	}{n^{2}}}}	RH	is	the	Rydberg	constant	for	the	hydrogen	atom.	For	hydrogen	in	the	ground	state	Z
=	1	{\displaystyle	Z=1}	and	n	=	1	{\displaystyle	n=1}	so	that	the	energy	of	the	atom	before	ionization	is	simply	E	=	−	13.6			e	V	{\displaystyle	E=-13.6\	\mathrm	{eV}	}	After	ionization,	the	energy	is	zero	for	a	motionless	electron	infinitely	far	from	the	proton,	so	that	the	ionization	energy	is	I	=	E	(	H	+	)	−	E	(	H	)	=	+	13.6			e	V	{\displaystyle
I=E(\mathrm	{H}	^{+})-E(\mathrm	{H}	)=+13.6\	\mathrm	{eV}	}	.	This	agrees	with	the	experimental	value	for	the	hydrogen	atom.	This	section	needs	expansion	with:	more	calculation	formulas	for	ionization	energies.	You	can	help	by	adding	to	it.	(September	2020)	According	to	the	more	complete	theory	of	quantum	mechanics,	the	location	of	an
electron	is	best	described	as	a	probability	distribution	within	an	electron	cloud,	i.e.	atomic	orbital.[39][40]	The	energy	can	be	calculated	by	integrating	over	this	cloud.	The	cloud's	underlying	mathematical	representation	is	the	wavefunction,	which	is	built	from	Slater	determinants	consisting	of	molecular	spin	orbitals.[41]	These	are	related	by	Pauli's
exclusion	principle	to	the	antisymmetrized	products	of	the	atomic	or	molecular	orbitals.	There	are	two	main	ways	in	which	ionization	energy	is	calculated.	In	general,	the	computation	for	the	Nth	ionization	energy	requires	calculating	the	energies	of	Z	−	N	+	1	{\displaystyle	Z-N+1}	and	Z	−	N	{\displaystyle	Z-N}	electron	systems.	Calculating	these
energies	exactly	is	not	possible	except	for	the	simplest	systems	(i.e.	hydrogen	and	hydrogen-like	elements),	primarily	because	of	difficulties	in	integrating	the	electron	correlation	terms.[42]	Therefore,	approximation	methods	are	routinely	employed,	with	different	methods	varying	in	complexity	(computational	time)	and	accuracy	compared	to
empirical	data.	This	has	become	a	well-studied	problem	and	is	routinely	done	in	computational	chemistry.	The	second	way	of	calculating	ionization	energies	is	mainly	used	at	the	lowest	level	of	approximation,	where	the	ionization	energy	is	provided	by	Koopmans'	theorem,	which	involves	the	highest	occupied	molecular	orbital	or	"HOMO"	and	the
lowest	unoccupied	molecular	orbital	or	"LUMO",	and	states	that	the	ionization	energy	of	an	atom	or	molecule	is	equal	to	the	negative	value	of	energy	of	the	orbital	from	which	the	electron	is	ejected.[43]	This	means	that	the	ionization	energy	is	equal	to	the	negative	of	HOMO	energy,	which	in	a	formal	equation	can	be	written	as:[44]	I	i	=	−	E	i
{\displaystyle	I_{i}=-E_{i}}	Figure	1.	Franck–Condon	principle	energy	diagram.	For	ionization	of	a	diatomic	molecule,	the	only	nuclear	coordinate	is	the	bond	length.	The	lower	curve	is	the	potential	energy	curve	of	the	neutral	molecule,	and	the	upper	curve	is	for	the	positive	ion	with	a	longer	bond	length.	The	blue	arrow	is	vertical	ionization,	here
from	the	ground	state	of	the	molecule	to	the	v=2	level	of	the	ion.	Ionization	of	molecules	often	leads	to	changes	in	molecular	geometry,	and	two	types	of	(first)	ionization	energy	are	defined	–	adiabatic	and	vertical.[45]	The	adiabatic	ionization	energy	of	a	molecule	is	the	minimum	amount	of	energy	required	to	remove	an	electron	from	a	neutral
molecule,	i.e.	the	difference	between	the	energy	of	the	vibrational	ground	state	of	the	neutral	species	(v"	=	0	level)	and	that	of	the	positive	ion	(v'	=	0).	The	specific	equilibrium	geometry	of	each	species	does	not	affect	this	value.	Due	to	the	possible	changes	in	molecular	geometry	that	may	result	from	ionization,	additional	transitions	may	exist
between	the	vibrational	ground	state	of	the	neutral	species	and	vibrational	excited	states	of	the	positive	ion.	In	other	words,	ionization	is	accompanied	by	vibrational	excitation.	The	intensity	of	such	transitions	is	explained	by	the	Franck–Condon	principle,	which	predicts	that	the	most	probable	and	intense	transition	corresponds	to	the	vibrationally
excited	state	of	the	positive	ion	that	has	the	same	geometry	as	the	neutral	molecule.	This	transition	is	referred	to	as	the	"vertical"	ionization	energy	since	it	is	represented	by	a	completely	vertical	line	on	a	potential	energy	diagram	(see	Figure).	For	a	diatomic	molecule,	the	geometry	is	defined	by	the	length	of	a	single	bond.	The	removal	of	an	electron
from	a	bonding	molecular	orbital	weakens	the	bond	and	increases	the	bond	length.	In	Figure	1,	the	lower	potential	energy	curve	is	for	the	neutral	molecule	and	the	upper	surface	is	for	the	positive	ion.	Both	curves	plot	the	potential	energy	as	a	function	of	bond	length.	The	horizontal	lines	correspond	to	vibrational	levels	with	their	associated
vibrational	wave	functions.	Since	the	ion	has	a	weaker	bond,	it	will	have	a	longer	bond	length.	This	effect	is	represented	by	shifting	the	minimum	of	the	potential	energy	curve	to	the	right	of	the	neutral	species.	The	adiabatic	ionization	is	the	diagonal	transition	to	the	vibrational	ground	state	of	the	ion.	Vertical	ionization	may	involve	vibrational
excitation	of	the	ionic	state	and	therefore	requires	greater	energy.	In	many	circumstances,	the	adiabatic	ionization	energy	is	often	a	more	interesting	physical	quantity	since	it	describes	the	difference	in	energy	between	the	two	potential	energy	surfaces.	However,	due	to	experimental	limitations,	the	adiabatic	ionization	energy	is	often	difficult	to
determine,	whereas	the	vertical	detachment	energy	is	easily	identifiable	and	measurable.	While	the	term	ionization	energy	is	largely	used	only	for	gas-phase	atomic,	cationic,	or	molecular	species,	there	are	a	number	of	analogous	quantities	that	consider	the	amount	of	energy	required	to	remove	an	electron	from	other	physical	systems.	Binding
energies	of	specific	atomic	orbitals	as	a	function	of	the	atomic	number.	Because	of	the	increasing	number	of	protons,	electrons	occupying	the	same	orbital	are	more	tightly	bound	in	heavier	elements.	Electron	binding	energy	is	a	generic	term	for	the	minimum	energy	needed	to	remove	an	electron	from	a	particular	electron	shell	for	an	atom	or	ion,	due
to	these	negatively	charged	electrons	being	held	in	place	by	the	electrostatic	pull	of	the	positively	charged	nucleus.[46]	For	example,	the	electron	binding	energy	for	removing	a	3p3/2	electron	from	the	chloride	ion	is	the	minimum	amount	of	energy	required	to	remove	an	electron	from	the	chlorine	atom	when	it	has	a	charge	of	−1.	In	this	particular
example,	the	electron	binding	energy	has	the	same	magnitude	as	the	electron	affinity	for	the	neutral	chlorine	atom.	In	another	example,	the	electron	binding	energy	refers	to	the	minimum	amount	of	energy	required	to	remove	an	electron	from	the	dicarboxylate	dianion	−O2C(CH2)8CO−2.	The	graph	to	the	right	shows	the	binding	energy	for	electrons
in	different	shells	in	neutral	atoms.	The	ionization	energy	is	the	lowest	binding	energy	for	a	particular	atom	(although	these	are	not	all	shown	in	the	graph).	Work	function	is	the	minimum	amount	of	energy	required	to	remove	an	electron	from	a	solid	surface,	where	the	work	function	W	for	a	given	surface	is	defined	by	the	difference[47]	W	=	−	e	ϕ	−	E
F	,	{\displaystyle	W=-e\phi	-E_{\rm	{F}},}	where	−e	is	the	charge	of	an	electron,	ϕ	is	the	electrostatic	potential	in	the	vacuum	nearby	the	surface,	and	EF	is	the	Fermi	level	(electrochemical	potential	of	electrons)	inside	the	material.	^	Nonetheless,	further	research	is	still	needed	to	corroborate	this	mere	inference.	Rydberg	equation,	a	calculation
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influenzano	l’energia	di	ionizzazione	sono:	La	carica	nucleare	efficace.	La	configurazione	elettronica.	La	carica	dello	ione.	Se	ci	si	sposta	lungo	un	periodo	da	sinistra	a	destra,	si	assiste	a	un	aumento	della	carica	nucleare	efficace	di	cui	risente	un	elettrone.	Questa	maggiore	carica	nucleare	efficace	aumenta	l’attrazione	esercitata	dal	nucleo	verso
l’elettrone	rendendone	più	difficile	l’allontanamento.	Man	mano	che	si	scende	lungo	un	gruppo	si	assiste	a	una	diminuzione	dell’energia	di	ionizzazione.	Questo	è	dovuto	al	fatto	che	gli	orbitali	diventano	più	grandi	e	gli	elettroni	sono	maggiormente	distanti	dal	nucleo.	Questi	elettroni	meno	trattenuti	sono	più	facilmente	allontanabili.	Se	si	guarda	con
attenzione	l’andamento	dell’energia	di	prima	ionizzazione	degli	elementi	del	secondo	periodo,	non	si	può	non	fare	a	caso	alle	eccezioni	rappresentate	dal	berillio	e	dall’azoto	(Figura	2).	Figura	2	–	Andamento	dell’energia	di	prima	ionizzazione	per	gli	elementi	del	secondo	periodo	Questa	maggiore	energia	di	prima	ionizzazione	per	gli	elementi	berillio	e
azoto,	è	attribuibile	alla	loro	configurazione	elettronica	in	cui	si	hanno	nel	primo	caso	l’orbitale	2s	pieno,	e	nel	secondo	caso	l’orbitale	2p	semiriempito:	Entrambe	le	configurazioni	conferiscono	grande	stabilità	agli	elementi	rendendo	più	difficoltoso	l’allontanamento	dell’elettrone.	Una	volta	allontanato	il	primo	elettrone	da	un	atomo	neutro,	si	genera
uno	ione	carico	positivamente.	La	carica	positiva	dello	ione	rende	più	difficoltoso	l’allontanamento	dell’elettrone.	L’energia	necessaria	per	rimuovere	il	secondo	elettrone,	si	chiama	energia	di	seconda	ionizzazione,	per	rimuovere	il	terzo	elettrone,	energia	di	terza	ionizzazione	e	così	via.
IIIIIIIVVVILi520729611810Be89917601484521000B800242536592502032820C10862352461962213782047258N1402285545767473944253246O13143388529674671098713320F16813375604584081102015160Ne20803963613093611218015250	Tabella	1	–	Energia	di	prima,	seconda,	terza,	quarta,	quinta	e	sesta	ionizzazione	per	gli	elementi	del
secondo	periodo	CONCETTI	CHIAVE:	L’energia	di	ionizzazione	rappresenta	il	lavoro	necessario	per	allontanare	un	elettrone.	L’energia	di	prima	ionizzazione	aumenta	da	sinistra	a	destra	e	dal	basso	all’alto.	Ci	sono	delle	eccezioni	dovute	alle	configurazioni	elettroniche	stabili	come	azoto	e	berillio.	Le	energie	di	ionizzazione	successive	(seconda,	terza,
quarta,	ecc.)	sono	via	via	maggiori	a	causa	della	maggiore	carica	positiva	dello	ione	che	si	genera.	ESERCIZIO	SVOLTO:	Ordinare	i	seguenti	elementi	per	energia	di	prima	ionizzazione	decrescente,	tenendo	conto	solo	della	loro	posizione	nella	tavola	periodica:	Si,	S,	Al,	Ca,	Cl	Ordinare	gli	elementi	per	energia	di	prima	ionizzazione	decrescente,
significa	partire	dall’elemento	con	maggiore	energia	di	prima	ionizzazione	e	via	via	arrivare	a	quello	avente	minore	energia	di	prima	ionizzazione.	Nella	tavola	periodica,	l’energia	di	prima	ionizzazione	cresce	dal	basso	all’alto	in	un	gruppo,	e	da	sinistra	a	destra	in	un	periodo.	Pertanto	l’ordine	risulta	essere	il	seguente:	Cl	>	S	>	Si	>	Al	>	Ca


